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The elements 

Atomic Atomic Atomic Atomic 
Name Symbol Number Mass Name Symbol Number Mass 

Actinium Ac 89 (227) Neon Ne 10 20.1797 
Aluminum Al 13 26.981539 Neptunium Np 93 (237) 
Americium Am 95 (243) Nickel Ni 28 58.6934 
Antimony Sb 51 121.757 Niobium Nb 41 92.90638 
Argon Ar 18 39.948 Nitrogen N 7 14.00674 
Arsenic As 33 74.92159 Nobelium No 102 (259) 
Astatine At 85 (210) Osmium Os 76 190.2 
Barium Ba 56 137.327 Oxygen 0 8 15.9994 
Berkelium Bk 97 (247) Palladium Pd 46 106.42 
Beryllium Be 4 9.012182 Phosphorus P 15 30.973762 
Bismuth Bi 83 208.98037 Platinum Pt 78 195.08 
Boron B 5 10.811 Plutonium Pu 94 (244) 
Bromine Br 35 79.904 Polonium Po 84 (209) 
Cadmium Cd 48 112.411 Potassium K 19 39.0983 
Calcium Ca 20 40.078 Praseodymium Pr 59 140.90765 
Californium Cf 98 (251) Promethium Pm 61 (145) 
Carbon C 6 12.011 Protactinium Pa 91 (231) 
Cerium Ce 58 140.115 Radium Ra 88 (226) 
Cesium Cs 55 132.90543 Radon Rn 86 (222) 
Chlorine Cl 17 35.4527 Rhenium Re 75 186.207 
Chromium Cr 24 51.9961 Rhodium Rh 45 102.90550 
Cobalt Co 27 58.93320 Rubidium Rb 37 85.4678 
Copper Cu 29 63.546 Ruthenium Ru 44 101.07 
Curium Cm 96 (247) Samarium Sm 62 150.36 
Dysprosium Dy 66 162.50 Scandium Sc 21 44.955910 
Einsteinium Es 99 (252) Selenium Se 34 78.96 
Erbium Er 68 167.26 Silicon Si 14 28.0855 
Europium Eu 63 151.965 Silver Ag 47 107.8682 
Fermium Fm 100 (257) Sodium Na II 22.989768 
Fluorine F 9 18.9984032 Strontium Sr 38 87.62 
Francium Fr 87 (223) Sulfur S 16 32.066 
Gadolinium Gd 64 157.25 Tantalum Ta 73 180.9479 
Gallium Ga 31 69.723 Technetium Tc 43 (98) 
Germanium Ge 32 72.61 Tellurium Te 52 127.60 
Gold Au 79 196.96654 Terbium Tb 65 158.92534 
Hafnium Hf 72 178.49 Thallium TI 81 204.3833 
Helium He 2 4.002602 Thorium Th 90 232.0381 
Holmium Ho 67 164.93032 Thulium Tm 69 168.93421 
Hydrogen H I 1.00794 Tin Sn 50 118.710 
Indium In 49 114.82 Titanium Ti 22 47.88 
Iodine I 53 126.90447 Tungsten W 74 183.85 
Iridium Ir 77 192.22 Unnilennium Une 109 (267) 
Iron Fe 26 55.847 Unnilhexium Unh 106 (263) 
Krypton Kr 36 83.80 Unniloctium Uno 108 (265) 
Lanthanum La 57 138.9055 Unnilpentium Unp 105 (262) 
Lawrencium Lr 103 (262) Unnilquadium Unq 104 (261) 
Lead Pb 82 207.2 Unnilseptium Uns 107 (262) 
Lithium Li 3 6.941 Uranium U 92 238.0289 
Lutetium Lu 71 174.967 Vanadium V 23 50.9415 
Magnesium Mg 12 24.3050 Xenon Xe 54 131.29 
Manganese Mn 25 54.93805 Ytterbium Yb 70 173.04 
Mendelevium Md 101 (258) Yttrium Y 39 88.90585 
Mercury Hg 80 200.59 Zinc Zn 30 65.39 
Molybdenum Mo 42 95.94 Zirconium Zr 40 91.224 
Neodymium Nd 60 144.24 

The mass number of the longest-lived isotope of an element appears in parentheses. 
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Preface 

A chief goal of this book is to help the reader understand controls on the chemical quality of surface
and subsurface-waters, both pristine and polluted. The focus is on inorganic processes and on the 
chemistry of soil and ground waters, with less said about the chemistry of precipitation, surface
waters, or the ocean. The book leans heavily on the principles of chemical thermodynamics and the 
concept of chemical equilibrium. Chemical equilibrium, whether attainable or not, represents the ref
erence state for purposes of explaining the concentrations of aqueous species in the hydrosphere. 
Concepts of chemical kinetics are introduced when they are known and seem applicable. 

The book is intended for students who have taken at least one course dealing with chemical 
thermodynamics and solution chemistry, as well as an introductory course in physical geology that 
includes basic mineralogy. Professionals who have absorbed equivalent prerequisite knowledge 
should also benefit from the book. The full book contents were designed to comprise the background 
reading for two, three-credit courses. Many chapters have been written in such a way that their ini
tial sections can serve as reading for the first course, with later chapter topics to be covered in the 
second course. 

At the end of each qhapter are study questions intended to examine a reader's understanding 
of important cha ter conc pts. These can generally be answered without performing calculations. If 
the book is used sate ,the study questions can be considered course objectives. In each chapter 
the study questions followed by a collection of problems designed to illustrate the use and appli
cation of chapter materials. Detailed solutions to these problems, many of which require the use of 
geochemical computer models such as MINTEQA2 (Allison et al. 1991), PHREEQC (Parkhurst 
1995)'+ or SOLMINEQ.88 (Kharaka et al. 1988), are available from the publisher in a companion 
volume to this text, titled Solutions Manual - Aqueous Environmental Geochemistry. The worked 
problems should be especially useful for teaching purposes. 

The book is an outgrowth of the author's 30 plus years of experience in basic research, teach
ing, and consulting in the aqueous geochemical-environmental arena. Examples and worked 
problems in the text and the Solutions Manual deal with subjects including acid mine drainage and 
mine tailings, oil-field brines, deep-well injection of wastes, toxic metal contamination, and 
radioactive-waste disposal. The book also contains extensive updated and critically evaluated 
thermodynamic data for numerous aqueous species and minerals, including those of the actinide 
elements. 

tlnstructions for obtaining the latest DOS versions of MINTEQA2 and PHREEQE, and of other U.S. Environmental 
Protection Agency and U.S. Geological Survey geochemical and hydrologic computer models are given in Obtaining Geo
chemical Software, at the cnd of the book. The model software may also he accessed through the author's web page at: 
htlp:llwww.igginc.com/iggi/langmuir/don.htm 

vii 



viii Preface 

The book is organized roughly into three parts. Chapters 1 and 2 on thermodynamics and ki
netics introduce the laws and principles that govern chemical reactions. Chapters 3, 4, and 5 on com
plexation, activity coefficients, and acids and bases emphasize the occurrence and behavior of sub
stances within aqueous solutions. Chapters 6 through 13 are chiefly devoted to controls on natural 
water chemistry in surface and subsurface systems. These controls involve heterogeneous reactions 
(reactions among gases, aqueous solutions, and/or solids). Chapters 6 through 12 consider carbon
ate systems, chemical weathering, clays, adsorption-desorption, redox reactions generally, and iron 
and sulfur geochemistry. The final chapter examines the geochemistry of uranium and other natu
rally occurring radioactive elements in water-rock systems and considers the radionuclides Tc, Np, 
Pu, and Am, which are of environmental concern in nuclear wastes. 

A purpose of this book has been to introduce readers to the special language and assumptions 
of geochemical computer models so that they can confidently examine their output and know both 
what it means and what it does not mean (in spite of what it seems to be saying!). Recent years have 
seen a rapid growth in the development and availability of such models including PHREEQE 
(Parkhurst et al. 1990), PHRQPITZ (Plummer et al. 1988), PHREEQC (Parkhurst 1995), NETPATH 
(Plummer et al. 1991, 1994), SOLMINEQ.88 (Kharaka et al. 1988), EQ3/6 (Wolery et al. I 992a, 
1992b), MINTEQA2 (Allison et al. 1991), WATEQ4F (Ball and Nordstrom 1991), MINEQU 
(Schecher and McAvoy 1991), and The Geochemist's Workbench (Bethke 1994). These models base 
their analysis of aqueous systems on chemical equilibrium and, except for EQ3/6 and The Geo
chemist's Workbench, cannot consider reaction rates. The geochemical models have been reviewed 
and compared and their different capabilities discussed by Nordstrom et al. (1979), Mangold and 
Tsang (1991), van der Heijde and Elnawawy (1993), and Nordstrom and Munoz (1994). The attri
butes and capabilities of some geochemical models are also briefly summarized in Some Example 
Geochemical Computer Models at the end of the book. 

Conclusions derived from the application of geochemical computer models are more and more 
frequently being offered as key evidence in environmental litigation. The use of geochemical mod
els such as MINTEQA2 and PHREEQE has also become standard consulting and corporate practice 
in the United States as part of mine-site characterization and in the preparation of environmental im
pact statements for state and federal agencies. All the models are available in versions that can be 
run on a personal computer, although the largest, EQ3/6 and The Geochemist's Workbench, require 
a 486 or preferably a Pentium-based system. Several of these codes have simplified, "friendly" 
input files and so are readily accessible to users. Codes with an easy-to-use input file include 
SOLMINEQ.88, MINTEQA2, MINEQU, and The Geochemist's Workbench. A friendly input file 
for PHREEQC should become available in 1997. 

Many individuals made valuable contibutions to the book. My thanks, to Richard B. Wanty, 
who wrote portions of Chapter 13, Actinides and their Daughter and Fission Products. Students in 
my classes at the Colorado School of Mines got to suffer through early versions of many of the prob
lems and to ferret out errors in my solutions. Visiting scientist Shi Weijun patiently word-processed 
some of the worked problems. Ron Schmiermund tabulated and graphed much of the stability con
stant data in Chapter 1. I am particularly beholden to the reviewers, whose standards and expecta
tions led to a much-improved final draft. Highly constructive and useful reviews were provided by 
Everett Jenne, who graciously reviewed the entire book, and by Ron Klusman, Don Rimstidt, Art 
Rose, Jim Conca, Janet Herman, Randy Bassett, David Parkhurst, Randy Arthur, and Cindy Palmer, 
who took on portions for review. lowe a sincere debt of gratitude to all of these generous colleagues. 

Donald Langmuir 



1 

Thermochemical 

Principles 

1.1 SOME BASIC DEFINITIONS AND CONCEPTS 

The influence of chemical equilibrium and/or kinetics on the progress of chemical reactions often 
determines the abundance, distribution, and fate of substances in the environment. An understand
ing of the basic concepts of chemical equilibrium and chemical kinetics, therefore, may help us to 
explain and predict the environmental concentrations of inorganic and organic species in aqueous 
systems, whether these species are present naturally or have been introduced by humans. In this 
chapter we will examine chemical equilibrium. The following chapter considers chemical kinetics 
or the study of rates of chemical reactions. 

Given sufficient time, chemical substances in contact with each other tend to come to chemi
cal equilibrium. Chemical equilibrium is the time-invariant, most stable state of a closed system (the 
state of minimum Gibbs free energy). We study chemical equilibrium concepts so as to learn the di
rection of spontaneous change of chemical reactions in any system, especially for conditions of con
stant temperature and pressure. We want to be able to compute the hypothetical equilibrium state of 
a system. We would like to predict the conditions for equilibrium in different systems and at differ
ent temperatures and pressures without having to measure them. 

The statements above have introduced several concepts that need to be defined and expanded 
upon. A system is a grouping of atoms, minerals, rocks, and/or gases and waters under consideration 
within a single volume of space, the boundaries of which can be defined as is convenient. A system 
could be one mineral grain, a drop of rain, a water-logged soil, a well-mixed lake, or a regional 
groundwater/rock system tens of kilometers in diameter. 

Among systems a closed system can exchange energy, but not matter, with its surroundings. 
An open system can exchange hoth energy and matter with its surroundings. A system may be closed 
in terms of some suhstances, but open in terms of others. For example, the ferric iron present in oxide 
minerals in an aerated soil will generally be immobile, in which case any volume of the soil is a 
closed system with respect to ferric iron. At the same time the soil is an open system with respect to 
gases such as CO2 and 02' 

1 



2 Thermochemical Principles Chap. 1 

Whether a system can be considered open or closed depends not only on the specific substances 
under study, but also on both the rates of flux of matter in and out of the system and the time scale 
of interest. For slow rates of flux and/or short time scales, systems tend to be closed with respect to 
many substances. Given fast rates of flux and/or long time scales, systems will behave as if they were 
open with respect to many substances. Also, if reaction rates are much faster than flux rates of re
lated components in and out of the system, we can assume the system is closed (and vice versa). 

A phase is a restricted part of a system with distinct physical and chemical properties (Wood and 
Fraser 1976). A phase can also be defined as a physically and chemically homogeneous portion of a 
system with definite boundaries (Brownlow 1979). These attributes mean that a phase should be me
chanically separable from a system. Example phases are minerals and well-mixed gases and liquids. 
Not true phases, because they are comprised of more than one mineral, are rocks such as granite 
or minerals such as the feldspars when they are chemically zoned and have spatially variable 
compositions. 

Phases are made up of one or more components. Components are simple chemical units that 
can be combined to describe the chemical composition of the species or substances in a system. Our 
choice of components may depelld upon the problem being addressed, although it is usual to iden
tify the least number of components that will fully describe a system of interest. 

If the system is a single mineral, there are often several ways to define the components that can 
be combined to form the mineral. For example, the clay mineral kaolinite [AI2Si20s(OH)41 can be 
formed from the three oxides AI20" Si02, and H20 as components, or from the four ion components 
AI3+, Si4+, H+, and 0 2-. 

Selecting the least components (also called master species) is one of the fundamental and es
sential input decisions made in geochemical computer codes such as PHREEQE (Parkhurst et al. 
1990), WATEQF (Ball and Nordstrom 1991), and MINTEQA2 (Allison et al. 1991), for example. 

The Gibbs phase rule relates the number of components (C) and phases (P) that can exist in a 
system at equilibrium. The rule is 

F=C-P+2 (1.1 ) 

where F is the number of independent variables or degrees of freedom (Stumm and Morgan 1981). 
In general P ;0: C. 

The simplest and perhaps most familiar phase rule example deals with the triple point of water, 
for which the equilibrium reaction is 

( 1.2) 

At the triple point, C = I and P = 3, so that F = I - 3 + 2 := 0; thus, the triple point of water occurs 
at fixed temperature and pressure (T= 0.01 °C, and p:= 0.006112 bar). 

If the temperature and pressure are fixed, as in aqueous systems in contact with the atmosphere 
at constant temperature, then two degrees of freedom are lost, and the phase rule becomes simply: 
F := C - P. Thus, for such a system to be invariant (have no degrees of freedom), the number of com
ponents will equal the number of phases. 

Application of the phase rule to a system that includes a dissolving mineral, solution, and 
gas phase is a complex undertaking, which can be approached using a modified statement of the 

phase rule 

F= C' +2-P-R (1.3) 

in which C:= C' - R. In this expression C' is the number of different chemical species in the system, 
and R equals the number of auxiliary restrictions. The latter includes the various chemical equilib
ria involving the species present, the equation of electroneutrality or charge balance, and stoichio-
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metric relations (such as total analytical calcium equals the sum of all the dissolved calcium species) 
(cf. Reid 1990). 

We will consider as an example of phase-rule calculation, calcite at saturation with an aque
ous solution in equilibrium with gaseous COz. All species and substances in the system can be de
rived from a minimum of three components, which we will arbitrarily choose to be CaO, COb and 
H20. (Other component choices would have been equally as valid; cf. Stumm and Morgan 1981.) 
The system has three phases, or P = 3. Ignoring complexes, nine different chemical species are pres
ent, or C' = 9. These include CaC03 (calcite), CO2, H20, W, OW, Ca2+, H2CO~, HCO)", and COj-. 
There are six equations representing auxiliary restrictions (R = 6). These include a charge balance 
equation (every solution will have a charge balance or electroneutrality equation). In this case the 
charge-balance equation is 

2mCa2+ + mW = mHC03" + 2mCOj- + mOH- ( 1.4) 

where m denotes molal concentrations that have units of mol/kg of solution. The five remaining aux
iliary restrictions are equilibrium constant expressions for the five reactions 

1) CaC03(calcite) = Ca2+ + COj-
2) CO2(g) + H20 = H2CO~ 
3) H2CO~ = W + HCO}" 
4) HCO) = W + COj-
5) H20=W+OH-

The superscript ° in H2CO~ indicates that the species is in aqueous solution. 
That R = 6 is also obvious from the fact that R = C' - C = 9 - 3 = 6. We can now compute 

F = 9 + 2 - 3 - 6 == 2. Two degrees of freedom indicate that at equilibrium, concentrations of the 
above species will be fixed at a given temperature and pressure. 

Other important definitions include those of homogeneous, heterogeneous, and irreversible re
actions. A homogeneous reaction occurs within a single phase, as in a stream; that is, H+ + HCO}" = 
H2COJ'. Heterogeneous reactions occur between phases, as gas-water, water-mineral, or, rarely, gas
mineral, as illustrated by the following reactions 

[gas-waterl CO2(g) + H20(I) = HzCO~ (1.5) 

[water-mineral] SiOz(quartz) + 2H20(l) = H4Si04' (1.6) 

[gas-mineral] CaS04' 2H20(gypsum) = CaSOianhydrite) + 2H20(g) (1.7) 

Irreversible reactions can go one way only. Equilibrium is not possible in general, or for ex
isting conditions of temperature and pressure. The status of such reactions can often be described 
using the concepts of chemical kinetics. Radioactive decay is generally such an irreversible reaction. 
For example 

(1.8) 

In this expression subscripts are each element's atomic number or number of protons, superscripts 
are each element's atomic weight, or its sum of protons and neutrons, and a- is an alpha particle or 
helium nucleus (4He2)' 

Oxidation of hydrogen sulfide at 25°C is also irreversible in the absence of sulfate-reducing 
bacteria. 

(1.9) 
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where (aq) indicates that the H2S and oxygen are dissolved in the aqueous solution. FinaJly, many 
weathering reactions are irreversible, especially those involving the breakdown of high-temperature 
igneous minerals, such as olivine. 

(1.10) 

Another useful concept is that of congruent and incongruent reactions. These terms describe 
reactions involving the dissolution of minerals. If aJl the products of a dissolution reaction are solu
ble, the reaction is called congruent, as in the case of the quartz dissolution reaction (1.6) described 
above. Because, as written, the olivine weathering reaction leads to quartz precipitation; it is an in
congruent reaction. 

1.2 ENTHALPY AND ENTROPY 

We need to understand the concepts of Gibbs free energy (G) and chemical potential (Il-) in order to 
know the direction of spontaneous change of a reaction or system. These concepts can also be used 
to define or predict the most stable (equilibrium) assemblage and gas, fluid, or rock compositions ex
pected in a system at a given pressure and temperature. Some phases and aqueous species in a sys
tem may be out of equilibrium with that system. Free-energy calculations permit us to decide which 
substances are out of equilibrium, and, therefore, which concentrations may be governed by chem
ical kinetics. 

The concepts of enthalpy (H) and entropy (S) are basic to the definitions of Gibbs free energy, 
chemical potential, and the equilibrium constant (Keq ), and aJlow us to predict the effect of temper
ature on G and Keq. We will also see that entropy is a measure of the state of order-disorder in solids 
and solid solutions, and helps explain the stabilities of aqueous complexes. 

In sections to follow we make no attempt to present a rigorous, detailed development of ther
modynamic principles. Such a rigorous approach can be found in most textbooks on physical chem
istry and thermodynamics (cf. Lewis and Randall 1961; Reid 1990; Anderson and Crerar 1993; 
Nordstrom and Munoz 1994). We will limit ourselves to principles essential to an understanding of 
equilibrium concepts. 

Enthalpy (H) is defined as the heat content of a substance at constant pressure. We cannot know 
absolute values of H, only differences in the enthalpies of substances. The enthalpy of formation, 
MIl of a substance at 25°C (298.15 K) and 1 bar pressure is its heat of formation from the elements 
in their most stable forms at that temperature and pressure. Here, and generally, the superscript de
gree symbol to the right of the state function denotes that the function is for 1 bar pressure. MIl for 
the elements in their most stable forms is taken as zero by definition at any temperature and I bar 
pressure. For example, MIl = 0 for rhombic sulfur, the most stable form of sulfur at I bar and 25°C. 
Monoclinic sulfur, with MIl = 0.071 kcal/mol at I bar and 25°C is unstable relative to the rhombic 
form. 

The enthalpy of a reaction, MI:, is the heat transfer between a system and its surroundings for 
a process at constant pressure, but not at constant temperature and volume (V). For example, con
sider the formation of liquid water from gaseous hydrogen and oxygen at 25°C, which, with respec
tive volumes and MIl values given beneath it is written 

H2(g) + 1 02(g) = H20(l) (1.11) 

24.5l 12.3l 18 ml (O.018l) 
o 0 -68.315 kcal/mol 
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The large volume change for the reaction ~ V,c = 0.018 - 24 - 12.3 = - 36.8 L means that the reac
tion may be explosive. In this case MI~ = ~HJ (HP)(I) =-68.315 -0-0 =-68.315 kcal/mol. The 
negative sign of ~H ,0 indicates that heat is given off and the reaction is exothermic. 

For the dissolution of potassium nitrate in water, with respective MIl (kcal/mol) values given 
below, we may write 

KN03(c) = K+ + NO) 

-118.22 -60.27 -49.0 

from which MI ,0 = + 8.95 kcallmol. The reaction is endothermic, and the solution cools. 

0.12) 

How would these reactions be affected by increases in temperature or pressure? The applica
tion of Le Chatelier's principle helps us answer this question. As restated by Glasstone (946) 
Le Chatelier's principle is the following: 

If a change occurs in one of the factors, such as temperature or pressure, (or a species concentration) un
der which a system (or reaction) is in equilibrium, the system (or reaction) will tend to adjust itself so as 
to annul, as far as possible, the effect of that change. 

Thus, because the reaction of hydrogen and oxygen to form water produces heat as a product, an in
crease in temperature that corresponds to an increase in system heat will favor the reverse reaction 
or the dissociation of water. Similarly, because the dissolution of potassium nitrate consumes heat 
(is endothermic, as is the dissolution of most minerals), it is favored by an increase in temperature. 
Further, Le Chatelier's principle tells us that because of the large reduction in volume (~V,o = 
- 36.8 L) that accompanies the formation of liquid water from gaseous hydrogen and oxygen, an in
crease in pressure favors the forward reaction. 

All calculations involving energy here and in the following text are written in terms of calo
ries and kilocalories. The current preference of many scientists (but not this one) is instead to use 
joules (1) and kilojoules (kJ). Dividing joules or kilojoules by exactly 4.184 yields calories and kilo
calories, respectively. 

In any reversible process, the change in entropy (~S) of any system, or part of it, equals the 
heat it absorbs (Q), divided by the absolute temperature: ~S = Q/T. In terms of usually tabulated en
tropy values for solids, liquids, or gases, at 1 bar pressure, SZ98 = (total heat absorbed)/ T(K), from 
T = 0 (K) to 298.15 K. In general, the value of ST includes the heats involved in all state or phase 
transformations, first order (solid to liquid to gas), or higher order (changes in polymorphic form of 
solids, etc.), from absolute zero to the temperature and pressure conditions of interest. This is also 
called the absolute or third-law entropy and is determined calorimetrically for solids, liquids, or 
gases by measuring the heat capacity of the substance at constlOt pressure (Cp) from 0 (K) to tem
perature, T. At any temperature, Cp is the number of calories needed to raise the temperature of one 
mole of the substance by 1 (K). In differential terms: dS = (CplT) dT. Partial integration leads to 

f
T(2) Cp 

ST(2) - ST(I) = -- dT 
nl) T 

(1.13) 

If T( I) = 0 (K), and T(2) = T, then we can write 

IT Cp 
ST= So + .- dT 

() T 
(1.14) 



6 Thermochemical Principles Chap. 1 

500 ,---------,----------,---------,----------r---------, 

400 

Q 300 
"0 
..§ 
~ 
:;-

l 
u 
t;j 

200 .., 
:c 

100 

o Ud~ ____ ~ ________ ~ ________ ~ ________ ~ ______ ~ 

o 3.6 3.5 3.4 3.3 3.2 

Temperature (K) 

Figure 1.1 Low temperature heat capacities of muscovite [KAI2(AISi30 IO)(OH)2] and 
pyrophyllite [AI2Si40 lO(OHh]. The heat capacity in joules per mole degree (J/mol K) di
vided by 4.184 equals the heat capacity in calories per mole degree (cal/mol K). From Robie 
et aI. (1976). 

The third-law entropy of substances usually equals zero at T(K) = O. A plot of the measured heat ca
pacity of the minerals muscovite and pyrophyllite is shown in Fig. 1.1. To determine llS T for either 
mineral, we integrate the above function below the empirical curve from 0 to T(K). (See Wood and 
Fraser 1976; Nordstrom and Munoz 1994.) 

The entropy of dissolved species is approached quite differently. We cannot know (and do not 
need to know) their absolute entropies. Instead, we consider the differences in S (or llS) between an 
aqueous species and H+ ion, assuming ST for the H+(aq) = O. Treatment of the thermodynamic prop
erties of aqueous species is addressed in more detail later. 

Entropy is a measure of the degree of randomness or disorder of a phase (thermal, statistical, 
or the geometric arrangement of the atoms, for example). The most order exists at 0 (K), where S = 0 
for most substances. With changes of state from solid to liquid to gas, the entropy increases discon
tinuously with increasing disorder of the phase. Thus, for H20 at 25°C 

SO (ice /) (metastable) < So (water) < So (steam) (1.15) 

10.68 < 16.72 < 45.11 cal/mol K 
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(For further useful entropy references see Krauskopf 1967; Lewis and Randall 1961; Wood and 
Fraser 1976; Stumm and Morgan 1981; Henderson 1982; Mason and Moore 1982.) 

1.3 GIBBS FREE ENERGY, CHEMICAL POTENTIAL, 
AND THE EQUILIBRIUM CONSTANT 

The Gibbs free energy (G;) of a substance i is defined as G; = H; - TS;. Free energy cannot be mea
sured directly. As with enthalpy. we consider the difference (~G) between the free energies of sub
stances in a reaction. The ~G for a reaction is the maximum energy change for that reaction as use
ful work, measured at constant temperature and pressure. For a reaction we can write 

(1.16) 

This is a most important, fundamental relationship. 
Next we will show how ~G rO is related to the equilibrium constant (Keg) for a reaction. Con

sider the general reaction 

aA + bB = cC + dD ( 1.17) 

where the lowercase letters denote the number of moles of reactants A and B and products C and D. 
The Gibbs free energy of a mole of A at some pressure and temperature is GA- This is also the defi
nition of the chemical potential of A, or GA = J,LA' We can also write 

(1.18) 

where T is in degrees K, and ~G A is the standard molar Gibbs free energy of A. ~G A is the Gibbs 
free energy of A at unit activity of A (when [A I = I). The activity of A can be roughly thought of as 
the fraction of its total concentration that participates in reactions. For ions the activity of A is usu
ally less than its concentration. (See Chap. 3). 

For a moles of A, aGA = a~GA + RT InlAIa. Now ~Gr for the general reaction equals the dif
ference in the sum of values for the products minus that for the reactants 

~Gr = cGc + dGI) - aGA - bGB 

Introducing expressions for the other reacting substances similar to that for A. we obtain 

~Gr = [c~Gc + d~G/~ - a~GA - MG~I + RTlnfClc + RTlnfD]d 

- RTlnlAla - RT InlBIb 

Collecting and combining terms 

1 Cj'lD]d 
~G = ~GO + RTln------

r r lA]alBIb 

0.19) 

(1.20) 

(1.21 ) 

where ~G ,0, which equals the bracketed difference in terms in the previous equation, is the standard 
Gibbs free energy of the reaction. The ratio of concentrations on the right may be called the reaction 
quotient, Q. At equilibrium ~Gr = 0 and Q = Keq or 

or simply 

[CjC[D]d 
~GO = - RT In --

, fA l"IB]h 

~G ,0 = - RT In Keq 

( 1.22) 

( 1.23) 
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In this important expression, R, the gas constant equals 1.9872 callmol K. Most free-energy data is 
published for 25°C (298.15 K), and given that In K = 2.3026 log K, we can show for 25°C and I bar 
pressure: 

LlGrO(kcal/mol K) = -1.3642 log Keq = -0.59248 In Keq 0.24) 

We have defined the standard-state Gibbs free energy of a reaction in terms of the standard
state Gibbs free energies of reactants and products. However, as was true of enthalpy, absolute free 
energies cannot be measured. In any case, we are interested only in LlG,o, which is the difference in 
free energies of products and reactants. Therefore, we introduce the concept of the standard-state 
Gibbs free energy of formation from the elements, LlGf. Consistent with the definition of Mil, LlG'j 
is the free energy of formation of a substance from its elements in their most stable forms at the tem
perature and pressure of interest. The value of LlG,o is then computed using tabulated LlG} values for 
products and reactants, which are most often reported for I bar pressure and 25°C. Thus, LlG,o = 
cLlG}(C) + dLlG}(D) - aLlG}(A) - MG}(B). As with MI'j, LlG'j for aqueous species is based on the 
assumption that LlG} for W(aq) = O. 

Our earlier general expression for the Gibbs free energy of a reaction can be restated as 

LlG, = LlG,o + RT In[Q] 

where Q is the reaction quotient. Because LlG,? = - RT In[Keq], we find, in general, that 

Q 
LlG, = RTln

Keq 

(1.25) 

( 1.26) 

At equilibrium, of course, Q = Keq and G,. = O. When Q < Keq and LlG, < 0, the reaction tends to go 
from left to right. Conversely, when Q > Keq and LlG, > 0, the reaction tends to go from right to left. 

Sometimes the state of a reaction relative to equilibrium is described in terms of reaction affin
ity (see Stumm and Morgan 1981). The affinity, A, simply equals -LlG,. 

In studies of the state of saturation of minerals in natural waters and in most of the geochem
ical computer codes, the saturation index (SI) is used. The index is defined as SI = log IO( QI Keq). so 
that SI = 0 at equilibrium (at saturation) of the mineral with the solution. The saturation index and 
LlG, are related through SI = LlG,.I(2.3026 RT). If the reaction is written with the mineral as the 
reactant, then when SI and LlGr are both negative, the mineral is undersaturated and so will tend to 
dissolve. When both are positive, the mineral is supersaturated and will tend to precipitate from 
solution. 

The sign of LlG, indicates which direction a reaction will spontaneously go, assuming the re
action is not rate-limited, with negative values favoring the forward reaction and vice versa. A com
mon error made is to assume that the sign of LlG,o has the same significance as the sign of LlGr. Re
member, LlGr = LlG ,0 only when all reactants and products have activities equal to one. This will only 
be true generally, when all reactants and products are pure phases and, therefore, does not apply to 
reactions that involve gas mixtures or dissolved species. 

Whether or not kinetics limits reaction progress is sometimes (but not always) related to the 
magnitude of LlGr. Reactions with Gibbs free energies of tens of kilocalories are more likely to go 
spontaneously than are those with free energies of a few hundred calories or less. 

The chemical potential concept provides a useful way to think about the tendency for spon
taneous chemical change in complex environmental systems involving gases, liquids, and solids 
(cf. Wood and Fraser 1976; Stumm and Morgan 1981). In a particular phase, the chemical potential, 
I-Lj of component i is related to the activity of i through the expression 

I-Lj = I-L~ + RT In aj (1.27) 
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Figure 1.2 (a) Schematic plot of the change in Gibbs free energy of an individual reac
tion !'iG" as that reaction proceeds from a nonzero free-energy value at i. toward equilib
rium. and !'iG, = 0 at point e. (b) Schematic plot showing the Gibbs free energy of a system 
as a function of the extent of the reaction described in (a). The system free energy will tend 
from a more positive value at some point i. to a minimum value e, as the !'iGr for the indi
vidual reaction goes to zero. 
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where #7 is the chemical potential of i in some standard state. The chemical potential of component 
i will be equal in all phases in a system at equilibrium. Otherwise, components will tend to flow or 
diffuse from phases of high #i to those of lower #i' 

Figure 1.2(a) shows schematically how I1Gr might change as a function of reaction progress 
or extent of reaction € (cf. Stumm and Morgan 1981). The reaction might start with a negative I1G r 

at point i, moving toward I1Gr = 0 at equilibrium (point e). At the same time, the Gibbs free energy, 
G, of the system, which includes all the reactants and products and in which the reaction is taking 
place, might move from point i toward a minimum value as shown in Fig. 1.2(b). In fact some com
puter models of complex solution equilibria use an approach called free-energy minimization, in
volving all reactions in the system to calculate the system's hypothetical equilibrium state (cf. West
all et al. 1976). This condition corresponds to the minimum value of G, where G = L#ini' the sum 
of the chemical potentials of all components i in the system times the number of moles of each pres
ent (nJ. 
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We will close this discussion with a brief reminder of the conventions used in the reporting of 
most available entropy, heat capacity, enthalpy, and free-energy data. First, the heat capacity and en
tropy data for gases, liquids, and solids are absolute values and are always positive. Tabulated en
thalpy (Mil) and Gibbs free-energy (!lGJ) values for gases, liquids, and solids are values for their 
formation from the most stable forms of their component elements at the same Tand P (usually 25°C 
and I bar pressure). The Mil and !lG l values for the most stable forms of the elements are then as
sumed equal to zero by convention. The thermodynamic properties of gases, liquids, and solids are 
for 1 mole (gram formula weight) of the substance. At I bar pressure, a mole of a gas occupies 22.41 L 
at O°C and 24.46 L at 25°C. 

The thermodynamic properties of aqueous species are for a one-molal concentration of the 
species (I mol/kg of solvent water), which, for relatively insoluble species, may be strictly hypo
thetical. The thermodynamic properties of dissolved ionic species are based on the assumption that 
the heat capacity, entropy, Mil and !lGl of the hydrogen ion [W(aq»), all equal zero at all temper
atures and pressures; in other words, it is assumed that !lGl = Mil = so = 0 for the hydrogen ion and 
that !lG,o = Mi,o = !lS; = 0 for the reaction 

(1.28) 

This also means, of course, that !lGl = Mil = 0 for the electron. However, because the third law of 
entropy of H2 gas equals 31.207 cal/mol K, we are left with the curious result that So for the electron 
must be assumed equal to 15.604 cal/mol K. Because the entropy of the proton is arbitrarily set equal 
to zero, the entropies of other ions can be either positive or negative in sign. 

1.4 EQUILIBRIUM CALCULATIONS 

1.4.1 Pure Solids and Liquids and Their Mixtures 

Henry's, Raoult's, and Nernst's laws. If always present during a reaction (always in ex
cess), the activities of pure solids and liquids may be assumed equal to unity, or aj = ). For solid or 
liquid mixtures we can define ideal solutions for which aj = Nj , the mole fraction of i in the mixture. 
In a binary solution, for example, the mole fraction of component I in a solution with component 2 
is given by 

(1.29) 

where n, and n2 are the number of moles of the respective components in a given volume of their so
lution. Ideal solutions are said to obey Raoult's law. The activities of minor components or solutes 
in dilute solid or liquid solutions can generally be described using Henry's law. Thus, as Nj goes to 
zero aj = KHNj, where KH is the Henry's law constant. In general Raoult's law is obeyed by the major 
component, while Henry's law is obeyed by minor components in the same solution. Figure 1.3 
shows how Raoult's and Henry's laws apply to an hypothetical binary solid solution. In the plot as 
drawn, KH < 1 for the minor component. This is called a negative deviation from ideality. Such be
havior is exhibited by many sulfide mineral solid solutions and other solid solutions that show com
plete miscibility (complete solid solution between endmembers) for the conditions of P and Tof in
terest. When KH > 1, it is called a positive deviation from ideality and corresponds to a miscibility 
(solubility) gap, or incomplete solid solution, between the two end members. T.his behavior is found 
for many solid solutions involving oxide, carbonate, or silicate minerals, in which the substituent 
cations are appreciably different in size and/or different in charge. 
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Figure 1.3 Schematic plot showing the activity of component i, ai' as a function of Ni, the 
mole fraction of i in a solid solution. As a minor component i obeys Henry's law, whereas 
as a major component it obeys Raoult's law. The line describing Henry's law behavior is 
tangent to the curve that describes the solution's real behavior as Ni approaches zero. 
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Henry's law also applies to trace constituents or components in two coexisting solutions at 
equilibrium, for example, to two minerals in a rock or to a mineral in an aqueous solution. In gen
eral, the chemical potential of component i, J-Li must be the same in two phases (solutions) at equi
librium. For example, in a fluid phase such as groundwater (phase x), we may write 

(1.30) 

In a coexisting mineral (phase y) at equilibrium the corresponding expression is 

J-Li = J-L~,. + RT In ail' (1.31) 

But Henry's law applies to component i in each phase, or, aix = K;xN .. p and ail' = KiIN;I" Because J-Li 
is the same in both phases, we can set the chemical potential expressions equal, and substituting for 
aix and ai, obtain 

(1.32) 

or ( 1.33) 

At a particular temperature and pressure the exponential term is a constant, and the mole fraction 
ratio in the two coexisting phases will equal a constant, or 

(1.34) 
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In other words, the mole fraction ratio of i in the coexisting phases at equilibrium for a given T and 
P should be constant. This is Nernst's law (cf. Lewis and Randall 1961). K is also called the distri
bution coefficient, often symbolized by D, and is used in the study of trace element partitioning be
tween coexisting mineral solid solutions. 

The distribution coefficient, Kd • which for a substance is the ratio of its amount sorbed on the 
surface of a solid to its aqueous concentration, is also an expression of Nernst's law. (See Chap. 10.) 

In general for solid solutions we can write 

( 1.35) 

where Ai is called the rational activity coefficient of component i. When Ni --? 1 (Raoult's law) then 

Ai = I. Also Ai = KH as Ni --? O. 
An ideal solid solution is one in which all the components, both major and minor, are assumed 

to obey Raoult's law. By definition, an ideal solid solution has the same enthalpy and volume (per 
mole of mixture) as the sum of the en thaI pies and volumes of its components. In other words, AH mix 
= AVmix = 0 for an ideal solid solution. The entropy of mixing of components I and 2 (etc.) at one 
bar is given by 

( 1.36) 

Because AG':nix = AH':nix - TAS':nix, and the enthalpy of mixing is zero 

(1.37) 

For the molar Gibbs free energy of the solid solution (Gss ) this mixing term is added to the contri
bution from mechanical mixing of the components to form the solid solution, or 

(1.38) 

mechanical mixing ideal mixing 

Regular solid solutions. Solid solutions may behave ideally if the ions involved have 
the same charge and similar size and experience similar intermolecular forces. If such is not the 
case, but substituent ions are still mixed nearly randomly in the solid, their thermodynamic 
behavior and that of the solid solution may be described using regular solution concepts. 
Hildebrand proposed regular solutions in 1929 (cf. Hildebrand et a1. 1970; Darken and Gurrey 
1953). Since mixing is nearly random in a regular solution, the entropy of mixing is assumed 
equal to that of an ideal solution. However, both the molar volume and enthalpy of mixing in a 
regular solution are nonzero. 

If both ions in a binary regular solution are of the same charge and of similar size and elec
tronic configuration, they may have roughly equal solubilities at low mole fractions, but not show 
complete miscibility in a solid solution. For such conditions their solubilities may obey a symmetri
cal regular solution; the Gibbs free energy is given by 

( 1.39) 

The first two terms describe mechanical mixing of endmembers A and B, the third is the ideal solu
tion mixing term, and the last term is the regular solution contribution, in which w is a constant, pre
sumably independent of temperature, pressure, or solid solution composition. (If w is not so inde
pendent, the solution is not regular). The term WNANB in Eq. 0.39) is also sometimes called the 
excess Gibbs free energy of mixing, or AG~r,ix (excess). 
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Ideal and excess mixing terms may together be described as the mixing terms. and set equal 

to llG~lIx. But because we can write 

and 

it is easy to show 

llG~ix = RT(NA In NA + NB In NB)+ wNANB 

llS':nix = - R(NA In NA + NB In Nfl) 

f1H':nix = wNANB 

The enthalpy of formation of the overall solid solution thus equals 

H~, = NAH'A + NflH~ + WNANB 

( 1.40) 

(1.41 ) 

( 1.42) 

( 1.43) 

(1.44) 

where HA and H'B are the enthalpies of formation of A and B from the elements at temperature and 
1 bar pressure. The first two terms in Eq. (1.44) give the contribution of mechanical mixing to the 
enthalpy of the solid solution. 

The chemical potentials of each component in the solid solution may be written 

/LA = /L~s + RT In NA + wN§ 

/Lk = /LB' + RTln Nfl + wNl 

Because the wN§ term must equal RTln AA. and wN} = RTln AB• we find 

AA = exp(wN'§IRT) 

AB = exp(wN}IRT) 

( 1.45) 

( 1.46) 

( 1.47) 

(l.48) 

In an aqueous solution at equilibrium with a solid solution the chemical potentials of compo
nents must be equal. thus we can write 

Il-X = /L~a + RT In "fAmA = /LA' + RT In N4 + wN'§ 

Il-N = /LBa + RT In "fBmB = /LBs + RT In N B + wNl 

(1.49) 

(1.50) 

in which /L~(/ and /LBa are the chemical potentials of hypothetical one-molal solutions of the pure 
components. Subtracting the second expression from the first gives 

(Il-~(/ - Il-~a) + RT In YAmA = (/L~s - Il-~') + RT In ('!~) + w(N'§ - Nl) (1.51) 
YBmB NB 

Rearrangement leads to 

( 0(/ Oa) (0" OS)-RTI (YBmfl)(NA)+ (N2 N2) /LA - Il-B - Il-A - Il-B - n -- -N- w fl - A 
yAmA B 

(1.52) 

The chemical potential difference on the left is seen to equal llG~X' the free energy of the replace
ment reaction 

B+AX=A +BX (1.53) 

where A and B are the dissolved components and AX and BX the components in the solid solution. 
Thus 

llG~x = - RT In (YAmA)(N B) + w(N'§ - Nl) 
yBmB NA 

(1.54) 

Now -llG~JRT = In Kex. and Kex = KAxlKnx, where KAX and Knx are known solubility products for 
the reactions AX = A + B, and BX = B + X. The value of w can be determined from a water analysis 
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and coexisting solid-solution analysis at equilibrium. Of course more than one such pair of analyses 
are needed to prove that the system obeys a regular solution. 

At a given temperature the quotient wlRT (unitless) is a constant, often symbolized as ao. Thus, 
based on Eqs. (1.47) and (l.48) we have 

w 
In A = -- N2 = a ,N2 

A RT B (B 

w 
In AB = -- Nl = anNl 

RT 

(1.55) 

(1.56) 

Glynn (1990) lists values of ao that range from < 2 to 6 between 25 and 150°C for a large number of 
binary metal sulfate and carbonate solid solutions. In a broader survey of regular solutions, Garrels 
and Christ (1965) reported that ao ranged from 0 to ± 11.5 "for most systems of geological interest." 
It is important to remember that ao = 0 for ideal solutions and that ao values decrease with increas
ing temperature, which favors more complete solid solution among components. 

As suggested by Eqs. (1.53) and (1.54) a binary solid solution can be treated as an exchange 
reaction. Accordingly, the Kex expression for reaction (1.53) is written 

Kex = ~:: = (;~::)(~:Z~) (1.57a) 

If applicable, the regular solution model provides values for AA and AB• The following example cal
culation involving regular solutions is based on Appelo and Postma (1993). 

Example 1.1 

Cadmium in groundwater tends to be rapidly sorbed by any calcite present. The resultant solid 
then behaves like a (Ca,Cd)C03 symmetrical regular solid solution with an interaction pa
rameter of ao = -0.8. Assume the calcite in a freshwater aquifer contains 1.0 mole percent 
CdC03 and that mCa2+ = 3 x 10-3 M in the groundwater. Given also the solubility products 
Kc.<calcite) = 10-8.48 and Kciotavite, CdC03) = 10-11 .31 : 

a) Calculate the activity coefficients of CaC03 and CdC03 in the solid solution. 
b) Assuming stoichiometric (congruent) solubility of the solid solution, what is mCd2+ in 

the groundwater at equilibrium with the solid solution? 
c) Compare this result to the solubility of pure otavite at pH = 7.0 and [HC031 = 10-300 and 

comment. 

First, write formation of the solid solution as an exchange reaction. 

Ca2+ + CdC03 = Cd2+ + CaC03 

The corresponding Kex expression is 

Kex = KCd = (YCd mCd)(AcaNca) 
Kca YCa mCa ACd NCd 

( 1.57b) 

To a good approximation YCa = YCd' and the values cancel out. According to the regular solu
tion model ACa = exp (anNtd) and ACd = exp (a,Nta)' With ao = -0.8, NCa = 0.99, and NCd = 
0.01, we obtain ACd = 0.46 and ACa = 1.00. Substituting these values, Kca, KCd and mCa2+ = 
3 x 10-3 into the Kex expression and solving, we obtain mCd2+ = 2.06 x 10-8, a very small con
centration. 

To determine the solubility of otavite at pH = 7.00 and for [HC031 = 10-3
.
00 we first 

compute the activity of carbonate ion via the expression for K2(carbonic acid). Thus [CO~-l = 
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K2 X I HC03J/IWj = 1O~,o33 x 10-3.0°/1 0-700 :::: 10-633. Now ICd2+1 = Kci[CO~-j = 10-113'/10-633 
= 1.05 X 10- 5. The solid solution limits dissolved cadmium concentrations to a level 500 times 
less than the solubility of otavite. 

This example leads to an important conclusion. Namely, major-minor species solid solutions 
are often capable of limiting concentrations of the minor species to levels well below saturation with 
respect to pure minerals of minor species. Solid solutions can thus provide a useful sink for removal 
of contaminant trace species. In complex natural systems the adsorption of trace species also limits 
their concentrations to very low levels. In such systems it is often impossible to decide whether the 
concentration of a trace species is limited by formation of a particular solid solution or adsorption or 
by both processes. 

1.4.2 Gases 

The following discussion is limited to the thermodynamics of gases and gas mixtures at ambient tem
peratures and total pressures near I bar. A perfect gas, i, by definition is one that obeys the gas law: 
PV; = niRT, where Vi is the volume of the gas and n, the number of moles of the gas in that volume 
(cf. Garrels and Christ 1965). In the simple case where a specific number of moles of the gas i, is 
subject to a change in P or T under conditions for which the perfect gas law applies, we can deter
mine the resultant change in Vi through the expression: P, V/T, = P2 VzlT2, where the superscripts 1 
and 2 denote initial and final conditions. We can use this expression to show that the volume of one 
mole of a perfect gas, which is 22.41 L at O°C (273.15 K) becomes 24.46 L at 25°C (298.15 K). 

By definition all gases in a perfect gas mixture obey the perfect gas law such that PVT = RT 
Lni' where V T is the total volume and Ln; denotes the sum of the moles of gases within Vr. Also, for 
a perfect gas 

(1.58) 

or, in other words, the activity of the gas equals its mole fraction times the total gas pressure. Be
cause, in general, the partial pressure of a gas Pi also equals NiP, then ai = Pi' 

At low temperatures and total pressures near I bar, gases tend to obey the perfect gas law, 
and the activity of a gas equals its partial pressure (l bar = 105 pascals = 0.986923 atmosphere = 
760 mm Hg at O°C). Garrels and Christ (1965) offer a more exhaustive discussion of gases. (See also 
Stumm and Morgan 1981; Wood and Fraser 1976; Henderson 1982). 

In normal dry air at 25°C and 1 bar total pressure (at sea level), we find the following partial 
pressures: 

Gas Pi (bar) 

0.21 
0.78 
0.0093 
0.00033 

log P, (bar) 

-0.68 
-0.11 
-2.03 
-3.48 

In water-saturated air at 25°C and sea level PH,o = 0.031 or 10-1.5 bar. By its presence water vapor 
proportionately reduces the partial pressures of other gases (Pga ,), an effect that must be taken into 
account in exact calculations involving gas reactions. Correction for water vapor pressure (PH,o) may 
be made through the expression 

(1.59) 
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where Xgas is the mole fraction or volume fraction of the gas, and P T is the total pressure (cf. Pagen
kopf 1978). The partial pressure of water vapor from 0 to 50°C a I bar total pressure is given here. 

WC) PH,o (bar) HOC) PH,o (bar) 

0 0.00611 25 0.03169 
5 0.00873 30 0.04246 

10 0.01228 35 0.05627 
15 0.01706 40 0.07381 
20 0.02339 50 0.1234 

Total pressure and atmospheric partial pressures decrease proportionately with increasing ele
vation. An approximate relationship between the total pressure and land-surface elevation in meters 
is log P (bars) = -6.7 x 10-5 x elevation (m) (see also Manahan 1994). Correction for elevation is 
necessary when making field dissolved-oxygen (DO) measurements with a DO meter. 

The solubilities of gases are described by Henry's law, which states that at constant T. the sol
ubility of a gas in a liquid is proportional to the partial pressure of the gas. Henry's law gives the 
exact total solubility of gases that are not involved in further reactions in solution, but underestimates 
the total solubilities of reactive gases such as CO2 and S02 (cf. Raiswell et al. 1980; Manahan 1994). 
Some Henry's law constants for gases at 25°C are given here. A more extensive listing of Henry's 
law constants from 0 to 50°C is given in Table 1.1. Obviously, the larger the value of KH• the more 
soluble the gas. As will be noted later, the large KH value for S02, combined with its reactivity with 
water, greatly enhances the importance of S02 as a trace gas in the formation of acid rain. 

Henry's law constant, 
Gas KH (M/bar) 

O2 1.26 X 10-3 

CO2 3.34 X 10-2 

Hz 7.80 X 10-4 

CH4 1.32 X 10-3 

Nz 6.40 X 10-4 
SO, 1.18 
NH3 58 

TABLE 1.1 Henry's law constants for some gases at 1 bar total pressure in M/bar 

TeC) O2 N2 CO2 CO H,S S02 NO 

0 2.18 X 10-3 1.05 X 10-3 7.64 X 10-2 1.57 X 10-3 2.08 X 10-1 3.56 3.29 x 10-1 

5 1.91 X 10-3 9.31 X 10-4 6.35 X 10-2 1.40 X 10-3 1.77 X 10-1 3.01 2.88 x 10-3 

10 1.70 X 10-3 8.30 X 10-4 5.33 X 10-2 \.26 X 10-3 1.52 X 10-1 2.53 2.55 x 10 3 

15 1.52 x 10-3 7.52 X 10-4 4.55 X 10-2 I. 13 X 10-1 1.31 X 10-1 2.11 2.30 x 10-3 

20 1.38 X 10-3 6.89 X 10-4 3.92 X 10-2 1.03 X 10-3 1.15 X 10-1 1.76 2.10 x 10-.1 
25 1.26 x 10-3 6.40 X 10-4 3.39 X 10-2 9.56 X 10-4 1.02 X 10-1 1.46 1.92 x 10-3 

30 1.16 X 10-3 5.99 X 10-4 2.97 X 10-2 8.91 X 10 .. 4 9.09 X 10-2 1.21 1.79 x 10-3 

35 1.09 x 10-3 5.60 X 10-4 2.64 X 10-2 8.37 X 10-4 8.17 X 10-2 1.00 1.67 X 10-3 

40 1.03 X 10-3 5.28 X 10-4 2.36 X 10-2 7.92 X 10-4 7.41 X 10-2 0.837 1.56 x 10-3 

50 9.32 X 10-4 4.85 X 10-4 1.95 X 10-2 7.21 X 10-4 6.21 X 10 2 1.41 X 10-3 

Source: Based on data tabulated by Pagenkopf (1978). 
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As an example calculation involving Henry's law, the dissolution of oxygen gas may be writ
ten as 0ig) = 0iaq). The Henry's law expression is 

Kif (Mlbar) = [<!2(~q)J = 1.26 x 10- 3 
Po, 

( 1.60) 

with Po, in bars. We might now ask, what is the solubility of atmospheric oxygen at 25°C in mg/L? 
At sea level the partial pressure of the oxygen in air is 0.21 bars, from which we compute via 
Henry's law • 

02(aq) = 0.21 (bar) x 1.26 x 10-3 (M/bar) = 2.65 x 10-4 M (1.61 ) 

Multiplying this value by 32.0 g 02/mol x 103 mg/g, we obtain 8.5 mg/L dissolved oxygen (DO). In 
groundwater and most deeper soil systems the air is water saturated. Correcting for this effect the 
oxygen partial pressure is reduced to 

Po, = 0.21 (1.00 - 0.0317) = 0.203 bar ( 1.61) 

The solubility of DO is then 8.2 mg/L. 
Gas solubilities in water are also reported as Bunsen adsorption coefficients (cf. Pagenkopf 

1978), or in terms of mole fractions dissolved (cf. Bodek et al. 1988). The Bunsen adsorption coef-
ficient, aB, is related to the Henry's law constant through the expression KII = al/122.414. . 

The solubility of oxygen in water at 25°C and 1 atm pressure as a mole fraction dissolved is 
2.30 x 10-5

. This value can be related to KH for oxygen in M/bar as follows. Given that 1.00 kg of 
water (GFW H20 = 18.015 g/mol) contains 55.51 moles of H20 and that by comparison to water we 
can neglect the mole fractions of dissolved species in the calculation, the moles of DO per kg/atm 
are 2.30 x 10-5 x 55.51 = 1.28 x 10-3. Because 1.00 kg H20"" 1.00 L H20 from a to 30°C (1.00 kg = 
1.0 I L H20 at 50°C), we will neglect the difference here. The DO solubility in mol/kg atm is con
verted to M/bur by dividing it by 1.01325 bar/atm, with the result K" = 1.26 X 10-3 Mlbar, as tabu
lated above. 

1.4.3 Solutes 

For solutes, which include all dissolved aqueous species (including ions and neutral or molecular 
species), the activity of the solute «(I;) is related to the solute's molal concentration (m,) (moles of i 
in I kg of water) by the expression 

( 1.62) 

where y, is the activity coefficient of the species. We will detail approaches to determining the ac
tivity coefficients of solutes in Chap. 4. In general, activity coefficients are less than unity for ions 
and greater than unity for molecular or neutral species such as CO2(aq) and silicic aeid (H4Si04'). 

The degree superscript, used here after the species formula and used frequently in subsequent 
text, is equivalent to the abbreviation (ag) for aqueous, and indicates that the species is dissolved in 
aqueous solution. 

Molar concentration units (moles of i in one liter of solution) practically equal molal concen
trations for natural waters holding up to about 7000 mg/L of total dissolved solids (TDS). Below this 
TDS level, the difference between ppm (parts per million) and mg/L, and between molar (M) and 
molal (m or mol/kg) concentrations can be ignored. Molal concentrations are independent of tem
perature, whereas molar concentrations are not. 
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1.4.4 Solvent Water 

The activity of solvent water (aH,O or [H20]) can be obtained exactly at low total pressures through 
water vapor pressure (PH,o) measurements over the solution, and the expression 

0.63) 

where P'H,o is the vapor pressure of H20 over pure water measured at the same T and total P. An ap
proximate measure of the activity of water, assuming an ideal solution, is its mole fraction (NH,o)' 
which equals 

nH,oiL solution 
NH,o = nH,oiL solution- + i:n soluteslL solution 

( 1.64) 

or is simply NH,o = nH,o/r.nj in a given volume of solution (usually I L) where n is the number of 
moles of water (nH,O) or solutes (n), and r.n j is the total number of moles of water plus solutes in the 
same volume. A comparison ofthese approaches as applied to seawater and a halite (NaCI)-saturated 
brine is given below, 

Solution 

Seawater 
(TDS = 35,000 ppm) 

Halite-saturated brine 
(TDS = 380,000 ppm) 

0.98 

0.75 

55.51 
=0.98 

55.5/ + 1.14 

55.5}_ = 0.8/ 
55.5/ + /3.0 

where 1.14 and 13.0 are the number of moles of salts in a liter of seawater and halite-saturated brine, 
respectively. That the mole fraction of water equals its activity in seawater shows that this approxi
mation is accurate, in general, for potable waters. In fact, in waters with TDS levels (as NaCI) below 
about 9000 ppm, the activity of water exceeds 0.995 and so can be assumed equal to unity for most 
purposes (cf. Robinson and Stokes 1970). MINTEQA2 (Allison et al. 1991) uses a different ideal 
solution-based model that leads to aH,O = 0.98 and 0.78 respectively, for sea water and the halite
saturated brine. 

For equilibria calculations involving waters more saline than seawater (saline groundwaters or 
evaporation brines, for example), an accurate value for the activity of water is necessary (cf. Pitzer 
1987). We will discuss the treatment of equilibria in saline waters in Chap. 4. 

1.5 SUMMATION OF REACTION-THERMODYNAMIC PROPERTIES 

Not infrequently thermodynamic data are lacking for a reaction of particular interest. Sometimes 
such data does exist for related reactions which can then be combined to solve our problem. Com
bination may be either by addition or subtraction of their log Keq (or In Keq) values as appropriate, 
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leading to the cancellation of undesired species in the resulting summation. For example, assume we 
need Key at 25°C and I bar for reaction Eq. (1.65) 

and have been given log Key values for the reactions: 

CaC03(c) = Ca2+ + CO~
CO2(g) + H20 = H2CO) 

H2CO) = W + HCO) 
W + COj- = HCO) 

log Key 

? 

-8.48 
-1.47 
-6.35 

(+Iog KJ 
(+ log Keo,) 
(+logK,) 
(-log K2) + 10.33 

-5.97 

(1.65) 

We have produced our desired reaction and its Key value by writing the related reactions in such a 
way as to cancel out unwanted terms in the addition. Note that three of the four reactions have been 
written in their usual form, so their log K values are positive. The fourth and last is written in reverse 
so that log K2 must be given a negative sign (log lIK2 = -log K2). The same final answer for Keq could 
have been obtained algebraically from the four Keq expressions, combined to cancel out unwanted 
terms. Thus, it can be seen 

0·66) 

Note that because t.G,o = - RT In Key, we could also have added t.G,o values for the four reactions to 
obtain the corresponding t.G,o value. The same approach can also be employed to obtain t.H ~ by 
summing the enthalpies of related reactions. This is called Hess's law. As a caution, it must be re
membered that the thermodynamic properties of each reaction have uncertainties. Consequently, as 
we increase the number of reactions combined to obtain the properties of a desired reaction, we in
crease the uncertainty in our result. 

1.6 THE EFFECT OF CHANGES IN TEMPERATURE AND 
PRESSURE ON THE EQUILIBRIUM CONSTANT 

1.6.1 Introduction 

Fortunately, many systems of environmental interest exist at low temperatures and pressures. The 
thermodynamic data published in standard references are usually given for 25°C and 1 bar pressure. 
Such data may often be used directly in calculations of equilibrium for Earth-surface conditions. 
However, when system conditions differ significantly from ambient conditions, it may become de
sirable to correct equilibrium constants for the effects of changes in temperature and pressure. Such 
corrections are more often needed to account for changes in temperature than changes in pressure. 

A theoretical approach to both effects can be deri ved starting with an expression that combines 
the first and second laws of thermodynamics (cf. Darken and Gurry 1953), which for substance i, is 

dGj = VjdP - SjdT (1.67) 

Similar differentials can be written for all substances in a chemical reaction. If we combine these ex
pressions and assume all reactants and products are in their standard states, we find 

( 1.68) 
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which relates the Gibbs free-energy, volume, and entropy changes of the reaction (the sum of values 
for the products minus the sum for the reactants). This relationship shows that for conditions of con
stant pressure (say, 1 bar) 

[i}(ACE1] = -AS~ 
aT p I 

and for constant temperature 

1.6.2 Effect of Temperature 

Starting with the fundamental equation AG,o = AlI,o - TASro, it is easy to show that 

o AG~ - AlI~ -AS = -------
r T 

( 1.69) 

( 1.70) 

(1.71) 

We can eliminate ASro by equating this expression and the appropriate differential given above, to 
obtain for constant pressure 

( 1.72) 

Dividing this expression by T2, it can be seen than the terms on the left then equal d(AG,?/T), and so 
we find 

d(AG;/T) '" - AlIl 
dT J1 

(1.73) 

but because AGro = -RTIn Keg' substituting into Eq. (1.73) gives 

dOn Keq~ _ AH,o 
dT - Rfl (1.74 ) 

The last two expressions are statements of the van't Hoff equation. Partial integration of the second 
leads to 

In ---.l = __ r dT K fT' AHo 
K, 1', Rfl 

( 1.75) 

where KI and Kl are the equilibrium constant values at T, and T1. Clearly then, if we know the 
temperature dependence of the enthalpy of the reaction, we can determine the effect of temperature 
on Keq. 

The heat capacity of the reaction at constant pressure, ACp~, is related to the enthalpy of the 
reaction through 

l
a(AH;)1 ° --;;:r-- p = ACPr ( 1.76) 

The van't Hoff equation is easily integrated if AH rO is a constant, independent of temperature. This 
is equivalent to the assumption that ACp~ = O. With a conversion to common logs, the integrated re
sult is 

AHo (1 I) -log K2 = -log K, + __ r - - -

4.576 Tz T, 
( 1.77) 
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Subscript I usually refers to Key at the reference temperature T I , which is most often 25°C. When 
this expression i's obeyed, a plot of log Keq versus l/T(K) gives a straight tine with a slope of 
l-L'lH,"/4.576] and intercept of Ilog KI + (L'lH,o/4.5761'1) I. The linearity of such a plot is thus evidence 
that Mi,o is constant, independent of temperature. The value of L'lH,o can then be evaluated from the 
slope of the plot. 

The equilibrium constant at T2 for reactions involving only condensed phases may be fairly 
accurately predicted using the integrated van't Hoff equation. K2 for reactions with aqueous ions may 
also be predicted accurately in most cases using Eq. (1.77), as long as T2 is within ± 10 to 15°C 
of 25T. 

[n the more general case the enthalpy of the reaction is not constant and L'lCp~"* n. If, however, 
L'lCp~ is constant, then, 

( 1.78) 

and we can integrate the van't Hoff expression to give 

L'lH" [ I I J L'lCo [ I (T ) T J I K I K r /' I I 1 - og 2 = - og I +. - - - - log -
4.576 1'2 TI 1.987 _ 2.303 T2 T2 

( 1.79) 

In these expressions T is in degrees kelvin, L'lH,o is given in cal/mol, and L'lCp,o is in cal/mol K. 
Heat capacity data for pure phases is often available or can be estimated with some accuracy. 

However, sllch data is limited for aqueous species, particularly for complexes at elevated tempera
tures. In any case, when T2 is 50 or more degree~ from reference temperature T I , and especially when 
we are considering reactions in solution, predictions of K2 through the van't Hoff or even the ex
tended van't Hoff equation can lead to values that are seriously in error. 

Prediction of reliable Key values at elevated temperatures (above 50 to lOO°C) requires accu
rate data for the enthalpy and heat capacity of reactants and products. Such data have been published 
by Helgeson et a!. (1978) and Shock and Helgeson (1988). Methods of calculating reaction equilib
ria at elevated temperatures and pressures are described in these references and in Nordstrom and 
Munoz (1985) and Kharaka et a!. (1988). 

When such data are limited, it is sometimes possible to use what has been called the iso
cou/ombic approach. This is based on the discovery that when reactions involving ionic species are 
written in such a way that there are an equal number of species on each side of the reaction having 
the same total valence, the heat capacity is often nearly constant, independent of temperature 
(cf. Murray and Cobble 1980; Langmuir and Mahoney 1985; Plyasunov and Grenthe 1994). For ex
ample, instead of writing 

we write 

Heo} = H· + CO~' 

HCO:; + OH- = COl- + H20 

( 1.80) 

(1.81) 

so that with the well-known data for the dissociation of water above 25°C and a value of K2 for the 
first reaction at that temperature, we can estimate values of K2 at elevated temperatures. 

For a detailed calculation involving this approach assume that we have reliable K,p data for the 
dissolution of barite (BaS04) 

BaS04 = Ba2+ + SO~- (1.82) 

as a function of temperature from Blount (1977), and that we need such data for the Ksp of the min
eral anhydrite (CaS04). We have accurate thermodynamic data for both reactions at a common ref
erence temperature, which we will take as 56°C, at which log Ksp(anhydrite) = - 4.64 (Langmuir and 
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Melchior 1985). Our isocoulombic equation, which is obtained by subtracting the Ksp expression for 
anhydrite from that for barite, is 

Ca2+ + BaS04 = Ba2+ + CaS04 (1.83) 

for which at 56°C, I:!.Gro = 7.518 kcaVmol, I:!.S: = 7.98 caVmol K, and !J.Cp~ = -5.2 cal/mol K. Sev
eral additional steps lead to -log Ksp for anhydrite as a function of temperature based on the tem
perature function for barite. In Fig. 1.4 are plotted -log Ksp for anhydrite based on this approach and 
from empirical measurements (cf. Langmuir and Melchior 1985). The agreement is clearly excellent 
up to about 100°C. 

More recently Gu et al. (1994) have shown that I:!.S rO and I:!.Cp~ are often small and of opposite 
sign in a well-balanced isocoulombic reaction and so tend to cancel each other out. For such condi
tions I:!.G: is independent of temperature. 

The variation of Keq with temperature has been measured accurately for a number of impor
tant reactions. A general equation that can describe the temperature dependence of Keq is 

log K = A + BT + C + D log T + ET2 + F + GTII2 
eq T ~ 

(1.84) 

where A through G are empirical constants, and T is in degrees kelvin. This function is used in the 
program MINTEQA2 (Allison et al. 1991) when the empirical constants are known. Of the 
1000 species in the MINTEQA2 data base, however, temperature functions for Keq are given for only 
about 25. In the absence of such a function, MINTEQA2 reverts to the simple van't Hoff equation 
to compute Keq away from 25°C. Ball and Nordstrom (1991) give temperature functions for 37 of 
the nearly 650 reactions in the thermodynamic database for WATEQ4F. They use the van't Hoff 
equation to correct Keq values of the other reactions for temperature. Rarely are more than the first 
four or five terms in Eq. (1.66) known or necessary to accurately fit empirical Keq versus T data. 

Plummer and Busenberg (1982) exactly modeled empirical Ks/temperature data for the 
reaction 

CaC03(calcite) = Ca2+ + COj- ( 1.85) 
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from 0 to 90°C with an equation of the form 

C 
log K,p(calcite) =: A + BT + T + D log r ( 1.86) 

where A =: -171.9065, B =: - 0.077993, C =: 2839.319, and D =: 71.595. 
Starting with this temperature function, Plummer and Busenberg ~how that it is straight

forward to derive the other thermodynamic properties of the reaction, including !l.G,o, WID' !l.Cp~, 
and !l.S,o. Thus, in general, assuming this form of the log Ksp equation, and given that In K,p =: 

2.3026 log Ksp, the reaction free energy is given by 

o ( DTln T) !l.G, =: - RT In Ksp =: aR AT + B72 + C +a-- ( 1.87) 

where a =: 2.302585 and the gas constant R =: 1.987165 cal/mol K. Transposing the van't HofT equa
tion we can write 

0.88) 

Because the heat capacity is the temperature derivative of the reaction enthalpy, we find 

o a!l.fl; ( D) 
!l.Cp, =: aT =: aR 2BT + a ( 1.89) 

Finally, the entropy of the reaction can be obtained from 

iJ!l.G
O 

( [) ) !l.S: =: - __ I =: aR A + 2BT + (I + In T) 
aT a 

(1.90) 

Pursuing these calculations for Ksp(calcite) yields the following thermodynamic properties for the 
reaction at 25°C (Plummer and Busenberg 1982): log K,p =: -8.480 ± 0.020, !l.G,o =: 11568 ± 
27 cal/mol, W rO =: - 2297 ± 300 cal/mol, !l.Cp~ =: - 70.5 ± 4.0 cal/mol K, and !l.S,o =: - 46.5 ± 
2.0 cal/mol K, where the uncertainties are as given by the authors. Note that uncertainties are about 
± 0.2% for log Ksp and !l.G,o, but range from 4% to 13% for the other properties. This reflects that the 
reaction entropy and enthalpy are derivatives of the Ksp expression, and so measure the slope of a 
log Ksp versus IIT(K) plot. (See Figs. 1.5 through 1.7.) As the second derivative of such a function, 
!l.Cp~ is the curvature of the plot and, therefore, is even less well defined. Generally more accurate 
values of the reaction heat capacity are obtained by direct calorimetric measurement of the enthalpy 
of a reaction as a function of temperature. 

The computer code SOLMINEQ.88 (Kharaka et al. 1988) has been designed to model water
rock systems at high temperatures and pressures. Given the lack of thermodynamic data for such 
conditions, the code contains functions more complex than the integrated simple or extended van't 
Hoff equations that permit the estimation of Keg values with reasonable accuracy up to about 150°C. 
These functions take into account such variables as the dielectric constant of water and the radii and 
valences of aquo-ions. Much of their theoretical basis has been developed by Helgeson and his 
coworkers (cf. Helgeson 1967, 1985; Helgeson et al. 1978,1981; Schock and Helgeson 1988). 

Empirical Kcgltemperature functions for 63 reactions are given in Table A l.l in the Chapter 
Appendix. Several examples of these functions are plotted in Figs. 1.5 through 1.7 in terms of log K 
versus I/T(K). The log Kdissoc versus l/T(K) plots in these figures, which appear as straight or nearly 
straight lines, are those of ammonia (Fig. 1.5), the alkaline earth carbonate complexes (Fig. 1.6), 
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melaterite (FeS04 . 7H20), and the polymorphs of Si02 ISi02(am), chalcedony, and quartz] 
(Fig. 1.7). For these reactions, Mi; is practically constant and independent ofT, and the van't Hoff 
equation accurately predicts the change in Keq values with T. For many of the other reactions, accu
rate prediction of Key with the van't Hoff equation is limited to within ± 10 to 20 degrees of the ref
erence temperature of 25°C. 

Earlier, in our introduction to enthalpy concepts, we defined exothermic (negative Min and 
endothermic (positive Min reactions. Exothermic reactions give off heat. This means that the.re
verse reaction is favored by an increase in temperature (reactant concentrations increase at the ex
pense of product concentrations), thus Key values for the reaction decrease as the temperature rises. 
Conversely, endothermic reactions consume heat, so the forward reaction is more and more favored 
over the reverse reaction with increasing temperature. In other words, Key values increase with Tfor 
endothermic reactions. 

As noted previously in the discussion of gas solubilities and Henry's law, the solubility of most 
gases decreases with increasing temperature (see Table 1.1). Consistent with this behavior, We can 
largely sweep the dissolved gases out of a water by boiling it. In other words, the dissolution of gases 
in water is exothermic. For example Mi; = -4.0 kcal/mol for the reaction CO2(g) = CO2(aq) and 
- 2.9 kcallmol for 02(g) = 0iaq). The exothermic nature of oxygen solubility corresponds to sea
level solubilities of atmospheric oxygen (at 21 % of air) of 14.74, 8.32, and 7.03 mg/L at 0, 25, and 
35°C (Manahan 1991). 
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Inspection of the van't Hoff equation shows that the effect of a temperature change on Keq is 
proportional to the magnitude of the enthalpy of the reaction. The larger the /).fI rO, the stronger the 
temperature dependence of Keq. For example, Fig. 1.5 shows the steep temperature dependence of 
Kw, the dissociation constant of water (H20 = H+ + OH-) for which /).fI rO = + 13.362 kcallmol. This 
may be compared with the slight temperature dependence of K

J
, the first dissociation constant of car

bonic acid (H2C03 = W + HCO) for which /).fI,O = + 1.84 kcal/mol. 
Weak acids (including carbonic acid) often have small reaction enthalpies « 1 to 2 kcallmol), 

which makes their dissociation constants relatively temperature independent. Also they often exhibit 
maxima in their Keq values when the latter are plotted against temperature. The dissociation constants 
for several weak acids are plotted against temperature in Fig. 1.5. Below the Keq maxima for these 
acids, the dissociation reactions are endothermic (/).fI rO> 0), and acid dissociation is favored with in
creasing temperature. At temperatures of the maxima, /).fI rO = O. At higher temperatures /).fI: values 
become increasingly negative, and the undissociated acid species become more and more important. 

Most solution reactions that lead to the formation of aqueous inorganic complexes are en
dothermic, thus the complexes increase in stability with increasing temperature (see Fig. 1.6). This 
applies to the formation of most metal complexes with sulfate, fluoride, bicarbonate, carbonate, and 
phosphate ions (cf. Christensen et al. 1975; Smith and Martell 1976; Nordstrom et al. 1990). In other 
words the hotter the water is, the more the metal species in it will be present as complexes with these 
ligands rather than as free ions. Complexation thus tends to increase the mobilities of most metals at 
elevated temperatures. For example, the reaction 

Fe3+ + P- = FeF2+ (1.91) 

(log Keq = 6.2) has /).fIro = 2.7 kcal/mol. 
The stability of complexes formed with chloride, citrate, oxalate, and many metal-organic 

complexes, however, may increase (/).fIro > 0) or decrease (LlH: < 0) with increasing temperature. 
Complexes formed with OH- and EDTA are generally less stable at elevated temperatures. For ex
ample, the complex formed between EDTA and radioactive cobalt is 

(1.92) 

for which log Keq = 15.7, has LlH: = - 4.2 kcal/mol (Sillen and Martell 1964; Christensen et al. 1975). 
This complex is found in subsurface waters beneath radionuclide research facilities at Oak Ridge, 
Tennessee, where EDTA was used as a laboratory cleansing agent (Manahan 1994). 

Because it takes energy to break the bonds in most minerals (and in salts, generally) mineral 
dissolution is usually an endothermic process. In other words, most minerals (silicates, alumino
silicates, oxides, and sufides) increase in solubility (thus in their Ksp values) with increasing tem
perature (Fig. 1.7). This explains the relatively high concentrations of dissolved silica found in geo
thermal waters and why amorphous silica [Si02(am)] tends to precipitate, thus clogging heat 
exchangers when geothermal waters cool at the land surface. Silica precipitation upon cooling re
flects LlH rO = + 1.55 kcal/mol for the reaction Si02(am) = Si02(aq). 

In contrast to the silicates, most carbonate and many sulfate minerals dissolve exothermically 
(LlHrO < 0). This makes them most soluble at low temperatures and gives them a tendency to precip
itate as temperature increases (Fig. ] .7). (Compare log Ksp versus liT curves for calcite and quartz 
in Fig. 1.7.) Thus, calcite (/).fIro = -2.30 kcal/mol) can be a troublesome precipitate on the walls of 
boiler systems where its thermal insulating properties prevent heat exchange and can seriously dam
age boiler performance. 
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Example 1.2 

The second dissociation step for carbonic acid corresponds to the reaction HCOJ":::: H+ + CO~-, 
for which K2 :::: 10-10.33 at 25°C. Using thermodynamic data tables we compute AH,O :::: 
3550 cal/mol, and from Shock and Helgeson (1988) we find IlCp~ :::: -61.0 cal/mol K. Given 
this information, we ask the question, how does the value of K2 at 50°C (323.15 K), predicted 
from the integrated van't Hoff equation, compare to the empirical value at 50°C? The van't 
Hoff equation is 

3550 (1 I) -log K :::: 10.33 + --" --- - --
2 4.576 323.15 298.15 

(1.93) 

from which we find 

-log K2 :::: 10.33 - 0.20 :::: 10.13 

This is in fair agreement with -log K2 :::: 10.18 at 50°C computed from the empirical temper
ature function in Table A 1.1. The disagreement reflects the fact that the heat capacity of the re
action is not zero, as assumed in the calculation. If we refine our estimate by including the heat 
capacity correction term of the expanded integrated van't Hoff equation, the predicted value 
for K2 at 50°C is 

-log K2 :::: 10.33 - 0.20 + 0.04:::: 1O.l7 

in excellent agreement with the empirical value. 

Example 1.3 

Consider the reaction 

AgCl(c):::: Ag+ + Cl- 0.94) 

for which Ksp:::: 10-9.75 and AH~:::: 15,650 cal/mol at 25°C. Silver chloride is also known as the 
mineral cerargyrite. This reaction takes place in the internal electrolyte of glass pH electrodes. 
The insolubility of cerargyrite also limits maximum concentrations of silver in many natural 
waters. We will ask the question, what is Ksp at O°C? The van't Hoff equation leads to 

-log K :::: 9.75 _ ~65~ ( __ 1 ___ ~ ___ ) 
sp 4.576 273.15 298.15 

( 1.95) 

and -log Ksp= 9.75 + 1.05 = 10.80 

This is in exact agreement with the empirical value, indicating that the assumptions inherent 
in the van't Hoff equation are valid (AHro is constant and llCp~ :::: 0). 

1.6.3 Effect of Pressure 

Substituting the quantity (- RTln Keq) for llG ,0 in the expression 

(a(IlG~)) :::: II V' 
ap T ' 

(1.96) 
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derived previously, we obtain 

(? !n{(,,'1) = 0V: 
iJP T RT 

( 1.97) 

where ~ V~ is the molar volume change of the reaction with all reactants and products in their stan
dard states (cf. Millero 1982). Note the similarity of this expression to the van't Hoff equation. Equa
tion (1.97) shows that the effect of a change in pressure on Keq is proportional to the magnitude of 
the molar volume change for the reaction. Consistent with Le Chatelier's principle, an increase in 
pressure favors reaction products when ~ V~ is negative and reactants when ~ V~ is positive. When a 
gas is among the reactants or products, the effect of pressure is accounted for by writing the activity 
of the gas as its partial pressure. For reactions without gases, the effect of pressure can usually be ig
nored at depths less than 300 m (1000 ft). In following discussion, we will consider the pressure ef
fect on reactions in more detail. Important environmental applications are to reactions in the deep 
ocean (average deep-ocean pressure is 200 bars (Stumm and Morgan 1981) and to geologic disposal 
of industrial wastes by deep-well injection. Deep-well injection is typically into saline groundwaters 
in sedimentary formations at temperatures of 20 to 150°C, with pressures from 50 to 300 bars (En
vironmental Protection Agency I990a, I 990b). We will limit discussion in this section to the effect 
of pressure on reactions, which is usually less important than the coincident temperature effect as 
discussed previously. 

If the molar volume of a reaction is independent of pressure (does not change with pressure in 
the P range of interest), Eq. (1.97) may be integrated to yield 

KI' ~V~(P-I) 
In - = - - - --- - -

K, RT 
( 1.98) 

where Kp and K, are the equilibrium constant at P and at the reference pressure, which is usually 
I bar. 

If instead ~ V~ is a function of pressure, we may define the standard partial molar compress
ibility which for single species i equals 

(1.99) 

For a reaction we have 

(I. 100) 

Integration of Eq. (1.97) now leads to 

K ~V,(P-I) ~K~(P-1)2 In .J' = - -._. --- - + . -- ... -.. _ ..... . 
K, RT 2RT 

(1.101) 

in which ~K~ is independent of pressure. At elevated pressures (> 100 bars) this simplifies to 

(1.102) 

In these expressions ~ V~ is in cm3/mol, R = 83. IS cm3 bar/mol K, and ~K~ is in cm3lbar mol. 
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Molar volumes of minerals are proportional to the size of molar formulas and may be com
puted by dividing a mineral's gram formula weight (g/mol) by its density (g/cm3). Values for min
erals are tabulated by Naumov et al. (1974), Robie et al. (1978), and Helgeson et al. (1978), and may 
also be found in any edition of the Handbook a/Chemistry and Physics (CRC Press). 

Naumov et al. (1974), Helgeson et al. (1981), Millero (1982), and Tanger and Helgeson (1988) 
report molar volume data for aqueous species at 25°C. The last two references also give VO data for 
aqueous species from O°C up to 50°C and 350°C, respectively. Molar compressibilities of minerals 
are available in Birch (l966)~Mathieson and Conway (1974), and Millero (1982). Millero (1982) 
also lists values of AV~ and AK~ for aqueous species from 0 to 50°C. Molar volumes and compress
ibilities vary as a function of temperature and ionic strength (Millero 1982). Such effects may be im
portant for aqueous species and especially for gases. 

The molar volume of ions is based on the convention that the molar volume of H+ ion equals 
zero at all temperatures. This assumption leads to molar volumes of -0.4 cm3/mol for Li+ and 
36 cm3/mol for 1-, for example. Molar volumes of ions increase with increasing temperature. AV~ is 
negative for most ionization and dissolution reactions so that pressure generally increases the 
progress of ionization reactions and the solubility of minerals. 

Molar compressibilities for minerals range from 0 to -4 X 10-9 cm3lbar mol and can be as
sumed equal to zero up to about I kb pressure. Values for ions KO are generally in the range - 5 to 
-10 X 10-3 cm3lbar mol. AK~ for completely ionic reactions is small, but for dissolving minerals it 
may be large. 

In a column of freshwater the pressure increases above atmospheric pressure by about 1 bar 
for every 33.5 ft of depth, or by 30 bars for 1000 ft (305 m) of depth. Pressure gradients are higher 
in saline than in fresh groundwaters. Pressures measured in groundwater at depth generally range 
between hydrostatic pressure (that of a column of water) and lithostatic pressure (that of the rock 
alone). Measured hydrostatic pressure gradients in sediments range from 1 barl15 ft (roughly equal 
to the lithostatic pressure gradient) to 1 bar170 ft of depth. In sediments of the Palo Duro basin of 
north Texas for example, the pressure gradient is I bar/42 to 58 ft to a depth of 5500 ft, where hydro
static pressure is 130 bars and the temperature 38°C (Langmuir and Melchior 1985). 

The effect of pressure on reactions involving only solid phases can be assumed to be negligi
ble. For example, consider the reaction 

(1.103) 

(corundum) (quartz) (sillimanite) 

25.57 22.69 49.92 

The molar volumes lead to (aAG",I aPh = A V~ = 1.66 cm3/mol, from which we conclude that an in
crease in pressure slightly favors corundum and quartz over sillimanite. Given the conversion factor 
1 cm3 bar = 0.02390 cal, we obtain 

(aAG",IaPh= 1.66 cm3/mol x 0.02390 cal/cm3 bar 
= 0.0397 cal/mol bar 

Thus, an increase in P of 100 bars increases AG: by only -4 cal/mol. This is a negligible effect. 
When a gas is among the reactants, changes in pressure are generally important. For example, 

given the reaction at 25°C, 

CaC03(calcite) = CaO(lime) + COz(g) (1.104) 

36.934 16.764 24,460 
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TABLE 1.2 Effects of pressure and ionic strength on equilibrium 
constants for some reactions as a function of the molar volumes of 
the reactions 

Reaction 

H20 (I) = W + OW 
CH)COOH = W + CH)COO 
(K" acetic.: acid) 

H2CO) '" W + HCO:l 
(K, carbonic acid) 

HCO) = H" + CO~~ 
(K2 carbunic acid) 

CaS04 (anhydrite) '" Ca2+ + SO~ 

~V~ 
(cm3/mol) 

-22.2 
- 11.2 

··27.2 

-25.2 

-48.9 

Source: Based in pari on Stumm and Morgan ( 1981). 

K/K, at 25°C 
and J 000 bars 

2.36 

14 

3.2 

2.7 

5.8 
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we find ~V,o = 24,440 cm3/mol, or 584 cal/mol bar. The (+) sign and large magnitude of ~V,o show 
that increasing pressure strongly favors calcite formation relative to lime and CO2(g). 

The effect of a pressure increase to 1000 bars on some dissociation reactions is shown in 
Table 1.2. Increased pressure favors dissociation in every case. The effect is proportional to the size 
of -d V,o. The solubility of calcite increases with increasing pressure as indicated by Table 1.3. The 
effect is reduced at the ionic strength of seawater. 

Pressure generally increases the solubility of minerals. An accurate evaluation of the pressure 
effect on solubility may require that we consider both molar volumes and compressibilies of reac
tants and products. In the following problem we compare the solubility of celestite (SrS04) in a sur
face water at 1 bar pressure and 25°C to its solubility in groundwater at 6000 ft depth at a tempera
ture of 75°C and pressure of 180 bars. The reaction of interest is SrS04(celestite) :: Sr2+ + SO~-. To 
solve the problem we need molar volumes and compressibilities for celestite and the ions. We adapt 
VO (celestite) = 46.25 cm3/mol from Robie et al. (1978). A nearly identical molar volume of 
46.27 cm3/mol derives from the molecular weight (183.678 g/mol) divided by the density of celes
tite (3.97 g cm3; Pal ache et al. 1951). VO(celestite) can be assumed to be independent of pressure and 
temperature. Molar volumes for the ions at 75°C are obtained from Tanger and Helgeson (1988). The 
compressibility of celestite is read from a plot given by Millero (1982). KO values for the ions are 
less readily available. We will use those given by Millero (1982) for 50°e. The comparatively small 
compressibility of the mineral (about I % as large as values for the ions) suggests that its value is rel
atively unimportant in the calculation. The compressibility correction to the solubility will turn out 

TABLE 1.3 Effects of increases in pressure and ionic 
strength at 25°C on the solubility product of calcite (CaC03 f 
at P versus at 1 bar pressure, expressed as Kp/K, 

P (bar) 

1 
500 

1000 

Pure water 

I 
3.2 
8.1 

0.725 M NaCI (seawater) 

1 
2.8 
6.7 

Note: t,. V~ '" - 58.3 ~m3/mol for the reaction CaCO, = Ca2+ + CO~- at 25"C. 

Source: Based in pan on Stumm and Morgan ( 198 I). 
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to be~mall, thus our use of 50°C KO values for Sr2+ and SO~- is a good approximation. Chosen VO 
and KO values are given below. 

VO (cm3/mol) 

KO (cm3/mol bar) 

SrSOicelestite) = Sr2+ + SO~-

46.25 

-0.08 x 10-3 

-18.27 +14.09 

-8.35 X 10-3 -6.87 X 10-3 

( 1.105) 

The VO and KO data lead to ~V: = -50.43 cm3/mol, and ~K~ = -1.514 x 10-3 cm3/mol bar. 
Substituting into Eq. (1.1 Ol) or (1.102), we can determine the effect of pressure on celestite solu
bility. The result is log (K/K j ) = 0.1364 - 0.0037 = 0.133, where the first term in the difference re
flects the contribution of ~ V: and the second the small, opposite effect of ~K~. At I bar pressure and 
25°C, Ksp(celestite) = 2.32 x 10-7• For 75°C, Ksp(celestite) = 7.45 x 10-7, computed from the tem
perature function given by Langmuir and Melchior (1985). Overall results are summarized here. 

Overall percent increase 
T(°C) P (bar) Ks/celestite) above I bar and 25°C 

25 1 2.32 x 10-7 0 
75 1 7.45 x 10-7 221% 
75 180 (~V;) 1.02 x 10-6 340% 
75 180 (~V; and &(~) 1.01 x 10--6 335% 

As shown, the increase in temperature from 25 to 75°C has more of an effect on solubility (+221 %) 
than does the increase in pressure from 1 to 180 bars, which separately increases solubility by 36%. 
As evident from this example, and in general, the effect of a temperature increase on solubility 
greatly exceeds tha~f the concomitant pressure increase. The example also shows that the pressure 
correction due to ~K~. is minor and usually of an opposite sign to that due to ~Vro. 

Aggarwal et al. (1990) have proposed a simpler model given by 

In(K~T) = - (R:~~) In(PH;~: n) 0.106) 

to estimate the effect of a change in P and T on the equilibrium constant. Their equation requires 
only ~ Vro for the reaction, the compressibility (KH,o) and density (PH,o) of water for reference con
ditions (usually at 1 bar pressure and 2YC), and water density at P and T (PH,O(P, n) . Reactions are 
written in isocoulombic form so that reaction heat capacity and the term (~VO fRT KH,o) are both con
stant, independent of temperature. The necessary properties of water have been published by Haar 
et al. (1984). The reader is referred to Aggarwal et al. (1990) for details of this approach. 

STUDY QUESTIONS 

1. Know the following definitions and how they relate to each other: 
(a) open and closed systems as they relate to mobile and less mobile substances 
(b) phases, components, master species, and the phase rule 
(c) homogeneous, heterogeneous and irreversible, congruent and incongruent reactions 
(d) Gibbs free energy, chemical potential, enthalpy, and entropy, as they relate to components, substances, 

reactions, and systems 
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2. Understand the relationships among Gibbs free energy, chemical potential, reaction quotients (Q), the equi
librium constant, and the saturation index (S/). 

3. Learn the conventions used to define units of entropy. heat capacity, enthalpy, and Gibbs free energy of ele
ments, solids, liquids, and ions, including the proton. 

4. Know the concept of activity versus concentration and how activity is defined for gases, solutes, pure solids, 
and liquids. 

5. Deline ideal solutions, Raoult's and Henry's laws, and Nernst's law, with an application of each. 

6. Describe perfect gases, perfect gas mixtures, and partial pressure. How does Henry's law apply to gas sol-
ubilities? 

7. Know how the activities of solutes and solvent water are defined. 

8. Be able to obtain the thermodynamic properties of reactions by summation. 

9. Define an ideal solid solution. Discuss how you would determine the Gibbs free energy, enthalpy, molar 
volume, and entropy of formation of a binary ideal solid solution given the appropriate properties of its pure 
end members. 

10. What are the equations for computing the Gibbs free energy, enthalpy, and entropy of formation of a binary 
symmetrical regular solution? How are the rational activity coefficients (A values for the solid components) 
related to their mole fractions in such a solid solution? 

n. Given a value of w or Un for a binary, symmetrical, regular solid solution and the solubility products for the 
pure end-member components, be able to compute the dissolved concentrations of either component at equi
librium with the solid solution, assuming the concentration of the other dissolved component is known. 

12. Why is it that the concentration of a trace component in a solid solution is unlikely to be controlled by equi
librium with the solid solution unless the pure end-member phase of the major component is at or near sat
uration with respect to the water? 

13. Understand the following: 
(a) the effect of temperature changes on Keg for exothermic and endothermic reactions 
(b) the significance of the size of AH,o in the behavior of Keq versus T 
(c) the use of the van't Hoff equation and its integrated form when ACp~ #- () 

(d) the isocoulombic approach 
(e) empirical temperature functions and their relationship to the thermodynamic properties of reactions 

14. How can we calculate the molar volume of a mineral from its density? 

15. The molar volume of ions may be positive or negative. Explain. 

16. Explain how the effect of pressure on Keg for a reaction relates to the magnitude and sign of the molar vol
ume change of the reaction. What is the differential equation that expresses the effect of pressure on Keq at 
constant T'I 

17. The effect of pressure on Keg is of least importance for reactions involving only solid phases, of intermedi
ate importance for aqueous-aqueous and mineral-aqueous reactions, and of major importance for reactions 
involving gases. Explain this statement with examples. 

18. What is the partial molar isothermal compressibility and when is it an important variable in calculations of 
the effect of P on equilibrium? 

19. An increase in pressure always leads to an increase in the solubility of minerals. Why? In what natural wa
ter-rock environments is the effect of pressure on Keq important? 

PROBLEMS 

In all calculations related to this chapter concentrations of dissolved species will be considered equal to their 
activities. In other words activity coefficients of dissolved species are asslImed equal 10 unity. 
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1. With Gibbs free-energy data from a single reference source (why one source?), calculate the difference in 
the free energies of diamond and graphite (polymorphs of pure carbon) at 25°C. What is the value of the 
equilibrium constant of the reaction between them? Which phase is stable and which metastable at 25°C 
and I bar total pressure? Discuss. 

2. (a) Given the following thermodynamic data for 25°C and I bar pressure, calculate the dissociation con
stant of water, K", = [W][OH-j. 

Species Mil (kcallmol) 

o 
-54.977 
-68.315 

So (cal/mol K) 

o 
-2.560 
16.7 

(b) Calculate K", given that ~Gl[H20(l)] = - 56.678 kcallmol, and ~Gl(OH-) = - 37.604 kcallmol. Com
pare this result to K", obtained in part (a). Are all the thermodynamic data internally consistent? 

(c) Does the pH of neutrality increase or decrease as the temperature increases? 

3. Starting with published free-energy data, calculate the pH at which [HF] = [r-] at 25°C and I bar pressure. 

4. Lime (CaO) reacts with water to form portlandite [Ca(OHhl in cements and lime mortars. 
(a) Calculate the free energy of the reaction that forms portlandite in liquid water and discuss. 
(b) If the water is present as water vapor, what is the water vapor pressure (PH,o) in bars at which lime and 

portlandite can coexist at equilibrium? -
(c) Does the reaction produce heat or consume it? 

5. Thermodynamic data that may be useful in solving this problem are tabulated below. Values are for 25°C 
and I bar pressure. 

Species ~Hl (kcal/mol) ~G} (kcallmol) So (cal/mol K) 

°2(g) 0 0 49.003 
C (graphite) 0 0 1.372 
CO2(g) -94.051 -94.254 51.07 
H2C03 -167.22 -148.94 44.8 
HCO-3 -165.39 -140.26 21.8 
C02-

3 -161.84 -126.17 - 13.6 
Ca(c) 0 0 9.90 
Ca2+ -129.74 -132.30 -12.7 
CaC03 (calcite) 22.2 

(a) Write the reaction that represents the formation of calcite (CaCO]) from the elements in their most sta-
bh: states at 2YC and 1 bar pressure, and compute ~S,O for the reaction. 

(b) How are MI} and ~G} for calcite related to ~H,o and ~G,? for this reaction? 
(c) Compute ~G}(calcite) from its solubility product, given that Ksp = 10-8.48. 

(d) Calculate MI}(calcite) from the entropy and free energy of formation data determined above. 

6. (a) Write the reaction that describes the formation of sulfate ion from the elements. (The "elements" can 
include electrons if appropriate.) Calculate the entropy of formation of SOl- from the elements at 25°C 
and I bar pressure. 

(b) Compute ~G} for sulfate ion from the entropy of the above formation reaction and the fact that 
Mll(SOl-) = - 217.40 kcallmol. 
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7. The breakdown of K-feldspar to form kaolinite clay is an important weathering reaction, particularly in hu

mid climate soils. The reaction may be written: 

K-feldspar kaolinite 

(a) The equilibrium constant at 2YC and 1 bar pressure is Keq = lO-OY. Write the corresponding equilib

rium constant expression. 
(b) Assuming [K+] = 2 X 10-4 molfkg and the dissolved silica is [H4Si04'] = 2 x 10-4 mol/kg in soil mois

ture, at what pH would the feldspar be in equilibrium with the kaolinite and, therefore, not weather? 
Given that the pH of most humid climate soils is below 6.0, discuss the significance of your answer. 

8. You are given the following free-energy data in kcalfmol for 25°C and I bar total pressure. 

Species I1Gl Species 11G} 

Ca2+ -132.3 CaCO, -270.D1 
(calcite) 

Mn2+ -54.5 MnCO, -195.2 
(rhodocrosi te) 

C02-, -126.17 

(a) Assuming manganoan calcite with a composition Cao.9sMnoosCO, is an ideal solid solution, calculate 
its free energy of formation. 

(b) Write the dissolution reaction for the solid solution and calculate its solubility product. 
(e) The drinking water standard for dissolved Mn2+ is 0.05 mg/L. Assuming dissolved Ca2+ = 1 O-,IK) M and 

CO~- = 10- 548 M, compute Mn2+(aq) at equilibrium with this solid solution. Compare this result to 
Mn2+(aq) at saturation with respect to pure rhodocrosite. How do both of these concentrations compare 
to the drinking water standard? 

9. Assume that Henry's law applies to minor component Band Raoult's law to major component A of binary 
solid solution, A I_NBNX, and that A and B have the same charge. Given also that Kilenry = 10, and that the 
solubility products of pure AX and BX are KsrCAX) = 10-800 and Ksp(BX) = 10- lOW, and that the composi
tion of the solid solution is A097B003X, 
(a) Compute the activities of components AX and BX in the solid solution. 
(b) Express and calculate D, the distribution coefficient for the exchange reaction: A + BX = B + AX. 
(e) Assuming that A = 10-300 mollkg, calculate B at equilibrium with the solid solution. 

10. The curve in the figure at the end of this prohlem, which is based on B usenberg and Plummer ( 1989), shows 
the general trend of measured solubility products of relatively well-crystallized natural and synthetic mag
nesian calcites. (Biogenic calcites are typically 0.1 to 0.15 log Ksp units more soluble at a given mole frac
tion of Mg.) The Gibbs free energies of Ca2+, Mg2+, and COj- at 25°C and I bar pressure are -132.30, 
- 108.7. and -126.17 kcal/mol, respectively. 

Assuming that magnesian calcites are an ideal solid solution of calcite (K,p = 10-848) and magnesite 
(Ksp = 10-8(3

), calculate the Ksp for magnesian calcites up to a mole fraction of 0.16 MgCO j for CaC03 

(NMgCO • = 0.16). Make your calculations for NMgCO, values of 0.02,0.04,0.08,0.12, and 0.16. Compare your 
results to the empirical Ksp curve in the figure, and discuss the applicability of the ideal solution model to 
this binary solid solution. What does any departure of the empirical Ksp curve from ideal solution behavior 
tell you about the thermodynamic stability of high-Mg2+ calcites'! Note that the ionic radii of Ca2+ and Mg2+ 
in six-fold coordination are very different at 1.00 and o.n A, respectively. 
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General trend of solubility products of magnesian calcites as a function of MgC03 mole 
fraction. Based on Busenberg and Plummer (1989). 

Chap. 1 

11. Given the reaction 

CaC03(calcite) + COig) + H20 = Ca2+ + 2HCOj 

and the thermodynamic data table: 

MfO 
f I1Go f 

So 
Substance (kcal/mol) (kcal/mol) (cal/mol K) 

CaC03( calcite) -288.46 -269.80 22.2 
CO2(g) -94.051 -94.254 51.06 
Hp(I) -68.315 -56.687 16.71 
Ca2+ -129.74 -132.30 -12.7 
HC03' -165.39 -140.26 21.8 

compute the fonowing. 

(a) The Gibbs free energy of the reaction (I1G~) and its Keq; express the free energy in kcal/mol and kllmo!. 
(b) The Mf~ of the reaction from the tabulated enthalpy data, also expressing the result in kcal/mol and 

kJ/mo!. 
(c) The I1G~ of the reaction from the tabulated enthalpy and entropy data. Compare your answer to I1G~ 

computed via the approach used in (a). 
(d) Keq at 10°C from thermodynamic data at 25°C using the van't Hoff equation. 

12. The solubility of quartz below pH 8 can be written 

Si02 + 2H20 = H4Si04' 

(a) What is the equilibrium constant expression for quartz dissolution? 

Based on the literature and solubility measurements at 50°C and above, Rimstidt and Barnes (1980) obtained 
the following temperature function for the equilibrium constant of this reaction at I bar total pressure from 
o to 360°C: 

log Keq = 1.8814 - 2.028 x 1O-3T - 1560.46IT(K) 
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(b) Compute the concentration of dissolved silica as Sial (ppm) you would expect at equilibrium with 
quarll. in watcr at 25, 100, and 300°C. Assume y == I for silicic acid H4SiO%. 

(e) Compute the expression for the enthalpy of the dissolution reaction as a function of T(K) and its value 
in kcal/mol at 25°C. Is the dissolution reaction endothermic or exothermic? 

(d) What is the heat capacity (L'1C/~) of the reaction at 25°C? 
(e) Could the simple van't Hoff equation (!1Hro = constant) or its expanded version (L'1Cp~ = constant) 

have been used to predict the solubility of quartz at 300°C from the values for K eq, L'1H,o, and L'1Cp~ at 
25°C? Compare the results of such calculations to the value computed above in (b), and explain any 
differences. 

(f) Compute L'1S~, the entropy of the reaction at 25°C from the Keq and MI,o values. 
(g) Is thcre any other way you could have determined this entropy from the experimental solubility data? 

Do so and compare the results. 
(h) Given that the entropies of quartz and liquid water at 25°C are 9.909 and 16.718 cal/mol K, compute 

So for silicic acid. 

13. Palmer and Hyde (1993) measured association constants along the liquid water·-water vapor curve from 25 
to 300°C for the reaction 

Fe2+ + CI- = FeCI t 

The experimental results are tabulated here. 

TOC log Kassoc T"C log Kassoc 

25 -0.125 200 1.09 
50 -0.026 250 1.58 

100 0.266 300 2.10 
150 0.648 

Their study led to the following expression for the association constant of FeCI+, as a function of degrees K: 

911.13 
log Kassoc = - 7.1783 + ---;r- + 0.013407 T 

The following thermodynamic data are available from the literature for 25°C and I bar total pressure. 

Species 
!1Hl 

(kcallmol) 

-21.3 
-39.933 

(a) Compute L'1Gl for the FeCI+ complex at 25°C. 

L'1Gl 
(kcallmol) 

-18.85 
- 31.379 

SO 
(cal/mol K) 

-32.9 
13.56 

(b) From the Kassoc versus temperature (K) equation, derive the equation that describes the dependence of 
!1H~ on T(K), and compute the value of !1H~ in kcal/mol for the complexation (association) reaction 
at 25°C. 

(e) Compute the entropy of the FeCI+ complex at 25°C. 
(d) Seawater contains CI- = 0.56 mol/kg. What percentage of l:Fe(I1) in a shallow marine mud will be pres

ent as FeCI+ at 25°C. IgnOie activity coefficients in this problem and in (e). 
(e) Answer question (d) assuming the seawater is present interstitially in a marine mud at 4°C and discuss. 

14. (a) Calculate the Henry's law constant (KH) for dissolution ofH2S gas in water at 25°C-and 1 bar total pres
sure from free-energy data. 

(b) Does an increase in temperature favor dissolution or exsolution of hydrogen sulfide? 
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15. The dissolution of amorphous silica in water can be written: 

Si02(am) + 2H20 = H4Si04' 

According to Millero (1982), d Vro = -8.7 cm3/mol and dKro = -2.6 x 10-3 cm3/mol bar for this reaction. 
(a) Assuming that d V,c is independent of pressure and given that K,p = 1.95 x 10-3 at 25T and I bar pres

sure, calculate Ksp at 500 and 1000 bars pressure. 
(b) Millero (1982) plots the empirical solubility measurements for Si02(am) at 25°C as a function of pres

sure. The plot indicates that at 500 and 1000 bars pressure, the solubility is 18% and 35% higher than 
at I bar pressure. Taking the isothermal compressibility into account, compute K,p at 500 and 1000 bars. 
Compare your results to those computed in part (a) and to the pressure effect suggested by Millero's 
plot. Discuss any differences. 

CHAPTER 1 APPENDIX 

Following are the temperature functions for some equilibrium constants at 1 bar pressure below 
1000e and at H20 vapor-liquid saturation pressures above 1000 e (Table A 1.1), and equilibrium con
stants and enthalpies of selected reactions at 25°e and 1 bar pressure (Table A 1.2). 



TABLE A1.1 Temperature (K) functions for some equilibrium constants at 1 bar pressure below 100°C and at H20 vapor-liquid saturation pressures 
above 100°C 

c e 

K" 
log Kr = a + bT + ~ + d tog lOT + r. log Kat T T -

298.15 K range 
Substance n a b c d e (25°C) (0C) Source 

H2O -283.9710 -0.05069842 13323.00 102.24447 -1119669 -14.000 0-200 

H3B03 -255.3651 -0.03862042 14896.21 89.01867 -1119669 -9.242 0-200 2 
(boric acid) 

H2C03 -356.3094 -0.06091964 21834.37 126.8339 -1684915 -6.352 0-250 3 
(carbonic acid) 

H2C03 2 -107.8871 -0.03252849 5151.79 38.92561 -563713.9 -10.329 0-250 3 

CO2 108.3865 0.01985076 -6919.53 -40.45154 669365 -1.468 0-250 3 
(Henry's law) 

HN03 -832.5472 -0.119 50736.3499 297.4825 -3275558.33 1.396 0-300 4 
(nitric acid) 

HNOz -380.4716 -0.0635 21024.1734 137.9557 -1388701.86 -3.148 0-300 5 
(nitrous acid) 

NHt -2.797 .006358 -975.9 -1.141 -199500 -9.242 0-300 6 
(ammonium ion) 

H.Si04 -624.921 -0.09761 33632.7 224.623 -2171000 -9.826 0-300 4 
(orthosilicic acid) 

H4Si04 2 8.424 -0.02196 -4465.2 -13.100 0-300 7 

H3P04 4.5535 -0.013486 -799.31 -2.148 0-300 4 
(orthophosphoric acid) 

H3P04 2 5.3541 -0.01984 -1979.5 -7.200 0-300 4 

Co) 
UI 
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TABLE A1.1 (continued) 

c e 

K" 
log KT = a + bT+ - + d log lOT + -;:; log K at T T 1-

298.15 K range 
Substance n a b c d e (25°C) eC) Source 

H2S -32.55 -0.02722 -1519.44 15.672 -6.983 0-300 8 
(hydrogen sulfide) 

H2SP3 -541.5804 -0.0838 32191.9934 194.2305 -2009986.85 -0.593 0-300 5 
(thiosulfuric acid) 

H2S20 3 2 -1730.6936 -0.2362 105766.2837 614.9098 -6837046.11 -1.733 0-300 5 

H2S03 -1262.6927 -0.1794 77739.3993 449.3378 -5181506.81 -1.873 0-300 5 
(sulfurous acid) 

H2S03 2 -1910.071 -0.2581 115644.769 677.7901 -7578788.5 -7.259 0-300 5 

H2SO4 2 -854.2056 -0.1309 50019.7772 306.4789 -3098920.52 -1.965 0-300 4 
(sulfuric acid) 

HF -2.033 0.012645 429.01 3.18 0-100 
(hydrofluoric acid) 

HCIO -564.1484 -0.0862 31799.3262 201.7785 -2100605.68 -7.536 0-300 5 
(hypochlorous acid) 

HC102 -672.9805 -0.0987 40612.7057 239.9064 -2612786.88 -1.952 0-300 5 
(chlorous acid) 

H2Cr04 2 -1819.2811 -0.247 110026.4085 646.0095 -7211873.02 -6.515 0-300 5 
(chromic acid) 

H,As03 -459.1769 -0.0732 24684.7051 164.8478 -1687780.5 -9.290 0-300 5 
(arsenious acid) 
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K" 

c e 
log KT = a + bT + l' + d log lOT + T2 log Kat T 

298.15 K range 
Substance n a b c d e (2YC) (0C) Source 

H3As04 -534.3496 -0.0826 31240.5266 191.7448 -2001838.69 -2.255 0·-300 5 
(arsenic acid) 

H3As04 2 -1395.4222 --0.1956 82683,1875 497,0172 -5364516.32 -6.931 0-300 5 

H2Se03 -553.0896 -0.0855 32151.2938 198.4306 -2046559.24 -2.765 0-300 5 
(selenious acid) 

H2SeO) 2 -1677.3859 -0.229 100856.6346 595.5211 -6640817.56 -8.515 0-300 5 

H2Se04 2 -1680.5823 -0.2294 102759.7564 597.2403 -6684221.24 -1.684 0-300 5 
(selenic acid) 

H6Te06 -497.955 -0.0772 27622.6829 178.6103 -1893918.66 -7.671 0-300 5 
(orthotelluric acid) 

HoTeOn 2 -1442.9657 -0.2015 84031.7106 514.5146 -5593344.29 -10.988 0-300 5 

HIO, -482.4423 -0.0765 27908.0585 174.2042 -1797340.39 -0.809 0-300 5 
(iodic acid) 

HCOOH -)47.0803 -0.0842 31649.6009 196.1681 -2055792 -3.753 0-300 5 
(formic acid) 

CH3COOH 10.5850 -0.0372 -11175.3188 7.1388 1386117.6836 -4.731 0-300 5 
(acetic acid) 

HOOC-COOH -15.44 0.05616 13220 -12.39 -1443000 -1.247 0-45 9 
(oxalic acid) 

HOOC-COOH 2 6.5007 -0.00295 -1423.8 -4.266 0-50 9 

... ... 



it TABLE AU (continued) 

c e 

Kn 
log KT = a + bT+ T+ dlog IOT+]'2 log Kat T 

298.15 K range 
Substance n a b c d e (25°C) (0C) Source 

CH3CH2COOH 1 -490.8356 -0.0766 28233.9044 175.7014 -1835460.0845 -4.863 0--300 5 
(propionic acid) 

CH3(CHzhCOOH 2.6215 -0.013334 -1033.39 -4.820 0--60 10 
(n-butyric acid) 

CaHCOr d 1209.120 0.31294 -34765.05 -478.782 1.106 0--90 3 

MgHCOj d -59.215 2537.455 20.92298 1.07 0--50 II 

SrHCOr d -3.248 0.014867 l.I8 5-80 12 

BaHCOr d -3.0938 0.013669 0.982 5-80 13 

CaCO~ d -1228.732 -0.299444 35512.75 485.818 3.224 0--90 3 

MgCO~ d 0.9910 0.00667 2.98 0--50 14 

srCo~ d -1.019 0.012826 2.81 5-80 12 

BaC03 d 0.113 0.008721 2.71 5-80 13 

CaC03 sp -171.9065 -0.077993 2839.319 71.595· -8.480 0--90 3 
(calcite) 

CaC03 sp -171.9773 -0.077993 2903.293 71.595 -8.336 0--90 3 
(aragonite) 

srCo3 sp 155.0305 -7239.594 -56.58638 -9.271 0--90 12 
(strontianite) 



TABLE A1.1 (continued) 

c e 

Kn 
log Kr = a + bT + - + d log lOT + 1- log Kat T T -

298.15 K range 
Substance n a b c d e (25°C) (OC) Source 

BaC03 sp 607.642 0.121098 -20011.25 -236.4948 -8.562 0-90 13 
(witherite) 

CaS04 sp 197.52 -8669.8 -69.835 -4.361 25-56 15 
(anhydrite) 

CaS04 sp 87.805 -3210.8 -32.8461 -4.24 70-150 15 
(anhydrite) 

CaS04· 2H20 sp 68.2401 -3221.51 -25.0627 -4.581 25-90 15 
(gypsum) 

BaS04 sp 136.035 -7680.41 -48.595 -9.970 22-280 15 
(barite) 

SrS04 sp 137.555 -6530.75 -49.419 -6.633 25-100 15 
(celestite) 

PbS04 sp 0.0725 -0.0151 127.0938 -0.1472 - 303524.2964 -7.782 0-60 16 
(anglesite) 

RaS04 sp 137.98 -8346.87 -48.595 -10.261 17 

FeS04· 7H20 sp 1.447 -0.004153 -214949 -2.209 22-280 18 
(melanterite) 

CaF2 sp 66.348 -4298.2 -25.271 -10.60 0-350 
(fluorite) 

AIOH2+ -38.253 -656.27 14.327 -5.00 19 

AIOH! 2 88.500 -9391.6 -27.121 -10.1 19 
~ w 
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K" 

c e 
log Kr = a + bT + - + d log lOT + -, 

T T-

Substance n a b c d 

AIOH3' 3 226.374 -18247.8 -14.865 

AIOH, 4 51.578 -11168.9 -14.865 

SiOz sp 1.8814 -0.002028 -1560.46 
(quartz) 

Si02 sp -0.09 -1032 
(chalcedony) 

Si02 sp 0.338037 -0.00078896 -840.075 
(amorphous) 

Mg3Si2OS(OH)4 13.248 10217.1 -6.1894 
(chrysoti Ie) 

log Kat 
298.15 K 

e (25°C) 

-16.9 

-22.7 

-3.96 

-3.55 

-2.71 

32.20 

T 
range 
eC) 

50-300 

50-250 

25-200 

Source 

19 

19 

20 

20 

20 

21 

Note: Sources 4,5,8.9, and 16 repon empirical log K values measured at different temperatures. R. Schmiermund employed Sigma-Plot (Jandell Scientific. Sausalito. CA) and a least
sum-of-squares curve-fitting routine to generate functions of the general form used in this table from the empirical data. 

First (K,) and second (K2) stepwise acid dissociation constants (indicated by I and 2 in the "K,," column. respectively) are for the following general reactions and dissociation constant 
expressions for the acid HnA: 

HnA ~ H+ + H,._, A-
[Wj [Hn_,A-] K - -~---------~ 

, - [HnAI 
Hn_1A- +=! H+ + H

II
_ 2A

2-. 
[WI [H,._2A2-1 

K,=-·-----
- [H,,_,A-] 

The "d" in the "Kn" column indicates that K values are for the ion pair dissociation reactions. 

Solubility products (indicated by "sp" in the "K,," column) are of the form Ksp = [MI"[LI" for the salt M"L" in equilibrium aqueous species M and L. except as noted in source 20. 



~ 

Sources: 
INordstrom et al. (1990) and references cited therein. The function for log K. gives 
log K. values that agree with those measured by Sweeton et al. (1974), and those model
predicted by Tanger and Helgeson (1988), to within ±0.005 units up to 100°C and 
±0.007 units from 100 to 200°C. 

2The function has been obtained by combining the temperature function given by Mes
mer et al. (1972) and the K.(H20) temperature function from Nordstrom et al. (1990) 
gi ven in this table. 

'Plummer and Busenberg (1982). The Henry's law constant (Keo) for CO2 is of the form: 
Keo. = [HzCOj'jIPeo•· . 

'Parameters and K values for 25°C were obtained by fitting experimental log Kr data 
from various sources as provided by Smith et al. (1986, Tables I and 7). 

5Parameters and K values at 25°C were obtained by fitting calculated values provided by 
Smith et al. (1986, Table 7), which were themselves obtained using the equation of 
Helgeson (1967, 1%9). 

"TIte temperature function for NH" has been obtained by fitting values given by Henley 
(1984). which were apparently derived from Hitch and Mesmer (1976). 

7Baes and Mesmer (1976) for the value at 2SOC only. The slope of the function above 25°C 
is from Volosov et al. (1972). 

8Barberro et al. (1982). See also Hersey et al. (1988). 
9KI data for oxalic acid is from Robinson and Stokes (1959). The Kz value for 25°C is 
from McAuley and Nancollas (1961). The temperature function for K2 has been obtained 
by titting measured values reported by McAuley and Nancollas (op. cit.). 

JOHarned and Owen (1958). 
IISiebert and Hostetler (1977a). 
12Busenberg et al. (1984). 
IlBusenberg and Plummer (1986). 
14Siebert and Hostetler (1977b). 
15Langmuir and Melchior (1985). Ksp(gypsum) = K,p(anhydrite) = 10-164 at 56°C. Anhy

drite is metastable below about 56°C at unit activity of water. 
16Parameters and K values for 25°C were obtained by fitting experimental log K,p data 

given by Paige et al. (1992). 
17Langmuir and Riese (1985). 
18Reardon and Beckie (1987). 
I~he temperature functions are from Nordstrom and May (1989). K values are for reac

tions written in the form: All+ + nH20 = AI(OH)~-" + nH-. Values in the "K,," column 
are successive n values in this reaction. See also Pokrovskii and Helgeson (1995) for 
stability constants up to 250-350°C. 

zOKsp values are for the dissolution reaction written in the form: Si02 + 2H20 ~ H4SiO%. 
The Ksp function for chalcedony is from Nordstrom et al. (1990). The Ksp functions for 
quartz and amorphous silica are from Rimstidt and Barnes (1980). 

21Nordstrom et al. (1990). The K value is Keq for the dissolution reaction written: 
Mg,Siz0 5(OH)4 + 6W = 3Mg2+ + 2H4SiO~ + H20. 
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TABLE A1.2 Equilibrium constants and enthalpies of selected reactions at 25°C and 1 bar pressure 

I Fluoride and Chloride Species 

bRo 
r bRo 

r 
Reaction (kcal/moJ) logK Reaction (kcallmol) JogK 

H+ + P- = HFo 3.18 3.18 AJ3+ + F- = AlF2+ 1.06 7.0 

W+2F-=HFi 4.55 3.76 AJ3+ + 2F- = AIF! 1.98 12.7 
Na+ + F- = NaFo -0.24 A13+ + 3F- = AlF)' 2.16 16.8 
Ca2+ + F- = CaP 4.12 0.94 A13+ + 4F- = AlE, 2.20 19.4 
Mg2+ + F- = MgP 3.2 1.82 AJ3+ + 5F- == AlFg- 1.84 20.6 

Mn2+ + P- == MnP 0.84 A13+ + 6F- = AIF~- -1.67 20.6 
Fe2+ + F- = FeP 1.0 
Fe3+ + F- == FeF2+ 2.7 6.2 Si(OH)4 + 4W + 6F- -16.26 30.18 
Fe3+ + 2F- = FeF! 4.8 10.8 = SiFg- + 4HzO 
Fe3+ + 3F- == FeF3 5.4 14.0 Fe2+ + Cl- = FeCI+ 0.14 
Mn2+ + Cl- = MnCI+ 0.61 Fe3+ + Cl- == FeCI2+ 5.6 1.48 
Mn2+ + 2Cl- = MnCI2' 0.25 Fe3+ + 2Cl- == FeC)2+ 2.13 
Mn2+ + 3CI- = MnCI)" -0.31 Fe3+ + 3Cl- == FeCI), 1.13 

Mineral Reaction bR~ (kcal/mol) log K 

Cryolite Na3AIF6 == 3Na+ + AJ3+ + 6F- 9.09 -33.84 
Fluorite CaF2 = Ca2+ + 2F- 4.69 -10.6 

Redox potentials bR~ (kcal/mol) EO (volts) log K 

Fe2+ == Fe3+ + e- 9.68 -D.770 -13.02 
Mn2+ == Mn3+ + e- 25.8 -1.51 -25.51 
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TABLE A1.2 (continued) 

Reaction 

H20 = H+ + OH-
Li+ + H20 = LiOW + W 
Na+ + H20 = NaOHo + H+ 
K+ + H20 = KOHo + H+ 
Ca2+ + H20 = CaOW + H+ 
Mgz+ + H20 = MgOH+ + H+ 
Srz+ + H20 = SrOH+ + H+ 
Baz+ + H20 = BaOH+ + H+ 
Raz+ + H20 = RaOH+ + H+ 
Fe2+ + HzO = FeOH+ + H+ 
Mnz+ + H20 = MnOH+ + H+ 

Mineral 

Portlandite 
Brucite 
Pyrolusite 
Hausmanite 
Manganite 
Pyrochroite 
Gibbsite (crystalline) 
Gibbsite (microcrystalline) 
AI(OHh (amorphous) 
Goethite 
Ferrihydrite (amorphous 

to microcrystalline) 

II Oxide and Hydroxide Species 

Mlo 
r 

Mio 
r 

(kcaVmol) log K Reaction (kcal/mol) 

13.362 -14.000 Fe3+ + H20 = FeOHz+ +H+ 10.4 
0.0 -13.64 Fe3+ + 2H20 = Fe(OH)! + 2Ht 17.1 
0.0 -14.18 Fe3+ + 3HzO = Fe(OH)J + 3H+ 24.8 

-14.46 Fe3+ + 4H20 = Fe(OH):;- + 4Ht 31.9 
-12.78 2Fe3+ + 2H20 = Fe2(OHW + 2W 13.5 
-11.44 3Fe3+ + 4HzO = Fe3(OH)3+ + 4W 14.3 
-13.29 AP+ + H20 = AIOH2+ + H+ 11.49 
-13.47 AP+ + 2H20 = AI(OH)2+ + 2W 26.90 
-13.49 AP+ + 3H20 = AI(OH)3' + 3W 39.89 

13.2 -9.5 AP+ + 4H20 = AI(OH)4 + 4W 42.30 
14.4 -10.59 

Reaction Mi~ (kcal/mol) 

Ca(OH}z + 2W = Ca2+ + 2H20 
Mg(OHh + 2W = Mg2+ + 2H20 
Mn02 + 4H+ + 2e- = Mnz+ + 2HzO 
Mn304 + 8H+ + 2e- = 3Mnz+ + 4H30 
MnOOH + 3H+ + e- = Mn2+ + 2H20 
Mn(OH)2 + 2W = Mn2+ + 2H20 
AI(OHh + 3W = A13+ + 3HzO 
AI(OH)3 + 3W = AP+ + 3HzO 
AI(OHh + 3W = AP+ + 3H20 
FeOOH + 3W = Fe3+ + 2H20 
Fe(OH)3 + 3W = Fe3+ + 3HzO 

-31.0 
-27.1 
-65.11 

-100.64 

-22.8 
(-24.5) 
(-26.5) 
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10gK 

-2.19 
-5.67 

-12.56 
-21.6 

-2.95 
-6.3 
-5.00 

-10.1 
-16.9 
-22.7 

log K 

22.8 
16.84 
41.38 
61.03 
25.34 
\5.2 
8.11 
9.35 

10.8 
-1.0 

3.0 to 5.0 
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TABLE A1.2 (continued) 

Reaction 

COz(g) = CO2(aq) 

COz(aq) + H20 = W + HCO:J 
HCOj = W + CO~-
Ca2+ + HC03 = CaHCOr 

Mg2+ + HCOj" = MgHCOr 

Sr2+ + HCOj" = SrHCO! 

Ba2+ + HCOj" = BaHCO! 

Mn2+ + HCOj = MnHCOr 

Fe2+ + HCOj = FeHCOr 

/),}f0 
r 

(kcal/mol) 

-4.776 

2.177 

3.561 

2.69 

0.79 

6.05 

5.56 

III Carbonate Species 

logK Reaction 

-1.468 Ca2+ + CO?- = CaC03° 

-6.352 Mg2+ + CO~- = MgC03' 

-10.329 Sr2+ + CO~- = srC03' 

1.106 Ba2+ + CO~- = BaC03' 

1.07 Mn2+ + CO~- = MnC03' 

1.18 Fe2+ + COj- = FeC03' 

0.982 Na+ + CO~- = NaCO:l 
1.95 Na+ + HC03" = NaHC03" 
2.0 Ra2+ + COl- = RaC03' 

/),}f~ 
(kcal/mol) log K 

3.545 3.224 

2.713 2.98 

5.22 2.81 

3.55 2.71 

4.90 

4.38 

8.91 1.27 

-0.25 

1.07 2.5 

Mineral Reaction /),}f~ (kcal/mol) log K 

Calcite 

Aragonite 
Dolomite (ordered) 

Dolomite (disordered) 

Strontianite 

Siderite (crystalline) 

Siderite (precipitated) 

Witherite 

CaC03 = Ca2+ + COj

CaC03 = Ca2+ + CO~-
CaMg(C03h = Ca2+ + Mg2+ + 2C05-

CaMg(C03h = Ca2+ + Mg2+ + 2C05-

SrC03 = Sr2+ + COCOj-

FeC03 = Fe2+ + COj-

FeC03 = Fe2+ + COj-

BaC03 = Ba2+ + COj-

-2.297 

-2.589 
-9.436 

-11.09 

-D.40 

-2.48 

Rhodocrosite (crystalline) 

Rhodocrosite (synthetic) 

MnC03 = Mn2+ + COj-

MnC03 = Mn2+ + CO~-

0.703 

-1.43 

IV Silicate Species 

/),}f0 
r 

Reaction (kcal/mol) log K Reaction 

Si(OH)4' = SiO(OH)3" + W 6.12 -9.83 

Mineral 

Kaolinite 

Chrysotile 

Sepiolite 

Kerolite 

Quartz 

Chalcedony 

Amorphous silica 

Reaction 

AI2Si20 5(OH)4 + 6W = 2A13+ + 2Si(OH)4' + H20 

Mg3Si20 5(OH)4 + 6W = 3Mg2+ + 2Si(OH)4' + H20 

Mg2Si30 7.5(OH) . 3H20 + 4W + 0.5H20 = 2Mg2+ + 3Si(OH)4' 

Mg3Si40 IO(OHh . H20 + 6W + 3H20 = 3Mg2+ + 4Si(OH)4' 

Si02 + 2H20 = Si(OH)4' 

Si02 + 2H20 = Si(OH)4' 
Si02 + 2H20 = Si(OH)4' 

-8.480 

-8.336 
-17.09 

-16.54 

-9.271 

-10.89 

-10.45 

-8.562 

-11.13 

-10.39 

/),}f0 
r 

(kcal/mol) log K 

17.6 -23.0 

/),}f0 
r 

(kcal/mol) log K 

-35.3 7.435 

-46.8 32.20 

-10.7 15.76 

25.79 

5.99 -3.98 

4.72 -3.55 

3.34 -2.71 
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rABLE A1.2 (continued) 

V Sulfate Species 

()'H~ l1H,o 
Reaction (kcallmol) logK Reaction (kcallmol) logK 

W + SO~- = HS04 3.85 1.988 Mn2+ + SOl- = MnSO~ 3.37 2.25 

Li+ + S01- = LiSO;; 0.64 Fe2+ + SO} . = FeSO~ 3.23 2.25 

Na+ + S03 = NaSO,; 1.12 0.70 Fe2+ + HSO,j" = FeHSOl 1.08 

K+ + SO~- = KS04 2.25 0.85 Fe1+ + S01- = FeSO! 3.91 4.04 

Ca2• + S01- = CaSO% 1.65 2.30 Fe3+ + 2s01- = Fe(S04)] 4.60 5.38 

Mg2+ + SOl- = MgSO% 4.55 2.37 Fe>+ + HSO,j"= FeHS01+ 2.48 

Sr2+ + SOa- = SrSO% 2.08 2.29 AP+ + SOl- = AlSO! 2.15 3.02 

Ba2+ + SOa- = BaSO~ 2.7 AI>+ + 2S0J- = AI(S04)i 2.84 4.92 

Rah + SO} = RaSO% 1.3 2.75 AJ3+ + HSO;;= AIHS01+ 0.46 

I1HO , 
Mineral Reaction (kcallmol) logK 

Gypsum CaS04 . 2H20 = Ca2+ + S01- + 2H2O -0.109 -4.58 

Anhydrite CaS04 = Ca2+ + SOi- -1.71 -4.36 

Celestite SrS04 = Sr2+ + SO~- -1.037 -<i.63 

Barite BaS04 = Ba2+ + SOi- 6.35 -9.97 

Radium sulfate RaS04 = Ra2+ + SOa- 9.40 -10.26 

Melanterite FeS04 · 7H20 = Fe2+ + SOl- + 7HP 4.91 -2.209 

Alunite KAI3(S04MOH)6 + 6W = K+ + 3AJ3+ + 2S0i- + 6H2O -50.25 -1.4 

Source: Reprinted with permission from Nordstrom ct al. Chemical Modeling of Aqueous Sysrems II. © 1990American Chemical Society. 
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Chemical Kinetics 

2.1 CHEMICAL EQUILIBRIUM AND CHEMICAL KINETIC CONCEPTS 

We will study the reactions that occur in gas/water/rock systems, so that we may understand, model, 
and predict them. The state of reactions can be described in terms of concepts of equilibrium or kinet
ics. Equilibrium models describe boundary conditions defined by assuming attainment of equilib
rium. They give no information regarding the pathways or time it takes to reach equilibrium. Kinetic 
models may describe reaction pathways toward equilibrium and reaction position and times along 
those pathways. Overall reactions provide no detailed kinetic information, although the magnitude 
and sign of the reaction free energy indicates the tendency for a reaction to proceed in a particular 
direction. 

Several key questions must be answered initially in a study of reaction chemistry. First, is the 
reaction sufficiently fast and reversible so that it can be regarded as chemical-equilibrium controlled? 
Second, is the reaction homogeneous (occurring wholly within a gas or liquid phase) or heteroge
neous (involving reactants or products in a gas and a liquid, or liquid and a solid phase)? Slow re
versible, irreversible, and heterogeneous (often slow) reactions are those most likely to require in
terpretation using kinetic models. Third, is there a useful volume of the water-rock system in which 
chemical equilibrium can be assumed to have been attained for many possible reactions? This may 
be called the local equilibrium assumption. 

The following example should serve to illustrate some of these ideas. We will assume an ele
mentary first-order reaction: 

A~B (2.1) 

(see kinetic discussion below). In general, rates of the forward reaction (rate +) and reverse reaction 
(rate -) are given by 

rate + = k+ (A), and rate - = L (B) (2.2) 

Here and later in this chapter the parentheses denote concentrations of the enclosed species. In (2.2), 
k+ and k_ are proportionality constants and are termed the forward (A ~ B) and reverse (B ~ A) re-

50 



Sec. 2.1 Chemical Equilibrium and Chemical Kinetic Concepts 51 

action rate constants. The overall rate, R, equals (rate +) - (rate -). At equilibrium the forward and 
reverse rates are equal so that these expressions may be combined to give 

k+ (A) = k_ (B) (2.3) 

The equilibrium constant (Keq) then equals 

(2.4) 

Remember that at equilibrium, not only are forward and reverse reaction rates equal, but also 
I1Gr = O. 

In a system that is open and its volume (V) completely mixed, with the amounts of substances 
supplied or removed per unit time equal, we may write 

(2.5) 

where tN is the residence time of the water, and Q is the volume rate of flow. For our example it can 
be shown that 

In 2 0.693 
tl/2 = -- = ---

k+ k+ 
(2.6) 

(see Table 2.2 in Section 2.3) where tl/2 is the half-life or half-time of the reaction (the time it takes 
for half of A to go to B, assuming that initially B = 0). If the initial concentration of B = 0, we can 
also show: 

(A) 1 tll2 
--=--+----
(B) Keq 0.693 tN 

(2.7) 

When tN » tl/2 the last term vanishes, we are left with the expression for Keq, and equilibrium con
cepts can be used (cf. Hoffman, 1981; Stumm and Morgan 1981). Conversely, when tR « tl/2 for a 
particular reaction, then kinetic concepts are necessary to explain the state of that reaction. 

The dissolved species composition of most deep, confined groundwater and of some deep un
confined groundwater may remain constant for periods of years or even thousands of years. Such 
constancy suggests that reactions involving those species have come to thermodynamic equilibrium. 
When this is the case, the water/rock system involved can be considered a closed system with re
spect to those species and their controlling reactions in a thermodynamic sense (the system is open 
to the flow of energy, but closed to the flow of matter; remember that equilibrium is the time-invari
ant state of a closed system). For these conditions equilibrium concepts can be used to explain con
centrations of the aqueous species involved. 

Most geologic formations are comprised of variable amounts of minerals that are thermody
namically stable at low temperatures, such as quartz, calcite, and ferric oxyhydroxides, along with 
minerals that formed at high temperatures, such as the olivines and pyroxenes and calcic feldspars. 
These high-temperature phases are thermodynamically unstable in most low-temperature weather
ing environments and so rarely equilibrate with the water. (See Chap. 7.) Groundwaters in such sys
tems may equilibrate with low-temperature secondary minerals that have formed by breakdown of 
the high-temperature phases. 

In some shallow confined or unconfined water/rock systems, and in large surface-water bod
ies, the chemistry may appear constant in time without the attainment of equilibrium. Such systems 
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Atmosphere 

dnA ! t Phase transfer 

Water Volume V 

Flu x in (A) = "A Flux out -- V --dll A dnA 

Chemical reaction: A = B 

dnA ! 1 Phase transfer 

Solid phases 

Figure 2.1 Schematic representation of an open groundwater system and a reaction A = 
B occurring in the aqueous phase, with a flux in A of dnA taking place between the atmo
sphere, aqueous, and solid phases. (A) is the concentration of A, nA the number of moles of 
A, and Vthe volume of the aqueous phase. After Langmuir and Mahoney (1985). Reprinted 
from the National Water Well Assoc. Used by permission. 

Chap. 2 

may be described as open in a thermodynamic sense (open to the flow of both energy and matter). 
Their constancy would then be described as reflecting steady-state conditions. 

Figure 2.1 depicts schematically how such concepts apply for a reaction A = B occurring in a 
volume of water in contact with both gas and solid phases. The volume of water and its temperature 
and pressure must be constant. For equilibrium concepts to apply to reaction A = B, the total fluxes 
of A (utnA) and of B (utnB) must equal zero. The number of moles of A (nA) and of B (nB) must be 
constant and homogeneously distributed throughout the water. Given that the initial concentration 
of A is (A)o and assuming that the concentration of B is zero to start, we find (B) = (A)o - (A). For 
equilibrium conditions where Keq = (B)/(A), we obtain (A) = (A)J(l + Keq ). 

The mathematical description of a steady-state (also called stationary-state) open system in 
which the concentrations of A and B are governed instead by reaction rates is far more complicated. 
A simplified approach to such a system has been described by Stumm and Morgan (1981) (see also 
Morel and Hering 1993) and will only be highlighted here. The status ofreactionA= B now depends 
on rates of the forward and reverse reactions, which, in the simplest case (assuming the rates are ele
mentary, as discussed in Section 2.2), are described by the rate constants k+ and k_, respectively, thus 

(2.8) 
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where R, and R_ are rates of forward and reverse reactions. The rate constants themselves are func
tions of temperature and pressure. The time rates of change of (A) and (B) are 

and 

d(A)/df = -kj(A) + UB) 

d(B)/dt = + k+(A)- UB) 

(2.9) 

(2.10) 

For the open system we must consider the material balance to the system of steady mole fluxes of A 
and B per unit volume, V. These fluxes can be designated rA and rH, where r == Q/V, and Q is again 
the overall volume rate of nux in units such as liters per second. In this context (A)o and (B)o are the 
inflow concentrations. For steady state, by definition d(A)/df == d(B)/dt::;:: 0, and inflow and outflow 
rates must be equal. Skipping several steps we tind that for steady-state conditions 

and 

(A) = rA+L[(,L\)o + (B)ol 

k, + k + r 

(B) == r B + kA~,L\)() +~B)ol 
k+ + L + r 

(2.11 ) 

(2.12) 

Obviously, the mathematics is considerably more cumbersome than was true of equilibrium condi
tions, requiring as it does both rate-constant data and flux information. We will say no more about 
steady-state conditions in this book. This discussion is intended only to suggest that we cannot as
sume equilibrium exists when a system exhibits constant composition over time, although the as
sumption will usually be correct, particularly when we are dealing with groundwaters having long 
residence times. 

Returning to our earlier discussion we can generalize by stating that when a reaction is re
versible and its rate is fast compared to the residence time of the aqueous system of interest (tR » 
t ll2 ) then equilibrium models may be used to describe the state of that reaction. When a reaction is 
irreversible, or its rate comparable to or slower than the system residence time (t1l2 ~ fR) a kinetic 
model is needed to describe the state of such a reaction. 

Regardless of the residence time of the aqueous system we are studying, there will always be 
some reactions fast enough to have attained equilibrium within it. There will also be other reactions 
that cannot or will not reach equilibrium within that system, regardless of the length of its residence 
time. In other words the typical system will be in partial equilihrium. We must be able to identify 
and distinguish among probable equilibrium and nonequilibrium reactions. Most geochemical com
puter models compare the chemical statc of a system to its hypothetical equilibrium statc. We should 
be able to examine the computer model output and, from our knowledge of rates, residence times, 
and the aqueous species and minerals involved, judge whether the apparent equilibrium computed 
for a particular reaction is even possible in the system under study. 

Let us now assume that the residence time of a system is equivalent to the period of time that 
the system behaves as a closed system thermodynamically. With this assumption it is useful to qual
itatively compare the residence times of different aqueous systems in the hydrosphere to the half
times of some example reactions and reaction types. This has been done schematically in Fig. 2.2. 
In essence, as we examine the diagram, we can assume reactions are at equilibrium in waters whose 
residence times significantly exceed the half-times of reactions of interest. Note that the half-times 
of some solute-solute and solute-water reactions (these include some complexation and acid-base re
actions Isee Chaps. 3 and 5]) are shorter than the "residence times" of raindrops and so can be as
sumed to be at equilibrium in rain. These are homogeneous reactions. However, the other types of 
reactions shown, including atmospheric gas exchange, which is heterogeneous, are too slow to have 
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Figure 2.2 Schematic comparison between the half-times of some reaction types (t,I2), 
and the residence times (tR) of some waters in the hydrosphere. After Langmuir and 
Mahoney (1985). Reprinted from the National Water Well Assoc. Used by permission. 
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attained true equilibrium with the rain. The oxygen and CO2 content of streams is often out of equi
librium with the atmosphere, consistent with the slow rates of the gas-exchange reactions relative to 
faster rates of processes that affect O2 and CO2 within streams. 

The adsorption and desorption of metals onto the surface-exposed sorption sites of clay parti
cles can approach equilibrium in seconds to minutes in well-mixed streamwaters. Similarly, the re
sponse of a pH electrode, which often stabilizes in a few seconds in stirred solutions, reflects the 
rapid rate of equilibration of aqueous protons with protons adsorbed on the hydrated surface of the 
glass electrode. 

Longer times described by the dashed portion of the adsorption-desorption line represent the 
slower rates of metal and ligand adsorption found in some laboratory experiments and observed in 
most soil and groundwater systems (cf. Jenne 1995). Adsorption of metal ions generally involves 
concurrent desorption of protons or other metals. When adsorbed metals are strongly surface-bound 
(see Chap. 10) both adsorption and desorption reactions may be slow and desorption partially irre
versible, requiring adsorption or desorption equilibration times that may approach 10 to 100 hours. 
Based on an analysis of published laboratory and field studies, Jenne (1995) concludes that metal 
adsorption and desorption reactions have initial fast and then slower reaction steps and are usually 
diffusion-rate limited. 

The rates of metal and ligand adsorption and desorption involving surface sites within rock 
matrix pores are also diffusion limited. Thus, when ions must diffuse into the matrix of rock form
ing the walls of a groundwater-filled fracture, or into sand or gravel-sized stream sediments before 
adsorption can begin, slow ion diffusion and counter ion diffusion processes will limit the rate of at
tainment of equilibrium. 

When concentrations of multivalent ions such as A13+ and Fe3+ slightly exceed their saturation 
levels with respect to precipitation of the metal oxyhydroxides because of a pH increase for exam
ple, the solids may nucleate and gradually precipitate. At low temperatures both processes tend to be 
slow, requiring hours to much longer times for precipitation to go to completion. 
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TABLE 2.1 General reaction types and example reactions at low temperatures 
and pressures, with approximate reaction half-times. 

Reaction type and cxamplet 

Solute-solute 
H2C03' = Ht + HCO:i" 

Solute-water 
COiaq) + H20 = H2CO) 
Cu2t + H20 = CuOH+ + H+ 
Fe(H20)i+ = Fe(H20W + H20 

Adsorption-desorption 
Cd2t + caX = Ca2t + CdX 

Gas-water or gas solution-exso/ution 
CO2(g) = COz(aq) 

Oxidation-reduction 

(acid-base) 

(hydration/hydrolysis) 
(hydrolysis/complexation) 
(hydrolysis/complexation) 

(X- 2 is the surface site) 

Fe2+ + !Oz(g) + ~H20 = Fe(OHh(ppt) + 2H+ 
Hydrolysis of multivalent ions 

AI" + .,(OH)3::'+ 2m + mH20 --7 (n + m)AI(OHh(s) + mW 
Mineral-water equilibria 

Ca2
+ + HC03" = CaC03 + H+ 

Isotopic exchange 
34S01- + H32S- = W4S- + 32S01-

Mineral recrystallization 
Fe(OHh' nH20(am) --7 a-FeOOH(goethite) + (n + I)HzO 

Radioactive decay 
14C --7 14N + e-

tNote: Other descriptions or explanations of the reactions are given parenthetically. 

Half-times 

_10 6 S 

-0.1 S 

_10- 10 s 
_10-7 S 

-s-hr 

-min 

min-hr 

hr-y 

week-y 

y 

y 

5570 Y 
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Mineral recrystallization from relatively amorphous initial precipitates to more crystalline 
forms and mineral-water equilibria that are heterogeneous reactions are among the slowest reactions 
to equilibrate. Only in some ocean environments, large lakes, or older groundwaters can such reac
tions be expected to have attained equilibrium, and then only when they involve minerals that are 
thermodynamically stable in low-temperature environments. 

To further illustrate the general concepts, Table 2.1 gives some examples of these and other re
action types and specific reactions with their reaction half-times. Ranges of reaction half-times have 
been given in this table where reaction rates in natural systems depend on other factors, such as 
changes in temperature, pH, or catalysis, or the involvement of micro-organisms. Mineral recrystal
lization and radioactive decay reactions have been written with arrows from reactants to products to 
emphasize that these reactions are irreversible; in other words, the reactants and products are inca
pable of equilibrating, regardless of system-residence time. Obviously then, the status of such reac
tions must always be described using kinetic models. 

So far we have limited discussion to general concepts of chemical kinetics and chemical equi
librium. In this section we will take a more quantitative look at chemical kinetics, starting with some 
important definitions and concepts. The reader who wishes a more in-depth treatment is referred to 
the works of Berner (1978, 1981 a), Hoffman (1981), Pankow and Morgan (1981), Lasaga (1981 a, 
1981 b), Helgeson et al. (1984), Stumm (1990), Morel and Herring (1993), and Lasaga et a1. (1994). 
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Compared to chemical equilibrium concepts, which have led to the quantitative understanding 
of chemistry in many environmental/ geochemical systems, chemical kinetic concepts are less sim
ply applied to natural systems. This is particularly true of reactions in surface environments that in
volve biological activity. General rate information for such reactions may be known, although large 
uncertainties can be expected in predicted behavior (cf. Bowie et al. 1985). 

The rates of reactions between minerals and groundwater are also difficult to predict because 
of their dependence on the surface characteristics of mineral grains, adsorbed trace substances on 
mineral surfaces, and often on the activities of organisms (Berner 1978). Laboratory rates of min
erai dissolution may be orders of magnitude faster than observed in nature because of enhanced re
activities of the laboratory-prepared mineral grains and the adsorption of dissolution-inhibiting trace 
species such as phosphate in the natural system. Other laboratory rates, such as that of Fe(Il) oxida
tion, are much slower than naturally observed oxidation rates when the latter are catalyzed by micro
organisms. 

A number of researchers have attempted to apply kinetic concepts and, in particular, the kinet
ics of mineral/precipitation/dissolution reactions to ground- or soil-water systems, or have compared 
the laboratory and field rates (cf. Claassen 1981; Paces 1983; Wanty et al. 1992; Swoboda-Colberg 
and Drever 1992; Stumm 1992). Rates of mineral solids/solution reactions are proportional to the 
surface area of reacting minerals in contact with the water. Comparison of laboratory and field rates 
has shown that they may agree within one or more orders of magnitude. However, our inability to 
measure the wetted surface areas of reacting minerals in aquifers or soils (cf. White and Peterson 
1990), or to account for complex mineral-surface effects, including catalysis in the natural systems, 
will probably preclude the rigorous application of kinetic concepts to groundwater studies. 

2.2 ELEMENTARY AND OVERALL REACTIONS 

In kinetics a fundamental distinction is made between elementary and overall reactions. An elemen
tary reaction describes an exact reaction mechanism or pathway. Three example elementary reac
tions are 

and 

W+OH-= H20 

COiaq) + OH- = HCO:l 

H4Si04 = Si02(quartz) + 2H20 

(2.13) 

(2.14) 

(2.15) 

The reactants and products of elementary reactions may be solids, ions, or molecular species, in
cluding gases, radicals, or free atoms. For example, the breakdown of ozone to oxygen, which is de
scribed by the overall reaction 203 ~ 30b probably involves the elementary reactions 

k+1 
0 3 ~ O2 +0, and (2.16) 

k_1 

As written, an overall reaction does not indicate the reaction mechanism or pathway. An example of 
an overall reaction is 

(2.17) 

Rates of overall reactions can be predicted only if the rates of component elementary reactions are 
known. Rates of elementary reactions are proportional to the concentrations of reactants. This may 
or may not be the case for overall reactions. 
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2.3 RATE LAWS 

For a hypothetical elementary reaction A =:: B, the rate of the forward reaction A ~ B is given by 
R. =:: dA/dt =:: kt(A); and the rate of the reverse reaction B ~ A by R_ =:: dB/dt =:: L(B), where k+ and 
k_ (both functions of temperature) are the rate constants for the forward and reverse reactions, and 
the parentheses enclose concentrations of the species A and B. Values of R+ and R_ can be positive 
or equal to zero. However, the differentials dA/dt and dB/dt may be positive or negative. Thus, if 
(B) =:: 0 at t =:: 0, (i.e., Bo =:: 0) then (A) decreases with time, dA/dt is negative, and R+ remains positive. 

For elementary reactions in generallsee Eq. (2.8)], we can write for the forward and reverse 
rates 

(2.18) 

reactants 

and (2.19) 

products 

where the A, terms and their exponents are the products of the concentrations of reactants and prod
ucts raised to the power of their stoichiometric coefficients. (vJ The latter are positive for products 
and negative for reactants. At chemical equilibrium R+ =:: R_ and we can write 

k+ IT r =:: Keg =:: (A)~'I 

reactants 
+ products 

(2.20) 

where Key is the equilibrium constant. For our simple elementary reaction A=:: B, this corresponds to 

k+ (A) 
K q =::------

e k_ (B) 
(2.21 ) 

Equations (2.20) and (2.21) relate the rate constants of elementary reactions to their equilibrium con
stants, and show that if Keq and a single rate constant are known, the second rate constant need not 
be measured. Rimstidt and Barnes (1980) used this relationship, called the principle of detailed bal
ancing, to obtain the rate constant for dissolution of several silica polymorphs (k+) given their em
pirical solubilities (Keq values) and the precipitation rate constant (kJ: (See Section 2.7.8.) 

The order of an elementary reaction is defined by the number of individual atoms or molecules 
involved in the reaction. The concept of overall reaction order can only be applied to single-term, 
simple, product rate equations such as 

R+ =:: k+ (AyA(B)liB(C)"C... (2.22) 

where the exponents are whole numbers. For example, the rate of the forward reaction: 

A+2B ~C (2.23) 

can be written 

d(C) 2 
- --- =:: k (A) (B) 

dt + 
(2.24) 

This reaction is first-order with respect to A and C, second-order in B, and third-order overall. Ben
son (1960), Gardiner (1972), and Lasaga (1981 a) discuss the rate expressions for third- and higher
order reactions. Such reactions are uncommon in natural systems and will not be considered here. 
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TABLE 2.2 Simple rate laws, their integrated forms, and 
expressions for reaction half-times (t'/2) for some simple 
reaction orders (cf. Gardiner 1972; Lasaga 1981a) 

Zeroth-order 

(A as reactant) 

d(~= _ k 
dt 

(A as product) 

d(A) = k 
dt 

First -order 

(A -t B) 

d(A) = _ kA 
dt 

(B ;:t A) 

d(A) = k(A. _ A) 
dt ., 

Second-order 

(2A -t B) 

d(A) = _ kA2 
dt 

(A+ B -t C) 

d(A) = _ k(A) (B) 
dt 

Integrated rate equation 

A=A,,-kt 

A=A,,+kt 

In A = In A" - kt 

In (A!... - A) = _ kt 
(A,. - A,,) 

I I 
-=--kt 
A A" 

Half-time 

+O.5AJk 

-O.5Ajk 

O.693/k 

Note; General reaction types or conditions that correspond to the differential 
rate equations are given parenthetically. Some reactions are irreversible 
(denoted by~) and others reversible (denoted by double arrows). Note that 
the rate constant, k is always positive. In the integrated rate expressions the 
concentration of A = Ao' at t = 0, and A = Aof2 at halt~time (tIll)' As denotes 
the equilibrium, mineral saturation or steady state concentration of species A. 

Chap. 2 

Table 2.2 is a summary of the differential and integrated forms of some simple rate laws. Also 
listed are expressions for the reaction half-times corresponding to several of the integrated rate ex
pressions. These are the times at which the concentration of a reactant is half its initial value. 

Differential rate equations are particularly useful when we wish to assess the rate of a specific 
reaction for different conditions, or to compare the rates of several reactions. However, an integrated 
rate equation is necessary if our goal is to determine concentrations of individual reactants at some 
time t. 

The rate constants of reactions without gaseous reactants have the following (or comparable) 
units: mol/cm s (zeroth-order), lis or S-I (first-order), and cm3/mol s (second-order). Shown in 
Fig. 2.3 for zeroth-, first-, and second-order reactions is the time-dependence of the concentration of 
a reactant A, and its linear and log rate of change with concentration. The appearance of the plots, 
and particularly the log rate versus log (A) plots, differs uniquely for each reaction order. This sug-
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Zeroth-order 

Time-

First-order 

Time-

Second-order 

Time-

-d (AJ 
Rate=--=k 

dt 

k 

(A)--

-d(A) 
Rate = --= k(A) 

dt 

(A)--

-d(A) 
Rate = --= k(A)2 

dt 

(A)-

log rate = log k 

t 
~ 
~ k--------------

log k 

log(A) --

log rate = log k + log(A) 

log(A) -

log rate = log k + 2 log(A) 

log(A) -

Figure 2.3 The general appearance of concentration time, rate concentration, and log 
rate-log concentration plots for simple rate laws involving reactant A. Reprinted from: 
Appelo, C. A. 1. & D. Postma, Geochemistry, groundwater and pollution. 1993.500 pp., 
Hfl.ISO/US$8S.00. Student edition: Hfl.90/US$SS.OO. Computer program: Hfl.7S/ 
US$4S.00. Please order from: A. A. Balkema, Old Post Road, Brookfield, Vermont 05036 
(telephone: 802-276-3162; telefax: 802-276-3837). The computer program is available di
rectly from A. A. Balkema, P.O. Box 1674, Rotterdam, Netherlands. 
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gests a general procedure for determining the rate law and rate constant for a specific reaction, which 
involves plotting the empirical rate versus concentration data in log format as shown in Fig. 2.3. 

Zeroth-order rates are proportional to k+ or k_, independent of the concentrations of reactants 
or products. The rates of solution of quartz and many other silicate minerals are zeroth-order (see 
Sections 2.7.8 and 2.7.9). 
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First-order rates are proportional to the concentrations of a reactant or product. An important 
example is radioactive decay (Section 2.7.2), which generally is irreversible and has only a forward 
rate and rate constant, for which 

(2.25) 

Integration yields: n = 110 exp( - k+t), where n and no are the total number of atoms present at t and 
t = O. The half-time of radioactive decay is defined by tll2 = 0.693/k+, where 11 = 0.5, and 110 = 1. Other 
examples of first-order reactions (see Section 2.7) are the oxidation of organic matter and sulfate re
duction, gypsum (CaS04 . 2H20) dissolution, and the oxidation of pyrite and marcasite (FeS2)' 

Second-order rates depend on the concentrations of two reactants or products, and are thus bi
molecular reactions. For example, the overall reaction of Fe2+ oxidation below pH 2.2 is 

Fe2+ + !02 + H+ = Fe3+ + !H20 (2.26) 

for which the differential rate expression based on experimental measurements is 

d(Fe(II» = _ k (F (II» P 
dt + e 0, (2.27) 

Clearly, the reaction order and form of the empirical rate law could not have been predicted from the 
overall reaction. If we hold Po, constant, for example assuming oxidation is in a turbulent, aerated 
stream, then the reaction is said to be pseudo first-order. Another example of a second-order rate is 
formation of the FeSOS complex (see Section 2.7.1). 

A complex composite rate law may describe the rate of an overall reaction as the sum of rates 
of its constituent elementary reactions. Such a rate law may be written for calcite dissolution and 
precipitation, for which the overall rate equals 

(2.28) 

(Plummer et al. 1979; and Section 2.7.6). The brackets denote activities of the enclosed species, 
which roughly equal their concentrations. (See Chap. 4.) The three positive terms on the right de
scribe the forward reaction rate. The final, negative term defines the reverse rate as the water ap
proaches saturation with respect to calcite. A graphic statement of the conditions of dominance of 
individual terms in this rate equation as a function of pH and P co, is given in Fig. 2.4. If we are con
cerned about the weathering of carbonate stone (limestone and marble monuments and buildings) by 
acid rain with a pH below 5, then this expression is reduced to simply R+ = k,rH+]. This term then 
describes the weathering process far from equilibrium with calcite. In air, the carbon dioxide pres
sure is about 0.0003 bar. In soils and groundwaters it rarely exceeds 0.1 bar. Thus the forward rate 
can usually be described by R+ = k, [H+] + k3[H20], where the first term dominates below about pH 5.7 
and the second at higher pH's. The activity of water in the k3 term can usually be assumed equal to 
unity and ignored. (See Section 2.7.7.) 

2.4 EFFECT OF TEMPERATURE ON REACTION RATES 

Reaction rates are observed to increase (half-times to decrease) with increasing temperature. The re
action rate constant can be related to T(K) through the Arrhenius expression 

(2.29) 
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Figure 2.4 Reaction mechanism contributions to the rate of calcite dissolution as a function of pH and 
Pen, at 25°C. Although H+, carbonic acid, and water reaction with calcite occur simultaneously through
out (far from equilibrium, as well as at equilibrium), the forward reaction is dominated by reaction with 
single species in the fields shown. More than one species contributes significantly to the forward rate in 
the stippled area. Along the lines labeled 1,2, and 3, the forward rate attributable to one species balances 
that of the other two. After Plummer et al. (1979). Reprinted with permission from Chemical modeling 
in aqueous systems, Am. Chern. Soc. Symp. 93. © 1979, American Chemical Society. 
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Or In k = In AF - E)RT. in which k is the rate constant, AF the "Au factor, relatively independent of 
T. and Ea is the activation energy, which is always positive (+). Differentiation of the above expres
sion and converting to common logs 

dlog k Ea = ----''--
dT 2.303 RT2 

(2.30) 

Note that this relationship is similar to the van't Hoff equation. If the Arrhenius expression is obeyed, 
then a plot of log k versus liT is a straight line, with a slope of -E)2.303 R. Such plots are shown in 
Figs. 2.5(a) and (b), which describe the effect of increasing temperature on the rates of dissolution 
of some silicate rocks and minerals. 

An often-quoted rule of thumb is that the rates of reactions roughly double for every 10°C in
crease in temperature. It is instructive to compute what activation energy would correspond to such 
a rate change. We will start by taking the logarithm of the Arrhenius expression. For temperatures TI 
and T2 this gives us 

and 

log kl = log AF - E/(2.303 RT1) 

log k2 = log AF - E)(2.303 RT2) 

(2.31) 

(2.32) 

Taking the difference we can eliminate the AF terms. Then combining the equations we obtain 

kl Ea [ 1 1 ] 
log k2 = 2.303 R T2 - TI (2.33) 

Notice the similarity of this expression and the integrated van't Hoff equation. We know that the re
action is twice as fast at T2 as at T1• Thus k2 = 2 x k I' Assuming that TI = 298.15 K, and T2 = 308.15 K, 
we can substitute into the last expression and solve for Ea to obtain Ea = 12.6 kcaVmol. 

The magnitude of Ea is, in fact, an important indicator of the reaction mechanism or process. 
This can be seen in the table below, much of which is based on Lasaga (1981 b). 

Reaction or process 

Physical adsorption 
Aqueous diffusion 
Cellular and life-related reactions 
Mineral dissolution or precipitation 
Mineral dissolution via surface reaction control 
Ion exchange 
Isotopic exchange in solution 
Solid-state diffusion in minerals at low temperatures 

Typical range 
of Ea values 
(kcal/mol) 

2 to 6 
<5 

5 to 20 
8 to 36 

10 to 20 
>20 

18 to 48 
20 to 120 

In general it is found that reactions that involve the least making and breaking of strong bonds have 
the lowest activation energies. Such reactions can proceed readily at low temperatures, and their rates 
are relatively independent of temperature. Having as it does the highest activation energies listed, 
solid-state diffusion is a very slow process at low temperatures. 

As shown in the table, aqueous diffusion-controlled reactions typically have activation 
energies of less than 5 to 6 keaVmol (Berner 1978; Rimstidt and Barnes 1980). Minerals dissolving 
and precipitating via surface reaction control usually have Ea values between 10 to 20 keal/mol 
(Lasaga 1981 b). Activation energies for solid-state diffusion in minerals at low temperature range 
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Elsevier Science Ltd, The Boulevard, Langford Lane, Kidlington OXS 1GB, U.K. 
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up to 120 kcal/mol, but are generally from 20 to 80 kcallmol. Apps (1983) found that alteration 
(hydration) of obsidian and basalt glasses by diffusion had activation energies of about 22 to 
23 kcal/mol. Lasaga (1981 b) points out that the bond-breaking and bond-making associated with sur
face reaction-controlled mineral dissolution and precipitation would be expected to have activation 
energies similar to those of solid-state diffusion. That the former are so low may reflect that 
chemisorption/desorption occurs prior to mineral precipitation or dissolution. In other words, the 
heat of chemisorption may reduce the activation energy required for surface-controlled mineral re
action. It is worth remembering that the activation energies for inorganic processes given above, are 
for reactions in the absence of catalysis, which can greatly alter reaction rates (cf. Hoffman 1990). 

2.5 MINERAL PRECIPITATION/DISSOLUTION REACTION KINETICS 

Although the empirical rate laws for a number of geochemically important overall reactions are 
known, only rarely do we know their component elementary reactions (i.e., the reaction mechanism). 
This is particularly true of heterogeneous reactions such as mineral precipitation/dissolution. There 
are several different types of processes that can control the rates of mineral precipitation and disso
lution. In moving groundwater these include mass transport, diffusion control, and surface-reaction 
control. Berner (1978, 1980, 1981 a) notes that silicates including quartz, amorphous silica, and 
feldspars, and calcite and apatite all dissolve according to surface-reaction control. On the other 
hand, the dissolution-rate mechanism of more soluble minerals such as gypsum and halite is usually 
transport-controlled. 

The mechanism of mineral dissolution/precipitation can, however, also depend on the rate of 
groundwater flow. Berner (1978) relates transport and surface-reaction rates in the expression 

(2.34) 

where dC/dt is the rate of change of concentration in a fixed volume of the system. R is the rate of 
dissolution (assuming first-order kinetics, R == k+l C, - C}); and kf is the flushing frequency (rate of 
flow/volume of system). C, is the saturation concentration of the species of interest. For steady-state 
conditions (when dC/dt == 0) we find 

and (2.35) 

At high-groundwater flow rates (kf » k+), these expressions reduce to C == k+C,Ikf , and R == k+Cs ' so 
that a maximum solution rate is reached, independent of flow rate. At the opposite extreme of slow 
groundwater flow (kf ~ 0), C == Cs ' and R == lyC,. Saturation is attained and the rate of dissolution is 
controlled by the groundwater flow rate. In other words, at high flow the dissolution rate is surface
reaction controlled. The slower process is rate limiting. 

The slowest transport-controlled dissolution/precipitation is that governed by aqueous diffu
sion. Diffusion rates can be estimated (cf. Bodek et al. 1988; Fetter 1988), thus we can estimate the 
lower limit of rates attributable to transport control. Berner (1978) suggests that the rate of diffusion
controlled dissolution (Rd ) is given by 

Rd = DpA(Cs - C)/r (2.36) 

where Rd is in mass/volume/time, D is the diffusion coefficient, p the porosity, A is the surface area 
of dissolving crystals per unit volume of solution, and r is the spherical radius of dissolving crystals. 
It is interesting to compare the rate of dissolution that can result from diffusion to the rate from sur-
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face reaction. As a convenient example, James and Lupton (1978) report that the dissolution rate of 
gypsum via surface reaction (Rsr) is given by 

(2.37) 

The ratio of the rates R,/R" then equals Dp/rk+. Diffusion coefficients of ions typically range from 
3 x 10-6 to 2 x 10-5 cm2/s (Lerman 1979). Assuming D = 10 6 cm2/s, a porosity of 0.2, crystal radius 
of 1 cm, and k+ = 2 X 10-4 crnls at 25°C (based on James and Lupton 1978), we find RJRsr = 1/1000. 
In other words R,,» Rd , and the slower rate, diffusion (a transport process), will control the disso
lution rate. 

2.6 ABSOLUTE RATE (TRANSITION STATE) THEORY AND THE 
ACTIVATED COMPLEX 

Considerable insight into reaction mechanisms has been derived from the concept of absolute-rate 
theory. The theory is based on two assumptions: first, that there is an energy maximum (barrier) be
tween products and reactants in a reaction, and that an activated complex exists at that maximum; 
and second, that chemical equilibrium always exists among reactants, products, and the activated 
complex, Ci. Thus for the reaction 

A + B <?- C! <?- AB (2.38) 

The equilibrium constant involving reactants A and B and the activated complex (see Fig. 2.6) is 

+ [C±] _ (C±) il-
K- = ---- - ------ (2.39) 

IAJ IB] (A) (B) 'YA'Y1l 

ACTIv ATED COMPLEX RELATIONSHIPS 
(TRANSITION STATE) 

Initial 
state 

ct 

Reaction coordinate 

AB 

Final 
state 

Figure 2.6 Schematic diagram of free-energy relationships for the reaction: A + B = c± = 
AB, where C± is the activated complex . .:1G; and .:1G~ are free energies of reactions A + B = 
C± and C± = AB. For the overall reaction A + B ::; AB • .:1G, = .:1G! - .:1G~. After Langmuir 
and Mahoney (1985). Reprinted from the National Water Well Assoc. Used by permission. 
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where the brackets and parentheses enclose the activities and concentrations of the species, respec
tively, andy±, YA' and Y8 are their respective activity coefficients. (See Chap. 4.) Transition state 
(TS) theory assumes that the reaction C± -.:! AB is spontaneous (fast), so that A + B -.:! C± is rate lim
iting. According to TS theory (Wadsworth 1979, Stone and Morgan 1990), the reaction rate R is then 
given by 

R = _ d(A) = _ d(B) = k8T (C±) 
dt dt h 

(2.40) 

where kB and h are Boltzmann and Planck constants. Eliminating (C±) in Eq. (2.40) by substitution 
of Eq. (2.39) leads to 

R = ~8T (YAY8)[(±(A) (B) 
h y± 

(2.41 ) 

But the rate also equals 

R = k(A) (B) (2.42) 

where k is the second-order rate constant. The right side of Eqs. (2.41) and (2.42) are equal, from 
which we find for the rate constant, k 

k = k~T (i'~B)[(± (2.43) 

The effect of ionic strength on the second-order rate constant may be obtained as follows. We 
define a specific rate constant ko, for conditions of infinite dilution when the activity coefficients 
equal unity, so that 

(2.44) 

and (2.45) 

Taking logs and rearranging gives 

log ~ = log (YAYB) 
ko y± 

(2.46) 

We assume applicability of the Debye-Htickellimiting law for computing the activity coefficients 

log Yi = - AzrVI (2.47) 

where Zi is the charge of species i, and I is the molal ionic strength. The charge of the activated com
plex, z± must equal the sum of ZA and ZB' Substituting, and expanding Eq. (2.46) gives 

log (:0) = - AVI [d + d - (ZA + Z8)2] 
(2.48) 

which reduces to 

(2.49) 
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Figure 2.7 The predicted effect of ionic strength on the second-order rate constant k, for 
different values of the product of valences of reactants A and B (i.e., ZAZB)' k = k" at J = O. 

67 

(Lasaga 1981 b). Substitution shows that if A and B have the same sign, k increases with ionic 
strength; if they are of opposite sign, k decreases with ionic strength. Eq. (2.49) is plotted in Fig. 2.7, 
which shows, for example, that at 1=6 x 10-3 m the rate of a second-order reaction involving diva
lent ions A and B is double its value in pure water. 

We next define a Gibbs free energy of activation, !lC± = - RT In K±. Substituting for J<.± in 
Eq. (2.44) yields 

k = ~bT exp (_~c;±) 
"h . RT 

(2.50) 

Or replacing the free energy with the corresponding enthalpy and entropy of activation we may write 

(2.51) 

Taking the logarithm gives 

(
kB) MI± !l5>i 

In k = In _. + In T ---+-
o h RT R 

(2.52) 

Assuming MI± and !lSi are independent of temperature, differentiating we obtain 

din ko 1 !lH± ----- = -- +_.-
dT T RT2 

(2.53) 
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But the Arrhenius relationship in differential form is 

din k~ = Ell 
dT RT2 

so we find 

E =RT+Mr-
" 

Chemical Kinetics Chap. 2 

(2.54) 

(2.55) 

Because the value of RT is less than 1 kcallmol up to about 500 K, this last expression reduces to 
Ea = /}}f±. We now have a tie-in between the empirical Arrhenius equation and transition-state the
ory and a way to evaluate the enthalpy of activation of a reaction. 

2.7 SOME KINETIC EXAMPLES OF GEOCHEMICAL INTEREST 

Following are some rate studies and models of geochemical interest. They have been chosen to il
lustrate the concepts presented in this chapter and to suggest where we are in the development and 
application of kinetic principles to low-temperature water/rock systems. 

There is reason to believe that such rate information for simple homogeneous reactions and for 
the least complex heterogeneous reactions, including mineral dissolution/precipitation, can be more 
usefully applied to studies of natural systems than has so far been the case. The laboratory rate data 
and theoretical models often do not apply directly to complex natural systems. However, they at least 
provide guidelines and direct our study toward a better understanding of natural rates. 

2.7.1 The FeSOt Complex 

Formation of the FeSOt complex is described by the elementary reaction 

k+ 
Fe3+ + S03- ;:! FeSOt 

k_ 

(Pagenkopf 1978), for which the forward reaction (second-order) rate function is 

R+ = d(Fe
3
+) = _ d(SOi-) = k+(Fe3+) (SOa-) 

dt dt 

(2.56) 

(2.57) 

In this expression k+ = 6.37 X 103 Vmol s at 25°C. The reverse reaction rate (first-order) is given by 
R_ = k_(FeSO!). The equilibrium constant is Keq = 205/mol, from which (because Keq = kJk_ and as
suming the principle of detailed balancing) we compute k_ = 31/s. Calculated rates and concentra
tions for this reaction as a function of time are given in Fig. 2.8. Note that the overall rate (Rnet in 
Fig. 2.8[b)) equals the difference (R+ - RJ. 

2.7.2 Radioactive Decay: The Example of 14C 

Radioactive decay is a first-order, usually irreversible reaction with a rate given by 

dn 
-= -k n 
dt + 

(2.58) 

which. upon integration, yields n = no exp( - k+t). where no and n are the total number of molecules 
present at t = 0 and t. The half time of radioactive decay is tl/2 = 0.693/k+. 
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Figure 2.8 (a) Calculated concentrations of Fe3+, SO~-, and FeSO;;- as a function of time for the re
action Fe3+ + SO~- = FeSOr. Initially (Fe3+) = (SO~-) = 8 mM and (FeSO/) = O. (b) Calculated for
ward (R+), reverse (RJ, and net rates (Rnet) for the reaction Fe3+ + SO~- = FeSOr, Rnet = R+ - R_. From 
G. K. Pagenkopf, Introduction to natural water chemistry, © 1978. Reprinted by courtesy of Marcel 
Dekker, Inc. 

69 

Natural carbon contains chiefly the stable isotopes 12C (-98.89%) and I3C (-1.10%) (RosIer 
and Lange 1972). Radioactive dating with 14C depends upon the fact that trace amounts of radioac
tive 14C (-10-1°% of total C) are created from nitrogen gas in the upper atmosphere through the 
reaction 

14N + In ~ 14C + IH 7 0 6 I (2.59) 

which describes the formation of 14C when the nitrogen is bombarded by neutrons produced by cos
mic rays. The 14C is then introduced into living organisms as 14C02• Upon their death, if no new 14C 
is introduced 

k+ 
14C6 ~ 14N7 + °e_1 

the 14C decays back to 14N plus an electron. The integrated form of Eq. (2.58) then becomes 

14C = ('4Co) exp (-k+t) 

or, in natural logs, In ('4C) = In('4Co) - k+t. Transposing leads to 

t = ..! In (~Co) = ~ In (do) 
k+ 14C k+ d 

(2.60) 

(2.61) 

(2.62) 

where do and d are the disintegration rates per minute per gram of carbon (dpmlg) at to and t. Be
cause tl/2 = 5570 y, and k+ = 0.693/tll2' then k+ = 1.24 x 10-4/y. Substituting back into Eq. (2.62), and 
converting to common logs, with do = 13.56 ± 0.07 dpmlg, the prehuman disintegration rate for 
freshly buried organic matter (cf. Faure 1991), we obtain 

(
13.56) 

t (y) = 18,500 log--d- (2.63) 

50 
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The radioactivity of atmospheric '4C may, in fact, have varied from this disintegration rate by more 
than ± 10% in the last 6000 years (Henderson 1982). Age dating with '4C has been found useful for 
samples up to about 50,000 years old (Mason and Moore 1982). 

2.7.3 Oxidation of Organic Matter and Sulfate Reduction 

There are several groups of organic substances in any sediment. Each group has its own decay rate 
(Westrich and Berner 1984; see also Middleburg 1989; Tarutis 1993). Decay rates, whether oxic or 
anoxic, obey first-order kinetics. For each group, G;, dG;ldt = - kp;. For Gr, the total decomposable 
organic material present, 

dGr /I 

- = ""'k.G dt ~ I I 
o 

(2.64) 

Integration of the initial-rate equation gives G; as a function of time 

(2.65) 

where Go; is the initial amount of G;. Experimental observation of the decay rate of organic matter 
in sediments leads to 

(2.66) 

where Gr is some measure of the total organic content (TOC) in the sediment at time t, the first term 
on the right is the highly reactive fraction, the second term the less reactive fraction, and GnT denotes 
organic matter that was nonreactive during the study of Westrich and Berner. 

In their study of modem marine sediments, Westrich and Berner (1984) found Go, = 50%, 
G02 = 16%, and GnT = 34% of TOC. For oxic decay their empirical rate constants were: k_, = 18/y 
(t1/2 = 0.039 Y = 14 days), and k2 = 2.3/y (t1/2 = 0.3 Y = 110 days). For anoxic decay of the same or
ganic matter, which follows the same rate equations, they obtained k, = 4.4/y, and k2 = 0.84/y. All of 
this, of course, assumes Gor is inert. 

If similar rates apply to natural water/rock systems, which will generally have much longer 
residence times than considered in this study, we can expect that organic matter similar to G, will 
have disappeared (t1/2 = 14 days). G2 kinetics will still be important. However, rates of decomposi
tion of more recalcitrant organics (Gor)' because they include perhaps most of toxic organics, will 
still be important. 

If sulfate reduction is organic-carbon limited in the sediment described by Westrich and Berner 
(1984), then the same rates of organic carbon oxidation apply. For sulfate reduction, assuming that 
the organic carbon may be generalized as CH20, the reaction may be written 

(2.67) 

Taking into account the reaction stoichiometry, the rate of sulfate reduction, R(t) as a function of 
time is 

R(t) = ikGo[exp(-kt)] 

But Ro = ikGo so that the overall rate is 

LR(t) = ROI[exp(-k,t)] + R02[exp(-k2t)] 

(2.68) 

(2.69) 

From their measurements Westrich and Berner (1984) obtained k, = 7.2/y and k2 = 1.0/y; rate con
stants nearly equal to those for anoxic decay of organic carbon, as expected. These constants may be 
compared to mean values based on the work of others of k, = 8.0± lIy, and k2 = 0.94 ± 0.25/y. 
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Middleburg (1989) questions the approach of Westrich and Berner (1984) and suggests that all 
organic matter will oxidize, given sufficient time. He proposes a single rate law for the oxidation of 
organic matter, whether aerobic or anaerobic, with a rate constant that is itself a function of time as 
given by the empirical equation 

log 10 k(l/y) = -0.95 loglo t(y) - 0.81 (r= 0.981) 

2.7.4 Gypsum Dissolution 

The dissolution of gypsum according to the overall reaction 

CaS04 . 2H20 (gypsum) = Ca2+ + SO~- + 2H20 

follows first-order kinetics as expressed by the equation 

d(C) 
- = k A (C - C) dt + w , 

(2.70) 

(2.71 ) 

(2.72) 

where d(C)ldt is in mollm' s, Aw in m2/m3 is the wetted mineral surface area exposed to a volume of 
solution at time t, and C, = 15.5 mollm3 in pure water at 25°C (Langmuir and Melchior 1985). The 
solution rate constant is proportional to the diffusion coefficient, D, and inversely proportionaito, 
the wetted film thickness on the mineral surface (Liu and Nancollas 1971). The film thickness de
creases with increasing groundwater flow rate, thus increasing the gypsum dissolution rate. The ap
proximate rate constant at 25°C and zero flow is k+ = 2 x 10-6 mls (Claassen 1981; estimated from 
James and Lupton 1978). James and Lupton's measurements at 5, 15, and 23°C lead to Eo = 
10.7 kcal/mol, and a temperature dependence of the rate constant at groundwater-flow rates 
«2 x 10-3 mls) of 

log k+ = 4.14 - 23381T (2.73) 

where k+ is in cmls. In agreement, Liu and Nancollas (1971) suggest Eo = 10 ± 1.5 kcal/mol. How
ever, Karshin and Grigoryan (1970) obtained activation energies of 7.1 and 3.7 kcal/mol for dis
solution of the {O 10 I gypsum crystal face and faces perpendicular to (O 10), respectively. Most 
authors consider gypsum dissolution to be chiefly diffusion-controlled. Calculated diffusion coeffi
cients range from 4 x 10-4 to 8 X 10-4 m2/s (Barton and Wilde 1971; Christoffersen and Christof
fersen 1976). 

James and Lupton (1978) found that gypsum solution rate increased with ionic strength. Their 
rate data, measured at a flow velocity of 0.15 mls in up to 1.7 molal NaCI solutions, fit the equation 
klko:::: I + 2.2VI". The rate constant for gypsum dissolution increases with flow velocity v, at 25°C 
according to 

k+ (m/s) = 2 x 10-6 + 5.8 X 1O-5v (2.74) 

(James and Lupton 1978). 

2.7.5 Oxidation of Ferrous Iron 

There are two overall oxidation reactions for ferrous ion below pH 3.5 (cf. Stumm and Morgan 1981; 
Morel 1983; Morel and Hering 1993). Below pH = 2.2 

(2.75) 
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Figure 2.9 Oxidation rate of ferrous iron at 25°C as a function of pH. The ordinate is: k::= 
-d log(Fe2+)/dt. Data points are empirical results. Rate laws I and 2 are described in text. 
Modified after Stumm and Morgan (1981). 

Above pH 2.2, but below about pH 3.5, the overall reaction is 

Chap. 2 

(2.76) 

The empirical rate law for Fe2+ oxidation under these acid conditions (rate law 1, Fig. 2.9) is 

d(Fe(II» = _ k+(Fe(II» Po 
dt ' 

(2.77) 

which is seen to be second-order and pH independent. Empirically, at 20oe, k+ = 1 O-'·2/bar day. Under 
atmospheric conditions, with Po, = 0.2 bar (constant), the rate becomes pseudo first-order, and tl/2 = 
In 2/0.2k+ = 5500 days (15 years). Studies of the same rate with bacterial mediation show it to be as 
much as 106 times faster than the inorganic rate, so that tl/2 ,., 8 minutes. 

Above pH = 4, the rate of Fe2+ oxidation is related to the overall reaction 

(2.78) 
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The empirical rate law (rate law 2, Fig. 2.9) is given by 

qg;e(II)~ = _ k (~e2+) P 
dt + (H+)2 () (2.79) 

for which kt = 1.2 x 10-" mol2/bar day at 20°C. If po. = 0.2 bar, and pH = 6, the rate law becomes 
pseudo first-order, with k: = 2.4/day. For these conditions tl/2 = 0.69312.4 = 0.29 days = 7 hours. At 
pH = 7 and Po, = 0.2 bar, k: = 240/day, and tl/2 = 4.2 min. The activation energy for the rate law above 
pH 4 is about 23 kcallmoJ. 

2.7.6 Pyrite and Marcasite Oxidation by Ferric Ion 

Wiersma and Rimstidt (1984) measured the rate of the overall reaction 

FeS2 + 14Fe3+ + 8HP ~ ISFe2+ + 2s03- + 16W (2.80) 

at pH 2.0 and 2S"C, where k+ is the rate constant, and FeS2 is the mineral pyrite or marcasite. (See 
also Moses ct al. 1987.) The reaction is first-order and follows the empirical rate law 

d(Fe3+) All" 
dt- = - k~ M (Fe+) (2.81 ) 

where (Fe 31
) is the molal concentration of free (uncomplexed) ferric iron and A,/M the wetted sur

face area of reacting mineral per mass of solution. k+ values range from 1.0 x 10--4 to 2.7 x 1O--4/s, 
and are not significantly different for pyrite and marcasite. The activation energy is 22 kcallmol, 
based on ratc measurements between 25 and 50°C. The rate-determining step is not known (see also 
Wadsworth 1979). Williamson and Rimstidt (1994) have published further analysis of the rate of 
pyrite oxidation by Fc3+ and by O2, which is discussed in some detail in Chap. 12. 

When molecular oxygen is the oxidizing agent, oxidation of sulfides and sulfur compounds by 
thiobacteria, which are all aerobic, can speed up oxidation rates by many orders of magnitude over 
the inorganic rates (Karamenko 1969). 

2.7.7 Calcite Dissolution and Precipitation 

According to Plummer et al. (\ 979) the rate of solution or precipitation of calcite is gi ven by 

(2.82) 

where the brackets denote activities, R is in mmollcm2 s and rate constants k, through k3 correspond 
to the elementary reactions 

CaC03 + H2CO~ = Ca2T + HCO:\, 

CaC03 + H20 = Ca2t + HC01' + OH-

At concentrations well below saturation with calcite, the k, term dominates the rate equation 
up to pHs between about 4.5 and 5.5. At higher pHs when Peo ! > 0.1 bar, the k2 term dominates rates. 
At higher pHs and lower CO2 pressures, the k3 term dominates above pH 5.5. In freshwater [H20] = I, 

and because [H2C03'1 = Kco, Pea" the rate law may be written 

(2.83) 
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Temperature (K) functions for the rate constants are 

log k, = 0.198 - 444/T 

log k2 = 2.84 - 2177/T 

Chemical Kinetics 

log k3 = -S.86 - 317/T(for T< 2S0C) 

log k3 = 1.10 - 17371T (for T> 25°C) 

Chap. 2 

(2.84) 

(2.8S) 

(2.86) 

(2.87) 

At 2SoC, values of the rate constants are: k, = 10-1.29 s-'; k2 = 10-446 s-'; k3 = 10-6.92 s-' (T < 2S0C); 
and k3 = 10-4·73 s-' (T> 2S0C). Corresponding activation energies are: EaCk,) = 2.0 kcal/mol; EaCk2) = 
10.0 kcal/mol; EJk3) = 1.5 kcal/mol (T < 2S°C) and Eu(k3) = 7.9 kcallmol (T > 25°C). 

The low activation energy for k, suggests H+ diffusion control is rate limiting at low pH's. 
Sjoberg and Rickard (1984) have suggested that for acid pHs (where k, is dominant), the rate of cal
cite dissolution is given by 

(2.88) 

reflecting that the rate-controlling process is not only H+ diffusion to the surface, but also reaction
product diffusion away from it. The rate of dissolution at higher pH's is both surface-reaction and 
solution-product-diffusion controlled (Sjoberg and Rickard 1984). 

Based on the rate equations of Plummer et al. (1979), we can compute that for groundwater 
pH's above 6 and P co, values less than 0.1 bar at 25°C and below, the solution rate of calcite far from 
equilibrium reduces to R = k3• In other words, for these conditions (which are typical of many shal
low groundwaters) the reaction is zero-order, as long as the surface area of the calcite is constant. 
This assumes no catalysis or inhibition of the rate by adsorbed substances. (Sc, Cu, and P04 are 
strong inhibitors according to Sjoberg and Rickard 1984.) As equilibrium is approached, the rate 
equation becomes 

(2.89) 

The value of k4 is a complex function of temperature and Peo, Based on Fig. 4 in Plummer et al. 
(1979), we can derive the approximate function 

log k4 = -7.S6 + 0.016 T - 0.64 log Peo, (2.90) 

where T is in kelvin and Peo, in bars. This function permits the rough calculation of k4 values for 
Peo, < 10-'.5 bar. The reader" is referred to Berner (1980) for a discussion of calcite dissolution/ 
precipitation rate laws near saturation in the presence or absence of rate-inhibiting substances. 

2.7.8 Silica Polymorphs, Dissolution and Precipitation 

The reaction (which is elementary) describing the dissolution and precipitation of silica poly
morphs is 

k+ 
SiOis) + 2H20 <:! H4Si04 

k_ 
(2.91) 

The rate equals the change in dissolved silica concentration with time, or d(H4Si04)/dt. Multiplying 
both sides ofthe differential rate equation by the activity coefficient y H4SiO~ (see Chap. 4), leads to 

d[H4SiO~] Aw . 0 • 2 0 -----;Jt- = M (y H4S104 ) (k+[SI02] [H20] - k_[H4Si04]) (2.92) 
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(Rimstidt and Barnes 1980), where brackets enclose activities of the species, Aj M (mz/kg) is the 
wetted surface area of solid exposed to solution, divided by the mass of water. In most cases the ac
tivities of solid silica and water equal unity, and the rate equation reduces to 

~LH4Si~il = Aw (k _ k lH SiOO]) (2.93) 
df M + - 4 4 

Thus the dissolution reaction is zero-order and the precipitation reaction first-order. 
The precipitation rate constant for quartz and a and f3 cristobalite up to about 300°C, and of 

amorphous silica to about 200°C, with the reaction written as in Eq. (2.91) is given by 

log k_(S-I) = -0.101 - 25981T (2.94) 

where T is in kelvin (see Fig. 2.5). 
Because the solubilities of the four polymorphs are known as a function of temperature (see 

Chap. 7, Section 7.5) the forward rate constants, k+ (Mis) can be computed from the relationship Keq = 
kJC for each elementary reaction. Thus the Keq versus T(K) expressions for quartz and amorphous 
silica written as in Eq. (2.91), are 

log Keq(quartz) = 1.881 - 2.028 x I 0-3T - 1560lT (2.95) 

and 

from which we find 

and 

log Keq(SiOz-amorph) = 0.3380 - 7.8890 x 1O-4T - 840. liT 

log k+(quartz) = 1.174 - 2.028 x 1O-3T - 41581T 

log k+(Si0z-amorph) = - 0.369 - 7890 x I 0-4T - 34381T 

(2.96) 

(2.97) 

(2.98) 

Corresponding activation energies are: Ea(quartz) = 16.1 to 18.3 kcaIlmol, and Ea(Si02-amorph) = 
14.6 to 15.5 kcallmol. Rimstidt and Barnes (1980) examine the kinetics in terms of the activated 
complex (SiOz . 2H20)±. 

Recently, Dove (1994) (cf. Dove and Rimstidt 11995]) has developed a single function that 
successfully describes the dissolution kinetics of quartz from 25 to 300°C, pH 2 to 12, and in up to 
0.3 molal Na solutions. The function takes into account the reactivity of neutral and negatively 
charged sites on the quartz surface. 

2.7.9 Silicates Including Feldspars, Dissolution and 
Precipitation 

Empirical studies of silicate rock or mineral solution rates at low temperatures, under conditions 
where the water is far from equilibrium with the solid, obey zero-order kinetics (cf. Apps 1983; 
Paces 1983, Bodek et al. 1988), also called linear kinetics (White and Claassen 1979). The best ex
ample of such behavior is the dissolution of Si02 polymorphs (see Rimstidt and Barnes 1980; and 
Section 2.7.8). Linear or zero-order kinetics is observed when the area of reacting mineral exposed 
to a volume of solution or volume of the water-rock system (also called the specific wetted surface, 
Aw, in cm2 or m2/m3) may be considered constant with time. The general form of the empirical rate 
law is 

dC 
R=--=A k dl W + 

(2.99) 

where C is the aqueous concentration of a chemical species such as sodium or silica in the mineral. 
Paces (1983) relates this rate constant to the properties of a water-bearing formation with the 
equation 

k+ == (C - Ft)lAw Ct (2.100) 
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where k+ is in mol/m2 s, C = 0 at t = O. F is the net input of the chemical species from the surround
ings to groundwater, and AU' is defined as above (m2/m 3). Helgeson et al. (1984) suggest k+ = 
3 X 10-12 mol/m2 s at 25°C for K-feldspar, albite, and anorthite. 

Based on laboratory dissolution-rate studies of feldspars, obsidian, and volcanic glass, White 
and Claassen (1979) observe that the initial solution rate of silicates can either obey linear (zero
order) kinetics as in Eq. (2.99), or parabolic kinetics, where the rate is given by 

_ dC _ (All' k+) -1/2 R- - --. t 
dt 2 

(2.101) 

Equation (2.101) corresponds to transport-controlled kinetics (cf. Stumm 1990). White and Claassen 
conclude that after long times in natural water/rock systems parabolic rates tend to become linear. 
Helgeson et al. (1984) show that feldspar dissolution rates are linear if the feldspar is pretreated to 
remove ultrafine reactive particles. In other words initial parabolic rates are probably an artifact of 
sample preparation. It seems likely that, in general, the dissolution or weathering of most silicates in 
natural water/rock systems obeys zero-order kinetics. 

Silicate mineral dissolution is usually incongruent, with precipitation of relatively amorphous 
metastable products that may crystallize with time to form minerals such as gibbsite, kaolinite, illite, 
and montmorillonite (Helgeson et a1. 1984). The incongruency means that the net release rates of in
dividual components from a silicate mineral into the water may not be equal (cf. White and Claassen 
1979; Helgeson et a1. 1984). . 

Aagaard and Helgeson (1982) and Murphy and Helgeson (1989) propose general-rate expres
sions for the dissolution of silicate minerals. They suggest that the solution rate in acid water is de
termined by the decomposition rate of a critical activated surface complex. The rate is given by 

R = k+ [wy [1 - exp(flOlaRT)] (2.102) 

where [H+] is the hydrogen activity in solution, n a constant, and {]' the average stoichiometric num
ber of the reaction (Helgeson et a1. 1984). flO = -RT In (KeqlQ) , where Keq is the equilibrium 
constant, and Q the corresponding activity quotient in solution. In other words, Eq. (2.102) may be 
written 

R = k+ [W)/I (l - Q1Keq) 

Far from equilibrium (Q1Keq S 0.05) Eqs. (2.102) and (2.103) reduce to 

R = k+ [H+)/I 

(2.103) 

(2.104) 

which might correspond to feldspar or mica weathering (cf. Kalinowsci and Schweda 1996) in humid 
climate soils or shallow groundwaters. Close to equilibrium (Q1Keq ~ 0.8) Eq. (2.103) becomes 

(2.105) 

The solution rate of feldspars is pH-independent between about pH 4.5 and 8 at 25°C (Helge
son et al. 1984; Lasaga et al. 1994; Drever 1994). For these conditions the general rate equation may 
be written 

R=k+(~) 
Keq 

(2.106) 

where k+ is the pH-independent rate constant. Far from equilibrium this becomes 

R=k+ (2.107) 



Sec. 2.7 Some Kinetic Examples of Geochemical Interest 77 

Near equilibrium the rate is given by 

(2.108) 

(At equilibrium Q = K and R = 0.) Eq. (2.107) perhaps applies to the rate of feldspar dissolution in 
a fresh, unconfined groundwater, whereas Eq. (2.108) is more consistent with the near-equilibrium 
conditions we might expect in older confined ground waters. Far from equilibrium at pH values above 
7 to 8, feldspar dissolution rates again increase, and the rate equation has the general form 

(2.109) 

In general, dissolution rates of other silicate and aluminosilicate minerals also increase under 
acid and alkaline conditions and are relatively independent of pH in the near-neutral pH range. 
Drever (1994) summarizes this behavior with a general equation for the forward rate far from 
equilibrium 

(2.110) 

where the terms from left to right are the acid, neutral, and alkaline pH terms, and a less important 
term (usually) that describes the effect of complexing ligands on the rate. The general dissolution 
rate of silicates and aluminosilicates according to Drever (1994) is shown schematically in Fig. 2.10. 
(See also Fig. 2.11.) Drever indicates that n ranges from 0.3 to 1 and equals 0.9 for forsterite, 0.8 for 
amphiboles, 0.4 for biotite, and 0.5 for the Na- and K-feldspars. The pH of the important transition 
from acid to neutral rates is between pH 4.5 and 5.5 for most of the silicates, and from 4.5 to 5 for 
the feldspars. Because soil pH is usually close to or exceeds these values, weathering in soils will 
generally be defined by the neutral rate. The less important transition from neutral to alkaline rates 
may be above pH 7 to 8, with values of m in Eq. (2.110) ranging from 0.3 to 0.5 (Drever 1994). 

In recent years rapid advances have been made in understanding mechanisms and controls on 
the dissolution and precipitation rates of silicate and aluminosilicate minerals in general. Much of 
this work has focused on rates of chemical weathering (cf. Steefel and Van Cappellen 1990; Lasaga 

Acid 
(slope 
-0.3 to-I) 

Transition 
point 

Neutral 

pH 

Alkaline 
(slope 0.3 to 0.5) 

Figure 2.10 Schematic relationship between pH and dissolution rate for silicate and alu
minosilicate minerals. Reprinted from Geochirn. et Cosrnochirn. Acta, 58(10), J.T. Drever, 
The effect of land plants on weathering rates of silicate materials, 2325-32, © 1994, with 
permission from Elsevier Science, Ltd, The Boulevard, Langford Lane, Kidlington, 
OX5 1GB, U.K. 
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Figure 2.11 Generalized dissolution rates (R, mollm s) of carbonate and silicate minerals 
in water near 25°C as a function of pH based on laboratory measurements. After A. Ler
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et al. 1994). Among the more successful modeling etforts have been those relating the rates to con
centrations and reactions of protonated and deprotonated mineral surface sites (cf. Wieland et al. 
1988; Carrol-Webb and Walther 1988; Xie and Walther 1992; Dove 1994). 

2.8 SUMMARY OBSERVATIONS 

The rates of dissolution of carbonates and aluminosilicates as a function of pH are generalized in 
Fig. 2.11. Calcite and dolomite dissolution rates are generally 102 to 103-fold faster than rates for the 
silicates and decrease with pH up to saturation with the carbonates, usually between pH 8 and 10. 
Dissolution rates among the silicates range widely and are greatest for rapidly weathered minerals 
such as nepheline and olivine and slowest for quartz, muscovite (illite) and kaolinite, important prod
ucts of chemical weathering in soils, discussed in more detail in Chap. 7. 

The kinetics of reactions is very important in low-temperature environments, where rates tend 
to be slow, particularly for solid-solid or heterogeneous reactions with large activation energies. The 
rates of reactions involving the oxidation or reduction of species of Fe, S, N, and C are often very 
slow if governed strictly by inorganic rate laws. However, where biological activity is involved, rates 
of the same reactions may be orders of magnitude faster, decreasing from years to minutes or even 
seconds. Theoretical rates at low temperatures may also be invalid because of the adsorption of sur-
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face active trace substances such as metal species and organics, that may either inhibit or catalyze 
reactions. 

STUDY QUESTIONS 

1. Contrast the applicability of equilibrium and kinetic models to some environmental problems. Explain local 
and partial equilibrium assumptions. 

2. Understand the detinitions of system (or substance) residence time and the half-time of reactions in a sys
tem and how these concepts can be used to decide the applicability of equilibrium and kinetic concepts. 

3. Explain why we need to know the relative mobilities (flux rates) of the substances involved in a reaction 
(e.g., solids, liquids, solutes, gases) to decide on the applicability of equilibrium versus kinetic models. This 
relates to the concepts of open and closed systems and residence time. 

4. Know the difference between a system in steady state and one in equilibrium and how you might distin
guish them. 

S. Learn the approximate half-times of important types of reactions and the approximate residence times of 
important aqueous systems (e.g., streams, rain, the ocean, groundwater). 

6. Contrast elementary and overall reactions with some examples. What is a rate-limiting step? 

7. Detine a zero-, tirst-, and second-order reaction, and a pseudo first- or second-order reaction, and discuss 
an example of each from the last section of this chapter. 

S. Contrast the Arrhenius and van't Hoff equations and their integrated forms. Know how the magnitude of 
the activation energy, E,,, provides clues as to the reaction mechanism or process. 

9. The rate of mineral dissolution may be mass-transport or surface-reaction controlled. Explain how the ap
plicability of these controls relates to mineral solubility, with examples. 

10. Deline the activated complex. Explain how the activation energy of a reaction relates to the enthalpy of 
activation. 

11. Study examples of reaction rates associated with formation of the FeSO/ complex, radioactive decay, ox
idation of organic matter, and ferrous iron, and the dissolution and precipitation of calcite and quartz. 

PROBLEMS 

1. Define and discuss an example of a pseudo first-order reaction. 

2. You are given the elementary reaction, H2S = H+ + HS-. 
(a) Write the overall rate equation that relates the changes in concentrations of the three species. 
(b) Given that the rate constant, k+ = 8.3 x UP/s for this reaction, and that kl(dissoc.) = 9.33 x 10-8, calcu

late the reverse rate constant, k_. 

3. The rate of a reaction doubles between 25 and 50°C. What is its activation energy? What kind of a reaction 
might have an activation energy of this magnitude? 

4. The dating of 14C involves counting beta particles (electrons) emitted from its decay. Researchers interested 
in dating archaeological finds have found that their best counting equipment is limited to dating materials 
no older than about 50,000 years. Given that the half-time of radioactive decay of 14C is tl/2 = 5589 y, cal
culate the number of decays per minute per gram (dpm/g) that a counter must detect to allow the dating of 
a sample of 50,000 years old. What is the length of time it takes for the emission of I beta particle from 
50,OOO-year-old carbonaceous material7 

5. Radon gas as Rn-222 is formed by the radioactive decay of U-238, the chief natural isotope of uranium, 
found in soils and especially in granitic rocks. (See Chap. 13.) As Rn-222, radon decays through several 
daughter-product isotopes to stable Pb-206. The gas occurs in air at natural levels of 0.1 to 0.2 pCi/L, and 
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is considered a health hazard (cancer risk) by the U.S. Environmental Protection Agency at or above 4 pCi/L 
in air. Rn-222 decays by the emission of alpha particles (helium nuclei) with a half-life or decay half-time 
of 3.823 days. 
(a) What is its decay rate constant in S-I? 
(b) The mole fraction solubility of pure radon gas in water (NRnl from 3 to 97°C at I atm radon gas pres-

sure, is given by the equation . 

25864.2 
R In NRn = - 499.309 + --f- + 69.3241 In T + 0.00101227 T 

(Bodek et al. 1988), where R = 1.9872 callmol K, and T is in degrees K. Calculate the Henry's law con-
stant for Rn gas at 25°C in Mlbar? . 

(e) Well waters pumped from granitic rocks or uraniferous sandstones may be high in radon. Exsolution of 
the gas into the air in a shower stall may result in air levels in excess of 4 pCi/L. What M concentration 
of dissolved Rn in a groundwater would be in equilibrium with 4 pCi/L of radon gas in bathroom air at 
25°C? 

6. Westrich and Berner (1984) suggest that the oxidation of organic matter can be considered a first-order re
action, with the differential rate equation written as: dG/dt == - k;G;. They assume three forms of organic 
matter, behaving with three different and decreasing rates of oxidation. (See Section 2.7). The third form 
is assumed recalcitrant and unreactive. Middleburg (1989) questions this approach and suggests that all or
ganic matter will oxidize, given sufficient time. He proposes a single rate law for the oxidation of organic 
matter, whether aerobic or anaerobic, with a rate constant that is itself a function of time as given by the 
equation: 

loglok (y-I) = -0.9510giOt (y) - 0.81 

for which r = 0.987. Assuming Middleburg's approach applies to the oxidative breakdown of sewage 
sludge, calculate how long it should take the fresh sewage sludge at a disposal site to decompose to 1 % of 
its original weight. 

7. Below about pH 3.5, ferrous iron oxidizes in streams according to the overall reaction 

Fe2+ + *02 + W ~ Fe3+ + 1H20 

The rate law for the inorganic oxidation of ferrous iron under these conditions is given by: 

d(Fe(lI) ~ = _ k (F (II» P 
dt + e 0, 

at 20°C, where k+ == 10-3.2lbar day. 
Nordstrom (1985) measured the oxidation rate of ferrous iron in an acid mine drainage stream in which 

the initial Fe2+ concentration was 300 mglL. The stream had a practically constant pH of about 2.5. The fer
rous iron concentration dropped to about 5 mg/L after the stream had flowed for about 24 hours at about 
0.2 mls. Nordstrom concluded that the oxidation process was independent of the ferrous iron concentration, 
but was instead proportional to the concentration of the iron-oxidizing bacteria, T. ferrooxidans, in the 
stream. 
(a) Calculate the reduction in ferrous iron concentration expected in the stream during this same 24-hour 

period due only to inorganic oxidation as expressed in the above rate law and compare it to the reduc
tion in Fe2+ reported by Nordstrom. 

(b) Using Nordstrom's empirical data for the rate of bacterial oxidation of Fe(II) in the stream, calculate 
the apparent rate constant, k~, of the pseudo first-order reaction assuming Po,= 0.21 bar, and compare 
it to the apparent rate constant for the inorganic oxidation reaction. 

S. It is often necessary to remove ferrous iron from groundwater so that the water complies with drinking wa
ter standards (Fe(II) < 0.3 mglL). A New Jersey groundwater contains Fe(II) = 10 mglL at a pH of 5. A 
water-treament plant operator has a large tank to which he can add lime (calcium oxide) to raise the pH, 
while aerating the water. He is interested in how long the water must be held in the tank at different pH val-
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ues to remove the iron to values below 0.3 mg/L. To answer his question, a study is run where one-liter 
samples of the groundwater are aerated in bottles for periods of 15 and 30 minutes, at constant, but in
creasing pH values, with the pH adjusted by lime addition. Test results are given below. 

Fe(II) (mg/L) Fe(JI) (mglL) 
pH after 15 minutes after 30 minutes 

5 9.0 9.0 
5.5 5.5 4.6 
6.5 2.8 1.8 
7.0 1.4 0.5 
7.5 0.1 <0.1 
8.0 <0.1 «).1 

You are asked to calculate the theoretical concentration of Fe(ll) after 15 minutes at pH 6.5 and 7.0 and 
compare it to the empirical data. 

9. Rates of dissolution or weathering of rocks and minerals are proportional to their surface areas exposed to 
a given volume of solution, or rate a (A/V). Exposed areas can vary widely, depending on the occurrence 
of the rock. In this problem you are asked to compare and contrast the rates of rock dissolution under at
tack by acid rain and in the pores of a rock. We will assume that the rock, temperature, pressure, and solu
tion chemistry are the same in both cases. 
(a) Calculate the value of A/V (em-I) for a stone monument exposed to acid rain attack. Assume the water 

contacting the monument is running down the stone surface in a layer I mm thick. 
(b) Calculate A/V (cm- I) for dissolution of the same rock by water in the rock pores. In this calculation as

sume 18% rock porosity, a rock density of 2.7 g/cm3, and an internal rock surface area of 1 m2/g. 
(e) Compare the rates of dissolution in each case and discuss. 

10. Morey et al. (1964) collected samples of silica-rich hot spring waters from Yellowstone National Park and 
stored them in the laboratory at about 25°C. Silica concentrations in their samples stored for 2 years showed 
a strong pH dependence, from about 250 ppm as Si02(aq) at pH 1.5, to 150 ppm at pH 3, and 115 ppm at 
pH 6. Silica levels in the pH 3 sample had dropped from about 450 to 150 ppm in 2 years. 

Estimate how long it should take for silica concentrations in the pH 3 sample to drop to saturation with 
respect to amorphous silica (about 115 ppm as SiOz) if the sample is stored at 25°C. Can silica kinetics ex
plain the observed pH dependence of silica concentrations after 2 years? 
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Aqueous Complexes 

3.1. INTRODUCTION AND OVERVIEW 

Most trace metals and many major elements are transported in surface and groundwaters chiefly in 
complexed form. A complex is a dissolved species that exists because of the association of a cation 
and an anion or neutral molecule. A ligand is an anion or neutral molecule that can combine with a 
cation to form a complex. 

Complexes are important for at least four reasons. 

(1) Complexing 0/ a dissolved species that also occurs in a mineral tends to increase the solubil
ity o/that mineral over its solubility in the absence a/the aqueous complexing. This leads to 
a higher total concentration of the species that forms the complex in solutions saturated with 
respect to the mineral. For example, assume concentrations and activities are equal (see 
Chap. 1), pH is constant, and that the total calcium concentration (I:mCa) is control1ed by cal
cite solubility, that is, by Ksp = (mCa2+)(mCO~-). If calcium .ion is not complexed, then 

I:mCa = mCa2+ = Ks/mCO~- (3.1) 

But if sulfate and bicarbonate concentrations are high enough so that significant amounts of 
the complexes CaS04' and CaHCO! are formed, the total calcium concentration in equilibrium 
with calcite is increased, because 

I:mCa = mCa2+ + mCaHC03+ + mCaS04' (3.2) 

where mCa2+ = Ksp/mCO~- and is unchanged. A problem calculation based on this example is 
given at the end of this section. 

(2) Some elements occur in solution more often in complexes than as free ions. For example, the 
cations Cu2+, Hg2+, Pb2+, Fe3+, and U4+ are found chiefly in complexes rather than as the free 
ions. The oxycation UO~+ and oxyanions such as AsO~- and SO~- are complexes in which the 
uranium, arsenic, and sulfur are always complexed with oxygen. The mobilities and other en
vironmental properties of such elements are, therefore, chiefly those of their complexes. This 
topic is discussed in some detail in this chapter. 

82 
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(3) Adsorption of cations or anions may be greatly favored or inhibited when they occur as com
plexes rather than as free (uncomplexed) ions. For example, the hydroxide complexes of 
uranyl ion (UOi+) are strongly adsorbed by oxide and hydroxide minerals, whereas uranyl car
bonate complexes are poorly adsorbed by these minerals (Hsi and Langmuir 1985). In fact, 
carbonate, sulfate, and fluoride complexes of metals are often poorly adsorbed in general, 
whereas OH and phosphate complexes are usually readily adsorbed, particularly by oxide and 
hydroxide solids. Metal adsorption is considered at some length in Chap. 10. 

(4) The toxicity and bioavailability of metals in natural waters depends on the aqueous speciation 
or complexation of those metals. The toxicities to aquatic life of Cu2+, Cd2+, Zn2+, Ni2+, Hg2+, 
and Pb2+ are a function of the activities of the metal ions and their complexes, not of total metal 
concentrations (cf. Morel and Hering 1993; Manahan 1994). For example. monomethyl mer
cury ion (CH3Hg+) and Cu2+ are toxic to fish, but some other Hg and Cu complexes (such as 
CuCO(3) are far less so. The bioavailability of essential metals such as Fe, Mn, Zn, and Cu to 
plants is also a function of their metal speciation (Morel and Hering 1993). Until recently the 
U.S. Environmental Protection Agency did not recognize the importance of metal speciation 
in its water quality assessments (cf. Hall and Raider 1993). Metal toxicity is considered briefly 
near the end of this chapter. 

Example 3.1 

When the concentration of a dissolved species is controlled or limited by the solubility of a 
mineral containing that species, the total concentration of the species will be higher in solu
tions in which it is complexed than in those in which it is not. The following problem illus
trates this point. Assuming the groundwater is at saturation with calcite (CaC03), Ksp = 10-8.5 

at 25°C and I bar pressure: 

a) Compute the solubility of calcite as dissolved total calcium (~mCa) if the groundwater 
is pure water; and 

b) Compute calcite solubility as ~mCa in a water in which signficant complexing of the cal
cium occurs. 

Assume, in general, that the pH is fixed and that mCOj- = 10-50 and is constant. In the 
complexed system (b) also assume mSO~- = 10-20 and mHC03 = 10-3 °. We are also told that 
Kassuc(CaSO~) = 102.3, and Kassoc(CaHCOj) = 101 I. Because activities are assumed equal to con
centrations in our calculations, exponents will be rounded to one decimal place. 

Solution 

a) Kslcalcite) = 10-85 = (mCa2+)(mCOj-), so that the concentration of free calcium equals 

The mass-balance equation for the pure water system is simply 

~mCa=mCa2+ 

(3.3) 

(3.4) 

b) When calcium reacts to form complexes, decreasing the amount of uncomplexed cal
cium in solution, more calcite must dissolve to return the water to saturation with respect 
to calcite. The calcium mass-balance equation is now 

~mCa = mCa2+ + mCaSO~ + mCaHCO! (3.5) 
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To determine the quantitative effect, we calculate the amounts of the complexes that are 
formed. This is done by solving simultaneously the mass-balance equation, the two as
sociation constant expressions for the complexes, and the Ksp(calcite) expression. The 
association constant expressions are 

(3.6) 

(3.7) 

We solve these expressions for concentrations of the complexes and substitute into the 
mass-balance equation to eliminate the complexes, with the result 

but 

~mCa = mCa2+ + lOo.3mCa2+ + 1O-1.9mCa2+ 
= mCa2+[l.0 + 2.0 + 0.01] = 3.01 mCa2+ 

mCa2+ = 3.2 x 10-4, so ~mCa = 9.6 x 10-4 
(3.8) 

The first, second, and third terms on the right side of the total calcium equation are the 
concentrations of mCa2+ and the CaS04 and CaHCOj complexes. The calculation shows 
that complexing has led to an increase in the total concentration of calcium and thus the 
solubility of calcite by roughly 300%. 

3.1.1 Outer- and Inner-Sphere Complexes 

Water molecules have a unique dipolar structure that results in locally unsatisfied negative and pos
itive charges associated with the oxygen atom and hydrogen atoms in the molecule (see Fig. 3.1). 
Because of this dipolar charge distribution, water molecules in contact with cations tend to be ori
ented with their oxygens toward the cation and their protons away from it, as shown schematically 
below for Ca2+ and a single water molecule. 

Ca2+ with radius = 1.0 nrn 
H20 with a radius = 1.4 nm 
H-O distance in H20 = 1.1 nrn 
H-O-H angle = 104.5" 

The six water molecules in the spherical envelope surrounding and in direct contact with a Ca2+ ion 
are all oriented with their protons away from the Ca2+. (See Fig. 3.2.) The hydrated cation is also 
called a calcium aquocomplex. 

Outer-sphere complexes, also described as ion pairs, involve the association of a hydrated 
cation and an anion, held by long-range electrostatic forces. The association is transient and not 
strong enough for the anion to displace any of the water molecules in immediate contact with the 
cation. Ion pairs are most often formed between major (> 10-4 m) monovalent and divalent metal 
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:Figure 3.1 Electron cloud of the water 
molecule showing hydrogen and oxygen 
nucleii and unshared electrons. The "side 
of the jack" wilh hydrogens is positive and 
the other "side" is negative, giving rise to 
the dipolar character of water. The H-O-H 
bond anglc is 104.5°. From E. K. Berner 
and R. A. Berner. The global water cycle, 
geochemistry and environment. Copyright 
© 1987. Used by permission of Prentice 
Hall, Inc., Upper Saddle River, NJ. 

cations and major anions such as CI-, HCO,·, SOJ-, and CO~-. Example metal ions involved include 
Na+, K+ (forms very weak pairs), Ca21 , Mg2+, and Srh. A typical ion pair is CaS04', created by 
the reaction 

(3.9) 

Ignoring the water molecules as is conventional, we have 

[CaS031 K = .-.-.--- -
,ssoc I Ca21 11 SOi-] (3.10) 

where the brackets denote activities of the enclosed species. 

Primary region with 
completely oriented water 

Secondary region with 
partly oriented water 

Figure 3.2 A cation aquocomplex, show
ing the primary region with oriented water 
molecules in contact with the cation, typi
cally in six- or fourfold coordination. The 
plot is schematic in that the water mole
cules in the primary region actually occur 
in a spherical envelope surrounding the 
cation. A secondary spherical envelope of 
partially oriented water molecules lies far
ther away from the cation. Water mole
cules in the bulk solution beyond this sec
ondary region are unoriented. From 
J. O. Bockris and A. K. N. Reddy, 1973, 
Modern electrochemistry, vol. 1. © 1973, 
Plenum Pub. Corp. Used by permission. 



86 Aqueous Complexes Chap. 3 

TABLE 3.1 Radii of some cations in solids (chiefly oxides) and their ionic potentials lip == zM 

Cation Radius (A) Ip Cation Radius (A) Ip 

Cs+ 1.88(12) Ni2+ 0.69(6) 2.90 

1.67(6) 0.60 Be2+ 0.45(6) 4.44 
Rb+ 1.72(12) U4+ 0.89(6) 4.49 

1.52(6) 0.66 Fe3+ 0.645(6) 4.65 
K+ 1.51(8) y3+ 0.64(6) 4.69 

1.38(6) 0.72 Cr3+ 0.615(6) 4.88 
Hg+ 1.19(6) 0.84 C0 3+ 0.61(6) 4.92 
Ag+ 1.00(4) Pb4+ 0.775(6) 5.16 

1.15(6) 0.87 A13+ 0.39(4) 
Na+ 1.02(6) 0.98 0.535(6) 5.61 
Cu+ 0.60(4) Ti4+ 0.605(6) 6.61 

0.77(6) 1.30 y4+ 0.58(6) 6.90 
Li+ 0.76(6) 1.32 Mn4+ 0.530(6) 7.55 
Ba2+ 1.35(6) 1.48 U6+ 0.73(6) 8.22 

1.42(8) y5+ 0.54(6) 9.26 
Pb2+ 1.19(6) 1.68 8j4+ 0.26(4) 
8r2+ 1.18(6) 1.69 0.400(6) 10.0 

1.26(8) W6+ 0.60(6) 10.0 
Hg2+ 1.02(6) 1.96 M0 6+ 0.59(6) 10.2 
Ca2+ 1.00(6) 2.00 As5+ 0.46(6) 10.9 
Cd2+ 0.95(6) 2.11 B3+ 0.27(6) ILl 
Mn2+ 0.83(6) 2.41 p5+ 0.38(6) 13.2 
Fe2+ 0.78(6) 2.56 Cr6+ 0.44(6) 13.6 
C02+ 0.745(6) 2.68 8e6+ 0.42(6) 14.3 
Zn2+ 0.74(6) 2.70 86+ 0.29(6) 20.7 
Cu2+ 0.73(6) 2.74 C4+ 0.16(6) 25.0 
Mg2+ 0.72(6) 2.78 N5+ 0.13(6) 38.5 

Note: Radii, which are from Shannon (1976), are for the coordination numbers (CN's) given in parentheses. 
Where more than one CN is given, the table has been arbitrarily ordered with increasing Ip values for the six-
fold coordinated cations. Radii and Ip values for C4+ and N5+ are from Ahrens (1952). Radii and Ip values for 
cations having Ip's greater than about 5 are of questionable meaning, given their tendency to form strongly co-
valent rather than ionic bonds with oxygen. 

Many researchers prefer to define all complexes in which the bonding is chiefly electrostatic 
as ion pairs, regardless of whether waters of hydration surround the cation or it is in direct contact 
with the ligand (cf. Nancollas 1966). For example, the larger alkaline metals Cs+ and Rb+ and larger 
alkaline earths Ra2+ and Ba2+ have such low charge densities (as reflected by their low ionic poten
tials, see Table 3.1) that they are relatively unhydrated in solution, and so tend to form "contact" 
ion pairs. 

The association or formation constants of ion pairs are generally less than 104 and increase 
with the increasing charges of cation and ligand. Summarized here are association constants at 25°C 
for ion pairs as a function of cation and ligand charge. 
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Charge of 
cation-ligand 

I-I 
1-2 or 2-1 

2-2 

0-1 
0.7-1.3 
2.3-3.2 
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Example pairs are NaHCO)', CaCO}, CaHCO~, and MgSOg. Because the cation and ligand in an ion 
pair are far apart (separated by waters of hydration around the cation) the electron configuration of 
the cation is "not seen" by the ligand. Evidence for this dominantly long range, electrostatic bond
ing is the remarkable constancy of K"ssoc values for pairs formed by metals of the same charge and a 
given ligand. For example, -log Kassoc = 2.28 to 2.35 for the I: I sulfate ion pairs of the divalent 
cations Ca, Mg, Ni, Zn, Co, Cd, Mn, Fe, and Cu. 

In seawater, important amounts of sulfate, bicarbonate, and carbonate are ion-paired with cal
cium, magnesium and sodium ions (cf. Garrels and Christ 1965; Stumm and Morgan 1981). Per
centage distributions of free and ion-paired species in seawater, according to Pytkowicz and Haw
ley (1974), are given here, where L denotes the respective anion in the ion pair. 

% free % other 
Anion Molality ion % CaL %MgL %NaL %KL ion pairs 

S04 0.0291 39.0 4.0 19.5 37.1 0.4 

HCO l (l.O0213 81.3 1.5 6.5 10.7 
CO) 0.000171 8.0 21.0 43.9 16.0 11.1 

In high-salinity waters such as seawater, both ion-pairing and activity-coefficient effects (see 
Chap. 4) increase the concentrations of species limited by the solubility of minerals. For example, 
in pure water saturated with respect to calcite, the molal solubility product 1:mCa2+ x 1:mCO~- = 
10-85 , whereas in seawater this product equals 10-61 . If the concentration of carbonate is constant, 
this corresponds to a 250-fold increase in the concentration of dissolved calcium in seawater rela
tive to that in pure water. 

As with outer-sphere complexes, inner-sphere complexes are an ideal case. Actual complexes 
tend to have a component of both types of bonding. As noted above, most multivalent cations are 
aquocomplexes, with four to six ligand water molecules bonded to the cation. Accordingly, aquo
complexes are themselves inner-sphere complexes. For another ligand, L, to form an inner-sphere 
complex, it must displace one or more coordinating water molecules, forming a bond usually with 
some covalent character. This process may be written 

(3.11) 

Spectroscopic, conductimetric, and kinetic evidence have been used to establish the degree to which 
a complex is of outer- or inner-sphere character (cf. Nancollas 1966; Shaw et al. 1991). As noted 
above, the formation constants of many divalent metal-sulfate complexes are practically identical, 
consistent with a dominantly outer-sphere character. In fact, the sulfate pairs of divalent Mg, Zn, Ni, 
Co, Mn, and Be (log Kassoc(BeSOg) = 1.95) have been shown to have about 10% inner-sphere char
acter (Nancollas 1966). The greater stabilities of PbSOg (log Kassoc = 2.69) and uo2sog (log Kassoc = 
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2.72) suggest that their percentages of inner sphere bonding exceed 10%. Higher-charged cations 
form bonds with ligands such as sulfate that are even more covalent. The formation constant of the 
CrSOt complex is 104,8 (Sillen and Martell 1964). Nancollas (1966) notes that this complex is about 
27% outer and 73% inner sphere. 

In general, cations form increasingly inner-sphere complexes with a given ligand as their 
charge (z) increases and radius (r) decreases. In other words, the higher the ionic potential (Ip = z/r) 

of the cation (Table 3.1 ), the more covalent its bonding in a complex, and the stronger and more inner 
sphere the complex. 

Examples of inner-sphere complexes include: HCO) , AgS-, HgI+, CdSW, and UOH]+. The 
cations Ag+ ,Cd2+, 2n2+, and Hg2+ form strong inner-sphere complexes with Se2-, Te2-, S2-, and SH-, 
Trivalent and higher valent ions tend to form predominantly inner-sphere complexes in general. The 
tendency of metal cations and ligands to form inner-sphere complexes and the relative strengths of 
those complexes, are most readily explained and understood in terms of the concepts of electroneg
ativity and of hard and soft acids and bases that are considered later in this chapter. 

3.1.2 General Observations on Complexation 

• The stability of complexes usually increases with increasing charge and/or decreasing radius 
of cations for a given ligand, or of ligands for a given cation. Ion pairs or outer-sphere com
plexes are weak and electrostatically bonded. Inner-sphere complexes involve important co
valent bonding between the cation and ligand, and are generally stronger (have larger KU'Slk: 

values) than outer-sphere complexes. 

• Cations and ligands that form strong complexes also tend to form minerals with low solubili
ties (low Ksp values). 

• Complexing tends to increase the SOlubility of minerals that contain the species being com
plexed. Complexing of a species may also enhance or inhibit its adsorption and will usually 
affect its toxicity and bioavailability. 

• The more saline a water, the more ions in it (especially multivalent ions) exist as complexes. 

• The more saline a water, the more soluble minerals tend to be in it, both because of complex 
formation and activity-coefficient effects (see Chap. 4). 

This introductory section has touched only briefly on the nature of complexes and their be
havior in aqueous environments. The rest of the chapter expands on such topics, with particular em
phasis on how to at least qualitatively predict the thermodynamic stabilities of complexes. This is a 
meaningful topic in that the stabilities of many potentially important complexes are poorly known. 

3.2 METAL CATION-LIGAND RELATIONS IN COMPLEXES 

As a general rule, metal cations are appreciably smaller than the ligands with which they form com
plexes. Thus the ionic radii of P-, Cl-, S2-, 0 2-, and all oxyanions, exceed about 1.3 to t.4 A, whereas 
(except for Ba2+, Cs+, Rb+, and K+) all monatomic cations are smaller than this. Typically, the ab
solute charge of metal cations exceeds that of coordinating ligands. These size and charge differences 
usually cause complexes to consist of one or more cations surrounded by several larger coordinat
ing anions or neutral molecules. The maximum possible number of ligands surrounding and bonded 
to a given cation in a complex equals the maximum coordination number of the cation with respect 
to that ligand. Because of the long-range nature of coulombic forces of attraction, structuring of the 



Sec. 3.2 Metal Cation-Ligand Relations in Complexes 89 

ligands around a cation in aqueous solution extends to ligands somewhat beyond those in immedi
ate contact with the cation. Nevertheless, we generally restrict our concerns in discussions of coor
dination to the ligands in direct contact with a core cation, or within that cation's inner-coordination 
sphere. The most commonly observed maximum-coordination numbers (CN's) for metal cations in 
aqueous complexes are 4, and 6, although CN values of 2,3,5,7,8, and 12 are also known. 

In the simplest case, assuming that both cation and ligand are rigid spheres, complexation can 
be viewed as an exercise in closest packing. Listed here are theoretical coordination numbers and 
packing arrangements for given radius ratios (rcatioofrligand)' assuming both cation and ligand are con
tact rigid spheres (Mason and Moore 1982). 

Radius ratio 

0.14-0.22 
0.22-0.41 
0.41-0.73 
0.73-\.00 

1.00 

Arrangement of ligands around cation 

corners of an equilateral triangle 
corners of a tetrahedron 
corners of an octahedron 
corners of a cube 
closest packing 

eN of cation 

3 
4 
6 
8 

12 

The radius of oxygen (02-) (1.4 nm) roughly equals that of hydroxyl ion and the water molecule; so 
that similar maximum coordination numbers are found for all three. Of course, when the ligand is an 
oxyanion and contains mUltiple oxygens and/or larger atoms such as Cl- or S2- (r = 1.8 A for both), 
fewer ligands can associate with a given cation, so its maximum possible coordination number will 
be less. 

In any case, except for aquocation complexes in which water molecules occupy all possible 
coordination sites (typically six sites), the maximum observed number of coordinating ligands in 
complexes rarely exceeds three or four, so is usually less than a cation's maximum possible coordi
nation number. This is because the coordination number we observe is proportional to the ligand con
centration, which in natural waters is usually too low to stabilize higher numbers of ligands. This 
also reflects the fact that ligands must compete with and displace bonded water molecules in aquo
complexes in order to form their own complex. A typical complexation reaction in which M is the 
cation and L the ligand may be written 

(3.12) 

for which 

(3.13) 

When we consider that the concentration of water molecules exceeds 55.6 mol/kg in fresh natural 
waters, whereas that of competing ligands is usually less than 0.00 I to 0.000 I mol/kg, it is clear why 
aquocomplexes are important. 

Except for the halogens and a few other monatomic anions, most ligands are not spherical. 
Summarized here, based chiefly on crystallographic evidence for solids, is the geometry of some 
common inorganic ligands (cf. Evans 1952), which generally retain the same geometry in solution. 
Note that apart from the monatomic ions, these ligands are themselves complexes. Under "Type for
mula," B denotes the cation and X the anion within the ligand. 
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Geometric arrangement 

Plane equilateral triangle 

Regular trigonal low pyramidal:. Oxygens at 
corners of equilateral triangle, with central atom 
- 0.5 A above this plane. 

Regular tetrahedral: The most stable ligand group 

Type formula Example ligands 

BX, BO~-, CO~-, N01-

BX3 AsO~-, BrOr , POj-, 
SbO~-, SeO~-, SO~-

BX4 SOj-, SeO~-, CrO~-, Mn04' 
AI(OH)4-' POJ-, Cl04, Si(OH)4 

Distorted tetrahedron BX4 MoOl-, W01-, Re04' 104" 

Spherical x P-, Cl-, Br, 1-,02-, S2-, Se2 · 

BXn OH-, NH/ 

G. N. Lewis defined an acid as an electron pair acceptor and a base as an electron pair donor 
(cf. Stumm and Morgan 1981). In this sense cations are acids and complexing ligands are bases. If 
a single pair of electrons is shared in a complex, the bond is said to be monodentate, where the word 
dentate means "having toothlike projections." Shown in Table 3.2 is the dentate nature of bonding 
of some common ligands in complexes. Clearly, most inorganic ligands form monodentate com
plexes. Multidentate ligands tend to be organic. Those, such as ethylenediaminetetraacetate (EDTA), 
which form multiple bonds with cations in a cagelike structure, are called chelates and are among 
the strongest of metal complex formers. Humic and fulvic acids are also thought to form chelate
type complexes with metal cations. The exceptional strength of metal-chelate bonding has led to the 
design of organic chelators that can selectively complex toxic elements such as plutonium, cadmium, 
or chromium to facilitate their removal from waste streams (cf. Hart 1993). 

3.3 COMPLEXATION MASS-BALANCE AND EQUILIBRIA 
EQUATIONS 

In a solution in which a metal M occurs in several successive mononuIcear complexes of M (com
plexes containing one M atom) with ligand L, the total metal concentration is defined by the mass
balance equation 

N 

.LM=M+ML+ ... +MLN=L+ .LML; (3.14) 
;=0 

where M is the free metal ion concentration, and N is the maximum number of ligand groups that 
can coordinate with M. N is usually 2 to 4, but sometimes equals 6. The corresponding mass
balance equation for ligand L is 

N 

.LL = L + ML + 2ML2 + ... + (N)MLN = L + .LiML; (3.15) 
;=1 

N 

or .LL - L = .LiML; (3.16) 
;=1 

r-L and LM are related through a concept called the extent of complex formation, or average 
ligand number. n. first suggested by J. Bjerrum (cf. Beck 1970). This equals 

_ r-L - L 
n =~---

r-M 
(3.17) 
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TABLE 3.2 Some important ligands and the nature of their bonding in complexes 

Monodentate 

Hp. OW. NH 3• CI-. F-. Br-. HPO~-. PO~-, so~-. co~-. HCO; • 

.,0 .,0 
CH3C • HC .02-. 1- CN-. H2S 

'0(-) '0(-) 

Bidentate 

0" .,0 
Oxalate C-C 

(-)0/ 'oH 

Salicylate 

Tridentate 

Tetradentate 

Hexadentate 

Ethylenediaminetetraacetate 
(EDT A) anion 

-02CCH2" / CH2C02" 
NCH2CH2N 

-02CCH2/ "CH2C02 

Note: Inorganic ligands are chiefly monodentate. whereas organic ligands are most often multi
dentate in comple)(es. 
Source: Modified after Pagenkopf (1978) and Phillips and Williams (1965). 
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or the ratio of the complexed ligand to the total metal concentration. The average ligand number is 
a measure of the fraction of M complexed by L. In typical natural water we will often have several 
important complexing ligands and cations, and thus several such equations. The total metal cation 
and total ligand equations, which are also called mass-balance equations, are fundamental to geo
chemical computer models. The average ligand number, however, is rarely used in such codes. 
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To parameterize and solve the total metal and total ligand equations for a given solution, we 
also need to know the formation constants of the complexes. The stepwise formation constants of 
mononuclear complexes are usually defined as follows (cf. Beck, 1970) 

[ML] 
K, = [M] [LJ 

[ML2] 

K2 = [ML] [L] 

[MLNJ 
KN =------

[MLN-d [L] 

(3.18) 

where the brackets denote activities of the enclosed species. The overall or cumulative formation 
constants, or 13 values, for MLN complexes are given by 

Or in general, 

which can be abbreviated as, 

_ K _ [ML] 
13, - ,- [MJ [LJ 

- K K _ [ML21 
132- , 2-[M][Lj2 

(3.19) 

(3.20) 

(3.21) 

Finally, assuming activities equal concentrations, the cumulative formation constants are related to 
total metal and total ligand concentrations through the expressions 

N 

rM = [M]~f3i [LJi (3.22) 
i=O 

N 

'f.L = [L] + [M]~f3i [LJi (3.23) 
i=O 

Additional equations relating stepwise and cumulative formation constants are suggested by Beck 
(1970) and Sillen and Martell (1964). 

Other conventional notation refers to cumulative complex formation reactions that involve 
proton-metal exchange. Thus, for the general reaction 

M + iHL=MLi+ iH+ 

the equilibrium constant expression is written 

*13. = [ML;l [H+]i 
I [M] [HL]i 

(3.24) 

(3.25) 

If a complexation reaction is written as a dissociation, the corresponding complexation con
stant is called an instability or dissociation constant. Association constants generally have positive 
exponents, whereas dissociation constants most often have negative exponents. 
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Polynuclear complexes are those in which more than one metal cation is present. Such com
plexes are uncommon in natural waters, because they are only stabilized by relatively high concen
trations of metal cations and ligands. (See Table 3.3.) Formation of the polynuclear complex MmLn 
may be written 

for which 

mM+nL::::MII1LIl 

lMIIILlll 
f3mn :::: [Mr';IL1~; 

If the reaction is written as a proton-metal exchange, expressed in general terms as 

mM + nHL :::: M",LIl + nH+ 

an asterisk may be used in the formation constant notation, thus 

*13 - IMm~JJH+J: 
mil - [MjIllIHL1" 

(3.26) 

(3.27) 

(3.28) 

(3.29) 

(Sillen and Martell 1964), where in this case, m and n are the number of metal ions and protons in
volved in the reaction, respectively. For proton-cation exchange, where m :::: 1, the value of m is 
omitted from the subscript notation for 13 and *f3, which is then of the form given above for mono
nuclear complexation reactions. 

Two illustrative complexation problems follow. They are but slightly modified from their orig
inal format in Butler (1964). For simplicity, activities are assumed equal to concentrations in both 
problems. 

Example 3.2 

Calculate the concentration of all species present in a solution containing 1.00 M and 0.010 M 
Cd(N03h at 25°C. Because the solution is strongly acidic, Cd-OH complexing need not be 
considered. Solving the problem requires the simultaneous solution of equilibrium constant 
expressions and mass-balance equations involving the aqueous species. We are given stepwise 
formation (equilibrium) constant expressions for the Cd-CI complexes that can be reformatted 
to give 

(CdCl+) :::: 21 (Cd2+)(CI-) 

(CdCI2) :::: 7.9(CdCI+)(CI-) 

(CdCl}) :::: 1.23(CdClz)(Cl-) 

(CdCl~-) = 0.35(CdCl})(Cn 

(3.30) 

(3.31 ) 

(3.32) 

(3.33) 

where the parentheses denote molar concentrations of the enclosed species. Mass-balance 
equations for total chloride and total cadmium are: 

~CI :::: (Cn + (CdCI+) + 2(CdCI2) + 3(CdCI3") + 4(CdCli-) = 1.00 

~Cd = (Cd2+) + (CdCl+) + (CdCl2) + (CdC I}) + (CdCli-) = 0.010 

(3.34) 

(3.35) 

We thus have six equations and six unknowns. Lacking a computer, the simplest approach is 
to first look for an approximate solution. Because total chloride exceeds total Cd by 100-fold, 
we can assume as a reasonable first approximation that nearly all of the chloride is uncom
plexed, or (Cl-) :::: 1.00 M. Introducing (Cl-) :::: 1.00 in Eqs. (3.30) to (3.33), we can solve for 
the ratios of the complexes to (Cd2+) to obtain: (CdCI+) :::: 21(Cd2+), (CdCl2) :::: 165(Cd2+), 
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(CdCl}) = 204(Cd2+), and (CdCW) = 71(Cd2+). Substituting for the complexes in Eq. (3.35) we 
find (Cd2+) = 2.16 X 10-5. Concentrations of the complexes are now: (CdCl+) = 4.55 x 10-4; 
(CdCI2) = 3.58 x 10-3, (CdCl}) = 4.40 x 10-3, and (CdCl~-) = 1.54 x 10-3• Relative importance 
of the Cd species is: CdCl} > CdCl2 > CdCl~- > CdCl+ > Cd2+. Now check our initial approx
imation by substituting these values into Eq. (3.34), which gives (Cn = 0.973. Our approxi
mation that (Cl-) = 1.00 was off by only 3%. In other words, only 3% of the chloride is 
complexed by Cd. However, [(I:Cd - Cd2+)/I:Cd] x 100= 99.8% so practically all of the cad
mium is complexed by chloride. We could repeat the entire calculation starting with (CI-) = 
0.973 M in a second approximation. The final result would, however, differ little from results 
of the first approximation. 

Example 3.3 

It is useful to construct diagrams that show changes in the relative importance of complexes 
as a function of pH or the concentration of a metal or ligand. In such a problem, Butler (1964) 
describes how to calculate as a function of uncomplexed chloride ion, (Cn, the fraction of Cd 
present as Cd2+ ion and as the several Cd-Cl complexes. The general approach involves de
fining and solving simultaneously a series of equilibria, mass-balance, and charge-balance 
equations. 

First, Cd-CI complexing is described in terms of the cumulative (overall) constant ex
pressions. These are: 

(CdCl+) = INCd2+)(CI-), /3,=K=21 (3.36) 

(CdCID = /32(Cd2+)(CI-)2, /32= K,K2= 166 (3.37) 

(CdCl) = /33(Cd2+)(Cl-)3, /33= K,K2K3= 204 (3.38) 

(CdCl~-) = /34(Cd2+)(Cn4, /34= K,K2K3K4 = 71.5 (3.39) 

For simplicity, total cadmium (I:Cd) is symbolized as C in following calculations. The mass
balance equation for cadmium is then 

I:Cd = C = (Cd2+) + (CdCl+) + (CdCl2)+ (CdCl]) + (CdCl~-) (3.40) 

Eliminating the complexes with the cumulative constant expressions in Eqs. (3.36) to (3.39) 
we have 

(3.41) 

The fraction of cadmium present as each species (an) can thus be expressed as a function of 
the constants and (Cl-) alone. 

Cd2+ 1 

a o = C = [1 + /3,(Cl-) + /32(Cl-)2 + /33(CJ-)3 + /3iCJ-)4] (3.42) 

Similar expressions may be written for each of the Cd-CI complexes, which, after substitution, 
are also seen to be functions of ao. The simplest way to obtain these expressions is to divide 
both sides of Eqs. (3.36) to (3.39) by C, and then to substitute aoC for (Cd2+) in each equation. 
Fractions of each complex then equal 

(CdCl+) 
a, = C = /3,(Cn a o (3.43) 

(CdC12) _ 2 
a2 = C = /32(CI ) a o (3.44) 
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0'1 = (CdCI,) = U
1
(CI )'0' 

. C fJ. 0 (3.45) 

(CdCla-) 
0'4 =·c -= f34(CI )40'0 (3.46) 

Two interesting conclusions derive from Eqs. (3.42) to (3.46). First, the fraction of Cd 
present as each species is independent of the total Cd concentration. (This is true when only 
mononuclear Cd complexes are present, but would not be true in the presence of polynuclear 
Cd complexes, that is, Cd complexes that contained more than one atom of Cd). The second 
noteworthy conclusion is that higher chloride complexes increase rapidly in relative impor
tance with increasing total chloride. This is because the concentration of each complex is pro
portional to (Ct-)", where n is the number of CI groups in the complex. 

In preceding expressions (CI-) denotes the concentration of free or uncomplexed chlo
ride. Total chloride is given by the mass-balance equation 

}:CI = (Ct-) + (CdCI+) + 2(CdCI2') + 3(CdCI:i) + 4(CdCI~-) (3.47) 

Substituting successive (Ct-) values into Eqs. (3.42) to (3.46) we can solve for the frac
tions of each Cd species as a function of increasing chloride concentration. The results are plot
ted in Fig. 3.3, which shows that when chloride is less than 10-4 M, free Cd21 dominates and 
Cd-CI complexing is negligible. As chloride concentrations increase (moving from right to left 
in the figure), successively higher chloride complexes become important. In seawater, for ex
ample, where pCI '" 0.25, most of the Cd is complexed, and all four complexes occur in sig
nificant amounts. 

The answer to Example 3.2 can be read directly from Fig. 3.3 or found by substitution 
into Eqs. (3.42) to (3.46). First, given that (Cn = 1.00 M (pCI = 0), we solve for the fractional 
values. These are then multiplied times }:Cd = 0.010 M, the total analytical Cd concentration 
to obtain amounts of the individual species. 

/l'o=0.2%, (Cd2+) = 2 x 10-5 

/l', =4.6%, (CdCI+) = 4.6 x 10-4 

/l'2 =35.8%, (CdC I?') = 3.58 x 10-1 (3.48) 

/l'} =44.0%, (CdCI1) = 4.40 x 10
' 

/l'4 = 15.4%, (CdCI~-) = 1.54 x 10- 1 

They equal the same values determined in Example 3.2. Usually fractional species curves such 
as are shown in Fig. 3.3 are plotted together in one figure to save space and for more direct 
comparison of the relative importances of the species. 

3.4 HYDROLYSIS OF CATIONS IN WATER AND IONIC POTENTIAL 

The dipolar nature of the water molecule (see Fig. 3.1) is an important property of water that influ
ences its interactions with cations. Because of its dipolar character, charge is unevenly distributed at 
the surface of each water molecule, and the protons of one molecule attract the oxygens of adjacent 
water molecules. This attractive force is called hydrogen bonding and relates to €, the dielectric con
stant of water. The dielectric constant is a measure of a solvent's ability to dissolve ionic solids and 
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Figure 3.3 Fraction of Cd present as the free ion and as chloride complexes as a function 
of chloride ion concentration (M) for a total Cd concentration of 0.0 IO M at 25°C. Also 
shown are the distribution of species as computed in Example 3.2, and in seawater. 
Modified after J. N. Butler, 1964. Ionic equilibrium. a mathematical approuch. Used by 
permission. 



Sec. 3.4 Hydrolysis of Cations in Water and Ionic Potential 97 

is higher for water than for any other common inorganic liquid. (For H20, € = 78.54 at 25°C.) Note 
that the bonding between monovalent and divalent cations and the Si-O and Al-O groups in miner
als is mostly ionic. This helps to explain the effectiveness of water as the agent of chemical weath
ering of alumino-silicate minerals such as the feldspars. (See Chap. 7). 

As noted above, multivalent cations in solution tend to be hydrated or coordinated with water 
molecules and thus may be called aquocomplexes. The extent of hydration of a cation is proportional 
to its ion size parameter (a,). (This parameter is used in the Debye-Hiickel equation for ion activity 
coefficients; see Chap. 4). For strongly hydrated Li+, ai == 6 A, whereas for unhydrated Cs+, ai == 2.5 A. 
This compares with the unhydrated sixfold coordination radii of 0.76 A for Li+ and 1.76 A for Cs+ 
in minerals (Shannon 1976). 

The number of surrounding water molecules bonded directly to a cation (the coordination 
number of the cation with respect to H20) is a measure of the cation's surface-charge density. A 
cation's surface-charge density is proportional to the charge of the ion z and inversely proportional 
to ion size o[ radius r measured in solids. Thus we may define the concept of ionic potential, Ip, where 
Ip == dr. (See Table 3.1.) Note that assuming sixfold radii for the cations, the lp for strongly hydrated 
Li+ == 110.76 == 1.32, whereas Ip for practically unhydrated Cs+ == 1/1.67 == 0.60. 

A plot of ionic radius versus cation charge is instructive. Such a plot is shown in Fig. 3.4, with 
dashed lines drawn to roughly separate cation-hydrolysis products by their nature. The following dis
cussion considers the behavior of the cations at pH == 7. The plot in Fig. 3.4 shows that most of the 
"soluble" monovalent and divalent cations found in carbonate and evaporate minerals (especially 
sulfates and chlorides of Na+, K\ Ca2+, and Mg2+) have ionic potentials less than about 3 (the ap
proximate slope of the dashed straight line). The larger ions in this part of the diagram (e.g., K+ and 
Ra2+) and even larger Cs+ and Rb+, which are not shown, are unhydrated or weakly hydrated, whereas 
those with higher ionic potentials form aquocations (e.g., Li+, Mg2+, and Fe2+). 

As ionic potentials increase above 3 (core cation charge densities increase), the positive charge 
densities of the cations become great enough so that they repulse protons from one or more coordi
nating water molecules, and core cations can only exist in solution if bonded in OH- and 0 2- species. 
In this region of the diagram between the dashed lines, core cations may occur in soluble oxycations 
(e.g., Y02+, UO!, and UO~+), hydroxycations (e.g., FeOH2+, AIOH2+, and Th(OHW), and hydroxy
anions (e.g., AI(OH);;, Fe(OH);;, Sb(OH);;, and TeO(OH)s) (see Table 3.3). Also, in this region, par
ticularly among trivalent and tetravalent cations, the number of repulsed protons may equal the pos
itive charge on the cation, resulting in the formation of neutral complexes (e.g., Fe(OH))) and/or 
oxide or hydroxide solids. When thermodynamically stable, most of such solids are highly insolu
ble in natural waters at pH == 7. They include gibbsite IAI(OHh]' goethite IFeOOH], hematite 
IFe203l. pyrolusite IMn02l. thorianite [ThOzl. rutile ITi02l. uraninite [U02J. zircon [ZrSi04]. and 
cassiterite ISn02], among others. 

As Ip increases above values as low as 8.5, and we enter the upper-left portion of Fig. 3.4, the 
bonding between core cation and associated oxygen or hydroxyl is even stronger and largely co
valent. The result is the formation of oxyanionic species such as silicate, selenate, borate, carbonate, 
arsenate, and sulfate, which, because of their relatively low charge densities as oxyanions, form 
rather weak bonds with cations and are soluble. 

As a complication to Ip concepts, several of the above elements are redox-sensitive, and thus 
can occur in more than one valence state. These include As, Cr, Fe, Mn, Mo, and U among many 
others. The solubilities of these elements' compounds depend on which oxidation state of the ele
ment is stable in the compound and in solution for the given conditions. Thus, minerals of reduced 
Fe2+ and Mn2+, and of UO~+' the oxidized form of uranium, are comparatively soluble, and these 
species occur as soluble aquocations. In contrast, Fe3+ and Mn4+ (oxidized) and U4+ (reduced) most 
often occur in insoluble oxides and hydroxide~. 
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Figure 3.4 Charge of core cations in their aquocomplexes plotted against apparent crys
tal radii of the cations in solids (I A = I nm). The radii are mostly from Shannon and Pre
witt (1969). Dashed curves roughly divide species by their behavior. Radii of the cations 
were computed assuming the radius of the oxygen atom equals 1.4 A and is constant. How
ever, it is less than 1.4 A in the oxyanions because of strong covalent bonding between oxy
gen and multivalent cations of N, C, S, and B, for example. Consequently, the apparent radii 
of these cations shown in the figure are only qualitatively meaningful. (e) cations and 
aquocations; (0) hydroxycations and hydroxyanions; (x) oxycations; (0) oxyanions. 
Reprinted with permission from Techniques of estimating thermodynamic properties for 
some aqueous complexes of geochemical interest, D. Langmuir. In Chemical modeling in 
aqueous systems, ed. E. A. Jenne, Am. Chem. Soc. Symp. Ser. 93. Copyright 1979 Ameri
can Chemical Society. 

Chap. 3 

Given in Table 3.3 are the species formed by hydrolysis of cations in water at 25°C and be
tween pH 2 to 12. The nature of these species is broadly related to ionic potentials of the core cations 
in Table 3.1, and more qualitatively a function of core cation charge as apparent from the listing in 
Table 3.3. Complex formation in natural waters will involve the replacement of one or more coor
dinating hydroxyls or water molecules in these species by other ligands. 

As might be expected from the preceding discussion, the tendency of cations to form OH com
plexes, thus the association constants of such complexes, are roughly proportional to ionic potentials 
of the cations. We would then expect a plot oflog Kassoc versus Ip to have a positive slope for cations 
that form chiefly electrostatic bonds with OH. A related and theoretically better measure of electro
static bonding than ionic potential is the coulombic function ZMzd(rM + rL), which considers the 
charge and radius of both the metal cation (M) and the complexing ligand (L). Shown in Fig. 3.5 is 
a plot of log Kassoc versus this function for a number of I: I cation-hydroxy complexes. (Remember 
~G~ssoc== -RT In Kassoc.) The plot shows that the weakly OH-complexed alkali metal and alkaline 
earth cations plot along a straight line. The line has a slope of 3.1, predicted by the simple electro-
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TABLE 3.3 Species formed by hydrolysis of cations in water at 25°C and pH 2 to 12 

Valence of 
core cation 

1+ 

2+ 

3+ 

4+ 

5+ 

6+ 

Cations and complexes 

Ag, Au, Cu, Hg, K, Li, Na 

Ba, Ca, Cd, Co, Fe, Mg, Mn, Ni, Pt, Ra, Sr, Zn; Be(OH)~-1110-4J, Cu(OH)~--11[0-4J, 

CU2(OHW, Hg(OH)~-11 [0-3], Pb(OH)~-1I10-3), Pb,(OHW, Sn(OH)~-I1(O-31 

AI(OH):'-"[0-4], AsO+' As(OH)~-11(3, 41, Au(OH),;-11(2-4], B(OH)~-11[3, 4], 

Bi(OH)~-"[O-4j, Bi 6(OHm, Bi9(OH)~7-1I[20-22], Cr(OH)~-II[O-4J, Cr3(OHW, 

Fe(OH)~-"(0-4J, HI1NO~-I1[O, I j, La3+, Mo'+, Sb(OH)~-11(2-41, V(OH)~-1I[0-3 j 

HIICOr"10-2j, HI1SOl-"[O, 1 J, HnSeOj-II[0-2J, HI1SiO!-" [2-4], Pb(OH)~-1113-6?J, 

Pt(OH)~-I1[ 1-4?1. Sn(OH),\,?, Te(OH)~--11[3, 41, TeO(OH)~-"[2, 3], VO(OH)~-I1[O, 1), 

Th(OH)~-"(0-4 J, Th2(OH)~+' Ti(OH)114-"[2-4j, U(OH)~-1111-4 j 

HI1AsOg-3[O-3J, HI1PO.;,-3(0-3j, HI1VOr311-4), 103, NO}, Sb(OH)~-11[5-6J, U01 

HIiCrOl-"[O, 1 j, HnMoOJ-I1[0-2), HnSOJ-I1[O, I], HnSeO}-"[O, 1 J, HI1W01-n(O-2j, MnOJ-, 

Te0I1(OHt,,~211-m[nm = 06, 15,24), (U02)Il(OHf,::-mlnm = 10, 11,22, 35J, W 120~9 

Note: Only species that may exceed 10% of the total core cation concentration are listed. Cations are written as free species 
if they occur chiefly as slich in the pH range 2 to 12. When a cation is less stable than its hydroxy or oxycomplex at a pH level 
below 7, the hydroxy or oxycomplex is listed instead of the free cation. Most of the free cations occur as aquocations. Ele
ments that form polynuclear complexes are assumed to occur at S; 10-5 molal total concentrations. Brackets enclose possible 
values of nand/or m. 
Source: Most of the tabulated species are discussed by Haes and Mesmer (1976, 1981). Table is modified after Langmuir 
(1979). Reprinted with permission from Techniques of estimating thermodynamic properties for some aqueous complexes of 
geochemical interest, D. Langmuir. In Chemical modeling ill aqueous systems, ed. E. A. Jenne, Am. Chern. Soc. Symp. Ser. 93. 
Copyright 1979 American Chemical Society. 

static model (Langmuir 1979), which assumes metal cation-OH bonding is purely electrostatic and, 
therefore, proportional to the coulombic function. Metal-OH complexing is stronger and becomes 
increasingly covalent (inner sphere) as zMzd(rM + rL) values increase for species plotting above the 
line (cf. Baes and Mesmer 1976,1981). 

3.5 ELECTRONEGATIVITY AND THE STABILITIES 
OF INNER-SPHERE COMPLEXES 

In this and following sections we will consider other approaches that have been used to understand 
the stabilities of inner- and outer-sphere complexes. The concept of electronegativity (EN) helps to 
explain the stabilities of complexes that have some inner-sphere character. Electronegativity is de
fined as the power of an atom or ion to attract electrons (d. Pauling 1960). Electronegativity data for 
monatomic cations and ligands can be found in Pauling (1960), Gordy and Thomas (1956), Allred 
(1961), Wells (1962), Fyfe (1964), RosIer and Lange (1972), Clifford (1959), and Moskvin (1975). 
Unfortunately, such data are lacking for polyatomic cations and ligands, although EN may be esti
mated or computed for such species from mineral solubility products (Clifford 1959). 

Atoms with high EN's (especially above 2) are Lewis bases. These are chiefly nonmetal ions 
or potential ligands. Atoms with EN values less than about 2 are generally metal cations and Lewis 
acids (see Table 3.4). Bonding in inner-sphere complexes depends (in part) on ~EN, the difference 
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Figure 3.5 Plot of the association constant of some I: I metal cation-hydroxy complexes 
at zero ionic strength (see Chap. 4) versus the electrostatic function lMzOH/(rM + rOH), where 
the association reaction is written M' + OH- = MOH,-I, and z and r are the charge and radius 
in nanometers (nm) or angstroms (A) (l nm = I A) of cation M and OH (rOH = 1.40 nm). 
Cation radii are from Shannon and Prewitt (1969), log Kassoc values from Baes and Mesmer 
(1981). The slope of the straight line suggests the contribution of electrostatic (ionic) 
bonding to the stability of the complexes. The extent to which species plot above this line 
presumably reflects the increased contribution of covalency to their stabilities. 
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TABLE 3.4 Electronegativities of some ions 

Atomic number Species EN Atomic number Species EN 

H' 2.20 29 Cut 1.8 
3 I .+ JI 0.98 Cu2+ 2.0 

4 Be2+ 1.57 30 Zn2+ 1.65 

5 B3+ 2.04 33 Asl+ 2.0 

6 C4+ 2.55 Ass+ 2.2 

7 N3+ 3.04 35 Br- 2.96 

8 0 2- 3.44 37 Rb+ 0.82 

9 F- 3.98 38 Sr2+ 0.95 

11 Na+ 0.93 42 M04+ 1.6 

12 Mg2+ 1.31 
M06+ 2.1 

13 AP+ 1.61 
47 Ag+ 1.93 

14 Si4+ 1.90 
48 Cd2+ 1.69 

15 p3+ 2.19 
50 Sn2+ 1.7 

Sn4+ 1.96 
16 S2- 2.58 53 1- 2.66 
17 CI- 3.16 55 Cst 0.79 
19 K+ 0.82 56 Ba2+ 0.89 
20 Ca2+ 1.00 57 Lal+ 1.\0 
21 Sel+ 1.36 79 Au+ 2.54 
22 Ti4+ 1.54 Aul+ 2.9 
23 y3+ 1.35 80 Hg+ 1.8 

y4+ 1.6 Hg2+ 2.00 
ys+ 1.8 81 TI+ 1.5 

24 Crl+ 1.6 TIl+ 2.04 
Cr6+ 2.1 82 Pb2+ 1.6 

25 Mn2+ 1.4 Pb4+ 1.8 
Mn7+ 2.3 88 Ra2+ (0.83) 

26 Fe2+ 1.7 90 Th4+ 1.1 Fel+ 1.8 
27 C02+ 1.88 

92 U4+ 1.3 
U6+ 1.9 

28 Ni2+ 1.91 U01+ ( 1.8) 

Complex ligands Coord. no. EN Complex ligands Coord. no. EN 

OH- 1 3.1 HPO~- 2.8 
2 2.75 C02- (2.5) 

3&4 2.15 
3 

HCOj (- 4) 
NO- 3.5 HS- (2.33) 3 

H2PO;; 3.15 SO~- 3.7 

Source: From or based on Pauling (1960). Wells (1962). Allred (1961). Fyfe (1964). Rosier and Lange (1972). and Moskvin 
(1975). Parenthetic values are estimates based chiefly on Clifford (\ 959). 

in electronegativities between the cation and ligand in the complex. When dEN = 0 (as for the car-
bon-carbon bond in diamond), the bonding is purely covalent. Pauling (1966) suggests that when 
dEN < 1.7, covalency predominates over ionicity. Larger dEN values indicate chiefly electrostatic 
or ionic bonding between cation and ligand. 
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Figure 3.6 Stabilities of some I: I oxyanion complexes are plotted against the electro· 
negativity (EN) of the cation. Literature data have been corrected to zero ionic strength 
when necessary. Lines through the data for HCOl and SO.1- complexes are for mean val· 
ues. Curves drawn through the HPOl- and COj- data have no statistical significance. 
Assuming the following approximate EN values for HCOl (4 estimated), SOl- (3.7), 
HPOa- (2.8), and COj- (2.5 estimated), /lEN differences between cations and ligands 
suggest that bonding is largely electrostatic in the bicarbonate complexes, but becomes 
increasingly covalent in the phosphate and carbonate complexes. Reprinted with per· 
mission from Techniques of estimating thermodynamic properties for some aqueous com· 
plexes of geochemical interest, D. Langmuir. In Chemical modeling in aqueous systems. ed. 
E. A. Jenne, Am. Chern. Soc. Symp. Ser. 93. Copyright 1979 American Chemical Society .. 

Plotted in Fig. 3.6 are the association constants of some I: I complexes of divalent metal ions 
versus their electronegativities. The figure shows that association constants for the bicarbonate and 
most of the sulfak complexes are practically independent of EN or 6EN. For the alkaline earths, 
bonding with all four ligands is also largely ionic (i.e., independent of EN). These all must be, there· 
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fore, chiefly ion pairs. Increases in Kassoc values for the bicarbonate and sulfate pairs from Be 
(lp = 4.44) to Ba (lp = 1.48) may reflect the decreasing strength of hydration of the cations, which 
allows the closer approach of ligands and a corresponding increase in the strength of ionic bonding 
in the complex. 

Figure 3.6 shows that the carbonate and biphosphate complexes increase in stability with in
creasing EN of the cation (decreasing ~EN between cation and ligand), especially for cation EN val
ues above 1.5. Based on the relative solubilities of their saits, EN values for CO~-, HPO~-, and SO~
should decrease from near 4 to about 2.5 in the order SO~ > HPO~ > CO~-. Thus, covalency of 
bonding should be least for the sulfate complexes, and greatest for the carbonate complexes that may 
be chiefly of inner-sphere character for cation EN values above 1.5. 

3.6. SCHWARZENBACH'S CLASSES A, B, AND C, AND PEARSON'S 
HARD AND SOFT ACIDS AND BASES 

There are no simple rules involving strictly electrostatic bonding or covalent bonding that can ex
plain all the observed stabilities of complexes. To develop a more comprehensive understanding of 
complex stabilities we will now discuss two schemes that consider the following: (I) the detailed 
electronic structures of individual cations (Schwarzenbach's class A, B, and C cations); and (2) the 
electronic structures of both cations and ligands as well as their electronic interactions (the concept 
of hard and soft acids and bases I HSAB I). 

Pearson (1973) and Ahrland (1973) (see also Brimhall and Crerar 1987) classify cations and 
ligands as hard or soft acids or bases. The cations are Lewis acids and the ligands Lewis bases, with 
the metal cation and ligand acting as electron acceptor and donor, respectively. Soft implies that the 
species' electron cloud is deformable or polarizable with the electrons mobile and easily moved. 
Such species prefer to participate in covalent bonding. Hard species are comparatively rigid and 
nondeformable, have low polarizabiIity, hold their electrons firmly, and prefer to participate in ionic 
bonds. Hard acids form strong, chiefly ionic bonds with hard bases, whereas soft acids form strong, 
chiefly covalent bonds with soft bases. In contrast, the bonds formed between hard-soft or soft-hard 
acids and bases are weak, and such complexes tend to be rare. Table 3.5 summarizes the relationship 
between the cation and ligand classifications of Schwarzenbach (1961) and the HSAB classification 
for a number of substances. 

Schwarzenbach (1961) proposed three general classes of metal cations (A, B, and C) based 
upon their electronic configurations (cf. Phillips and Williams 1965; Nancollas 1966). Class A metal 
cations, which have noble gas configurations, are listed here. 

Cation (increasing covalency ~) 

Li+, Be2+ 

Na+, Mg2t, AP+ 
K+, Ca2+, Sel +, Ti4+ 
Rb+, Sr2+, y3+, ZrJ+ 
Cs+, Ba2+, Lah 

Atomic configuration 

He 
Ne 
Ar 
Kr 
Xe 

Note that the bonding of class Acations becomes increasing covalent as the cations increase in charge 
and decrease in size, or in other words, as their ionic potentials increase. Class A cations have spheri
cal symmetry and low polarizability and thus are hard spheres (d. Stumm and Morgan 1981). They 
are included among the list of hard acids in Table 3.5. 
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TABLE 3.5. Relationship (where there is one) between Schwarzenbach's (1961) cation classifications (A, 
B, and C) and the hard and soft acids and bases (HSAB) classification of Pearson (1973) 

Ion 

Li+, Be2+, Na+, Mg2+, AI'+, Si4+, 

K+, Ca2+, Sc3+, Ti4+, Rb+, Sr2+, y3+, 
Zr4+, Cs+, Baz+, La3+ 

Oa'+' In'+, Sn4+ 

UO/+, U4+, Th4+, Pu4+ (Actinides) 

Cu+, Ag+, Au+, Au3+, Pd2+, 
Cdz+, Hgz+, TJ3+ 

Tl+, Hg+, CH3Hg+ 

F-, HzO, OH-
Oxyanions: SO~-, CO~-, HCO:1, 
CzOl-, H"PO~-3, H"AsO/-3, etc. 

1-, HS-, S2-, CN-, SCN-, Se2-, Te2-, 
SzOJ-, -SH, -SCH), -NH2 

Schwarzenbach's classification 

Class A 

Class B 

Class C 

Class B 

Class C 

Class B 

HSAB classification 

Hard acids 

Borderline acids 
(between hard and soft) 

Soft acids 

Hard bases 

Borderline bases 
(between hard and soft) 

Soft bases 

Hard cations tend to form largely electrostatic bonds with ligands, especially when the ligands 
are hard and the cations monovalent or divalent. Important complexes are formed between hard di
and higher valent cations and the hard ligands F-, H20, and OH-, The stabilities of complexes gen
erally decrease in the order: OH- > F-, CO~- > HPO~-» NOI, and POl-» HPOi- > sol-. Com
plexes are usually not formed with S, N, C. CI-, Br-, or 1-, because these species cannot compete 
with H20 or OH-, except in high chloride brines where CI- complexes with tri- and higher valent 
hard cations can be important. Complexes probably decrease generally in stability in the order of de
creasing ligand hardness: F- > CI- > Be > 1-, although data are mostly lacking for the extremely weak 
1- and Br- complexes. 

Because bonding is in large part electrostatic, when a single ligand is considered, Kassoc values 
are usually proportional to ZM/rM (= Ip) or to ZMzd(rM + rl.)' where the M and L subscripts denote 
cation and ligand charge and radii, respectively (Phillips and Williams 1965; Cotton and Wilkinson 
1988). As ZM/rM values increase, however, covalent bonding becomes important. For example, im
portant covalency and cation deformation occurs when complexes are formed with Be2+ or species 
such as Fe3+, AI3+, and U4+ (see Fig. 3.5). 

Schwarzenbach (1961) defines class B metal cations as those with electron configurations of 
Nio

, PdQ, or PtO (cf. Stumm and Morgan 1981). The gr~:)Up includes Cu+, Ag+, Au+, Zn2+, Cd2+, Hgz+, 
Ga3+, In3+, T13+, and S04+, where the species in boldface here and below are the most important, geo-
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Figure 3.7 Stabilities of some class B 
divalent cation complexes are shown at 
zero ionic strength, based on published 
data. Ligand EN values are 1- (2.66), Br
(2.96), G (3.16), F- (3.98), OH- (3.1), 
and SH- (2.33). Cation EN values all range 
from 1.6 to 1.7, except EN = 2.00 for Hg2+. 
Reprinted with permission from Tech
niques of estimating thermodynamic prop
erties for some aqueous complexes of geo
chemical interest, D. Langmuir. In 
Chemical modeling in aqueous systems, 
ed. E. A. Jenne, Am. Chem. Soc. Symp. 
Ser. 93. Copyright 1979 American Chemi
cal Society. 

chemically. Mono- and divalent class B cations are considered soft acids and are highly polarizable, 
whereas the trivalent cations and Sn4+ are hard acids. Sometimes also included in the soft acid list 
are TI+, Sn2+, Pb2+, and Bi3+. However, Pearson (1968) prefers to treat Zn2+, Pb2+, Sn2+, and Bi3+ as 
"borderline," rather than as truly soft or hard cations (see Table 3.5). 

Class B cations form largely covalent bonds in complexation, so that the stability of their inner
sphere complexes tends to decrease with increasing !lEN values between the cation and ligand. Thus 
stability constants for the monovalent cation complexes and Pb2+, Cd2+, and Hg2+ complexes de
crease in the orders 1- > Br- > Cl- > F-, and S2- > SH- > OH- > F- (see Figs. 3.7 and 3.8). For Sn2+, 
Zn2+, and In3+, complex stabilities are reversed for the halogens and decrease in the order: OH- > 
F- > CI- > Br- > r-. The latter three cations thus exhibit hard-acid behavior with respect to OH- and 
the halogens. As shown in Fig. 3.6, the divalent class B cations form SO~- complexes, and probably 
also HPO~- complexes. Soft-acid cations, including those among the class B group, generally form 
their strongest complexes when they associate with the soft ligands 1-, SH-, S2-, Se2-, and Te2-, 

among others (Table 3.5). 
Zn2+, Cd2+, and especially Hg2- are strong complexers, although the mercuric complexes are 

typically orders of magnitude stronger than those of Zn2+ or Cd2+ (Fig. 3.7). Unlike Zn2+ and 
Cd2+, Hg2+ also forms strong organometallic complexes (e.g., monomethylmercury ion, CH3Hg+), 
which are very important environmentally. Mercury also occurs as the Hg1+ ion, which is a weak 
complexer. 
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Figure 3.8 Stabilities of some 
class B monovalent cation com
plexes and TI+ complexes. based on 
published data. Cation EN values 
are: TI+ (1.5), Ag+ (1.93), Cu+ (1.8), 
Au+ (2.54). Reprinted with permis
sion from Techniques of estimating 
thermodynamic properties for some 
aqueous complexes of geochemical 
interest, D. Langmuir. In Chemical 
modeling in aqueous systems, ed. 
E. A. Jenne, Am. Chern. Soc. Symp. 
Ser. 93. Copyright 1979 American 
Chemical Society. 

For the reaction 2Cu+ = CUD + Cu2+, K = 1<Y' = [Cu2+]I[Cu+j2, so that Cu+ is relatively unim

portant in solution. It occurs, however, in sulfides such as CU2S (chalcocite) with Ksp = 10-485 (Smith 
and Martell 1976). In solution, Cu+ and Ag+ usually occur in fourfold coordinated complexes. Au+ 
is unimportant in natural waters. 

The transition element cations, which comprise Schwarzenbach's class C, have 0 to 10 d sub
shell electrons in the M shell (first series) or N shell (second series). etc. Examination of Table 3.5 
shows that the class C cations are generally considered either hard or borderline hard-soft acids. 
These cations have partially filled 3d subshells either in the ground state or when ionized (Table 3.6). 
Moving across the periodic chart from Sc to Cu, protons are added to the nucleus and electrons to 
the unfilled inner 3d subshell. Attraction of these inner electrons to the nucleus leads to an overall 
decrease in cation radii (Table 3.7). The divalent ions are generally sixfold, coordinated in com
plexes. Cu2+ is an exception and, because of its small size and unique electronic configuration, tends 
to occur in distorted four- or sixfold coordination. Table 3.7 also lists Ip, EN values, and thermody
namic data for divalent cations of the first transition series. The near-constancy of So for the transi
tion metal cations (except for Mn2+) indicates that their aquoion stability differences reflect chiefly 
tlHl differences. Typically, the stability order for inner-sphere M2+ complexes (the Kassoc values) fol
lows the l1Gl, tlHl and EN sequences for the aquocations shown in Table 3.7 (cf. Yatsimirskii and 
Vasil'ev 1966). Thus for the M2+ cations of geochemical interest, complex stabilities with a given 
ligand increase in the order Ca < Mn < Fe < Co < Ni < Cu > Zn. This is the same as the order of in-
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TABLE 3.6. Number of 3d electrons and common valence states in natural waters of elements with 
atomic numbers 20 to 30. 

Element Number of 3d electrons (+) Valence states Comments 

Ca 0 2 Ion is class A 
Sc I 3 Ion is class A 
Ti 2 (2), (3), 4 4+ is class A 
V 3 2,3,4,5 
Cr 5 (2),3,4 
Mn 5 2, (3), 4 3+ in minerals only 
Fe 6 2,3 
Co 7 2, (3) 3+ in minerals only 
Ni 8 2 
Cu 10 1,2 1+ is class B 
Zn 10 2 2+ is class B 

Note: Parentheses indicate ion is rare or does not exist in natural waters as a complex former. 
Source: Reprinted with permission from Techniques of estimating thermodynamic properties for some aqueous complexes of 
geochemical interest, D. Langmuir. In Chemical modeling in aqueous systems, ed. E. A. Jenne,Am. Chern. Soc. Symp. Ser. 93. 
Copyright 1979 American Chemical Society. 

creasing Jp, except for Cu2+, which is preferentially stabilized in complexes because of lahn-Teller 
effects (Cotton and Wilkinson 1988). The above sequence is called the lrving-Williams order. It is 
followed by the stability constants of inner-sphere complexes formed with ligands that include bisul
fide, oxalate, citrate, glycinate, NTA, and EDTA (Nancollas 1966; Yatsimirskii and Vasil'ev 1966; 
Ringbom 1963; Stumm 1992; Luther et al. 1996), soil fulvic-acid complexes (Schnitzer 1971), and 
also by the stability constants of the sulfide, telluride, and hydroxide minerals (Smith and Martell 

TABLE 3.7. Some properties of the divalent aquocations of elements with atomic numbers 20 to 30, 
at 25°C and 1 bar total pressure 

Cation Ca Ti V Cr Mn 

Radius (nm) 1.00 0.86 0.79 0.80 0.83 
Ip 2.00 2.33 2.53 2.50 2.41 
EN 1.00 1.54 1.63 1.66 1.55 
t1G} (kcal/mol) -132.24 (--75.1) -54.7 -42.1 -54.5 
t1H'I (kcal/mol) -129.71 -33.2 -52.76 
So (cal/mol K) -12.79 -17.6 

Cation Fe Co Ni Cu Zn 

Radius (nm) 0.78 0.745 0.69 0.73 0.74 
Jp 2.56 2.68 2.90 2.74 2.70 
EN 1.83 1.88 1.91 ].90 1.65 
t1G 1 (kcal/mol) -21.8 -13.0 -10.9 + 15.68 -35.19 
t1Hl (kcal/mol) -22.1 -13.9 -12.9 +15.70 -36.66 
So (cal/mol K) -25.6 -27 -30.8 -23.21 -26.2 

Note: Ti2+, V2+, and Cr2+ are unstable In water. 
Source: Crystal radii are for sixfold coordination (Shannon 1976). EN values are from Allred (1961). Thermodynamic data 
for Ca, Cu, Co, Mn, Ni, and Zn are from Wagman et al. (1982); Ti, V, and Cr from Latimer (1952); and Fe from Tremaine 
et al. (1977). Reprinted with permission from Techniques of estimating thermodynamic properties for some aqueous com
plexes of geochemical interest, D. Langmuir. In Chemical modeling in aqlleous systems, ed. E.A. Jenne, Chern. Soc. Symp. 
Ser. 93. Copyright 1979 American Chemical Society. 
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Figure 3.9 Association constants of the I: I hydroxycomplexes of divalent metal cations 
of the first transition series based on the following sources: (D) Wagman et al. (1982). 
(x) Baes and Mesmer (1976), (e) Yatsimirskii and Vasil'ev (1966), (ll) Smith and Martell 
(1976). From Langmuir (1979). Reprinted with permission from Techniques of estimating 
thermodynamic properties for some aqueous complexes of geochemical interest, D. Lang
muir. In Chemical modeling in aqueous systems, ed. E. A. Jenne, Am. Chern. Soc. Symp. 
Ser. 93. Copyright 1979 American Chemical Society. 
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1976; Naumov et al. 1974). The tendency for the divalent transition metal cations to be adsorbed by 
hydrous ferric oxides follows this order (see Chap. lO). Although data are incomplete, available sta
bility constants for M2+-CO~-, and HPO~- complexes (Fig. 3.6) also appear to follow the Irving
Williams order, suggesting that they have significant inner-sphere character. 

The Irving-Williams order results from an enhancement of stabilities for complexes formed 
with Fe2+, C02+, Ni2+, and Cu2+, because of electronic interaction between the cation and ligand, 
that is, ligand field stabilization energies, LFSEs (Cotton and Wilkinson 1988). Such effects do not 
occur with Mn2+ or Zn2+, so that their complexes are generally less stable than those formed with 
Fe2+ and Cu2+, respectively. Accordingly, a plot of AGo, tlH°, or log Kassoc data for a particular ligand 
against atomic number will usually show minima at Ca2+, Mn2+, and Zn2+. LFSE effects will raise 
the stabilities of intermediate complexes above the line connecting Ca2+, Mn2+, and Zn2+. The Mn2+ 
to Zn2+ portion of such a plot is shown in Fig. 3.9 for I: 1 divalent metal-OH- complexes. Stability 
data for these complexes reported by Yatsimirskii and Vasil'ev (1966) follow the Irving-Williams 
order. These authors suggest log Kassoc values of 3.9 and 3.7, respectively, for the reaction Fe2+ + 
OH- = FeOH+. Data in Wagman et aI., (1982) yield log Kassoc = 7.2, with Baes and Mesmer (1976) 
and Smith and Martell (1976) both suggesting log Kassoc = 4.5. These latter three data sets violate 
the Irving-Williams order, and, in addition, the sets of Baes and Mesmer and Smith and Martell sug
gest no LFSE for NiOW, which seems unlikely. Whichever of these data are correct, it is clear that 
Kassoc = 7.2 for FeOH+ from Wagman et al. (1982) is too large, making this complex an important 
species in most groundwaters. 
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Based on LFSE arguments, the stability constants of trivalent cation transition metal com
plexes often follow the Irving-Williams order, which is Sc < Ti < V < Cr < Mn > Fe < Co < Ni < Cu 
> Ga. For the trivalent cations stable in natural waters, flGl, flH'!, and EN data suggest the order of 
increasing complex stabilities should be V < Cr« Fe < Co » Ga. Among the trivalents, Sc3+, Fe3+, 
and Ga3~ form the sequence of minimal complex stabilities, reflecting the absence of LFSE effects, 
with intermediate cation complexes having greater stabilities because of such effects. 

Exceptions to the two Irving-Williams orders for inner-sphere complexes occur particularly 
when complexes with more than four ligands or large, asymmetric ligands are compared (Ring
born 1963). Stability-constant sequences for weak outer-sphere complexes, such as those formed 
with chloride (Libus and Tialowskia 1975) and fluoride (Smith and Martell 1976; Hancock and 
Marsicano 1978) do not obey the Irving-Williams orders. 

As noted earlier, Pearson (1973) lists cations Mn2+, Ga3+, Cr3+, C0 3+, and Fe3+ as hard acids. 
The divalent cations Fe, Co, Ni, and Cu are described as "borderline" between the hard and soft acids 
(Table 3.5). 

3.7 MODEL-PREDICTION OF THE STABILITIES OF COMPLEXES 

The stability constants of ion pairs (their log Kassoc values) have been shown to be proportional to the 
electrostatic function zMzdd, where ZM and ZL are the charge of metal cation and ligand, and d = rM + 
rL' the sum of their crystal radii (cf. Fig. 3.5). Mathematical models for predicting ion pair stabili
ties generally assume this proportionality and include the simple electrostatic model, the Bjerrum 
model, and the Fuoss model (cf. Langmuir 1979). Such models can predict stabilities in fair agree
ment with empirical data for monovalent and divalent cation ion pairs. 

A number of researchers have developed useful models for predicting the stability of com
plexes that involve partially ionic (electrostatic) and partially covalent bonding. The models weight 
the influence of each bond type. The weighting may proportionalize the ionic contribution with some 
variation of the electrostatic function for the complex and account for the covalent bond contribu
tion via the EN difference between the cation and ligand (cf. Nieboer and McBryde 1973). Weight
ing may involve assigning numerical values to both cation and ligand to describe their degree of 
hardness or softness (cf. Pearson, 1973). The two approaches have been shown to be closely related 
(cf. Hancock and Marsicano 1978). More recently, Brown and Sylva (1987) introduced the concept 
of electronicity and a single numerical scale of electronicity values for both cations and ligands, with 
success predicting the stabilities of complexes. Electronicity is also related to the hard and soft char
acter of cation and ligand in the complex. 

Langmuir (1979) showed the usefulness of a diversity of graphic methods for predicting the 
stabilities of complexes. For example, a plot that compares the log Kassoc values of complexes formed 
by a variety of cations and two similar ligands (e.g., the hard ligands CO~- and C20~-) is often a 
straight line (cf. Fig. 3.10). In the same way, a plot of the log Kassoc values of complexes formed by 
different ligands and two similar cations (e.g., the hard cations A13+ and Fe3+) will often be close to 
a straight line. Such comparison plots are most useful when the cations and ligands being compared 
have the same charge, similar size and geometry, similar electron configurations and bonding prop
erties, and form complexes having the same structures. 

Another useful graphic approach is to plot the number of ligands (n) in monomeric complexes 
with a given ligand (L) against log f3n' where f3n is the cumulative formation constant of each com
plex with cation M (f3" = [ML.]/[M]rL]"). Such a plot is given in Fig. 3.11 for uranium complexes. 
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Figure 3.10 Stability constants of some 
1: 1 divalent metal carbonate complexes 
plotted against stability constants for the 
corresponding oxalate complexes. Data 
are from the literature and are for zero 
ionic strength. The equation of the line 
is log Kassoc(MC03) = 1.11 x 
log Kassoc(MC20~). Based on Martell 
and Smith (1977), log Kassoc(FeCP4> = 
4.52, from which we predict 
log Kassoc(FeC03) = 5.02. D. Langmuir. In 
Chemical modeling in aqueous systems, 
ed. E. A. Jenne, Am. Chern. Soc. Symp. 
Ser. 93. Copyright 1979 American Chemi
cal Society. 

Figure 3.11 Cumulative formation con
stants of monomeric U4+ and UO!+ com
plexes plotted against their ligand num
bers. All the data are for zero ionic 
strength (I) unless otherwise indicated 
(see Chap. 4). Reprinted with permission 
from Techniques of estimating thermody
namic properties for some aqueous com
plexes of geochemical interest, D. Lang
muir. In Chemical modeling in aqueous 
systems, ed. E. A. Jenne, Am. Chern. Soc. 
Symp. Ser. 93. Copyright 1979 American 
Chemical Society. 
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When lines connecting successive log fill values for different ligands cross on such a plot, values of 
the cumulative constants involved may be suspect. In this instance plotted PII values for U02HPOg 
and U02(HP04)~~ are suspect (Langmuir 1978). In fact, Grenthe et al. (1992) have since questioned 
the existence of the 1:2 complex. 

3.8 THE THERMODYNAMICS OF COMPLEXATION 

The stability of a complex is usually described by its stability constant, which is also known as its 
formation or association constant. The stability constant may refer to a stepwise or a cumulative 
(overall) complex-formation reaction. If Kassoe, applies to the simple reaction 

M+L=ML (3.49) 

where M and L are the cation and ligand and ML the complex, we also know that for the complexa
tion reaction 

and 

(3.50) 

(3.51 ) 

The stability of the complex depends on the relative and absolute contributions of 11110 and I1So. For 
most complexation reactions a positive I1So stabilizes the complex. This net positive entropy change 
reflects structural changes in the solution consequent to complexation. The total entropy change that 
attends complexation may be written: 

(3.52) 

(-) H (+) 

where the signs in parentheses indicate the usual contribution of each term. There is an entropy re
duction (115~el ehg) due to the decrease in number of charged particles. Some of the translational en
tropy (115~r) of the separate cation and ligand is converted to vibrational (115~ibr) and rotational en
tropy (115~0I) in the complex. However, the chief contribution is usually the +I1Sdehydrterm that reflects 
partial dehydration of the cation and/or ligand. Complexation leads to a breakdown of the structured 
water of hydration, especially around the cation, with a resultant decrease in the order of the solu
tion. Accordingly, the I1Sdehydrterm is proportional to the number of water molecules displaced by the 
ligand. Thus 115dehydr (and +I1SO total) is greatest for multivalent ion complexation, since these 
species are initially the most hydrated. If little or no coordinating water is eliminated in complex for
mation, a net -I1So may result because of the contributions of -I1S~el ehg and -I1S~r' This is the case 
with cation-neutral ligand complexes, which consequently are weak. For the same reason 1150 is less 
positive in ion pair formation than in inner-sphere complexation. 

The +1150 term is usually greatest for addition of the first ligand to the cation, decreasing for 
each successive ligand. Consistent with this fact. stepwise complexation constants tend to decrease 
with increasing ligand number. 

Because chelates (such as EDTA) bond a cation via more than one electron-donating atom, 
they tend to free several cation-coordinating waters upon complexation. The result is an unusually 
large +1150 contribution to the formation of chelates as opposed to that of monodentate complexes 
(cf. Cotton and Wilkinson 1988). 
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Complexes are stabilized more often by +AS~ssoc than by -Mi~ssoC" In fact for many complexes 
AH~ssoc is positive and their formation is endothermic (see Chap. I, Table A I .2), which means that 
their stabilities increase with increasing temperature. 

3.9 DISTRIBUTION OF COMPLEX SPECIES AS A FUNCTION OF pH 

Early in the chapter we showed how to construct a distribution plot that described the relative con
centrations of Cd2+ and its chloride complexes as a function of chloride concentration (see Fig. 3.3). 
A similar approach is used to create a diagram showing the fractional distribution of an acid and its 
dissociation products with pH (see Chap. 5, Acids and Bases). Butler (1964) provides example cal
culations for the related but more intricate problem of constructing a plot to describe the relative 
amounts of metal-ligand complexes with pH when one metal cation and several ligands are present. 
In present practice such calculations are conveniently performed with a computer spreadsheet and 
the figure drawn by a computer-graphics program. They may also be performed using the sweep op
tion of MINTEQA2, usually assuming an ionic strength of zero and ignoring activity coefficients. 

In this section we will study examples of several distribution plots that offer a convenient and 
powerful way to examine changes in the speciation of complex-forming metal cations with pH. Such 
plots are particularly useful when studying the complexation of multivalent hard cations, such as the 
actinides that tend to form important hydroxyl complexes. Other ligands must displace OH in order 
to complex the cation. They have difficulty in so doing except in acid waters where competition with 
OH is minimal. 

A logical way to approach metal cation complexing in natural waters is to first study hydroxyl 
complexing of the cation as a function of pH. For example, Fig. 3.12(a) is a distribution plot of tho
rium hydroxy complexes from pH 2 to 8 in pure water at a typical1:Th concentration of 0.01 I1g/L 
(4.3 x 10-11 M). As is usually observed for trivalent and quadrivalent cations, the free ion, in this case 
Th4+, predominates only in acid waters. With increasing pH, thus with increasing OH concentrations, 
successive Th-OH complexes become predominant. The most notable characteristics of Fig. 3.12(a) 
are that Th4+ and the Th(OH)4' complex gominate between pH 2 and 8, and that the intermediate com
plexes rarely reach 50% of Th. Th(OH)4' is clearly a strong complex and the most important of these 
species at pHs typical of natural waters. The general stepwise formation reaction for the complexes 
may be written 

Th(OH) 4-11 + H 0 = Th(OH) 3-11 + H+ 11 2 1l+1 (3.53) 

where n = 0 to 3. For the first stepwise reaction the equilibrium expression is 

[ThOH3+] [W] 
*K = --~---- = 10-3.2 

I [Th4+] 
(3.54) 

Examination of this relationship shows that concentrations of Th4+ and ThOH3+ are equal when 
p* KI = pH = 3.2. This is the point in Fig. 3.12(a) where the mole percent curves for the two species 
cross. Similarly, the curves for ThOW+ and Th(OHW cross and the species are equal when p*K2 = 
pH = 3.87. Note that Th(OH)3+ never predominates. The last important crossover point is the pH at 
which Th(OHh2+ and Th(OH)4' are equal. This corresponds to the reaction: 

Th(OHW + 2H20 = Th(OH) ~ + 2W (3.55) 
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The equilibrium constant Keq for this reaction can be shown equal to 

[Th(OHn [H+]2 
Keq == *K3*K4 == (10-477

) x (10-42
) == 10-897 = -[Th(O~Wf--

The complexes are, therefore, equal when pH == 4.49 as seen in Fig. 3. I 2(a). 

Chap. 3 

(3.56) 

The addition of another complexing ligand, such as sulfate changes thorium speciation, espe
cially at low pH. Sulfate readily complexes with Th4+ and effectively competes with and displaces 
the weaker Th-OH complexes. However, the stability field of the strong Th(OH)4' complex is barely 
affected as shown in Fig. 3.12(b). When we add other complexing ligands, the picture becomes more 
involved as in Fig. 3.13(a), which is drawn for some typical inorganic ligand concentrations in nat
ural waters. Clearly, all the soluble thorium is complexed. The ligands compete with each other to 
form Th complexes. With increasing pH the dominant complexes are formed with sulfate, fluoride, 
orthophosphate, and hydroxyl. As shown in Fig. 3.13(b), the speciation is drastically altered by the 
addition of trace amounts of a chelating organic substance such as EDTA to the same water. 
Th-EDTA and Th-oxalate complexes are much stronger than complexes formed with the inorganic 
ligands, so the organic complexes dominate thorium chemistry. 

It was mentioned earlier that complexing increases the solubility of minerals and thus the mo
bility of the species involved. This is evident from Fig. 3.14, which shows the solubility of thorian
ite (Th02) as a function of pH in pure water and in the presence of inorganic and organic complex
ing ligands. The lower, crosshatched curve is the solubility in pure water. At low pH the curve 
corresponds to the reaction 

Th02 + 4W == Th4+ + 2H20 

Above roughly pH = 5 the dissolution reaction is 

Th02 + 2H20 = Th(OH)'4 

(3.57) 

(3.58) 

and so above pH 5 the solubility becomes pH-independent. Between about pH 3 and 5, the pure
water solubility-curve corresponds to Th02 dissolution to form the intermediate Th-OH complexes. 
Note that in pure water, thorianite is highly insoluble (thus Th is immobile), particularly above pH 3. 
However, in the presence of typical levels of inorganic ligands, the solubility is increased by up to 
1000 times because of complexing [Fig. 3.14(a)]. Addition of trace organics such as oxalate or EDTA 
has an even greater effect. Fig. 3.14(c) shows up to a 107 increase in Th02 solubility due to the or
ganic complexers. These results are summarized in Fig. 3.14( c). Such strong complexing is common 
among the multivalent actinides, which consequently become highly mobile. High actinide solubil
ity and mobility, presumably caused by complexing, has been observed in some groundwaters con
taminated by nuclear wastes. 

3.10. TOXICITY AND THE ROLE OF SOFT-ACID METAL CATIONS 

According to Manahan (1994), a toxic substance or toxicant "is harmful to living organisms because 
of its detrimental effects on tissues, organs, or biological processes." Toxicants occur in air, water, 
and solids. We will limit ourselves here to an overview of inorganic toxicants in water, with a focus 
on the metals. Readers will find more detailed general discussion of toxicological chemistry in 
Moore and Moore (1976), Morel and Hering (1993), and especially in Manahan (1994). A detailed 
accounting of organic chemical toxicants and their sources, occurrences, and fate is available in 
Howard (l990a, 1990b). (See also Manahan 1994.) 
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Figure 3.13 Distribution of thorium complexes versus pH at 25°C with l:Th = 0.01 J.l.gfL 
for some typical ligand concentrations in groundwater. (a) Inorganic ligands at total (mgfL) 
concentrations of tF = 0.3, tCI = 10, tP04 = 0.1, and tS04 = 100. (b) Inorganic ligand 
concentrations as in Fig. 3.10, plus the following organic ligands at total (mg/L) concen
trations: tC20 4 = I, tcitrate = 0.1, tEDTA = 0.1. Reprinted from Geochim. et Cosmochim. 
Acta 44(1 I), D. Langmuir and 1. S. Herman, The mobility of thorium in natural waters 
at low temperatures, 1753-1766, © 1980, with permission from Elsevier Science Ltd., 
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Figure 3.14 The effect of complexing on the solubility of thorianite (Th02) as a function 
of pH at 25°C. The cross-hatched curve denotes thorianite solubility in pure water and re
flects only Th-OH complexing. Curves in (a) and (b) assume Th complexing due to each 
ligand present in the absence of the others at the concentrations shown. Part (c) shows the 
cumulative effects on Th02 solubility of Th complexing by inorganic ligands present to
gether: 1:Cl = to mglL, 1:NOJ = 2.5 mglL, 1:S04 = 100 mgIL, 1:F = 0.3 mglL, 1:P04 = 
0.1 mglL, and the organic ligands 1:oxalate = I mglL, 1:citrate = 0.1 mglL and, 1:EDTA = 
0.1 mgIL. Reprinted from Geochim. et Cosmochim. Acta 44(11), D. Langmuir and J. S. Her
man, The mobility of thorium in natural waters at low temperatures, 1753-66, © 1980, with 
permission from Elsevier Science Ltd., The Boulevard, Langford Lane, Kidlington 
OX5 I GB, U.K. . 
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Figure 3.15 Correlation between trace-element concentrations in streams and permissible con
centrations in water supplies. From R. M. Garrels et al. 1975. Chemical cycles and the global 
environment. 

Garrels et al. (1975) identified an intriguing correlation between average species concentra
tions in world streams and permissible concentrations of the same species in U.S. public water sup
plies as shown in Fig. 3.15. The limits on a few of the species (e.g., Fe and Mn) have been set strictly 
for aesthetic reasons, although for most species the limits are a public health concern. Simple rea
sons for the strong general correlation shown by the plot are not obvious. A tentative explanation 
might relate to the fact that our ancestors evolved in a similar aquatic environment. They then ad
justed to and ftuorished in the presence of the average concentrations in Fig. 3.15. Toxic effects 
would then be observed only at higher concentrations. Similar arguments may apply to average con
centrations of background species in soil moisture versus the higher levels observed to cause plant 
toxicity (cf. Sposito 1989). 

Macronutrients are major elements essential to life. According to Manahan (1994) for plants 
these include C, H, 0, N, S, P, K, Ca, and Mg. Of these, C, H, and 0 are constitutents of biomass, N 
and P are in proteins, S in proteins and enzymes, and K, Mg, and Ca have metabolic functions. Plant 
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TABLE 3.B. Representative toxicity sequences for plants. 

Organisms 

Algae 
Flowering plants 
Fungi 
Phytoplankton (freshwater) 

Sequence of decreasing toxicity 

Hg> Cu > Cd > Fe > Cr > Zn > Co> Mn 
Hg > Pb>Cu > Cd > Cr > Ni > Zn 
~>_>~>~>Q>M>n>~>~>h 
Hg> Cu > Cd >Zn>Pb 

Note: Elements in bold are soft acids. Italicized elements are borderline hard-soft acids. Cr(Ill) and 
Mn(II) are hard acids. (See Table 3.5). Hg = Hg(lI), Fe = Fe(Il), Cr = Cr(III), Co = Co(ll), Mn = Mn(lI), 
Pb = Pb(II). 
Source: From The chemistry of soils, by G. Sposito. Copyright © 1989 by Oxford University Press, 
Inc. Reprinted by permission. 

Chap. 3 

micronutrients, or essential trace elements, include B, CI, Co, Cu, Fe, Mn, Mo, Na, Si. V, and Zn. 
The micronutrients have metabolic functions or playa role in enzymes. Enzymes are biological cat
alysts that can accelerate essential metabolic reactions by 108 to 10" times over uncatalyzed rates 
(Moore and Moore 1976). Metals important in enzymes include Cu, Co, Fe, K, Mg, Mn, and Zn. 

Shown in Table 3.8 are observed toxicity sequences for some plants. (Toxicity to plants is 
termed phytotoxicity). Soft-acid cations Hg(II), Ag(I), and Cd(lI) are generally the most toxic of the 
metals. Close behind are the borderline hard-soft-acid cations. The only toxic hard cations listed are 
Cr(III) and Mn(II). Although not listed in Table 3.8, in soils affected by acid rain (see Chap. 7, Sec
tion 7.7), hard acid Al (III) presents a serious toxicity problem to plants (Bohn et al. 1985). 

Mechanisms by which toxic metals poison plants and animals relate to their tendency to form 
strong complexes with the generally soft functional groups on biomolecules (cf. Sposito 1989; Morel 
and Herring 1993). Sposito (1989) proposes several processes by which soft-metal cations cause 
phytotoxicity. First, a soft metal such as Cd can displace an essential metal such as a Ca bond to a 
bioligand. Also, complexation of a bioligand by a soft-metal cation can block that ligand from re
acting normally or modify it structurally and thus interfere with its intended activity. Enzymes have 
active or catalytic sites with which they bind to biological substrates and that facilitate enzyme func
tion, and these are especially vulnerable to damage by soft-metal cations. The amino acids cysteine 
and methionine present at the active sites in some enzymes contain -SH and SCH3 groups (Mana
han 1994). These sulfur-containing groups are soft ligands and form strong covalent bonds with 
soft-metal cations such as Hg, Ag, Cd, Cu, and Pb. A result is the breakdown of normal enzyme func
tion and a toxic reaction of the affected organism. 

3.11. SUMMARY 

Many environmentally important chemicals are transported as complexes in natural waters. Com
plexes may increase or decrease the toxicity and/or bioavailability of elements. Complexation in
creases the solubility of minerals and may increase or decrease the adsorption of elements. The major 
monovalent and divalent cations and anions (especially> 10-4 m) form outer-sphere complexes or 
ion pairs, in which the bonding is chiefly long-range and electrostatic. Ion pairs are unimportant in 
dilute fresh waters, but become important in saline waters such as seawater. Minor and trace ions 
such as Cu2+, Fe3+, Pb2+, and Hg2+ are usually complexed, and occur in inner-sphere complexes, 
which are usually much stronger complexes than the ion pairs. Written in terms of Gibbs free energy, 
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the energy that stabilizes the association of a cation and ligand in a complex equals ~G~ssoc = 

/':Jf~SS()C - T~S~ssoc' Inner-sphere complexes are stabilized chiefly by the entropy increase (+~S~ssoc) 
that accompanies the release of water molecules to the bulk solution from their ordered positions in 
the primary hydration sphere around the cation, when they are replaced by ligands. 

Insights as to the nature of aquospecies and some understanding of the stabilities of complexes, 
including their bonding, can be gained by considering concepts stich as ionic potential, and for inner
sphere complexes, electronegativity, and classifications based on: (I) the electron configuration of 
cations (Schwarzenbach 1961), and (2) the "hard" and "soft" acid and base (HSAB) behavior of 
cations and ligands (Pearson 1973). The hard and soft approach has provided a particularly useful 
basis for predicting the stabilities of complexes (cf. Brown and Sylva 1987). Because biologicallig
ands are often soft, soft-metal cations stich as Hg2'" and Cd2+ are among the most toxic species in 
natural waters. 

STUDY QUESTIONS 

1. Show how complexation of a metal can increase the solubility of a mineral that contains the metal. 

2. Why do ions that form strong complexes also tend to form insoluble minerals? 

3. Complexation affects the toxicity, bioavailability and adsorption behavior of metals. Explain with examples. 

4. Contrast outer-sphere complexes (ion pairs) and inner-sphere complexes, using examples, in terms of the 
character and strength of the metal-ligand bond in solution (the value of Kas"" for the complex) and its co
valency and ionicity. 

5. Why does ion pairing increase in importance with the salinity of a water" 

6. The ionic-potential concept is useful to describe why certain cations are soluble and hydrated, why other 
cations form insoluble oxides and hydroxides, and why still others are found only in soluble oxyanions or 
oxycations. Explain with examples. 

7. Understand the conventions and algebraic relations among mass-balance equations and stepwise and cu
mulative formation constants of complexes. 

8. Be able to derive the equations needed to construct diagrams showing the percent or fractional distribution 
of metal-ligand complexes as a function of the pH or ligand ,:oncentralion. 

9. The stabilities (Kassoc values) of inner-sphere complexes formed between metal cations and a given ligand 
increase as the difference in the electronegativities of the metals and the ligand decrease. Explain this state
ment with examples. 

10. Schwarzenbach described cations as being of Class A, B, or C. Pearson proposed the concept of hard and 
soft acids and bases. Pearson's approach is generally more useful than Schwarzenbach's for systematizing 
and predicting the stabilities of inner-sphere complexes. Explain with examples. 

11. What is the Irving-Williams order, and how and when can it be used to predict the stability of complexes? 
Docs it apply to the stabilities of complexes formed with fulvic acid, for example? 

12. Be able to look at a table of cations and ligands and predict: 
(a) the innner- or outer-sphere character of the complex that might form between any cation and ligand in 

the table, and 
(b) the approx i mate stability of such a complex. 

13. Discuss the applicability of hard and soft acid and base concepts to phytotoxicity (toxicity to plants). 

14. Explain why the stability of inner-sphere complexes is usually favored by a positive entropy of formation 

of the complex. 

IS. Be able to read and understand in generallerms, distribution diagrams that depict metal complexation as a 
function of ligand concentration or pH. 



120 Aqueous Complexes Chap. 3 

16. After reading the pertinent discussion in Langmuir (1979), contrast the applicability of the electrostatic, 
Bjerrum, and Fuoss thermodynamic models for predicting the stabilities of ion pairs. 

PROBLEMS 

1. (a) The thermodynamic data base for the computer model MINTEQA2 (Allison et at. 1991) is found in the 
file thermo.dbs. Examine thermo.dbs and determine the manner in which the complexation reactions are 
written for cupric chloride and cupric hydroxide complexes. Make a table of these reactions as written 
in thermo.dbs, along with their corresponding t1H,o and log K values. 

(b) Some of the complexation reactions are written with negative protons among the reactants. Assuming 
that the activity of liquid water equals unity and that log K", = -14.00 for the reaction H20 = H+ + OH-, 
reformat the formation reactions for the cupric hydroxide complexes as cumulative formation reactions. 
Then recompute the corresponding cumulative formation constants (log,B; values). Tabulate your results. 

(e) Using the formation constants obtained in parts (a) and (b), hand calculate the aqueous speciation of a 
0.0 I M CuCI2 solution at 25°C and pH = 4.00, assuming zero ionic strength (solute activities equal molar 
concentrations). Which cupric species occur at concentrations equal to or greater than I % of the con
centration of the most abundant cupric species? 

(d) Using the sweep option of MINTEQA2 (edit level IV) and assigning an ionic strength of zero, speciate 
the 0.01 M CuCI2 solution at pH 4, 5, 6, 7, 8, 9, and 10. Compare your results at pH = 4 to what you have 
computed by hand in part (c). What happens to the charge balance of the solution as the pH is increased 
in sweep? Tabulate and plot the percent molal concentrations of the various cupric species from pH 4 to 
10, as given in Part 4 of the output file of the sweep results for each pH, and discuss. 

2. In the text we hand calculated the speciation of a solution containing 1.00 M HCI and 0.0 10M Cd(NO,h at 
25°C and zero ionic strength. Enter the same information into MINTEQA2 and let the program calculate the 
speciation. Compare your MINTEQA2 result to the result given in the book. Results may differ because of 
a different choice of Cd-CI complexes and/or the use of different stability constants for the complexes in the 
computer model (listed in the file thermo.dbs). Tabulate and compare the two sets of stability constants and 
explain differences between the results. 

3. A metal fabrication plant is discharging wastewaters that contain lead into the ocean. You are asked to de
termine what the resultant maximum lead concentration in the ocean water might be, assuming 25°C, and 
that the maximum concentration offree Pb2+ ion in the water is limited by the solubility of PbS04 (the min
erai anglesite), which has a solubility product, K,p = 10-7.79• The pH of seawater is 8.1 and the following to
tal concentrations (mol/kg)in seawater are l:mCI- = 0.56 and l:mSOJ- = 0.028. From the literature you obtain 
dissociation constants at 25°C for the six Pb2+ complexes given here. 

Dissociation reaction 

PbOW = Pb2+ + OH
PbSO:; = Pb2+ + SO~
PbCI+ = Pb2+ + CI
PbCI~ = Pb2+ + 2C1-
PbCI;- = Pb2+ + 3CI
PbCli- = Pb2+ + 4CI-

Source: tBaes & Mesmer (1976) 
ISmith & Martell (1976) 

log Kdissoc 

-6.291 

-2.75* 
-1.59* 
-1.8 t 

-1.7* 
-1.4* 

Ignoring activity-coefficient corrections (a very approximate approach for seawater), and assuming that the 
total concentrations of sulfate and chloride given above are so large relative to that of the lead that they can 
be assumed constant, derive an equation that describes the total molal concentration of lead in the seawater, 
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as defined by the solubility of anglesite and the presence of the above complexes. Solve this equation to d~ 
(ermine the molal concentrations of free Pb2+ and of each complex in seawater and calculate the percent of ~ 
the total lead that each of these species represents. How much docs the presence of complexes increase the , 
concentration of total dissolved lead in seawater? 

4. Using the sweep option in MINTEQA2, calculate and tabulate the percentage distribution of lead complexes 
as a function of the chloride concentration, from mCI = I O~60 to mCI- = 0.56. (Seawater contains 0.56 mol/kg 
chloride). Ignore activity coefficients in your calculation. Assume 25°C, LmS04 = 0.028, LmPb(ll) = I 0~60, 
and pH =: 8.1, and that all are constant. Explain the changes in speciation with increasing chloride 
concentration. 

5. You are given the following analysis of a well adjacent to a uranium mill-tailings pond south of Moab, Utah. 
The high alkalinity and pH refiect the fact that the mill uses a sodium carbonate leach to extract uranium 
from the ore. Assume 25°C. 

CI 
SOl 

Parameter 

Alkalinity (as CaCO,) 
NO:; 
pH 
Pb 
Cr (as CrOll 

Concentration (mgfL) 
except for pH and SpC 

739 
3362 
2629 

22 
9.0 
0.3 
0.01 

Parameter 

Ni 
Ba 
Cd 
F 
Mo 
SpC (,umhos/cm) 

Concentration (mg/L) 
except for pH and SpC 

0.11 
0.10 
0.01 
4.1 

14 
13,994 

(a) The analysis is obviously missing information on major cation concentrations. Enter the tabulated data 
into MINTEQA2 and, li·om the unspeciated charge balance in the output and (assuming the charge in
balance is entirely as Na+), estimate the sodium ion concentration. What is the danger of such an esti
mation approach'? Hint: To solve this problem you may have to increase the number of program itera
tions in MINTEQA2 from 40 (standard) to 200. 

(b) Now rerun MINTEQA2 with the above analysis as before, plus the estimated Na' concentration. Exam
ine Part 4 of the output file, which lists the percentage distribution of components (aqueous species in
cluding complexes). Discuss the speciation of the water in terms of percentages of Cd species that equal 
or exceed I % of total Cd. Assuming that saturation with otavite (CdCO,) limits Cd concentrations, how 
much more soluble is otavite in the water because of Cd complexing that it would be in the absence of 
Cd complexing? 

(e) Assuming that calcite is present in the rock and is at saturation with the well water (calcite occurs as a 
"flxed solid"), what is the total dissolved calcium concentration and what is the speciation of dissolved 
calcium in the water? Hint: You may have to enter calcite as an flxed-solid before you enter other species 
concentrations, or the program will not accept the fixed-solid entry. 

6. Starting with the temperature functions for the AP+-OH hydrolysis reactions tabulated in Chap. I, plot the 
fields of dominance of AI" and its hydroxide complexes from 0 to JOO°C, and discuss. Remember that at 
boundaries between the fields the species are present in equal cOllcentrations. Does AI-OH complexing in
crease or decrease with increasing T? 

7. Using MINTEQA2 and the sweep option, calculate and plot the solubility of ferrihydrite (Fe(OHh) with a 
K,p of I 0~38' at 25°C from pH 2 to 10 at whole pH values, as molar total dissol ved Fe: 
(a) in water that contains 0.1 M NaCI; and 
(b) in a 0.1 M NaCI solution that is also saturated with respect to gypsum, assuming log Ksp for gypsum 

equals -4.59. 

Tabulate the speciation of ferric iron in mole percent read from the output file as computed in parts (a) and 
(b). Compare the results of the two calculations, including differences in the relative importances of Fe(lII) 
species as a function of pH. Note that part (b) represents conditions typical of some acid mine waters. 
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8. Among the least soluble of lead minerals are its phosphates. However, complexing of the lead tends to make 
the lead phosphates more soluble than if complexing were absent. Given the following water analysis, com
pute the solubility of hydroxy pyromorphite [Pbs(P04)OH] as l:Pb(aq) at 25°C using MINTEQA2 and report 
the lead speciation. Assume the water has a pH of7.00, Eh=7oo mY, Na+=2 x 10-3 mollkg, C1-= 10-3 mollkg, 
HCO:l = 10-3 mollkg, and l:P04 = 10-6 mollkg. 

9. The following cations (MII+) and the association constants (KI) of their MOH,,-I complexes as defined in the 
following general reaction and equilibrium expressions 

M"+ + OH- = MOH,,-I 

[MOH,,-I] 

KI :;:: [Ml1+] [OH-) 

are tabulated here. Also listed are -log Ksp values for the hydroxide solids of these cations, where the disso
lution reaction and Ksp expressions are: 

M(OH)" = M"+ + n(OH-) 

K,p = [M"+] + [OH-],' 

The KI and Ksp values are mostly from Smith and Martell (1976). 
(a) Plot -log Ksp and log KI versus EN for these cations. 
(b) Discuss the plots in terms of the covalency versus ionicity of the M-OH bond in the complexes. 
(c) Do the plots make sense in terms of concepts of hard and soft acids and bases? 
(d) Plot -log K,p versus log K, and comment on the suggestion that cations that form strong complexes with 

a ligand tend to form insoluble solids with the same ligand, and conversely. 
(e) Calculate and tabulate 10g*KI values for the complexes and compute the pH at which [MOH'H] = [M"+J. 
(0 Discuss by cation valence groups, the importance of MOH"-I complexing versus the importance of the 

uncomplexed cations in natural waters (pH especially 2 to 10). 

Cation EN logKI -log K.sp Cation EN logKI -log Ksp 

Li+ 0.98 0.36 Sr2+ 0.95 0.8 
Be2+ 1.57 8.6 21.7 y3+ 1.22 6.3 23.2 
Na+ 0.93 -0.2 Zr4+ 1.33 14.3 (54.1) 
Mg2+ 1.31 2.58 11.15 Pd2+ 2.20 13.0 28.5 
AJ3+ 1.61 9.01 33.5 Ag+ 1.93 2.0 
K+ 0.82 -0.5 Cd2+ 1.69 3.9 14.35 
Ca2+ 1.00 1.3 5.19 Sn2+ 1.7 (lOA) 26.2 
Sc3+ 1.36 9.7 32.7 Ba2+ 0.89 0.6 3.6 
y3+ 1.35 11.7 34.4 La3+ 1.10 5.5 20.7 
Y02+ 8.3 23.5 Hf'+ ( 1.34) 13.7 (54.8) 
Cr3+ 1.6 10.07 (29.8) Hg2+ 2.00 10.6 (25.44) 
Mn2+ 1.4 3.4 12.8 TI3+ 2.04 13.4 (45.2) 
Fe2+ 1.7 4.5 15.1 Pb2+ 1.87 6.3 15.3 
Fe3+ 1.8 11.81 38.8 Ra2+ (0.83) 0.5 
C02+ 1.88 4.3 14.9 Th4+ J.I 10.8 44.7 
Ni2+ 1.91 4.1 15.2 U4+ 1.3 13.35 56.2 
Cu2+ 2.0 6.3 19.32 UO~+ ( 1.8) 8.2 2204 
Zn2+ 1.65 5.0 16.46 Pu4+ ( 12.2) 47.3 
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Activity Coefficients 

of Dissolved Species 

4.1 ACTIVITIES OF DISSOLVED SPECIES, IONIC STRENGTH 

Reactions are written in terms of effective concentrations or activities of dissolved species (a;), not 
their concentrations (m j ). By definition the extent that these differ is expressed by the activity coef
ficient (y;): 

(4.1) 

The activities and chemical potentials (J.ti) of individual dissolved species are also related through 
the expressions: 

J.ti = J.ti + RT In a j = J.ti + RT In y, + RT In mj (4.2) 

(see Chap. I) where mj is the molal concentration (mollkg, i.e., moles solute/lOOO g H20) and J.ti is 
the chemical potential of the species under reference conditions. 

In nearly pure water, where all solute ions or molecules contact only water molecules, a j = mi, 

and the activity coefficients of all solutes equal unity. As salt concentrations increase, however, in
dividual aqueous species must move closer together and are, therefore, more and more likely to come 
in contact. Because the interaction between adjacent ions is largely Coulombic, it is also proportional 
to the charge of the ions involved. These effects are embodied in the definition of ionic strength (I) 
which is given by 

(4.3) 

where I is in molal (preferably) or molar units and Zi is the charge of ion i. The ionic strength is 
summed for all charged species in solution. According to Lewis and Randall (1921), "In dilute so
lutions, the activity coefficient of a given strong (completely dissociated) electrolyte is the same in 
all solutions of the same ionic strength." (Cf. Lewis and Randall 1961; Garrels and Christ 1965.) 

Example calculations of ionic strength for some simple pure salt solutions are straightforward. 
Thus, for the solution of a monovalent-monovalent salt such as NaCl, we find from the charge bal
ance that mNa+= mCI- = mNaCI, so thatI = HmNa+ x (+1)2 + mCl- x (_1)2] = ~(2mNaCI) = mNaCI. 

123 
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For a divalent-monovalent salt solution in which the electrolyte is CaCl2 (a Ca(HC03h electrolyte 
would be similar), 2mCa2+ = mCl- = 2mCaClz. The ionic strength is then 1= i(mCa2+ x 22 + mCI- x 
12) = ~(6mCaCI2) = 3 mCaC12• For a divalent-divalent salt such as MgS04 it can similarly be shown 
that 1=4 mMgS04. 

The most accurate value of ionic strength is obtained from a total water analysis, which in
cludes all ionic species. However, partial analyses are more commonly available than complete ones. 
Under such conditions the molal ionic strength can be estimated from the total dissolved solids or 
specific conductance of the water (cf. Langmuir and Mahoney 1985; Polemo et al. 1980). Expres
sions that permit such an approach are: 

I "'" 2 X 10-5 x TDS 

I"", 2.5 X 10-5 x TDS 

I"", 2.8 X 10-5 x TDS 

NaCl solutions 

"average" water 

Ca(HC03h waters 

(4.4) 

(4.5) 

(4.6) 

where the TDS is in milligrams per liter (mg/L) or parts per million (ppm). Approximations written 
in terms of specific conductance in micromhos (pmhos/cm) or microsiemens (pSlcm) are: 

I"", 0.8 X 10-5 X SpC NaCI waters (4.7) 

I"" 1.7 X 10-5 X SpC CaSOcMgS04 waters (4.8) 

I"", 1.9 X 10-5 x SpC Ca(HC03h waters (4.9) 

A specific-conductance measurement generally permits a more accurate estimate of the ionic 
strength than can a total-dissolved-solids measurement. This is because specific conductance and 
ionic strength are both measures of the total concentrations of ionic species, whereas the TDS also 
includes concentrations of uncharged species, such as dissolved silica and organic acids. 

4.2 ACTIVITY COEFFICIENTS OF IONS 

4.2.1. Mean lon-Activity Coefficients 

Because solutions must always contain both cations and anions, there is no simple, direct way to 
measure the activity or activity coefficient of a single ion without making some assumptions about 
these values for an oppositely charged ion in the same solution. What is usually measured, in fact, is 
the net effect of both cations and anions present in solution, or the mean ion activity coefficient. 
(See Robinson and Stokes 1970; Desnoyers 1979; Klotz and Rosenberg 1986). Mean ion activity co
efficients for salts in aqueous solutions (y± values) have been obtained by measurements of: 
(a) freezing-point lowering; (b) boiling-point elevation; (c) water-vapor pressure; (d) osmotic pres
sure; (e) solubility and distribution; and (f) transport properties, including conductivity and diffu
sion. In methods (a) through (d) the properties of the salt are obtained indirectly from its effect on 
the properties of solvent water. Methods (e) and (f) provide a more direct measure of a salt's mean 
ion activity coefficient. 

Following is an example calculation to illustrate the conventional mathematical treatment of 
mean activity coefficients. Let us assume we are interested in the solubility of the salt K2S04( c). Its 
dissolution can be written 

(4.10) 

for which we obtain 

(4.11 ) 
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We cannot measure the individual ion activity coefficients here, only their total effect on Kw It is 
convenient to lump this total effect in the geometric mean of the product of the individual activity 
coefficients and to call this the mean ion activity coefficient of the salt. Thus for a K

2
S0

4 
solution, 

by definition 

Y±K,SO, = I(yk) (-Yso)] 113 

and the Ksp expression may be rewritten 

Ksp = Y~K2S0, (mK+)2 (mSOa-) 

(4.12) 

(4.13) 

In general, for an electrolyte that dissociates into a total of n ions, the mean ion activity coefficient 
equals, by definition, 

(4.14) 

where n+ and n_ are the number of positive and negative ions in the formula of the salt, and n = 
n+ + n_. 

The mean ion activity coefficients of several salts taken from tables in Robinson and Stokes 
(1970) are plotted against ionic strength in Fig. 4.1. For reasons discussed later in this chapter, y± 

40 ,---------,--,---,--,-----.--...,----r---,--.-----,---,---,--.-::...----, 

2.0 

1.0 

0.8 
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0.2 

0.01 L---L---L--~-~ ___ ~_~ ___ ~ __ _L ____ L_ _ _L ___ L_ __ ~_~_--J 

o 2 3 4 5 6 7 8 9 10 II 12 I3 

Ionic strength (molal) 

Figure 4.1 Mean ion activity coefficients of several salts as a function of ionic strength. Data are 
from Robinson and Stokes (1970). 

14 
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values first decrease and then increase with ionic strength for all the salts shown. The decrease is far 
greater for multivalent salts, such as MgS04, than for monovalent NaCI. Mean ion activity co
efficients for pure salts are of little use to us as such, except perhaps in some brines that are domi
nantly NaCI in character. Otherwise, natural waters, including seawater, tend to be mixtures of sev
eral electrolytes. 

In order for us to have flexibility in our modeling of natural water chemistry we need a way to 
obtain individual ion activity coefficients from mean values. To do so requires that we make an as
sumption, called the MacInnes convention (Macinnes 1919), which states YK = YCI' The convention 
is based on the observation that K+ and CI- ions are of the same charge and nearly the same size, 
have similar electron structures (inert gas), and similar ionic mobilities. In support of this assump
tion, tracer diffusion coefficients, DO, of K+ and Cl- at infinite dilution are nearly equal at 19.6 and 
20.3 x 10-6 cm2/s (Lerman 1979). Also, limiting equivalent conductances, A 0, of K+ and Cl- are com
parable at 73.50 and 76.35 cm2/(ohm) (equiv.) at 25°C (Robinson and Stokes 1970). 

The Macinnes convention leads to YK = YCI = Y±KCI. We can now compute individual ion ac
tivity coefficients from their mean values measured in solutions of strong electrolytes using Y±KCI val
ues as our starting point. (In the ideal strong electrolyte, cations and anions are unassociated with 
each other and thus do not form complexes [see Chap. 3].) It is important to remember that all such 
calculations must be done with y± values for KCI and other salts measured at the same ionic strength, 
which is not the same molality except for monovalent-monovalent salts. 

In general we use (Y±cation,Cln_l) values to obtain (Ycation) values, and (Y±K", anion,) values to com
pute (Yanion) values. Again, n = n+ + n_. For the general cation case, where M is the cation, 

Y±MCL,,_, = [(YM) (YCI)],,-I]11" 

Substituting Y±KCI foryCi and solving forYM, we obtain 

For example, for YFe" from Y±FeCI , , 

But since YCI- = Y±KCI' we have, 

_ (Y±MCI,,)" 
YM-( ),,-1 

Y±KCI 

4 
Y±FeCI, 

YFe" = A..3-
T±KCI 

For Yanion values, where A is the anion in a Kn_IA solution, 

Y = [(Y )'.-I(y )]lln ±K,,_,A k A 

and 

Thus, to obtain Yso, from Y±K,SO, we have 

and 

Y±K,SO, = [(Yk) (Yso)] 113 

3 _ Y±K,SO, 
Yso, - 2 

Y±KCI 

(4.15) 

(4.16) 

(4.17) 

(4.18) 

(4.19) 

(4.20) 

(4.21) 

(4.22) 

Following are three example calculations of individual ion activity coefficients from mean salt 
data. Such calculations must always be performed using y± values measured at the same ionic 
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strengths of KCl and of the second salt. However, tables of mean activity coefficients are generally 
listed as a function of molal salt concentrations. The example calculations thus show the relation
ship between molalities of the two salts and the ionic strength of interest. 

Example 4.1 

a) Compute YNa from YtNaCI at I = 0.1 mol/kg, using mean salt data from Hamer and Wu 
(1972). The appropriate expression is 

o 
Y;l'aCI 

YNa =. .-
Y±KCI 

(4.23) 

In this case J = mNaCI = mKCI == 0.1. From the tabulated mean salt data we obtain 

(0.779)2 
YNa == '(0.768) = 0.790 (4.24) 

b) Calculate YCa at I = 0.12 mol/kg from the mean salt data for CaCI2 given by Goldberg 
and Nuttall (1978). In this example, 1= 3mCaCI2 == mKCI = 0.12. Substitution gives 

(0.598)} 
YCa = (-0.754)2 = 0.376 (4.25) 

c) Compute Yso, at 1=0.3 mol/kg from mean activity coefficient data for K2S04 listed by 
Robinson and Stokes (1970). 1== 3mK2S04 == mKCI = 0.3. The expression for Yso, is 

Y3 
±K.SO, Yso, = _. i ._-

Y±KCI 

For I = 0.3 mollkg substitution gives 

(0.436)} 
Yso, == (0.687)2 == 0.176 

(4.26) 

(4.27) 

Individual ion activity coefficients for Na+, HCO]" Ca2+, SOJ-, and La3+ computed from mean 
salt data and, assuming the MacInnes convention, are plotted in Fig. 4.2. As before, the mean salt 
data for KCI are from Hamer and Wu (1972). The y± data for HCO], and La3+ are from Roy et al. 
(1983) and Robinson and Stokes (1970), respectively. Sources for the other ions are as given above. 

The accuracy of individual ion activity coefficients derived from mean salt data is limited by 
the fact that important ion pairing takes place in solutions of many "strong electrolytes" at ionic 
strengths as low as 0.1 mollkg. For example, data given by Reardon (1975) suggests that formation 
of the pair KS04 (pKassoc = 0.85 at 25°C) makes the Yso, values shown in Fig. 4.2 for I > 0.3 mollkg 
(which are based on mean salt data for K2S04 uncorrected for such pairing) too low by 60% or more. 
Millero and Schreiber (1982) show how to correct mean activity coefficients for ion pairing in elec
trolyte solutions with significant pairing (see also Parkhurst 1990). 

4.2.2 Dilute Solutions and the Debye-Huckel Equation 

In fresh, potable waters (TDS < 500 ppm), and even in brackish waters with TDS values up to about 
5000 ppm (I '" 0.1), activity coefficients of monovalent and divalent ions can be computed through 
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Figure 4.2 Some individual ion activity coefficients computed from mean salt data assuming the 
MacInnes convention. 

use of the theoretical Debye-HUckel equation (c.f. Robinson and Stokes 1970). Assumptions inher
ent in this equation include that ion interactions are purely Coulombic, ion size does not vary with 
ionic strength, and ions of the same sign do not interact. For individual ions the equation is 

-A z~ Vi 
log y. == --'-- (4.28) 

I I + Ba;Vi 

where A == 1.824928 X 106 p!j2 (ET)-3/2, B == 50.3 (ET)-II2, with Po the density of water, E the dielec
tricconstantofwater,and Tin kelvin. At 25°C, Po = 0.99707,E == 78.4528,A = 0.5092,andB= 
0.3283 (Helgeson and Kirkham 1974). 

At other temperatures the dielectric constant of water can be obtained from the equation 

E = 2727.586 + 0.6224107 T - 466.9 I 5 I In T - 52000.87 IT (4.29) 

where Tis in kelvin. This function fits empirical values of E to within ±O.OI units up to 100GC (Nord
strom et al. 1990). The dielectric constant of water is a measure of the effect of water (versus a vac
uum) in decreasing the force (F) of the electrical field between ionic species in solution, where F = 
ZIZ/e:r2 and ZI and Z2 are the charges on ions I and 2, and r is the distance between them. The di-
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electric constant is determined by measuring the capacitance of water, CH,o versus that of a vacuum, 
Co, or E = CH ,0/Co. -

The term Ui is the effecti ve size of the hydrated ion in angstroms (I A = 1 nm = 10-8 cm) and 
is a function of the degree of hydration of the ion, which is roughly proportional to its ionic poten
tial (its charge z over radius r [see below I. Given in Table 4.1 are ion size parameters for many inor
ganic and organic species based chiefly on Kielland (1937). According to Kielland (1937) Qi values 
for inorganic ions range from 2.5 to 4.5 for monovalent ions, (except for Li+ and H+), 4 to 8 for di
valent ions, 4 to 9 for trivalent ions, and 5 to II for quadrivalent ions. The anomalous size of the pro
ton (Ui = 9) reflects its occurrence in the large hydronium ion (H3Q+) and in similar hydrated species. 

Some ion activity coefficients at 25°C computed with the Debye-Hiickel equation as a func
tion of ionic strength, ion size, and charge, are shown in Table 4.2. Debye-Hiickel ion activity coef
ficients up to 0.1 mol/kg ionic strength, are plotted in Fig. 4.3 for some monovalent and divalent ions. 
The Debye-Hiickel equation can be used to compute accurate activity coefficients for monovalent 
ions up to about 1 = 0.1 mollkg, for divalent ions to about 1 = 0.01 mollkg, and for trivalent ions up 
to perhaps 1 = 0.001 mol/kg. 

At ionic strengths between 0.00 I and 0.000 I mol/kg the separate curves for individual ions of 
the same valence converge on a single curve. At these low ionic strengths, the term B QiVl ap
proaches zero, and the Debye-Hiickel equation is reduced to 

log Yi = - A z;vfi (4.30) 

This is called the Oebye-Hiickel limiting law. At higher ionic strengths, differences in ion sizes (Ui 

values) become important and cause the Yi curves for individual ions to diverge. 
The effect of temperature on ion activity coefficients is largely predicted by changes in the 

value of A, which is proportional to -log Yi in the Oebye-Hiickel equation. The value of A increases 
from 0.492 to 0.534 between 0 and 500C. Thus, activity coefficients become smaller with increasing 
temperature. Because A is multiplied by Z2 in the Debye-Hiickel equation, the effect of temperature 
on activity coefficients is greatest for multivalent ions. 

4.2.3 Intermediate Ionic Strengths: The Davies and 
Truesdell-Jones Equations, Specific lon-Interaction 
Theory 

Examination of Figs. 4.1 and 4.2 shows that individual and mean ion activity coefficients generally 
decrease to minimal values between 1 and 10 mollkg, and then increase at higher ionic strengths. 
However, the form of the Debye-Hiickel equation is such that it predicts Y values that decline con
tinuously with ionic strength. Several assumptions incorporated in the Debye-Hiickel equation be
come invalid and lead to its failure at high ionic strengths where ion activity coefficients increase 
(cf. Pytkowicz 1983). These assumptions include: ion interactions are purely coulombic, ion size 
does not vary with I, and ions of the same sign do not interact. Chemical equilibria calculations in 
seawater (/ = 0.7 mollkg) and in higher ionic strength brines require activity coefficient models with
out such limitations. 

The increase in ion activity coefficients at elevated ionic strengths results from several effects, 
including the fact that an increasing fraction of water molecules are involved in hydration spheres 
around ions. This causes a proportionate decrease in the concentration of free water molecules in the 
solution. For example, assuming there are six water molecules associated with each pair of dissolved 
Na+ and Cl- ions in a 0.0 I molar NaCI solution (see Bockris and Reddy 1973), the moles of free 
water molecules in a liter of solution are 55.5 - 6 x (0.01) = 55.44. On the other hand, if the solution 
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TABLE 4.1. Debye-Huckel ion size parameters (Alfor selected ions 

Inorganic ions, charge I 

9 W 
6 Li+ 
4-4.5 Na+, CdCI+, CI02", 10\, HCO), H2P04, HSO), H2As04, Co(NH3MN02H 
3.5 OH-, F-, NCS-, NCO-, HS-, CIO), C104, BrO), 104, Mn04 
3 K+, C1-, Br-, 1-, CN-, N02-, NO] 
2.5 Rb+, Cs+, NHt, TI+, Ag+ 

8 
6 
5 
4.5 
4 

9 
6 
4 

II 
6 
5 

9 

Inorganic ions, charge 2 

Mgl+, Be2+ 

Ca2+, CUlT, Zn2+, Sn2+, Mn2+, Fe2+, Ni2+, C02+ 
Sr2+, Ba2+, Ra2+, Cd2+, Hg2+, S2-, s201~ W01-
Pb2+, CO~~ SO~-, MoOl~ Co(NH3hCI2+, Fe(CN)5N02-
H 2+ SOl- S 0 2- S 0 2- S 0 2- cr02- HP02- S 0 2-g2 ' 4, 2 3' 2 8, e 4, 4 , 4, 2 6 

Inorganic ions, charge 3 

A13+, Fe3+, Cr3+, Sc3+, y3+, La3+, In3+, Ce3+, Pr3+, Nd3+, Sm3+ 
Co(ethylenediamine)~+ 
POl-, Fe(CN)i-, Cr(NH3)~+' Co(NH3)~+' Co(NH3hH203+ 

Th4+, Zn4+, Ce4+, Sn4T 

CO(S203)(CN)~
Fe(CN)t-

Inorganic ions, charge 4 

Inorganic ions, charge 5 

Organic ions, charge I 

(C6H5hCHCOO-, (C3H7)4N+ 
[OC6H2(N02)31-, (C3H7)3NH+, CH3OC4H4COO-

Chap. 

8 
7 
6 C6H,COO-, C6H40HCOO-, C6H4C1COO-, C6HsCH2COO-, CH2 = CHCH2COO-. 

(CH3hCHCH1COO-, (C2H5)4N+, (C3H7hNH! 
5 
4.5 
4 
3.5 

7 
6 
5 
4.5 

5 

CHCI2COO-, CCI3COO-, (C1HshNW, (C3H7)NHj 
CH3COO-, CH1C100-, (CH3)4N+, (C1HshNH2+, NH2CH1COO
NH3CH3COOW, (CH3hNW, C2H5NHr 
HCOO-, Hz-citrate-, CH3NHr, (CH3hNH! 

Organic ions, charge 2 

OOC(CH1>SCOO2-, 00C(CH2)6C001-, Congo red anionl-
C6H4(COO)~-, H1C(CH1COO)~-, (CH1CH1COO)~
H2C(COO)~-, (CH1COOH-, CHOHCOO)~-
(COO)~-, H-citrate2-

Organic ions, charge 3 

Citrate3-

Source: Reprinted with permission from J. Kielland, Individual activity coefficients of ions in aqueous solutions. 
J. Am. Chem. Soc. 59, copyright 1937 American Chemical Society. 
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TABLE 4.2. Individual ion activity coefficients at 25°C for different ion sizes (a;) in angstroms 
(1 A = 10-8 cm) as a function of ionic strength, computed using the extended Debye-Huckel equation 
with A = 0.5091 and 8 = 0.3286 

Ion Size 
Ionic Strength 

Parameter 0.0005 0.001 0.0025 0.005 om 0.Q25 0.05 0.1 

Ion charge I 

9 0.975 0.967 0.950 0.933 0.914 0.88 0.86 0.83 
8 0.975 0.966 0.949 0.931 0.912 0.88 0.85 0.82 
7 0.975 0.965 0.948 0.930 0.909 0.875 0.845 0.81 
6 0.975 0.965 0.948 0.929 0.907 0.87 0.835 0.80 
5 0.975 0.964 0.947 0.928 0.904 0.865 0.83 0.79 
4.5 0.975 0.964 0.947 0.928 0.902 0.86 0.82 0.775 
4 0.975 0.964 0.947 0.927 0.901 0.855 0.815 0.77 
3.5 0.975 0.964 0.946 0.926 0.900 0.855 0.81 0.76 
3 0.975 0.964 0.945 0.925 0.899 0.85 0.805 0.755 
2.5 0.975 0.964 0.945 0.924 0.898 0.85 0.80 0.75 

Ion charge 2 

8 0.906 0.872 0.813 0.755 0.69 0.595 0.52 0.45 
7 0.906 0.872 0.812 0.755 0.685 0.58 0.50 0.425 
6 0.905 0.870 0.809 0.749 0.675 0.57 0.485 0.405 
5 0.903 0.868 0.805 0.744 0.67 0.555 0.465 0.38 
4.5 0.903 0.868 0.805 0.742 0.665 0.55 0.455 0.37 
4 0.903 0.867 0.803 0.740 0.660 0.545 0.445 0.355 

Ion charge 3 

9 0.802 0.738 0.632 0.54 0.445 0.325 0.245 0.\8 
6 0.798 0.73\ 0.620 0.52 0.415 0.28 0.\95 0.\3 
5 0.796 0.728 0.616 0.51 0.405 0.27 0.18 0.115 
4 0.796 0.725 0.612 0.505 0.395 0.25 0.16 0.095 

Ion charge 4 

II 0.678 0.588 0.455 0.35 0.255 0.155 0.10 0.065 
6 0.670 0.575 0.43 0.315 0.21 0.105 0.055 0.027 
5 0.668 0.57 0.425 0.31 0.20 0.10 0.048 0.021 

Ion charge 5 

9 0.542 0.43 0.28 0.18 0.105 0.045 0.020 0.009 

Source: Reprinted with permission from 1. Kielland, Individual activity coefficients of ions in aqueous solutions, J. Am. 
Chern. SOL'. 59, copyright 1937 American Chemical Society. 

is 5 molar NaC!, the moles of free water molecules are 55.5 - 6 x 5 = 25.5. In other words, more than 
half the water is not free in the solution. As a result the activity of water is reduced from near unity 
in the dilute solution to 0.807 in the 5 molar solution of NaCI. Such effects and important ion pair-
ing of electrolyte ions cause the ion activity coefficient increase. 

This increase in y values with ionic strength can be modeled by adding positive terms to some 
form of the extended Oebye-Hiickel expression for log y. Simple models using this approach have 
been proposed by HUckel (see Harned and Owen 1958), and more recently by others, including 
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Figure 4.3 Some individual ion activity coefficients calculated using the extended Debye-Hiickel 
equation. 

0.1 

Davies, Bronsted, and others, as well as Truesdell and Jones (1974) (cf. Nordstrom and Munoz 
1994). Written in a form for single ion activity coefficients, the empirical Davies expression is 

(4.31 ) 

Earlier versions of this equation used 0.21 instead of 0.31 as the add-on term (cf. Butler 1964). In 
MINTEQA2 the add-on term is assigned a value of 0.24/. The add-on term accounts for effects that 
include lowering of the dielectric constant of water and increased ion pairing caused by the increase 
in dissolved ion concentrations (Harned and Owen 1958). 

Because it lacks an ion size parameter, the Davies equation gives the same activity coefficient 
for all ions of the same charge at a given ionic strength in all electrolyte solutions. The Davies equa
tion has been found to be accurate for monovalent salts up to ionic strengths of between 0.1 and about 
0.7 mol/kg (the ionic strength of sea water), although its lack of an ion size parameter makes it less 
accurate than the Debye-Huckel equation at low ionic strengths. 
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TABLE 4.3 Ion size (aj) and b values for the Truesdell-Jones equation for individual ion activity 
coefficients 

a, b Source a j b Source 

H< 4.78 0.24 'i' Fe2+ 5.08 0.16 t ,. 
Li+ 4.76 0.20 t Co2+ 6.17 0.22 t 
Na+ 4.0 0.075 -r Ni2+ 5.51 0.22 + T 

4.32 0.06 t Zn2+ 4.87 0.24 + T 

K+ 3.5 0.015 t Cd2< 5.80 0.10 t 
3.71 om t Pb2+ 4.80 0.01 t 

Cs+ 1.81 0.01 t OH- 10.65 0.21 t 
Mg2+ 5.5 0.20 t F- 3.46 0.08 t 

5.46 0.22 t C)- 3.71 om t 
Ca2+ 5.0 0.165 -r 

4.86 0.15 t C)Q;j 5.30 0.08 t 
Sr2+ 5.48 0.11 t HCO), CO~- 5.4 0 t 
Ba2+ 4.55 0.09 t SO~- 5.0 -0.04 t 
AP+ 6.65 0.19 t 

5.31 -0.07 t 
Mn2+ 7.04 0.22 t 

Note: The equation, which applies to predominantly NaCl solutions, may be generally reliable up to an ionic strength of about 
2 mol/kg (Parkhurst 1990). 

Source: t From Truesdell and Jones (1974) 
* From Parkhurst (1990) 

The Truesdell-Jones (TJ) equation (Truesdell and Jones 1974), which was in fact proposed by 
Hiickel in 1925 (see Pytkowicz 1983), is simply the extended Debye-Htickel equation plus an add
on term, bI, specific for each ion. The ion size parameter, ai' and b in the add-on term are empirical. 
based on fitting the TJ equation to individual ion activity coefficients obtained from mean salt data 
and assuming the MacInnes convention as described above. Values of a, and b from Truesdell and 
Jones (1974) and from a greatly expanded study by Parkhurst (1990) are listed and compared in 
Table 4.3. These values apply to chloride electrolyte solutions for the cations and to potassium and 
thus approximately to sodium electrolyte solutions for the anions. The Truesdell-Jones activity co~ 
efficient model is used by the geochemical computer models SOLMINEQ.88 (Kharaka et al. 1988) 
and PHREEQE (Parkhurst et al. 1990). Note that the ion size parameters in Table 4.3 generally dis
agree with the ai values for the same ions suggested by Kielland (1937). Complete agreement would 
not be expected, however, in that the former have been selected so that the Truesdell-Jones function 
will optimally fit the full range of mean salt data. This author has also adjusted the Debye-Htickel 
ai value to optimize the fit between Debye-Htickel and empirical mean salt data at the lowest mean 
salt values. The exercise suggests aj = 5.5 for Ca2+ and 6.5 for Mg2+; these values are intermediate 
between those of Kielland and Truesdell-Jones. 

Bronsted-Guggenheim-Scatchard specific ion interaction theory (SIT) (cf. Grenthe and 
Wanner 1989; Giridhar and Langmuir 1991; Nordstrom and Munoz 1994) is an ion- and electrolyte
specific approach to activity coefficients, which is, therefore, theoretically capable of greater accu
racy than the Davies equation. The general SIT equation for a single ion, i, can be written 

log (y;) = - z2D + L€(i,j,l)m(j) (4.32) 
k 
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where the D, the Debye-Hilckel term, equals 

0.5901vl 
D = -1 -+-I-.5vl------=1 

Chap. 4 

(4.33) 

In these expressions z is the charge of ion i, m(j) is the molality of major electrolyte ionj, which is 
of opposite charge to ion i. Interaction parameters, E(i,j, I) refer to the interaction between ion i and 
major electrolyte ionj. The value of E is assumed zero for neutral species or between ions of like 
sign. As an approximation, the interaction parameters are often assumed ionic strength independent. 
This assumption may be correct for monovalent or divalent ions up to an ionic strength of about 
3.5 mol/kg, but is questionable for more highly charged ions at such ionic strengths. Application of 
the SIT approach to studies of natural waters is somewhat limited by the availability of values for 
the interaction parameters, the most complete tabulation of which is probably that of Grenthe and 
Wanner (1989). Some interaction parameters of importance for natural waters are given in Table 4.4. 

A similar model is presented by Baes and Mesmer (1976). Such models, which consider only 
interactions between two ions of opposite sign (so-called binary interactions) can give accurate ac
tivity coefficients for monovalent and divalent ions up to about I = 2 to 3.5 mol/kg (TDS about 
100,000 to 175,000 ppm). 

The activity coefficient of Ca2+ from 0.001 to 10 mol/kg ionic strength, computed using the 
mean salt approach and the equation 

riCacl, 
YCa" = -2--

Y±KCI 
(4.34) 

is plotted in Fig. 4.4, where it is compared to the same coefficient obtained via the extended Debye
HUckel equation, the Davies equation, the SIT model equation, and the Truesdell-Jones (1'1) equa
tion. Given that CaCl2 is a strong electrolyte, with no measureable Ca-CI ion pairing, the mean-salt 
derived coefficients are probably accurate. They are practically identical at all ionic strengths to the 
values obtained with the 1'1 equation using the aj and b parameters from Truesdell and Jones in 
Table 4.3. This should come as no surprise, for the 1'1 parameters for Ca2+ are based on the same 
mean salt data. The extended Debye-Hilckel and Davies equations are clearly inaccurate at ionic 
strengths above roughly 0.3 mol/kg, whereas the SIT model is accurate to within about ±5 to 10% 
up to 1= 2 mol/kg. Because both Davies and SIT models ignore ion size, they are less accurate than 

TABLE 4.4 Some SIT interaction parameters 
of importance for natural waters 

Ion i e(i,j) Ion i E(i,j) 

Mg2+ 0.19 UO~+ 0.21 
Ca2+ 0.14 AJ3+ 0.33 
8a2+ 0.07 La3+ 0.22 
Mn2+ 0.13 Th4+ 0.25 
Co2+ 0.16 CI- 0.03 
Ni2+ 0.17 HC03 -0.03 
Cu2+ 0.08 SO~- -0.12 

Note: For the cations, the major electrolyte ion, j, is chlo
ride. For the anions it is sodium. Although a single pa
rameter is given here for sulfate, the authors also present 
a function to describe its dependence on ionic strength. 

Source: From Grenthe and Wanner (1989). 
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Figure 4.4 Comparison of the ion activity coefficient of Ca2+ as computed using ditferent ap
proaches. These include: (1) the Davies equation; (2) the mean salt approach using the MacInnes con
vention, and Truesdell-Jones equation (curve labeled Mean salt & TJ); (3) the specific ion interaction 
(SIT) equation; and (4) the extended Debye-Hiickel equation. 

IOJ 

the extended Debye-Htickel equation at low ionic strengths. SIT model interaction parameters nev
ertheless result in activity coefficients that are in general agreement with mean salt values over a rel

. atively wide range of ionic strengths. 

4.2.4 Stoichiometric and Effective Ionic Strength 

When the total concentrations of dissolved species are used to compute ionic strength through its 
definition 

(4.3) 

and the existence of ion pairs is ignored, the resultant ionic strength is said to be a total or stoichio
metric (I,) value. If, on the other hand, the presence of ion pairs is accounted for in the calculation 
of J, its value will be reduced. This is because the formation ion pairs (e.g., NaCO} or CaS04') re
moves charged species from the ionic strength calculation, and the pair always has a lower charge 
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than its component ions (remember I is proportional to Z2). An ionic strength value so corrected is 
called an effective ionic strength (Ie)' Because typically less than I % of the ionic species in fresh
water occur in ion pairs, for such waters I, = Ie. In seawater however, because of significant ion pair
ing, Is = 0.718 mollkg and Ie = 0.668 mollkg (7% lower). The difference becomes even more sig
nificant at higher ionic strengths. Geochemical computer models such as WATEQ4F, MINTEQA2, 
and PHREEQE calculate and use the effective ionic strength. SOLMINEQ.88 and PHRQPITZ are 
capable of calculating the stoichiometric ionic strength. In computer codes, the Davies, SIT, and TJ 
equations and the Pitzer model are usually defined in terms of Is. 

Ion activities in a solution should be the same, regardless of the ionic-strength approach used. 
Remember that by definition ai = Yimi' Because the Is approach ignores ion pairs, I, > Ie and mi (I,) 
is greater than mi (Ie). The smaller ion activity coefficients computed from higher values of ionic 
strength in the stoichiometric approach, are compensated for by higher ion molalities in that ap
proach. The result is an ion activity that is the same regardless of the ionic strength model used. The 
following worked problems illustrate this point. The first examines the solubility of gypsum (CaS04 . 
2H20) in pure water. The second considers calcite (CaC03) solubility in seawater. 

Example 4.2 

Compute the total or stoichiometric and effective ionic strengths, and corresponding total- and 
free-ion activity coefficients of Ca2+ and S01- in pure water saturated with gypsum at 25°C. 
It is given that the solubility product of gypsum, Ksp = 10-459 and that at gypsum saturation 
l:mCa = l:mS04 = 0.0154. 

The stoichiometric ionic strength equals simply 

I, = !(2 x 0.0154 x 4) = 0.616 mo1lkg (4.35) 

The effective ionic-strength approach assumes the existence of ion pairs. thus the mass-bal
ance equations are 

l:mCa = mCa2+ + mCaSO" 

l:mS04 = mSOl- + mCaSO" 

The solubility reaction for gypsum is written 

CaS04 . 2H20 = Ca2+ + SOl- + 2H20 

(4.36) 

(4.37) 

( 4.38) 

Calcium and sulfate ions form the CaSO" ion pair. with the association constant expression 

K = 10231 = ~~O~] _ 
.ssoc [Ca2+] [SOa-] (4.39) 

where the brackets denote activities of the species. But at saturation we know [Ca2!-] [SOl-] = 
10-4.59. Substituting for this product in Eq. (4.39) leads to [CaSO,,] = 10-228 = 5.25 X 

10-3 mollkg. Assuming for the ion pair that Yeaso, '" 1. we solve for mCa2+ and mSO~- in 
Eqs. (4.36) and (4.37) and find mCa2+ = mSO~- = 1.02 X 10-2 mollkg. The effective ionic 
strength is now given by 

Ie = 1(2 x 1.02 x 10-2 x 4) = 0.0408 mol/kg (4.40) 

With the Debye-Htickel equation. and assuming Ie' we compute yt. = 0.511 and Y§o, = 0.477, 
from which, since al = Yim;, the ion activities are [Ca2+] = 5.21 x 10-3 = 10-2.28 mol/kg, and 
[SO~-] = 4.87 X 10-3 = 10-2.31 mollkg. 
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Note that 1, is about 50% greater than leo Calcium and sulfate ion activities must be the 
~ame, whether computed assuming effective or stoichiometric /. Because y!= a/m!, we find 
that for 1, 

[Ca2+) 
yt. = 0.0154 = 0.333 versus YCa = 0.511 

and 
lSOa- J 

Y§o, = 6.0154 = 0.311 versus Yso, = 0.477 

(4.41) 

Example 4.3 

The state of saturation of seawater with respect to calcite must be the same whether calculated 
using effective ionic strength Ue = 0.668 mol/kg) and assuming both uncomplexed species 
and ion pairing, or computed assuming the stoichiometric or total ionic strength Us = 
0.718 mol/kg), using total concentrations and neglecting ion pairing. This follows from the fact 
that the activities of calcium and carbonate ions must be identical regardless of which approach 
is taken to compute them. In the former case we consider molal concentrations of the free (un
paired) ions (ml), and their activity coefficients (yr values). In the latter case the calculation is 
made in terms of total molar concentrations of the ions (ml) and their total ion activity coeffi
cients (y! values). Because ion activities are the same, we know that for a given ion 

(4.42) 

You are given the following information for seawater of 34.8% salinity at 25°C from Pyt
kowicz (1983). 

mCa = 0.01063 mollkg 

YCa = 0.228 

mCo, = 0.000171 mollkg 

Yc:o, = 0.029 

Tabulated here are concentrations of free species and ion pairs expressed as percentages of the 
total concentrations given above assuming the ion pair model and effective ionic strength. 

Percent of Percent of 
total Ca total CO, 

Ca2+ 88.35 CO~' 8.0 
CaS04 10.87 NaCO) 16.0 
CaHCO) 0.29 MgC03' 43.9 
CaC03' 0.41 CaCO:\, 21.0 
CaMgCO~+ 0.07 Mg2COj+ 7.4 
CaP 0.02 CaMgCOj+ 3.8 

Note that Pytkowicz suggests the presence of three, triplet carbonate ion pairs. These have not 
been considered by most other observers. 

Given the above information, compute the ion activities of Ca2+ and C05- ions using 
both approaches, and from these values calculate the ion activity product of calcite in seawater. 
Tabulate and compare your results and explain their agreement. What is the significance of the 
total ion-activity coefficients used in the Is approach? 
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Ion activities, ai' are the same whether we use the "free" or "total" values of activity co
efficients and concentrations to obtain them. Solution to the problem is based on Eq. (4.42). 
From the total calcium and the percent free value, we obtain the free calcium concentration: 

mCa = (0.8835) (0.01063) = 9.39 x 10-3 

Similarly, the concentration of free carbonate ion is 

mca, = (0.08) (1.71 X 10-4) = 1.37 X 10-5 

We can now solve for the ion activity coefficients of the free ions. 

e = (0.228) (0.01063) = 0 2 8 
'YCa 9.39 X 10-3 . 5 

e = (0.029) (1.71 x_IO-4
) = 0362 

'Yco, 1.37 x 10-5 . 

(4.43) 

(4.44) 

(4.45) 

(4.46) 

The ion activity product of calcite (IAPC> based on total activity coefficients and concentra
tions is 

IAPe :::: (0.228)(1.063 x 10-2) (0.029) (1.71 x 10-4) = 1.20 X 10-8 = 10-7.92 

Based on the free ion values, the product is 

IAPe = (0.258) (9.39 x 10-3) (0.362) (1.37 x 10-5) = 1.20 x 10-8 = 10-792 

As expected, we have obtained an identical result. 

(4.47) 

(4.48) 

4.2.5 High Ionic Strengths and the Pitzer Model 

At ionic strengths above 2 to 3.5 mol/kg, the high density of ions in solution can lead to binary inter
actions between species of like charge and ternary interactions (simultaneous interactions) between 
three or more ions, some of which will be of like sign. The likelihood of binary and ternary interac
tions is suggested by the relative number of water and Na+ and CI- ions associated in a liter of solu
tion. Thus there are an equal number of water molecules and NaCI pairs in a 0.06 molar solution. 
Further, with 55.4 moles of HoO in a liter of water, in a 5 molar NaCI solution about 30 moles of 
water are directly associated with ions of the salt and only 25.4 moles of water are free. Obviously, 
in such systems some ions must be touching, and dilute solution concepts do not apply. The most ac
cepted model for high ionic strengths is the Pitzer model, which has been shown to accurately model 
the behavior of electrolyte solutions up to 6 mol/kg (cf. Pitzer 1987). While the Debye-Htickel model 
considers long-range electrostatic effects in dilute solutions, the Pitzer model also takes into account 
short range interactions in concentrated solutions. 

The Pitzer model requires so-called "interaction parameters" involving the aqueous species of 
interest and major species in the water. Such parameters have been measured for major ions, but are 
often unavailable for trace species, including strong complexes. Sometimes the missing parameters 
can be reasonably assumed to be equal to those for similar species, however (cf. Langmuir and Mel
chior 1985). 

Weare (1987) (see also Millero 1983) suggested the following conceptual equation to describe 
the activity coefficient of an individual ion in the Pitzer model approach 

In 'Yi = 2T P + ~DiJ (I) mj + ~Eijk mjmk + ... 
ijk 

(4.49) 
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The first term on the right is a modified Debye-Huckel term where 

[ 

/1/2 2 ] 
t l' = - 0.392 . --~~- +--- In (1 + 1.21"2) 
. 1 + 1.2/112 1.2 

(4.50) 

The second term, the binary term, is the sum of interactions that involve two solution species of op
posite or the same sign. The parameters required to calculate the effect of the second term on the ion 
activity coefficient are called binary virial coefficients. Those describing the interaction of species 
of opposite sign (8 terms) are functions of ionic strength. Like-like sign species interaction (8) terms 
are assumed independent of /. Binary interaction 8 terms are obtained from measurements of os
motic or activity coefficients in single electrolyte solutions. The Debye-Huckel (DH) and binary 
terms taken together are roughly comparable to the SIT and Truesdell-lones model equations, which 
consider only binary interactions among species of opposite charge. The DH and binary terms de
fine the chief contributions to an ion activity coefficient, while ternary interaction terms in the Pitzer 
model (the Eijk terms) can be viewed as refinements to the DH and binary term contributions. gen
erally not needed for major ions at ionic strengths below about 3.5 mol/kg. Within the ternary terms 
are ternary (t/I) virial coefficients that account for interactions among two like-charged and a third 
unlike-charged species. Ternary coefficients are assumed independent of ionic strength. They are ob
tained from measurements in mixed electrolyte solutions or from mineral solubility measurements 
in electrolyte solutions. In practice, when Pitzer equation expressions are written out, binary and 
ternary virial coefficients are often collected in the same terms. 

Pitzer model equations are linear algebraic functions of In Yi' They are often extremely long 
and involve numerous individual parameters and substitutions (cf. Pitzer 1987; Weare 1987). Tables 
of binary and ternary virial coefficients have been published by Pitzer (1987) and Weare (1987). A 
larger and comprehensive list of published virial coefficients is given by Plummer et al. (1988). So
lution of Pitzer model equations is best accomplished by computer. The Pitzer model is available in 
the computer codes SOLMINEQ.88 (Kharaka et al. 1988), PHRQPITZ (Plummer et al. 1988). and 
PHREEQC (Parkhurst 1995). The extensive Pitzer-parameter data base in PHRQPITZ updates ear
lier lists and adds vi rial coefficients to describe the interaction of alkali metals, alkaline earths. tran
sition metal cations. and NHt, Cd2~ Pb2~ and UO~+ with a variety of ligands, including nitrate. sul
fate, and bisulfate, borate, orthophosphate, arsenate, and chromate. The Pitzer model thus becomes 
useful in studies of concentrated. acid mine waters and industrial wastewaters. The model approach 
works best, however, when cation and anion interaction produces a complex with a formation con
stant less than about 102 (Weare 1987). The interaction etlect is then accurately accounted for with 
model virial coefficients. More stable complexes need to be considered as separate. interacting 
species. and they require their own virial coefficients. Application of the Pitzer model to concentrated. 
mixed wastewaters, for example, has been somewhat limited because of the lack of interaction
parameter data for strong trace-element complexes. As a strategy in such cases. it is useful to first 
determine activity coefficients and activities of major electrolyte ions using the Pitzer model. The 
activity coefficients of trace species (for which virial coefficients are lacking) can then sometimes be 
set equal to those of major ions of the same size and charge (cf. Langmuir and Melchior 1985). 

Example 4.4 

Langmuir and Melchior (1985) examined the solubility of Ca. Sr. and Ba sulfates in saline 
groundwaters of the Wolfcamp Formation of north Texas. The Wolfcamp is composed of lime
stone and dolomite. The groundwater. which is at a depth of about 970 m. was at 32°C and 
67 bars pressure and had a pH of 6.1. Species total concentrations are listed here. 
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Species mol/kg Species mol/kg 

Na 1.88 Ba 7.64 x 10.7 

K 3.62 X 10-.3 Ra 4.65 x 10-12 

Ca 0.188 CI 2.53 
Mg 0.123 S04 2.35 x 10-2 

Sr 1.68 x 10-3 Br 5.61 x 10-3 

The water is dominantly a NaCI brine with important amounts of Ca and Mg. The analysis in
dicates a stoichiometric ionic strength of 2.88 mollkg, too high to justify use of the Davies 
equation. Because solubility of the akaline earth sulfates is directly proportional to the activ
ity coefficients ofCa2+, Sr2+, Ba2+, and SO~-, we are interested in their values in the brine. We 
will compute the activity coefficients using the Truesdell-Jones (TJ) and SIT models. 

The TJ equation is 

-A z~ Vi 
log y. = --'-. I. + bI 

I I + B aiv I 
(4.51) 

The constants A and B in the Debye-Huckel term equ t' 0.5154 and 0.3294 respectively at 
32°C. Values of ai and b are listed in Table 4.3, which is for dominantly NaCl-type waters. We 
will use Parkhurst's (1990) values in the calculation. 

For cations and anions in a predominantly sodium chloride solution, the activity coeffi
cient equations in the SIT model are 

log Ycarion = -z2D + € mCI

log Yanion = -z2D + € mNa+ 

where the Debye-Huckel type term is 

AVI 
D=l+l.5VI 

(4.52) 

(4.53) 

At 1= 2.88 mollkg, D = 0.2467. According to Table 4.4, € = 0.14 for Ca2+, 0.07 for Ba2+ and 
-0.12 for SO~-. We will assume € for Sr2+ is the same as for Ca2+. (Because the radius of Sr2+ 
[1.18 A) is between those of Ca2+ [1.00 A) and Ba2+ [1.35 A), a better choice might be € = 0.1 
for Sr2+.) Resultant activity coefficients assuming ESr.CI = 0.14 are listed below, along with val
ues computed with the Truesdell-Jones equation. 

YCah 

YSr2+ 

YDa" 
YSOj-

Truesdell-lones 
model 

0.310 
0.286 
0.187 
0.101 

SIT model 

0.233 
0.233 
0.155 
0.049 

Source: From Langmuir and Melchior 1985 

Pitzer model 

0.237 
0.204 
0.156 
0.037 

Also listed for comparison purposes are coefficients from Langmuir and Melchior (1985) 
based on the Pitzer model, which are probably the most accurate at these high ionic strengths. 
The SIT model results are mostI~ in good agreement with those obtained using the Pitzer 
model. If € = 0.1 for Sr2+ instead of 0.14, we obtain YSr = 0.185, in slightly better agreement 
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with the Pitzer result. Parkhurst (1990) notes that the TJ model accurately fits mean salt data 
generally up to about 1 = 2 mollkg. That the TJ derived activity coefficients are systematically 
too large suggests inapplicability of the TJ model at this more elevated ionic strength. 

Example 4.5 

Following is a relatively simple calculation using the Pitzer model to compute the activity co
efficient of HC03 in seawater. The exercise is based largely on Millero (1983). (See also 
Harvie et al. 1984; Pitzer J 987). The activity coefficient of a trace cation in NaCl electrolyte 
solution can be written 

In ik = dr + 2mNa(BMc1 + mNa CM(1) + mNa mCI(B~ac, + CNact) 
+ mNa(20MNu + mNa l/IMNaCI) 

For a trace anion in NaCI solution the expression is 

In yI = dr + 2mCI(BNaA + mCI CNaA ) + mNa mCI(B~acl + CNaCI) 
+ mCI(28c1 A + mCll/Icl ANa) . . , 

For trace bicarbonate ion this becomes 

In y~co, = r + 2mCI(BNaHCO, + mCI CNaHCO ) + mNa mCI(B~acl + CNaCI) 
+ mCI(28c1Hco + mCI l/ICIHCO Na) :1 ., 

(4.54) 

(4.55) 

(4.56) 

Among the virial coefficients in these equations, Band BI are functions of ionic strength, while 
C, 0, and l/I are independent of I. Millero (1983) gives general equations for B, BI, and C for 
I-I (same as 2-1) and 2-2 electrolytes. For salt MX, the expressions are: 

BMX ={3'Mx+ ({3J.txI2/) [1- (1 + 2/112) exp(-21"2)] 

B~x = ({3J.txI2/2) [- I + (I + 2/"2 + 21) exp( - 2/"2) I 

CMX = cYMx/(2 I ZMZX 1'/2) 

Vi rial coefficients needed to solve these equations are tabulated below. 

Na, CI 
Na, HCO) 
CI, HCO) 
CI, HCO), Na 

f3'Mx 

0.0765 
0.0277 

0.2644 
0.0411 

0.00127 

() 

0.0359 
-0.0143 

(4.57) 

(4.58) 

(4.59) 

Given 1 = 0.718 mollkg. mNa = 0.48. and mCI = 0.56 mollkg for seawater. From Eq. (4.52). 
r = - 0.6230. Also. B~aCI = - 0.06190. BNaHCO = 0.04216. and eNaCI = 0.00635. Since a value 

J 

for C~.HCO is lacking. we set it equal to zero and find CNaHCO = O. Solving for the four terms 
) J 

in Eq. (4.56) leads to 

In y~coJ = -0.6230 + 0.0472 - 0.1673 + 0.0357 = -0.7074 (4.60) 

The first (-) term on the right is the Debye-Htickel (DH) term for long-range electrostatic ef
fects. The second (+) term defines electrolyte trace-ion (Na-HC03) interactions. The third term 
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is a Na-Cl electrolyte term, and the fourth a small correction due to binary and ternary trace
ion (HC03)-NaCI mixing. Expressing Eq. (4.60) in linear format we have 

y~co, = YDH YNaHCO, YNaCI Ymixing (4.61) 

0.493 = 0.536 x 1.048 x 0.846 x 1.036 

Clearly, the chief contribution to Y~co, is electrostatic effects as described by the DH term. At 
the relatively low ionic strength of seawater the other effects combined change y~co, by less 
than 10%. 

4.3 OVERVIEW OF ACTIVITY COEFFICIENT MODELS FOR IONS 

The algorithms that describe the change in ion activity coefficients (y) with ionic strength all relate 
the logarithm of Yi to a function of 11/2 with or without additional terms. In generalizing the applic
ability of such models it is, therefore, helpful to do so with a schematic plot of log Yi versus [112. Such 
a plot is shown in Fig. 4.5 for hypothetical cation, M2+. 

Up to about 0.02 mollkg ionic strength ions are so far apart in solution that their interaction is 
accurately measured by their charge only, and the Debye-Hlickel (DH) limiting law (Eq. 4.30) ap
plies. The limiting law appears as a tangent (dashed line) to the log y, versus 11/2 curve in Fig. 4.5. 
As salt concentrations rise, ion size becomes significant, and the extended DH equation (Eq. 4.28) 
and a hydrated-ion size are needed to accurately model Yi values. The size parameter increases the 
denominator of the extended DH equation, but maintains the negative slope of the plot. Between 
about 0.01 and 0.1 mollkg ionic strength, increased solution concentrations result in significant in
teraction between anions and cations and the curvature of a Yi versus log I plot turns upward (see 
Fig. 4.4). This produces a minimum followed by an increasingly positive slope in the plot in Fig. 4.5, 
neither of which are predicted by the extended DH equation. 

The Davies equation (Eq. 4.31) generates the positive change in slope with an add-on term, bl, 
where b is the same constant for all ions. The denominator of the Davies equation equals I + Vi, 
which is equivalent to assigning a constant ai value of about 3.0 to all ions in the extended DH equa
tion. These simplifications make the Davies equation less accurate than the extended Debye-Hiickel 
equation at low ionic strengths, and limit its use to ionic strengths below that of seawater 
(0.7 mollkg). 

The TJ equation (Eq. 4.51) improves on shortcomings of the Davies equation by retaining the 
extended DH equation with its ai parameter and assigning different values to b in the add-on bl term 
based on the MacInnes convention and on fitting mean salt data for the ions. The TJ equation has 
been found reliable up to 1= 3.5 mollkg in some cases, but is conservatively limited to I:::;; 2 mollk,8. 

The denominator of the DH term in the SIT model (Eqs. 4.32 and 4.33) equals I + I sV I, 
which is equivalent to assuming a j '" 4.6 and constant in the extended DH equation. The SIT model 
accounts for binary interactions of anions and cations with interaction parameters that are specific 
for individual ions in chloride or other media. Lacking an adjustable ion size parameter, the SIT 
model is less accurate than the extended DH model at low ionic strengths. It does, however, give ac
curate results in some solutions up to 1= 3.5 mollkg. 

At ionic strengths between about 2 and 3.5 mollkg the high salt concentrations lead to further 
interaction between anion and cation pairs, but also to important interaction between pairs of ions of 
the same charge and simultaneously between three ions where two have the same charge. The Pitzer 
model can accurately account for such effects with a complex series of interaction terms added to a 
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Pitzer model (charge, average sil.e, binary and ternary interactions, ions of opposite and same sign) 

SIT model (charge, average size, ion specific binary interactions, ions of opposite sign) 

TJ model (charge and size, ion specific binary interactions, ions of opposite sign) 
• 

Davies equation (charge and average size, constant binary interaction term) 

Extended DB equation (ion charge and size) 

DH limiting law (ion charge only) 
'---+ 
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Figure 4.5 Schematic plot showing the general applicability of different activity coefficient mod
els as a function of ionic strength for a divalent cation. The dashed tangent to the curve at its origin 
is a plot of the Oebye-Hilckellimiting law for the ion. 

DH-type, low ionic-strength term. Because the DH-type term lacks an ion size parameter, the Pitzer 
model is also less accurate than the extended DH equation in dilute solutions. However, assuming 
the necessary interaction parameters (virial coefficients) have been measured in concentrated salt so
lutions, the model can accurately model ion activity coefficients and thus mineral solubilities in the 
most concentrated of brines. 
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4.4 ACTIVITY COEFFICIENTS OF MOLECULAR SPECIES 

Activity coefficients for uncharged, molecular species generally obey the empirical Setchenow equa
tion up to high ionic strengths (cf. Lewis and Randall 1961 ; Miller and Schreiber 1982). Such species 
include dissolved gases, weak acids, and molecular organic species. The Setchenow equation is 

(4.62) 

where K; is a constant, generally ranging from 0.02 to 0.23 at 25°C. Aqueous species whose activity 
coefficients obey this equation include: CO2, H2S, N2, O2, CH3COOH (acetic acid), NH3, H3P04, and 
H4SiO~. In NaCI solutions K; equals 0.231 for H2C03' (Millero 1983) and 0.080 for H4SiO~ (Mar
shall and Chen 1982). Thus, based on the Setchenow equation, in seawater (I = 0.7) the activity co
efficients of carbonic and silicic acids equal 1.18 and 1.06, respectively. 

Values of K; for molecular species in NaCl solutions at 25°C are given in Table 4.5. Pytko
wicz (1983) lists additional K; values for seawater. MINTEQA2 assumes K; = 0.1 for all uncharged 
species. The largest K; values in Table 4.5 equal about 0.2 for several species. In fresh, potable wa
ters (TDS < 500 ppm, 1< 0.01 m), the activity coefficients of these species still equal 1.00. Even in 
brackish waters with TDS values of about 5000 ppm (I "" 0.1 mollkg), for K; = 0.2, molecular species 
activity coefficients equal 1.02. Thus, to a good approximation the y; of such species can be take~ 
equal to unity in fresh and brackish waters. . 

Plotted in Fig. 4.6 is the general behavior of activity coefficients of ions and molecular species 
with increasing ionic strength. Note that the former decrease and the latter increase with ionic 
strength. Remembering the definition, a; = y;m;, and given that activities are often fixed by a chem
ical reaction at equilibrium, it is clear that if activity coefficients increase, dissolved concentrations 
must decrease, and conversely. Thus, because the Yi value of molecular species increases with I, 
mi values must decline. For this reason molecular species, such as gases at a fixed partial pressure, 
become less soluble with increasing I. This is the salting out effect. Conversely, for a fixed ion ac
tivity, because y; values decrease with I, the m; values for ions increase with I. Thus ionic species are 

TABLE 4.5 Values of the salting out coefficient, Ki, where log Yi = Kil, for 
some molecular species in NaCI solutions at 25°C based on various sources 

Aqueous species K; Source 

H2 0.094 t 
O2 0.132 t 
C2Hi ethylene) 0.093 t 
C6HsCOOH(benzoic acid) 0.191 t 
C6HiOH)COOH(salicylic acid) 0.196 t 
CH3COOH(acetic acid) 0.066 t 
CH4 0.129 :j: 
N2 0.20 :j: 
H2C03' 0.231 § 
H4SiO% 0.080 /I 
H2S 0.020 § 
H3PO% 0.052 § 
NH3 0.036 § 
H3B03' 0.045 § 

Source: 'Harned and Owen (1958); tMillero and Schrieber (1982); §Millero (1983); l'Mar
shall and Chen (1982). 
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Hgure 4.6 Schematic plot showing the "salting in" ('Y < I) and "salting out" ('Y > I ) behavior of 
ionic and molecular species. 

salted in. Because of this effect, the solubilities of minerals such as calcite that dissolve to form ionic 
species, increase with increasing ionic strengths, whereas a mineral such as quartz, with a molecu
lar dissolution product (H4SiOg), becomes less soluble as ionic strength increases. 

STUDY QUESTIONS 

1. Define ionic strength. Explain how it is computed and how it may be estimated from the specific conduc
tance or total dissol ved solids content of a water. 

2. Define the mean ion activity coefficient of a salt and comment on its significance in a weak versus a strong 
electrolyte solution. 

3. What is the MacInnes convention, what is its justification, and how is it used to estimate individual ion ac
tivity coefficients from mean salt data? 

4. Describe the general behavior of ion activity coefficients with ionic strength as a function of ion charge and 
size. 

5. What are the Debye-Hiickellimiting law and the extended Debye-Hiickel equation and under what general 
conditions can they be used to compute ion activity coefficients? Discuss the meaning and use of the ion 
size parameter in the Debye-Hiickel equation. How is it related to the ionic potential? 

6. How can we estimate the ion size parameter in the Debye-Hiickel equation from mean salt data? 

7. Davies, Truesdell-Jones (TJ), specific ion interaction theory (SIT), and Pitzer equations are formulated to 
model ion activity coefficients, both in dilute solutions and at elevated ionic strengths where ionic species 
tend to be salted out (they become less soluble). Thus, each of these models for In 'Y, includes a Debye
Hiickel term or terms of net negative sign (salting in terms) and an add-on term or terms that overall have 
a net positive sign. Discuss and compare the accuracy of the Davies and TJ equations at low and high ionic 
strengths. 
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tOtal ionic strength (I.,) is computed ignoring solution ion pairs, whereas the effective 
.o<es ion pairs into account.l, is greater than le. Why? Ion activities (a j ) must be the same, 

,trength model is used, so that aj = y,m, = Yfmf' where the subscript t denotes total ion val
Nhen l, is used. Subscript/indicates free ion values should be used when l, is employed. Ex

.Itrast the two approaches with an example . 

.. model equatioll for an ion activity coefficient includes a Debye-Hlickel-type term to describe 
.Ige electrostatic effects, and a series of add-on terms to describe nearer-neighbor contributions to 

~tivity coefficient. Some of the binary add-on terms for interactions between two ions of opposite sign 
c B terms), are functions of ionic strength. Other binary interaction terms between ions of opposite sign 

,the C terms) and ions of the same sign (the () terms) are constant and independent of ionic strength, as are 
the ternary interaction (1/1) terms. Comment on the form of the Pitzer model equation and its relevant inter
action terms for the activity coefficients of Na and CI in a pure NaC) solution and of trace HCO:1 in a NaCI 
solution. 

10. The stoichiometric activity coefficient of bicarbonate ion is less in a 0.7 mol/kg solution of NaHCOJ than 
it is in a 0.7 mollkg solution of NaC!. Why might this be the case? 

n. Show how salting out and salting in apply to the solubility of a gas such as oxygen and a mineral such as 
calcite as ionic strength increases. 

PROBLEMS 

1. This problem deals with the general treatment of a water analysis, including the calculation of its charge bal
ance, ionic strength, ion activity coefficients and activities, and saturation state with respect to calcite. 

The following analysis is of the Iowa River at Iowa City, Iowa. The specific conductance is 
365 p.mhos/cm. Assume the water temperature is 25°C. TDS is the solid residue on evaporation. 

Species Concentration (mglL) Species Concentration (mglL) 

Si02 15 CI 4.3 
Ca 49 F 0.2 
Mg 14 NO, 14 
Na 5.4 TDS 251 
K 3.1 Hardness as CaCO, 180 
HC03 168 Noncarbonate hardness 42 
S04 40 

(a) Compute the total equivalents per million (epm) of cations and anions and compare them by calculat
ing the charge balance, 

l:Eepm cations - :Eepm anionsl 
= ~_ . ~_ . x 100 

"""pm catIOns + """pm amons 
charge balance (%) 

where the numerator on the right side is always assumed positive. 
(b) As an approximation, it has been found roughly that for a given water 100 x (:Eepm cations) = Specific 

conductance (p.mhos/cm at 25°C). How accurate is the approximation for this water? 
(c) What is the molal ionic strength of the water and what factor (K) relates it to the specific conductance, 

where [(molal) = K x SpC (p.mhos/cm)? Is the value of K you have determined consistent with such val
ues given in this chapter? 

(d) Compute Debye-HUckel ion activity coefficients for the ions Ca2+ and HCO). 

(eJ Diven that A;p = 1Ol.85 at2,J°C for tbe reaction: CaCO; + H+= Ca2+ + HCOJ~ and assuming the river is 
at saturation with respect to calcite, compute what the pH of the water should be, using ion activities in 
your calculation but ignoring complexes. 
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8. The stoichiometric or total ionic strength (I.,) is computed ignoring solution ion pairs, whereas the effective 
ionic strength (/,) takes ion pairs into account. 1., is greater than 1.e" Why? Ion activities (ai) must be the same, 
whichever ionic strength model is used, so that (Ii = 'r,m, = 'rjmf, where the subscript t denotes total ion val
ues that apply when I, is used. Subscriptfindicates free ion values should be used when 1., is employed. Ex
plain and contrast the two approaches with an example. 

9. The Pitzer model equation for an ion activity coefficient includes a Debye-Hiickel-type term to describe 
long-range electrostatic effects, and a series of add-on terms to describe nearer-neighbor contributions to 
the activity coefficient. Some of the binary add-on terms for interactions between two ions of opposite sign 
(the B terms), are functions of ionic strength. Other binary interaction terms between ions of opposite sign 
(the C terms) and ions of the same sign (the () terms) are constant and independent of ionic strength, as are 
the ternary interaction (1/1) terms. Comment on the form of the Pitzer model equation and its relevant inter
action terms for the activity coefficients of Na and CI in a pure NaCI solution and of trace HCOJ in a NaCI 
solution. 

10. The stoichiometric activity coefficient of bicarbonate ion is less in a 0.7 mol/kg solution of NaHCO) than 
it is in a 0.7 mollkg solution of NaC!. Why might this be the case? 

11. Show how salting out and salting in apply to the solubility of a gas such as oxygen and a mineral such as 
calcite as ionic strength increases. 

PROBLEMS 

1. This problem deals with the general treatment of a water analysis, including the calculation of its charge bal
ance, ionic strength, ion activity coefficients and activities, and saturation state with respect to calcite. 

The following analysis is of the Iowa River at Iowa City, Iowa. The specific conductance is 
365 JA.mhos/cm. Assume the water temperature is 25°C. TDS is the solid residue on evaporation. 

Species Concentration (mglL) Species Concentration (mglL) 

Si02 15 CI 4.3 
Ca 49 F 0.2 
Mg 14 NO) 14 
Na 5.4 TDS 251 
K 3.1 Hardness as CaC03 180 
HC03 168 Noncarbonate hardness 42 
S04 40 

(a) Compute the total equivalents per million (epm) of cations and anions and compare them by calculat
ing the charge balance, 

h b I 
lupm cations - upm anionsl 

c arge a ance (%) = .. . x 100 
upm cations + upm amons 

where the numerator on the right side is always assumed positive. 
(b) As an approximation, it has been found roughly that for a given water 100 x (upm cations) = Specific 

conductance (,umhos/cm at 25°C). How accurate is the approximation for this water? 
(e) What is the molal ionic strength of the water and what factor (K) relates it to the specific conductance, 

where I(molal) = K x SpC (,umhos/cm)? Is the value of K you have determined consistent with such val
ues given in this chapter? 

(d) Compute Debye-Hiickel ion activity coefficients for the ions Ca2+ and HCO). 
(e) Given that Ksp = 101.85 at 25°C for the reaction: CaC03 + H+= Ca2+ + HCO), and assuming the river is 

at saturation with respect to calcite, compute what the pH of the water should be, using ion activities in 
your calculation but ignoring complexes. 
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(f) Assuming the pH computed in (e) is correct, what is the CO2 pressure (in bars) that is in equilibrium 
with the water? Remember that Kco, = 10-147 and, for carbonic acid, K J = 10- 6

.
35 and K2 = 10-

1033 

at 25°C. 
(g) Given that the Henry's law constant for the solubility of oxygen in the water at 25°C is KH = 1.26 x 

10- 3 Mfbar, compute the concentration of O2 in the river in equilibrium with air at 25°C. Remember that 

the air is 21 % O2, 

2. Goldberg (1979) reevaluated the published mean ion activity coefficient data for U02C12• which has been 
measured at and above a salt concentration of 0.1 mol/kg (cf. Robinson and Stokes 1970). He then fit a cor
relation equation to the reevaluated data for Y±uop" and extrapolated the data down to a salt molality of 
0.001 mol/kg. Values of Y±uo,C1" as a function of mU02CI2 from Goldberg's (1979) study, are tabulated in 
the table that accompanies this problem. Also shown in the table are Y± values for KCl as a function of salt 
molality from Hamer and Wu (1972). These are based on a reevaluation of published mean salt data for KCI 
measured at and above 0.1 mollkg, and a similar filling of that data with a correlation equation that has been 
extrapolated down to mKCI = 0.001. 
(a) Using the tabulated mean salt data and assuming the MacInnes convention, calculate and plot the indi

vidual ion activity coefficient of uranyl ion over the range of ionic strengths for which the mean activ
ity coefficients of both salts are available. Do not forget that the mean salt data for KCI and U02C 12 
must be compared at the same ionic strength for each salt, not at the same salt molalities. You may have 
to graph the Yet data for KCI and interpolate or extrapolate that data in order to obtain accurate values 
for both salts at the same ionic strengths. If you are plotting your results on graph paper, four-cycle log
linear paper is the most appropriate choice. 

(b) Arthur E. Martell suggested that the ion size parameter (ai ) for uranyl ion (UOi+) in the Oebye-HUckel 
equation equals 7.35 A.. Assuming this value, calculate Yuoi' for / = 0.001 and 0.003 mol/kg using 
the Oebye-HUckel equation and plot your results on the graph showing Yuoj' derived from the mean 
salt data. 

(c) If the Oebye-HUckel and mean salt derived curves for YU(W' do not smoothly connect, adjust the ion 
size parameter for uranyl ion until they do, emphasizing extrapolation of the Oebye-HUckel curve to the 
lowest ionic-strength mean salt values. Report your result for the size parameter, replot the Oebye
HUckel activity coefficient if necessary, and draw a single curve to make the Oebye-Htickel values 
smoothly connect to the curve of the mean salt data. 

(d) Assuming the ion size value estimated above, what value (or values) of (b) in the TJ equation gives the 
best fit to the mean salt derived activity coefficients at / = 0.06, 0.6, and 3.0 mol/kg? 

mU02Clz Y±UO,CJ, mU02C12 Y±uO,CJ, mKCI Y±KCI mKCI Y±KCI 

0.001 0.8885 0.500 0.5009 0.001 0.9649 1.200 0.5937 
0.003 0.8245 0.600 0.5156 0.002 0.9515 1.400 0.5861 
0.005 0.7871 0.700 0.5335 0.005 0.9266 1.600 0.5803 
0.010 0.7293 0.800 0.5540 0.010 0.9011 1.800 0.5759 
0.020 0.6662 0.900 0.5766 0.020 0.8689 2.000 0.5726 
0.030 0.6285 1.000 0.6013 0.050 0.8155 2.500 0.5684 
0.040 0.6024 1.250 0.6712 0.100 0.7682 3.000 0.5682 
0.050 0.5827 1.500 0.7522 0.200 0.7170 3.500 0.5712 
0.060 0.5674 1.750 0.8443 0.300 0.6865 4.000 0.5765 
0.070 0.5549 2.000 0.9479 0.400 0.6653 4.500 0.5838 
0.080 0.5447 2.250 1.0634 0.500 0.6492 4.800 0.5880 
0.090 0.5360 2.500 1.1913 0.600 0.6365 
0.100 0.5287 2.750 1.3320 0.700 0.6261 
0.200 0.4929 3.000 1.4868 0.800 0.6174 
0.300 0.4859 3.174 1.6026 0.900 0.6101 
0.400 0.4903 1.000 0.6038 
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(e) On the same plot draw the curve for Yuo~' based on the specific ion interaction (SIT) approach in 
Table 4.4 and comment on the fit of this curve to the mean salt derived curve. 

(I) The uranyl ion forms complexes with chloride. Cumulative constants for the formation of U02C I + and 
U02C 1'2 are HYI17 and 10-1.1, respectively. Above what chloride concentration is I % and 10% of the 
uranyl ion complexed? How does such complexation affect our calculation of the activity coefficient of 
uranyl ion? 

3. Mean salt data indicate that r±FeCI. = 0.4427 in a 0.5 molal FeClz salt solution at 25°C and that Y±KCI= 0.5830 
in a KCI solution of the same ionic strength. 
(a) What is the ionic strength? 
(b) Assuming the MacInnes convention, what is YFe" at this ionic strength? 
(c) Estimate the interaction parameter EFe.CI for the SIT model from parameters listed for other divalent tran

sition metals in Table 4.4, assuming the parameters are proportional to the ionic radii. 
(d) Using EFe.CI estimated in (c), compute YFe" with the SIT model for the same ionic strength. How does 

this value compare with the value computed in (b)? 
(e) Assuming YFe" computed in (b) is correct, what value of EFe.CI in the SIT model would have been re

quired for the models to agree? 

4. The solubility of halite (NaCI) in water at 25°C and I bar pressure is 6.15 mol/kg. 
(a) Using Pitzer equations from Millero (1983) and single electrolyte solution parameters from text Exam

ple 4.5, calculate the activity coefficients of Na+ and CI- in a brine that contains only these ions and that 
is saturated with respect to halite. (In this simple system many of the virial coefficients equal zero.) Com
pare rNa' and YCI' and discuss the relative contributions of Debye-Hiickel and binary interaction terms 
to their values. 

The applicable Pitzer equations for the activity coefficients of cation M and anion X from Millero 
(1983) are given by 

a c a (' a 

(where Zi is the charge, m; the molality of cation (e) and anion (a) in the mixed solution, and E = ~ I:im;lz;I. 
The Oebye-Hiickel term is defined in Eq. (4.50). The second and third virial coefficients for I-I and 
2-1 electrolytes equal 

BMX = f3'Mx + (f3kx/2/) [I - (I + 2/"2) exp (- 2/"2) 

B{"x = (f3}.,x/2/2) [- I + (I + 2/"2 + 2/) exp (- 2/1/2J 

CMX = C'Ktxl(2/ ZMZX 11/2) 

The f3 and C interaction terms for NaCI are tabulated in the text. 
(b) Compute the solubility product (Ksp) of halite from the foregoing information. What is the total dissolved 

solids (TOS) content in ppm of a brine at saturation with respect to halite? 
(e) With the following Gibbs free-energy data, compute the solubility product of halite. Compare this re

sult to the value you computed in (b) and comment on any difference. 

Species dGI(kcal/mol) Species dGl(kcal/mol) 

-62.59 NaCI(c) halite -91.815 
-31.379 
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Acids and Bases 

5.1. THE SIGNIFICANCE AND MEASUREMENT OF pH 

The importance of water in :lqueous environments reflects the behavior of hydrogen and hydroxyl 
ions, as well as that of subst IOce water itself as a solvent and reactant. As a weak acid or base, the 
dissociation of water may be written: 

(5.1) 

for which at 25°C 

[Wj [OH-] 
K , = ---- -- = 10- 14,00 

" lH20] 
(5.2) 

In most aqueous systems, except brines, the activity of water is close to unity and can be ignored. 
(See Chap. I.) 

The activity of a hydrogen ion is generally measured and reported in pH units. The pH is de
fined as the negative, base-to logarithm of the hydrogen-ion activity, or 

pH = -log rWj (5.3) 

Most reactions in gas/water/rock systems involve or are controlled by the pH of the system. 
Among these are: 

1. Aqueous acid-base equilibria, including hydrolysis and polymerization. 
2. Adsorption, because protons compete with cations and hydroxyl ions compete with anions for 

adsorption sites. Also, the surface charge of most minerals is pH dependent. 
3. The formation of metal-ligand complexes, because protons compete with metal ions to bond 

with weak-acid anions, and OH- competes with other ligands that would form complexes. 
4. Oxidation-reduction reactions, whether abiological or biologically mediated. Oxidation usu

ally produces protons, whereas reduction consumes them. 
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5. The solubility and rate of dissolution of most minerals is strongly pH-dependent. Weathering 
of carbonate, silicate, and alumino-silicate minerals consumes protons and releases metal 
cations. (See Chaps. 7 and 9.) 

The ultimate reference for pH (and Eh) measurement is the hydrogen electrode, which is 
formed by bubbling H2(g) over a platinum electrode surface (cf. Parsons 1985, and Chap 2). The 
electrode half-cell reaction is 

!Hlg)=W+e

for which the measured electrode potential E, equals 

RT [W] 2.303RT [H+] 
E = E' - nF In [P

H
,J II2 = EO - -----;;p-Iog [P

H
j'12 

(5.4) 

(5.5) 

where the gas constant R = 1.9872 cal/deg mol, the Faraday (F) = 23,061 callY g eg., n = I electron. 
EO is the standard electrode potential with EO = 0 (by definition), thus t1G,o = nFEo = O. (See 
Chap. 11.) The quantity (2.303RTIF) is called the Nernst factor and equals 54.2, 59.16, and 64.12 mY 
at 0, 25, and 50°e. This is the theoretical response of the electrode in volts to a one-unit increase 
in pH. 

Although the hydrogen electrode is the ultimate reference for pH, it is unsuitable for general 
pH measurement. For convenience the pH of natural waters is measured using a glass electrode in 
conjunction with a reference electrode (Fig. 5.1). The reference electrode is most often a silver-silver 
chloride (Ag-AgCl) or calomel (Hg-Hg2CI2) electrode. The unknown solution pH is determined by 
comparing the potential measured in the unknown to the potential measured in a solution of known 
pH, called a pH buffer solution. The pH of the unknown is then obtained from the relationship 

H = H + (E, - Eb) 

p x p b 1.984 X 10-4 T (5.6) 

where pHx and pHb are the pH measured in the solution of interest, and in the pH buffer solution, and 
Ex and Eb are the corresponding voltages measured with the glass and reference electrode pair and 
an electrometer. The term 1.984 x 10-4 T= 2.303RTIF is the Nernst factor. At 25°C, expression (5.6) 
reduces to 

(5.7) 

Expression (5.7) is, in fact, built into the routine measurement of pH with a commercial pH 
meter. Such meters have a scale graduated in pH units, obviating the need to convert volts to pH 
units. Prior to pH measurement, the buffer solution and unknown solution are brought to the same 
temperature. The temperature compensation dial on the meter is then turned to that temperature. This 
sets the meter with the appropriate Nernst-factor value for pH response at the temperature of mea
surement. The pH and reference electrode pair (preferably available in a single, combination pH elec
trode) are then immersed in a buffer solution of known pH, and the meter is set to that pH. Immer
sion of the electrodes in the unknown solution then yields that solution's pH. 

In a pH measurement, the silver chloride or calomel internal couple of the reference electrode 
contributes a voltage, Eref" to the measured potential at the meter. The reference electrode makes elec
trical contact with the buffer and unknown solutions into which it is immersed via a salt bridge that 
leaks a concentrated KCI electrolyte solution through an outer electrode orifice into those solutions. 
This leaking salt bridge, which is called a liquid junction, creates a voltage called a liquid-junction 
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Reference 
electrode Unshielded 
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electrolyte 
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Internal element 
(Hg-Hg2CI2• or 
Ag-AgCI) 
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electrolyte 

Asbestos fiber 
liquid junction 

Glass 
electrode Shielded 

__ ------- cable 

1'-01----
Cap 

Sealed internal 
clement 

Silver wire coated 
with AgCI 

O.IMHCl 

~ electrolyte 

pH--sensitivc 
glass bulb 

Figure 5.1 Basic design of a typical commercial reference electrode and glass electrode. 
After D. Langmuir, Eh-pH determination, in Procedures in Sedimentary Petrology, 
R. E. Carver, ed. Copyright © 1971 by John Wiley & Sons, Inc. Used by permission of John 
Wiley & Sons, Inc. 
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potential, Ej. Inherent in pH measurement is the assumption that voltages such as Eref and Ej are the 
same when measurements are made in the unknown and buffer solutions, so that these voltages can
cel out in Eq. (5.6). This assumption is particularly suspect for Ej , which depends on constant and 
nearly equal diffusion rates of K+ and Cl- ions and the dominance of these ions at the salt bridge. Ej 

can differ by tens of millivolts between a buffer and unknown solution. Such differences in Ej make 
accurate pH measurement difficult in brines in low pH solutions (cf. Bates 1964) and in clay sus
pensions due to adsorption of K+, but not Cl-, by the clay. 

Although the precision (repeatability) of pH measurements using modern equipment may be 
±0.005 units in the laboratory, the accuracy of lab measurements can be no better than about 
±0.02 pH units. This is because the buffer solutions, which have been calibrated by the U.S. National 
Bureau of Standards (NBS) using a hydrogen electrode, have an absolute accuracy in the range of 
±O.OI to 0.02 pH units. Under ideal field conditions (similar air and water temperatures, measuring 
equipment unaffected by wind, sun, or electrical machinery) the accuracy of field pH measurements 
(as evidenced by the reproducibility of pH buffer checks and measurements) may be within ±O.02 pH 
units, but is generally no better than about ±O.05 pH units. For greatest accuracy in the laboratory or 
field, pH equipment should be calibrated in two NBS-certified buffers having nominal pH values 
above and below that of the unknown solution before determining the pH of the unknown. 
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5.2 ACIDS AND BASES: OVERVIEW 

The ionic-potential (Ip) concept discussed in Chap. 3 best describes element behavior at intermedi
ate pH's. Most ofthe metal oxides and hydroxide minerals formed by cations with Ip values between 
about 3 and 8.2 become significantly soluble in acid waters, where the high H+ concentrations can 
break metal-O or metal-OH bonds to form water and release metal cations to solution. Some of these 
otherwise insoluble metal oxides and hydroxides (for example, those of AI'+ and Fe3+) are also sol
ubilized by high pH's. In other words, the mobilities of these metal cations depend on the acid-base 
properties of the water, as well as on their ionic potentials. The rate of chemical weathering is also 
greatly accelerated in strongly acid waters. 

Some definitions are appropriate here. In 1928, Bronsted and Lowry defined an acid as a sub
stance that can give or donate a proton and a base as a substance that can receive or accept a proton 
(Butler 1964). Strong acids release a greater proportion of their protons than do weak acids. For ex
ample, above pH 4, the reaction 

(5.8) 

and, in general, the reaction 

(5.9) 

have gone completely to the right, and essentially none of the neutral acid species remain. Sulfuric 
and hydrochloric thus are strong acids. In contrast, the reaction . 

H2CO~ = W + HCO) (5.10) 

only advances part way to the right, so that some undissociated carbonic acid remains at equilibrium. 
Note that in the above examples, sulfuric, hydrochloric, and carbonic are acids, and sulfate, ch loride, 
and bicarbonate ions are bases. 

In general, we can write the equilibrium expression for the dissociation of an acid as 

(5.11 ) 

Values of pKa = -log K" at 25°C for some important dissolved acids and bases in natural waters 
are given in Table 5.1. In the table Fe3+ and AJ3+ have been written as aquocomplexes, to show the 
role of water in their acid-base behavior. The convention is generally not to write the waters of hydra
tion. Notice that the species HS04, H2P04, FeOH(H20W, HCO), HPOi-, and H3Si04 can act either 
as acids or as bases. Thus they are called ampholytes or amphiprotic. 

In natural waters the principal strong acids (pH's < 4) are sulfuric and hydrochloric acids, 
bisulfate ion, ferric ion, and FeOH1+ and Fe(OHH ions. The pH of most natural waters lies between 
4 and 8.5, under which conditions the acids present are weak, and include organic acids, AI'+, car
bonic acid, and bicarbonate ion. 

Acetic acid is a common organic acid found in landfill leachates, sewage, and deep oil-field 
brines, for example. Formic acid is also found in groundwaters associated with hydrocarbons. The 
most common natural organic acids are called humic and fulvic acid. These acids are described in 
some detail in Section 5.4. 

The pH of seawater, which is about 8.15, chiefly reflects the presence of bicarbonate and car
bonate and, to less extent, boric acid species. (B = 4.5 ppm in seawater [Goldberg et al. 1971].) 

Values of pH above 8.5 are rare in groundwaters, but may be found in a few springs discharg
ing Mg-OH and Ca-OH (strong bases) waters from serpentine (hydrated Mg-silicate) rocks in the 
coastal mountain ranges of California and Alaska (cf. Barnes 1970), and from ultramafic rocks of 
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TABLE 5.1 Some important acids (HAn>!) and their 
conjugate bases (An) in natural waters, and pKa (-log Ka) 
values for the acids, where Ka = [W][Anl/[HAn"1 

Acid Base pK" 

HClo CI-' --3 
H2SO4 HSO:j --3 
HNO~ NO, --0 
HS04 SOl 1.99 
H,P04 H2P0-i 2.15 
Fe(Hp)J+ FeOB(Hp)~+ 2.19 
HFo F' 3.18 
FeOH(H20)~+ Fe(OHh(H2O)S 3.48 
HCOOI-{" (formic) COOH- (formate) 3.75 
CH,COOW (acetic) CB,COO- (acetate) 4.76 
AI(HP)~+ AIOH(HPW 5.00 
H2C03' HCO) 6.35 
H2S" HS- 7.03 
H2P04 HPO~ 7.20 
NH;j NH'l 9.24 
HJBO~ H2BOi' 9.24 
H4Si04' HJSi04 9.82 
HCO'l CO2 

1 10.33 
HPO~- PO~- 12.35 
HJSiO,; H2SiOi- 13.10 
HP OH- 14.00 
HS- S2- (18.51) 

Note: A conjugate base is the base formed when an a<.:id gives or donates 
a proton. Parenthetic values are estimates. 
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Northern Oman (Neal and Stanger 1985). pH's around I () are also found in evaporitic lakes, high in 
Na carbonate and bicarbonate concentrations, and in streams and lakes clogged with active photo
synthetic aquatic plants (cf. Berner and Berner 1987). Detailed discussion of these and other 
processes that affect the CO2(aq) or carbonic-acid content of surface- and groundwaters, and thus 
the pH, is presented next. 

5.3 CARBON DIOXIDE AND CARBONIC ACID SPECIES IN NATURAL 
WATERS 

5.3.1 Theoretical Relationships 

Carbonic acid is the most abundant acid in natural water systems and is the acid most responsible 
for rock weathering. Bicarbonate ion is generally the dominant anion in fresh surface- and ground
waters. Bicarbonate and carbonate ions are also the chief contributors to total alkalinity in natural 
waters (see below). For such reasons we will consider carbonate-solution chemistry in some detail. 

The reaction 

(5.12) 
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where H2COf is the true concentration of carbonic acid, has an equilibrium constant of 

Ke = [H2COn = 2.6 x 10-3 

q [COiaq)] 

Chap. 5 

(5.13) 

at 25°C (Butler 1964). In other words, the concentration of true carbonic acid is less than 0.3% 
of the CO2(aq) present. Nevertheless, it is conventional to designate the dissolved carbon dioxide 
plus true carbonic acid as the species H2C03'. We can then write the dissolution of CO2 gas in 
water as 

(5.14) 

for which the Henry's law expression equals at 25°C 

K - [H2CO)1 - 10-1.47 eo,- -. Peo, 
(5.15) 

The first dissociation step of carbonic acid is written 

(5.16) 

and has the equilibrium expression 

(5.17) 

The second dissociation step and its equilibrium expression and constant at 25°C are 

HCO] = H+ + CO~- (5.18) 

and 
K = [H+] [CO~-] = 10- 10.33 

2 [HCOl ] (5.19) 

It is useful for some purposes to combine the expressions for Keo, and KI , eliminating H2COJ'. The 
result is 

(5.20) 

What are the pH ranges of dominance of the species of carbonic acid? The answer is simply 
related to the values of KJ and K2. Inspection of the equilibrium expressions for KJ and K2 shows that 
carbonic acid dominates below pH = pKJ = 6.35, bicarbonate ion dominates between pH = pKJ = 
6.35, and pH = pK2 = 10.33. Carbonate ion dominates above pH 10.33. 

We will now take a more rigorous approach to this question and compute the distribution dia
gram for carbonic acid species in water as a function of pH, but ignore ion activity coefficients. First 
let us define the total carbonate, CT, where 

(5.21 ) 
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Also needed for the calculation is the value of Kw. the dissociation constant of water. The expres
sions for K,. K2• Kw. and Cr give us four equations and five unknowns. Our goal is to solve for COJ-. 
HC0:J. and H2CO) in terms of pH and the constants Cr. K,. and K2• The result is 

(5.22) 

(5.23) 

(5.24) 

where iXH equals 

(5.25) 

Assuming carbonic acid dissociation constants of K, = 10-6.35 and K2 = 10-'033 at 25°C. we can sub
stitute in Eq. (5.25) to obtain 

(5.26) 

Values of this function from pH 2 to 12 are listed in Table 5.2. 
Given values for Cr. K" K2 and iXH. we can solve Eqs. (5.22) to (5.24) for concentrations of 

the carbonate species as a function of pH. Carbonate species concentrations computed for Cr = 10-3.0 

are plotted in Fig. 5.2. Also shown are concentrations of Wand OH-. Important features of the dia
gram include: (1) the pH regions of dominance of H2C03'. HC0:J. and CO~- with increasing pH; (2) 
the fact that crossovers of their concentration curves occur where pH = pK for each dissociation step; 
(3) the pH dependence of the distribution plot is independent of Cr; and (4) concentrations of H+ and 
OH- are independent of Cr. We will return to this figure later in the chapter when we discuss acid
ity and alkalinity. 

5.3.2 Carbonic Acid/pH Relations in Natural Waters 

A variety of reactions and processes influence the COz/carbonic acid concentration and thus pH of 
surface- and groundwaters. Some of these are given in Table 5.3. along with their respective effect 

TABLE 5.2 Values of Il'H from pH 2 to 12 at 25°C 

pH log Il'H pH log Il'H 

2 12.68 8 2.34 
3 10.68 9 1.35 
4 8.68 10 0.497 
5 6.70 II 0.0841 
6 4.84 12 0.00919 
7 3.42 
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Figure 5.2 Distribution diagram for carbonate species as a function of pH, assuming CT = 
10-3 M. Concentrations of H+ and OH-, which are independent of CT, are shown as dashed 
straight lines. 
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on pH. Remember that when free protons are consumed in reactions that produce carbon dioxide 
and/or carbonic acid (a weak acid), the pH will rise, and conversely. Among the reactions and 
processes listed in the table, some operate in both surface-water and groundwater systems, whereas 
others are largely limited to one or the other. 

The carbon dioxide content of surface water tends toward a limiting value defined by Henry's 
law and the CO2 pressure in the atmosphere (0.00033 bar or 10-3.5 bar). Differences from 10-3.5 bar 
CO2 pressure reflect relative rates of reactions and processes, including (1) through (9) in Table 5.3. 

Some surface waters (deep, stratified, and poorly mixed, with little sunlight penetration, heav
ily polluted) are physically isolated from the atmosphere. In such waters, the apparent CO2 pressure, 
which is defined by Peo, = [H2C03]/Keo, will usually exceed the atmospheric value. This dis
equilibrium partly reflects the fact that the rate of CO2 degassing from water is slower than its rate 
of gaseous uptake from the atmosphere (cf. Schmiermund 1991; Morel and Hering 1993; Cole 
et al. 1994). 

In a study of lakes worldwide (4665 samples from 1835 lakes) Cole et aL (1994) found the pH 
ranged from about 4 to 10 and CO2 pressures from about 10-1. 7 to 10-6.0 bar. Sources of CO2 in lakes 
include its inflow in surface waters and groundwaters and respiration and decay related to lake sed
iments and biota. The overall mean CO2 pressure of 1.049 x 10-3 (10-2.98) bar in lakes was three times 
greater than the atmospheric value. This reflects a CO2 production and accumulation rate that ex
ceeds its rates of consumption in the growth of aquatic plants and rate of degassing to the atmosphere. 
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TABLE 5.3 Some important processes and reactions that control the CO2 content of 
surface- and groundwaters and. therefore. their pH 

Processes and reactions 

I. CO2(g) dissolution ~, COiaq) exsolution ~ 
CO2(g) + H20 H COiaq) + HP H H2C03' 

2. Photosynthesis7 ~. respiration & aerobic decay ~ 
CO2 + H20 H 1/6 C6HI20 6 (glucose) + O2 

3. Methane fermentation (anaerobic decay) ~ 
C6H1P6 (glucose) ~ 3CH4 + HP + CO2 

4. Nitrate uptake and reduction ~ 
NO} + 2W + 2CH20 ~ NH/ + 2C02 + HP 

5. Denitrification ~ 
5CHP + 4N03 + 4W ~ SCOz + 2N2 + 7HzO 

6. Sulfate reduction ~ 
2CHzO + SO~- + W ~ 2C02 + HS- + 2HP 

7. Carbonate mineral dissolution ~ or precipitation ~ 
CaCO,(calcite) + W = Ca2+ + HP + CO2 

NaHC03(nahcolite) + W = Na+ + H20 + COz 
8. Common-ion driven calcite precipitation ~ 

CaS04 . 2HzO + 2HCO} ~ CaC03 + sol- + 2H20 + CO2 

gypsum calcite 

9. Chemical weathering of AI-silicate minerals 
2KAISi30 8 + 2COz + IlH20 ~ AI2Si20s(OH)4 + 2K+ + 2HCO} 
K-feldspar kaolinite 

Note: CH20 represents organic matter. 

pH up or down 

~down/~up 

~up/~down 

~down 

~up 

~up 

~up 

~up/~down 

~down 

~up 

'Other reactions that lead to carbon fixation may involve species of Sand N (cf. Morel & Hering 1993; 
Stumm and Morgan 1996). 
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Some of the lowest apparent CO2 pressures (and related highest pH's) found in lakes and other 
surface waters result from the photosynthetic activity of aquatic vegetation (reaction 2-1) around 
midday, removing CO2 far more rapidly than it can be replenished from the atmosphere (reaction 
1-1), from respiration and decay (reactions 2+-- and 3-1), or from groundwater inflow to the surface 
water. (Groundwaters usually contain more CO2 than surface waters.) The highest pH's due to pho
tosynthesis are found in streams, lakes, and reservoirs clogged with green algae (waters that have a 
high biomass/water ratio). 

The highest apparent CO2 pressures in surface waters may occur at night, when the dominant 
processes are respiration and aerobic decay (reaction 2+--), and perhaps groundwater inflow. Such 
behavior is reflected in the data from a study of Slab Cabin Run, near State College, Pennsylvania, 
given in Table 5.4 (Jacobson et al. 1971). Slab Cabin Run is a small stream fed by carbonate springs 
and often clogged with photosynthetic aquatic vegetation. The apparent CO2 pressures for the stream 
in Table 5.4 have been computed from the total analysis using MINTEQA2. Measurements at 
4:45 A.M. on a summer day showed a minimum stream pH of7.76 and maximum apparent CO2 pres
sure of lO-2.68 bar, probably reflecting chiefly the chemistry of groundwater inflow. At 2 P.M. that 
same day, active photosynthesis by aquatic vegetation produced a maximum stream pH of 9.42 and 
corresponding reduction in the apparent CO2 pressure to lO-4.41 bar. 
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Explanation for the inverse relationship between pH and P co, in carbonate-dominated systems 
such as Slab Cabin Run is most obvious if we recast Eq. (5.20) in log form 

H + I 
(YHco,mHCOj") 

log Pco, = - P og ----"---
Kco,K1 

(5.27) 

The data in Table 5.4 show that the total alkalinity (chiefly HC0:3) is practically constant at 2.80 ± 
0.04 (SD) mM, regardless of pH. The product of Kco,K1 is nearly constant at 10-7.73 between 8.4 and 
16.5°C. Thus, L\pH'" L\(-log Pco,) in the stream. In essence, the stream has a constant background 
composition, perturbed diurnally by the effect of photosynthesis on its dissolved CO2 content and 
thus its pH. This behavior of Slab Cabin Run has been generalized in Fig. 5.3, which is based on 
Eq. (5.28) and on MINTEQA2 calculations. 

In some surface waters (and shallow groundwaters) depleted in dissolved oxygen because of 
their organic-matter content, there is an inverse correlation between the O2 consumed by aerobic 
decay and respiration and the increase in CO2 found in the water over its equilibrium atmospheric 
value. This would be expected if changes in the dissolved oxygen and carbon dioxide contents of the 
water are controlled chiefly by respiration and aerobic decay (reaction 2~). The ratio of the CO2 
produced to the O2 consumed is called the respiratory coefficient, or, 

(C02 moles produced) 
Rc = -'----=---~------'-

(02 moles consumed) 
(5.28) 

(Hutchinson 1957). Typical values of Rc are between 0.7 and 0.9. Thus, somewhat more oxygen is 
consumed than can be accounted for by reaction 2~. This presumably reflects oxygen consumption 
by other processes, including oxidation of such species as Fe2+, HS-, and NHt. 

The apparent CO2 pressure in shallow ground waters is chiefly controlled by the production of 
CO2 in the unsaturated zone. Most of this carbon dioxide is produced in the A horizon of soils by 
plant-root respiration and aerobic decay of organic matter, including humic (discussed in Section 5.4) 
and other plant materials. Thus, soil CO2 pressures from 0.01 to 0.1 bar (10,000 to 100,000 parts per 
million by volume, or ppmv) may be found during the growing season in organic-rich soils. During 
warm months, soil CO2 (grams per formula weight [GFW] 44 g) tends to diffuse upward and escape 
to the atmosphere, as well as move downward because of its relatively high density compared to N2 
(GFW 28 g) and O2 (GFW 32 g). Solomon and Cerling (1987) found, however, that during the win
ter months, snow cover limited the atmospheric escape of CO2 and so caused a severalfold increase 
in soil CO2 values at shallow soil depths. 

The concentration of natural, dissolved organic carbon (DOC) content in the soil moisture of 
shallow soils is often 5 to 10 ppm. This DOC may percolate downward in the unsaturated zone, per
haps in association with colloidal-sized clay particles. Its aerobic bacterial oxidation can produce in
creasing amounts of CO2 with depth (cf. Wood and Petraitis 1984; Wood 1985). 

Subsurface contamination by organic-rich wastes from landfills, leaky septic tanks, sewerage 
tile fields, and toxic-waste dumps, can also produce high CO2 concentrations in both the unsaturated 
and saturated zones. For example, a shallow well 50 m from two septic tanks had an apparent CO2 

pressure of 10-1.32 bar (see Chap. 6 and Table 6.7, analyses 3 to 5 and 9). 
As the groundwater moves downdip from the recharge zone of a sedimentary formation, it 

tends to deplete its CO2 content by dissolving carbonate and alumino-silicate minerals in the forma
tion (e.g., reactions 7 and 9 in Table 5.3). When such weathering reactions dominate the chemistry, 
the apparent Pco, of the water decreases and the pH increases with groundwater flow. Such behavior 
is typical of grotmdwaters in the silt, sand, and gravel aquifers of the U.S. coastal plain along the 
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TABLE 5.4 Some chemical analyses of waters from Slab Cabin Run, near State College, PA, May 28-29, 1971, and the corresponding apparent CO2 

pressure 

Ca2+ Mg2+ 
Sample Date Time PC (mM) (mM) 

I 28th 1430 16.5 1.05 0.66 
2 28th 1830 14.8 1.00 0.66 
3 28th 2300 10.4 1.02 0.66 
4 29th 0445 8.4 0.97 0.70 
5 29th 0930 10.0 0.97 0.66 
6 29th 1400 16.5 1.00 0.66 
7 29th 1800 14.5 1.00 0.70 
8 29th 2000 13.1 1.02 0.70 

Average 1.00 ± 0.02 0.675 ± 0.019 
(±SD) 

teB (total alkalinity) = HCO:; + 2C05- + OH- - W (see Section 5.7). 
Source: Unpublished data of Jacobson et al. (1971). 

Solar 
radiation 

Total SpC daily 
alkalinity 7 DO -log Pco, (.umhos/em) cumulative 

(mM) (mM) pH (bar) 25°C (Iangleys) 

2.72 0.363 9.18 4.13 336 412 
2.77 0.313 8.94 3.85 332 502 
2.84 0.266 8.03 2.92 330 504 
2.77 0.338 7.76 2.68 331 0 
2.82 0.375 8.46 3.37 336 106 
2.84 0.359 9.42 4.41 338 305 
2.82 0.313 8.88 3.78 333 369 
2.82 0.275 8.54 3.42 335 376 

2.80± 0.04 
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Figure 5.3 Example trends of the apparent CO2 pressure in bars in a New Jersey coastal plain 
groundwater aquifer (Langmuir 1969), in the Floridan carbonate aquifer (Back and Hanshaw 1970), 
and in Slab Cabin Run, a small stream. Arrows denote the direction of groundwater flow. The data for 
Slab Cabin Run represent the diurnal cycle in May (Jacobson et a\. 1971). See Table 5.4. 

East and Gulf coasts. In the Potomac-Raritan-Magothy Formation of coastal plain New Jersey, for 
example, Pea, decreases in the direction of flow from about 10-1.0 to 10-2.6 bar while the pH rises 
from 5.8 to 8.0 over a 19 km distance downdip (Langmuir 1969). (See Fig. 5.3.) Chapelle (1983) and 
Chapelle and Knobel (1983) also note a pH increase and CO2 decrease with groundwater flow in the 
coastal plain Aquia aquifer of Maryland. The aquifer is chiefly composed of quartz sand (-55%), 
glauconite clay (-30%), and carbonate shell material (-8%). Over a downgradient-flow distance of 
about 64 km, the groundwater pH increases from about 7.2 to 8.9, and the CO2 pressure drops from 
about 10-2.5 to as low as 10-3.4 bar. 

If, instead, the production of CO2 in the formation exceeds its consumption, the apparent CO2 

content will increase and pH may decrease with flow. Deeper ground waters tend to become anaero-

10 
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bic because traces of organic matter andlor Fe(II) and sulfide in minerals at depth deplete the oxy
gen introduced in groundwater recharge. Reactions such as anaerobic decay, nitrate reduction, deni
trification, and sulfate reduction then become progressively important. The apparent CO2 (carbonic 
acid) content of the water may increase with groundwater flow because of such reactions. 

In the Floridan aquifer, traces of gypsum are present in the carbonate rock. The high calcium 
concentration from gypsum dissolution exceeds its value at saturation with calcite, leading to pre
cipitation of the carbonate and the production of additional CO2 (reaction 8). Concurrently, anaero
bic decay of buried organic matter (reaction 3) and sulfate reduction (reaction 6) take place. The com
bination of these processes has caused an increase in the CO2 pressure of the groundwater from 
10-29 bar in the recharge zone to 10-2.1 bar downdip as the pH decreases from 8.0 to 7.4 over a map 
distance of 115 km (Fig. 5.3) (cf. Back and Hanshaw 1970; Plummer et al. 1983). 

5.4 HUMIC AND FULVIC ACIDS 

Most of the organic material in soils and natural waters is described as humic substances, associated 
with smaller amounts of nonhumic substances (Schnitzer and Kahn 1978). The nonhumic fraction 
includes organic compounds having definite physical and chemical characteristics (e.g., a melting 
andlor boiling point, refractive index, defined chemical composition). Nonhumics include carbohy
drates, proteins, peptides, amino acids, fats, and waxes (cf. Thurman, 1985). About 25% of the dis
solved organic carbon (DOC) in seawater, groundwater, streams, and lakes is nonhumic, as is 10% 
of the DOC in wetlands (Thurman 1985). These compounds tend to be more rapidly biodegradable 
than are humic substances, which are biologically refractory (Sposito 1994). 

Humic substances tend to be acidic, dark-colored, and partly aromatic and have molecular 
weights from a few hundred to several thousand grams per formula weight. They lack specific chem
ical and physical characteristics. They also have a high surface charge or cation exchange capacity 
(CEC) and so account for most of the CEC of organic-rich stream, estuarine, and lake muds, and of 
the A horizon of many humid-climate soils (see Chap. 10). Their negative charge is chiefly due to 
their carboxylic and phenolic OH structural groups. 

Traditionally, soil humic substances have been defined by the fact they are soluble in 0.1 N 
NaOH. Aquatic humic substances, however, are operationally defined as polyelectrolytic acids that 
can be isolated from water by sorption onto XAD or weak base-ion exchange resins, for example 
(Thurman 1985). They are nonvolatile, have molecular weights from about 500 to 5000 glmol, and 
a molar composition of about 50% C, 4 to 5% H, 35 to 40% 0, and 1 % N. 

Measured in terms of the weight of their carbon, concentrations of aquatic humic substances 
range from about 0.03 to 0.1 mg C/L in groundwaters, to 0.06 to 0.60 mg CIL in seawater, 0.5 to 
4.0 mg C/L in rivers and lakes, and !O to 30 mg CIL in wetlands (Thurman 1985). Three fractions 
of aquatic humic substances are defined, based on their solublities in acids and bases. These include 
fulvic acid, which is soluble in both acid and alkaline solutions. Fulvic acids have the lowest mo
lecular weights (about 500 to 1500 g/mol). Humic acid is soluble in alkaline solutions, but insoluble 
in acid below pH =: 2, and has an intermediate molecular weight. Humin is insoluble in acid or alka
line solutions and has the highest molecular weights. The pKa's of the humic and fulvic acids are 
generally above 3.6. 

Fulvic acid is present in all soils where it makes up roughly 25 to 75% of the total organic mat
ter. In natural waters fulvic acid ranges from about 12 to 60% of DOC (Malcolm 1985). The 
COOH/(total OH groups) ratio is about I, and the COOH/(phenolic OH) ratio is about 3 in fulvic 
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acid. (Phenolic OH is OH attached to a benzene ring, phenol is C6HPH). The average composition 
offulvic acid is C135HI82095N5S2 (Sposito 1989). The acid is 100% water soluble; 60% as COOH, 
OH, and carbonyl (CO) groups (Schnitzer 1971). 

Fulvic acid plays a major role in the transport and deposition of Fe, AI, and other metals in 
soils. The acid is produced by organic decay in the top of the soil's A horizon. Fulvic acid ligands 
can form soluble complexes with Fe3+ and A13+ and other metals, which facilitates metal movement 
downward through the soil. As a rule of thumb, if the molar ratio of metals/fulvic acid is less than 
1/1, the metals are water soluble and mobile (Schnitzer 1971). If that ratio exceeds 111, the metals 
become insoluble and immobile. Thus, as fulvic acids are destroyed by aerobic decay or other 
processes during downward percolation, the metals precipitate, typically in the soil's B horizon. Pre
cipitation of Fe and Al (and also Mn) oxyhydroxides, in turn, leads to coprecipitation and concen
tration of trace metals such as Cu, Cd, Zn, Co, Ni, and Pb in the soil (cf. Suarez and Langmuir 1975). 

5.5 SUMMARY OF CONTROLS ON THE pH OF NATURAL WATERS 

Shown in Fig. 5.4 is a schematic plot of the frequency of occurrence of natural water pH's, suggest
ing that their pH's most often lie between about 4 and 9. This reflects the dynamic interplay between 
natural acids and bases, with extreme pHs found when either dominates. Lowest pH's (I to 3) are 
usually associated with the products of ferrous sulfide (FeS2) weathering, which generates the strong 
acid's sulfuric acid and bisulfate ion, and acid cations, especially Fe3+. The pH of acid rain, which is 
sometimes below 3, may reflect the presence of sulfuric, nitric, and hydrochloric acids. 

In natural waters having pH values between about 4.5 and 7 the acids are weak and usually in
clude carbonic acid and smaller amounts of organic acids such as fulvic acid. In near-surface envi
ronments these acids derive chiefly from organic decay and, in the case of carbonic acid, from plant 
root respiration as well. The carbon dioxide in groundwater may also be generated by other reactions 
and processes (Table 5.4). In water-dominated systems, which include humid climate soils and 
stream sediments, the carbonic and organic acids in the water, although often dilute, may be fre
quently replenished by rainfall and fresh recharge. They then readily attack and cause the chemical 
breakdown of carbonate, silicate, and alumino-silicate minerals in a process called chemical weath
ering, which is discussed in more detail in Chap. 7 . Intermediate natural-water pH's reflect a balance 
between the production of H+ ions from the dissociation of these weak acids and H+ (and CO2) con
sumption by weathering reactions. 

Elevated pH values occur in waters whose chemistry is dominated by minerals, most of which, 
as noted above, are salts of strong bases and weak acids. Thus, in the absence of sources of acidity, 
mineral carbonate and silicate and alumino-silicate minerals tend to raise the pH to values of 9 to 10 
or even higher. Such high pH's are found in arid soils and in some deep groundwaters that are not 
exposed to fresh recharge and so can be said to be rock dominated as opposed to water dominated. 
In such systems the minerals present can exist stably, without weathering. Water pH values above 10 
are exceptional and may reflect contamination by strong bases, such as NaOH or Ca(OH}z, 

High pH's (10 to 11) are caused by the dissolution of such minerals as nahcolite (NaHC03) 

and natron (Na2C03 . lOH20), which form in evaporative alkaline lakes and dissolve according to 
reactions such as 

and 

NaHC03(c) = Na+ + HC03" 

Na2C03' IOH20(c) = 2Na+ + CO~- + IOH20 

(5.29) 

(5.30) 
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Figure 5.4 Schematic plot showing the frequency of occurrence of pH values and the 
major controls on natural·water pH's. 

14 

Assuming saturation with natron at atmospheric COz pressure (10-35 bar) and 25°C, MINTEQA2 
computes pH = 10.14. Highly alkaline surface water pH's are also caused by photosynthetic deple
tion of dissolved carbonic acid. 

Exceptionally, portlandite [Ca(OH)zl and/or brucite fMg(OH)zl cause similarly high pH val
ues in springs issuing from ultramafic rocks (cf. Neal and Stanger 1985; Bath et al. 1987). (At Peo, = 
10-35 bar and 25°C, MINTEQA2 finds pH = 12.43 at portlandite saturation and pH = 10.32 at brucite 
saturation.) Portlandite is also a component in concrete, which is used in the construction of water
supply wells, and may cause pH values above 12 in the groundwater from such wells for a time fol
lowing their completion. 

Example 5.1 

What is the pH of an evaporating lake that contains 0.01 mol/kg dissolved Na+ and HCO;? 
Nahcolite (NaHC03(c» is the salt of a strong base and weak acid, so pH > 7. In the calcula
tion we will assume equilibrium with atmospheric COz (10-35 bar) at 25°C and, for simplic
ity, will ignore ion pairing and activity coefficients. The problem involves setting up mass-bal
ance, charge-balance, and equilibrium expressions and solving them simultaneously. The only 
mass-balance equation is simply 

~Na = mNa+ = 0.01 mol/kg (5.31) 

We cannot assume a mass balance for total bicarbonate because the system is open to atmo
spheric CO2, The charge-balance equation states that in any water the total equivalents of the 
cations must equal that of the anions. Here, the charge-balance equation is 

mW + mNa+ = mOW + mHCO:J + 2mC05- (5.32) 
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Given the high concentrations of Na+ and HCO]" relative to R' above pH 7, H+ can be ignored. 
Combining the mass-balance and charge-balance equations gives 

mNa+ = mOH- + mHCO]" + 2mCO~- = 0.01 (5.33) 

Our first goal is to replace the terms in Eq. (5.33) with terms that are only functions of [W]. 
This is described as putting Eq. (5.33) in the proton condition. The resultant equation can then 
be solved for the solution pH. We will use equilibrium expressions to develop an equation in 
the proton condition. 

That the CO2 pressure is given simplifies our first equilibrium calculation, which is 

(5.34) 

and 

Hydroxyl is eliminated with 

(5.35) 

Now we can reformat Eq. (5.20) to obtain-

K K P 10-147 X 10-6.35 X 10-3.5 10- 11.32 [HCO-] - co, 1 co, _ _ 
3 - [H+] - [H+] - -[-H-+]- (5.36) 

Finally, [CO~-] is eliminated through the expression for K2[H2C03]. 

K = 10-10.33 = [H+] [CO~-] 
2 [HCO]"] 

(5.37) 

which, after substitution for [HeO]"], leads to 

10-2165 

[CO~-] = [WF (5.38) 

Substituting into Eq. (5.33) now provides us with our equation in the proton condition 

10- 14.00 10- 1132 10-21.35 

[W] + [H+] + [H+]2 = 10-
2
.
00 (5.39) 

Inspection shows that the [OH-] term will always be less than 1 % of [HCO)"] and so can be ig
nored. Reformatting the remaining terms as a quadratic equation gives 

[W]2 - 1O-9.32[W] - 10-19.35 = 0 (5.40) 

This can be solved by completing the squares, for example, and we find pH = 9.25. 
The problem can also be solved with MINTEQA2, assigning an ionic strength of zero 

and assuming a total alkalinity (defined below) of 0.Q1 equivlL. The result is also pH = 9.25. 
If, instead, we allow for ionic strength, activity coefficients, and ion pairs, MINTEQA2 gives 
a pH of9.19. The difference reflects the fact that 11 % of the carbonate is present as the NaCO] 
pair and that Yca'- = 0.651 and YHea- = 0.898. 

3 3 
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5.6 ACIDITY 

We have discussed the important individual acid and base species in natural waters. As (or more) im
portant environmentally is the combined effect of such species, that is, the acidity and alkalinity of 
the system. This must include contributions from minerals and other solids present, as well as from 
the aqueous species. 

By definition, the acidity is the capacity of a water to give or donate protons; the alkalinity is 
the capacity of a water to accept protons. The conventional mathematical definitions of these quan
tities consider only species present in solution, or the immediate acidity and alkalinity, which can be 
measured by titration with strong acids or bases. Solids, including minerals, contribute to the long
term acidity and alkalinity of natural waters via such reactions as ion exchange of protons and weath
ering, for example, and must especially be considered in studies involving soils or ground waters. 

We will focus first on immediate contributions to acidity and alkalinity. For the acidity of nat
ural waters, the contributors are strong and weak acids, salts of strong acids and weak bases, hy
drolysis of Fe3+ and AP+, and oxidation and hydrolysis of Fe2+ and Mn2+. 

Acidity is significant and undesirable because: 

1. Acidity gives water a greater capacity to attack geological materials (it thus accelerates rock 
weathering) and so is usually accompanied by high total dissolved solids (TDS), including 
hardness (the sum of the concentrations of multivalent cations, chiefly Ca and Mg). 

2. Acidity increases the solubilities of hazardous substances, such as heavy metals, and is corro
sive and toxic to fish and other aquatic forms. 

3. Acidity thus limits the use of water without its extensive treatment due to the high TDS, high 
metals (including calcium and magnesium), and low pH. This often requires that acid waters 
be diluted, as well as neutralized. 

Acidity is measured by titrating water with a strong base, such as NaOH. Resultant reactions 
include, for example: 

a) Strong acids 

b) Weak acids 

c) Metal ions 
hydrolysis only: 
oxidation plus hydrolysis: 

H++ OH- = H20 
HS04" + OH- = SO~- + H20 
H2S(aq) + OH- = HS- + H20 
H2C03' + OH- = HC03" + H20 
HC03" + OH- = CO~- + H20 

A13+ + 30W = AI(OHh 

2Fe2+ + 40H- + H20 + !02 = 2Fe(OHh 

In dilute, potable water systems the acidity (CA) is usually defined as 

CA = 2H2C03' + HC03" + H+ - OH- (5.4l) 

where CA is given in equivalents per liter (eq/L) or milliequivalents per liter (meq/L). This equation 
corresponds to the acidity of a typical potable water, in which most of the acidity is caused by car
bonate species. 

For an acid-mine drainage (pH 2 to 3) the total acidity might instead be given by 

CA = H+ + HS04" + 2Fe2+ + 3Fe3+ + 2FeOW+ + 3AJ3+ (5.42) 
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Note that the equivalents of acidity due to each cationic species, or the number of protons it can do
nate, equals the charge of that species. 

5.7 ALKALINITY 

Alkalinity is the capacity of a water to accept protons and is the sum effect of all bases present. In 
most potable waters the alkalinity is due chiefly to bicarbonate ion and, to a minor extent, carbon
ate, ion. Carbonate alkalinity is defined as HCOj" + 2CO~-. Hydroxyl, when present (usually unim
portant below about pH 10), is called caustic alkalinity. The conventional definition oftotal alkalin
ity (Cn) in eqlL or meqlL, is 

Cn= HCOj" + 2COj- + OH- - H+ (5.43) 

or, in other words. C n equals the total equivalents of bases minus those of acids. Other bases that can 
contribute to total alkalinity are the ligands of fulvic acid; organic acid anions such as formate, pro
pionate. and acetate (ef. Lundergard and Kharaka 1990) and bisulfide, orthophosphates. ammonia, 
borate, and silicates. Alkalinity is usually reported as mglL CaC03 or meqlL CaC03. A useful con
version is Cn (or CAl as mglL CaC03 = Cn (or CA) as meqIL x 50.04. 

In potable waters below about pH 8.3, bicarbonate is usually the only significant base. Bicar
bonate alkalinity in water derives from two sources: (I) the weathering of silicate and carbonate min
erals by carbonic acid, for example 

K-feldspar carbonic 
acid 

kaolinite 
clay 

silicic 
acid 

(5.44) 

and (2) the dissolution of carbonate minerals, which, if dissolved by carbonic acid, contributes twice 
as much bicarbonate alkalinity relative to H2C03' consumed as does silicate weathering. For 
example. 

CaMg(C03h + 2H2C03' = Ca2+ + Mg2+ + 4HCO}" 

dolomite 

(5.45) 

Bicarbonate ion is usually the chief anion in fresh waters. In and on silicate rocks. the HC03' con
centration is usually 50 to 200 mglL, whereas in groundwaters that contact a few percent carbonate 
materials up to pure limestone and dolomite, bicarbonate levels are usually in the range of 200 to 
400 ppm. Seawater contains 140 mglL HCO}". Carbonate alkalinity (COn rarely exceeds 10 mg/L. 
Why? The presence of caustic alkalinity (free OH-) at pH's above 10 usually indicates artificial con
tamination of a water by, for example, Ca(OH)2 (portlandite) from the setting of concrete at newly 
completed wells. C n concentrations can reach 1000 ppm as HCO}" in sodium carbonate-bicarbonate 
brines found in evaporative, closed basin lakes. 

For natural waters in which the only acids and bases are species of carbonic acid and strong 
acids or bases, there is a simple relationship between CM Cn, and the total carbonate, Cr. Remem
ber that the simple definitions of these parameters are: 

Cr = H2C03' + HCO}" + CO~-

CA = 2H2C03' + HCOj" + H+ - OH

and Cn = HCO}" + 2CO!- + OH- - W 

(5.21) 

(5.41 ) 

(5.43) 
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Algebraic manipulation shows that these expressions are related in the equation 

2Cr = CA + CB 

5.8 ACID-BASE PROPERTIES OF MINERALS AND ROCKS 
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(5.46) 

Most minerals are salts of weak acids and strong bases. The weak acids include silicic and carbonic 
acids. The strong bases are, for example, NaOH, KOH, and Ca(OH}z. Because of their weak acid
strong base character, most minerals are stable under alkaline conditions, but tend to dissolve under 
acid conditions. Consistent with this behavior, when ground-up silicate and aluminosilicate miner
als are placed in pure water, the pH generally rises to alkaline values. Such behavior gives most im
portant rocks and minerals (but not quartz, Si02) a substantial alkalinity that can neutralize natural 
or contaminant acidity. The rate of such neutralization is relatively fast for carbonate rocks, but slow 
for most silicate rocks, except the clays. The neutralization process is called chemical weathering 
and is dealt with in more detail in Chap. 7. Typical weathering reactions are the dissolution of cal
cite and the weathering of potassium feldspar to form kaolinite clay (see Table 5.3). 

A few minerals produce acid when they contact water. These minerals can be described as saIts 
of weak bases and strong acids. They chiefly result from weathering and oxidation of the pyrite or 
marcasite (FeS2) exposed in the mining of mineral deposits and coal. Such acid minerals, which are 
dominantly Fe3+ sulfates and to a minor extent AJ3+ sulfates, typically form from the evaporation of 
pooled acid-mine waters or of the moisture in unsaturated mine wastes or spoils that contain the sul
fides. Acidity is produced when they are dissolved by fresh runotf or recharge. For example 

Fe2(S04h . nH20 = 2Fe3+ + 3S0~- + nH20 (5.47) 

where n = 6 in lausenite, 7 in kornelite, 9 in paracoquimbite and coquimbite, and 10 in quenstedtite 
(Palache et al. 1951). Acidity is produced by hydrolysis of the ferric iron, 

Fe3
+ + 3H20 = Fe(OHh(ppt) + 3W (5.48) 

More common minerals in such a setting are jarosite and alunite, which often dissolve incongruently 
to form their oxyhydroxides, releasing protons. The jarosite reaction produces significant acidity, 
whereas alunite is a very weak acid. For the reaction 

(5.49) 

jarosite 

(5.50) 

Assuming that K,p = 10-39 for the ferric oxyhydroxide and K,p(jarosite) = 10-94 5, and given [K+j = 
Ht3 mollkg and [SO~-j = 10-25 mollkg, and ignoring activity coefficients, the pH for equilibrium 
with jarosite is 3.8. 

The pH at equilibrium with the aluminum sulfate salts on the other hand, is near neutral. For 
alunite in equilibrium with amorphous aluminum hydroxide, the reaction is 

(5.51 ) 

alunite 

for which Keq = 10-28.3, assuming K,p = 10-33 for the aluminum oxyhydroxide and K,p(alunite) = 
10-853 . Again, given [K+J = 10-3 mollkg, and [SOa-] = lO-25 mollkg, and ignoring activity coeffi
cients, the equilibrium pH is 6.8. 
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Another common mineral under such conditions is basaluminite (AI4S04(OH)10)' which has a 
solubility product of 10-12 1.3 and dissolves according to the reaction 

(5.52) 

for which Keq = 10-17.3, again assuming Ksp for the aluminum oxyhydroxide is 10-33• With [SO~-] = 
10-2.5 mollkg, the pH at equilibrium is 7.4. 

5.9 ACIDITY AND ALKALINITY DETERMINATION 

Acidity and alkalinity indicate a water's ability to resist changes in pH if mixed with acid or alka
line waters or wastes. In this section we will examine the measurement of acidity and alkalinity by 
titration and prediction of the measured titration curves for acidity and alkalinity. 

5.9.1 The Titration Mass Balance 

The total equivalents of acidity (C4 ) or alkalinity (CB) of a solution is usually measured by titrating 
it with a standardized solution of base or acid, respectively. The titration is continued to an endpoint 
pH, which ideally may be identified as an inflection point in a plot of the measured pH versus the 
acidity or alkalinity of the solution, or versus the volume of added titrant. CA or CB in the unknown 
solution are then computed from the relationship 

Concentration (eqlL) x Volume (L) = Concentration (eqlL) x Volume (L) (5.53) 

titrant acid or base solution unknown 

where the titrant is the standard solution being added to the solution under analysis. This equation 
represents a mass balance calculated at the titration endpoint and states that the number of equiva
lents of added titrant acid or base equals the corresponding number of equivalents of base or acid 
present in the unknown solution, respectively. 

Theoretically, the acidity or alkalinity can be measured by titration as just described, or may 
be computed from a total analysis of the water, taking into account concentrations of all of the acidic 
and/or basic species present. Such a computation is simple enough for freshwaters, but may be dif
ficult for hig~ ionic-strength acid or alkaline wastewaters because it requires that we know the ex
tent of complexation of the acids and bases present, as well as their ion activity coefficients. 

5.9.2 Acidity Titration 

If a water contains only strong acids (or strong bases), the titration curve generated by plotting pH, 
measured with a glass electrode, against C B (which equals - C A) or against milliliters of base added, 
will have an inflection point at pH = 7, where mW = mOH- (see Fig. 5.5). If, on the other hand, the 

water contains a mixture ot strong and weak acids (or strong and weak bases), the titration curve win 
show several inflection points, some of which may be ill-defined because of overlapping neutraliza

tion endpoints (cf. Figs. 5.6 and 5.7). 
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Figure 5.5 Titration curves for the titration of a strong acid (0.10 eq/L Hel) with a strong 
base (0.01 eq/L NaOH), drawn in terms of base added, Cn, with and without volume cor
rection (see Section 5.9.4). 
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Figure 5.6 shows the acidity titration curve of a water (initial pH = 3.0) that contains a strong 
acid and 10-26 M carbonic acid. Below the titration curve is the corresponding distribution plot of 
carbonate species versus pH. (See also Fig. 5.2.) The total acidity of the water is given by 

CA = 2H2C03' + HCO} + W - OW (5.41) 

Titrating the water with a strong base such as NaOH, the first inflection point around pH 4.5 is taken 
as the endpoint of the mineral acidity or strong-acid titration. It corresponds to completion of the re
action 

(5.54) 

and at the endpoint W '" HCO}. 
The titration endpoint for the COTacidity (i.e., H2CO), content) of natural waters with a strong 

base such as NaOH is usually taken as pH = 8.3 (pOH = 5.7). This is the pH at which more than 99% 
of the H2C03' has been converted to HCO} based on the titration reaction 

(5.55) 
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Figure 5.6 The carbonate distribution diagram of a solution with constant Cr = 2.5 x 
10-3 M showing (a) the strong acid titration curve for the same solution from pH 12 to 3 
and strong base titration curve between pH 3 and 12. Dashed straight lines in (b) indicate 
concentrations of Wand OH-, which are independent of Cr-Modified after V. L. Snoeyink 
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Figure 5.7 Titration of an acid uranium mill-tailings solution with a standard NaOH so
lution. The tailings solution had a pH of 0.9 and TDS = 112 gIL. A solution analysis showed 
that in addition to W, the important acid species present were HS04, Fe2+, and AP+. Data 
and plot from Langmuir and Nordstrom (1995). See Problem 8 at the end of this chapter. 

for which we can write 

K 10-635 [HCO-] 
K = ~~ = '--- '" 1077 = --~--~--~~-

eq K... 10- 1400 [H2CO~J [OH-] 

Substituting [OH-] = 10-57 (pH = 8.3) in this expression, we find 

[HCO]J 100 
~----- = 10z,0 = --
[H2C03J 1 
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(5.56) 

(5.57) 

Thus, for pH values above 8.3, the carbonic acid concentration is less than 1 % of the bicarbonate 
concentration. We can then argue that above this pH the reaction has gone completely to the right 
and that all strong acids plus HzC03' have been neutralized. 

The exact endpoint pH of the COTacidity titration may, in fact, differ from 8.3 by several 
tenths of a pH unit. Its value will depend on the total carbonate (CT) concentration of the solution 
(Eq. [5.21 D. The endpoint is defined by the equality 

(5.58) 

(Stumm and Morgan 1981). For Cr values above 10-4 mollkg (6 ppm as HC03") one can ignore W 
in this expression. We will assume total carbonate is constant in the acidity titration or, in other 
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words, that the system is "closed" and no CO2 (g) has been lost. Substituting the appropriate ll'H val
ues from Eqs. (5.22) and (5.24) into Eq. (5.S8) and simplifying we obtain 

(S.S9) 

Introducing values for the constants at 2SoC, Eq. (5.59) becomes 

(H+) == 10-3.18 (10- 10.33 + 1O~:.OO)"2 (5.60) 

Substituting values for CT into Eq. (S.60) we can solve for the corresponding pH of the acidity end
point. Some results are given below. 

Cr(M) 

10-4 
10-3 

10-2 

Endpoint pH 

8.10 
8.30 
8.34 

Problems with the determination of CO2-acidity by titration, particularly that of concentrated 
acid-mine waters, may include: 

1. Rates of metal (chiefly Fe2+) oxidation and hydrolysis may be too slow to be completed dur
ing titration at room temperature, so the sample may have to be boiled to increase rates. 

2. Boiling drives off02(aq) needed for oxidation, so that hydrogen peroxide (H20 2) is sometimes 
added as an oxidant. 

3. Boiling drives off the weak-acid gases H20 and CO2, 

4. The H+ produced by boiling the sample must be retitrated after the water is cooled to room 
temperature. 

As evident from the definition of total acidity in Eq. (5.41), HC0l" is also an acid. At the end
point of the total acidity titration near pH II (the third inflection point in Fig. 5.6) the reaction 

(S.61) 

has gone to completion and HC0l" ::::: OH-. 

Example 5.2 

What is the acidity (CA) of a pure water that contains only a strong acid at pH == 2.5? We will 
answer this question in terms of the several ways in which the acidity may be reported. Given 
the pH, and ignoring activity coefficients as usual, we know mH+ = 10-2.5 == 3 X 10-3 mol/kg x 
103 mg/mol H+ == 3 mg/kg H+ ::::: 3 mg/L H+. Because the gram equivalent weight of hydrogen 
is 1.008, this is equivalent to 3 meq/L of acidity. 

The gram equivalent weight of H2S04 is 48.6 g, so that 48.6 mg of H2S04 per liter has 
an acidity of 1 meq/L, and 3 meq/L W x 48.6 mg/meq H2S04 = 146 mg/L acidity as H2S04, 
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5.9.3 Alkalinity titration 

In a simple carbonate system the definition of alkalinity is 

CB=HC0:J +2CO~-+OW-W 

173 

(5.43) 

The alkalinity is measured by titration with a standardized solution of a strong acid such as H2S04, 

HN03, or HC!. The titration curve is identical, but inverse to the acidity titration curve in Fig. 5.6. 
The caustic alkalinity titration endpoint near pH 11 measures free OH- from strong bases. At this 
endpoint HC0:J "" OH-. At the carbonate alkalinity endpoint (pH"" 8.3) conditions are identical to 
those defined above for CO2-acidity. 

The important total alkalinity titration endpoint near pH 4.5 is defined exactly by 

W = HCO] + 2COj- + OW (5.62) 

We will next compute the pH of the endpoint, which depends on Cr. Because the endpoint pH is gen
erally below 5, carbonate and hydroxyl terms may be neglected so that H+ = HCO:!. Substituting the 
expression given in Eq. (5.23) for HC0:Jleads to 

(5.63) 

For pH values below 8 we can ignore I in the expression for £l'H' Then, dividing by (H+)/K2 gives 

Solving for W, 

H+ _ CT 

( ) - (W) 
-+1 

K, 
(5.64) 

(5.65) 

If CT ~ 10-4 mollL, then the second term in the parentheses in Eq. (5.65) is negligible and the ex
pression simplifies to 

K, 
(W) = (K,Cr)"2 - ---

2 

Finally, introducing KI = 10-6.35 for 25°C, Eq. (5.66) becomes 

(H+) = 10-318 Cr"2 - 10-665 

(5.66) 

(5.67) 

We can now compute the pH of the alkalinity titration endpoint for different total carbonate con
centrations. Some results are as follows 

Cr(M) 

10-4 

10-3 

10-2 

10-1.5 

Endpoint pH 

5.2 
4.7 
4.2 
3.9 

The endpoint pH of 3.9 corresponds to a solution in equilibrium with 1 bar CO2 pressure and an un
usually high alkalinity as bicarbonate of 1950 mg/L. An assumption inherent in these calculations is 
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that C r is constant; thus no CO2 (g) has been lost during the titration (cf. Barnes 1964). This is called 
a closed-system assumption. Accordingly, the endpoint pH is that of a solution of pure carbonic acid 
of concentration Cr. 

5.9.4 Calculation of Titration Curves for Acid and Base 
Determination 

If, by starting with a chemical analysis, we can mathematically model the acidity or alkalinity of a 
water as it is mixed with another water, we can then predict the change in pH of the mixture without 
the need to measure it. To accomplish such modeling we must derive equations that describe how a 
water's pH changes with the addition of an acid or a base. The simplest models assume that the mix
ing or addition of solutions occurs at constant volume. The more realistic but computationally diffi
cult approach involves correcting solution concentrations for the volumetric changes that attend so
lution mixing or titration. 

A number of geochemical computer codes can be used to simulate an acid or base titration. 
MINTEQA2 (Allison et al. 1991) makes such calculations assuming a constant volume. PHREEQE 
(Parkhurst et al. 1990) and PHRQPITZ (Plummer et al. 1988) can mix or titrate solutions with vol
ume correction, but do not correct for changes in water mass. This deficiency is insignificant except 
when the mixing involves brines. The codes SOLMINEQ.88 (Kharaka et al. 1988), NETPATH 
(Plummer et al 1991,1994), EQ3/6 (Wolery et al. 1992a), and PHREEQC (Parkhurst 1995) can cal
culate mixing or titration results with both volume and water-mass corrections. 

In following hand calculations of titration results we will ignore activity coefficients to avoid 
excessively complicating the calculations. Titration curves are typically ploUed in two ways. The 
plot is usually either: (I) of the volume of a titrant acid or base added (Va) versus the pH of the so
lution; or (2) of the concentration of acid or base added (CA or CB) versus the solution pH. The plots 
have a similar appearance. We will derive algebraic expressions for each type of plot. The advantage 
of CA or CB versus pH plots and mathematical expressions is that they can be used to derive the buffer 
capacity of a solution directly (see Section 5.10), whereas a plot of Va versus pH cannot. 

As a modeling exercise, consider the titration of a strong acid (HCI) with a strong base 
(NaOH). Derivation of the titration curve without volume correction must be in terms of CA or CB 

versus pH. For titration of an HCI solution with NaOH titrant, the amount of base added will equal 
the Na+ in solution. In other words, CB = Na+. The charge-balance equation for the solution being 
titrated is 

W + Na+ = OH- + Cl-

Substituting CB for Na+ and transposing we obtain 

K .. 
C =~ .. + Cl- - H+ 

B H+ 

(5.68) 

(5.69) 

This last equation is now in the proton condition. This means that we have eliminated all terms other 
than CB, H+ as pH, and known concentrations and stability constants, allowing us to plot the equa
tion as C B versus pH. Assuming CI = 0.0 I eq/L, we now introduce values of H+ and solve for C B' The 
results are ploued in Fig. 5.5. The figure shows the inflection point and endpoint at pH 7.0. 

We will next derive an expression for the titration curve showing the change in pH with vol
ume of added base (cf. Butler 1964; Pankow 1991). First, define Vo and Va as the original volume of 
solution to be titrated and the volume of added titrant. Thus, Va is known and fixed, and the final vol
ume, V, is V = Vo + Va' The original concentration of strong acid, HCl, will equalClo, the original 
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chloride present. Similarly, the concentration of titrant OW that has been added must equal the added 
sodium, Naa• The total amount of acid before and during dilution by the titration (ignoring neutral
ization) must be equal, or 

C1o V" = CI(V" + Va) (5.70) 

where CI is the chloride concentration in the solution during the titration. Thus 

CI =<:::10 V,,--
Vo + Va 

(5.71) 

Similarly, all the sodium present during the titration has been added in titrant, so 

NaaVa = Na(V" + Va) 
(5.72) 

NaRV. Na = .. -.. _. 
Vo + Va 

or (5.73) 

The titration calculation is begun with the charge-balance equation for the solution being 
titrated, which is as before 

(5.68) 

Next, substitute into the charge-balance equation to place it in the proton condition, its proper form 
for plotting. The equation thus becomes 

and rearranging 

Na.~a.::- CloVo = Ii .. _ w 
(Va + Va) H+ 

At the inflection point of the titration curve, which is the endpoint of the titration, 

Na. Va = Clo Vo 

(5.74) 

(5.75) 

(5.76) 

Thus, for the endpoint, the left-hand side of Eq. (5.75) disappears, and we calculate an endpoint pH 
of 7.0. In fact, all titrations of strong acids with strong bases, and vice versa, will have their endpoint 
atpH=7. 

Below pH = 6, OH- is negligible and Eq. (5.75) simplifies to 

(5.77) 

Above pH = 8, with W negligible, Eq. (5.75) reduces to 

H+ = _ Kw(Vo + Va) 
(Naa Va - CI" Yo) 

(5.78) 

Now let us assign values to terms in these equations and calculate the titration curve. First, assume 
Vo = 1.0 L, and that acid-solution and titrant base concentrations are both 0.0 I eq/L as above or, in 
other words, that Clo = Naa = 0.01 eq/L. With these substitutions into Eqs. (5.77) and (5.78) and for 
different volumes of added base titrant, Va' we can solve for the solution pH. Now because Cn = Na 
and Na is given by Eq. (5.73), we can calculate Cn. The resultant titration curve of CB versus pH is 
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shown in Fig. 5.5, where it may be compared with the curve generated without volume correction. 
The same endpoint pH of 7.0 is obtained in both cases. However, CB = 5.0 meqlL at the endpoint 
of the volume-corrected titration versus 10.0 meqlL at the endpoint of the titration without volume 
correction. 

Example 5.3 

Calculate the volume-corrected titration curve for the titration of 0.01 N HCI with 0.01 N 
NaOH between pH 2 and 12 using a geochemical computer code and compare the result to the 
corresponding curve in Fig. 5.5. This problem can be solved using the mixing option in 
SOLMINEQ.88 (Kharaka et al. 1988). The titration is simulated by mixing different fractions 
of solution 1 (pH = 12.0, Na+ = 0.01 mollkg) with solution 2 (pH = 2.0, Cl- = 0.01 mollkg). In 
the output CB = Na+. Computed results are given here. 

pH eB (meq/L) pH eB (meq/L) 

2.0 0 10.18 5.0 
2.11 1.0 11.32 6.0 
2.23 2.0 11.61 7.0 
2.41 3.0 11.89 9.0 
2.73 4.0 

Because SOLMINEQ computes ionic strength and activity coefficients by default, these re
sults differ slightly from the volume-corrected curve in Fig. 5.5, particularly at low pH's, since 
that curve was derived assuming zero ionic strength. 

Titrations involving weak acids and bases are far more complex to model, paticularly when 
the acids or bases are polyprotic and volume corrections are made. For detailed discussion of both 
simple and complex acidlbase modeling with volume corrections, the reader is referred to Butler 
(1964), Pankow (1991), and Stumm and Morgan (1996). 

We will now derive equations for the titration curve of carbonate alkalinity with a strong acid, 
HCl, first assuming the titration takes place at constant volume, then taking into account titration 
volume changes. To simplify our calCulations the following assumptions will be made in both 
derivations: 

1. Total carbonate, Cn is constant (there is no CO2 loss during titration, that is, the system is 
closed). 

2. Activity coefficients can be ignored in the calculation. 
3. Only carbonic acid species and strong acids or bases are present. 

First, consider the titration assuming constant volume, which will yield an equation and plot 
of CA versus pH. In the carbonate system the total acidity was defined in Eq. (5.41) as 

(5.41) 

Substituting into this equation the expressions for carbonic acid and bicarbonate ion given in 
Eqs. (5.24) and (5.23), we obtain 

(5.79) 
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where aH is defined in Eg. (5.25). With stability-constant values for 2SOC, and assuming Cr = 

5 x 10- 3 mollL, Eg. (5.79) becomes 

IOI47 (W)2 108o (H+) . 10- 140 

C
A 

= --------- + ----- + H" --~-
aH UH H+ 

(5.80) 

The same result is obtained with somewhat more effort if we start with the charge-balance 

equation, which is 

Na+ + W = HC03 + 2C05- + Cl-- + OH- (5.81) 

Now CA = CI-, thus 

(5.82) 

Comparing Eqs. (5.41) and (S.82), which must be equal, it is easy to show that Na+ = 2Cr. and so 
Eq. (S.82) becomes 

(S.83) 

which obviously must also equal Eq. (S.41). Substituting to put this expression in the proton condi
tion we find 

C7{W) 2CT Kw 
C

A 
= 2Cr --- - - - + I-:J+ - ---

K2all aH HT 
(S.84) 

Introducing CT = S X 10-3 mollL, and stability constant values for 2SoC, Eq. (S.84) becomes 

1080 (H+) 10-20 10- 140 

C
A 

= 10--2 -- ------- - -- - + (W) - -----
all aH (H+) 

(S.85) 

which equals Eq. (S.80). Values of all from pH 2 to 12 are given in Table S.2. A plot of Eqs. (S.80) 
or (S.8S) is shown in Fig. S.8 and, as expected, shows the two inflection points at pH values near 8.3 
and 4.S corresponding to endpoints of the respective carbonate and bicarbonate alkalinity titrations. 

The development of a mathematical model for the carbonate alkalinity titration with a stan
dard acid with correction for volume change, can begin with the solution charge-balance equation, -
which is 

Na+ + W = HCO- + 2C02- + CI-- + OH-3 3 

The expression for total carbonate, Cr is also useful here, where 

Cr = H2COf + HC03 + CO~-

(S.81) 

(S.21) 

We will assume that except for dilution by titrant, total moles of Cr and Na+ are fixed during the titra
tion and that all CI- in the solution has come from the titrant acid HC!. With volume correction, con
centrations of Na+, CJ-(which equals CA, or acid added), and Cr in the solution being titrated will 
equal 

(5.86) 

As before, the subscripts 0 and a denote concentrations or volumes of the original solution and the 
added titrant, respectively. We can eliminate CO~- from the charge-balance equation by subtracting 
twice the total carbonate equation from it. The result is 

(5.87) 



178 Acids and Bases 

12 ~--------~~--------~----------~-----------, 

10 

8 Uncorrected 

pH 

6 

corrected 

4 

2 L-______ ~ ________ ~ ______ ~~~~~ __ ~ 

o 5 10 15 20 
CA (meqlL) 

Figure 5.8 Titration of total carbonate (CTo = 5 X 10-3 M) with a strong acid (0.1 M HCI) 
with and without volume correction and assuming a closed system. 

Chap. 5 

Substituting for Na+, en CI-, and the carbonate species in this equation, after some rearrangement 
we obtain 

Na.,Vo CrVo (2(H+)Z (H+) ) ClaVa Kw 
(VA + Va) + (VA ~ Va) K

1
K

2
{¥H + K

2
{¥H - 2 = (VO + Va) + (H+) - (W) (5.88) 

Let us assume Nao = 10-2 M, CIa = 0.1 M, Cro := 5 X 10-3 M, and Va::: 1.00 L. With these substitu
tions and values for K1, K2, and Kw at 25°C, the last expression "simplifies" to 

1014
.
7 (H+)2 108

.
0 (W) (10- 14

.
0

) 
---- + . = 10-10 Va + (1 + Va) --+ - - (H+) 

{¥H {¥H (H ) 
(5.89) 

which can be solved with values of {¥H from Table 5.2. The results are shown in Fig. 5.9. 
Remembering that CA ::: Cl-, we can also create the more useful plot of pH versus CA for the 

titration by substituting values of V. into Eq. (5.86) for Cl-. The resultant plot of CA versus pH with 
volume correction is compared to the titration curve without volume correction in Fig. 5.8. As in the 
strong acidlbase titration plot, the general features of the curves derived with and without volume 
correction are the same. The curves are close, indicating a minor correction for volume change. This 
reflects the fact that the acid titrant is 20 times more concentrated than the carbonate water, so a rel
atively small acid volume is consumed in the titration. 
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Figure 5.9 Plot of pH versus added volume (Va) of titrant acid (0.1 M HCI) for the titra
tion of total carbonate (Cro = 5 x 10-3 M). assuming a closed system (no CO2 loss). 

Example 5.4 
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Calculate the volume-corrected titration curve for the titration of 0.005 M total carbonate (Cr) 
with 0.1 eq/L HCI between pH 2 and 11 using the mixing option in SOLMINEQ.88 (Kharaka 
et al. 1988); compare the result to the corresponding curve in Fig. 5.8. The titration is simu
lated by mixing different fractions of solution I (pH = 1.0, CI- = 0.1 M) with solution 2 (pH = 
11.0, Na+ = 0.01 M, Cr = 5 x 10-3 M as C). In the output CA = Cl-. Computed results given here 
are seen to be in generally good agreement with the volume-corrected curve in Fig. 5.8. 

pH CA (meq/L) pH CA (meq/L) 

10.66 1.0 5.27 8.0 
10.30 2.0 3'{)9 9.0 
9.92 3.0 2.71 10.0 
9.34 4.0 2.50 11.0 
7.18 5.0 2.36 12.0 
6.52 6.0 2.26 13.0 
6.05 7.0 2.18 14.0 
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5.10 BUFFER CAPACITY OF AQUEOUS SPECIES AND MINERAL 
SYSTEMS 

Chap. 5 

Acidity and alkalinity titrations determine the total capacity of natural waters to consume strong 
bases or acids as measured to specified pH values defined by the endpoints of titrations. Of more in
terest for many purposes is the ability of a water or water-rock system to resist pH change when 
mixed with a more acid or alkaline water or rock. This system property is called its buffer capacity. 
Buffer capacity is important in aqueous/environmental studies for reasons that include: 

1. The buffer concept helps us understand what reactions control the pH of natural waters in
cluding soil waters (cf. Van Breemen and Wielemaker 1974) and wastewaters. 

2. The principles of pH buffering can be used to understand the evolution of pH and CO2 and thus 
the mineral alteration that takes place during the burial diagenesis of sediments (cf. Hutcheon 
etaI.1993). 

3. The concept of pH buffer capacity as a measure of resistance to pH change can be applied to 
our thinking about the buffering of environmental systems with respect to their concentrations 
of other substances, including electrons (as defined by redox potential, cf. Nightingale 1958) 
or contaminant trace metals (cf. Pankow 1991). 

4. The standard buffer solutions used in pH electrode calibration are designed compositionally 
to have maximal buffer capacities to assure that their advertised pH values are as constant as 
possible (cf. Bates 1964; Langmuir 197Ia). 

Here we restrict ourselves to pH buffers. Van Slyke (1922) defined pH buffers as "substances 
which by their presence in solution increase the amount of acid or alkali which must be added to 
cause a unit change in pH." In aqueous solutions pH buffering is especially due to the interaction of 
weak acids and bases and their salts with water. The quantification of this effect, the buffer capacity 
or buffer index, /3, is by definition 

/3= 
dCB 

---
dpH 

(5.90) 

where dCB is the increment of strong base added in gm eq/L, and dpH is the corresponding change 
in solution pH. /3 equals the inverse slope of the acidity titration curve and is always positive in sign. 
Because CA has the opposite effect on system pH, the buffer index in terms of added acid is defined as 

/3 = _ dCA 

dpH 

In a solution of weak acid HA and conjugate base A -, the dissociation reaction is 

HA= H++A-

(5.91) 

(5.92) 

If protons are added, they combine with A-to make more HA. Conversely, if protons are somehow 
consumed, the acid HA dissociates to produce more protons. Thus, the pH change is less than would 
take place in the absence of the weak acid and its base. We can write 

(W) (A-) 
Ka = (HA) 

After taking logs we can expand this last expression to obtain 

(A) 
pH = -log Ka + log (HA) 

(5.93) 

(5.94) 
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Now let us assume that the acid is carbonic acid and K" = K,(H~COn = 10- 635 . Equation (5.94) then 
becomes 

(HCOj) 
pH = 6.35 + log-- -

(H2CO:D (5.95) 

Now, for example, assume that pH = 7.00 and (HCO:l) = 10 3 mol/L. Through the expression for K/ 
we calculate (H2COn = 10-365 = 2.24 X 10-4 mol/L. If we introduced 10-4 mollL of W ions, the pH 
would drop to 4 in pure water. However in the presence of carbonic acid species, the added protons 
participate in the reaction, W + HCO} = H2C03'. In terms of expression (5.95) the resulting change 
in pH is given by 

( I 0- 3.00 _ 10- 4 °) 
PH = 6.35 + log --- -- - --:::0 6.35 + 0.44 = 6.79 

(10- 365 + 10- 40) 
(5.96) 

So the buffer capacity of the carbonate system limits the pH drop to about 0.2 pH units rather than 
3 full units. 

The following discussion and numerical calculations of buffer-capacity values will be ap
proximate, in that for simplicity we will ignore ion activity coefficients and volume corrections. 

5.10.1 Buffer Capacity of Water 

To calculate the buffer index of an aqueous system we begin by deriving the equation for the acid
ity titration curve for that system. For pure water we will assume the titrant is NaOH. The charge
balance equation is then simply 

(5.97) 

and the mass-balance equation for added base is CB = Na+. Substituting into the charge-balance equa
tion we can eliminate Na+ and OH- to obtain an equation in the proton condition 

Taking the derivative leads to 

C :::0 K" - H+ 
B H+ 

But because pH = -In(W)I2.3, the derivative gives us 

dW = dpH[-2.3(W)] 

Substituting for dH+ results in the final expression 

dCB = PH 0 = 2.3 [Kw + H+] = 2.3 [OH- + W] 
dpH 2 H+ 

(5.98) 

(5.99) 

(5.100) 

(5.101) 

This equation is plotted in Figs. 5.10 and 5.11, which show that strong acids and bases have consid
erable buffer capacity below pH 4 and above pH 10. PH,O is negligible in natural waters at interme
diate pH's. The units of the buffer capacity. as computed from Eq. (5.101) are equivalents of strong 
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base per liter per pH unit. Thus at pH 7 we find f3H,O = 4.6 x 10-7 eq/L pH or 4.6 x 10-4 meq/L pH. 
At pH 2, f3H,O = 2.3 x 10-2 eqlL pH or 23 meq/L pH. Generally buffer index units of meqlL pH are 
preferred. It 'is important to remember that the buffer capacity contributions of all chemical species 
in a system are always positive and additive. In aqueous systems f3H,O is always included. 

5.10.2 Weak Monoprotic Acids 

To derive a function for the buffer index of a weak monoprotic acid, HA, we begin as before with 
equilibrium, mass-balance, and charge-balance equations, and first derive an equation for the titra
tion curve. We are given the following expressions: 

or 

and electroneutrality 

(H+) (A -) 

Ka = (HA) 

CA =HA+A

HA=CA -A

Na+ + H+ =A- + OH-

where CA is the total concentration of the acid species. But because CB = Na+, we obtain 

CB=A-+OH--H+ 

(5.102) 

(5.103) 

(5.104) 

(5.105) 

(5.106) 

Our goal is to rewrite Eq. (5.106) in the proton condition. First eliminate HA from Eq. (5.102) by 
substitution of Eq. (5.104). Solving for (A -) gives 

(A-) _ KaCA 
- [Ka + (H+)] 

(5.107) 

Now, in the proton form Eq. (5.106) becomes 

C - KaCA + Kw _ (H+) 
B - [Ka + (H+)] (H+) 

(5.108) 

Differentiating we find 

dCB [KaCA Kw ] 
- dH+ = [Ka + (H+)]2 + (H+)2 + I (5.109) 

But dW = -2.3(W) dpH, so substitution gives the equation 

13 = 2 3 [H+ + Kw + KaCA (H+) ] 
. ( ) (W) [Ka + (H+)J2 (5.110) 

Note that the first two bracketed terms are the buffer capacity of water, and the third term is the buffer 
capacity due to the weak acid. For intermediate pH's the water terms are negligible and we have 

[ 
(W) ] 

13 = 2.3 KaCA [Ka + (H+)f (5.111) 

One can now determine the pH at which a weak monoprotic acid exhibits its maximum buffer 
capacity (f3max)' This involves differentiating Eq. (5.111) with respect to pH and then setting the ex
pression for df3/dpH equal to zero. This leads to Ka = [H+] for the condition of maximum buffer ca
pacity. Substituting this fact into Eq. (5.111) indicates that 

f3m.x = 0.58 CA (5.112) 
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In other words, the pH for the maximum buffer capacity of a weak acid is defined by pH = pKa' and 
the value of f3m"x is a function only of CA, the total acid-species concentration. The same reasoning 
applies to the maximum buffer capacity of weak bases. 

5.10.3 Polyprotic Acids 

The buffer capacity or index of a polyprotic acid is the sum of the contributions from each succes
sive acid species. Or, in general terms, 

13 = f3H,o + f3HA + f3HA' + f3HA" + '" 

Remembering that for a monoprotic weak acid the buffer index equals 

(5.113) 

(5.110) 

the buffer index for a polyprotic acid will equal the sum of similar weak-acid terms for each suc
cessive dissociation step. For a diprotic acid the 13 index expression is, therefore, 

[ 

t Kw K,CA (H+) KZCA (H+) ] 
13 = 2.3 (H) + (W) + [~+-(W)]2 + [Kz + (W)j2 (5.114) 

Where CA is the total concentration of acid species and K, and Kz are the first and second stepwise 
dissociation constants of the acids. This equation can be used to compute the buffer index of a 
polyprotic acid as long as successive dissociation constants differ by at least 20 times (this assures 
a calculation error of 5% or less). In other words, for a diprotic acid KzlK, should be less than 0.05 
(cf. Butler 1964). Thus, for example, Eq. (5.114) may be used to compute the buffer index due to 
species of carbonic acid, for which K, = 10-635 and Kz = 10-'033, or 13 for species of silicic acid, for 
which K, = 10-986 and Kz = 10-13 '. 

5.10.4 Carbonic Acid 

The buffer capacity due to carbonic acid species may be computed assuming either constant total 
carbonate, Cr, which implies a closed system, or for constant COz pressure, which suggests an open 
system. We will first assume constant Cr and constant Caz+ with an HCl titrant. The mass-balance 
equations are 

The charge balance is 

Cr = HzC03' + HCO)" + COj

CA = CI-

so that 

2Ca2+ + W = HCO)" + 2COj- + CI- + OR

CA = 2Ca2+ + W - OW - HCO] - 2CO~-

From Eqs. (5.22) and (5.23), and the expression for K", we have 

(OH-) = Kw 
(W) 

where aH is given by Eq. (5.25). 

and 

(5.1I5) 

(5.116) 

(5.117) 

(5.118) 
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Substituting into Eq. (5.117) and combining terms gives us the equation of the titration curve, 

2 Kw CT [H+ ] CA = 2ea + + H+ - .- - - -- + 2 
H+ lI'H K2 

(5.119) 

Differentiating we have 

(5.120) 

(5.121) 

where the H+ and OH- terms are the contribution of f3H,O and the final terms are the buffer capacity 
due to species of carbonic acid. With K

J 
= 10-6.4 and K2' = 10-10.3 , substitution gives 

13 :: 2.3 (H+) + (OH-) + _T,--_ [ 
C 1010.3 (H+) [1016.7 (H+f + 107'O(H+) + 1]] 

[10167 (H+)2 + 1010.3 (H+) + IF (5.122) 

where 13 is in (eqlL pH). This function is plotted in Fig. 5.10, which shows the overall buffer capac
ity and the separate contribution of f3H,o. The 13 curve shows the features of a monoprotic acid with 
f3max = 0.58CT = 0.58 meqlL pH and the maximum buffer capacity of carbonic acid at pH = pK1. Note 
that a second f3max for carbonic acid at pH = pK2 = 10.3 is masked by the rapid increase in 13 H,O above 
pH 10. 

1.0 r-r---,-----,------,-----r----,------,------,-..----. 

0.8 

max. at 0.58 CT 0.6 

i 
...J -... 
g' 
5 
~ 0.4 

0.2 

4 5 6 7 
pH 

8 9 10 

Figure 5.10 A linear plot of the buffer capacity of carbonic acid species as a function of 
pH for CT == 10-3.0 M showing that the maximum buffer capacity equals 0.58 CT, and occurs 
at pH = pK1(H2COJ) = 6.35. The lower curve is the buffer capacity of water, /3H,O' 
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Next, consider the buffer capacity of carbonic acid species at constant CO2 pressure. In the pre
vious calculation /3 was obtained by taking the derivative of an equation for C B in the proton condi
tion that had been obtained from the solution charge-balance equation. We will instead base the cal
culation of /3 directly on the equation for CB , differentiating in parts. Thus, we write 

dCB d(HC03) 2d(COj-) d(OH-) d(H+) /3 = --' = .-----. + .-.- + ---- - ~.-
dpH dpH dpH dpH dpH 

(5.123) 

Equation (5.20) can be rewritten, 

(5.124) 

At a constant CO2 pressure the expression in parentheses is set equal to a constant K'. With natural 
logs we have 

In (HC03) = 2.3 In K' + 2.3 pH 

Taking the derivative leads Lo 

Combining carbonic acid constant expressions we can derive 

(CO~-) = (KIK2Kco,Pco,) I 02pH 

(5.125) 

(5.126) 

(5.127) 

We set the constant term in parentheses equal to K", take natural logs, and then the derivative to 
obtain 

d(C02--) 
- :l._ .. = 4.6 (C02 -) 
dpH 3 

Using a similar approach to the OH- and H+ terms gives 

d(OH-) 
--- = 2.3 (OH-) 

dpH 
and 

deW) " --. = -2.3 (H') 
dpH 

The separate terms now add up to the expression for total /3, 
/3 = 2.3 [(HC03) + 4(COn + (W) + (OH-)] 

(5.128) 

(5.129) 

(5.130) 

This equation shows the /3 contribution of each species, but is not solved readily unless substitutions 
are made to put it in the proton condition. 

5.10.5 Calcite-Carbonic Acid 

When an acidic or basic water is mixed with a second water, the pH response of the mixture is im
mediate. Any resistance to pH change exhibited by the second water then reflects what could be 
termed its immediate buffer capacity. In soils and sediments the presence of reacting minerals can 
vastly increase the buffer capacity of associated waters. However, most reactions involving miner
als are relatively slow to equilibrate (Chap. 2), thus the butfer capacity response of minerals can be 
viewed as long term. As salts of strong bases and weak acids, mineral buffer capacity generally re
sists a drop in pH. Among common minerals, calcite dissolves much more rapidly than the alumino
silicates. The presence of a few tenths of a percent or more calcite in soils and sediments is, there
fore, extremely important in order to avoid environmental damage from acid rain or acid 
wastewaters. 
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We will compute f3 for pure water in equilibrium with calcite in a closed system with constant 
total carbonate, Cr. Dissolved Ca2+ is thus controlled by calcite saturation, as defined by (Ca2+) = 
KJ(COJ-) where Kc = 10-8.48. With an HCI titrant CA = CI-, and the charge-balance equation is 

2Ca2+ + H+ = HC03 + 2CO~- + CI- + OH- (5.131) 

Transposing after substitution for CI- we have 

CA = H+ - OH- + 2Ca2+ - HC03 - 2C05- (5.132) 

Now substituting to attain the proton condition gives 

C
A 

= (H+) __ K" + ~Kc~f! _ C~W) _ 2C~ 
(H+) CT K2aH aH 

(5.133) 

Differentiation and introduction of {3 and equilibrium constants for 25°C result in 

[ 
C 101O.3(H+) [1016.7 (H+)2 + 1070 (H+) + 1]] 

{3 = 2 3 (H+) + (OH-) + --"-T _---'c~-=--~~-:'::--:----'--: 
. [10167 (H+)2 + 1010.3 (H+) + IF 

(5.134) 

+ 2.3 [108.~~H+) (2W + 10-6.4)] 

The first bracketed term is the contribution of water and dissolved carbonate species. The second 
term in brackets is the calcite contribution. Equation (5.134) is plotted in Fig. 5.11 which shows that, 
in equilibrium with calcite below about pH 8.5 for CT = 10-3, system buffer capacity is 100 times or 
more greater than it is without calcite. Because calcite can both dissolve and precipitate under am
bient conditions, its buffer capacity provides resistance to a pH change in either direction. 
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Figure5.11 A log plot of the buffer capacity due to carbonic acid species for Cr = 10-3
.0 M 

(see Fig. 5.10); at saturation with respect to calcite for Cr = 10-30 M; and for equilibrium 
between the clays illite and kaolinite. The lower curve is f3H,O. 

12 
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5.10.6 Clays 

As a second example of mineral-controlled buffer capacity, consider the reaction in pure water be
tween the clays kaolinite and illite (here assumed the same as muscovite), which may be written 

illite kaolinite 

for which 
(K+) 

K =: 1065 =: ----
eq (H+) 

(Garrels and Christ 1965). With HCl as the titrant (ell =: Cn charge balance is 

H+ + K+ =: OH- + Cl-

The total acidity equation and its proton form after substitution are then 

Taking the derivative 

Introducing the definition of f3 

(5.135) 

(5.136) 

(5.137) 

(5.138) 

(5.139) 

(5.140) 

This equation is plotted in Fig. 5.11 which shows that the reaction at equilibrium has about 10 times 
more buffer capacity than calcite. Because this reaction will not often be at equilibrium, however, 
the buffer capacity is a maximum possible value. Further, the reaction is usually irreversible with 
kaolinite more often stable than illite in weathering environments. For this reason the reaction resists 
a pH decrease, but not an increase. 

Although clay reactions are slower than those involving carbonates, they are fast enough to be 
very important, particularly in acid-contaminated systems. The alkalinity and buffer capacity of the 
clays in clay liners and soils is often more important than that of small amounts of associated car
bonates. A few percent of carbonates are rapidly dissolved by a drop in pH below about 4.5, whereas 
the clays provide substantial resistance to a further lowering of pH values. This is evident from a lab 
batch study in which a waste mill-tailings solution of pH =: l.2 and total acidity of 0.35 eq/L was 
added to rock pastes A and B to assess the ability of each rock to neutralize the tailings solution. The 
rocks were chiefly calcareous claystones (rock A, 66% clay and 9% calcite; rock B, 65% clay and 
2.4% calcite). Titration curves in Fig. 5.12 show that the carbonates provide a limited alkalinity and 
buffer capacity above pH 4.5, which is rapidly consumed by the tailings solution. The clays offer 
about five times more resistance to a further drop from pH 4.5 to 2. Figure 5.13 gives the results of 
experiments in which the same acid tailings solution was added to pastes of 10 different rocks to 
maintain mixture pH's at 2.0 or 4.5 for 24 hours. The plot shows that calcite contributes about one
fourth of the rocks' total alkalinity, which is fully consumed above pH 4.5. Between pH 4.5 and 2, 
clays provide three times the alkalinity available from the calcite. 
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Tailings solution added/rock weight (ml/g) 

Figure 5.12 Titration of lightly 
crushed pastes of rock A (66% clay, 
9% calcite) and rock B (65% clays, 
2.4% calcite) with acid-tailings 
solution of pH 1.2, CA = 0.35 eq/L 
(Langmuir and Nordstrom 1995). 
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Figure 5.13 Volume of tailings solution needed (pH = 1.2, CA = 0.35 eq/L) per weight of 
rock paste for 10 different rocks to bring their mixtures down to pH 4.5 and pH 2.0 in 24-
hour tests. The pH = 4.5 line reflects the neutralizing capacity of calcite. The difference be
tween this line and the whole rock line at pH = 2 indicates the neutralizing capacity of the 
clays (Langmuir and Nordstrom 1995). 
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STUDY QUESTIONS 

1. Define pH. Explain briefly why pH is important to our understanding of acid-base equilibria, ion adsorp
tion, metal-ligand complexation, oxidation-reduction, and the solubility of most minerals. 

2. The hydrogen electrode is the standard method of measuring pH. How is the voltage measured by the elec
trode related to the pH" What is the Nernst factor? 

3. What is a pH buffer solution? Explain how one calibrates the pH measured with a glass/reference electrode 
pair in an unknown solution. What is Ej , the liquid junction potential? 

4. Define an acid and a base. Distinguish the behavior of strong and weak acids and bases with examples. De
line amphiprotic and conjugate acid and base. 

5. What are the most important strong acids and weak acids in natural waters, and under what pH conditions 
do they control pH? 

6. Sketch and label important features of the percent distribution diagram for carbonate species as a function 
of pH. 

7. Define total carbonate (Cr), total alkalinity (CD)' and total acidity (CA) for a typical natural freshwater, and 
explain their significance from a water-use viewpoint. 

8. Explain how the CO2 content and pH of natural waters is affected by processes and reactions including the 
dissolution of COig), photosynthesis and respiration, aerobic decay, anaerobic decay (fermentation), ni
trate reduction, and denitrification and sulfate reduction. 

9. Give reasons why the CO2 content of soils and groundwaters is generally higher than that of surface waters. 

10. What is the respiratory coefficient and how is it applied? 

11. In some groundwaters (many coastal plain groundwaters), the pH increases and the CO2 pressure decreases 
with groundwater flow. However, in a few groundwaters (as in the Floridan carbonate aquifer) the opposite 
occurs. Explain what reactions determine these contrasting trends in pH and CO2 pressure. 

12. Describe the origin and characteristics of humic and fulvic acids and discuss their role in metal transport 
in soils. 

13. Explain why the pH of natural waters generally lies between about 5 and 9. 

14. Write the equation for the total acidity of an acid mine water. 

15. Most minerals are salts of weak acids and strong bases. Explain this statement and discuss its implications 
in terms of chemical weathering, controls on the pH of subsurface waters, and the capacity of most rocks 
to neutralize acid wastes. 

16. What is the titration mass-balance equation? 

17. The endpoints of titrations of carbonate and bicarbonate alkalinity with an acid depend on the total car
bonate of the water. Explain. 

18. The equation of a titration curve of an acid or base may be derived, taking into account the charge-balance 
equation for the solution, the total acidity (CA) or alkalinity (CB) equation, and deriving an equation in terms 
of stability constants, known concentrations and volumes, and the pH. This resultant equation, which can 
be solved, is said to be "in the proton condition." Explain this statement as it applies to a simple titration 
curve. 

19. In the derivation of an equation for a titration curve, how are corrections made to account for the volume 
change on mixing of the titrant and unknown solution? 

20. Be able to calculate the pH of a solution that contains a known concentration of the salt of a strong base 
and weak acid, or of a weak base and strong acid. 

21. Define buffer capacity and explain how the buffer capacity of a water relates to the titration curve for its 
acidity and alkalinity. 

22. What are the properties of a good pH buffer? 

23. The buffer capacity is always high for very acid or alkaline natural waters and may also be high at inter
mediate pH's for a different reason. Explain. 
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24. One can compute the buffer capacity of a water from its chemical analysis or graphically from its strong 
acid or strong base titration curve. Explain. 

25. Be able to set up the equations necessary to compute the buffer capacity of a water as a function of pH from 
its chemical analysis, given that reactions involving minerals contribute to the buffer capacity. 

26. Know the meaning of reversible and irreversible and immediate and long·term buffer capacity. 

PROBLEMS 

Assume the activities of dissolved species are equal to their concentrations in the following calculations. 

1. What is the pH of a 3 x 10-4 mollL solution of HCI? 

2. What is the pH of a 3 x 10-4 mollL solution of acetic acid (CH3COOH), given that the acidity constant Ka = 
1.75 x 1O-5? In your answer also report solution concentrations of CH3COOH and CH3COO- (acetate ion). 
Compare your computed pH to the value obtained for the same HCI concentration in problem 1. 

3. Given that the acidity constant, K", of hydrogen cyanide (HCN) is 6. I 7xlO-1O at 25°C, what is the pH of a 
10-3 mollL sodium cyanide solution, and what are the concentrations of HCN and CN- in that solution? 

4. A natural water contains both carbonic acid and acetic acid (CH3COOH) species. Dissociation constants for 
carbonic acid species and the procedure used to derive and plot a distribution diagram for carbonic acid 
species are given in this chapter. The dissociation constant of acetic acid is Ka = 10-4·75 at 25°C. Assuming 
that the total carbonate concentration in the water is constant, and equals 2 x 10-3 M, and that the total acetic 
acid-acetate ion concentration is 10-4 M, compute and plot a distribution diagram that shows the molar con
centrations of each of the carbonate and acetate species of H+ and OH- as function of pH between pH 2 
and 12. The ordinant should be in terms of loglo M of each of the species, and the abscissa should be in 
pH units. Discuss the relative importances ofthe various species as a function of pH and how the plot relates 
to the dissociation constants of the acids. 

5. What is the pH of a 5 x 10-3 molal Na2C03 solution in a container isolated from the atmosphere? This prob
lem is based on a calculation given by Drever (1988). 

6. The dissociation constant Ka for acetic acid is 1 Q-4.76. Given that a water has a total acetic acid concentration 
of 10-3 mo/lkg, what is the pH at which the acid has its maximum buffer capacity, and what is the value of 

the buffer capacity at that maximum? 
7. Derive an equation for the buffer capacity of a solution due to its carbonate alkalinity at constant CO2 pres

sure. Base the calculation on the equation for total carbonate alkalinity (C B)' but do not convert that equa
tion to the proton form before differentiation. This approach was suggested by van Breemen and Wielamaker 

(l974a; 1974b). 
8. Below is the total analysis of a raffinate (tailings waste liquor) from the acid processing of uranium ore. The 

raffinate was filtered before analysis. Raffinate pH is 0.9. 

Total Total 
Aqueous concentration Aqueous concentration 
species (mg/L) species (mg/L) 

AP+ 3600 Mg2+ 1600 
Ca2+ 750 Mn2+ 150 
C1- 2900 Na+ 5300 
Fe2+ 10,500 NH! (as N) lIOO 
K+ 270 SOi- 81,000 

The raffinate is to be released to compacted-clay-lined "evaporation" ponds constructed in local sandstone 
and silty-sand formations. These formations contain a few percent of clays such as kaolinite and smaJler 
amounts of calcite cement. You are asked to evaluate the capacity of the rock to neutralize the raffinate acid-
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ity and so to protect local surface and groundwater quality. Your initial task is to measure raffinate acidity 
and buffer capacity. In tests to determine CA, the total acidity (equivalents per liter) of the raffinate, three ap
proaches are taken. In all three, atmospheric oxygen is either present or assumed present. First, the raffinate 
is neutralized with reagent grade calcite. It is found that 23 g of CaC03 neutralizes 150 ml of the raffinate to 
a pH of 7.66 (assume to pH 8.3). Second, 50 ml of the raffinate is neutralized by titration with 1.497 N NaOH 
solution to pH 8.3. The titration curve is plotted in the accompanying figure. Third, the acidity is computed 
from the total analysis tabulated above. 
(a) Calculate CA from the calcite neutralization experiment. 
(b) Calculate CA from the titration curve. 
(c) Calculate CA from the total analysis following the steps outlined below. First, write the equation that 

defines the total acidity. (Hint: Check the pK" values (etc.) for the above species to see which are sig
nificant acids that will be consumed by base titrant up to pH 8.3 under oxidizing conditions.) 

A key issue in this part of the problem is how to determine the concentration of bisulfate ion. 
This can be done in two ways, although suggestion (I), which follows, is approximate. 
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(1) Ignoring complexing, compute the bisulfate and sulfate concentrations from the mass-balance 
equation for total sulfate and the charge-balance equation for the raffinate. assuming any charge in
balance can be explained by adjusting the relative amounts of sulfate and bisulfate. 

(2) Input the raffinate analysis into MINTEQA2 and let the program speciate the water as a means of 
determining the bisulfate. Compare this result to bisulfate computed above, and discuss the differ
ence. Now calculate CA using the bisulfate and H+-ion concentrations computed by MINTEQA2. 
Remember, the acidity is a sum of equivalent concentrations, not activities. Assume the raffinate 
will be completely oxidized during its titration. 

(d) Compare and discuss the results of the three approaches to CA-
(e) Compare the ionic strength computed by MINTEQA2 in part (c2) to the stoichiometric ionic strength 

you can determine from the raffinate chemical analysis given above and explain the difference. 
(I) Remembering the definition of buffer capacity, /3. determine the buffer capacity of the raffinate graph

ically from its titration curve in Fig. 5.7 and plot /3 from pH 0.9 to 8.3 in meq/L pH unit. 
(g) This question asks you to explain the general shape of the titration and buffer capacity curves in terms 

of specific acid-base reactions as a function of pH. How might the acid-base and buffer capacity be
havior of the raffinate affect the detailed release and migration of raffinate liquids from a pond into and 
through surrounding geologic formations? 

Some raffinate neutralization reactions are strictly aqueous (homogeneous) reactions, others in
volve mineral precipitation. To answer this question, you will need to titrate the raffinate with a base 
using the sweep option in MINTEQA2. Use 0.5 pH unit increments in the titration. Solids are likely to 
precipitate during your computer titration, which of course is performed at constant volume. First, run 
sweep with no possible solids. By examining the saturation indices output you can get an idea of what 
minerals might precipitate. Some will later dissolve as the pH further increases during neutralization. 
Solids that perhaps are not inhibited kinetically from precipitating during a titration include AlOHS04, 

gypsum, anhydrite. ferrihydrite, Fe(OHh7Cio,3, birnessite, and basaluminite. Remember. you can de
termine the compositions of these minerals in the program documentation, or by examining their stoi
chiometry in the file type6.dbs. Now run sweep inputting these minerals as possible minerals. Your 
sweep run may not converge for the full pH range of the computer titration. Set the number of itera
tions allowed to 200 to assist convergence. (The program still may not converge for a full 20 sweep in
crements.) Convergence is assisted if you add an unreactive cation such as Rb+ or anion such as CIO; 
to maintain charge balance. 

(h) In light of your answer to part (g) explain possible consequences and implications of the raffinate acid
base reactions if the raffinate is released into and migrates in a sandstone formation that contains traces 
of calcite. 

(i) Could an equation in the proton form for the buffer capacity of the raffinate be derived starting with the 
acidity equation in part (c)? Derive such an equation showing first the acid-base terms that reflect ho
mogeneous reactions and discuss how you could write the terms that involve heterogeneous reactions. 
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Carbonate Chemistry 

6.1 OCCURRENCE AND STABILITY OF THE CALCIUM-MAGNESIUM 
CARBONATES 

Limestone (chiefly calcite, CaC03) and dolomite rocks (chiefly dolomite, CaMg(C03)2) are exposed 
at about 20% of Earth's surface. Carbonate detritus, fossil shell materials, and carbonate cements are 
also common in noncarbonate sedimentary rocks and arid-climate soils. The carbonate minerals 
found in such occurrences, in decreasing order of importance, are: calcite, dolomite, magnesian cal
cites (Cal~\MgxC03 where x is usually <0.2), aragonite (a CaCO, polymorph) and, perhaps, mag
nesite. As a rule of thumb, when such materials are present in silicate or aluminosilicate rocks or 
soils at a level of about I % or more, they will tend to dominate the chemistry of the soil or ground
water. This fact is extremely important when one is concerned about the ability of a rock to neutral
ize acid mine waters, other acid wastewaters, or acid rain. 

Equilibrium constants for minerals and aqueous species in the system CaO-MgO-COT S03-

H20 at 25°C are given in Tables 6.1 and 6.2. Solubility product data in Table 6.1 indicate that cal
cite is more stable (i.e. less soluble) than aragonite. The K,p data correspond to!J.G ~ = -191 cal/mol K 
for the reaction aragonite <2. calcite. This is in excellent agreement with !J.G,o = -196 ± 31 cal/mol K 
proposed by Plummer and Busenberg (1982) and -198 ± 5 cal/mol K suggested by Konigsbergeret al. 
(1989). Aragonite, the high-density polymorph ofCaC03, is thermodynamically stable relative to cal
cite at 25°C only at pressures above 3.0 kb (Konigsberger et al. 1989). The abundance of aragonite 
in recent marine sediments reflects its often more favorable kinetics of nucleation and crystal growth 
in seawater than that of calcite (cf. Drever 1988) and the ability of some carbonate-mineralizing or
ganisms to preferentially nucleate either aragonite or calcite from supersaturated waters (cf. Falini 
et al. 1996). When groundwaters near saturation with calcite at low temperatures are pumped to the 
surface and rapidly heated, aragonite, rather than calcite, may precipitate (cf. Jenne 1990). 

Vaterite is a rare mineral that only forms from solutions highly supersaturated with respect to 
calcite and aragonite. Ogino et al. (1987) precipitated vaterite with calcite between 14 and 30°C from 
laboratory solutions in which the rCa2+11CO~~1 product equaled about 10-.6. The vaterite was trans
formed to calcite in several hours. 
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TABLE 6.1 Solubility product expressions and Ksp values for some minerals in the system 
CaO-MgO-C02-SOa-H20 at 25°C and 1 bar total pressure 

Mineral Formula Ksp expression 

portlandite t Ca(OHh [Ca2+][OH-j2 

brucite* Mg(OH}z IMg2+][OH-J2 

calcite* CaCO, [Ca2+][CO~-] 

aragonite* CaCO, [Ca2+][ CO~-] 

vaterite§ CaCO, [Ca2+][COJ-] 

magnesite" MgCOJ [Mg2+11COj-] 

nesquehonite# MgCO,·3HzO [Mg2+][ CO~-][H2O]' 
lansfordite tt MgCOJ ·5H2O IMg2+][C05-][H2OP 
artinite** MgCOJ . Mg(OH)2 . 3H2O [Mg2+]ICOj-][OH-j2[H2OP 
hydromagnesite§§ 4MgCO, . Mg(OHh . 4H2O [Mg2+j5[COj-)4[OH-FIH2O]4 

huntite"" CaMg,(C03)4 [Ca2+][Mg2+P[C01-]4 

dolomite* CaMg(CO,h [Ca2+][Mg2+][COJ-F (ordered) 
(disordered) 

anhydrite+ CaS04 [Ca2+11SOj-] 
gypsum+ CaS04· 2H20 [Ca2+][SOj-][H2OP 

Chap. 6 

-log Ksp 

5.23 
11.16 
8.48 
8.34 
7.91 

4.9,7.93 
5.58 
5.45 

15.4 
35.0 
29.14 
17.09 
16.54 

4.36 
4.58 

Sources: tLangmuir (1968). +Nordstrom et al. (1990). §Plummer and Busenberg (1982). IIK,p(nesquehonite) in this table, and 
other data from Langmuir (1965) suggest Ksp(magnesite) = 10-4·9; based on the literature and high temperature phase equi
libria involving magnesite, Koziol and Newton (1995) propose !:1H'f = -265.70 kcallmol and SO = 15.557 cal/mol K for mag
nesite at 25°C, which, with other thermodynamic data from Wagman et al. (1982), leads to Ksp(magnesite) = 10-79

-'. #Ksp = 
1O-55H ± 0.03 based on 15 reversed solubility runs in up to 5.5 mol/kg NaCI solutions (Ranville 1988). ttBased on the 
nesquehonite-Iansfordite equilibrium (Langmuir 1965). and K,p(nesquehonite) this table. HRecomputed from Langmuir 
(1965) (Ksp = 10-181 calculated from data of Hemingway and Robie (1973). makes artinite stable relative to brucite plus hy
dromagnesite, whkh seems doubtful}. §§Formula from Robie and Hemingway (1973); Ksp recomputed from data given by 
Langmuir (1965). IllIBased on electrochemical cell measurements. Walling et al. (1995) propose !:1G7(huntite) = -1002.8 ± 
\.5 kcal/mol; with free energy data for the ions from Wagman et al. (1982) this gives Ksp = 10-29.14 ; which is in good agree
ment with measured entropy and enthalpy data from Hemingway and Robie (1973). !:1G'I = -1004.6 ± 0.4 kcal/mol and Ksp = 
10-30.52. 

TABLE 6.2 Some equilibrium constants in the system 
CaO-MgO-COz-SOa-H20 at 25°C and 1 bar pressure 

Equilibrium constant expression 

K" = [W](OH-] 
Keo, = [H2C031IPco. 
KI ,,; [W][HC03"]I[H2COJ'1 
K2 = [W](COj-]l[HC03"] 
K(CaOW) = [Ca2+][OH-]/[CaOW] 
K(CaCOn = [Ca2+][CO~-]/[CaC03J 
K(CaHCOn = [Ca2t][HC03"]I[CaHCO!] 
K(MgC03) = [Mg2+][CO~-I/[MgC031 
K(MgHCOj) = [Mg2+][HCO:l]/[MgHCOtl 
K(CaSO,j) = [Ca2+][SO.t-]l[CaSO,j] 
K(MgSO,j) = [Mg2+][S01-]l[MgSO,j] 

Source: All values are from Nordstrom et al. (1990). 

-log Kcq 

14.00 
1.47 
6.35 

10.33 
1.22 
3.22 
1.11 
2.98 
1.07 
2.30 
2.37 



Sec. 6.1 Occurrence and Stability of the Calcium-Magnesium Carbonates 

G 

100 .-----------------,.--------------------------. 

7S -
Portlandite 
[Ca(OH)21 

o 50-
f::' 

Calcite 
[CaC03J 

25 -

o L-----~I~~'--~I------~I------~I~\AAr_\ 
-14 -12 -10 -8 0 

log Peo, (bars) 

Figure 6.1 Stability relations among solid phases in the system CaO-COrHzO from 0 to 
IOO°C at 1 bar total pressure as a function of Peo, at a water activity of unity. 
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Phase relations in the system CaO-C02-H20 from 0 to lODoC are shown in Fig. 6.1. Given 
the fact that CO2 pressures in natural environments are rarely less than about 10-5 bar, and that equi
librium between calcite and portlandite is at a CO2 pressure of 10-1310 bar at 25°C, calcite is clearly 
the stable phase in Earth-surface environments. 

Magnesite is the most common magnesium carbonate mineral in geological environments. In 
spite of this fact, it is rarely observed precipitating from natural waters. Further, its low-temperature 
solubility has been extremely difficult to measure because of its very slow rate of dissolution in the 
laboratory (cf. Langmuir 1965). The -log Ksp of 4.9 for magnesite given in Table 6.1 is consistent 
with its general behavior at low temperatures and is the basis for the phase diagrams in Figs. 6.2 and 
6.3. Nevertheless, recent solubility measurements reported by Khodakovsky (1993) support a 
-log Ksp for magnesite near 8, as does entropy and enthalpy data summarized by Koziol and New
ton (1995), which suggests Ksp = 10-7.93 (see Table 6.1 footnotes). The MINTEQA2 data base (Alli
son et al. 1991) lists Ksp(magnesite) = 8.03. 

In seawater the ion activity product [Mg2+][CO~-] equals about 10-7.°. This makes the oceans 
about 10-fold supersaturated with respect to magnesite if the lower solubilities just given are correct. 
However, magnesite has never been observed to precipitate from seawater. Figures 6.2 and 6.3 sug
gest that if the readily precipitated hydrates of magnesium carbonate are heated, dehydrated at 



196 

75 

9 50 
f::' 

25 

Brucite 

-6 

Hydromagnesite 

--4 -2 
log Peo, (bar) 

Magnesite · · · 

o 2 

Figure 6.2 Stability relations among solid phases 
in the system MgO-C02-H20 as a function of Peo, from 
o to 100°C, at a water activity of unity and I bar total 
pressure. The figure is drawn assuming K,p(magnesite) = 
10-4·9 at 25°C. If, instead, K,p(magnesite) = 10-793, the 
hydrated Mg carbonates are metastable relative to mag
nesite, and the brucite/magnesite boundary is at Peo, = 
10-6·62 bar. See Table 6.1. From D. Langmuir, Stability of 
carbonates in the system MgO-C02-H20, J. Geol. 73. 
© 1965 by J. Geol., University of Chicago Press. Used 
by permission. 

Carbonate. Chemistry Chap. 6 

100 

75 -
Brucite 

Hydro-

-
magnesite 

Magnesite 

O
u 50 
f::' 

25 r-

o I I I I I L 

-6 --4 -2 o 
log Pco, (bar) 

Figure 6.3 Stability relations among solid phases 
in the system MgO-C02-H20 as a function of Pco, from 
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of 20%) and I bar total pressure. The figure is drawn 
assuming Ksp(magnesite) = 10-49 at 25°C. If, instead, 
Ksp(magnesite) = 10-7.93 , the hydrated Mg carbonates are 
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From D. Langmuir, Stability of carbonates in the system 
MgO-COr H20, J. Geoi. 73. © 1965 by J. Geol., Uni
versity of Chicago Press. Used by permission. 

ambient temperatures by exposure to low relative humidities, or if precipitation is from high ionic 
strength brines (low water activities), particularly above 25°C, magnesite can form. Once formed, 
magnesite is very slow to dissolve, perhaps because traces of silica adsorb to its surface. 

The minerals nesquehonite through huntite in Table 6.1 are comparatively rare. Among these 
only hydromagnesite can precipitate in water at 25°C and atmospheric CO2 pressures (Fig. 6.2). Be
cause of their high solubilities, the Mg-carbonate and hydroxy-carbonate minerals, are generally un
common except in some evaporative cave pools, evaporating ocean embayments, arid soils. and 
closed-basin lakes (cf. Hostetler 1964). Nesquehonite is about 24 times as soluble as calcite at 25°C 
and a CO2 pressure of 1 bar. Similarly. at atmospheric CO2 pressure (10-3.5 bar) the solubility of hy
dromagnesite is 5.5 mmollkg, whereas that of calcite is only 0.52 mmol/kg. 

There are several ways one can write the solubility of carbonate minerals in water. Most use
ful are reactions written in terms of CO2 or H+. As noted earlier. carbon dioxide is the chief source 
of acidity in most natural waters. The reaction between calcite and CO2 is 

CaC03 + CO2(g) + H20 = Ca2+ + 2HC03' (6.1) 

for which, at 25°C, 

K = [Ca
2
+] [HC03'F = 10-5.97 

eq p 
co, 

(6.2) 

Comparable reactions can be written for the other carbonate minerals. 
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In terms of H+ the calcite reaction is 

CaCO + H+ = Ca2+ + HCO-3 3 (6.3) 

for which, at 25°C, 

[Ca2+ I [HCO)"] 
K = .----~-- = 1 0+ 1~5 

eq [H+] (6.4) 

These equations indicate that calcite (or other carbonate) dissolution is favored by an increase in CO2 

pressure and a decrease in pH, and that calcite precipitation can result from a loss of CO2, or increase 
in pH for whatever reason. 

6.2 CALCITE SOLUBILlTV AS A FUNCTION OF CO2 PRESSURE 

It is useful to construct a graph relating carbonate mineral solubilities to CO2 pressure. This can be 
done for calcite starting with equilibrium constant expression (6.2) above. If done rigorously, the der
ivation accounts for the effects of ion activity coefficients and the presence of CaHCOj and CaCOj' 
ion pairs and of CaOH+. Considering all complexation, the exact charge-balance equation for a pure 
water in which calcite is dissolving is 

2mCa2+ + mCaHCOr + mCaOW + mW = mHCO)" + 2mCO~- + mOH- (6.5) 

Do we need to consider all of these species in our derivation? Most natural waters in which calcite 
saturation is observed have pH's between about 6 and 9. Also, at calcite saturation concentrations of 
Ca2+ and alkalinity are roughly at 10-3 mol/kg or higher. If we assume that all species having con
centrations less than 1 % of this amount can be ignored, we can drop mH+, mOH-, and CaOH+ from 
the equation. Also, for pH's below 8, mCO~- is less than 1 % of mHC03. (How do we know this?) 
Equation (6.5) thus reduces to 

Given that 

2mCa2+ + mCaHCO! = mHC03 

+ _ [Ca2+] [HC03] _ _1.1 J 

Kdissoc (CaHC03 ) - [CaHCOj] - 10 

(6.6a) 

(6.6b) 

the CaHCOj concentration is significant at all CO2 pressures greater than the atmospheric value of 
about 10-3.5 bar. This can be shown if we write calcite dissolution as 

CaC03 + W = CaHCOr (6.7a) 

The equilibrium constant for this expression at 25°C can be derived in several ways. One approach 
is to sum reactions (6.7b) through (6.7d) and their log Keq values as shown below. 

reaction log Keq 

CaC03 = Ca2+ + COj- -8,48 (6.7b) 

W + COj- = HC03 +10.33 (6.7c) 

Ca2+ + HC03 = CaHCOr +1.11 (6.7d) 

CaC03 + W = CaHCOr +2.96 (6.7a) 
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Thus, 

K = [CaHCOj] = 10+296 
eq [H+] (6.8) 

We could also have added the 8G,o values for reactions (6.7b) to (6.7d) to obtain aG,o for reac
tion (6.7a) and Keq for reaction (6.8) through 8G:(kcallmol) = -1.3642 log Ksp at 25°C. A third 
approach is to write out the Ksp expressions for reactions (6.7b), (6.7c), and (6.7d), then through 
algebraic substitution eliminate the undesired terms to obtain Ksp and expression (6.8). 

Examination of expression (6.8) and its Keq value indicates that between pH 8 and 6 the con
centration of the CaHCO! pair increases from about 10-5 to 10-3 mollkg. Stated differently, the error 
in ignoring the pair in our calculations increases from about 1 % to 10% between CO2 pressures of 
10-3.5 bar and 1 bar. Nevertheless, ignoring CaHCOj for the moment, the charge-balance equation is 
reduced to 

2mCa2+ = mHC03 (6.9) 

With this approximation and ignoring activity coefficients, we can eliminate HC03 from expres
sion (6.2), and solve for mCa2+ with the result 

Ca2+ (mmollkg) = 6.45 x (Peo/· 33 (6.10) 

This explains why the solubility of calcite (and carbonate minerals generally) varies roughly as the 
cube root of the CO2 pressure. The accurate, empirical equation for calcite solubility at 25°C that has 
been plotted in Fig. 6.1 is, in fact, 

Ca2+ (mmollkg) = 9.057 x (Peol·3615 (6.11) 

The difference between expressions (6.10) and (6.11) reflects the consequences of our ignoring ac
tivity coefficients and the CaHCOj ion pair in our derivation of (6.10). 

We have also ignored the potentially important CaCO)' ion pair. At saturation with calcite we 
can write simply 

CaC03(calcite) = CaCO)' (6.12) 

for which Keq = [CaC031. In other words the concentration of the calcium carbonate ion pair is fixed 
at saturation with calcite. The equilibrium constant for this reaction (and the CaCO)' concentration) 
at 25°C can be obtained by combining the solubility-product expression for calcite 

KspCcalcite) = 10-8.48 = [Ca2+][COj-] (6.13) 

and the dissociation-constant expression for the CaCO)' ion pair, which is 

K . = 10-3.22 = [Ca
2
+] [CO~-] 

dlssoc [CaC031 (6.14) 

Substituting for [Ca2+][COj-] we obtain 

Keq = 10-5.26 = [CaC031 (6.15) 

Given in Fig. 6.4, in addition to the Jolubility curve for calcite, are theoretical solubility curves 
for dolomite and for calcite plus dolomit¢. The plot shows that carbonate mineral solubilities increase 
with increasing CO2 pressures and decr~ase with decreasing.C:02.p!:~~~ure_~)'You should be able to 
explain to yourself why the upper-left portion of the diagram describes'conditions supersaturated 
with respect to the carbonates, whereas undersaturated conditions are found below and to the right 
of the solubility curves. 
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Figure 6.4 Theoretical solubilities of calcite, dolomite, and calcite plus dolomite in pure 
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calcium plus magnesium in solution. From D. Langmuir (1984), Physical and chemical 
characteristics of carbonate water. In Guide to the hydrology of carbonate rocks, P. E. La
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The concentrations of individual aqueous species including the ion pairs at 25°C and at satu
ration with calcite as a function of CO2 pressure are shown in Fig. 6.5. The plot shows the dominance 
of calcium and bicarbonate ions (-102 times greater than the next most abundant species, or 
>99% of total species) at all CO2 pressures above atmospheric, with the calcium bicarbonate ion pair 
increasing from less than 1 % to about 10% of Ca2+ as the CO2 pressure increases from 10-35 bar to 
about I bar. 

6.3 CALCITE SOLUBILITY AS A FUNCTION OF pH AND CO2 
PRESSURE 

We will next derive a general expression for the solubility of calcite as a function of pH and CO2 

pressure. First, write the solubility as a mass-balance equation 

1:mCa2+ = mCa2+ + mCaHCOj + mCaC03' (6.16) 

Our goal is to put this equation in the proton condition. We will do so dealing with each successive 
right-hand term in Eq. (6.16). 

The value of mCa2+ is a function of the solubility product of calcite, Kc' which equals 

(6.17) 
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Figure 6.5 The solubility of calcite in pure water at 25°C and I bar total pressure as a 
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D. Langmuir (1984), Physical and chemical characteristics of carbonate water. In Guide to 
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Solving for mCa2+ gives 

The [C05-] term can be eliminated by summing the following expressions 

CO2(g) + H20 = H2C03' 

H2C03' = W + HC03" 

HC03 = W + COj-

Chap. 6 

() 

(6.18) 
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From this result we obtain 

(6.19) 

rearranging 

and (6.20) 

Equations (6.7) and (6.8) lead to 

KclH+J 
(y , ,.) =-------- ----

CaHCa I (YHCO,) K 2K~aHCo: 

where K~aHCo: is the dissociation constant of the complex. But assuming that YCaHCO; '" YHCO; gives 

Kc[Wl 
mCaHCO+ =- -~-----

3 ( ,) K K" '. YHCO, 2 CaHCo., 

Equations (6. 13) and (6.14) indicate that 

o Kc 
[CaC03 ] '" mCaCO'l = ---- Kd CaCUi 

We now have our final expression, which is 

2 Kc[WF Kc[Wj K,. LmCa + = --~--- - +-------- +-- - --
Yea" K I K2K co'? CO, YHCU, K 2K1:aIlCO, K~aco) 

Introducing K values for 25°C and simplifying, this becomes 

~ 2+ 10967 I H+]2 10296 I W-] 
lmCa = -- + - - - + 10-526 

LmCa2+ = 
(YCa")Pco, YIICO, 

mCa2+ + mCaHCO+ + mCaCO° .33 

where the identity of each term is indicated by our original mass-balance expression. 

(6.21) 

(6.22) 

(6.23) 

(6.24) 

Equation (6.24) shows that mCa2+ is a function of both pH and Pco" whereas mCaHCO! de
pends on pH, but is independent of Pca, The concentration of mCaC03' is independent of both pH 
and P C02' This equation is plotted for CO2 pressures from I to lO-5 bar in Fig. 6.6. At first glance 
the plot seems illogical, for it suggests that at a given pH calcite solubility increases with decreasing 
CO2 pressures. The diagram makes sense, however, if we remember Eg. (6.20), which states that for 
a given pH, mCa2+ is proportional to IIPco,' Equation (6.24) and Figs. 6.5 and 6.6 show that mCa2+, 
which is a function of both pH and CO2 pressure, dominates calcite solubility for LmCa2+ greater 
than about 10-4 to 10-5 mol/kg (4 to 0.4 ppm). The mCaHCO! term is never more than about 10% 
of mCa2+ and becomes negligible at CO2 pressures below atmospheric (10--3.5 bar) and pH > 8.5 
(Fig. 6.5). The minimum solubility of calcite corresponds to LmCa2+ = mCaC03' and is 5.5 x 
10-6 mol/kg (0.22 ppm as Ca) at 25°C. 

Figure 6.6 may be used to estimate calcite solubility in surface versus groundwaters. Thus, for 
LmCa2+ = 10-3 mollkg (40 ppm) and a relatively high groundwater CO2 pressure of 10-1 bar, calcite 
is saturated at about pH = 7.1. At atmospheric CO2 pressure (10-35 bar) for mCa2+ = 10-3.3 mollkg 
(20 ppm) the saturation pH is 8.3, a value typical of many surface-waters. 
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and CaHCOj (negative-sloping solubility curves) and CaC03' at the solubility minimum 
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6.4 INFLUENCES ON THE SOLUBILITY AND SATURATION STATE 
OF CARBONATE MINERALS 

12 

We will next examine the kinds of natural processes that can influence the dissolution or precipita
tion of carbonate minerals. The following discussion revolves around Fig. 6.7, which is a simplified, 
schematic version of Fig. 6.4, but considers only Ca2+ and Peo, and their relationship to calcite pre
cipitation or dissolution. The same arguments apply to other carbonate minerals, as well. 

6.4.1 Dissolution and Exsolution of CO2 

Groundwaters usually contain more dissolved CO2 than surface waters, especially because of the 
CO2 produced by decay and plant-root respiration in soil zones, which is picked up by percolating 
groundwater recharge. Surface waters generally contain CO2 concentrations near the atmospheric 
CO2 pressure of 10-3.5 bar, or slightly greater amounts, with the highest surface-water CO2 concen
trations associated with decaying organic matter (including that in sewage) or caused by the inflow 
of higher-C02 ground waters. When surface waters infiltrate through soils and sediments, they tend 
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to pick up additional CO2, making them less saturated with respect to calcite. However, groundwa
ters discharged into caves or streams generally exsolve CO2 to the atmosphere, which may lead to 
the precipitation of carbonate minerals. This CO2 loss is aided by stream turbulence (cf. Herman and 
Lorah 1987). 
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Decreasing and increasing the CO2 content of a water is shown schematically by horizontal ar
rows pointing tothe left (line A-B) and right (line D-E), respectively, in Fig. 6.7(a). The CO2 ex
solution pathway in Fig. 6.7(a) shows the water becoming supersaturated with respect to calcite 
(line A-B), followed by calcite precipitation under atmospheric CO2 pressures until equilibrium with 
calcite is reached at C. 

6.4.2 Photosynthesis, Aerobic Decay, and Respiration 

The photosynthesis reaction may be written in simplified form as 

CO2 + H20 --t ~C6HI206(glucose) + O2 (6.25) 

Aerobic decay and respiration are the reverse reaction, although the reaction is not reversible in a 
chemical sense. (See Chap. 5, Section 5.3.2). Photosynthesis occurs in streams, lakes, and the shal
low ocean where the water contains abundant aquatic vegetation. The process operates on a diurnal 
cycle, with maximum photosynthesis in the early afternoon during warm months. Because of CO2 
removal by aquatic vegetation, the pH may rise from about 6 or 7 to 10. The effect is most pro
nounced in slow-moving streams clogged with vegetation, where there are high N, P, and organic 
loadings derived from pollution. Such waters may become greatly supersaturated with calcite, as 
suggested by line A-B in Fig. 6.7(b). However, the kinetics of calcite precipitation is generally too 
slow for it to precipitate during a short diurnal cycle. Calcite supersaturation and precipitation, due 
in part to photosynthesis by aquatic vegetation, is common in lakes, especially in carbonate rock ter
ranes. Calcite supersaturation in lakes may persist throughout the year (cf. Driscoll et a1. 1994). 

Aerobic and anaerobic decay and respiration dominate the nighttime chemistry of surface wa
ters, leading to an increase in the CO2 pressure, such as described by line C-D. 

6.4.3 Evaporation 

Evaporation causing carbonate precipitation occurs in soils and surface waters. Line A-B in 
Fig. 6.7(c), positioned at atmospheric CO2 pressure (10-3.5 bar), describes the increase in Ca2+ with 
evaporation. If evaporation continues to point B, calcite precipitation takes place according to the 
reaction 

(6.26) 

which produces CO2 gas. Evaporation of all liquid water, as in a soil or a closed-basin lake reduces 
[H20] activity to values below unity and so further drives calcite prec'ipitation. 

In the southwestern United States and elsewhere in arid or semiarid climates, rainfall may 
largely evaporate at the land surface, or it may infiltrate into shallow soil horizons, evaporating there 
or as it returns toward the surface because of capillary forces. Resultant carbonate mineral layers are 
called caliche and may occur in and on soils, along with layers of chert (impure, precipitated Si02) 

and iron(II1) oxides, similarly formed, which are called silcrete andferricrete. 
Evaporative lakes are common in midcontinent regions in Australia, the western United States, 

southwest Canada, and Africa, for example. Depending upon the extent of evaporation and the 
amounts and compositions of inflowing waters, the first precipitates are calcite and, perhaps, dolo
mite, which may be followed by gypsum/anhydrite, then halite, and finally more complex sulfate, 
carbonate and halide salts (cf. Holland 1978; Berner and Berner 1987; Faure 1991). Similar se
quences of mineral precipitates may accumulate in restricted evaporite basins in equatorial areas 
(Berner and Berner 1987). 
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6.4.4 The Common Ion Effect 

Increases in the concentrations of calcium, bicarbonate or carbonate from sources other than the dis
solution of calcite may supersaturate a water with respect to calcite, causing it to precipitate. In the 
Floridan carbonate aquifer, groundwaters attain calcite saturation by contact with limestone, but then 
may become supersaturated with respect to calcite because of gypsum dissolution (Back and Han
shaw 1970; Wicks and Herman 1996). Calcium from the gypsum, which is far more soluble than cal
cite, drives the common ion effect reaction 

(6.27) 

If the common ion is calcium, then the reaction is described by a vertical arrow pointing upward in 
Fig. 6.7(d) (line A-B). With further dissolution of gypsum and Ca2+ increases, groundwater compo
sition then moves upward along the calcite saturation curve (line B-C) in Fig. 6.7(d) to higher CO2 

pressures. Point C will correspond to saturation with respect to gypsum, if the mineral is not com
pletely leached from the rock. 

6.4.5 Temperature 

Unlike the aluminosilicates and most other minerals, the carbonates have an exothermic heat of dis
solution, which means that their solubilities decrease with increasing temperature. For example, Ksp 

for calcite decreases from 10-8.38 at O°C to 10-851 at 30°C. The effect of temperature on the solubil
ity products of aragonite, calcite, and ordered dolomite is plotted in Fig. 6.8. The figure shows that 
between 0 and 90°C solubilities of the carbonates decrease by about 6-fold for aragonite and calcite 
and l4-fold for dolomite. !.hi~ decreasing solubility with temperature is magnified by the fact that 
the solubility of CO2 gas also declines with temperature. Keo, decreases from 10-1.11 to 10-1.52 be
tween 0 and 30°C. 

The combined effects of changes in temperature and in CO2 pressure on calcite and dolomite 
solubility are summarized in Table 6.3. Values in the table have been computed from the thermody
namic data in previous tables using the computer model PHREEQE (Parkhurst et al. 1990). The tem
peratures of 25 and 10°C are typical of shallow groundwaters in Florida and in the northeastern 
United States, respectively. The table shows the effect on solubility of a CO2 increase from the at
mospheric value of 10-3.5 bar, to a typical groundwater value of 10-2.5 bar, and a somewhat high but 
not unusual groundwater value of 10-1.5 bar (3.2% CO2), Solubilities can be seen to increase 5-fold 
with this 100-fold increase in CO2, (Remember the increase in solubility is roughly proportional to 
the cube root of the ratio of the CO2 pressures, or (10-1.5110-35)113 = 4.6 times). At the same time the 
pH at saturation with the carbonates drops from about 8.3 or 8.4 (typical of a surface water at calcite 
saturation) to about 7.0 or 7.1, reflecting the higher level of carbonic acid present at saturation at the 
lower pHs, which is typical of some groundwaters. Ordered dolomite is more soluble than calcite, 
although its rate of solution (and precipitation) is much slower (cf. Herman and White 1985). The 
temperature effect is important, but less pronounced than the CO2 effect. Calcite solubility thus drops 
by about 20% when the water temperature rises from 10 to 25 c C. 

6.4.6 Mixing 

Mixing of two waters can lead to either carbonate mineral supersaturation or undersaturation of their 
mixture. The effect can be simply understood for calcite from a plot of Ca2+ versus CO2(aq) (which, 
by convention, equals H2C03). On such a plot, shown in Fig. 6.9, saturation with respect to calcite 
is defined by a curve, whereas mixtures of two waters lie on a straight line connecting their com
positions. If we mix saturated waters of compositions A and B in Fig. 6.9, regardless of their 
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Figure 6.8 Solubility products of aragonite, calcite, and dolomite from 0 to 90°C at I bar 
pressure. The curves for aragonite and calcite are based on the empirical solubility data of 
Plummer and Busenberg (1982). The curve for dolomite is a plot of -log Ksp(dolomite) = 
-175.90 + 6835.4IT(K) + 68. 727 log T(K). This function is based on K,/ dolomite) = 10-1709 

and Mi,o = 9436 cal/mol K at 25°C (Nordstrom et al. 1990) and dC; = -136.6 cal/mol K 
at 25°C for the reaction CaMg(C03)2 = Ca2+ + Mg2+ + 2C05-, which is assumed indepen
dent of temperature. dC; for the dolomite dissolution reaction has been computed from the 
following C; data: C; values for dolomite and calcite (Robie et al. 1978), C"o for Ca2+ 
and Mg2+ (Tanger and Helgeson 1988), and C;(COJ-) = -43.0 cal/mol K based on dC"o = 
- 70.5 cal/mol K for CaC03 = Ca2+ + C05- (Plummer and Busenberg 1982). 

Chap. 6 

proportions, in a closed system all mixtures will be undersaturated and have compositions on the line 
A-B. If, for example, undersaturated mixture m results, it can further dissolve calcite until satura
tion is reached at point S. This is shown in Fig. 6.9 which is based on modeling mixed waters using 
the program PHREEQE (Parkhurst et al. 1990). It is also possible to mix undersaturated waters to 
create mixtures supersaturated with respect to the carbonate minerals. 

Mixing effects on carbonate mineral saturation are important in coastal regions, where mete
oric or brackish carbonate groundwaters mix with seawater, which is generally supersaturated with 
respect to calcite (cf. Fig. 6.10; and Folk and Land 1975; Back et al. 1986). Musgrove and Banner 
(1993) have also documented calcite supersaturation caused by mixing of regional fresh and saline 
groundwaters in Missouri, Kansas, and Oklahoma. Mixing may also be important in uncased wells 
that tap dissimilar carbonate ground waters with depth, as in the Floridan aquifer. 
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TABLE 6.3 The theoretical solubilities of calcite and dolomite in pure water at 25°C and 10°C for three 
CO2 pressures in bars 

25°C 

Calcite Dolomite 

log Pco, -3.5 -2.5 -1.5 -3.5 -2.5 -1.5 
Ca2+ 20 44 100 12 27 63 
Mg2+ 0 0 0 7.5 17 38 
HCO) 58 131 298 72 164 376 
pH 8.29 7.62 6.97 8.37 7.72 7.07 

WC 

Calcite Dolomite 

logPco, -3.5 -2.5 -1.5 -3.5 -2.5 -1.5 
Ca2+ 25 55 127 17 37 87 
Mg2+ 0 0 0 10 23 53 
HCO)- 74 166 380 98 223 514 
pH 8.31 7.65 7.00 8.43 7.78 7.12 

Note: Concentrations (in mg/L) have been calculated using the computer model PHREEQE (parkhurst et al. 1990). 

Although we have discussed separately the natural processes atlecting carbonate mineral sol
ubilities, in fact such processes often act together. For example, the calcite supersaturation observed 
in lakes and streams and shallow ocean embayments may result from the simultaneous operation of 
three processes. These include evaporation, CO2 removal by photosynthesis, and increases in tem
perature that reduce the solubilities of both CO2 and the carbonate minerals. 

Another example is the effect of mixing sewage with groundwater on carbonate mineral solu
bilities. Sewage is relatively high in TDS (including Ca2+) and in dissolved and suspended organic 
matter that, upon oxidation, produces CO2. When groundwater is contaminated by sewage (leaked 
from sewage disposal systems, sewage lagoons, septic tanks, sewage tile fields or injection wells, 
etc.), the result thus may be an increase in Ca2+ and in CO2 pressure in the mixture (see causative re
actions in Table 5.3, Chap. 5). The consequent CO2 pressure rise in the groundwater, which will gen
erally be the more important effect, increases the solubility of calcite and dolomite. (See carbonate 
groundwater analyses numbers 4,5,9, and 10, Table 6.7). 

A third example is the increasing solubility of calcite with depth in the ocean. Surface seawa
ter is generally supersaturated with respect to calcite, whereas at depths below about 500 m the 
oceans become undersaturated with calcite (cf. Drever 1988). For this reason there is a tendency for 
carbonate materials to dissolve and disappear with increasing depth as they settle into ocean bottom 
sediments. Reasons for the shift to undersaturation with increasing ocean depth include declining 
temperatures, increased pressure (see Chap. 1, Section 1.6.2), and increasing CO2 concentrations. 
The depth at which a pronounced reduction in the carbonate content of ocean sediments is observed 
is termed the calcite compensation depth (CCO). Because of the slow rate at which the calcite dis
solves, the CCO is found well below the approximately 500 m depth at which calcite becomes un
dersaturated. The CCO is thus at about 3.5 km depth in the Pacific Ocean and 5 km depth in the At
lantic Ocean (Orever 1988). 
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Figure 6.9 Solubility of calcite in pure water at 25°C and I bar total pressure as a func
tion of Ca2

+ and CO2(aq) concentrations. Waters with compositions below the curve are un
dersaturated and those above the curve are supersaturated with respect to calcite. The line 
A-B is the locus of compositions of mixtures of waters A and B. Mixture m resaturates with 
calcite at point S. From D. Langmuir. Physical and chemical characteristics of carbonate 
water. In Guide to the hydrology of carbonate rocks, P. E. Lamoreaux, B. M. Wilson. and 
B. A. Memeon, eds. © 1984 by UNESCO. Used by permission. 

6.5 THE SOLUBILITY OF DOLOMITE 

Chap. 6 

Dolomite is the second most abundant carbonate mineral after calcite. In their occurrences, dolomitic 
rocks are usually associated with limestones. In the crystal structure of ideal (ordered) dolomite. 
which is the thermoqynamically most stable phase, layers of carbonate groups are separated by and 
coordinated with alternating layers of calcium and then magnesium ions. In disordered dolomite, 
which is less stable than the ordered form, a significant number of calcium and magnesium ions are 
mixed throughout the cation layers. Recently formed dolomite tends to be disordered, whereas the 
dolomite found in older rocks, such as those of Paleozoic age, is usually well-ordered. The molar 
Ca2+/Mg2+ ratio in ordered dolomites tends to be close to unity, whereas that ratio in disordered 
dolomites is usually several percent enriched in calcium. In Table 6.1, solubility products are given 
for both ordered and disordered dolomite. As expected, ordered dolomite is less soluble than its dis
ordered form. 

Dissolution of ideal, stoichiometric dolomite may be written 

(6.28) 
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Figure 6.10 Saturation index of calcite in mixtures of seawater and freshwater in equi
librium with calcite at 25°C and different CO2 pressures. From L. N. Plummer, Mixing of 
seawater with calcium carbonate water, Geol. Soc. Am. Memoir 142. © 1975 by The Geo
logical Society of America. Used by permission. 
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which shows that a groundwater in equilitlrium with dolomite should have a Ca2+/Mg2+ molar ratio 
close to unity. However, because of the usual presence of limestones with dolomitic rocks, the 
Ca2+/Mg2+ ratio of groundwaters in carbonates is generally greater than unity. Assuming that equi· 
Iibrium can be attained between calcite and dolomite, we can write 

(6.29) 

for which, assuming YCa" '" YMg" 

[Ca2+] mCa2+ 
K = --~-~ = --.-~--

eq [Mg2+] mMg2+ (6.30) 

By algebraic manipulation of the calcite and dolomite Ksp expressions, we obtain 

mCa2+ [Ks (calcite)]2 
K = -- -- = - --~-----~----.--~ 

eq mMg2+ [Ksp(dolomite)] 
(6.31 ) 
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Figure 6.11 Stability relations among the calcium-magnesium carbonates at 25°C and 
I bar total pressure as a function of the mCa2+/mMg2+ ratio and CO2 pressure. The stippled 
field is that of ordered, well-crystallized dolomite. The plot shows that when dolomite is 
kinetically inhibited from precipitating, nesquehonite, hydromagnesite, or brucite can co
exist with calcite under metastable conditions. Huntite (not shown) is stable relative to 
crystalline dolomite for mCa2+/mMg2+ < 10-5 °. From D. Langmuir, Physical and chemical 
characteristics of carbonate water. In Guide to the hydrology of carbonate rocks, P. E. La
moreaux, B. M. Wilson, and B. A. Memeon, eds. © 1984 by UNESCO. Used by permission. 

With Ksp values for ordered and then qisordered dolomite from Table 6.1, we find (mCa2+)/(mMg2+) = 
1.35 and 0.38, respectively, at equilibrium between dolomite and calcite. 

Equilibrium reactions among all the calcium-magnesium carbonates can be written in terms of 
the CO2 pressure and mCa2+/mMg2+ ratio in water ([H20] = J). A diagram in which the phase bound-
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aries correspond to these reactions is shown in Fig. 6.11. The crosshatched rectangle includes the 
compositions of nearly all carbonate groundwaters and surface waters, with the latter having the 
lower CO2 pressures. The figure shows that because dolomite cannot easily precipitate for kinetic 
reasons, most natural waters lie within the calcite field. If, in fact, dolomite precipitated readily from 
waters having compositions within its stability field, then the common precipitation of calcite (and 
aragonite) from seawater and their coprecipitation ~ith nesquehonite or hydromagnesite in cave de
posits and surface sediments would not be observed. 

Although a huntite stability field is not shown, for PeQ, > 10-2 bar we compute that huntite is 
thermodynamically stable relative to crystalline dolomite and nesquehonite for mCa2+/mMg2+ val
ues between 10-503 and 10-747 , respectively. If huntite is capable of precipitating, but for kinetic rea
sons dolomite is not, the stability field of huntite for P co, > 10-2 bar lies between mCa2./mMg2+ = 
10-1.59 (the calcite/huntite boundary) and = 10-747 (the huntite/nesquehonite boundary). Because 
mCa2+/mMg2+ ratios below 10-2 are rare in natural waters, huntite precipitation must generally occur 
metastably, under conditions when dolomite is the stable phase. Similarly, the magnesium carbon
ates are nearly always precipitated under conditions when they are metastable relative to huntite and 
dolomite. 

6.6 OPEN AND CLOSED CARBONATE SYSTEMS 

In an open carbonate system the CO2 gas pressure is assumed constant, and unaffected by changes 
in gaseous-aqueous CO2 exchange rates or by the differential consumption or production of CO2 
by reactions in the groundwater. Such conditions imply the presence of a large gaseous CO2 reser
voir. Examples may include the atmosphere in contact with surface waters or the subsurface gas 
phase in contact with soil moisture in porous and permeable soils or with groundwaters at the water 
table in porous and permeable geological materials, such as sands and gravels or cavernous carbon
ate rocks. 

Because the CO2 pressure is fixed, H2COl' is also fixed. Given H2C03' and pH and ignoring ion 
pairing and activity coefficients, corresponding concentrations of Cr, HC03, and CO~- can be ob
tained using Eqs. (5.17) to (5.21) in Chap. 5. This approach has been used to construct Fig. 6.12, 
which assumes open-system conditions and a fixed CO2 pressure of 1O-J5 bar. The line denoting the 
Ca2+ concentration at calcite saturation has been computed from Ksp(calcite) and the value for 
CO~-. The plot shows a rapid increase in bicarbonate and carbonate species concentrations above 
pH 6 in the open system where the CO2 consumed in the dissolution of calcite is continuously re
plenished by gaseous exchange. At the same time calcite solubility as Ca2+ decreases rapidly with 
increasing pH. 

A closed carbonate system is defined as one in which the carbon dioxide (carbonic acid) ini
tially present in the water is not replenished as it is consumed in carbonate mineral dissolution. This 
may simply reflect that soil moisture/infiltration is charged with CO2 chiefly in the A horizon of the 
soil, whereas carbonate mineral dissolution by H2C03' takes place at greater depths in the soil C hori
zon or below the water table in the absence of further sources of carbon dioxide. (There may be, how
ever, sources of additional CO2 at depth, including pollution. See Chap. 5.) 

The equation describing the change in bicarbonate concentration with pH during the c1osed
system dissolution of calcite may be derived as follows (cf. Langmuir 1971c). First, the dissolution 
reaction is written 

(6.32) 
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Figure 6.12 Concentrations of total carbonate (CT) and carbonate species as a function of 
pH for the open-system dissolution of calcite in pure water at 25°C and I bar total pressure. 
Peo, is assumed constant at 10-1.5 bar, which corresponds to [H2COf) = 10-3.0 mol/kg. The 
curve showing Ca2+ concentrations at calcite saturation is also shown. 

II 

This equation indicates that for every mole of carbonic acid consumed, two moles of bicarbonate are 
produced. In differential terms this statement corresponds to 

(6.33) 

Next we differentiate the expression for K,(H2C03) to obtain 

d(H2COD = _1 (H+) d(HCO:3) + ~- (HCO:3) dW 
K, K, 

(6.34) 

Eliminating d(H2COn between Eqs. (6.33) and (6.34), and rearranging gives 

(6.35) 
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This can be integrated with the result 

c 
(HCO-) - -

3 -- KI + 2(W) 
(6.36) 

where C is the constant of integration, constant for a given closed-system water. 
If we assume, in this case, that initially (H2COJ) = 1O-3 (}O mol/kg at pH = 3.00, we can deter

mine (HCO:J) for these same conditions through the expression for K1(H2C03) to find (HCO)) = 
10-6.36 mollkg. Substituting this value into Eq. (6.36) gives C = 10-905 mol/kg. This allows us to solve 
for values of bicarbonate as a function of pH for the initial conditions just given in this closed-sys
tem case. Corresponding concentrations of total carbonate, Cr, H2C03', and CO~- obtained ignoring 
ion pairing and activity coefficients, can be computed from the HCO:l value and the pH using the 
dissociation constant expressions for carbonic acid. The results of these calculations are plotted 
in Fig. 6.13, along with the Ca2+ concentration curve at calcite saturation, computed as in the 
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Figure 6.13 Concentrations of total carbonate (Cr) and carbonate species as a function of 
pH for the closed-system dissolution of calcite in pure water at 25°C and I bar total pres
sure. The initial concentration of [H2C031 is assumed equal to 10-30 mol/kg at pH::: 3. The 
curve showing Ca2+ concentrations at calcite saturation is also shown. 

II 



214 

500 

200 

! 
IS 100 

~ 

50 

20 
7.0 

Carbonate Chemistry 

12°C 

No CO2 added 

No CO2 added 

7.5 8.0 

pH 

Figure 6.14 Idealized, end-member approaches to mineral saturation of groundwater. 
dissolving calcite or dolomite at 12°C and I bar total pressure. Open-system dissolution 
pathways are labeled with fixed values of Pco,. Closed-system pathways are labeled "no 
CO2 added." Reprinted from Geochim. et Cosmochim. Acta, 35, D. Langmuir, The 
geochemistry of some carbonate ground waters in central Pennsylvania, 1023-45, © 1971, 
with permission from Elsevier Science Ltd, The Boulevard, Langford Lane, Kidlington 
OX5 1GB, U.K. 

Chap. 6 

open-system case. Comparison of Figs. 6.12 and 6.13 shows that closed-system dissolution of car
bonate minerals may lead to lower concentrations of CT , Ca2+, Mg2+ and carbonate alkalinity in sub
surface waters at saturation with calcite and dolomite than observed in the open-system case. 

The same equations and general approach have been used to construct Fig. 6.14 in which the 
"no CO2 added" curves show the pathways of carbonate mineral dissolution for closed-system 
conditions, and the fixed CO2 pressure lines indicate the trend of open-system dissolution of the 
carbonates. 
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Figure 6.15 Plot of pH versus HCO) values for 
29 spring waters from carbonate rocks in central 
Pennsylvania. Regression lines are drawn assum
ing HCO:l or pH as the independent variable. Also 
shown is the line for P C02 = 10-22 bars at 12°C. 
Reprinted from Geochim. et Cosmochim. Acta, 
35, D. Langmuir, The geochemistry of some car
bonate ground waters in central Pennsylvania, 
1023-45, © 1971, with permission from Elsevier 
Science Ltd, The Boulevard, Langford Lane, Kid
lington OX5 1GB, U.K. 

Figure 6.16 Plot of pH versus HCO) values for 29 well 
waters from carbonate rocks in central Pennsylvania. Re
gression lines through the data are drawn assuming HCO:l or 
pH as the independent variable. Also shown are theoretical 
solubility curves for calcite and dolomite. Reprinted from 
Geochim. et Cosmochim. Acta, 35, D. Langmuir, The geo
chemistry of some carbonate ground waters in central Penn
sylvania, 1023-45, © 1971, with permission from Elsevier 
Science Ltd, The Boulevard, Langford Lane, Kidlington 
OX5 1GB, U.K. 

Most natural waters, and especially subsurface waters, evolve under conditions intermediate 
between open and closed. Thus, between the points of recharge and discharge of a groundwater, car
bonate solution may occur first under open conditions and later under closed conditions. A given 
spring or well water may then be a mixture of waters that have flowed variously under open- or 
closed-system conditions. 

Figure 6.15 is a plot of the pH versus bicarbonate content of 29 springwaters issuing for car
bonate rocks in central Pennsylvania. Most are undersaturated with respect to calcite. Although the 
correlation is weak, the trend in Fig. 6.15 suggests that the springwaters, which have subsurface ages 
ranging from several days to years, may have evolved under open-system conditions at a CO2 pres
sure of roughly 10-2.2 bar. A similar plot in Fig. 6.16 for 29 well waters from the same area indicates 
(as does Fig. 6.17) that most of the well waters are at or near saturation with respect to calcite and 
dolomite. 

Based solely on the groundwater chemistry of springwaters or well waters, there is no way to 
establish whether groundwaters have evolved under open- or closed-system regimes. However, dif
ferences in the stable carbon-isotope ratios of the carbon in (a) local soil gas CO2 in the zone of 
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Figure 6.17 Saturation index of calcite (SIC> plotted against the index for dolomite (SId)' 
for 29 springwaters and 29 well waters from carbonate rocks in central Pennsylvania. 
Springwaters are denoted by open symbols; well waters by solid symbols. Triangles denote 
a limestone (especially calcite) source rock; circles denote a dolomite source rock. SI .. = Sid 
along the dashed line. Crosshatched area shows the limits of uncertainty in the saturation 
indices. Reprinted from Geochim. et Cosmochim. Acta, 35, D. Langmuir, The geo
chemistry of some carbonate ground waters in central Pennsylvania, 1023-45. © 1971, with 
permission from Elsevier Science Ltd, The Boulevard, Langford Lane, Kidlington 
OX5 1GB, U.K. 

groundwater recharge, (b) carbonate rock CO~-, and (c) dissolved carbonate species in the ground
water, provide unique, additional information. This isotopic (813C) data indicate that most of the 
same 58 springwaters and well waters have evolved under dominantly closed-system conditions 
(Deines et al. 1974). 

6.7. THE SATURATION STATE OF NATURAL WATERS 
WITH RESPECT TO CALCITE AND DOLOMITE 

Laboratory and field studies indicate that calcite dissolves more rapidly than dolomite and that ap
proaching equilibrium with respect to these minerals by dissolution, starting with fresh, undersatu
rated waters (the only way one can approach dolomite saturation), takes from weeks to months 
(cf. Plummer et al 1979; Herman and White 1985). A rapid increase in temperature, mixing of waters, 
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the addition of a common ion, evaporation, or CO2 loss by exsolution or through photosynthesis 
can all create supersaturated conditions or, at least, accelerate the approach to saturation with the 
carbonates. 

In Chap. I we introduced the concept of the saturation index (Sf), which is defined as SI == 
IOglO (lAPIKsp)' In this expression lAP is the ion activity product of the mineral computed from the 
water analysis and Ksp its solubility product for the same temperature and pressure. For a water at 
saturation, lAP == Ksp and SI == O. lAP> Ksp and SI> 0 indicates the water is supersaturated with the 
mineral, with lAP < K,p and SI < 0 denoting undersaturated conditions. 

In order to make the saturation indices of carbonates roughly comparable, one can normalize 
their SI values to the same mole number of carbonate groups or of cations. Thus, if SId is the satura
tion index of dolomite, and K" and lAP" its solubility and ion activity products, we write 

(6.37) 

Similarly, for calcite, 

SIc == log (lAPJKJ (6.38) 

Taking into account probable uncertainties in the field-measured pH (usually about ±O.05 pH units) 
lab-analyzed Ca"+, Mg2+, and HC03 values, ionic strength and equilibrium constants involved, 
Sf values for the carbonates so deflncd are probably known to ±O.1 units at best (Langmuir 1971c). 

Figure 6.17 is a plot of computed Sfc versus SId values for some springwaters and well waters 
in carbonate rocks in central Pennsylvania. First, it is clear that groundwater concentrations of cal
cium, magnesium, and carbonate species are limited by the solubilities of calcite and dolomite. Sec
ond, the well waters are closer to saturation with the carbonates than are the springwaters. This re
flects the fact that wells are most often drilled in convenient locations for users and only fortuitously 
tap into the high-yielding cavernous or weathering-enlarged fractured zones in carbonate rocks that 
feed springs. For this reason most well waters are relatively isolated from fresh recharge and have 
longer residence times to dissolve the rock than do most springwaters. The residence times of spring
waters are as short as a few days to weeks, versus well-water residence times of months to years 
(Langmuir 1971 c; Jacobson and Langmuir 1974). Also evident from Fig. 6.17 is the fact that spring
waters are closer to saturation with respect to calcite than with dolomite. This is because most of the 
springs flow in limestone not dolomite, since the limestone is more readily weathered to create the 
high-permeability zones characteristic of spring systems. Such studies also show that even in car
bonate ground waters highly polluted with sewage or landfillieachates, concentrations are limited by 
saturation with respect to calcite and dolomite. In fact, many of the data points plotted in Fig. 6.17 
are for such polluted wells and springs. (See Table 6.7). 

6.8 SOLUBILITIES OF OTHER CARBONATE MINERALS 

Although the Ca-Mg carbonates constitute the most frequently encountered carbonate minerals, 
other metal carbonates can also be important. Of these, the most abundant are siderite (FeCO,) and 
rhodocrosite (MnC03). The divalent metal carbonates typically occur as solid solutions and so con
tain trace to major amounts of one or more secondary metal cations (cf. Reeder 1983). Solubilities 
of some binary metal-carbonate solid solutions are known (cL Glynn 1990). 

Table 6.4 lists formulas and solubility products of the pur~ carbonate minerals. The I: I car
bonates of divalent Fe, Mn, Zn, Cd, Co, Sr, Pb, U02, are all less soluble than calcite and, in fact, the 
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TABLES.4 Solubility products of some carbonate minerals at 25°C and 1 bar pressure 

Mineral Formula pKsp (-log Ksp) Source 

calcite CaC03 8.33-8.48 1,2 

magnesite MgC03 4.9?, 7.93,8.03 3,3,4 

siderite FeC03 10.45-10.89 2 

rhodocrosite MnC03 10.39-11.13 2 

smithsonite ZnC03 9.92, 10.8 5,6 
NiC03 6.87 7 

otavite CdC03 11.21, 11.49,12.\4 5,8,9 

cobaltocaIcite CoC03 9.98 7 

aragonite CaC03 8.34 2 

witherite BaCO, 8.56,8.69 2,7 

strontianite srCo3 9.27 2 

cerrusite PbC03 12.80, 13.13 10,7 

rutherfordine U02CO, 14.44 II 

malachite CU2C03(OHh 33.78 12,13 

azurite CuiC03h<OHh 45.96 12,13 

hydrozincite ZnS(C03)2(OH)6 74.3 6 

hydrocerrusite Pb3(C03MOHh 46.9 14 

hydromagnesite MgS(C03MOH)2 . 4H2O 35.0 3 
dolomite (ordered) CaMg(C03h 17.09 2 
dolomite (disordered) CaMg(C03h 16.54 2 

huntite CaMg3(C03)4 29.15 3 

ankerite CaFe(C03h 20.5 15 

kutnahorite CaMn(C03h 19.83, 21.81 16,17 

alstonite BaCa(C03h 17.99 5 

barytocaIcite BaCa(C03)2 17.84 5 

artinite Mg2C03(OHh . 3H2O 15.4 3 

zaratite Ni3C03(OH)4 . 4HP >33.2 18 

nesquehonite MgC03 ·3H2O 5.58 3 
lansfordite MgC03 ·5H2O 5.45 3 

Note: The more common rock-forming minerals are italicized (cf. Deer et al. 1992). Single pK,p values are presumably for 
well-crystallized, least soluble forms. Where pK,p ranges are given, they reflect the solubility range between relatively amor
phous and well-crystallized forms. pKsp values have been computed assuming specific solution speciation models (e.g., spe
cific complexes and complex stability constants), which must also be used when these constants are employed in mineral sat
uration index calculations. 
Source: (I) Busenberg and Plummer (1989); (2) Nordstrom et al. (1990); (3) See Table 6.1, footnotes; (4) Allison et al. (1991); 
(5) Wagman el al. (1982); (6) Schindler (1967); (7) Smith and Martell (1976); (8) Rock et al. (1994); (9) Stipp et al. (1992); 
(10) Robie et al. (1978); (11) Grenthe et al. (1992); (12) Silman (1958); (13) Duby (1977); (14) Based on information in Baes 
and Mesmer (1976); (15) Estimated by Woods and Garrels (1992). See also Davidson et al. (1994); (16) Garrels et al. (1960); 
(17) Mucci,(I99I); (18) Based on K,p(NiC03) this table and free energy data for related suhstances from Wagman et al. (1982), 
and the argument that zaratite (a mineral) is at least as thermodynamically stable as NiCOl (not reported as a mineral) for 
Peo, = 10-3.5 bar and [H20] = 1 (see Palache et al. 1957). 

Fe, Mn, Zn, Cd, Pb, and V02 carbonates are over 100 times less soluble, In most cases (except in 
some ore deposits), the Zn, Cd, Co, Sr, Pb, and V02 carbonates come to equilibrium in systems that 
are first saturated with respect to rock-forming carbonates (e.g., calcite, dolomite, rhodocrosite, or 
siderite). For these conditions, maximum concentrations of the trace divalent metals are limited by 
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solubilities of the rock-forming carbonates. Such control may be evident from metal cation concen
tration ratios in groundwater. For example, at saturation of the water with respect to calcite and 
rhodocrosite we may write 

(6.39) 

for which, assuming equal ion activity coefficients for the cations, it is easy to show 

Kc [Ca2+] mCa2+ 

Ke'l = K, = [Mn2+ J '" mr..,i~i+ (6.40) 

where Kc and K, are solubility products of calcite and rhodocrosite, and the ratio is of the free (un
complexed) metal cations. Now, assuming Kc = 10-848 and K, = 10-1113, we find mCa2+/mMn2+ = 
447/1. Thus, if Ca2+ = 40 mg/kg, Mn2+ is limited to about 0.12 mg/kg at equilibrium. 

Example 6.1 

Healing Spring is a thermal (27.5°C) artesian water of prevalent chemical character Ca > 
Mg: HC03 > S04 issuing from limestone in northwest Virginia (Helz and Sinex 1974). The 
water has an ionic strength of 1.76 x 10-2 mol/kg, and a field-measured pH of 6.84. The chem
ical analysis (number 6 in Table 6.7) shows ICa = 123 mg/kg, 1:Fe(II) = 1.30 mg/kg, and 
IHC01 = 460 mg/kg. We will address the following questions: 

(a) Are Ca and Fe(lI) concentrations contolled by saturation with respect to calcite and 
siderite? Is the mCa2+/mFe2+ ratio limited by saturation with both minerals? Inputting the 
complete water analysis from Table 6.7 into MINTEQA2 we obtain SIc = 0.072 and SIs = 
0.065, with a probable uncertainty of about iO.1 SI units, indicating perhaps slightly su
persaturated conditions for both carbonate minerals. MINTEQA2 assumes Kc = 10-8.49 and 
K, = 10-1058 at 25°C. The ratio mCa2+/mFe2+ = 2.723 x 10-3/2.180 x 10-5 = 125/1. In ex
cellent agreement, K)K, = 123/1. 

(b) Might the slight supersaturations obtained for calcite and siderite have resulted from an 
error in the measured pH? Given the computed apparent CO2 pressure of 10-118 bar, CO2 

gas would tend to exsolve during sampling to give a positive error in the field-measured 
pH (cf. Pearson 1978). Assuming the pH should have been 0.07 units lower (pH = 6.77), 
we obtain SIc = 0.002 and SI, = -0.005. 

Siderite and rhodocrosite may approach saturation when acid mine waters are neutralized by 
contact with carbonate rocks. Figure 6.18 shows the trend toward saturation with respect to carbon
ate minerals of some surface waters and ground waters affected by bituminous coal mining (Gang and 
Langmuir 1974). Plotted are the saturation indices of various metal carbonates versus the index for 
calcite. The plots show that siderite and rhodocrosite reach equilibrium in some streams (probably 
because of CO2 loss), whereas calcite and the other carbonates remain undersaturated in all samples. 

6.9 EXPLANATION FOR CARBONATE MINERAL SUPERSATURATION 

There are a variety of potential explanations for carbonate mineral supersaturations that exceed un
certainties in the saturation indices of the pure, well-crystallized carbonates (about iO.l SI units for 
calcite). As discussed earlier in this chapter, calcite supersaturation in surface-waters may result from 
a temperature increase, evaporation, and/or a loss in CO2 to photosynthesis or by ex solution to the 
atmosphere. Mixing of surface-waters or ground waters can also produce a supersaturated mixture. 
The dissolution of more soluble gypsum causes calcite supersaturation in some ground waters of the 
Floridan aquifer. 
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There are other possible explanations when a model calculation indicates a water is supersat
urated with respect to one or more carbonate minerals. They include: (\) the use of inaccurate, in
consistent, or incomplete thermodynamic data for carbonate minerals and aqueous complexes; 
(2) nonstoichiometry (i.e., solid solution) and/or small (submicron) particle sizes of the carbonates, 
making them more soluble than the well-crystallized pure phases assumed in the calculation 
(cf. Busenberg and Plummer 1989); (3) different solution models used to define the mineral K,p and 
in the calculation of saturation state in a natural water; (4) inhibition of carbonate nucleation by ad
sorbed substances (cf. Inskeep and Bloom 1986); and (5) slow nucleation and precipitation rates that 
require times exceeding residence times of the water in the water-rock system (cf. Herman and Lorah 
1987). The same possible explanations apply to model-computed supersaturations obtained for non
carbonate minerals. 

When attempting to explain a mineral saturation state that appears unreasonable, one should 
first consider whether the mineral of interest is known to be present in contact with the natural water, 
and has the same composition and stability as the phase listed in the geochemical model's thermo
dynamic data base. Data bases often include only the stability constants of pure, well-crystallized 
phases, whereas the natural phases are often impure solid solutions with enhanced solubilities be
cause of poor crystallinity and small particle sizes. Table 6.4 gives a range of K,p values for chemi
caIly pure calcite, siderite, rhodocrosite, otavite, and dolomite. The greatest solubilities are presum
ably for materials of smallest particle size and poorest crystallinity (e.g. protodolomite). The plot in 
Fig. 6.19 shows that the solubility range for a carbonate is roughly proportional to its pKsp- Thus, 
poorly crystalline calcite and otavite are roughly 1.4 times and 8.5 times more soluble than their most 
stable forms. A similar pK,p versus opKsp correlation is found for metal oxide and hydroxide miner
als and can be expected for the other carbonates, although the data are incomplete. 

Precipitated modern marine carbonates often contain several percent Mg substituting for Ca 
and/or small amounts of sulfate substituting for carbonate, both of which may decrease calcite sol
ubility if present in small amounts (below 1 to 2%) but make it more soluble at higher concentra
tions of the minor constituents (cf. Mackenzie et al. 1983; Busenberg and Plummer 1985). Recent 
marine carbonates also tend to be of small particle size and may include aragonite and protodolomite 
(disordered dolomite). Combined with inhibition etTects (sec below) such factors can create waters 
that are supersaturated with respect to well-crystallized calcite and dolomite, as in seawater and the 
Floridan and Yucatan (Mexico) aquifers (see Table 6.7 in Section 6.11, analyses 3, 7, 10, and 11; 
Back and Hanshaw 1970; Plummer 1977). The dense, Paleozoic-aged carbonate rocks in contact 
with most fresh continental groundwaters, however, have been recrystallized and approach the stoi
chiometry and solubilities of pure calcite and dolomite (cf. Langmuir 1971 c). 

Jl:lcobson and Langmuir (1974) pointed out that if one ignored the ion pairs CaHCOj and 
Cl:lCOJ', the solubility product of calcite at 25°C was 10-842. Including the pairs in the calculation of 
Kc (K,pl calcite]) led to Kc = 10-R47 (Plummer and Busenberg 11982J suggest Kc = 10-848 with the pairs 
present). Thus, to a good approximation one would expect to compute the same calcite-saturation 
index for a water assuming the higher solubility and no pairs as with the lower solubility assuming 
the pairs are present. The key issue is what does the computer model we arc using assume? Further, 
even assuming ion pairs are present, the choice of pairs and their stabilities may differ. For example, 
MINTEQA2 assumes for well-crystallized siderite K, = 10 .. 1055 at 25°C, and ignores ferrous car
bonate and bicarbonate ion pairs. Estimation and literature analysis suggest association constants of 
K(FeHCOD = 1020 (Nordstrom et al. 1990), and K(FeCO~) = 1051 , consistent with a significantly 
smaller Kw Bruno et al. (1992) adapt a different solution model with no bicarbonate ion pair, but as
sume I: I and 1:2 ferrous carbonate pairs, and so obtain K, = 10-108 . All of this suggests the need to 
ascertain that the Ksp value we have chosen was computed using the same solution model that is 
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Figure 6.19 Plot showing the increasing difference in pKsp values (8pKsp) between well
crystallized and relatively amorphous forms of carbonate minerals and the pKsp value of the 
crystallized form. Data are from Table 6.4. 

employed in a code such as MINTEQA2 if we would obtain meaningful speciation and mineral sat
uration results from geochemical computer modeling. 

It has long been known that the magnesium in seawater inhibits calcite nucleation, resulting 
in the precipitation of more soluble and fine-grained aragonite and Mg calcites (cf. Plummer and 
Busenberg 1982). Adsorption of other substances can also slow dissolution, prevent nucleation, and 
inhibit carbonate crystal growth (cf. Hooghart and Posthumus 1990). Known inhibitors include Mg 
and also P04, S04, Sr, Ba, Pb, and organics, with the latter being a more effective inhibitor than the 
inorganics at lower concentrations. Hoogart and Posthumus (1990) note, in fact, that a few mg/L of 
organics are added to process waters to prevent carbonate-scale formation in industrial water treat
ment and in the petroleum industry. 

At some level of calcite supersaturation, depending on the concentration and reactivity of in
hibitors and other kinetic factors, calcite tends to nucleate and precipitate. Herman and Lorah (1987) 
noted previous field studies in which calcite precipitation did not occur until CO2 outgassing had 
raised calcite supersaturation levels to 5 or 10 times above equilibrium. In their own work on Falling 
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Spring Creek, Virginia, they observed some calcite precipitation at SI, (calcite saturation index) val
ues between +0.1 and +0.7. Major precipitation of calcite as travertine took place at a waterfall where 
the local turbulence facilitated CO2 outgassing. The CO2 loss caused the water to exceed calcite sat
uration by up to 20 times (SI, = + 1.3). 

Jenne (1992) suggests that in the presence of a few mg/L of inhibiting DOC, which is com
mon in many ground waters, SI, values may have to exceed +0.3 or more for calcite nucleation and 
precipitation. (See also Appelo and Postma 1993.) Jacobson et al. (1971) reported no carbonate pre
cipitation in a stream in which SIc values averaged 0.74 diurnally and were as high as 1.5 (see below). 
These experiences, presumably reflect both nucleation-inhibition effects and the relatively slow rate 
of calcite precipitation compared to the residence times of streams. 

6.10 A SURFACE-WATER CARBONATE SYSTEM: SLAB CABIN RUN 

The data in Table 6.5 are for Slab Cabin Run, a small stream (-60 Lis) in central Pennsylvania. The 
stream flows over alluvial muds in a valley underlain by limestone and dolomite rocks. Its waters 
originate as springs issuing from the carbonate rocks about 3 km upstream. The small standard de
viations in the averages for Ca2+, Mg2+, CB (total alkalinity), and specific conductance in Table 6.5 
indicate that overall stream chemistry does not change during the day. These values presumably re
lIect the constant composition of springs feeding Slab Cabin Run. At the time of sampling (May 28 
and 29) the stream was clogged with green aquatic vegetation. The following discussion is intended 
to help explain controls on the carbonate chemistry, including the calcite saturation state of the 
stream and its carbon isotopic composition (ODC) over the 30-hour period. 

First, we must define Ol3C and the concept of isotope fractionation (cL Deines et a!. 1974; 
Faure 1991; Stumm and Morgan 1996). The atomic weight of natural carbon is 12.0 II. Of this, about 
98.9% occurs as the stable isotope 12C with a nominal atomic weight of exactly 12 atomic mass units 
(amu) and 1.1 % as stable i3C with an atomic weight of 13 amu. A variety of natural processes can 
lead to small changes in these proportions, which are conventionally expressed in terms of Ol3C 
where 

Oi3C (%0) = [i3c;!12C0safllPle).-=_ 13C~2C(S!and~Ed)J x to3 

I3C/12C(standard) 
(6.41) 

The standard is a marine carbonate fossil (calcite-PDB belemnite; or PDB) for which, by definition, 
Ol3C = 0%0 (zero per mil). When a reaction or process leads to a change in onC, the change is termed 
isotope fractionation. Negative Oi3C values, which reflect enrichment in 12C, are described as iso
topically light. Positive (or less negative) values identify nC-enriched carbon and are termed iso
topically heavy. Some typical oi3e values for natural carbon are: marine limestone and dolomite, +5 
to -3%0; ocean water bicarbonate, -2%0; atmospheric CO2, -7%0; freshwaters, -5 to -10%0; coal, 
land plants, soil organic matter, and respired CO2, -22 to -29%0 (cL Mason and Moore 1982). 
Aquatic plants preferentially extract 12C over i3C for growth during daylight hours for photosynthe
sis, leaving behind isotopically heavier dissolved carbonate species. Plants respire light carbon 
throughout the day, but the comparatively small contribution of respiration to oi3C values may be 
unimportant, except at night. 

The data in Table 6.5 have been input into MlNTEQA2 to compute the concentrations of 
HCO I, CO~-, OH, H2C03, CT , and in bars, and the saturation indices of calcite and dolomite. These 
values (except for SId) are listed in Table 6.6. Measured and computed study results are also plotted 
in Fig. 6.20. Most variables have been plotted against the computed apparent CO2 pressure. Given 
the constancy of Ca2+, Mg2+, CB, and specific conductance as shown in Table 6.5, it is clear that 
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TABLE 6.5 Chemical, carbon isotopic, and solar radiation analyses for Slab Cabin Run, Nittany Valley, State College, PA 

Total SpC Solar rad. 
May Ca2+ Mg2+ alkalinity DO (pmhos/em) ol3C daily cum. 

Sample date Time TOC (mM) (mM) (mM) (mM) pH 25°C (%0) (Iangleys) 

I 28 1430 16.5 1.05 0.66 2.72 0.363 9.18 336 -11.5 412 
2 28 1830 14.8 1.00 0.66 2.77 0.313 8.94 332 -12.2 502 
3 28 2300 10.4 1.02 0.66 2.84 0.266 8.03 330 -12.5 504 
4 29 0445 8.4 0.97 0.70 2.77 0.338 7.76 331 -12.9 0 
5 29 0930 10.0 0.97 0.66 2.82 0.375 8.46 336 -11.7 106 
6 29 1400 16.5 1.00 0.66 2.84 0.359 9.42 338 -10.9 305 
7 29 1800 14.5 1.00 0.70 2.82 0.313 8.88 333 -11.5 369 
8 29 2000 13.1 1.02 0.70 2.82 0.275 8.54 335 -12.0 376 

Average 13.0± 3.1 J.OO ± 0.02 0.675 ± 0.019 2.80± 0.04 334±3 
±ISD 

Source: Jacobson et. al. (1971). 



Sec. 6.11 The Carbonate Mineral Saturation State 225 

TABLE 6.6 Computed carbonate speciation, CO2 pressure, total carbonate CT, and calcite saturation 
index, SIc, of samples 1-8 from Slab Cabin Run 

HCOj CO~- OH H2COJ' -log Pco, Cr 
Sample (mM) (mM) (mM) (mM) (bars) (mM) Sic 

I 2.103 0.152 0.0084 0.0027 4.13 2.421 1.34 
2 2.380 0.095 0.0042 0.0052 3.85 2.590 1.12 
3 2.766 0.012 0.0004 0.0460 2.92 2.863 0.24 
4 2.720 0.006 0.0002 0.0818 2.68 2.840 -0.088 
5 2.678 0.031 0.0009 0.0165 3.37 2.778 0.62 
6 1.913 0.240 0.0146 0.0014 4.41 2.380 1.50 
7 2.464 0.085 0.0036 0.0061 3.78 2.659 1.07 
8 2.635 0.040 0.0015 0.0140 3.43 2.755 0.76 

Source: Based on the data in Table 6.5. 

changes in pH, 013C, Peo" SI, and Sid are a consequence of diurnal changes in the dissolved CO2 

content of the stream. The maximum CO2 pressure of 10-268 bar measured at 4:45 A.M. is close to 
the CO2 level in springs at the stream source, perhaps slightly elevated by respiration and decay. 
Lowest CO2 pressures of 10-413 and 10-441 bar are recorded in early afternoon on both days at times 
of maximum CO2 removal during photosynthesis. The inverse dependence of pH and Peo, at con-
stant HCO) is described by the equation . 

(
YHCO,mHCO.l) log Peo, = -pH + log - ~'.' ---

Kco.K l 

(6.42) 

(Eq. [5.27J, Chap. 5) in which the right term is practically constant during the study. That the sat
uration indices and log Pco, are inversely related should be obvious from earlier discussion in this 
chapter. 

We noted above that green plants preferentially extract light carbon for growth. This explains 
why the heaviest Oi3C values and lowest CO2 pressures in the stream are measured in early after
noon. Lightest Oi3C values and maximum CO2 pressures are observed at night, when respiration and 
decay are dominant processes in the stream. 

6.11 THE CARBONATE MINERAL SATURATION STATE OF SOME 
REPRESENTATIVE GROUNDWATERS AND SEAWATER 

Chemical analyses of 10 groundwaters from springs and wells in carbonate rocks are shown in 
Table 6.7, along with their apparent CO2 pressures and saturation indices with respect to calcite and 
dolomite, which have been calculated using the computer model SOLMINEQ.88 (Kharaka et al. 
1988). The composition of seawater and its modeled carbonate-mineral saturation state is also 
shown. SOLMINEQ.88 calculates the concentrations of ion pairs, such as CaHCO} and MgS04', and 
uses the Truesdell-Jones equation to compute ion activity coefficients. (See Chap. 4.) 

These waters are derived from both pristine and polluted carbonate systems. The analyses are 
ordered according to their increasing TDS contents. The freshest waters have a prevalent chemical 
character (PCC) of the calcium-bicarbonate type. As TDS values increase, the waters become rela
tively more enriched in Na, CI, and/or S04' The high Na and Cl content of analysis number 9 in 
Table 6.7 (TDS = 1269 mg/L) is derived from its pollution by sewage. The even higher Na and CI 
concentrations of analysis number 10 refleet the fact that waters in the X-Can well, which is in coastal 
Yucatan, have been mixed with seawater. 
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TABLE 6.7 Chemical analyses of carbonate groundwaters from the United States and Mexico and of seawater 

Analysis number If 2+ 3* 4" 5# 6 ft 7§§ 8"" 9## lO+t+ II tt+ 

Si02 12 5.1 31 0.4 4.4 
Fe2+ 1.30 0.023 
Ca 34 54.9 94 60.8 71 123 106 276 133 145 404.2 
Mg 5.6 23 28 57.4 61 36.9 60 58.4 54.2 166 1269 
Na 3.2 6 16 25.1 9.9 6.9 21 17.5 233 1060 10565 
K 0.5 1.4 0.6 3.5 1.2 13.9 3.7 23 29 41 391.4 
HC03 124 238 382 443 292 460 206 691 447 513 142.3 
S04 2.4 16.5 5.9 34 87 128 344 387 67.5 259 2660 
CI 4.5 13.5 34 63 110 6.0 28 29.5 480 1920 18971 
F 0.1 0.06 0.2 0.02 2.2 0.05 1.2 1.3 
N03 0.1 22 14 14 49 0 52 11 
TDS sum 111 254 386 476 553 543 698 1135 1269 3856 34410 
TDS residue 138 418 726 4340 
SpC (ILS/em) 218 458 685 814 945 935 1000 1580 2150 6390 
T(°C) 23.8 10.3 24.1 10.6 12.0 27.5 26.3 23 12.5 27.5 25 
pH 8.00 7.36 7.23 7.01 7.06 6.84 7.44 6.46 6.88 7.31 8.15 
DO (mgll) 7.5 0.9 2.0 1.4 3.0 
DO % sat. (100) (100) 38 (100) (100) (100) 
Eh (mY) 389 423 
Ca/Mg (molar) 3.7 1.45 2.0 0.64 0.71 2.02 1.1 2.9 1.5 0.53 0.193 
log P co/bars) -2.92 -2.04 -1.68 -1.43 -1.66 -1.21 -2.16 -0.68 -1.32 -1.69 -3.31 
S( -2.09 -0.20 0.27 -0.29 -0.35 0.07 0.19 0.05 -0.13 0.44 0.70 
SJ,jordered) 0.47 0.23 0.67 0.31 0.24 0.48 0.73 0.37 0.30 1.07 1.65 
SJ,jdisordercd) -0.30 -0.60 -0.10 -0.51 -0.58 -0.28 -0.04 -0.41 -0.52 0.39 0.88 
Roek type limestone limestone limestone dolomite dolomite limestone limestone & limestone dolomite ? 

(?) dolomite? 
Sampling date 3115/62 6/17172 5/1/66 611 7/72 8170 7173 5110/62 7173 8/72 5/1/66 

Note: Concentrations are in mg/L except for seawater, which is in mg/kg. All temperatures, pH, Eh, and dissolved oxygen (DO) values havc been measured in the field. The groundwa-
tcr analyses are from Langmuir (1984). Saturation indices (SI values) and apparent CO2 pressures (bars) have been calculated from the analyses using the computer program 
SOLMINEQ.88 (Kharaka et al. 1988; Debraal and Kharaka 1989). Specific conductance (SpC) is reported for 25°C. Parentheses indicate estimated values. As shown, SId = log (lAP JKJl'I2. 
Source: tPolk City Well, central FL, USA (Back and Hanshaw 1970). +Thompson Spring, State College, PA. USA (Jacobson and Langmuir 1974). §X-Can Well. Yucatan. Mexico, (Back 
and Hanshaw 1970). TDS had increased to 708 mg/L in 1973. and was accompanied by an E. coli count of 500/1 00 ml. "Well beneath the municipal solid-waste landfill in State College, 
PA, USA; total and fecal coliform count zcro (Jacobson 1973; Apgar and Langmuir 1971). #Well beneath a sewage lagoon near State College. PA. USA (Langmuir 1971). HHealing 
Spring in Warm Springs Valley. NW VA, USA. Water also has 8.3 mg/L Cu, 0.1 mgIL Cd. and 1.2 mg/L Sr (Helz and Sincx 1974). §§ Arcadia Well. central FL, USA (Back and Hanshaw 
1970).III1Sweet Spring in Sweet Spring Valley. NW VA. USA. Water also has 1.2 mg/LCu, 0.7 mg/LCd. and 7.7 mg/LZn (Helz and Sinex 1974). ##Well within 50 m of two septic tanks, 

N 
near State College, PA, USA. Total coliform count 46/100 mi. fecal coliforms 4/100 ml (Jacobson, 1973). ttt\sla Mujeres Well. Yucatan, Mexico (Back and Hanshaw 1970). S/(arago-

N nite) = 0.304. TDS was 1398 mg/L in 1973, with an E. coli count of 2200/100 mg (Doehring and Butler 1974). mSeawater analysis from Pytkowicz (1983). Concentrations are in mg/kg. 
...... The pH is from Berner (1971). 
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Computed, apparent CO2 pressures for the ground waters range from a high of 10-O.oK bar for 
Sweet Spring, athennal spring in Virginia (analysis number 8) to 10-292 bar for the Polk City well 
in central Florida (analysis number I), which samples shallow groundwaters in a recharge zone, man
tled with soils poor in organic matter. Where groundwaters have probably approached equilibrium 
with respect to calcite and dolomite from undersaturation (analyses 2, 4, 5, 6, 8, and 9), S(. values 
are at or below saturation and SId values average +0.32 and -0.48 for ordered and disordered dolo
mite, respectively. This suggests that a partially ordered dolomite may limit groundwater concen
trations. These groundwaters are from Paleozoic-age carbonate rocks. Analyses 1,3, 7, and 10 are 
of groundwaters from the younger carbonate rocks of Florida and the Yucatan Peninsula. Except for 
Polk City well waters (analysis numberl), which are undersaturated with respect to calcite, the other 
waters have SIc values ranging from 0.19 to 0.44. SId values for the four waters average 0.74 and 
-0.01 for ordered and disordered dolomite, respectively, perhaps reflecting control of the water 
chemistry by protodolomite (disordered dolomite) solubility. Significant levels of supersaturation of 
these waters with respect to ordered dolomite and calcite result from kinetic inhibition of their pre
cipitation. (See above discussion of inhibition.) Carbonate mineral supersaturation in these waters 
may also be caused by groundwater mixing with seawater (analysis number 10), or by such pJ,'ocesses 
as sulfate reduction (which produces carbonate species) or dissolution of gypsum (which adds Ca2+, 
the common ion effect) (analyses number 3 and 7). 

The analysis of surface seawater shows it to be moderately supersaturated with respect to both 
calcite (SIc = 0.70) and disordered dolomite (SI" = 0.88) and more supersaturated with respect to or
dered dolomite (SId = 1.65). It is also supersaturated with respect to magnesite (SI/1/ = 0.76 assuming 
Kill = 10-7

.
93

), and aragonite (SIa = 0.56). Equilibration of seawater with respect to ordered dolomite, 
magnesite, and pure calcite is kinetically inhibited (high Mg2+ may inhibit calcite nucleation in sea
water), although aragonite does readily precipitate from seawater. 

STUDY QUESTIONS 

1. What are the relative stabilities and typical occurrences of the common carbonate minerals? 

2. Contrast the stabilities of the calcium versus the magnesium carbonates and comment on the possible 
metastability of the magnesium carbonate hydrates. 

3. Why is the solubility of carbonate minerals roughly proportional to the cube root of the CO2 pressure. 

4. The solubility of calcite at 25°C decreases with increasing pH up to about pH 10, but is constant, indepen
dent of pH, above this pH. Explain. 

5. Understand the general effects of CO2 exsolution and dissolution, photosynthesis and respiration or decay, 
evaporation, common ion effects, mixing of waters, and temperature changes on the saturation state of 
waters with respect to calcite. Give examples of the environmental conditions when each of these processes 
or effects might control calcite-saturation state. 

6. How might increases in groundwater pollution affect the solubility of carbonate minerals? 

7. For the Ca2+/Mg2+ ratio of seawater, ideal, stoichiometric and well-crystallized dolomite is more thermo
dynamically stable than calcite. Why then do calcite and aragonite, rather than dolomite, precipitate from 
seawater? 

8. Compare and discuss the evolution of groundwater in contact with calcite under open- versus closed-system 
conditions. 

9. How is calcite solubility affected by the formation of ion pairs and increases in ionic strength? Explain. 

10. The maximum concentrations of trace metals may be limited in groundwaters at equilibrium with miner
als such as calcite, dolomite, siderite, and rhodocrosite. Explain. 
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11. One should compute about the same saturation index (SI value) for a water with respect to a carbonate min
erai when the computation is done ignoring ion pairs as when considering them, as long as the respective 
K,p values used in the two calculations were also determined by one ignoring and the other assuming the 
same ion pairs. Explain how this statement can be true. 

12. Why do some surface waters remain supersaturated with respect to calcite without calcite precipitation, 
even at S(. values as high as I.O? 

13. How and why is the Ol3C content of a stream water related to its pH and apparent CO2 pressure during the 
day and at night? 

14. Read the paper by Deines et al. (1974). How did the authors use Ol3C data to conclude that the carbonate 
ground waters were moving under largely closed-system conditions? 

15. Carbonate mineral saturation can limit metal and carbonate concentrations even in sewage and landfill 
leachate polluted groundwaters. What would you expect the apparent CO2 pressure to be in such waters and 
why? What about the solubility of carbonates under such conditions? 

16. Explain why the CaC03 tests (shells) from planktonic (floating) marine organisms dissolve when they sink 
into the deep ocean. 

PROBLEMS 

1. A well water sampled from a depth of 53.3 m in dolomite rock, has a temperature of 9.8°C, a field-measured 
pH of 7.17, a dissolved oxygen concentration of 65% of saturation, specific conductance of 720 JLmhos/cm 
at 25°C, and the following chemical analysis, where concentrations are given in mmollkg: Ca2+ = 1.70, 
Mg2+ = 2.30, Na+ = 0.048, K+ = 0.023, HCO) = 7 .18, SO~- = 0.30, CI- = 0.09, and NO) = 0.124. The well 
is adjacent to a farmhouse septic tank. 
(a) Compute the charge balance and total ionic strength. 
(b) Calculate Debye-Hiickel ion activity coefficients for Ca2+, Mg2+, and HCO] in the well water at 9.8°C 

(assume I O°C). Assume the respective ion size (a;) parameters for these species are: 5.5,6.5, and 4.5 A. 
At 10°C, A(molal) = 0.4976 and B(molal) = 0.3261 (Helgeson et al. 1981). 
To answer questions (c), (e), and (f) below, you are given the following equilibrium constants for 9.8°C, 

Keo, = 10-127, K1(H 2COJ) = 10-6.47, K2(H2CO},) = 10-1049, Ksp(calcite) = 10-841, and K,p(dolomite) = 10-1671 . 

Henceforth we will abbreviate these respective Ksp values as K, and Kd . In questions (c) and (e) below, ig
nore ion pairing, but use the r values for the ions computed in part (b). 
(c) Compute the apparent CO2 pressure in bars in equilibrium with the water. How does it compare with 

the atmospheric carbon dioxide pressure? Discuss reasons for any difference. 
(d) What chemical properties of the water might reflect its proximity to the septic tank, and given that some 

pollution is apparent, what unreported substances of concern might also be present in the water? This 
question is related to question (c). 

(e) Compute the saturation index of calcite, Sic, where Sic = log (IAP,IKc)' and of dolomite, Sid' where Sid = 
logl (lAPd)/Kdl 112, and comment on the significance of the values. 

(0 How different would your answers have been in question (e) if you had ignored ion activity coefficients 
and assumed all r = I? 

(g) So far we have also ignored ion pairs in our calculations. Now input the above groundwater analysis 
into the computer program MINTEQA2 and tabulate for the free ions and ion pairs of Ca and Mg their 
output concentrations in mmollkg and percents of total Ca and Mg. Also report the computed ionic 
strength and SI values of calcite and dolomite. How do the ionic strength and saturation indices ob
tained with MINTEQA2 compare to the values calculated in parts (a), (e), and (1) above? Explain the 
differences. 

(h) It is instructive to hand-calculate a few ion pair concentrations in order to understand how a computer 
model such as MINTEQA2 operates. Such an exercise gives us a glimpse inside "the black box" of such 
a model. Hand calculation can he extremely tedious if several ion pairs are present. We will, therefore, 
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simplify the water analysis so that we need consider only the bicarbonate ion pairs in our calculations. 
This will be done by assuming that the concentration of K+ is replaced by an equivalent amount of Na+, 
and that SO~- and NO:; are replaced by equivalent amounts of Cl-. Our "simplified" analysis is tabu
lated below. 

Cations mmollkg 

1.70 
2.30 
0.07 

meqlkg 

3.40 
4.60 
0.07 

Anions 

HC03 
CI-

mmol/kg 

7.18 
0.81 

meq/kg 

7.18 
0.81 

Given this analysis and that the dissociation constants for the ion pairs at 9.8°C are Kdissoc(CaHCO]) = 
10-0.97, and Kdissoc(MgHC03 +) = 10-1.05, hand calculate the molal concentrations of free Ca2+, Mg2+, and 
HC03 and of the bicarbonate ion pairs and compute their percent values. Use the ion activity coeffi
cients computed in part (b) in this calculation, assuming a constant ionic strength, and that the activity 
coefficients of both bicarbonate ion pairs equal YHCO,' Also compute the apparent CO2 pressure and the 
saturation indices of calcite and dolomite. 

(i) Finally, input this analysis into MINTEQA2. Discuss and compare the results of the hand calculation 
and the MINTEQA2 run. 

2. What is the pH, apparent CO2 pressure in bars, and speciation (as percent concentrations) in solution when 
pure water equilibrates with calcite in a closed system at 25°C? What are the total concentrations of major 
species? Solve the problem using MINTEQA2. 

3. Tabulated below in mglL is the composition of an average drinking water supply, and average effluent from 
secondary treatment of municipal wastewater (Weinberger et al. \966). The difference in these composi
tions is listed as the increment of substances added by use. High Si02 and P04 concentrations in the sewage 
are probably chiefly in suspended solids. To the extent possible, solve the problem using MINTEQA2. As
sume 25°C. 
(a) In this problem the sewage is leaking from a sewage lagoon into a water-table groundwater in shallow 

limestone rock. The apparent CO2 pressure of the uncontaminated groundwater is 10-22 bar. Assume 
that initially, the sewage pH is 6.8. Neglecting species of Nand P except for NO), use MINTEQA2 to 
compute the apparent CO2 pressure of the sewage and its saturation index with respect to calcite (SO. 

(b) If all of the sewage BOD (25 mglL as C) is oxidized to CO2• what will happen to the apparent CO2 pres
sure of the sewage assuming its alkalinity remains unchanged? 

(c) If the sewage now equilibrates with calcite in the limestone at the CO2 pressure computed in part (b) 
(assumed constant). what are the pH and concentrations of total Ca2+ and total HCO) at calcite 
saturation? 

(d) How much more soluble is calcite in the sewage-affected groundwater than in uncontaminated ground
water? 

Water Secondary Increment Water Secondary Increment 
Species supply sewage added Species supply sewage added 

BOOt 0 25 25 N03 5 15 10 
Na 65 135 70 HC03 200 300 100 
K 5 15 10 S04 70 100 30 
NH3 0 20 20 Si02 35 50 15 
Ca 45 60 15 P04 0 25 25 
Mg 18 25 7 TDS 410 730 320 
CI 55 130 75 

tBOD is biodegradable organics or biochemical oxygen demand. 
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Chemical Weathering 

7.1 GENERAL OBSERVATIONS 

Among the most important processes atTecting the chemistry of waters in streams, soils, and shal
low ground waters is chemical weathering. Chemical weathering takes place because essentially all 
minerals are undersaturated in contact with atmospheric precipitation and in the shallow soil mois
ture in humid climates (see Chapter 8). Further, many of the minerals present in subaerial environ
ments were formed at elevated temperatures and pressures and so are thermodynamically unstable 
at Earth's surface. Chemical weathering involves the dissolution, alteration, and sometimes replace
ment of such minerals and the precipitation of new minerals, such as clays and ferric and aluminum 
oxyhydroxides, which are more nearly at chemical equilibrium with their environment under Earth
surface conditions. Chemical weathering chiefly takes place in soils, but also occurs in streams and 
stream sediments. In soils, the products of chemical weathering are a function of the nature of the 
parent material, climate, vegetation (biological activity), drainage, and temperature. Further obser
vations include the following: 

1. Most chemical weathering occurs in the vadose zone (zone of aeration) of soils. It is most ac
tive in deeper soil horizons which contain partially weathered or unweathered materials. 

2. The rate of chemical weathering is usually increased if the rate of physical or mechanical 
weathering is increased. Physical weathering (the breakdown of rock due to physical proc
cesses), which is most active in mountainous areas, can repeatedly expose fresh mineral sur
faces to chemical weathering. 

3. The rate of chemical weathering is proportional to soil organicibiological activity, including 
the abundance of vegetation. Such activity produces CO2, carbonic acid, and also organic acids 
that actively react with and break down many minerals. 

4. The chemical weathering rate ofa given soil is proportional to the infiltration rate (I) of water 
through it. J == P - R - ET, where P, R, and ET are the precipitation, runoff and evapotranspi
ration rates (see Chap. 8, Section 8.2). 

231 
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5. The rate of chemical weathering increases with increasing temperature. This reflects the fact 
that reaction rates increase (half-times decrease) with increasing temperature. (See Chap. 2, 
Section 2.4). 

6. Chemical weathering generally involves the attack of H20 and associated acidity, alld atmo
~pheric O2 (oxidation) on parent materials. 

7. Compared with the parent rock, mineral products o.fweathering are usually more hydrated (as 
in the clays), have lower metal cation concentrations relative 10 AI (/nd Si (as in the clays and 
quartz), are oxidized (as in the ferric oxylzydroxides), or are chemical precipitates such as the 
carbonates or evaporite minerals, stable at earth-suiface temperatures. 

8. Dissolved products of weathering include the major cations and anions in natural waters, and 
dissolved silica. 

Silicate and aluminosilicate mineral-weathering reactions involve both H+-ion attack on the 
mineral and hydration or hydrolysis of the product minerals (clays and metal oxyhydroxides) or 
product aqueous species. If the primary mineral contains aluminum. then clays may result from the 
weathering. If the primary mineral contains Fe(ll) or other reduced metal ions, weathering may in
volve oxidation as well as hydrolysis. 

Some examples of chemical weathering reactions are: 

Mg2Si04 + 4W = 2Mg2+ + H4Si04' 

forsterite 
olivine 

fayalite 
olivine 

Ca-feldspar 
(anorthite) 

-960.15 -56.687 

goethite 

-132.3 

kaolinite 
clay 

-908.07 

(7.1) 

(7.2) 

(7.3) 

Note that because olivine contains no AI, no clays result from reactions (7.1) or (7.2). Also, reac
tion (7.1) is congruent, whereas reactions 0.2) and 0.3) are incongruent. In other words, in the first 
reaction all the weathering products are soluble, whereas in the second and third reactions, weather
ing results in precipitation of new solid phases. Reaction (7.2) involves oxidation of Fe(1I) to Fe(IIl), 
with precipitation of the ferric iron in a mineral such as goethite. Among the three examples. only 
the feldspar contains Al and so can result in a clay. In reaction (7.3) we assume that all the AI moves 
directly from the feldspar to the kaolinite. However, if the pH is below about 4 or 5, the kaolinite it
self becomes soluble and appreciable Al also goes into solution. 

Are there Earth-surface conditions for which the above minerals are thermodynamically sta
ble and so would not weather? The answer is rarely for the olivine minerals (cf. Bath et at. 1987), 
which rapidly disappear in the volcanic soils and beach sands of Hawaii, for example. What about 
the stability of the plagioclase feldspar? Gibbs free energies of the reactants and products (in 
kcal/mol) given under weathering reaction (7.3) indicate that I1G,o = -23.53 kcal/mol, and Keq = 
1017.25 = [Ca2+]I[wJ2. If we assume a typical soil pH of 6, then we can compute that Ca2+ would haYt! 
to equal 105.25 M for the Ca-feldspar to be thermodynamically stable relative to kaolinite. This is ob~ 
viously an impossibly high concentration. 
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One could ask, is there any pH at which the Ca-feldspar would be stable relative to kaolinite? 
We must assume a calcium concentration to make this calculation. If we set Ca2

+ = 10-2 M (roughly 
400 mg/L), which is a bit higher than likely at this pH, we can compute that the pH at which the 
feldspar would be stable is about 9.6, a pH found only in unusual environments such as highly al
kaline lakes and groundwaters. 

7.2 WEATHERING RATES OF SOME ROCK-FORMING MINERALS 

In Chap. 2 we discussed rates of mineral dissolution reactions. An important application of such data 
is to estimate absolute and relative rates of chemical weathering (cf. Lasaga et al. 1994; Drever 
1994). Based on his field observations, S. S. Goldich (1938) suggested the weathering sequence of 
common rock-forming minerals shown in Fig. 7.1. The diagram shows that in surface environments, 
olivine and Ca-plagioc\ase feldspar are highly vulnerable to chemical weathering, whereas quartz 
and muscovite mica are practically inert. Lasaga et al. (1994) used laboratory dissolution rate data 
far from equilibrium to estimate the lifetime of a I-mm-diameter cube of a number of common min
erals at pH = 5. Data from their paper and related sources are ordered in Table 7.1 with the most 
weatherable minerals listed first. The theoretical lifetimes are also shown in parentheses in Fig. 7.1. 
Clearly, the Goldich weatherability sequence is consistent with the rate data. Quartz, kaolinite, and 
muscovite (related to the clay illite), are common products of chemical weathering. Their persistence 
in mature, weathered soils and sediments is consistent with their crystal lifetimes in Table 7.1, all of 
which exceed J 06 years. The relative dissolution rates are also generally consistent with instabilities 
of the minerals computed from free-energy data, as in Section 7. J . Although their solution rates may 
be slow, it is important to remember that all minerals, whether formed at high or low temperatures 
(e.g., quartz, muscovite, and the clays) will eventually dissolve and be leached away if placed long 
enough in contact with precipitation or with typical (acid) soil moisture. 

TABLE 7.1 Log dissolution rates and corresponding theoretical mean lifetimes of a '-mm
diameter cube of some silicate and aluminosilicate minerals at pH = 5 and 25°C 

-log rate Lifetime -log rate 
Mineral (mol/m2/s) (y) Mineral (mol/m2/s) 

Wollastonite 8.00 7.9 x 10 1 Tremolite i IJ.7 
Anorthite 8.55 I. 12 x I ()2 Sanidine 12.00 
Nepheline 8.55 2. 11 X 102 Albite 12.26 
Forsterite 9.5 2.3 x 103 Microcline 12.50 
Diopside 10.15 6.8 x 103 Muscovite 13.07 
Enstatite 10.00 1.01 x 104 Kaolinite 13.28 
Biotite' 11.25 3.8x104 Quartz 13.39 
Gibbsite I 1.45 2.76 x 105 

Note: Minerals are listed in order from most wcatherable to least weatherable. 

Lifetime 
(y) 

5.8 x 104 

2.91 x lOs 
5.75 x lOs 
9.21 x 105 

2.6 x ]06 

6.0 x 106 

2.4 x 107 

Idealized formulas: wollastonite, CaSiO,; anorthite, CaAI2Si 20 8; nepheline, NaAISi04; forsterite, Mg2Si04; diopside, 
CaMgSi20,; enstatite, MgSiO,; biotite, K(Mg,Fe),(AISi,oIO)(OHh; gibhsite, AI(OH),; tremolite, Ca2Mg;SiR0 22(OHh; 
sanidinc, KAISi ,0,; albite, NaAISi,08; microdine, KAISi,O,; muscovite, KAI 2ISi,AI01()J(OHh; kaolinite, AI,Si20 j (OH)4; 
quartz, SiO, (Deer et al. 1992). 

Source: Most of the data are from Lasaga et al. (1994). 'Rate is average from Sverdrup (1989) as reported by Acker and 
Bricker (1992). Lifetime computed assuming molar volume of phlogopite (149.91 em'). 'Rate from Mast and Drever (1987). 

Lifetime computed assuming molar volume of 272.92 em'. 
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Olivine (2,300) Ca2+ -plagioclase (112) 

"" Augite (6,800) 

"" Hornblende (58,000) 

"" Biotite (38,000) Na+-plagioclase (575,000) 

I 
K+-feldspar (921,000) 

I 
Muscovite (2.600,000) 

I 
Quartz (34.000,000) 

Chemical Weathering Chap. 7 

Figure 7.1 Goldich's sequence of in
creasing weatherability of common min
erals (ct'. Loughnan 1969; Faure 1991). 
In parentheses are the lifetimes in years 
from Table 7.1, assuming olivine = 
forsterite, augite = diopside, horn
blende = tremolite, Ca-plagioclase = 
anorthite, Na-plagioclase = albite, 
K-feldspar = microcline, and the 
stability of muscovite is comparable 
to that of the related clay, illite. 

7.3 A WEATHERING EXAMPLE 

Many of the above observations can be illustrated through discussion of an example of weathering 
taken from Goldich (1938) (see also Krauskopf 1967). The parent rock in this humid, temperate cli
mate example is a quartz-feldspar-biotite gneiss. The mineralogic and oxide composition of this rock 
and its weathered product soil is given in Table 7.2. 

In order to quantify changes in the element oxides caused by chemical weathering we need to 
identify a "tracer" element that can be assumed nearly inert (immobile) during weathering. Among 
the oxides listed, AI20 3 (alumina) is probably the best choice, in that Al is relatively insoluble in nat
ural waters above pH 5.5 (near pH = 7 AI(aq) is usually <0.1 mglL). (The greater insolubilities of 
zr02 or Ti02, compared to A120 3, may make them even better tracers [cf. Nesbitt and Wilson 1992]). 
Assuming Al20 3 is our tracer and that initially 100 wt % == 100 g of soil, we can normalize the con
centrations of other metal oxides to 14.61 g of alumina in the weathered material, as shown in the 
third column at the bottom of Table 7.2. Now, a comparison of the fresh rock (wt %) and remaining 
rock (wt %) columns, subtracting out the water added during soil formation, indicates that 25% of 
the rock has been removed by weathering. 

Comparison of the mineralogy of the rock and product soil shows that the amount of quartz 
has increased from 30 to 43%,t potassium feldspar has decreased from 19 to 13%, biotite and horn
blende have disappeared, and resistant trace (assessory) minerals in the rock, such as magnetite 
(Fe304) and ilmenite (FeTi03) have been concentrated (remember the Ip concept and insoluble, mul
tivalent metal oxides in Chapter 3). Most conspicuously, the plagioclase feldspar (composition be
tween NaAISi30 g and CaAI2Si20 g) has practically disappeared. Kaolinite has formed from the Al in 
the plagioclase and K-feldspars and the biotite. 

Obvious conclusions are: 

1. Of total silica in the rock, 22% has been lost to the soil solution, chiefly from weathering of 
the plagioclase feldspar, biotite, and hornblende. All or most of the quartz has evidently been 
unaffected by weathering. 

tThere is no proof, however, that the weathered material has derived from the exact parent rock given in the table. 
This may explain the excess in soil vol % quartz, which, assuming quartz is not dissolved or precipitated during soil forma
tion and that volume and weight percents are roughly equal, should not exceed about (30175) x 100 = 40 wt % of the soil. 
(Densities of quartz, K-feldspar, plagioclase feldspar, and kaolinite are all 2.60 ± 0.05 glcm3). 
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TABLE 7.2 The composition of a granitic-type rock and of its weathering productst 

Approximate Mineral Composition (Volume %) 

Quartz 
K-feldspar 
Plagioclase feldspar 
Biotite (+ chlorite) 
Hornblende 
Magnetite. ilmenite. other secondary oxides 
Kaolinite 

Approximate Oxide Composition (Weight %) 

Weathered 
Fresh rock material 

(wt %) (wt %) 

SiOz 71.48 70.51 
AI20 3 14.61 18.40 
Fe203 0.69 } 2 3 1.55 } 1 8 
FeO 1.64 . 0.22 . 
MgO 0.77 0.21 
CaO 2.08 0.10 
Na20 3.84 0.09 
KzO 3.92 2.48 
H2O 0.32 5.90 
Others! 0.70 0.54 --
Total 100.00 100.00 

Fresh rock 

30 
19 
40 

7 
I 
1.5 

none 

Remaining± 
(wt %) 

55.99 
14.61 (assumed) 

1.23 
0.17 
0.17 
0.08 
0.07 
1.97 
4.68 
0.43 

79.40 
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Weathered material 

43 
13 
I 

trace 
none 

2 
40 

Percent 
loss or gain 

-22 
0 

+78 
-90 
-78 
-96 
-98 
-50 

+1,360 
-39 

'For compositions of the minerals listed in this table. see also Table 7.1 footnotes. Other minerals are: K-feldspar. KAISi)Og; 
plagioclase (feldspar), a solid solution with a composition between albite and anorthite; chlorite. a fine-grained mica of com
position (Mg.Fe2+,Fe' +'Mn.AI)12(lSi,AIls020)(OH)16; hornblende. a black prismatic mineral with the general composition 
(Na,K)o_ICa2(Mg,Fe2<,Fe)+,Al)sSi6_1sAI2-Os02z(OH)2; magnetite. Fe)04; ilmenite, FeTiO) (Deer et al. 1992). 

± Assuming all AI20) remains. 

ITiOz, Mn oxides, BaO, PPs. CO2, and S oxides. 

Source: From Goldich (1938) and Krauskopf (1967). 

2. Weathering of the feldspars, biotite, and hornblende has also released their cations to the soil 
solution, as apparent from the high percentage losses of MgO, CaO. NazO, and KzO. 

3. Weathering has led to oxidative loss of FeO in the biotite and hornblende and a relative in
crease in Fe203 in the soil. A comparison of the total iron as Fe in the parent rock and the soil 
shows that a 44% loss of Fe has occurred on weathering. 

4. The most profound change in composition on weathering is the addition of a large amount of 
water (+ 1360%), chiefly present as water of hydration in the kaolinite clay. 

S. Practically all the Na+ and Caz+, most of the Mgz+, and half of the K+ have been removed from 
the rock. The 25% weight Joss on weathering has released dissolved cations and silica in the 
soil solution. This is consistent with the domination of Na+, Caz+, K+, and Mg2+ as the major 
cations in natural waters. Bicarbonate is the major anion produced by weathering. This reflects 
the fact that carbonic acid, the chief weathering agent in the soil, forms HCO) according to the 
reaction H2C03' ~ W + HCO), as protons are consumed (and the pH rises) during weathering. 
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7.4 SOIL CLASSIFICATION AND PROCESSES 

Soils are extremely important environmentally, for they provide the medium and the essential nutri
ents for plant growth and strongly influence the chemical composition of surface- and groundwaters. 
Soils are also called upon to remove or attenuate contaminants derived from the atmosphere or re
leased from the surface or near-surface disposal of wastes. We will limit our discussion of soils to a 
few basic principles. For a more thorough treatment of soil geochemistry the reader is referred to 
books by Loughnan (1969), Greenland and Hayes (1978), Lindsay (1979), Rose et al. (1979), Bolt 
(1979), Drever (1985), and Sposito (1989). 

Soils are the products of chemical weathering of parent rocks and sediments and, usually to a 
lesser extent, the physical breakdown of those materials. When the parent material for soil forma
tion is underlying bedrock, the soil so formed in place is called a residual soil. Soils may also de
velop in materials that have been transported and deposited by wind (loess), streams (alluvium), ice 
(till), or by landslides (colluvium). 

In arctic and in high-altitude temperate climates, the freezing and thawing of water in rock 
pores and fractures (a physical process called frost wedging or riving) may assist in the rupture of 
rocks and diminution of rock fragments (the molar volume of ice is 8.99% greater than that of liq
uid water at OQC and I bar pressure). Diminution of rock materials, especially of sand size or larger 
(> I~ mm) is also caused by their abrasion and fragmentation through the action of wind, streams, 
landslides, and glaciers. Although physical processes may be the source of materials that become 
soils, the development of mature (more weathered) soils chiefly results from processes related to 
chemical weathering. 

Young or immature soils are those that have been little weathered and so are in a changing, un
stable state. Profiles of such soils may show minimal physical or chemical differentiation from the 
surface down to bedrock. Older or more mature soils tend toward steady-state conditions. The soil 
profiles of mature soils have developed subhorizontallayers called soil horizons. From the surface 
downward these are termed 0, A, E, B, C, and R horizons (Table 7.3). Frequently, soil scientists fur
ther subdivide individual horizons on a basis of textural and color differences within them. Figure 7.2 
is an example of such subdivision for a soil developed on loess. 

As soil is formed from the weathering of underlying bedrock, the 0, A, E, and B (together 
called the solum), and especially C horizons tend to thicken with time unless surface soil is eroded 
away, in which case 0. A, E, and B horizons will migrate downward as underlying materials near 
the land surface. 

Immature soils may lack one or more soil horizons and will compositionally resemble their 
parent materials. The well-developed horizons of mature soils result from long-term, relatively con
stant, climatic and drainage conditions with minimal physical erosion. Mature soils then reflect the 
development of steady-state conditions among organic-matter accumulation and breakdown in the ° 
and A horizons, transport and migration of dissolved and suspended weathering products to the 
B horizon, chemical weathering (which is most pronounced in the C horizon), and the leaching of 
dissolved weathering products out of the soil profile into nearby surface or groundwaters. In mature 
soils the nature of parent materials may be erased above the C horizon. Soil composition will then 
chiefly reflect the effects of climate, vegetation, and drainage. The above description applies to soil 
systems in which there is a net downward movement of soil moisture as would be expected gener
ally in moist, humid climates. 

Low rainfall and high moisture losses due to evapotranspiration are typical features of arid re
gions. Thus, following precipitation events and resultant infiltration of moisture, arid soils, of ten ex
perience net moisture movement upward toward the land surface driven by capillary forces. For such 
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TABLE 7.3 General description of soil horizons 

Soil 
horizon 

° 
A 

E 

O,A,E 

B 

C 

R 

Description 

A surface layer composed primarily of organic matter, black or dark brown in color. 

Mineral particles mixed with finely divided organic matter that produces a dark grey color. 

Primarily mineral grains resistant to chemical weathering and too large to have been trans
located downward by percolating soil water. Low in organic content and so light grey in 
color. 

General Comments: 0, A, and E horizons may together be a few em to 1.2 m thick. Humic 
and fulvic acids and CO2 produced in the ° and A horizons are the chief weathering agents. 
The A horizon overall is strongly chemically weathered and so depleted of materials that 
have been carried downward as suspended or dissolved substances. 

Horizon in which substances leached and transported from the A and E horizons (such as Fe, 
AI, and Mn oxyhydroxides, and organic matter as humus) are deposited. Deposition of Fe, 
AI, and Mn oxyhydroxides is favored by the breakdown of metal complexing organic acids 
produced in the ° and A horizons. Horizon is enriched in clay minerals, may also include 
precipitated calcite and gypsum, and contains highly weathered, altered materials relative to 
underlying bedrock. B horizon may be a few cm to 2 m thick. 

Parent materials largely unaffected by chemical weathering. May be partially weathered un
derlying bedrock (saprolite) or sediment (e.g., alluvium or glacial till), or volcanic tuff, for 
example. Source of materials for horizons 0, A, E, and B. Maximum thicknesses of C hori
zon (e.g., -30 m) are found in tropical soils. 

Unaltered or unweathered parent materials. 

Source: Modified after Foth (19tl4). 
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7.3 Figure 7.2 A profile of' a prairie soil 
developed on loess in Illinois, also 
showing soil pH values. Modified after 
LOllghnan (1969). 
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A Horizon 

B Horizon 

C Horizon 

Black to brown black 
Organic, rich 
Slightly acid 
25-50cm 

Yellowish to brownish 
Carbonates sparse 
Alkaline 
25-50cm 

Caliche horizon 
Alkaline 
I3cm 

Partly decomposed 
Parent material 
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Figure 7.3 A generalized profile of a 
forested soil developed in a humid cli
mate with a moderate temperature, 
showing a caliche (CaCO) layer be
tween the Band C horizons. From 
Fundamentals of Soil Science, 3d ed. 
C. E. Millar, L. M. Turk, and H. D. 
Foth, Copyright © 1958 by John Wiley 
& Sons, Inc. Reprinted by permission 
of John Wiley & Sons, Inc. 

conditions, the soluble or colloidal species that normally precipitate in the B horizon or are leached 
from the soil altogether in wet, humid climates, may instead be concentrated and precipitated in the 
solum. In this way, layers or concretions of silica, carbonates (sometimes called caliche), and sulfate 
salts can form in the Band C horizons (see Fig. 7.3). They form at depths that increase with rainfall 
(Fig. 7.4). However, in desert soils such precipitates accumulate at or just below the land surface. 
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H. Jenny and C. D. Leonard, Soil Sci. 
38:363-81. © 1934 by Soil Science So
ciety of America. Used by permission. 
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Developed at the surface as a hardpan layer, they have been described as caliche or calcrete (chiefly 
CaC03), silcrete (chiefly Si02), or ferricrete (ferric oxyhydroxides). 

According to Loughnan (1969), "Soils are generally classified as zonal, intrazonal, or azonal. 
Zonal soils ... possess mature characteristics and ... have developed over wide geographic areas 
under reasonably uniform climatic, drainage, and vegetational influences ... Intrazonal soils also 
have mature profiles, but differ from the prevailing zonal soils type" because of controlling local con
ditions of soil formation, such as drainage or relief. Azonal soils are immature soils that "bear little 
relation to the prevailing zonal type." 

Zonal soils have been broadly classified overall as pedocals or pedalfers (obsolete terms). 
Their occurrence is qualitatively a function of rainfall amount. Pedocals (pedon is Greek for ground, 
cal is short for calcium) are found in relatively arid regions with rainfall amounts less than about 
25 in (64 cm). Pedocals have carbonate accumulations (e.g., caliche) in their A and B horizons (the 
solum) because of incomplete leaching of calcium and bicarbonate ions. According to Loughnan 
(1969) such carbonate layers are leached out of and absent from temperate climate soils that experi
ence 100 cm or more of precipitation. Pedalfers are aluminum- and iron-rich soils developed in 
humid climates where rainfall amounts are greater than about 25 in. (64 cm). Carbonate mineral ac
cumulations are lacking, but aluminum and ferric oxyhydroxide precipitates are concentrated in the 
B horizon. 

There are many terms used to define and distinguish mature zonal soils. Among the most fa
miliar are the great soil groups. These are groups "of soils having a wide distribution and a number 
of common fundamental internal characteristics" (Bunting 1965). The great soil groups have devel
oped under different but relatively uniform conditions of climate, drainage, and vegetative cover. 
Their occurrences are generalized as a function of temperature and precipitation in Fig. 7.5. 

Among the great soil groups, those in wet climates (pedalfers) have been called podzols and 
latosols (Fig. 2.5). Podzols include a wide range of leached soils having excellent profile develop
ment. They are found in cool, humid, forested areas, but also in the tropics and subtropics. Podzols 
are characterized by a relative abundance of organic matter and intense leaching of the A horizon 
consistent with its strong acidity. Because of high rainfall, carbonates and sulfate salts are generally 
absent in podzols. Clays and ferric oxyhydroxides are concentrated in the B horizon. Minerals found 
in the B horizon of podzols may include hematite, goethite, kaolinite, illite, gibbsite, and quartz. 

Latosols and laterites are formed in tropical and subtropical areas of high rainfall, where the 
soils are well drained, and physical erosion is minimal. Such conditions lead to intensely leached and 
oxidized soils. Organic decay rates are rapid so that little organic matter accumulates in the A hori
zon. Soluble weathering products are leached away, leaving insoluble AI and Fe oxyhydroxides (also 
Ti02) to accumulate in the B horizon. If the soil is seasonally waterlogged, then reducing conditions 
may develop, leading to the reduction of ferric iron and its removal from the soil as soluble ferrous 
iron. The result is an alumina-rich soil called bauxite, which is the chief are of aluminum metal. 

Culminating a long-term international etlort, the Soil Survey staff of the Soil Conservation 
Service (U.S. Department of Agriculture) developed a Comprehensive Soil Classification System 
(CSCS) for world soils (Soil Survey Staff 1975). The CSCS defines soil classes strictly in terms of 
soil morphology, rather than based on soil genesis. A brief explanation of the 10 soil orders in the 
CSCS is given in Table 7.4 (see also Bodek et al. 1988). Their temporal relationships are considered 
in Fig. 7.6. 

An understanding of the properties and behavior of soil systems is essential if we are to un
derstand and predict the behavior of contaminant species released into and on soils. A variety of phys
ical, geochemical, and biological processes operate in soils. Soils can physically filter out particu
late contaminants, including bacteria and viruses. Filtration is most effective in A, E, and B horizons, 



240 Chemical Weathering Chap. 7 

DRY COLD WET COLD 

Tundra 

Degraded 
chernozem 

Podzol 

Gray Brown Chestnut Chernozem 
desert 

I and Brown podzolic 
sierozem 

Brunizem Gray-brown podzolic 

c: 
Red-yellow podzolic ~ 

2 
.0 
.c: 
'" Reddish Reddish :a 
" chestnut prairie Red desert 
.., 
~ 

DRY HOT 

Yellowish brown latosolic 

Reddish brown latosolic 

Laterite 

PEDOCALS PEDALFERS 

Figure 7.5 Temperature-moisture (climate) relations favorable to the formation of some 
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because of their sand- and especially silt- and clay-size materials. Filtration may also occur in the 
C horizon of parent alluvial sediments, but is less effective when the C horizon is made up of the 
coarser materials formed on crystalline igneous or metamorphic rocks. 

The removal of dissolved or particulate organic contaminants is most effective where they can 
be aerobically broken down. Aerobic decay is most rapid in well-aerated, unsaturated soils and is 
most complete in thick, unsaturated soils. Organic decay in water-saturated soils tends to be anaer
obic, which is much slower and produces more noxious products than aerobic decay (see Chap. 5). 
Because the 0 and A horizons of ascii are usually relatively acid (cf. Figs. 7.2 and 7.3), the alkalin
ity of soils chiefly resides in the clays and carbonates within Band C horizons. Because of their car
bonate content, mollisols and aridisols can neutralize acid wastes more rapidly and completely than 
can oxisols and spodosols, for example. 

Soil organic matter in the A horizon and clays and metal oxyhydroxides in the Band C hori
zons (also humus in the B horizon) have high sorptive capacities for trace organic and metal contam
inants (see Chap. 10). Such sorbent materials are much less abundant in the C horizon of soils, which 
is, therefore, less effective as a sorbent zone for such contaminants, unless it is relatively thick. These 
observations suggest that there are obvious ways to predict and maximize (or minimize) the ability 
of soil systems to remove or attenuate contaminant substances. 
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TABLE 7.4 A simplified description of the 10 soil orders as defined in the Comprehensive Soil 
Classification System (CSCS) 

Order Description 

Soils with poorly developed horizons or no horizon and capable of further mineral alteration 

Entisols 

Inseptisols 

Soils at an early stage of development and lacking horizons, due to short time available or 
location on slopes subject to constant removal by physical erosion. 

Young soils with poorly developed horizons. May have some leaching in the A horizon, 
but has only a weakly developed B horizon. Found in moderately humid upland areas. 

Soils with a large proportion of organic matter 

Histosols Organic-rich soils with thick, peaty horizons; formed in low-lying permanently water
logged areas. Typical of cool swamp environments. 

Soils with well-developed horizons or with fully weathered minerals, resulting from long-continued 
adjustment to prevailing soil-temperature and soil-water regimes 

Alfisols Forest soils of humid and subhumid climates with strongly leached acidic A horizon con-

Spodosols 

Ultisols 

Oxisols 

Mollisols 

Aridisols 

Vertisols 

taining decomposing organic matter over a base-rich (smectitic) clayey and well-devel
oped B horizon. High content of primary weatherable minerals (e.g., feldspars). One 
kind of pedal fer soil. 

Highly acidic surface organic-rich layer over strongly leached and quartz-rich E horizon, 
on base-poor and AI and Fe-oxide/hydroxide rich B horizon. Typical under coniferous 
forests in temperate climates. Formerly called podzols. 

Strongly-leached acidic A and E horizons over well-developed, kaolinite-rich (base-poor) 
B horizon. Low content of primary minerals due to extensive weathering. Midlatitude 
and warmer temperature deciduous forest soils, common in piedmont and coastal plain, 
southeastern United States. 

Reddish soils of low latitudes, deeply weathered like ultisols. Strongly leached A horizon. 
Clays such as kaolinite largely leached from B horizon, where oxides of AI and Fe 
abundant. Almost no remaining primary minerals. Pormerly called laterites. 

Thick, well-developed and base-rich A horil.On with much organic matter. B horizon c\ay
rich with abundant Calt and Mg2+. Clayey, calcareous or gypsiferous subsurface accu
mulations. Found under grassland and steppe vegetation in subhumid to semiarid cli
mates. 

Soils of dry climates and deserts. Often contain wind-blown dust. A and B horizons thin 
with little organic material. Calcium carbonate (caliche) accumulations generally pres
ent, sometimes with gypsiferous or saline horizons. 

Old weathered soils with uniform, thick, clay-rich profiles. Deeply cracked and hum
mocky topography produced by intense seasonal drying of expandable clay minerals 
such as smectites. Soil profile poorly developed because of vertical mixing caused by 
the seasonal cracking. High in exchangeable cations (base-rich). 

Note: Base-rich and base-poor clays are clays rich or poor in adsorbed Ca2" Mg2., Na+, and K'. 

Source: Modified after Retallack (J 990), Faure (1991), and Strahler and Strahler (1992). 

7.5. AQUEOUS SILICA SPECIES AND THE SOLUBILITIES 
OF QUARTZ, AMORPHOUS SILICA, AND OTHER SILICA 
POLYMORPHS 

As noted above, a major fraction of the silica released to natural waters from the weathering of sili
cate and aluminosilicate minerals, such as the feldspars, remains in solution, where it occurs chiefly 
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Figure 7.6 Approximate sequence of development of different soil orders. Entisols and 
inse:Jtisols are early stages of soil development leading to spodosols, alfisols, mollisols, and 
aridisols, depending on the mineral composition of the parent material and climatic condi
tions. Utisols and oxisols occur in humid tropical regions as end stages of soil development 
enriched in oxides of AI and Fe. Vertisols develop only from parent material composed of 
swelling clay in regions with alternating wet and dry seasons. Histosols consist of partly 
decomposed plant material in places that are deprived of 02' because they are waterlogged. 
From H. D. Foth, Fundamentals of soil science, 7th ed. Copyright © 1984 by John Wiley 
& Sons, Inc. Used by permission of John Wiley & Sons, Inc. 
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as monomeric silicic acid, H4Si04'. As a molecular species, the activity coefficient of silicic acid may 
be modeled with the Setchenow equation, which in NaCI solutions is 

log )lH,Siof = 0.08031 (7.4) 

(Marshall and Chen 1982). In seawater (I = 0.7 mol/kg) this gives 'YH
4
SiOf = 1.14. Thus, because Gj :::: 

)ljmj, the solubility of silica is lowered by 14% in seawater. The activity coefficient of silicic acid is 
sufficiently close to unity to be ignored, however, in potable waters. 

Based on the weathering example, we concluded that some quartz may have formed as a prod
uct of weathering. Laboratory studies of quartz dissolution and precipitation kinetics (cf. Rimstidt 
and Barnes 1980) indicate that quartz dissolution and precipitation are extremely slow at low temper
atures. In fact, no measurable dissolution of quartz was observed in three years at 25 DC (Siever 1962). 
The first successful quartz precipitation experiment at low temperatures was performed by Macken
zie and Gees (1971), who grew quartz in one year at 20DC on preexisting quartz grains in seawater. 
At equilibrium they obtained a concentration of 4.4 ppm dissolved silica as Si02(aq). Given that Gj:::: 
'Yjmj, and with 'YH,SiO'::::: 1.14 in seawater, this corresponds to Si02(aq) = 5.0 ppm in pure water. 

or 

The dissolution of quartz below about pH 7.8 can be written 

SiOiquartz) + H20:::: H4Si04' 

SiOz{quartz) = Si02(aq) 

(7.5) 

(7.6) 

for which Ksp :::: [H4Si04') = [Si02(aq»). Based on measurements from 50 to 300DC, Rimstidt and 
Barnes (1980) give for quartz solubility 

(7.7) 

where T is in kelvin. Solution of this equation yields 
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roe Si02(aq) (ppm) 

0 2.4 
25 6.6 
50 15 

100 53 

Richet et al. (1982) present thermodynamic data for silica species equivalent to a quartz solubility 
of 6 ppm at 25°C, which corresponds to a concentration of 10-4.00 mollkg. The same solubility is sup
ported by Fournier, who gives log Ksp (quartz) = 0.41 - 1309IT(K) (see Nordstrom et al. 1990). We 
will assume a quartz solubility value of 6 ppm at 25°C in future calculations and discussions. 

The most soluble form of Si02 is amorphous silica. The equilibrium reaction for Si02(am) in 
water can be written as for quartz 

or 

Si02(am) + 2H20 = H4SiO~ 

Si02(am) = Si02(aq) 

(7.8) 

(7.9) 

for which Ksp = [H4SiO~] = [Si02(aq) 1. Rimstidt and Barnes give the following Ksp-temperature func
tion for Si02(am) solubility, which applies up to about 200°C: 

840.075 
log Ksp = 0.338037 - 7.8896 x 10-4 T - '-T- (7.10) 

where T is in kelvin. According to Ellis and Mahon (1964), amorphous silica alters to quartz at tem
peratures roughly above 200°C, for which conditions the nucleation energy for quartz is sufficiently 
low that it readily precipitates instead of Si02(am). Equation (7.10) leads to Ksp = 10-2.71 at 25°C and 
the following ppm solubilities for Si02(am) with temperature: 

Toe Si02(aq) (ppm) 

0 67 
25 116 
50 183 

100 372 

In good agreement, the temperature function 

731 
log K,p = -0.26 -T(K) (7.11) 

for SiOiam) (proposed by Fournier [1985]), which applies between about 25 and 200°C, yields 
Si02(aq) solubilities of II 7 ppm at 25°e and 363 ppm at 100ce. Such concentrations are common 
in hot springs (cf. Morey et al. 1964) and in groundwaters having temperatures above 50°C. 

Other crystalline polymorphs of Si02 have solubilities greater than that of quartz, the thermo
dynamically most stable (and thus least soluble) form of Si02, and less than that of amorphous sil
ica, which is the least stable form of silica (cf. Dove and Rimstidt 1994). The only crystalline non
quartz silica polymorphs found in significant amounts at low temperatures are the minerals 
cristobalite and tridymite, which are both unstable relative to quartz at such temperatures (cf. Brown 
et al. 1978). The low- and high-temperature structural forms of the silica polymorphs are designated 
their a and [3 forms, respectively. At I bar pressure, a-quartz is stable up to 573°C and [3-quartz from 
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that temperature up to 870°C. At I bar pressure, ,8-tridymite is thermodynamically stable above 
870°C relative to ,8-quartz, and ,8-cristobalite is stable relative to ,8-tridymite above I 470°C (cf. Deer 
et al. 1992). This indicates that a-cristobalite is probably less stable (more soluble) than a-tridymite 
at 25°C and I bar. Published thermodynamic data and reported solubilities for a-cristobalite and 
a-tridymite are in poor agreement. The solubilities suggested here are consistent with the likelihood 
that a-cristobalite is more soluble than a-tridymite at 25°C. 

The solubility of a-cristobalite measured between 85 and 250°C by Fournier and Rowe ( 1962) 
corresponds to the fortuitously simple function 

log K,p(a-cristobalite) == 
1000 

---
T(K) 

(7.12) 

This extrapolates to an a-cristobalite solubility of 27 ppm as Si02(aq) at 25°C. Thermodynamic data 
in Robie et al. (1978) suggest a 25°C solubility of 16 ppm for a-tridymite. 

The silica in soils occurs in both crystalline and relatively amorphous forms. High dissolved 
silica concentrations from the weathering of mafic minerals in volcanic rocks (e.g., basalts and tuffs) 
may lead to the precipitation of cristobalite, tridymite, and/or opal (microcrystalline Si02 . nH20), 
particularly in the unsaturated zone (cf. Deer et al. 1992; Murphy and Palaban 1994). The relatively 
amorphous cristobalite in soils, which is sometimes called opal or opaline silica, may largely result 
from organic processes. Thus, opaline silica is formed in many grasses and in the leaves of some de
ciduous trees. It is also precipitated in lakes by diatoms (microscopic algae) and siliceous sponges 
and in the ocean by diatoms, sponges, and radiolaria (a large group of one-celled sea animals). 

The common silica rocks, chert and chalcedony, are made up of fine-grained quartz and mi
crocrystalline silica. Accordingly, their solubility exceeds that of well-crystallized quartz. Fournier 
(1985) suggests the temperature function 

1032 
log Ksp(chalcedony) == -0.09 ---

, T(K) 

which corresponds to a chalcedony solubility of 17 ppm as Si02 at 25°C. 

(7.13) 

As a weak acid, silicic acid dissociates in two steps, according to the reactions with the step
wise constants given below for 25°C: 

H4Si04 == W + H3Si04" 

H3Sf04" == W + H2SiOl-

,81 == KI = 10-9,82 

K2 = 10-13.10 

(7.14) 

(7.15) 

Here, KI is from Busey and Mesmer (1977), and K2 is computed from KI and the cumulative con
stant for the reaction: 

(7.16) 

from Baes and Mesmer (1976). Given the value for ,81' it is clear that the H4Si04 concentration ex
ceeds that of the anionic silica species up to pH = 9.82 and that the latter are less than I % of total 
silica and so can be ignored up to about pH 7.8. 

Although the solubilities of quartz, its polymorphs, and amorphous silica are fixed and pH-in
dependent in most natural waters, the dissociation of silicic acid at alkaline pH's leads to substantial 
increases in their solubilities above pH 9 to 10. The following calculations show how we can predict 
this effect. First, the solubility of any silica solid must equal the sum of the concentrations of all 
species of silica in solution at equilibrium. This summation is given by the mass-balance equation 

(7.17) 
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Using the silicic acid dissociation constant expressions for f31 and f32 for reactions (7. 14) and (7.16) 
above, we can replace the last two terms in Eq. (7.17) with terms that contain only the species 
H4Si04'. This leads to 

1:Si0
2
(molal) == H

4
SiO" + K}H4~iO~J + K,K;J!1,.~i~41 

4 1H+ I 1H+J2 

Factoring out H4Si04', we are left with the simple expression 

1:Si02(molal) == [H Sioo1(1 +E'_ + _K.~~~) 
4 4 IH+) IH+F 

As shown previously, the dissolution of silica solids can be written 

or 

SiOis) + 2H20 == H4Si04' 

SiOis) == Si02(aq) 

(7.\8) 

(7.19) 

Given the above solubility data for silica solids and values for KI and K2, we can substitute into ex
pression (7.19) for different pH values to compute solubilities of the solids. AI 25°C we will assume 
K,p(quartz) == 10-400 and Ksp[Si02(am)] == 10-271 . Substituting these values for H4Si04' in Eq. (7.19) 
and ignoring activity coefficients leads to the solubilities tabulated below, where concentrations have 
been converted from molal to ppm units. 

Quartz SiOz(am) 
pH l:Si02(aq) ppm l:Si02(aq) ppm 

7 6.0 117 
8 6.1 122 
9 7.0 139 

10 15.5 310 
II 102 2,020 
12 1,028 20,500 

These values are plotted in Fig. 7.7. Consistent with the thermodynamic results, silica concentrations 
can be very high in evaporative alkali lakes. 

7.6 SILICA IN NATURAL WATERS 

Silica concentrations are summarized in Table 7.5 for a variety of natural waters. Diatoms can lower 
lake silica levels to below 3 ppm and to as low as 0.5 to 0.8 ppm (Hutchinson 1957). Some fresh
water sponges can reduce lake silica values to 1.2 ppm. 

Streams pick up most of their dissolved silica in roughly three days or fewer following storm 
runoff (d. Kennedy 1971), probably because of stream recharge from water in adjacent soils. Silica 
levels in soil moisture appear to be buffered by silica associated with the surfaces of fine-grained soil 
materials, including clays (cf. Mackin and Swider 1987) and oxyhydroxides (cf. Jones and Handreck 
1963), which can be rapidly released or adsorbed. Bricker et al. (1968) found, for example, that when 
a soil column was treated with percolating distilled water or with a solution containing 50 ppm dis
solved silica, the column effluent in either case contained 9 ppm dissolved silica, even after the 
equivalent of six years of rainfall had been added to the column. Soil mineralogy included quartz, 
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Figure 7.7 Solubilities of quartz and amorphous silica as a function of pH. Also shown 
are lines indicating the solubility of quartz due to the individual dissolved silica species 
H4SiO~, H3Si04, H2SiO~-, and the fields of dominance of H4SiO~, H3SiO;;. and H2SiOl- as 
a function of pH. 

TABLE 7.5 Silica concentrations as Si02(aq) in some natural waters 

Type of water 

Streams, rivers, & lakes 

Seawater 

Soil moisture t 

Unsaturated volcanic rocks* 

Groundwater 
Oil field brines 

Hot springs & geysers 

Approximate 
range (ppm) 

5-25 
0.01-7 

<1-II7 
78-102 

5-85 
5-60 

100-600 

Median 
(ppm) 

14 

54 
90(?) 

17 

Comments 

Lowest in lakes (diatoms) 

Lowest values, especially 
diatoms 

Concentrated by evaporation 

Concentrated by evaporation, 
unstable mafic minerals 
and glass.!s 

See below 
Especially <30 ppm 
Especially t,!mperature effect 

Source: After Davis (1964). Kennedy (1971 l. and Anderson (1972) unless otherwise indicated. 

tSears and Langmuir (1982). tMurphy and Palaban (1994). 
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muscovite, and the clays kaolinite and illite. (See also Garrels and Mackenzie 1971; and Mackin and 
Swider 1987.) 

The silica in soil moisture in temperate humid climates may reach saturation with amorphous 
silica, probably because of evaporative concentration (Sears and Langmuir 1982). Mean or median 
silica concentrations in soil moisture are poorly known. The median value of 54 ppm in Table 7.4 is 
from a study ofC-horizon (deep) soils in central Pennsylvania (Sears and Langmuir 1982). 

The lowest soil moisture values probably reflect dilution of silica concentrations in highly 
leached soils. The reaction 

(7.20) 

kaolinite gibbsite 

has Kcq = [H4Si04'1 = 10 .. 47 , which is equivalent to a low concentration of'" 1.2 ppm dissolved sil
ica. However, this reaction and other clay mineral equilibria probably take years to reach equilib
rium at low temperatures (cf. May et al. 1986) and so cannot control short-term or rapid-response 
silica concentrations in soils, groundwaters or surface-waters, generally. 

Groundwater silica concentrations are remarkably uniform for most aquifers, with trends rel
atively minor or nonexistent (Davis 1964). Silica levels in groundwater are a function of rock type, 
as shown in Table 7.6. The highest silica concentrations derive from the weathering of high-tem
perature mafic minerals, such as the olivines and pyroxenes, which are abundant in pyroclastic vol
canic and basaltic rocks. Weathering of the high-temperature plagioclase feldspars that are present 
in some plutonic rocks and in arkose and grey wacke sediments can also produce high dissolved
silica values. The lowest silica concentrations are found in rocks that contain chiefly quartz and/or 
minor amounts of clays, such as quartz-rich sandstones and carbonate rocks. 

In sUfl1mary, the lowest Si02 concentrations in natural waters (below a few ppm) reflect: (1) in 
lakes or ocean water, the action of silica-extracting organisms such as diatoms; (2) in soil moisture, 
dilution by fresh infiltration in highly leached soils; and (3) in soil- or groundwater systems, gener
ally, the absence of silicate minerals other than quartz or, perhaps, kaolinite. The surprisingly con
stant and similar median silica values of 14 ppm in streams and 17 ppm in typical groundwaters prob
ably reflects silica butfering by its association with the surfaces of fine-grained materials, including 
clays and aluminum and ferric oxyhydroxides. 

TABLE 7.6 Typical silica concentrations (as ppm Si02(aq)) in the groundwater from different 
rock types 

Rock type 

Pyroclastic volcanics' 

Fresh basalts1 

Plutonic felsic rocks, 
arkoscs and greywackes 

Marine sandstones 

Limestones & dolomites 

Concentration 

-85 
50 

-50 

-IS 
5-14 

Remarks 

Abundant mafic minerals & high rock surface areas 

Mafic minerals 

Plagioclase feldspars, etc. 

Weathered quartz 

Trace clays & quartz present 

'Si02(aq) = 36-78 ppm in groundwaters in saturated volcanic tuffs under Yucca Mountain (Murphy and Palaban 1994). 

ISi02(aq) = 44 ppm (average) for nine groundwaters from basalt reported by White et a!. (1963). 

Source: After Davis (1964). 
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Highest silica concentrations in groundwater (2:50 ppm) result from the weathering of rocks 
that contain high-temperature silicate minerals. Elevated dissolved-silica values are also found in 
thermal groundwaters and alkaline lakes, because of the increased solubility of silica at high tem
peratures and high pH's. 

7.7 SOLUBILITY OF THE ALUMINUM OXYHYDROXIDES, 
KAOLINITE, AND THE FERRIC OXYHYDROXIDES AS A 
FUNCTION OF pH 

An assumption inherent in the weathering calculation above was that the aluminum is insoluble dur
ing weathering. As we will see, this assumption is a good approximation around pH 6 to 7, but be
comes less valid at lower and higher pH's where aluminum oxides and hydroxides are more soluble. 
Solids that become increasing soluble at both low and high pH's are said to exhibit amphoteric be
havior. Such behavior reflects the fact that the solids dissolve at low pH's to form cationic species 
and at high pH's to form anionic species. Both the aluminum and ferric-iron oxyhydroxides are 
amphoteric. 

Let us calculate the solubility of aluminum hydroxide in pure water at 25°C as a function of 
pH to explain this behavior. In our calculations we will ignore activity coefficients so that activities 
equal concentrations. 

We start with the general solubility product expression Ksp[Al(OHhl = [AI3+][OH-p. Given 
also that Kw = [H+][OH-], we can eliminate OH- from the Ksp expression, and solve for [AP+J to 
obtain 

K [H+J3 
[AI3+J = :.:s!' __ 

(K»? 
(7.21 ) 

But the total solubility of Al(OHh (~Al[aqJ) is the sum of concentrations of all the AI-OH complex 
species plus the free A13+ concentration. This is written: 

~Al(aq) = [AJ3+] + [AI0W+] + [Al(OHHl + [Al(OH)3l + [Al(OH);1l (7.22) 

Concentrations of each AI-OH complex can be related to that of AJ3+ through the following cumula
tive complexation reactions: 

A13+ + H20 = AIOH2+ + H+ 

AP+ + 2H20 = Al(OHH + 2W 

AJ3+ + 3H20 = Al(OH)3' + 3W 

AJ3+ + 4HzO = AI(OH):;- + 4W 

The complexation constant expressions for these reactions are: 

[AlOW+] [WI 
*/3, = [AJ3+] 

[Al(OH)}] [WP 
*/33 = -~3+) --

[Al(OH)!] [W\2 
*/32 = ----[AI3+]---

[Al(OH):;-] [WJ4 

*/34 = [AI3+]--

(7.23) 

(7.24) 

(7.25) 

(7.26) 

(7.27), (7.28) 

(7.29), (7.30) 

Our goal is to derive an equation in terms of ~Al(aq), pH, and the complexation constants, so that 
we can plot the solubility of Al(OHh (as ~Al[aqJ) versus pH. We begin the derivation by solving 
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each complexation constant expression for its AI-OH complex and then substituting into the LAI(aq) 
expression to eliminate all the AI-OH species. The result is 

(7.31 ) 

Notice that individual terms in this sum give the solubility contributions from each aluminum 
species. Factoring out [Aj3+] and remembering that it is controlled by Ksp through the expression 
[AI3+1 ::: Ksp[H+13/(K.Y, we eliminate [Aj3+1 and obtain the final mass-balance expression in the pro
ton form 

(7.32) 

Examination of this equation shows thatAl(OHh solubility depends on the value of Ksp. but the shape 
of the solubility curve depends only on the *f3" values. 

According to Nordstrom et al. (1990). at 25°C: *f31 = 1O~5{)(). *f32 = 10~lol. *f33::: 1O~16.9, and 
*f34 = 1O~227. Also, Ksp ::: 10-31.2 for amorphous AI(OHh and 10-3.19 for gibbsite, a common crys
tallinelorm of AI(OHh t We can substitute these constants into the expression for LAI(aq), and de
rive solubility curves for the amorphous and crystalline solids as a function of pH. The result is 
shown in Fig. 7.8. 

In our weathering example (Table 7.2) kaolinite, rather than the aluminum oxyhydroxides. was 
the chief weathering product of the feldspars. This reflects the fact that the silica present in soil mois
ture and natural waters, generally, is high enough to stabilize kaolinite relative to the aluminum oxy
hydroxides. This observation is better understood if we write the kaolinite dissolution reaction: 

(7.33) 

kaolinite gibbsite 

for which 

(7.34) 

The value of Ksp and [H4SiOgj will depend on the stabilities we assign to kaolinite and gibbsite. The 
natural behavior of these minerals in weathering environments suggests that the equilibrium silica 
concentration for this reaction is about 2 x 10-5 mol/kg, or 1.2 ppm silica as Si02 (cf. Hess 1966). 
In good agreement, stability constant data given by Nordstrom et al. (1990) correspond to Keq = 
[H4SiOXJ = 4.05 x 10-5 mollkg, or 2.4 ppm silica for kaolinite-gibbsite equilibrium. At higher silica 
concentrations. kaolinite is more stable than gibbsite. 

The solubility of kaolinite in terms of LAl(aq) versus pH, can be derived and graphed in the 
same way we have developed the AI(OHh solubility plot, except that we must fix the concentration 
of dissolved silica. Thus, for example. we write: 

~AI2Si205(OH)4 + 3W = Aj3T + H4SiOX + !H20 

kaolinite 

(7.35) 

'In excellent agreement, Pokrovskii and Helgeson (1995) list free energy data that corresponds to the following val
ues for these constants: *(31 = 10- 496, *(3, = 10-10.59, *(3, = 10- 164" *(34 = lO~n88, and Ksp(gibbsite) = IO~342. 
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Figure 7.8 Solubility of (a) amorphous AI(OHh, K,p = 10-312, and (b) gibbsite [AI(OHh], 
Ksp = 10-33.9, as a function of pH at 25°C. Also shown are lines indicating the solubility con
tributions of AI'+ and individual AI-hydroxy complexes. 
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The equilibrium constant expression 

(7.36) 

can be solved for [AI3+] to give 

(7.37) 

In the equilibrium constant, the superscript asterisk indicates that the dissolution reaction is written 
in terms of protons. The sUbscript foIl owing K (zero in this case) is the number of hydroxyl ions as
sociated with A13+ in the reaction. According to Nordstrom et al. (1990), * Ko = 103.72• Reactions sim
ilar to (7.35) can be written in which kaolinite is dissolved to form each of the aluminum hydroxy 
complexes listed in mass-balance equation (7.22) for total aluminum. These re'actions can be gener
ated by successively adding the cumulative reactions for the AI-hydroxy complexes-Eqs. (7.23) to 
(7.26)-to Eq. (7.35). For example, adding Eqs. (7.35) and (7.23) and their log Keq values for 25°C, 
we obtain 

~AI2Si20s(OH)4 + 3W = A)3+ + H4Si04' + ~H20 

A)3+ + H20 = AIOH2+ + H+ 

~AI2Si20s(OH)4 + 2W + !H20 = AIOH2+ + H4Si04' 

The equilibrium constant expression for reaction (7.38) is: 

*K = *K *f3 = [AI(OH)2+] [H4SiO~] = 10-128 
I a I [H+]2 

log Koq 

3.72 (7.35) 

-5.00 (7.23) 

-1.28 (7.38) 

(7.39) 

In general we find *Kn = *Ko x *f3n. The remaining reactions and their equilibrium constant expres
sIOns are: 

~ AI2SiPs(OH)4 + W + 1 H20 = AI(OHH + H4Si04' 

*K = *K *f3 = [AI(OH)2] [H4SiO~1 = 10-638 
2 a 2 [WI 

!AI2Si20s(OH)4 + ~H20 = AI(OH)3' + H4Si04' 

*K3 = *KO*f33 = [AI(OH)3J[H4Si04'] = 10 -lll8 

!AI2Si20s(OH)4 + ~H20 = AI(OH)4" + H4Si04' + W 

*K4 = *KO*f34 = [AI(OH)4"][H4Si04J[W]= 10-1898 

(7.40) 

(7.41) 

(7.42) 

(7.43) 

(7.44) 

(7.45) 

These *f3n expressions are next solved for their respective aluminum species. Resultant expressions 
are then substituted into Eq. (7.22) to give an equation for rAI(aq) in terms of H+, the constants and 
dissolved silica. Factoring out the [H4Si041 term, the general result is 

rAl(aq) = __ 1_ (*K [H+]3 + *K [H+]2 + *K [H+] + *K + .*K4) (7.46) 
[H4SiO~] 0 I 2 3 [W] 

Now if we assume a fixed concentration of H4Si04' and introduce *Kn values into Eq. (7.46), 
the solubility of kaolinite can be computed and shown on a plot of dissolved rAI(aq) versus pH 
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Figure 7.9 Solubilities of gibbsite 
[AI(OH)31 and kaolinite 
[AI2SiP;(OH)41 as LAI(aq) as a func
tion of pH at 25°C. The solubility of 
kaolinite has been computed assuming 

12 SiOz(aq) = 17 ppm, the average value 
for groundwater. 

(Fig. 7.9). Because kaolinite solubility is in terms of the AI-OH complexes, the solubility curve for 
kaolinite at fixed H4Si04 has the same shape as the solubility curves for gibbsite or Al(OHh(am). 
As suggested by Fig. 7.9, kaolinite is generally at least an order of magnitude less soluble than the 
aluminum oxyhydroxides at typical silica concentrations in natural waters. This justifies our as
sumption of Al immobility in the weathering example with kaolinite as the weathering product. 

Although kaolinite is thermodynamically stable in most soils, it is usually not the first alumi
nosilicate mineral to precipitate from supersaturated soil solutions. Steefel and van Cappellen (1990) 
point out that in soil profiles an irreversible sequence of precipitation may begin with relatively sol
uble allophane ([Al(OHhl(\_x)[Si02lx), followed by less soluble halloysite (AI2Si20 5(OH)4 . 2HP), 
and finally by kaolinite. The hal10ysite and kaolinite grow at the expense of their more soluble pre
cursor phases, in a process that apparently takes thousands of years. This sequence of replacement 
by progressively more stable phases is known as the Ostwald step rule (Steefel and van Cappellen 
1990; see Chap. 9). The allophane and halloysite are typically found deep in the soil, where weath
ering of parent materials is most active, with kaolinite most abundant near the surface. Allophane 
and halloysite may dominate the soil in climates that have dry seasons, but be absent in climates with 
high rainfall and no dry periods, where instead kaolinite is the chief clay, sometimes accompanied 
by gibbsite (cf. Cozzarelli et al. 1987). 

Allophane is an X-ray amorphous phase that may be viewed as a complete solid solution be
tween Al(OH)3 and Si02. Paces (1978) writes allophane dissolution as 

(7.47) 

Based on 152 laboratory and groundwater analyses between pH 1.8 and 9.2, he proposes that x and 
Ksp are both functions of pH, with x = 1.24 - 0.135 pH and log Ksp = -5.89 + 1.59 pH. In his review 
of the saturation state of the 152 waters, Paces (1978) found that kaolinite was supersaturated by 1030 

to 104.8 times, whereas allophane and hal10ysite were both generally close to equilibrium. 



Sec. 7.7 Solubility of the Oxyhydroxides and Kaolinite as a Function of pH 253 

The structure of halloysite is equivalent to that of kaolinite, but has a layer of water molecules 
between each pair of silica and alumina layers (see Chap. 9; Deer et a!. 1992). Writing halloysite dis
solution in the same form as in Eq. (7.35) for kaolinite, its solubility product is Keq = 105

.
64 (Hem 

et al. 1973; Steefel and van Cappellen 1990), versus Keg = 10372 for kaolinite. In other words, halloy
site is about 80 times more soluble than kaolinite. If plotted in Fig. 7.9, also assuming Si02(aq) = 
17 ppm, the solubility curve for halloysite is parallel to but 1.9 log units above the curve for kaolin
ite at any pH. 

Unless soils and their parent materials are capable of neutralizing acid precipitation (see 
Chap. 8) pH values may drop to 4 or less in soil moisture and local surface-waters and groundwaters. 
Spodosols are among the most vulnerable soils to such acidi fication (Schecher and Driscoll 1987). 
Under acid conditions dissolved AI concentrations may be as "high as 8 to 10 mgfL from the leach
ing of aluminous minerals such as kaolinite and gibbsite (cf. Bottcher et al. 1(85). The dissolved Al 
then buffers the pH at acid values because of reactions that include 

(7.48) 

Detailed geochemical controls on the mobility of aluminum in a soil were evaluated in an el
egant field study by Cozzarelli et al. (1987). The authors used Iysimeters to sample fast-flow waters 
(macropore; subject to gravity) and slow-flow waters (micropore; subject to capillary forces) in a 
highly permeable inceptisol in the Blue Ridge Mountains, Virginia. They also sampled an adjacent 
stream. Their soils were 40 to 120 cm deep and capped with a 5-cm-thick 0 horizon with 72% or
ganic matter. Soil and stream samples had pH 3.81 to 7.04 and total aluminum (LAllaqJ) values from 
6 to 1070 f.J.-g/L. By chemical analysis the authors speciated the LAI(aq) into acid soluble, organic 
monomeric and inorganic monomeric fractions, and computer modeled the water analyses with 
WATEQF (Plummer et al. 1984). The study showed that the deep soil was a sink for the Al dissolved 
by acid waters in shallow soils. Aluminum mobilized by organic acids in the ° and A horizons was 
precipitated in micropores deeper in the soil, probably as kaolinite and perhaps as gibbsite. Fast
moving macropore waters remained undersaturated with AI phases, except in the deeper C horizon 
where kaolinite may have equlibrated. Most of the AI dissolved in soil waters was present as Al com
plexes. A large percentage occurred as strong organic complexes, with most of the inorganic AI found 
as fluoride complexes. 

Example 7.1 

Tabulated here is the hypothetical analysis of dissolved species (in liM) in micropore water 
from the C horizon of a soil similar to that just described with pH = 5.65 and T = 10°e. 

Species Ca Mg K l:AI(aq) F 

Concentration 15 40 80 6.4 105 5 160 

Enter all the data except for l:AI(aq) in MINTEQA2. Make kaolinite an infinite solid, but 
change its K,p to the value assigned in this chapter from Nordstrom et a!. (1990). 

1. What percentages of LAI(aq) are present as AP+ and AI-OH complexes, and as fluoride 
complexes? 

2. If the modeling results accurately represent conditions in the soil and the tabulated 
LAI(aq) value is correct, what percentage of Al may be present as other species (i.e., as 
organic complexes)? 
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3. What is the saturation state of the water with respect to quartz, AI(OHMam), gibbsite, 
and halloysite? 

The modeling shows that AI(aq) = 0.20 JLM, of which A}3+ = 1.1 %, A13+ plus the AI-OH 
complexes = 26%, and AI-F complexes = 74%, and thus dominate the inorganic Al speciation. 
The percentage of Al that may be present as organic (?) complexes is: [(6.4 - 0.2)/6.4] x 100 = 
97%. (This is probably unrealistically high.) The saturation indices requested are: quartz, 0.44; 
AI(OHh(am), -3.2; gibbsite -1.4; and halloysite -1.7. 

The aluminum oxyhydroxides, kaolinite, and halloysite dissolve to form cationic aluminum 
species at low pH and the anionic species (AI(OH)4") at high pH. The same amphoteric behavior is 
also true of the Fe(III) oxyhydroxides, although the latter are much less soluble, in general, under 
oxidizing conditions. We next compute the solubilities of the ferric oxyhydroxides as a function of 
pH. The approach is identical to that described above for the Al-oxyhydroxides. 

Given below are cumulative formation constants for the ferric-hydroxyl complexes at zero 
ionic strength and 25°C from Macalady et al. (1990). 

Reaction 

Fe3+ + H20 = Fe(OH)2+ + W 
Fe3+ + 2H20 = Fe(OHH + 2W 
Fe3+ + 3H20 = Fe(OH)3' + 3W 
Fe3+ + 4H20 = Fe(OH)4 + 4W 

-log *f3/1 

2.19 
5.67 

12.56 
21.6 

Starting with a mass-balance equation for total iron, and using an approach identical to that used to 
derive Eq. (7.32) for the Al-oxyhydroxides, we obtain Eq. (7.49), which describes the solubility of 
the ferric oxyhydroxides as a function of pH, 

(7.49) 

The pKsp-(-log Ksp) values for amorphous Fe(OHh (ferrihydrite) and the mineral goethite 
(a-FeOOH) are 37.l and 44.2, respectively. Substituting these values and the above cumulative for
mation constants for the Fe(III)-hydroxy complexes into Eq. (7.49), we may compute the pH
dependent solubilities of the solids at 25°C. The results are shown in Figs. 7.10 and 7.11. Figure 7.11 
also shows the fields of dominance of the several Fe-OH complexes as a function of pH. Clearly the 
ferric oxyhydroxides are less soluble than the aluminum oxyhydroxides in general, which explains 
their persistence in the weathered soil. These figures also demonstrate why concentrations of dis
solved Al and Fe in surface waters are generally below 1 ppm, except in acid mine waters. For iron, 
this statement applies only to oxidized environments. Under reducing conditions such as can develop 
in wetlands or water-logged soils, ferric iron is reduced to much more soluble ferrous iron and so 
may be leached from associated soils or sediments (cf. Chap. 11). 

In previous discussion, calculations were simplified by assuming that the Fe(III) and Al oxy
hydroxides and clays are pure phases as defined in the text. For the oxyhydroxides, effects of the full 
range of differences in their crystallinity, degrees of hydration, and particle size were implicitly ac
counted for by comparing the solubilities of their most amorphous and crystalline end members. 
However, as a further complication, the oxyhydroxides and clays often occur as solid solutions in 
soils and sediments. For example, on a mole-fraction basis, goethite may contain up to 33% AI, 
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Figure 7.10 Solubility of amorphous 
Fe(OHh. K,p = 10-371 • as a function of 
pH at 2SOC. Also shown are lines indi
cating the solubility contributions of 

2 3 4 S 6 7 8 9 10 II 12 n 14 Fe); and individual Fe-hydroxy 
pH complexes. 

hematite upto 25% AI, and kaolinite as much as 3% Fe3 .. (Tardy and Nahon 1985). Assuming the 
applicabilityQf ideal solid-solution concepts. Tardy and Nahon (1985) and Trolard and Tardy (1987) 
have estimated the solubilities and relative stabilities of such solid solutions, correcting for particle
size effects, and changes in the activity of water. 
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Figure 7.11 Solubility of amorphous 
Fe(OHh, Ksp = 10-371 (top curve). and 
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tom curve), as a function of pH at 
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wise formation constants for the com
plexation reactions written in the form 
Fe(OH);,-1I + H20 = Fe(OH)~~'" + W. 
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7.8 CHEMICAL WEATHERING MODELS 

For a variety of practical reasons, great effort has been expended in recent years to understand con
trols on and to predict rates of chemical weathering in soils. A principle reason has been a need to 
assess the effects of acid precipitation on the chemistry of soils and thus on the health of affected 
plants and trees. Soil acidification from acid precipitation has been a serious problem in industrial
ized areas where soils are thin or absent and bedrock and resultant soils lack carbonate or reactive 
silicate minerals (cf. Likens et al. 1977; Berner and Berner 1996). Soil acidification in such areas 
has caused the acidification of adjacent streams and even underlying groundwaters (cf. Bottcher 
et al. 1985; Hansen and Postma 1995). 

Three general approaches have been taken to evaluate silicate weathering rates (Apello and 
Postma 1993). These have included: (I) historical rates; (2) mass-balance calculations; and (3) ex
perimental laboratory rates. Historical rates are computed from changes in soil composition from the 
top down to the unweathered parent material, assuming the age of the soil is known. For example, if 
we could assume that the C-horizon composition in Table 7.2 represents most of that soil. and it was 
formed in the last lOS years, and that none of the soil has been removed by physical erosion (gener
ally a very poor assumption), we can compute a rate of chemical wdffiering. An inert, relatively in
soluble tracer found in the parent material, such as quartz, zircon (Zr02), or rutile (TiOl ) is needed 
for the calculation (cf. Bain et al. 1990; Nesbitt and Wilson 1992). An example calculation of weath
ering rate using historical data is given in Table 7.7 from Sverdrup and Warfvinge (1988), which in
dicates an overall weathering rate of 0.16 keq/ha/y, or 1.6 x 10-2 eq/m2/y. The historic method often 
leads to rates that appear too low in comparison to the results of other methods (Bain et al. 1991). 

In the mass-balance approach an attempt is made to determine field weathering rates from el
ement flux calculations, usually focusing on the plant-nutrient important base cations (Ca2+, Mg2+, 
K+, and Na+) or on silica (cf. Velbel 1985). In some studies balances are also computed for AI 
(Swoboda-Colberg and Drever 1992) and/or the the major anions and nitrogen species (Likens et al. 
1977; Mast et al. 1990). A general mass-balance equation for the base cations (BC) might be 

[Be released by weathering] == [BC removed in runoff and groundwater]- [BC from atmosphere! 
± [change in exchange pool (BC adsorbed on soil clays)] 
± [BC change in biomass] 

TABLE 7.7 Weathering rates, Rw (keq/ha/y), calculated from compositional 
differences between the top and bottom of a soil near Gardsjon, Sweden 

Bottom of profile 
Mineral R", composition (wt %) Ions released 

Microcline (K-feJdspar) 0.03 16 K+ 

Plagioclase feldspar 0.()4 16 Na+, Ca2+ 

Hornblende 0.03 1.0 Mg2+, Ca2+ 

Epidote 0.04 2.0 Ca2+ 

Biotite 0.02 1.0 Mg2+, K+ 
--

Sum 0.16 

Note: R", is the weathering rale expressed as release of Ca2+, Mg2+, Nat and K+ in kiloequivalents 
per hectare (I ha = 104 m2) per year. 

Source: After H. Sverdrup and P. Warfvinge. Weathering of primary silicate minerals in the nat
ural soil environment in relation to a chemical weathering model. Ware/; Air and Soil Po/lulion 
38: 387-408. © 1988 by Killwer Academic Pub!. Used by permission. 
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Such studies have generally been limited to small watersheds. where the parent material and soils 
are of one type and preferably one mineralogy. Mass-balance studies have also mostly been restricted 
to watersheds where a chloride mass-balance calculation showed that the total yearly chloride inputs 
in precipitation equaled their outputs in the stream draining the watershed (cf. Velbel 1985). This 
permitted the neglect of BC removal (or addition) by groundwater. Usually, a watershed in which 
steady-state conditions existed has been sought such that significant changes in BC in the exchange 
pool or in biomass were not likely (d. Cronan 1985; Mast et al. 1990). With these simplifications 
the mass-balance equation is 

I BC released by weathering I = tBe removed in runoff! - I BC from atmosphere J 

To solve this equation. species concentrations and volumes of precipitation and stream runoff 
are measured to obtain the annual flux of species into and out of the watershed. The relative and ab
solute amounts and chemical compositions of minerals being weathered must also be determined. 
Then. based upon close examination of the soil and personal experience; the researcher writes a se
ries of hypothetical reactions that could describe the weathering processes. Such an exercise is de
tailed in Table 7.8 from a study by Katz et al. (1985). The authors list average precipitation (input) 
and stream-water runoff (output) chemistry, and their difference, corrected for the addition of de
icing salts. This difference is the amount of each species either consumed (only H+ is consumed) or 
released from the watershed. The balanced weathering reactions indicate the number of moles of 
each mineral that must be dissolved to contribute a mole of each species in the runoff and thus pro
vide the stoichiometries of the mass-balance equations. The suite of simultaneous equations is solved 
by hand or with a computer model such as NETPATH (Plummer et al. 1991) to obtain the amounts 
of each mineral weathered, with the results gi ven at the bottom of the table. Katz et al. (1985) find 
that 703 mol/ha/y (7.0 x 10-2 mollm2/y) of minerals are weathered, releasing 2200 eq/ha/y of solutes 
(excluding silica), which is equivalent to 22 x 10 2 eq/m2/y released. This is a relatively high weath
ering rate, probably because it is dominated by rapidly weathered minerals such as calcite, chlorite, 
and actinolite. An interesting conclusion of this study is that although calcite may be much less than 
I % of the dominantly silicate bedrock in a watershed, it plays a major rolc in neutralizing soil acid
ity and contributing solutes to runoff. This is bccause the calcite solution rate is 106 to 109 times faster 
than that of most silicates (Table 7.10). Similarly, Mast et al. ( 1990) reported that only 0.005 to 0.4% 
calcite in a silicate-rock watershed in Colorado produced nearly 40% of the total cations in runoff. 

Weathering rates obtained in this and other mass-balance studies of watersheds lie in the sur
prisingly narrow range between 0.02 and 0.2 eq/m2/y (0.2 to 2.0 keq/ha/y) (Table 7.9). Laboratory 
mineral dissolution rates measured at a given pH can also be expressed in moles Si or moles 
cation/m2/y (cf. Table 7.10). However, the area is that of the mineral surface, not of the watershed. 
To apply the lab results we must know the mineral area exposed to weathering per catchment area. 
Schnoor (1990) estimated 105 m2 of mineral grains available to weathering per m2 of catchment. 
Such estimates are approximate, at best, since they depend on soil type and thickness and on such 
soil properties as the grain size and the reactive and wetted surface areas of the minerals. Mineral 
surfaces are in continuous contact with well-mixed solutions in the laboratory studies, whereas the 
minerals in soil macropores and micropores have variable contact times with water. For these and 
other reasons, field rates computed from mass-balance calculations have often been roughly 101 to 
103 times slower than predicted from laboratory rates, or even from the rates measured on small field 
plots (cf. Velbel 1985; Swoboda-Colberg and Drever 1992; 1993). 

Warfinge and Sverdrup (1992) and Sverdrup and Warfinge (1995) have developed a compre
hensive computer model (PROFILE) to predict the chemistry of soil water, groundwater recharge, 
and a watershed stream (see also Sverdrup and Warfinge 1993; Jonsson et al. 1995; and Alveteg et al. 



258 Chemical Weathering Chap. 7 

TABLE 7.8 Weathering reactions among the main minerals in greenstone, H+ from atmospheric 
deposition, and soil-generated carbonic acid 

Constituent H+ Ca2+ Mg2+ Na+ K+ CI- HCO-3 H4Sio4' 

Output 0.5 510 653 499 37.5 558 1280 933 
Input 812 38 10 80 23.4 89 0 0 
Output - Input -812 472 643 419 14.1 469 1280 933 
De-icing salt 0 176 0 103 14.1 469 0 0 

.75 CaCI2 

.25 NaCI 

Consumed or -812 296 643 316 0 0 1280 933 
released in 
watershed 

Reactions 
I. NaAISi30 8 + W + 1 H20;:! Na+ + i AI2SizOs(OH)4 + 2H4Si04' 
2. CaC03 + W ;:! CaZt + HCO:l 

3. MgsAlzSi30 1O(OH)s + IOHt ;:! 5Mg2+ + H4Si04' + AI2Si20s(OH)4 + 5H20 

4. CaiMg3Fe2)Sis022(OHh + 14W + 8H20 ;:! 2Ca2+ + 3Mg2+ + 2Fe2+ + 8H4Si04' 

5. HzCOJ' = W + HC03 

Mass-Balance Equations 
1. [Nat] = albite 

2. [Ca2+] = calcite + 2 actinolite 
3. [Mg2+] = 3 actinolite + 5 chlorite 

4. [H4Si04'1 = 2 albite + chlorite + 8 actinolite 

5. [HCO]") = calcite + [H2COJ'] 

6. [W] = albite + calcite + 10 chlorite + 14 actinolite -[H2C031 

Dissolved constituents Wand H2CO}, 
Minerals consumed produced reacted 

albite 316 Na+ 316 HCO]" 1280 

calcite 249 Ca2+ 296 Ht 812 

chlorite 115 Mg2+ 643 HzCOJ' 1031 

actinolite 23.3 H4Si04' 933 

Note: Values in moleslhectare. Output is Hauver Branch stream water in 1982. Input is average precipitation composition 
in 1982. 

Source: From B. G. Katz et al. Geochemical mass-balance relationships for selected ions in precipitation and stream water, 
Catoctin Mountains, Maryland. Am. J. Sci. 285: 931-62. © 1985 by and reprinted by permission of American Journal of 
Science. 

1995). According to the authors, PROFILE predicts field weathering rates within ±20% of rates ob
tained by the historic or mass-balance methods. Required inputs to the model are average annual pre
cipitation amounts, their average chemistry, and detailed soil characterization data. Also required are 
temperature, soil CO2 pressure, and the mineralogy, particle-size distribution, and soil-moisture sat
uration of individual soil layers or horizons. Program output includes the soil pH and overall silicate 
weathering rate and the chemistry of the stream that may be compared to its measured chemistry. 

The general sequence of the calculations in PROFILE is given in Fig. 7.12. The acid neutral
ization capacity (ANC) of soil moisture (the alkalinity minus the acidity) and the soil pH are com-
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TABLE 7.9 Rates of cation export per square meter of catchment for some 
watersheds underlain by silicate rocks. based on mass-balance calculations 

Geographic area 

Hubbard Brook, NH (USA)+ 
Swiss Alpst 
Trnavka River Basin (CZ)§ 
Old Forge, NY (USA)" 
Hauver Branch, MD (USA)# 
Coweeta Watershed, NC (USA)tt 
Adirondack Mountains, NY (USA),t 
Lockvale Watershed, CO (USA)!§ 
Three watersheds near Gardsjon (SW)IIII 

Equivalents of 
cations/m2/y 

20 X 10-2 

4-10 X 10-2 

2 X 10-2 

15 X 10-2 

22 X 10-2 

4.6 X 10-2 

5-6 X 10-2 

3.9 X 10-2 

4-10.5 X 10-2 

Source: tLikens et al. (1977); tZobrist and Stumm (1979); §Pace~ (1983); IICronan (1985); 
#Katz et al. (1985); ttVelbel (1985); BApril et al. (1986); §§Mast et al. (1990); IIIISverdrup 
(1990) 
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puted from a mass-balance equation that considers the effect on ANC and pH of the rate of nitrogen 
and sulfur species uptake, rate of acid deposition, weathering rate, and rate of H+ release from the 
soil caused by its exchange with base cations adsorbing on the clays. The silicate weathering rate is 
computed assuming steady-state conditions, using a data base of rate constants for 12 important rock
forming minerals, corrected for temperature. These rate constants have been derived through the ap
plication of transition-state theory to published laboratory mineral dissolution rates. The model in
dicates that weathering rates are strongly temperature-dependent and increase by about 30% for a 4 0 

temperature increase. 

TABLE 7.10 Laboratory weathering (dissolution) rates of calcite. 
corundum. and some silicate minerals measured at pH = 4 

Mineral 

Calcite' 

Plagioclase feldsparst 
Bytownite (An76) 
Andesine (An46) 
Oligoclase (Ann) 

Olivine! 

Enstatite" 

Biotite# 

Albite (Ano)'" 

MuscoviteH 

Quartz** 

Kaolinite"" 
Corundum (a-Alp)11 

mol Si/m2/y 

1.6 X 103 (mol Ca2+) 

1.9 
0.25 
3.8 x 10-2 

2 X 10. 2 

1.3 X 10 3 

1.2 X 10.1 

7.9 X 10-5 

4.5 X 10.5 

6.3 X 10-6 

5.0x 10 6 

3.2 X 10-6 (mol AI 1+) 

Source: 'Plummer et al. (1979); iOxburgh et al. (1994); *Wogelius and Walther 
(1991); IIBrady and Walther (1989); 'Grandstaff (1986); 'Chou and Wollast (1985); 
Hellman (1994); the rate for K-feldspar roughly equals that of albite (Helgeson et al. 
1984); liWieland et al. (1988); i§Berger et al. (1994); IIIICarroll and Walther (1990). 
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Figure 7.12 The order of calculations 
in the PROFILE model of P. Warfinge 
and H. Sverdrup. From Calculating 
critical loads of acid deposition with 
PROFILE-a steady-state soil chem
istry mode!. Water, air and soil pollu
tion 63: 119-143. © 1992 by Kluwer 
Academic Pub!. Used by permission. 

The equation for the total weathering rate summed for all minerals in all soil horizons is 
horizons minerals 

Rw = ~ ~ rj' Aw' Xj ' () . z (7.50) 
j=1 j=l 

where R w = total weathering rate of all minerals in the soil (keq/m;/s), rj = rate of dissolution of min
eral j (keq/m2/s), Aw = total exposed surface area of the minerals in a volume of soil (m2/m3), Xj = 
fraction of Aw exposed by mineral j, the soil-moisture saturation () = (m3/mLil). and z = soil-layer 
thickness (m). In m;s the subscript denotes soil-surface area. The product Aw' Xj • () in Eq. (7.50) de
scribes the fraction of the total mineral area occupied by the wetted surface of mineralj. This makes 
the point that only wetted surfaces can be weathered. Assuming that the degree of surface wetting is 
proportional to the soil moisture saturation, () is obtained from 

() = Psolids . e 
Psolids + 1000 . e - Pbulk 

(7.51) 
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where P,olids = 2700 kg/m3
, the density of soil particles, Pbulk == bulk soil density (kg/m3), and e is the 

soil-water content (m3/m~oil)' Aw is derived from an estimate of the fractions of soil in different size 
ranges with the equation 

Aw = 8.0 . xclay + 2.2 . Xsill + 0.3 . Xsand 

The size fractions must sum to unity, 

Xclay + XSil1 + X,and + Xcoa"c = I 

(7.52) 

(7.53) 

By definition particle sizes of the fractions are Xday = <2 ,urn, XSil1 = 2 to 60 ,urn, Xsand = 60 to 250 ,urn, 
and xeoarse = >250 ,urn. 

The form of the rate equation for the weathering of individual minerals j and the release rate 
of base cations is instructive, 

k [H+ J"II kH,o k p"I'O. k [R-l"" 
r = H" 'fH' + ~:o + co,' co, + R' IR (7.54) 

The first term in this equation describes the etfect of pH on the rate of weathering. The second and 
third terms define the effects of hydrolysis (H20) and of CO2 or carbonic acid on .the rate, while the 
final term describes the contribution of organic acids to the weathering rate. In Eq. 7.54, kw = rate 
constant for reaction with H+ (m/s), kH,o = rate constant for reaction with HlO (keq/ml/s), keo, = rate 
constant for reaction with COl (keq/atm/ml/s), and kR = rate constant for reaction with DOC (m/s). 
Exponential n values (nH, etc.) are the reaction orders of individual rate terms. Brackets enclose dis
solved species concentrations (kmol/m3 = M), Peo, = partial pressure of COz in the soil (atm), R- = 
organic anion concentration, andfH,fi-l,oJR and are rate-reduction factors. They reflect the fact that 
concentrations of dissolved A13+ and base metals produced by weathering can cause significant back 
reaction and so reduce mineral-weathering rates. 

Example 7.2 

A 1-m-thick soil contains, on average, 25% K-feldspar, 40% plagioclase feldspar, 5% vermic
ulite clay, and 30% quartz. Soil moisture pH = 5.0, T= 8°C, and Peo, = 10-2 bar. Volumetric 
soil-water content e = 0.2 m3/m3 (20%), Pbulk = 1500 kg/m3, and the total exposed surface area 
of minerals Aw = 1.5 x 106 m2/m 3• Assuming a single soil horizon, calculate the rate of weath
ering of the soil. Neglect back reactions and the effect of organic matter on the rate. Rate con
stants and reaction orders for dissolution of the three minerals from Sverdrup and Warfvinge 
(1993) are listed below along with mineral weight fractions (x). Notice that quartz is inert and 
so has been ignored. 

Mineral Xj pkH nil pkH,o pkco, nco, 

K-feldspar 0.25 16.0 0.5 17.2 17.2 0.6 
Plagioclase feldspar 0.40 15.9 0.5 17.0 15.8 0.6 
Vermiculite (clay) 0.05 14.8 0.6 17.6 16.5 0.5 

Substituting the pH and rate-related data into Eq. (7.54) we solve for the weathering rate of each 
mineral and find: r(K-feldspar) = 7.0 x 10-18 keq/m2/s, r(plagioclase) = 1.9 X 10-17 keq/m2/s, 
and r(vermiculite) = 7.3 X 10- 18 keq/mz/s. With the bulk density and moisture content, 
Eq. (7.51) gives a soil moisture saturation of 0 = 0.39. The total weathering rate, Rw, the sum 
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Figure 7.13 Contributions of different minerals to the total weathering rate as a function 
of soil depth in four soil layers (horizons) at the Gardsjon site. Reprinted from Applied Geo
chemistry, 8, H. Sverdrup and P. Warfvinge, Calculating field weathering rates with a mech
anistic geochemical model PROFILE, 273-83, with permission from Elsevier Science Ltd., 
The Boulevard, Langford Lane, Kidlington OX5 1GB, U.K. 
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of the rates for the three minerals, may be obtained with Eq. (7.50), which gives Rw = 5.7 x 
10-12 keq/m2/s, or 0.18 eq/m2/y. 

PROFILE computes weathering rates of individual minerals in each soil layer. Such a result 
is shown in Fig. 7.13 for the Gardsjon site in Sweden (Sverdrup and Warfvinge 1993). The soil is 
73% quartz, with decreasing amounts of K-feldspar (18%), plagioclase (12%), hornblende (0.5%), 
epidote (0.5%), and apatite (0.35%). The order of weathering rates is, however, quite different, with 
plagioclase> epidote> apatite> K-feldspar. The example makes the point that small amounts of 
minerals such as epidote, apatite, hornblende, and plagioclase feldspar tend to dominate weathering. 
When present, trace calcite (not considered in the PROFILE model) is an even more important con
tributor to weathering. 
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Figure 7.14 compares weathering rates computed with PROFILE for 15 international sites that 
have been thoroughly characterized, with rates for those same sites obtained using historic or mass
balance methods (Sverdrup and Warfvinge 1993). Agreement among the methods is generally excel
lent and is best when the DOC correction term in the PROFILE weathering rate equation (Eq. [7.54]) 
is neglected, suggesting the need to improve on that aspect of the model. 

STUDY QUESTIONS 

1. Know how and why the rate and character of chemical weathering is dependent on temperature, soil or
ganiclbiological activity, and moisture infiltration rate. 

2. Compared to parent rocks, the mineral products of chemical weathering are oxidized and much more hy
drated, and are lower in cations relative to the concentrations of Al and Si. Explain this statement. 

3. The major dissolved species in natural waters are derived from the chemical weathering of rocks. Which 
species are so derived, and from what minerals? 

4. Only alumino-silicate minerals can weather to produce clays. Explain. 

5. Weathering is accelerated because most of the minerals being weathered were formed at elevated temper
atures and pressures and are thermodynamically unstable under ambient conditions. Defend this statement 
with an example that considers the composition of a typical natural water and the theoretical solubility of 
a silicate mineral being weathered. 

6. In order to reconstruct the process of chemical weathering, it is necessary to select a substance in the source 
rock and resultant soil that can be considered relatively inert to weathering, with which concentrations of 
other soil constitutents can be compared. Alz0 3 and TiOz have been used for such purposes. Once an inert 
"tracer" has been selected, how is such an analysis of weathering performed? 

7. Discuss the origin of the horizons in a soil and explain how the thickness, processes, and compositions of 
those horizons can vary with parent rock, drainage, time, and climate. 

8. Define mature and immature soils, aridisol, entisol, oxisol, and ultisol. 

9. Understand how soils can cause filtration, sorption, and oxidation of organic and inorganic contaminants 
and under what conditions they may fail to remove such contaminants. 

10. Quartz and amorphous silica have the lowest and the highest solubilities among the several polymorphs of 
silica. Because of its slow dissolution and precipitation kinetics, quartz is practically inert in low-temper
ature soils and sediments. Explain both statements and discuss some of their environmental implications. 

11. How are the solubilities of quartz and amorphous silica atlected by temperature? How and why do their 
solubilities depend on the pH? 

12. Explain why silica concentrations in most surface- and ground waters are remarkably constant. 

13. Know how to calculate the solubility of a mineral such as gibbsite. kaolinite, or Fe(OHh (ferrihydrite) as 
a function of pH, both by hand and with a geochemical code such as MINTEQA2. 

14. Explain controls on the mobilization of AI and Fe in the 0 and A horizons and their precipitation in the 
B horizon of a spodosol. 

15. How are the precipitation of allophane and halloysite often related to the formation of kaolinite in a soil 
and why? 

16. How can differences in the thermodynamic stabilities of amorphous versus crystalline forms of SiOz, 
AI(OH), and Fe(OH)3' affect their occurrence in soils and sediments? 

17. The rate of chemical weathering has been evaluated using historic, mass-balance, and theoretical-empiri
cal mineral dissolution rate approaches, often with different results. What are these approaches and why 
may their results differ? 

18. In the PROFILE model of Sverdrup and Warfinge (1992), what is the significance of each term in the rate 
equation for mineral weathering? 
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Figure 7.14 The weathering rate of 15 European and American soil sites computed with 
the PROFILE model with and without correction for the effect of DOC, compared to the 
weathering rate estimated using historic and mass-balance methods. Reprinted from Ap
plied Geochemistry, 8, H. Sverdrup and P. Warfvinge, Calculating field weathering rates 
with a mechanistic geochemical model PROFILE, 273-83, with permission from Elsevier 
Science Ltd., The Boulevard, Langford Lane, Kidlington OX5 1GB, U.K. 
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PROBLEMS 

1. This question relates to the weathering example in Table 7.1. 
(a) The plagioclase feldspar in the granite is about 73% albite and 27% anorthite. Assume that the anorthite 

fraction is completely destroyed by chemical weathering. Further, assuming that quartz is not lost or pro
duced by the weathering, compute the percentages lost due to weathering of the K-feldspar, plagioclase 
feldspar, biotite, and hornblende. 

(b) List the minerals from part (a) in their order of increasing weathering rate (-log rate (mol/m2/s)), as 
given in Fig. 7.1 and Table 7.1. Also list their percentages lost due to chemical weathering as computed 
in part (a). In this exercise, assume that chlorite is equivalent to biotite, and that hornblende is equiva
lent to tremolite. Discuss the significance of the table. 

2. It is sometimes assumed that the minimum solubilities of amphoteric metal oxyhydroxide minerals roughly 
equal their solubilities written solely in terms of the neutral metal hydroxide complex. Using this approach 
and assuming 25°C. calculate the minimum solubilities of gibbsite and of kaolinite (at 17 mg/L Si02[aqj) in 
terms of total dissolved aluminum. and goethite in terms of total dissolved ferric iron. Compare these results 
to the minimum solubilitie~ of these minerals for the same conditions but determined when all the metal 
hydroxy complexes are considered. 

3. (a) Kaolinite is often present in soils and sediments affected by acid mine drainage. in which it is the least 
soluble of the clay minerals. It is probably often the chief source of the dissolved aluminum in acid mine 
drainage. The solubility ofkaolinite as total dissolved aluminum (l:AI(aq)) can be plotted versus pH. if 
one fixes the dissolved silica concentration. (See the text and Fig. 7.9.) In the presence of high sulfate 
concentrations in acid mine drainage. AI-sulfate complexes are formed. These can substantially increase 
the solubility of kaolinite. Given the following stability constant data for 25°C and assuming the total 
dissolved silica activity as H4SiO% is fixed at 10-,55 m (17 mg/L as Si02(aq», calculate and plot the sol
ubility of kaolinite in the presence of a total dissolved sulfate concentration of 10-200 mollL. from pH 2 
to 12. ignoring activity coefficients or other complexes. In your calculation do not forget that total sulfate 
has its own mass-balance equation. Compare your plot to the solubility plot of kaolinite in pure water 
and discuss reasons for any differences. 

Reaction 

AI't + H20:: AIOH2+ + H+ 
AI'+ + 2H20 :: AI(OHH + 2W 
AI'+ + 3HzO :: AI(OH» + 3W 
AI'+ + 4H20 :: AI(OH)4" + 4W 
W + SO~- :: HSO;; 
Alh + SO~- :: AISOt 
A1 3+ + 2S0~- :: AI(S04)2" 
! AI2Sips(OH)4 + 3W :: AP+ + H4Si04' + ! H20 

kaolinite 

-5.00 
-10.1 
-16.9 
-22.70 

1.99 
3.02 
4.92 
3.72 

(b) Use MINTEQA2 to perform the same calculation of kaolinite solubility as l:AI(aq). at integer pH's from 
2 to 12. and compare your results to those obtained in part (a). Hints: Kaolinite may be defined as an in
finite solid and the ionic strength set to zero in the computer model to make the results comparable to 

those you have hand-calculated. 
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General Controls on 

Natural Water Chemistry 

8.1 THE HYDROLOGIC CYCLE, RESIDENCE TIME, AND 
WATER-ROCK RATIO 

The geochemical behavior and chemical and isotopic properties of natural waters are related to their 
location in the hydrosphere, that is, as precipitation, stream flow, soil water, groundwater, ocean 
water, etc. A goal of this section is to make the reader aware of the unique and different chemical and 
isotopic properties of each of these waters and explain why their chemistries differ. 

The hydrologic cycle can be thought of as involving the movement of water liquid and vapor 
between reservoirs, including the ocean, atmosphere, lakes and streams, soils and groundwater. 
The water has a residence time (tR) in each of these reservoirs, which is defined as 

amount of water in reservoir (g) 
t - -
R - flux into reservoir (g/time) 

(8.1) 

Water amounts or fluxes can be measured in volumes or weights. In terms of weights, tR equals the 
weight of the reservoir divided by the weight rate of flux into (or out of) the reservoir. For the ocean, 
which contains 94% of Earth's water 

For the atmosphere, 
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13700 X 1020 g 
tR = . -=------ = 3550 years 

0.36 x 1020 g/y + 3.5 x 1020 g/y 

rivers + ground precipitation onto 
water discharge ocean surface 

0.13 x 1020 g 
t - - 11 days 
R - 3.8 X 1020 gly + 0.63 X 1020 gly -

evaporation 
oceans 

evaporation lakes 
and rivers 

(8.2) 

(8.3) 
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(see Freeze and Cherry 1979). If we can assume the ice caps hold 2% of the world's water and con
tinental waters the 4% remaining, and of that 4% groundwater is 95%, surface waters 3.5%, and soil 
moisture 1.5%, and if we use the above figure of 0.36 x 1020 g/y as a conservative estimate of the 
groundwater discharge rate (because it includes rivers), then this suggests a groundwater reservoir 
of 550 x 1020 g. Mason and Moore (1982) suggest 840 x 1020 g. 

Assuming 600 x 1020 g for the groundwater reservoir, we compute 

t = 600 X 10
20 

g = 1700 
R 0.36 x 1020 g/y Y 

(8.4) 

as a mean residence time of the world's groundwaters. Age dating and tracing of groundwaters show 
their actual ages range from a few days to 10,000 years and more. 

Other approximate reservoir residence times include: 10 years for lakes and reservoirs, 
2 weeks for rivers, and 10 to thousands of years for ice caps and glaciers. 

An important point to consider is that for a given amount and density of air or water pollution, 
if the pollution can only be remediated by dilution (mixing) and dispersion, the time it takes for 
nature to clean up stable chemical pollutants will be directly proportional to reservoir residence 
time. You might think about this idea as it applies to air pollution and surface- versus groundwater 
pollution. 

8.2 WATER IN THE HYDROSPHERE 

We will begin this section with some important definitions needed for the following discussion. (See 
Figs. 8.1 and 8.2.) For more detailed explanation of these and related concepts, not all of which will 
be defined below, the reader is referred to Freeze and Cherry (1979), Fetter (1988), and Domenico 
and Schwartz (1990). 

1. Evaporation The vaporization of water from free water surfaces and soil surfaces. 
2. Tran.lpiration The loss of water from the surfaces of plants. 
3. Evapotran.lpiration The total water loss from evaporation and transpiration. 
4. Ephemeral streams Streams that flow intermittently. 
5. Perennial streams Streams that flow all year. 
6. Base jiow The flow of a stream that is entirely due to groundwater discharging into the 

stream. 
7. Infiltration The flow of water downward from the land surface into and through the upper 

soil layers. 
8. Vadose or unsaturated zone water Water in the zone of aeration that is held by adsorption or 

capillary forces, except when net infiltration is occurring. 
9. Water table The surface of an unconfined aquifer at which the pore water pressure is atmo

spheric. Also, the level to which water will rise in a well installed a few feet or meters into the 
saturated zone. 

10. Groundwater Subsurface-water that occurs beneath the water table in fully-saturated soils 
and formations. 

11. Aquifer A formation that is saturated and sufficiently permeable to transmit economic quan
tities of water to wells and springs. 

12. Aquitard A formation that has too Iowa permeability or hydraulic conductivity to yield eco
nomic quantities of water to a well. 



268 

c 
0 

'! 
<U 

'" '0 
<U 
C 

~ 

~ 

~ 
<l:: 
-"i 

2 
""" 0 

<U 
C C 

~ 
0 
.~ 
::s 
t;j 
'" """ 0 
<U 
C 

~ 

General Controls on Natural Water Chemistry Chap. 8 

COMMON CLASSIFICATION 
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Figure 8.1 Classification of sub
surface-waters. Modified after S. N. 
Davis and R. J. M. DeWiest. Hydro
geology. Copyright © 1966. Used by 
permission. (See also Freeze and 
Cherry 1979.) 

13. Unconfined aquifer (water-table aquifer) An aquifer that is not separated from the surface by 
an aquitard or confining bed. 

14. Confined aquifer (artesian aquifer) An aquifer that is confined between two aquitards. 
15. Artesian well A well in a confined aquifer in which the water rises above the top of the 

aquifer. 
16. Perched aquifer A locally saturated zone or lense in the unsaturated zone that may overlay 

a low-permeability unit. 

If one is interested in groundwater recharge (infiltration) at a particular site, it is instructive to 
consider a water budget at that site, which can be expressed as an equation. Thus. 

I = P ± R ET MR (8.5) 

ground- precipi- runoff evapo- moisture 
water tation transpi- retention 

recharge ration 

Notice that runoff can add to or subtract from infiltration depending upon the topography. 
Runoff moves toward low-lying areas or wetlands (+R) and away from hill slopes (-R), for exam-
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r Surface detention = sheet of water 
, ____ ~~Jve:rlatld flow 

Surface runoff 

--_.. Stream channel~ 
~dwater flow 

Figure 8.2 Simple hydrologic cycle, showing the different kinds of water in the cycle. 
From S. N. Davis and R. J. M. DeWiest. Hydrogeology. Copyright © 1966. Used by 
permission. 

pie. Moisture retention is the moisture held in soils and sediments by capillary forces. Each water 
type in this equation has its own chemical quality. 

Figure 8.1 defines the different types of subsurface-waters. The zone above the water table is 
called the zone of aeration, vadose zone, or unsaturated zone. Moving downward in this zone we en
counter first soil water or soil moisture, then intermediate vadose water, and then capillary water. 
Capillary water rises into rock and sediment pores above the water table because of capillary forces. 
The capillary zone may be as much as 30 ft (9 m) thick in clayey sediments. To the extent the un
saturated zone can truly be called the zone of aeration, then air and atmospheric oxygen are present 
and conditions are oxidizing. 

Water above the water table exists at pressures below atmospheric pressure, whereas water 
below the water table is at higher pressures than atmospheric pressure. Groundwater (also called 
phreatic water) is in the zone of saturation. Groundwater can yield water to wells or springs. Ground
water is chiefly meteoric water (water from precipitation), generally of increasing age with depth. At 
greater depths, which can range from a few hundred feet in crystalline rocks such as granite to tens 
of thousands of feet in sedimentary basins, water in the rock occurs only in unconnected pores, or in 
the crystal structures of minerals such as clays and micas. Such water is also called structural or in
ternal water. 

Some of these definitions and concepts are shown schematically in Fig. 8.2. which describes 
a simple hydrologic cycle. The figure introduces the important concept of a perched water table. 
which may result from ponding of infiltration on a clay layer or "impervious lens." Also shown is 
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depression storage, where runoff accumulates in surface depressions or trenches, such as those as
sociated with land disposal of solid and liquid wastes. Until recently surface depressions that re
ceived liquid wastes were often called evaporation ponds, although they usually leaked, causing in
creased infiltration and groundwater pollution. 

8.3 CONTROLS ON THE COMPOSITION OF SUBSURFACE·WATERS 

The composition of subsurface waters is a complex function of many variables, including: 

1. The composition of groundwater recharge, which is influenced by the chemistry of precipita
tion, leaching of salts accumulated by evapotranspiration (ET) between infiltration events, or
ganic activity in the soil, and weathering of soil materials. 

2. The petrologic and mineralogic composition of subsurface rocks. Among common rock-form
ing minerals, halite (NaCl, Ksp = 37.6) is the most soluble, and gypsum (CaS04' 2H20, Ksp = 
10-4.58) is the next most soluble. Carbonate rocks such as limestones (chiefly calcite, CaC03, 

Ksp = 10-8.48 ) are next most soluble. When a rock contains merely I % of any of these miner
als, their dissolution will define the water chemistry. On the other hand, silicate and alumi
nosilicate rocks and minerals are generally either less soluble or their rates of dissolution are 
slower than solution rates of the carbonates, gypsum, or halite. The silicates, therefore, con
tribute less dissolved species to the water than do these more soluble minerals, when they are 
present. 

3. The hydrogeologic properties of rocks have a strong influence on the extent of waterlrock re
action. High groundwater-flow velocities usually imply grollndwaters that are relatively low 
in dissolved solids because of short rock-contact times and high water/rock ratios, and 
conversely. 

The hydraulic conductivities and porosities of common rocks are compared in Table 8.1. Clay 
has the highest porosity, but is among the least permeable of materials. Its low permeability is why 
clay is used to line the bottom of waste ponds, for example. Basalt and limestone may have low total 
porosities, but because groundwater flow in basalt and limestone may occur in large fractures and 
also in cavernous zones in limestone, these rocks often have high permeabilities. 

Darcy's law states: v = K x (dh/dl), where v is termed the specific discharge or th~ Darcy ve
locity or flux (Fetter 1988; Heath 1989). The linear or average groundwater velocity is v ~'vln: where 
n is the connected, fractional porosity of the media. K is the hydraulic conductivity, and dhld/ is the 
hydraulic gradient or the slope of the water table (hI! = height/length). The average groundwater ve
locity, v, then is proportional to K and dh/dl. Groundwater residence time, tR, is thus inversely pro
portional to v and K and to dh/dl. 

High groundwater velocities are typical in coarse-grained sediments such as sands and grav
els, cavernous limestones, and highly fractured or weathered near-surface igneous and metamorphic 
rocks. Such conditions are usually found in shallow water-table aquifers, not in deep, confined 
aquifers. High velocities imply a thermodynamically open system, short residence times, and a con
tinuous supply of fresh recharge. Chemical weathering is then very active, and few secondary min
erals reach saturation at such high water/rock ratios, unless they are very insoluble. Examples of the 
latter are kaolinite and oxyhydroxides of aluminum and ferric iron. 

Low groundwater velocities are most common in highly impermeable, low K rocks, and deep 
systems with near-zero hydraulic gradients. Example rocks are unfractured metamorphic and ig-
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TABLE 8.1 The water-bearing properties of common rocks, listed in order of decreasing hydraulic 
conductivity and decreasing porosity 

Highest hydraulic 
conductivity 

Well-sorted gravel 

Clean sand, 
cavernous limestone 

Permeable basalt 

Well-sorted sands 

Fractured igneous 
& metamorphic rocks 

Silty sands, fine sand 

Silt, loess 

Sandy silts, clayey sands 

Limestone & dolomite 

Sandstone 

Glacial till 

Unweathered marine clay 

Shale 

Dense crystalline igneous 
& metamorphic rocks 

Lowest hydraulic 
conductivity 

log K (m/s) 

o to-2 

-2 to-6 

-2 to-7 

-3 to-S 

-4 to -3.S 

-S to-7 

-5 to-9 

-6 to-8 

-6 to -9.5 
-6 to-IO 

-6 to -12 
-9 to -12.S 
-9 to-13 

-10 to -14 

Source: Based on Freeze and Cherry (1979) and Fetter (1988). 

Highest porosity 

Soft clay 

Silt, tuff 

Well-sorted sand 

Poorly-sorted sand & gravel 

Gravel 

Sandstone 

Fractured basalt 

Cavernous limestone & dolomite 

Fractured crystalline rock 

Shale 

Dense crystalline igneous 
& metamorphic rocks 

Lowest porosity 

Porosity 
(%) 

40 to 70 

35 to SO 

2S to 50 

25 to 40 

25 to 40 

5 to 30 

5 to 50 

o to 20 

o to IO 

o to 10 

o to S 

neous rocks, clays and shales, and deep-basin sediments, generally. Such systems tend to be confined 
or artesian and thermodynamically closed (see Chap. I) at a scale that may exceed cubic kilometers. 
The groundwater chemistry is rock-dominated because of low water/rock ratios and long residence 
times. Thus, many minerals in the rock are in chemical equilibrium with the groundwater. The rock 
tends to be unweathered, and secondary minerals are common in fractures and rock matrix. The 
groundwaters involved are usually relatively saline. In the extreme, such conditions are typical of 
diagenesis (the lithification of deeply buried sediments due to chemical and physical processes in
cluding compaction but not metamorphism). 

The extent of surface weathering of crystalline rocks or of sedimentary rocks such as shales or 
carbonates, and thus rock permeability (and yield to wells), decreases rapidly with depth. Also, rock 
weathering is deeper under valley bottoms than on ridges or hill slopes. This reflects the fact that the 
weathering, which is facilitated by joints, fractures, and faults, tends to create valley bottoms in the 
first place. VaHey bottoms continue to concentrate runoff (R is then a positive term in the infiltration 
equation) and so remain the locus of deeper development of secondary rock porosity and perme
ability and thus of enhanced groundwater storing and transmitting capacity. 

In sedimentary rocks such as shales, deep burial and attendant compaction leads to a reduction 
in rock porosity and permeability with depth. In general, groundwater systems in sedimentary rocks 
become more artesian (confined) with depth, and the water becomes more saline, anaerobic and iso
lated from fresh recharge. The different kinds of conditions that can produce artesian groundwater 
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Figure 8.3 Different geologic and topographic conditions that can result in artesian 
groundwaters. Artesian conditions require that there be a confining "bed" and elevated 
heads elsewhere in a groundwater recharge zone. (a) Shows elements of a "classical" arte
sian system within a syncline. Artesian wells are shown in (b) stabilized sand dunes, 
(c) crystalline rock, (d) folded and fractured sedimentary rocks, (e) flat-lying sedimentary 
rocks, and (f) glacial sediments. From S. N. Davis and R. J. M. DeWiest. Hydrogeology. 
Copyright © 1966. Used by permission. 
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systems are shown schematically in Fig. 8.3. Major chemical differences between artesian and water
table groundwaters, generally, are summarized in Table 8.2. 

The chemical compositions of a shallow water-table and a deeper and semiconfined ground
water in carbonate rocks near State College, PA, are contrasted in Fig. 8.4 and Table 8.3. The figure 
shows the variation of specific conductance of Rock Spring, which is the shallow groundwater (tR = 

o 

o 
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TABLE 8.2 Contrast between some chemical and isotopic properties of artesian (confined) and 
water-table (unconfined) groundwaters 

Artesian 

Nearly constant head with time 

O2 usually below detection 

pH usually near 7 or higher 

No NO)i 

Fe(lI) may be present 

May contain H2S, CH4, and/or H2' 

Nearly constant composition and T 

Many minerals at saturation (long residence times) 

Relatively high TDS' 

Constant or nearly constant stable isotope 
compositions 

Water old enough to date with tritium ('H; t//2 = 
12.4 y) or 14C (t1/2 = 5570 y) or longer-lived 
radionudides such as 36CI (t//2 = 3.1 x 10' y) 

: Due to microbial activity under anaerobic conditions 

Water table 

Heads may vary with season & recharge events 

O2 near saturation 

pH often below 7 and as low as 5 in recharge 
zones 

NO] may be present 

No Fe(ll) 

No HzS, CH4, or H2 

Variable composition and T 

Few minerals at saturation (short residence times) 

Relatively low TDS 

Deuterium (ZH)- and oxygen-stable isotopy may 
vary spatially and temporally, suggesting local 
sources and seasons (temperatures) for ground
water recharge 

Water may be as young as a few days, or old 
enough to date with tritium, but generally 
younger than artesian waters in the same area 

'TDS: total-dissolved-solids residue is the weight of solids obtained on evaporation of a liter of the sample. 

a few days). In Table 8.3 Rock Spring chemistry is compared to that of Thompson Spring, the deeper, 
semiconfined groundwater (tR = months to years). Differences in these groundwaters are evident 
from the coefficients of variation (V) of some of their chemical and physical properties, where V = 
(100 x SD)/mean. As expected, the discharge and chemistry of Rock Spring is more highly variable 
with time than that of Thompson Spring. Rock Spring is also more dilute, generally, than Thompson 
Spring, except for a few species, including Na+, SOa--, CI-, and N03. These latter species were prob
ably introduced into Rock Spring during recharge events in part by washout of pollutant salts from 
the soil. 
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Figure 8.4 Specific conductance of Rock Spring near State College, Pennsylvania, from 
December 1971 to August 1972. The spring responded rapidly to snow melt (January 1972) 
and storm runoff (April, May, and June 1972) as evidenced by specific conductance min
ima during those months. From Jacobson and Langmuir (1974). 
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TABLE 8.3 Coefficients of variation (V) of some chemical and physical 
properties of two spring waters near State College, Pennsylvania, from 
January to August 1972 

Parameter Thompson Spring Rock Spring 

Ca2+ 6.4 26 
Mg2+ 2.0 28 
Na+ 24 26 
K+ 10 16 
HCO-3 2.7 29 
SOl- 18 13 
n- 29 18 
NO-3 20 32 
SpC 6.2 23 
pH 0.6 1.7 
Discharge 26 175 

Note: V = (100 x SD)/mean, where SD is the standard deviation of the measurements of a 
given property. 

Boldface concentrations of species are thought to have been influenced by the washout of 
pollutant salts. 

Source: From Jacobson and Langmuir (1974a). 

8.4 PRECIPITATION CHEMISTRY AND ACID RAIN 

8.4.1 The pH of Rain Due to Atmospheric Carbon Dioxide 

Chap,S 

Before we can know that precipitation has been subject to pollution, we must know what its "nat
ural" composition is. This will depend on a variety of natural contributions and effects that are dis
cussed in this chapter. Let us first examine the question: What is the pH of "natural" rain? To answer 
this question we will follow a method that applies to calculations of equilibria in natural waters, gen
erally. The first question we ask is what information is given or assumed? In this case we will as
sume 25°C, pure water, and an atmospheric CO2 pressure of Pco, = 10-3.5 bar. The second question 
to ask is what chemical equilibria apply to the problem? In this case the equilibria are 

K = [H2CO}1 = 10-1.47 
co, P , 

co, 

K = [H+] [HCOn = 10-635 

I [H COO] 2 3 
(8.6) 

We can combine these equilibria expressions, eliminating H2C03', and solving for [H+], to obtain: 

(8.7) 

Third is the charge-balance equation, which describes the fact that the total of the equivalents (eq) 
or milliequivalents (meq) of cations in a given volume or weight of water must equal the same sum 
for the anions. The charge-balance equation in this example is 

mW = mHCO:l + 2mCOj- + mOH- (8.8) 

In general problems in solution chemistry there is also a fourth kind of equation called a mass
balance equation. Mass-balance expressions relate the total concentration of a species reported in 
the chemical analysis to concentrations of the several forms of that species in solution. For example, 
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the total calcium (rCa(aq)) reported in the chemical analyses equals the sum of all species of cal
cium in the water. For seawater, the calcium mass balance is rCa(aq) = Ca2t + CaSO~ + CaHCOj 
+ CaC03'. The expression for carbonate alkalinity (C/J), which equals 

CB = HCOj" + 2CO~- + OH- - W (8.9) 

is also a mass-balance equation. 
It turns out, however, that we will not need this or any other mass-balance equation to solve 

our rain pH problem. For rain, we know the pH is generally below about 6, so that mOH- and mCO~
are negligible relative to mH+ and mHCOj". As a rule of thumb, any species whose concentration is 
less than 1 % (two orders of magnitude) of another species' concentration present is negligible in a 
charge-balance or mass-balance calculation. (How do we know these two species are negligible at 
this pH?) With this simplification, and ignoring activity coefficients in such a dilute water, we find 
expression (8.8) reduces to simply mH+ = mHC03". 

Substituting H+ for HC03 in expression (8.7) and introducing the equilibrium constant values 
and partial pressure of CO2 in the resultant equation, we find 

[H+]2 = Kco,Pco,KI = 10-147 X 10-3.5 X 10-6.35 = 10-11.32 (8.10) 

or pH = 5.7. Activity coefficients have been ignored in this calculation, so it is not justified to ex
press the final result to more than one decimal place. 

One can argue that the pH of rain due solely to carbonic acid has not been "natural" since the 
industrial revolution and the onset of major burning of fossil fuels. Other causes of CO2 increase dur
ing this period have included the burning of biomass and deforestation. Analyses of gases trapped in 
ice cores indicate that in 1850 the atmosphere contained about 265 ppm CO2 by volume (ppmv) or 
10-358 bar CO2 pressure (Berner and Berner 1987). Shown in Fig. 8.5 is the CO2 content of the at
mosphere measured at Mauna Loa, Hawaii, since 1958, at which time the CO2 pressure had risen to 
315 ppmv or 10-350 bar. The plot shows that CO2 pressures have been increasing at a rate of O.4%/y 
since about 1975. Based on this rate, the CO2 content of the atmosphere in 1996 just exceeds 
360 ppmv, or 10-344 bars. The annual CO2 oscillation of about 6 ppmv in the plot is caused by sea
sonal changes in biological activity. 

The pH of present-day rain is usually below 5.7, mostly because of the presence S02 gas, which 
leads to sulfuric acid, and of smaller amounts of HN03 and HCl, all chiefly from the burning of fos
sil fuels. Also, even in pristine locations, natural organic acids from plants are volatilized and dis
solved in water droplets contributing to rain acidity (Klusman 1996). 

8.4.2 The General Composition of Precipitation 

Following discussion is derived in large part from Berner and Berner (1987, 1996) who offer an in
depth summary and analysis of rainfall chemistry. Rainfall is typically a slightly acid, dilute solu
tion, which generally contains a few parts per million dissolved solids, except where atlected by air 
pollutants. The solute content of rain is derived from the dissolution of atmospheric gases and solid 
particles called aerosols. Aerosols tend to settle out naturally at sizes in excess of about 20 ""m. They 
are mostly water-soluble salts in the marine atmosphere and over coastal areas. According to Berner 
and Berner (1987) aerosols, in general, are comprised of about 27% wind-blown sea salts, 17% sol
uble salts of sulfate, nitrate, and ammonia formed from natural and anthropogenic gaseous emis
sions, and about 41 % soil and rock dust and volcanic debris. These amounts can be highly variable 
both spatially and temporally (Klusman 1996). Aerosols also include a few percent each of debris 
from forest fires and slash-and-burn agriculture, anthropogenic direct emissions, and hydrocarbons 
from fossil fuels and released as plant exudates. 
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Figure 8.5 Mean monthly concentrations of atmospheric CO2 at Malina Loa, Hawaii. The 
yearly oscillation is explained mainly by the annual cycle of photosynthesis and respiration 
of plants in the Northern Hemisphere. From E. K. Berner and R. A. Berner. Global envi
ronment: Water, air, and geochemical cycles. Copyright © 1996. Used by permission of 
Prentice Hall, Inc., Upper Saddle River, NJ. 

1994 

Table 8.4 details sources of the individual ions in rainwater according to Berner and Berner 
(1996). The composition of precipitation is summarized in Table 8.5, which shows that global rain 
(which falls mostly over the oceans) is on average a sodium chloride solution. Precipitation over the 
continents also contains important amounts of Ca2+, NHr, H+, SOI-, and NO), with Ca2+ typically 
exceeding Na+. If the pH is above about 4.5, rain may also contain HeO). The total dissolved solids 
(TDS) of precipitation ranges from 4 to about 17 mg/L, with values in excess of about 10 mg/L af
fected by air pollution. 

The maps in Fig. 8.6(a) and Fig. 8.6(b) show average concentrations of Na+ and Cl- in rain 
over the contiguous United States for 1994 (NADPINTN, 1996).t The high concentrations along 
coastlines reflect the contribution of wind-blown salt spray, particularly within 100 to 300 km of the 
ocean. 

Globally, about half of all atmospheric sulfate is derived from combustion of fossil fuels and 
half from natural sources (Berner and Berner 1987). It has been estimated that anthropogenic sources 
are responsible for 90% of the total atmospheric sulfur deposition in eastern North America, which 
occurs as dry deposition of S02 gas and sulfate particles or dissolved in rain. The highest amounts 
of sulfate and nitrate in U.S. rain, which are found in the northeast [Fig. 8.7(a) and Fig. 8.7(b)], are 

'Since 1986. the National Atmospheric Deposition Program (NADPINTN) has collected weekly precipitation sam
ples from about 200 monitoring sites nationwide in the United States. Sites are away from major point sources and large urban 
centers to provide a more regional/national perspective on precipitation chemistry. 
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TABLE 8.4 Sources of individual ions in rainwater 

Ion 

Na+ 
Mg2+ 
K+ 

Caz+ 

NO-, 

NH,t 

HCO-, 
Si02, AI, Fe 

Marine input 

Sea salt 
Sea salt 
Sea salt 

Sea salt 

Gas reaction 
Sea salt 
Sea salt 
DMS from biological 

decay 

N2 plus lightning 

NH] from biological 
activity 

Biogenic aerosols 
adsorbed on sea salt 

CO2 in air 

Origin 

Terrestrial input 

Soil dust 
Soil dust 
Biogenic aerosols 
Soil dust 
Soil dust 

Gas reaction 

DMS, H2S etc., from 
biological decay 

Volcanoes 
Soil dust 
NOz from biological 

decay 
N2 plus lightning 

NH) from bacterial 
decay 

Soil dust 

CO2 in air 
Soil dust 
Soil dust 

Pollutive input 

Biomass burning 
Biomass burning 
Biomass burning 
Fertilizer 
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Cement manufacture 
Fuel burning 
Biomass burning 
Fuel burning 
Industrial HCI 
Fossil fuel burning 
Biomass burning 

Auto emissions 
Fossil fuels 
Biomass burning 
Fertilizer 
NH] fertilizers 
Human, animal waste 

decomposition 
(Combustion) 
Biomass burning 
Fertilizer 

Land clearing 

Source: From E. K. Berner and R. A. Berner. Global enl'ironment: Water, ail; and geochemical cycles. Copyright © 1996. 
Used by permission of Prentice Hall, Inc., Upper Saddle River, NJ. 

mostly from heavy industrial activity in Michigan, Indiana, Ohio, and western Pennsylvania. Some
what elevated N0:llevels in the midwest may be derived from fertilizer use. Figure 8.8 shows that 
S02 emissions in the United States have been declining since about 1970, with NO), declining 
slightly since about 1980. In 1979, roughly 56% of the nitrogen oxides originated from combustion 
for heating and electrical power and 40% from fuel burning for transportation. The U.S. S02 decline 
reflects the institution of controls on emissions from the burning of fossil fuels for heat and electri
cal power (the source of78% of S02 emissions in 1975), controls on emissions from industrial smelt
ing and refining (the source of 20% of S02 emissions in 1975) (Berner and Berner 1987), and on a 
shift from the burning of high-sulfur coal mined in the eastern United States to low-sulfur coal mined 
in the Rocky Mountain states. 

In Europe SOl- and NO} increased rapidly after 1950, but have stabilized between 1972 and 
1986 and may now be declining. Also, European sulfate and nitrate declines probably reflect emis
sion controls (Berner and Berner 1996). In spite of a leveling or decline in SOl emissions in Europe 
and the United States, global S02 emmisions continue to climb (Fig. 8.8). This reflects the increased 
burning of fossil fuels and coal, in particular, for electrical power and heat generation by develop
ing nations such as China. 
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TABLE 8.5 The chemical composition of global atmospheric precipitation 

Global Marine & Northeastern 
mean Continental coastal Northern United European 

Constituent estimate! rain* . + raIn" Europe§ States§ USSR§ 

Na+ CuM) 86 9-40 40-200 13-85 5 39-96 

K+ CuM) 8 3-8 5-15 4-7 2 10-20 

Mg2+ (IlM ) 12 2-20 16-60 5-16 2 8-12 

Ca2+ (IlM ) 2 3-80 5-40 16-33 4 10-52 

NHt (IlM) 6-30 0.6-3 6-48 12 22-61 

H+ (IlM) 2 1-100 1-10 16-38 74 0.2-79 
(pH =6-4) (pH = 6-5) 

HCO)" (IlM) 2 O-? ? 21 0 30-79 

CI- (IlM) 107 6-60 30-300 11-98 7 23-107 

NO)" (IlM) 6-21 2-8 5-36 12 6-16 

SO~- (IlM) 6 10-30 10-30 10-63 30 38-94 

Total mean (rug) 7.2 10.2 4.0 16.6 

Source: tGarrels and Mackenzie (1971). tBerner and Berner (1996). §Lerman (1979). 

8.4.3 Acid Rain 

Rain more acid than about pH 5.7 results from reactions of the acid gases SOz, NOz, NO, and, to a 
lesser extent, HCl. The Sand NOx species are derived chiefly from the combustion of fossil fuels. 
Important reactions forming sulfuric acid are 

and 

S02 + 20H ~ H2S04 ~ 2W + SOJ

S02 + H20 2 ~ H2S04 ~ 2W + SOl-

(8.11 ) 

(8.12) 

where OH is a free radical. Reaction (8.1l), which takes place in the gaseous atmosphere and in
volves neutral OH radicals, produces a sulfuric acid aerosol. Reaction (8.12) can proceed in liquid 
cloud droplets (Berner and Berner 1996). Both reactions involve the oxidation of sulfur dioxide. 
Overall, the oxidation of S02(g) can be written (Manahan 1994) 

SOz + !02 + HP ~ 2W + SOJ

Nitric acid in rain is formed by the reaction 

NOz + OH ~ HN03 ~ W + N0:i 

where OH is a free radical. Overall N02 oxidation is described by 

2N02 + !02 + H20 ~ 2W + 2N0:i 

(Manahan 1994). 

(8.13) 

(8.14) 

(8.15) 

Figure 8.9 shows the pH of rainfall in the eastern United States and adjacent Canada in 1955 
to 1956 and 1972 to 1973, and for the contiguous states and Canada in 1980. A map of average pre
cipitation pH for the contiguous United States in 1995 is shown in Fig. 8.1 O(a). The maps indicate 
that from 1955 to 1980 the lowest rainfall pH values declined from about 4.4 to 4.1. During the same 
period, the region having pH values below 5 expanded from the heavily industrialized northeast to 
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Figure 8.8 The rise in world S02 
emissions from 1940 to 1986, and of 
U.S. S02 and NO, emissions from 1940 
to 1988. (I Tg = 106 metric tons = 1012 

g.) From E. K. Berner and R. A. Berner. 
Global environment: Water, air, and 
geochemical cycles. Copyright © 1996. 
Used by permission of Prentice Hall, 
Inc., Upper Saddle River, NJ. 

encompass the entire eastern half of the country, north to James Bay, and across Labrador, Canada. 
This apparently reflected increased industrialization during that period, particularly of the south
eastern states. The wider dispersal of acid rain in the eastern and northeastern states was apparently 
furthered by the installation of high stacks by industry and utilities. Such stacks reduce local pollu
tion, but aggravate regional pollution problems downwind. 

The 1980 and 1995 maps show pH values above 5.7 at sites in 5 western states and western 
Canada. These high values reflect the absence of nearby industrial activity, but also reflect neutral
ization of the acidity by wind-blown carbonates. Calcium carbonate and sulfate salts accumulate in 
the topsoil of arid western prairies and can be transported in windblown dust for distances up to 300 
to 650 km (Berner and Berner 1996). The highest resulting Ca2+ concentrations in precipitation 
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1980. From E. K. Berner and R. A. Berner. The global water cycle, geochemistry and environ
ment. Copyright © 1987. Used by permission of Prentice HalL Inc., Upper Saddle River, NJ. 
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(>0.3 mg/L) in Fig. 8.1O(b), roughly coincide with the highest pH values (>5.2) in Fig. 8.10(a). Gen
erally less important, the acidity of rain is also neutralized by NH3(g) released from fertilizers and 
biological sources, through the reaction NH3(g) + W = NHt (cf. Berner and Berner 1996). 

Initial rainfall from a given event is the most acid, because of rain washout of atmospheric acid 
gases and aerosols. This effect produces initial rain pH's below 3 in central Pennsylvania, for ex
ample. In cities such as Los Angeles and London, when fog has been present and the air stagnant, 
pH values between 2 and 3 have been observed, due in part to evaporative concentration, with seri
ous consequences for people with respiratory problems. 

Acid rain has damaged carbonate stone buildings and monuments, particularly in urban areas 
(cf. Baedecker et al. 1990), and can kill fish and vegetation. Acid rain is not a serious problem in the 
east-central United States where carbonate-bearing rocks and soils are common, and can neutralize 
the rain. However, in New York, New England, and Quebec, Canada, where soils have developed on 
aluminosilicate rocks, they may be incapable of neutralizing acid rain pH's because of their high 
quartz content and/or slow rates of weathering (cf. Baker et al. 1993). The result can be acid soils, 
streams, and lakes, with stressed and dead plants, trees, and fish (cf. Ember 1981; Schindler 1988; 
Smith 1991; Berner and Berner 1996; Likens et al. 1996), as well as acid ground waters (Hansen and 
Postma 1995). 

Example 8.1 

Manahan (1991) proposes a global average S02(g) concentration of 0.02 ppmv away from the 
effects of "gross pollution" and derived chiefly from anthropogenic sources, combined with 
smaller amounts from photochemical and volcanic sources. Maximal sulfate concentrations 
were about 35 pM in rain over the northeastern United States in 1979. Given that K(Henry) = 
1.18 mollL bar for the dissolution of S02(g) in water at 25°C (see Chap. 1), and assuming that 
all of the atmospheric S02(g) is ultimately converted into sulfate acid and that S02(aq) equals 
H2SOiaq): 

a) Back-calculate the S02(g) ppmv concentration that would result in a sulfate concentra
tion of 35 pM in rain. Compare your answer to the atmospheric sulfur dioxide concen
trations suggested above and by Manahan, and discuss any differences. 

b) What rain pH should result from the sulfate concentration of 35 pM? Neglect the effect 
of atmospheric CO2 on the rain pH in your calculation. A 1980 map of rain pH for the 
northeastern states (Fig. 8.9) shows values as low as pH 4.1 coinciding with the high 
sulfate rain values. How does this pH compare with your calculated value? 

c) If you had considered the effect of Pea, = 10-3.5 bar in your rain pH calculation in (b), 
what would the computed pH have been? Was the assumption that you could ignore CO2 
in this case valid? 

d) The highest rain pH's measured in North America (about pH = 6.5) reflect the dissolu
tion of calcite (CaC03) dust in arid midcontinent areas. Assuming that the rain is ini
tially pure and its initial pH controlled by normal atmospheric CO2 pressure, how many 
milligrams of calcite dust (GFW = 1(0) must dissolve in a liter of rain to produce a rain 
pH of 6.5? Ignore ion activity coefficients and ion pairs. 

Solution 

a) The overall reaction of S02(g) to produce SO~- is 

S02(g) + H20 + !02 ~ 2W + SO~- (8.16) 
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The reaction of S02 to produce H2S03' is 

S02{g) + H20 <2 H2S03' 

The equilibrium expression is 

Kso, = 1.18 = [HzS031 
- Pso, 

Henry's law 

Chap. 8 

(8.17) 

(8.18) 

If all the HzS03' [= S02(g)] is converted to SO~-, then the initial HzS03' = 35 pM = 3.5 x 
10-5 M. Now, via the Kso, expression, 

P = [H2S03] = 3.5 x 10-
5 

= 297 X 10-5 bar 
so, Kso, l.I8 . (8.19) 

or 29.7 x 10-6 bar, or 29.7 ppmv. This is much higher (about 1500 times higher) than the 
background values (::;0.02 ppmv) suggested by Klusman and Manahan and clearly re
flects major air pollution. 

b) Because 35 pM of SO~- is produced, and 2 ,uM of Ware formed for every 1 ,uM of 
SO~-, according to the overall reaction, we must form 70 ,uM W, or 7 x 10-5 M = 
10-4. 15 M H+, or pH = 4.15. 

c) To consider the added effect of P co, on this pH, we must look back at the equations used 
in Chap. 6 to calculate the pH of "natural" rain in the presence of Pco, = 10-3

.
5 bar and 

see which, if any, are changed once S02 is added. Clearly, only the charge-balance equa
tion is affected, and becomes 

W = HCO] + 2S0~

From Chap. 5 we know, in general, that 

[H+] = ~c,:o, KI!co, 
[HCO:n 

which, at 25°C in contact with the air equals 

10-1.47 x 10-6.35 X 10-3.5 10- 11 .32 

[H+] = [HC03']--- = [HC03'l 

(8.20) 

(8.21 ) 

(8.22) 

Eliminating HCO), in the charge-balance equation by substitution, given that the SOj
concentration is 3.5 x 10-5 M, and ignoring y's, we obtain 

Reformatting gives 

10- 1132 

[H+] = ------ + 7.0 X 10-5 
[H+] 

[Wj2 -7.0 X 10-5 [W]- 4.79 X 10-12 = 0 

which can be solved by completing the squares: 

([W]- 3.50 x 10-5)2 = [3.51 X 10-5]2 

[W] = 7.01 x 10-5 = 10-415 M 

(8.23) 

(8.24) 

(8.25) 

pH = 4.15. The CO2 system has a negligible effect. Rain pH is controlled by the S02 
system. 
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d) The water is free of S02 and in equilibrium with Pco, = 1O-<l5 bar. The same general 
equation between [WI and /HC0:i/ applies: 

K K P 1O IU2 
IH+/= ~OLICO,= 

[HC0:i] /HC0:i1 

But we are told pH = 6.5, so [W I = 3.16 x I {)-7 M, and 

10- 1132 

[HCO-] = -- = 10 482 = 1.51 X 10-5 M 
3 10-65 

The charge-balance equation is 

so 

H+ + 2Ca2+ = HC0:i 

2Cah = 1.51 x 10-5 - 0.03 X 10-5 

ICa2+] = 7.39 x 10-6 M 

(8.26) 

(8.27) 

(8.28) 

(8.29) 

or the same number of moles of CaCO;, which weigh (100 g/mol) x (7.36 x 10-6 M)/ 
(103 mg/g) = 0.74 mg/L of rain. 

8.4.4 Trace Elements in Rain 

Most trace elements deposited by precipitation are in particulate form, associated with the wash-out 
of windblown dust or aerosols. However, some trace elements are borne in the atmosphere as true 
gases; that is, they have sufficient volatility to exist as a vapor in the atmosphere. A measure of this 
tendency is the boiling point of an element's oxide. The atmospheric enrichment factor for several 
elements is plotted against the boiling point of that element's oxide in Fig. 8.11. The enrichment fac
tor is defined as [X atm/AI atmVIX rocks/AI rocks], where rX atm/ AI atm} is the ratio of the weight 
concentration of the element to that of aluminum in the atmosphere. IX rocks/AI rocks] is the corre
sponding ratio observed in average crustal rocks. The plot assumes that aluminum, because of its 
high oxide boiling point, has no volatility in the atmosphere. Element concentrations are then com
pared to that of aluminum in the atmosphere and in average crustal rocks. The plot suggests a high 
gaseous mobility for Cd, Se, As, and Hg, and a moderately high gaseous mobility for Sb, Zn, Pb, Ni, 
and V. As a hard base (see Chap. 3), oxygen forms strong bonds with hard acid cations (AI, Sc, Ti, 
Cr, Ba, and Mn), which explains the low volatility of their oxides. The oxides of soft or borderline 
soft acids (As, Cd, Hg, Ni, Pb, Sb, Se, Zn) are less stable, thus more volatile. 

Gaseous metals (which may form aerosols) in the atmosphere are derived from perhaps six 
sources. These include: (1) volcanism; (2) release from biological activity (Hg, As, Se); (3) sea surf 
fractionation during production of atmospheric sea salt particles; (4) burning of fossil fuels; 
(5) smelting of metal ores (Nriagu 1996); and (6) incinerator combustion of urban wastes (d. Fer
nandez et al. 1992). It is well known, for example that Pb is concentrated along roadsides because 
of the combustion of leaded gasolines and that As, Cd, and Pb concentrations are high in soils down
wind from sulfide ore-smeltering operations. 

Boutron et al. (1991) studied the change in atmospheric emissions of Cd, Pb, and Zn before 
and after 1971 by analyzing Greenland ice cores. They found that Pb values were 200 times higher 
in 1971 than before the industrial revolution, with 99% of the lead from anthropogenic sources. Since 
1971 and the introduction of unleaded gasoline, atmospheric lead values have declined by 7.5 times 
in the United States. The same authors also reported that Cd and Zn concentrations in the ice have 
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declined by about 2.5 times since 1971 due to controls on industrial emissions in the northern hemi
sphere. In contrast. analysis of the Hg content of dated sediment cores from remote lakes in Min
nesota and Wisconsin (Swain et al. 1992) shows that the rate of atmospheric Hg deposition has in
creased from 3.7 j.tg/m2 in 1850 to 12.5 j.tg/m2 in 1990. or by 3.4 times. 

8.5 SOIL-MOISTURE CHEMISTRY 

In high-rainfall climates the chemistry of soil water may resemble that of the local precipitation. Such 
conditions exist where evapotranspiration (ET) losses are minimal because of low temperatures 
and/or high humidity. or where the soils are quartz-sand-rich and deficient in weatherable minerals. 

Table 8.6 contrasts soil moisture chemistry in a variety of soils and climates. All of the tabu
lated locations. except for the Sierra Nevada soil. are near the ocean. so that one would expect their 
precipitation to be dominated by Na and Cl. If ET alone controls infiltrating soil-water chemistry. 
this same dominance by Na and CI should persist in the soil water. Such is the case for moisture from 
the Kauaian soil. which is also in an area of very high rainfall. consistent with its low TDS content 
of about 30 mglL. 



TABLES.6 The cheillical composition of some soil waters 

Locality Si02 Ca Mg Na K HC03 S04 CI pH TDS 
Na 

(Na + Ca) 

Mor humus layer. 1.1 0.9 9.2 5.8 
English Lake District 

17.5 11.5 4.2 (45) 0.89 

Mull humus layer. 10.0 1.6 8.7 4.4 8.1 9.6 7.6 6.2 (50) 0.47 
English Lake District 

Soil on Wissahickon 5.45 4.15 3.29 5.45 4.86 5.45 (35) 0.57 
schist. MD, USA 

Soil on Woodstock 23 5.8 15 4.9 0.9 80 11.6 0.8 8.4 142 0.46 
granite. near 
Baltimore, MD. 
USA 

Soil on granite, 23 7.0 0.3 3.9 1.0 34 0.0 0.4 6.9 70 0.36 
Sierra Nevada 
Mtns., CA. USA 

Soil on basalt, 1.2 0.9 1.9 6.3 0.6 6 4.0 9.1 5.1 30 0.88 
Kauai, HI, USA 

Note: Except for pH. conCentrations are in mg/L. Values in parentheses are estimates. The NaI(Na+Ca) ratio is in terms of species weights. Woodstock granite soil water also con-
tains Al = 0.1 mg/L. and f.e = 0.00 mg/L. Sierra Nevada granite soil water has Al = 0.00 mg/L and Fe = 0.12 mglL. Kauai soil water has AI = 0.00 mg/L and Fe = 0.18 mglL. All 
soil waters are from the A horizon except the Woodstock granite soil. which is from the deep C horizon. 

Source: Modified from R. M. Garrels and F. T. Mackenzie. Evolution of sedimentary rocks. Copyright 1971. Used by permission. 

~ ... 
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On an equivalent concentration basis, Na and CI also dominate in the Mor and Mull humus 
waters and Wissahickon schist soil water. The Mor and Mull humus soil waters have TDS values of 
45 and 50 mglL respectively, reflecting a concentration increase of perhaps 10 times from the TDS 
of precipitation, probably chiefly because of ET losses. However, in waters in Mull humus, Wood
stock granite, and Sierra Nevada soils, the significant concentrations of Ca2+ and HCO) indicate that 
chemical weathering has contributed important ion concentrations to the soil water. This is consis
tent with the high TDS of the Woodstock granite (142 mglL), and Sierra Nevada (70 mglL) soil wa
ters. Another important point is that the Woodstock granite soil is a deep soil (from the C horizon; 
see the discussion of soils in Chap. 7) so that its moisture has had a longer residence time in which 
to weather soil minerals, whereas the other soil waters are from near-surface A horizons. The extent 
of weathering is also evident from soil-moisture pH, which is highest, as expected, ranging from 6.2 
to 8.4 in the soils containing important concentrations of Ca2+ and/or Mg2+ and HCO). 

A detailed look at the evolution of soil-moisture chemistry was reported by Sears (1976). In 
his study Sears assumed the average composition of precipitation shown in Table 8.7. Table 8.7 also 
lists analyses of the soil moisture he collected from suction lysimeters at 1- and 3-m depths in re
spective B- and C-horizon soils formed by the weathering of underlying sandy dolomite. The I-m 
sample is chiefly a Na+-NO) water, with the nitrate probably from fertilizer. The TDS is about 
70 mglL at 1 m and has increased to 500 mglL at the 3-m depth. In order to explain changes occur
ring between the 1- and 3-m depth, it is useful to select a solute we can assume to be practically un
reactive in the soil. The best common species for this purpose is probably CI, with which we can then 
compare other species' concentrations. Relative increases from 1- to 3-m depth are shown in the third 
column. Increases compared to chloride are given in the fourth column. 

The most obvious changes with depth are the creation of a dominantly Ca2+ -HCO) water from 
the chemical weathering of residual dolomite fragments in the deeper soil. Absolute increases in 
species such as Na+, SO~-, NO), and Cl-, which are unlikely to derive from rock weathering, prob-

TABLE 8.7 Composition of average precipitation and soil moisture in soils on weathered sandy 
dolomite near State College, Pennsylvania 

Net change 
Speciesl Average Soil Soil Increase relative to Cl-

parameter precipitation I m deep 3 mdeep Imt03m Imt03m 

Ca2+ 1.2 3.3 108 33 times 2.9 times 
Mg2+ 0.4 0.8 7.3 9 times 0.8 times 
Na+ 0.5 6.9 21 3.0 times 0.3 times 
K+ 1.0 1.8 5 2.7 times 0.2 times 

HCOj" 0.0 1.9 144 76 times 6.6 times 
SO~- 3.6 2.9 17 5.9 times 0.5 times 

NO)" 1.4 24 53 2.2 times 0.2 times 
Cl- 1.0 4.8 55 11.5 times 
SiOiaq) 0.0 45 95 2.1 times 0.2 times 
TDS (sum) 9.1 70 500 5.6 times 0.5 times 

pH 4.5 5.9 6.5 (H 0.74 times lower) 0.02 times 
Pco, (bar) 0.00032 0.003 0.04 13 times 1.2 times 

Note: The sample from 1 m deep was collected May I, 1974, the sample from 3 m deep on October 12, 1974. Concentrations 
are in mgIL unless otherwise noted. 
Source: Data from Sears (1976). 
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ably result from their concentration by evapotranspiration. Relative decreases in Mg2+, Na+, and K+ 
are probably due to their uptake by ion exchange and clay formation. Relative declines in SO~- and 
especially NO), which are soluble and unlikely to react inorganically, probably reflect the biologi
cal uptake of these species as nutrients. The absolute increase in silica results from chemical weath
ering of unstable silicate minerals, whereas its relative decline may reflect silica adsorption by clays. 
The 13-fold increase in CO2 with depth is consistent with the downward migration of relatively 
heavy CO2 gas produced chiefly in the shallow A horizon, and its upward diffusive loss from the l-m 
soil to the atmosphere (cf. Wood \985). 

An important conclusion one can draw from the Sears study and other, similar studies is that 
in areas with well-developed soils, the chemistry of underlying shallow groundwaters is often chiefly 
determined by processes taking place in the soil and less by processes operating in the saturated zone 
below. In this case, groundwaters from the underlying dolomite are similar to the water from the soil 
3 m deep. Similarly, the chemical composition of effluent streams (streams fed chiefly by ground
water) is also quickly determined by interactions with adjacent soils (see Section 7.8). 

8.6 GENERAL CHEMISTRY OF SURFACE- AND GROUNDWATERS 

Before we consider controls on the chemistry of surface and groundwaters in some detail, we will 
examine the general composition of such waters. Listed in Table 8.8 are the median concentrations 
of major, minor, and trace constituents in surface- and groundwaters (Turekian 1977), where 
"major," "minor," and "trace" concentrations are above I mg/L, between I mg/L and 1 pglL, and less 
than 1 pg/L, respecti vely. 

It is important to note that water analyses rarely include the concentrations of dissolved gases 
or carbonic acid (HzCOj). To be complete, the tabulated average concentrations in Table 8.10 should 
list the carbonic acid concentration, which, for typical surface- and ground waters at near-neutral 
pH's, equals several to tens of milligrams per liter. The following concentrations of carbonic acid are 
present at 25°C, depending on the COz pressure 

-log Pea, (bar) 

3.5 
2.5 
2.0 
1.0 

0.6 
6 

18 
185 

Dissolved oxygen and nitrogen concentrations in air-equilibrated surface water at 25°C are also sig
nificant and equal about 8 and 14 mg/L, respectively, which makes both species major constituents. 

Figures 8.12 and 8.13 are frequency distribution plots of species concentrations in potable 
water (chiefly surface-waters) and groundwaters, respectively. The important reference point is 
where the curves cross the 50% line, which is the median concentration of the species being con
sidered. The first important observation one can make from these figures and Table 8.8 is that ground
waters contain more dissolved solids than do surface-waters, generally. This chiefly reflects their 
longer contact times with the geomedia, and their isolation from dilution by fresh precipitation. A 
second and related observation is that sulfate is a more important species in most groundwaters than 
in surface-waters. A third observation is that the concentrations of metals such as Fe and Mn, which 
are most mobile in their (2+) reduced forms, are higher in groundwaters than surface-waters. This is 
consistent with the fact that ground waters tend to be more reducing (anaerobic) than surface-waters. 
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TABLE 8.S Median values of pH and lOS and of major (>1 mg/L) constituents in 
surface waters and groundwaters 

Major Constituents 

Constituent or parameter Surface-water (mglL) 

HCOl" 
Ca2+ 

Cl
K+ 
Mg2+ 
Na+ 
SOI
Si02(aq) 
pH 
TDS 

Element 

AI 
Ag 
As 
Au 
B 
Ba 
Be 
Bi 
Br 
Cd 
Co 
Cr 
Cs 
Cu 
F 
Fe 
Hg 
I 

58 
15 
7.8 
2.3 
4.1 
6.3 
3.7 

14 

120 

Trace and Minor Elements 

Median content 
(p-glL) Element 

10 La 
0.3 Li 
2 Mn 
0.002 Mo 

10 Nb 
20 Ni 
5 P 
0.005 Pb 

20 Rb 
0.03 Sb 
0.1 Se 
I Sn 
0.02 Sr 
3 Th 

100 Ti 
100 W 

0.07 U 
7 V 

Zn 

Groundwater (mglL) 

200 
50 
20 

3 
7 

30 
30 
16 
7.4 

350 

Median content 
(p-glL) 

0.2 
3 

15 
1.5 
I 
1.5 

20 
3 
I 
2 
0.4 
0.1 

400 
0.1 
3 
0.03 
0.5 
2 

20 

Note: Median values of minor elements «I mgIL and >1 JLgIL), and trace elements «I JLglL) in 
both surface-waters and groundwaters. 

Source: Values after Turekian (1977). 

Chap. 8 

Figure 8.12 shows that on a weight basis, the order of abundance of major species in the av
erage surface-water is: Ca > Na > Mg > K, and HC03 > CI > S04 (ignoring silica). Similarly, for the 
average groundwater (Fig. 8.13) the order of abundance by weight is: Ca > Na >Mg > K, and HC03 > 
S04 > CI (again, ignoring silica). In other words, the prevalent chemical character of most fresh 
surface-waters and groundwater is calcium bicarbonate. This reflects the processes involved in 
chemical weathering of silicates and the common occurrence of calcium carbonate (Chap. 6). 
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Why is such concentration information important? One reason is that we need to know what 
the natural or background concentrations of species are, before we can decide what has been added 
as a consequence of land-use and waste-disposal practices. The frequency plots show that in some 
natural waters there are relatively high concentrations of such species as Fe, F, Mn, Zn, Pb, Cu, Ni, 
V, and Mo, for example. It is important for us to know how and when such elevated concentrations 
occur naturally, and not simply from waste disposal. The most obvious source of elevated concen
trations of these elements is the weathering of ore deposits or leaching of their mine wastes. Second, 
under acid conditions the solubilities and mobilities of many trace species are greatly increased. 
Third, evaporation can also greatly concentrate levels of trace species. And fourth, reducing condi
tions in groundwaters tend to dissolve Fe(III) and Mn(III,IV) oxyhydroxides by reducing these ions 
to more soluble Fe(II) and Mn(II). This releases to the groundwater their adsorbed and coprecipi
tated content of metals such as Cu, Zn, Pb, Ni, Co, and Cd, for example. 

B.7 CONTROLS ON THE CHEMICAL COMPOSITION OF RIVERS 

Gibbs (1970) proposed an elegant and simple explanation for the general chemistry of streams and 
rivers. + He argued that surface-water chemistry was determined by: (I) rainfall (rain dominated), 
(2) rock-weathering reactions (rock dominated), or (3) evaporation-crystallization; or by combina
tions of these influences. Figures 8.14 and 8.15 summarize Gibbs's ideas in plots of TDS versus the 
[Na+/(Na+ + Ca2+)] ratio and TDS versus relative mole fractions of Ca(HC03)2 versus NaCl in the 
water. Because the composition of world rainfall (unpolluted) is chiefly determined by the NaCl of 
sea salt, rainfall plots in the lower right-hand corner of each figure at low TDS, as do streams whose 
chemistry is dominated by rainfall such as the Negro River, a tributary of the Amazon River. 

Weathering of continental rocks increases their TDS and concentrations of calcium and bicar
bonate relative to sodium and chloride. The composition of streams so affected plot to the left of both 
diagrams and include the Columbia, Mississippi, Yukon, and Thames rivers. Evaportranspiration 
from arid climate drainage basins and streams such as the Colorado, Pecos. and Jordan rivers, which 
receive soil runoff and irrigation return waters, further increase the Na+ and TDS content of streams. 
Concomitant precipitation of CaC03 further shifts the prevalent chemical character of such streams 
back toward NaCI and the chemistry of seawater. 

B.S. COMPARISON OF MEAN RIVER WATER AND SEAWATER 

Shown in Table 8.9 are chemical analyses of mean river water and seawater, along with residence 
times of the species and a comparison of relative concentrations in mean river water and the ocean. 
As in the discussion of the hydrologic cycle, the residence time of species in seawater, tR, equals the 
amount of that species in the reservoir (the ocean), divided by its rate of input or output (which must 
be equal at steady state). The input is in streams and groundwaters discharging into the ocean. The 
output is through adsorption and/or precipitation in and on solids that end up in marine sediments. 

Chloride and sodium, those species most inert (least reactive) in seawater, have the longest res
idence times and are most concentrated in seawater relative to their amounts in rivers. Iron and alu-

tGibbs's classification scheme has proven controversial. See Berner and Berner (1996) for further discussion. 
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min urn are rapidly precipitated upon the mixing of rivers and ocean water because of the high pH of 
the ocean (about 8.1) and its high salinity (TDS = 34,500 mg/L). Low silica values in ocean water 
chiefly reflect silica removal from the water through biological activity. 
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Figure 8.15 Schematic description of 
processes controlling the chemistry of 
world surface-waters. From R. J. 
Gibbs. Mechanisms controlling world 
water chemistry. Science, 170: I 088-90. 
Used by permission. 

8.9 WATER QUALITY VERSUS QUANTITY 

8.9.1 Mixing of Waters 

As emphasized early in this chapter, water quality and quantity are inherently interdependent. Mix
ing among surface-waters, ground waters and wastewaters is a common occurrence, often with im
portant consequences to water quality. Geochemical programs such as PHREEQC (Parkhurst 1995) 
can predict the consequences of mixing two waters of known composition in assumed proportions, 
including changes in the mixture as it attains chemical equilibrium. Often we have a different but re
lated mixing problem, which is to reconstruct the amounts of two or more waters that could have 
created another water by mixing (cf. Hem 1985). We may have chemical analyses ofthe several wa-
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TABLE 8.9 Chemical analyses of mean river water and seawater, along with residence times of 
the species and a comparison of relative concentrations in mean river water and the ocean 

Mean Residence time Concentratiun in 
river water' Seawaterl in seawater seawater relative 

Species (mg/L) (mg/L) (my) to river water 

Ca 15 410 1.2 27 times 
Mg 4.1 1,350 15 330 times 
Na 6.3 10,500 190 1670 times 
K 2.3 390 8 170 times 
HCO) 60 142 2.4 times 
CI 7.8 19,000 300 2,400 times 
S04 II 2,700 22 245 times 
Si02 13.1 6.4 0.016 0.49 times 
Fe 0.67 0.003 (0.003?) 0.004 times 
AI 0.07 0.001 (0.003'1) 0.014 times 
TDS 120 34,500 288 times 

Source: 'Livingstone (1963). 'Hem (1985). 

ters, but otherwise have no way to estimate their volumes. The mixing of two waters can be described 
by the mass-balance equation 

(8.30) 

where subscripts m, I, and 2 denote concentrations (C) and volumes (V) of the mixture and of mixed 
solutions 1 and 2, respectively. Given that VIII = VI + V2, VIII may be eliminated from Eq. (8.30) to give 

(8.31) 

Rv and the volume ratios involved in the mixing can be determined from the chemical analysis of a 
single species in all three waters. The species we choose must be conserved in the mixing process. 
In other words it must not be removed or added from another source during mixing. The obvious 
choices are chloride or bromide ions, which are generally inert and unreactive, although other species 
known to be unreactive during a specific mixing event can also be used. Because each conserved 
species should give the same answer, it is important to use two or more in each mixing calculation 
and compare the results. 

Example 8.2 

A phenol manufacturing company injected its chemical wastewaters into formation brines in 
a sandstone (A) at a depth of about 5600 ft. In 1989, after about 20 years, a monitoring well in 
a sandstone (B), about 1400 ft above the injection horizon, was found contaminated by the in
jected wastes. Given the average composition of the injectate, and of the original (1968) for
mation brines, we are asked to estimate the proportions of injectate, and the 1968 ground waters 
that could have been mixed to create the contaminated 1989 waters. Concentration data are 
given in Table 8.10. 

Geochemical computer modeling and the abundance of limestone indicates saturation of 
the groundwater with respect to anhydrite and calcite. Calcium, sulfate alkalinity, and TDS 
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TABLE 8.10 Composition of brine in sandstones A and B in 1968 before deep-well injection, and in 1989 
after both have been affected by the injection 

Sandstone A Sandstone A Sandstone B Sandstone B Average 
Species 1968 1989 1968 1989 injectate 

Na 58,300 14,000 54,000 45,600 ± 1340 8,770 ± 2590 
Mg 7,080 424 7,610 5,490 ± 830 10 (est.) 
Ca 50,600 2,850 39,800 38,500 25 ± II 
CI 200,000 21,200 176,000 165,000± 7,100 1,630 ± 930 
Bf 2,160 200 1,950 1,630 5 (est.) 
S04 140 2,490 74 355 ± 35 8,790 ± 5,100 
TDS 316,000 48,400 :p8,000 279,000 ± 12,000 21,500 ± 5,900 
Acetone 800 141 ± 98 818 ±641 
Acetophenone 35 6.3 ± 0.4 344 ± 337 
Analine 3.1 123 ± 126 
Formic acid 1335 175 ± 8 1,430 ± 1,190 
Phenol 940 460± 85 5,100±2,1O0 

Note: Also given is average injectate composition with most samples obtained after 1981. Where duplicate samples were avail
able, uncertainties equal one SD from the mean. Concentrations are in mglL. 

therefore cannot be assumed conserved in mixing. Among the remaining species, the least re
active are Na, CI, and Br, which are thus emphasized in the mixing calculations. The results 
summarized in Table 8.11, suggest that 1989 sandstone A waters were created by mixing about 
9.2 parts of injectate with 1 part of initial (1968) groundwater. The acetophenone, analine, and 
phenol have low Rv values consistent with their substantial removal from the groundwater 
system. Acetone and formic acid may not have been attenuated by the mixing (see Table 8.11 
footnotes). 

Sodium and bromide data suggest that 1989 sandstone B water might be a mixture 
of 0.22 parts injectate and 1 part uncontaminated sandstone B water. However, inconsistency 
of the important chloride data with this inference supports a more complex origin for the 
1989 water. As a closing caution, the large uncertainties in the average injectate composition 
in Table 8.10, argue against overconfidence in the conclusions drawn from our mixing 
calculations. 

8.9.2 Stream Flow Versus Quality 

Changes in the flow rate or discharge of a stream or groundwater are usually accompanied by changes 
in its water quality. Groundwater inflow or baseflow may dominate the chemical quality of a stream 
during extended dry periods, whereas overland flow or interflow (see Fig. 8.2) can have an impor
tant effect on stream quality following storm events. Because groundwater is generally more con
centrated in solutes than overland flow or interflow, increases in stream flow are usually accompa
nied by decreases in solute concentrations. A positive correlation between stream discharge and 
concentration may be found, however, when the substances involved are chiefly adsorbed or other
wise associated with stream sediment load, which generally increases with discharge. Such a posi
tive correlation has been observed for phosphorus [Fig. 8.16(a)], and can be expected for most heavy 
metals in alkaline pH streams where they are insoluble, but may be strongly adsorbed on suspended 
sediments. 
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TABLE 8.11 Volume ratios (Rvl asssuming mixing of injectate with uncontaminated 1968 waters from sandstones 
A and B to produce the contaminated 1989 waters and predicted concentrations of the contaminated 1989 waters 
in mg/L, assuming average Rv values 

A(1968) + Injectate = A(1989) 

1989 
1989 concentration 

Species Rv concentration if Ry = 9.2' 

Na 8.5 14,000 13,600 

Mg 16 424 703 

CI 9.1 21,200 21,100 

Br IO 200 217 

TDS 9.9 48,400 50,300 

Acetone undetined ll 800 738 

Aceto- 0.11 35 3\0 
phenone 

Analine 0.03 3.1 III 
Formic undetined# 1,335 1,288 

acid 

Phenol 0.23 940 4,600 

tRy = 9.2 is the average of tabulated values for Na, CI, and Br. 

'Rv = 0.22 is the average of tabulated values for Na and Br. 

~TDS values lead to an impossible negative Rv for sandstone B mixing. 

8(1968) + Injectate = 8(1989) 

1989 
1989 concentration 

Ry concentration if Ry= 0.22* 

0.23 45,600 45,900 

0.39 5,490 6,240 

0.07 165,000 145,000 

0.20 1,630 1,600 

undetined* 279,000 232,000 

0.32 141 104 
0.Q2 6.3 62 

0.21 175 258 

0.10 460 919 

"RV= 44, an impossible value for sandstone A mixing. If average injectate acetone is instead 887 mg/L (well within the uncertainty), then 

Rv= 9.2. 

"Rv = 14, a very unlikely value for sandstone A mixing. If average injectate formic acid is instead, 1480 mg/L (well within the uncer
tainty), then R v = 9.2. 

If overland flow and interflow from storms only dilute the concentrations of solutes in streams, 
then such concentrations can be simply determined as a function of discharge (cf. Hem 1985). First, 
rewrite Eq. (8.30) in terms of discharge, Q (measured in ft3/s (cfs); or m3/s; 1 cfs = 2.83 x 10-2 m3/s; 
1 m3/s = 103 L3/s). 

(8.32) 

Now assume the lowest flow in a stream is baseflow of composition C! and discharge Q!. If Q2 rep
resents the flow due to overland flow and interflow, and C2 = 0, and since Qm = Q! + Q2' we obtain 

(8.33) 

the equation of a hyperbola. If we take the logarithm this expression becomes 

(8.34) 

Assuming constant baseflow discharge and composition, this is the equation of a straight line with a 
slope of -I and an intercept of log C! Q I' 
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Stream-discharge quality trends are usually displayed in log-log plots (cf. Gang and Langmuir 
1974; Lerman 1979; Levinson 1980; Hem 1985). Such plots are often linear or nearly so. Fig
ure 8. 1 6(b) shows dissolved silica versus discharge for a river in British Columbia (Kleiber and Erle
bach 1977). Theoretical dilution curves based on Eq. (8.33) have been added to the figure. The dif
ference between a dilution curve and data regression line is a measure of the amount of additional 
dissolved silica contributed to the stream by increased flow. 

Shown in Fig. 8.17 are discharge versus specific conductance plots for three acid streams 
(pH 2.8 to 6.6) in an area of bitumnous coal strip-mining in northwestern Pennsylvania (Gang and 
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Langmuir 1974). The small (21°) angle between the data regression line and dilution curve for Tobey 
Creek is consistent with the fact that only 14% of the Tobey Creek basin has been strip-mined. Lit
tle Licking Creek and Welch Run, both with a 35° separation angle, have been 26% and 47% strip
mined. Soluble sulfate salts accumulated in the waste rock in strip-mined areas are dissolved and 
flushed into the streams during storms, contributing to their dissolved load. The effect is roughly pro
portional to the amount of strip-mining in each watershed. Some of the increased load with discharge 
must also come from increased groundwater flow to the streams after storms. 

Heavy metals behave similarly in the three streams as shown in Fig. 8.18. Detailed interpreta
tion is complicated by differences in basin geology and in the behavior of iron, manganese, and zinc. 
For example, the relatively low angles for iron in Tobey Creek and Little Licking Creek reflect not 
only dilution, but also Fe precipitation at the higher pH values found with higher flows (Gang and 
Langmuir 1974). 

When strongly correlated and reproducible, concentration versus discharge plots can be used 
to predict stream flow from stream chemistry and conversely. The plots also suggest that the heavy 
metal load of a given stream may be predictable fro l11 its specific conductance or discharge. When 
identified, such relationships can be useful for the monitoring and management of surface-water 
quality. 

8.10 THE IMPORTANCE OF DEFINING BACKGROUND WATER 
QUALITY 

For reasons unrelated to human activity, many surface- and groundwaters contain natural (back
ground) concentrations of one or more substances that exceed the U.S. Environmental Protection 
Agency (EPA) drinking water standards (see Table 8.12). Changes in land use, including urbaniza
tion, mining, and the disposal of liquid and solid wastes, will usually increase the number and sever
ity of such violations. When Ii regulatory decision is made to restore affected waters to their pristine 
state, it is obviously unrealistic to assign clean-up goals that are below natural background levels. 
Runnells et al. (1992) point out, for example, that many streams, springs, and deeper ground waters 
in mineralized areas unaffected by mining contain highly elevated background metal concentrations. 
We must, therefore, answer the question, what is the natural background quality? 

How can we determine background? T\1e preferred approach is to take samples from the stream 
or geologic formation of interest somewhere nearby, but where the water quality has presumably not 
been altered by human activity (cf. Banks et al. 1995; Lahermo et al. 1995). Unfortunately, in pop
ulated areas it is often difficult to locate a portion of a stream or groundwater aquifer that remains 
pristine. A second approach, then, is to assume that background water quality is the same as mea
sured in similar streams and groundwater systems (in similar geological formations) in the same 
general area. Lacking this information, White et al. (1963) have usefully summarized typical com
positions of ground waters from different rock types. As perhaps a better approach to identifying 
background water quality, Klusman (1996) suggests the construction of cumulative probability plots 
of all the data for an area of interest (cf. Haan 1977; Levinson et al. 1987). Such plots may allow the 
classification of samples into uncontaminated and contaminated groups, with an estimate of the me
dian and standard deviation for each. 

The identification of background concentrations in surface and groundwaters is also of inter
est to those involved in mineral exploration (cf. Goleva 1968; Rose et al. 1979). The discovery of 
anomalously high concentrations of metals and related species in groundwater has been assumed a 
good prospecting tool for nearby ore deposits (cf. Langmuir and Chatham 1980; Wanty et al. 1987). 
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TABLE 8.12 U.S. Environmental Protection Agency (1994) drinking water standards for inorganic species in 
community water supplies 

Contaminant MCL(mgIL) Note Contaminant SMCL(mgIL) Note 

Antimony 0.006 a Chloride 250 a 

Arsenic 0.050 a Copper 1.0 a 

Barium 2 a Fluoride 2 a 

Bromate 0.010 b Iron 0.3 a 

Beryllium 0.004 a Manganese 0.05 a 

Cadmium 0.005 a Silver 0.1 a 

Copper c Sulfate 250 a 
400/500 b 

Cyanide 0.2 a TDSresidue 500 d 

Fluoride 4 a Zinc 5 a 

Lead c Radionuclides 
Mercury 0.002 a 

Gross Alpha 15 pCiIL a 
excluding U & Ra 

Nickel 0.1 a 
Gross Beta 4 mremly a 

Nitrate (as N) 10 a 
Radium 226 5 pCiIL a 

20 pCifi b 
Nitrite (as N) a 

Radium 228 5 pCilL a 
20 pCilL b 

Selenium 0.050 a 

Thallium 0.002 Radon 300 pCifi b 
a 

Uranium 20 f,Lgfl b 

Note: Maximum contaminant levels (MCLs) are enforceable standards for substances that may constitute a health hazard at higher con-
centrations. Secondary maximum contaminant levels (SMCLs) are not enforceable, but are set for aesthetic reasons, to avoid tastes, odors, 
and staining of plumbing fixtures . 
• Current Standrad. 
b Proposed Standard. 
CTreatment triggered at 1.3 mg/L (Cu) and O.DIS mgIL (Pb). 
"Total dissolved solids residue is the weight of solids obtained on evaporation of a liter of the sample to dryness. 

In order to define background and anomalous groundwater concentrations, Barnes and Langmuir (1978) 
examined 27,000 chemical analyses of groundwaters from the United States, available in the U.S. Geo
logical Survey WATSTORE data base. The analyses of individual species in five rock types were plot
ted in histograms. Examples of two extreme types of frequency distributions are shown in Fig. 8.19. The 
distribution of Cu in shale groundwaters is almost lognormal in Fig. 8. 19(a), whereas that for Cd in sand
stone groundwaters in Fig. 8.19(b) is bimodal. The peaks at lowest concentrations in each figure lump 
all concentrations below the detection limit. If the "real" aqueous concentrations for these samples were 
known, a smooth tail for the low concentration samples would probably result. 

If one can assume that a species' concentrations have a lognormal distribution, as in Fig. 8.19(a), 
the distribution would appear as in Fig. 8.19(c). The plot shows that for such a lognormal distribution, 
the value of the mean plus two standard deviations equals the 97.7 percentile. Barnes and Langmuir 
(1978) concluded that the 2.3% of samples with greater concentrations included most significant anom
alies and only a small proportion of the background population. Such an analysis is, however, not sim
ply applied to the distributions shown in Figs. 8. 19(a) and 8.19(b). First, it is not possible to calculate 
an accurate mean and standard deviation when a large number of analyses are below detection. Sec
ond, the Cd distribution is bimodal, not lognormal. Regardless, as a tirst approximation the observed 
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97.7 percentile level was chosen to separate background and anomalous concentrations of the 32 el
ements, bicarbonate, sulfate, and specific conductance in groundwater. The results are listed in Table 
8.13. Background concentrations will generally be less than these threshold values. Exceedence of 
these values can be viewed as evidence of nearby mineralization or groundwater contamination. The 
same frequency distribution data for groundwater species was also used to construct Fig. 8.13. In 
arid climates, concentration of the salts in groundwater recharge by evapotranspiration may make it 
difficult to apply this approach. 
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TABLE 8.13 Generalized threshold values as log molalityt of aqueous components in groundwaters associated 
with specific rock groups 

Carbonate Sandstone* Shale! Igneous-I" Igneous-II# Cumulativett 

HC03 -1.99 (588) -1.71 (1,009) -1.68 (115) -2.54 (30) -2.13 (78) -1.75 (1,820) 
N -2.74 (194) -2.17 (95) -2.62 (290) 
P -5.23 (43) -4.29 (251 ) -5.06 (60) -4.98 (29) -5.67 (21) -4.97 (404) 
Ca -0.59 (592) -2.05 (1,016) -1.83 (116) -1.99 (30) -2.40 (78) -1.54 (1,832) 
Mg -1.19 (592) -2.34 (1,008) -1.98 (116) -2.14 (30) -2.39 (78) -1.53 (1,824) 
Na -0.35 (493) -1.42 (933) -1.20 (114) -1.63 (30) -2.28 (78) -1.22 (1,648) 
K -1.92 (489) -3.19 (915) -3.18 (114) -3.18 (30) -3.40 (78) -2.88 ( 1,626) 
CI -0.52 (730) -1.62 (1,241) -0.88 (127) -1.37 (30) -2.22 (78) -0.55 (2,206) 
S04 -1.64 (600) -1.89 (990) -1.64 (121) -2.17 (30) -2.49 (78) -1.82 (1,819) 
As -6.58 (351) -6.58 (549) -6.87 (92) -7.59 (29) -6.00 (40) -6.57 (1,061) 
Ba -5.11 (192) -5.13 (300) -5.11 (55) -6.13 (26) -5.87 (13) -5.12 (586) 
Bi -7.56 (6) -7.28 (53) -6.87 (7) -7.24 (66) 
Cd -7.03 (322) -6.58 (445) -7.04 (61) -8.06 (27) -7.76 (13) -6.76 (868) 

Cr -6.44 (274) -6.70 (301) -6.70 (46) -6.70 (26) -6.21 (35) -6.22 (682) 
Co -7.08 (171) -6.75 (252) -6.83 (50) -7.78 (27) -7.46 (13) -6.86 (513) 

Cu -5.66 (384) -5.85 (604) -5.17 (69) -5.01 (27) -5.25 (43) -5.64 (1,127) 
Fe -3.73 (438) -3.73 (813) -3.91 (114) -4.11 (30) -4.46 (23) -3.73 (1,418) 

Pb -6.72 (395) -6.96 (624) -6.66 (72) -6.62 (27) -6.74 (43) -6.76 (1,161) 

Mn -4.52 (409) -5.09 (699) -4.80 (97) -5.13 (29) -5.01 (24) -4.95 (1,258) 

Mo -6.31 (72) -6.47 (174) -6.51 (40) -6.47 (288) 

Ni -6.78 (183) -6.54 (222) -6.34 (53) -5.85 (27) -6.06 (29) -6.18 (514) 

Ag -7.02 (136) -7.02 (308) -7.05 (24) -9.99 (26) -9.99 (13) -7.02 (507) 

Sr -3.43 (297) -4.02 (379) -4.00 (23) -5.11 (23) -3.67 (723) 

V -5.36 (91) -6.14 (206) -6.67 (36) -5.93 (335) 

Zn -4.65 (397) -4.11 (621) -4.31 (72) -4.63 (27) -4.10 (43) -4.29 (1,160) 

Sb -8.11 (4) -9.10 (3) -8.ll (7) 

Sn -6.34 (6) -6.05 (55) -6.63 (7) -6.05 (68) 

Se -6.87 (93) -6.77 (410) -6.61 (87) -7.29 (27) -7.43 (13) -6.82 (630) 

Ti -4.68 (6) -6.39 (56) -6.66 (7) -6.11 (69) 

U -7.76 (3) -7.89 (7) -7.76 (10) 

F -3.78 (520) -3.66 (935) -3.63 (Ill) -4.53 (30) -2.86 (77) -3.58 (1,673) 

I -3.19 (33) -4.00 (33) -3.39 (66) 

Br -2.87 (18) -3.39 (35) -4.00 (16) -5.92 (3) -2.88 (72) 

Hg -8.30 (253) -8.30 (229) -8.34 (53) -8.59 (26) -8.59 (41) -8.30 (602) 

SpC** 28,561 (710) 4,010 (1,220) 9,541 (115) 5,429 (30) 1,931 (75) 8,209 (2,150) 

Note: Numbers in parentheses represent number of analyses. 

flog m = -5 and -8 are roughly a ppm and ppb, respectively. 

!Includes quartzites. arkoses, greywackes, and conglomerates. 

ilncludes shales, clays, siltstones, and slates. 

IIInciudes felsic to intermediate igneous and meta-igneous rocks. 

It}ncludes mafic and ultramafic igneous and meta-igneous rocks. 

ttCumulative for all rock types. 

IISpecific conductance in p's/cm, 25°C. 

Source: Barnes and Langmuir (1978). 
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STUDY QUESTIONS 

1. Discuss differences and reasons for those differences in the general chemical composition of precipitation, 
soil moisture, surface-waters and shallow (water-table) and deep (artesian) groundwaters. 

2. The long-term persistence of pollutants in water and the difficulty of cleaning them up are related both to 
the residence time of waters in the hydrosphere and to the residence time of substances dissolved in those 
waters. Explain this statement. 

3. Define the terms in the equation: 1= P ± R - ET - MR, and explain its applicability to groundwater pollu
tion problems created by the disposal of liquid or solid wastes at the land surface. 

4. The composition of soil moisture is intluenced by processes and inputs listed helow. Explain how each of 
these can contribute to soil-water chemistry: 
(a) the chemistry of precipitation; 
(b) leaching of salts accumulated by evapotranspiration (ET); 
(c) organic activity in the soil; and 
(d) the weathcring of soil materials. 

5. Chloride (or bromide) is often used to determine the extent to which precipitation and soil-moisture solute 
concentrations have been intluenced by processes other than ET. Explain. 

6. Contrast the chemistry of water-table and artesian groundwaters in terms of: 
(a) the applicability of equilibrium versus kinetic concepts; 
(b) rock versus water domination of the chemistry; 
(c) thermodynamically open versus closed systems; 
(d) the redox condition and salinity of the water; 
(e) the variability of water composition and temperature with time. 

7. List the major species dissolved in natural waters, including the dissolved gases, in their approximate or
der of decreasing concentrations. 

8. Toxic metals can occur at unusually high concentrations in natural waters from certain sources, and under 
certain conditions. Explain with examples. 

9. Write the overall reactions that define the pH of background rain and acid rain. What causes acid rain? Dis
cuss the ability of lakes, soils, and di fferent geological materials to neutralize it. 

10. Natural waters can be described as having chemical compositions that reflect domination by rocks, precip
itation, or evaporation. Explain with examples. 

11. The composition of seawater relative to that of rivers is related to the residence times and reactivities of the 
constituents in seawater. Explain with reference to Na+ and Fe(IIl). 

12. Given a surface- or groundwater mixture, be able to compute relative volumes or mixing proportions of the 
several waters involved when their chemical compositions are known. 

13. Stream composition is a function of stream discharge. What is a theoretical dilution curve? How is stream 
chemistry related to discharge: 
(a) for soluble species, and 
(b) for species associated with suspended stream sediments? 

14. Why is it important to establish local background concentrations before initiating a water pollution reme
diation program? How might one determine the background concentration of cadmium in a groundwater? 

PROBLEMS 

1. The CO2 content of the atmosphere has increased from 270 ppm v (ppm by volume) in 1800 to 350 ppmv in 
1991, due to burning of fossil fuels. The following question is intended to relate this CO2 increase to its pos-
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sible effect on the carbonate content of the oceans and on calcite solubility in the oceans. In this problem, 
assume that all activity coefficients equal unity, concentrations are in mol/kg, and T = 25°C. Remember, the 
definition of total carbonate (CT) in water is 

CT (mol/kg) = H2C03' + HCOj + CO~-
In seawater having a salinity of 35 g/kg or ppt (TDS = 35,000 ppm), the following concentration constants 
apply (Stumm and Morgan 1981). 

(H2COJ) Keo, = 10-1.55 = - __ _ 
" P co, (bars) 

K = 10-6.00 = (W) (HCOJ) 
1 (H2CO» 

K = 10-911 = (W) (COJ-) 
2 (HCOj) 

(a) Compute CT(molal) in the oceans in 1880 and in 1991, assuming the ocean pH has been constant at 8.1. 
(A constant pH mayor may not be a good assumption.) 

(b) Given the calcite dissolution reaction, 

CaC03(calcite) + COig) + H20 t:! Ca2+ + 2HCOj 

and assuming that the solubility of calcite is proportional to the Ca2+ concentration (see Chap. 6), com
pute the relative or fractional increas~ in the equilibrium solubility of calcite in the oceans for the con
ditions just described, between 1800 and 1991. 

2. You sample shallow infiltrating waters from suction Iysimeters installed in holes drilled by a truck-mounted 
auger in a humid climate soil at depths of I m and 3 m. The following mg/L concentrations are obtained at 
the two depths. 

Species C1 (1 m) C2 (3 m) 

Ca2+ 3.3 108 
Na+ 6.9 21 
CI- 4.8 55 
HC03" 1.9 144 

(a) Compare the concentrations at 1- and 3-m depths. How much of the mg/L change in these species' con
centrations from a 1- to 3-m depth is due to evapotranspiration (ET) alone? Hint: You must assume one 
species is an inert tracer. 

(b) What is the mg/L change in these species' concentrations over this depth, which results from processes 
other than ET? 

(c) There are fragments of dolomite [CaMg(C03)2] rock in the soil. How many mg/L of the HCOj at a 3-m 
depth could have come from weathering of the dolomite? 

(d) Write and balance the reaction for weathering of the dolomite by carbonic acid. 
(e) In light of parts (c) and (d), has Ca2+ increased or decreased relative to its amounts produced by ET con

centration and by weathering of dolomite? Can you suggest what has happened to Ca2+ and calculate 
how much Ca2+ has been involved? 

(0 Na+ has been involved in a process with depth in the soil. How many mgIL of Na+ have been so involved, 
and what might the process be? 

3. This question relates to the chemical analysis of mean river water from Livingstone (1963), which is given 
in Table 8.9. 
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(a) Compute the charge balance of that water in meq/L. (Be careful of which species are truly dissolved and 
ionized, and which are not.) 

(b) If the charge balance is off, add sufficient Na+ or Cl+ (as needed) to make it balance and compute the 
molal ionic strength. 

(c) Using the Debye-Hiickel equation, and assuming 25°C and atmospheric CO2 pressure (10-35 bar), cal
culate the pH of the "average" river. 

(d) Assuming Ksp (calcite) = 10-8
.
42

, ignoring complexes, but using activity coefficients, calculate the satu
ration index of calcite for the "average" river Ca2+ and HC03" concentrations. At what pH would the river 
be at saturation with respect to calcite? 

4. An important consequence of acid rain and dry deposition of S02 and HN03 is the rapid weathering and de
struction of exposed carbonate stone buildings and monuments (cf. Baedecker et a!. 1990). Lipfert (1989) 
has proposed a theoretical damage function equation to describe the weathering of carbonate stone between 
pH 3 and 5, which is 

Stone loss (p,mlmly) = [18.8 + 0.016 (W) + O.18(Vds S02 + VdN HN03)]/R 

In this equation stone loss is in p,m of stone per meter of rain per year, (H+) is in IlmollL, VdS and Y.tN are im
pact velocities of S02 and HN03 on the stone surface in cm/s. Atmospheric concentrations of S02 and HN03 

are in Ilg/m3, and R is meters of rain per year. 
(a) Explain the significance of each term in the equation. 
(b) What is the stone loss for 1 year in which we assume: 1 m of rain, rain pH = 4.2, VdS = 0.3 cmls, and 

S02 = 40 Ilg/m3? Ignore the HN03 term. 
(c) For this example, which is typical of a location in the humid eastern U.S., what percentage of stone loss 

is due to acid rain and dry deposition of S02? 

5. When oil wells pump petroleum from deep formations, saline ground waters associated with the oil may con
taminate shallow fresh ground waters or discharge into nearby streams. For damage assessment purposes, we 
may wish to determine the contribution of a brine-contaminated tributary to the chemistry and flow of a ma
jor stream. However, the tributary's flow may be too low to measure by stream gaging. In this problem we 
will calculate the flow of a small tributary from its chemistry using mixing equations and the measured flow 
of a larger stream. 

The specific conductance (SpC) of Fox tributary is 4510 IlS/cm. The flow of Caddo Creek measured 
by current meter is 6.63 cfs (ft3/s). Above its confluence with Fox tributary the specific conductance of Caddo 
Creek is 2010 IlS/cm, whereas 500 ft below this confluence at a distance sufficient to assure complete mix
ing of both waters, the SpC of Caddo Creek is 2130 IlS/cm. Compute the flow of Fox tributary. 

6. Plot all the precipitation, soil-, surface-, and groundwater analyses tabulated in this chapter on a plot of 
log TDS (mg/L) versus the Na+/(Na+ + Ca2+) weight ratio as was done by Gibbs (1970) in Fig. 8.14. Explain 
and discuss the appearance of your plot. 
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The Geochemistry 

of Clay Minerals 

9.1 INTRODUCTION 

Clay minerals are practically ubiquitous in modern soils and sediments. They are also the primal) 
component phases in shales, which constitute the surface or nearest-surface bedrock on most of the 
continents. The chemistry of natural waters is strongly affected by the presence of clays. This, in part. 
results from the small size of clay mineral particles, which are often less than one micrometer 
« 1 0-4 cm) in diameter, placing them in the colloidal size range. Because of their small particle size. 
clays have large surface area to mass ratios. Their reactions with natural waters are, therefore, rela
tively rapid, although they may not attain true thermodynamic equilibrium in low-temperature envi
ronments. Small particle sizes and a unique crystal chemistry also give the clays a high surface-charge 
density to mass ratio. Important reactions involving clays include: (I) a tendency of clay minerals to 
react and attempt to equilibrate in water/sediment systems; (2), adsorption by clays, especially of 
cations, because of clays' relatively high negative (usually) surface charge; and (3) colloidal behav
ior and colloidal transport of clays, particularly by streams and shallow, turbulent groundwaters. 

A general understanding of the crystal chemistry and atomic structure of the important cla) 
minerals helps to explain their occurrence and behavior in environmental systems. In this chapter we 
will first consider the crystal chemistry of the common clays and of the micas, which are structurall) 
related to the clays. Next we will discuss the natural occurrence of the clays and their interaction 
with natural waters in near-surface environments. This will include an evaluation of the role of clays 
in controlling water chemistry. whether by a tendency toward mineral equilibration or through ion 
exchange. A more in-depth discussion of clay and mica geochemistry than that offered here is given 
by Drever (1988). The ion exchange behavior of clays is discussed in some detail in Chap. J O. 

9.2 CRYSTAL CHEMISTRY OF IMPORTANT CLAY MINERALS 

The clays and micas are compositionally complex hydrous aluminum silicates. Structurally they are 
called phyllosilicates, from the Greek word phyllon, or leaf. The phyllosilicates are continuous sheet 
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• and 0 = silicon 

o and C::' = oxygen 

• aluminum, 
magnesium, etc. 

o and c.::: = hydroxyl 

Figure 9.1 Top diagram is of a single silica tetrahedron (a) and sheet structure of silica tetra
hedra arranged in a hexagonal network (b). Lower diagram shows a single octahedral unit (c) and a 
sheet structure of octahedral units (d). After Clay mineralogy by R. E. Grim. Copyright © 1968 by 
McGraw-Hill, Inc. Used with permission of The McGraw-Hill Book Companies. 

structures, comprising a stacking of layers of cations coordinated with 0 2- and/or OH- groups. The 
layers may be separated by adsorbed or relatively fixed cations, or by water molecules. The layers 
that form clays are described as octahedral and tetrahedral (Fig. 9. I). The octahedral layers are 
called dioctahedral if they contain two AJ3+ in sixfold coordination with 0 2- or OH-, in which case 
one of three cation sites remain vacant. Such a layer is also termed a gibbsite layer, for it has the 
composition of gibbsite, AI(OHh 

If the octahedral layers are made up of three Mg2+ coordinated with six 0 2- or OH-, then all 
the cation sites are occupied by Mg2+. The layers are then termed trioctahedral, or brucite layers, 
because they are compositionally equivalent to the mineral brucite, Mg(OH)2' 

Tetrahedral layers are composed of cations fourfold coordinated with 0 2- or OH-. The domi
nant cation in such layers is usually Si4+, but may also be AJ3+. The atomic arrangements of octahe
dral and tetrahedral layers are shown schematically in Fig. 9.1. 

9.2.1 The Kaolinite Group and Other Two-Layer 
Phyllosilicates 

The important clay mineral, kaolinite, is constructed of a gibbsite octahedral layer and a Si4+ tetra
hedrallayer, with 0 2- at the apexes of the silica tetrahedra replacing OW groups of the octahedral 
layer, and shared between the two layers [Fig. 9.2(a)J. The two-layered unit in kaolinite is about 7 A 
thick.t Kaolinite is a relatively pure mineral, with a formula always close to stoichiometric, and has 
the composition 

'The angstrom (A), which equals to-R cm, is the common unit used to describe C-axis dimensions of the clay miner
als (the vertical axis in Figs. 9.1 and 9.2). 
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o oxygen, ® hydroxyl, 

• aluminum .• 0 silicon 

Chap. 9 

o oxygen; ® hydroxyl; 

o • silicon, occasionally aluminum: 

• aluminum, iron, magnesium 

Figure 9.2 (a) A T:O or two-layer structure, which is composed of a tetrahedral and an octa
hedrallayer bonded through shared oxygen and hydroxyl groups. A T:O structure is common to the 
kaolinite and serpentine mineral groups. (b) A T:O:T or three-layer structure. A T:O:T structure is 
found in the micas, and in the smectite, vermiculite, and chlorite group minerals. From Clay miner
alogy by R. E. Grim. Copyright © 1968 by McGraw-Hili, Inc. Used with permission of The McGraw
Hill Book Companies. 

There is no excess or deficiency of charge at the surface of kaolinite crystal plates because there is 
no excess or deficiency of charge within the crystal structure. 

Because of their alternating tetrahedral (T) and octahedral (0) layers, the two-layer phyllosil
icates are said to have T:O structures. Listed in Table 9.1 are other T:O minerals, including the ka
olinite polymorphs nacrite, dickite, and halloysite, and the trioctahedral serpentine minerals Iizardite, 
antigorite, and chrysotile, in which brucite layers alternate with layers of silica tetrahedra. 
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TABLE 9.1 Structures and idealized or typical compositions of some common 
layer silicates 

I DIOCTAH.:ORAJ. 

(gibbsite-type layers) 

Two-layer structures 

Kaolinite Group: AI2Si20s(OH)4 
Kaolinite, nacrite, dickite, & hal\oysite (hydrated) 

Three-layer structures 

Pyrophyllite: AI2Si40 IO(OHh 
Smectite Group: {Na,Cllos lo.7(Mg,Fe,AIMAI,Si)g02o(OH)4t 

Montmorillonite: {Na,Cllos 1 o.7(Mgo.7AI3J)Sis020(OH)4 t 
Wyoming type: {Cllos 1 (MgosFet1~AI3)(AlosSid020(OH)/ 
Cheto WY type: {Cllos}(MgAI)Sis02o(OH)4+ 

Beidellite: {Na,Cllos l07AliAlo.7Si7.3)02o(OH)4 t 
{CaO.5 1 AI4(AI,si7)02o(OH)4+ 

Nontronite: {Na,Cllos 1 o.iFe3+MAlo.7Si73)020(OH)4 t 
{CIlo.5 1 (Fe~+ AI)(AI,Si7)Ozo(OH)4+ 

Muscovite: KAliAISi30 IO)(OHh 
Illite Group: (KI.S_I.O)AI4(AII.S_I.OSi6S_7.0)Ozo(OH)4 t 

Illite (ideal average): (KI.5)AI4(AluSi6.S)020(OH)4t 
Illite (typical composition): (Ku)(Mgo.sFet\AI3)(AI,Si7)02o(OH)4* 
Ferric illite: K(Fe~+ AI)(AI,Si7)020(OH)4+ 

II TRIOCTAHEDRAJ. 

(brucite-type layers) 

Two-layer structures 

Serpentine Group: Mg3[Si20 s1(OH)4 
Lizardite, antigorite, & chrysotite (fibrous) 

Three-layer structures 

Talc: Mg3Si40 IO(OH)z 
Vermiculite Group: {Mg,Ca 1 o6-09(Mg,Fe3+,Alko(AI,Si)s020(OH)4 t 

{K,Mgos 1 (Mg4oFehFeb:s)(AllsSid020(OH)4~ 
Smectite Group: {Na,Cllos lo.7(Mg,Fe,AIMAI,Si)s02o(OH)4 t 

Saponite: {Na,CIlo.s }o.sMg6(Alo.sSh.2)Ozo(OH)4 t 
{CIlo.4 1 (Mg4.oFe~:6FebjAlol )(AI12Si6.s)02o(OH)4 + 

Hectorite: {Na,CIlo.5 l07(Lio.7Mgd(Si)s02o(OH)4 t 
Phlogopite: KMg3(AISi30 IO)(OHh 
Biotite: K(Mg,Feh(AISi30 IO)(OHh 
Chlorite Group: (Mg,Fe2+,Fe3+,Mn,AI)12(AI,Si)s02o(OH)16t 

Sedimentary: MgsoFe~Web~AI2.o(AI2sSis.5)02o(OH)16+ 

Note: Cations listed first in curved brackets for the smectites and vermiculites (Na, Ca, K. and 
Mg) are present as exchangeable interlayer ions. All the smectites and vermiculites (and thus 
interlayer illite-smectites) have important amounts of interlayer water. the amount of which de
pends upon the clay and the nature of interlayer cations (cf. Brindley and Brown 1980). As is 
customary. these waters are left out of the mineral formulae. 

Source: 'Deer et al. (1992) 
tSlaughter (1992) 
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9.2.2 Three-Layer Phyllosilicates 

The three-layer phyllosilicates include talc and pyrophyllite, illite and the smectite group clays, var
ious mixed-layer clays, vermiculite, and the micas (e.g., muscovite, phlogopite, and biotite). We will 
limit ourselves to a discussion of the more environmentally important of these minerals, which in
clude the micas, the smectites and illites, interlayered (mixed-layer) smectite-illites and vermiculite. 

The smectite group [see Table 9.1 and Fig. 9.3(a)] includes any clay whose interlayer repeat 
distance (thickness of individual T:O:T layers plus interlayer spacing) expands to 17 A on treatment 
with ethylene glycol (cf. Drever 1988). This is indicative of a structure in which the number of in
terlayer cations is smaller than 0.65 (Greenland and Hayes 1978), and is usually about 0.2 to 0.5 per 
formula unit 01O(OH)2 (Drever 1988). The interlayer cations are adsorbed, and are necessary to bal
ance the unsatisfied net charge (usually negative) of the clay crystal lattice caused by structural sub
stitutions or vacancies in the octahedral and/or tetrahedral layers. For example Mg2+ or another di
valent cation may substitute for AJ3+ in the octahedral layer, or A13+ or Fe3+ may replace Si4+ in the 
tetrahedral layer. 

Deer et al. (1992) give the following general formulas for dioctahedral and trioctahedral smec
tite (neglecting interlayer water): 

Dioctahedral {Na,Cao.5 }o,7(AI,Mg,FeMSi,Al)802o(OH)4 

Trioctahedral {Na,Cao.s} o7(Mg,Fe,AIMSi,Al)s02o(OH)4 

In these formulas Na and Ca are the exchangeable ions. Smectites normally occur in extremely small 
crystals with diameters of less than I p.m. This makes them too small to identify with the optical mi
croscope. Identification is instead usually accomplished by X-ray diffraction techniques. 

Water is normally present in the interlayer spaces of smectites. When Mg2+ or Ca2+ occur in 
the interlayer space, about two water layers separate the clay layers. This creates a basal spacing of 
about 14 A, as determined by X-ray diffraction. On the other hand, when Na+ is the interlayer cation 
large amounts of water can enter the interlayer space and swelling of the clay ensues. This decreases 
the permeability of smectite-rich soils and can make such soils susceptible to plastic flow under pres
sure. The swelling and plastic flow of smectites can cause the rupture of overlying floors, basements, 
parking lots, and highways. Smectite clays, whether pure or in mixtures with sand, have very low 
water permeabilities, which can be further reduced by their swelling behavior after emplacement. 
Mechanical compaction of such mixtures makes them even less water permeable. For these reasons 
such materials are commonly used to line waste-disposal ponds and impoundments to prevent waste 
infiltration and groundwater pollution. Bentonite clays, which are formed by the weathering of vol
canic glasses, are composed of the common dioctahedral smectite-group minerals montmorillonite 
and/or beidellite (cf. Deer et a1. 1992). Compacted bentonite-crushed rock mixtures are being con
sidered by many countries as backfill to surround and isolate high-level nuclear wastes in a geolog
ical repository (cf. OECD 1993; Murakami and Ewing 1995). 

Among the smectites, montmorillonite and beidellite form a series with the general formula 

X~+y MgyAI4_y[AI,Sis_x02o](OH)4 

in which X is the number of interlayer. adsorbed, monovalent or equivalent divalent cations. For 
montmorillonite y > x. and for beidellite y < x. Idealized formulas for montmorillonite and beidellite 
are given below. 

Montmorillonite XO,7(Mgo,7AldSis02o(OH)4 

Beidellite XO,7(AI4)(Si7,3Alo,7)02o(OH)4 



Co) .... .... 

(a) 

Exchangeable cations 
nH20 

o oxygen; e hydroxyl;. aluminum, iron, magnesium, 

o • silicon, occasionally aluminum 

(b) o oxygen; e hydroxyl;. aluminum, 0 potassium. 

O. silicon (one-fourth replaced by aluminum) 

Figure 9.3 Diagram showing the structures of montmorillonite (a) and muscovite (b). After Clay 
mineralogy by R. E. Grim. Copyright © 1968 by McGraw-Hill, Inc. Used with permission of The 
McGraw-Hill Book Companies. 
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In these formulas, X denotes a monovalent cation such as Na+ and/or 1Ca2+, occupying interlayer ex
change sites. The formulas show that beidellite is magnesium-free and montmorillonite magnesium
rich. Other smectite minerals include nontronite, hectorite, saponite, and sauconite (Table 9.1). All 
the smectites (and vermiculites) have swelling properties. 

The general formula of the clay vermiculite is 

{Mg,Ca} o.6_o.9(Mg,Fe3+,Alko[ (Al,Si)s02o](OH)4 

where Mg and Ca are the adsorbed interlayer cations. Both vermiculites and smectites have about 
0.7 moles of interlayer cations, however, because the interlayer cations in vermiculite are divalent 
rather than monovalent, as in the smectites; the vermiculites have the highest cation exchange ca
pacities among the clays. 

Vermiculite clay can form as a result of the weathering and partial degradation of biotite or 
phlogopite micas (cf. Drever 1988) or of other iron- and magnesium-rich aluminosilicates (Deer et al. 
1992). Vermiculite is structurally similar to smectite. However, the interlayer charge between T:O:T 
units is greater in vermiculite than in smectite (about 0.5 to 0.7 per OIO(OH)2 structural unit versus 
that of 0.2 to 0.5 in the smectites) so that vermiculites do not swell as much as smectites when treated 
with ethylene glycol. The interlayer charge in vermiculite results chiefly from substitution of A13+ for 
Si4+ in the tetrahedral layer. Magnesium is the chief cation in the octahedral layer. Macroscopic ver
miculites are dominantly trioctahedral; however, fine-grained soil vermiculites may be more diocta
hedral in structure. Drever (1988) notes than when Mg2+ is the interlayer cation, two water layers oc
cupy the interlayer space, and the basal spacing is about 14 A. The structural formula of a frequently 
studied vermiculite called Llano vermiculite is 

{MgO.93 } (Mg5.62Feb:13Alo.21)(AI2.21 Sis.79)02o(OH)4 

(Brown et al. 1978) where the interlayer Mg2+ is given first in the formula. 
In the mica group of T:O:T minerals an A13+ ion substitutes for about one of every four Si4+ 

ions in the tetrahedral layer. The resultant excess negative charge is compensated for by interlayer 
K+ ions that are held electrostatically and fairly strongly between adjacent tetrahedral layers. The 
micas are, therefore, relatively hard and elastic, and the potassium ions not readily exchangeable. 
The micas include muscovite (dioctahedral), phlogopite (trioctahedral), and biotite, which is similar 
to phlogopite but with Fe2+ substitution for Mg2+ in some octahedral sites. The micas have a repeat 
basal spacing of about 10 A. Muscovite and biotite are common in igneous and metamorphic rocks. 
Ideal compositions these micas are 

Muscovite: KAI2(AISi30 IO)(OH}z 

Phlogopite: KMg3(AISi30 IO)(OH}z 

Biotite: K(Mg,Feh(AISi30 IO)(OHh 

In biotite up to approximately 75% of the octahedral Mg in phlogopite can be replaced by Fe2+ (Deer 
et al. 1992). 

Because they are the dominant mineral in shales, illites, and illite-smectites (see below) are the 
most abundant of all the clays. Illites are defined as micalike materials less than 2 p,m in size, which, 
like the micas, have a basal spacing of 10 A (Drever 1988). Most illites are dioctahedral and struc
turally similar to muscovite, although some are trioctahedrallike biotite. Illites contain less K+ and 
A13+ and more Si4+ than muscovite. They also usually contain some Mg2+ and Fe. The irregularity of 
occurrence of interlayer K+ makes bonding between the layers weaker than in muscovite. Illitic clays 
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are usually mixed-layer clays, with the illite making up perhaps !W% of the clay layers and smectite 
the rest. Robinson and Haas (1983) give as the composition of a unit cell of a natural illite 

K 150( Mg050A 1350)( AlioS i7o)02o(OH)4 

Deer et al. (1992) suggest the following general illite formula 

K IS loAliA1Is_,oSi6Ho)02o(OH)4 

The Marblehead illite used in hydrothermal laboratory experiments by Aja et al (1991 a, 1991 b) has 
the structural formula 

(Ko.79Nao.02)(AI143FehtIIMgo37 Tio()8)(Si 35SAlo4S)OIO(OH)2 

All three of these illites contain smectite layers of montmorillonite or biedellite composition 
(Deer et al. 1992) and are, therefore, termed mixed-layer illite-smectite (lIS) clays. As a shorthand 
to identify the composition of a given lIS, the structural formula or a half-unit cell of the clay is some
times written K,/0IO(OHh, where n is the number of moles of K in the clay. By definition, end
member illite (l) contains K that equals or exceeds KOB to K09/O uiOH)2, whereas end-member smec
tite (S) has K roughly equal to or less than Ko.iOIO(OH)2 (d. Aja et aI. 1991a). The ilIhe-smectites 
have been considered: (a) a single solid solution; (b) two separate solid solutions (Ransom and 
Helgeson 1993); or (c) mixtures of two or more defined compositions of illite and smectite (cf. Gar
rels 1984; Wilson and Nadeau 1985). Based on illite solution equilibria measurements up to 250°C, 
Aja et al. (1991a, 1991 b) and Aja and Rosenberg (1992) have suggested that the iIIite-smectites have 
four distinct compositions: K02<10IO(OHh (S), Koso!O\O(OH)2 (IS), Ko6<10\O(OHh (ISH), and 
KO.8S/O IO(OH)2 (I), with the illite-rich forms more stable at elevated temperatures. 

As mixed-layer I/S clays become smectite-rich, their ion exchange and swelling properties ap
proach those of the pure smectites. Other three-layer clays, including the chlorites and vermiculites, 
also commonly occur in soils in mixed-layer form (e.g., mixed-layer chlorite-smectite [-vermicu
lite]) (cf. Wilson and Nadeau 1985; Drever 1988). 

9.3 THE OCCURRENCE OF COMMON CLAY MINERALS 

Generalized in Fig. 9.4 from Brady (1974) arc the conditions, including extent of weathering, that 
lead to the formation of clay minerals and secondary metal oxyhydroxides in soils. 

Vermiculite may form from the alteration of biotite or phlogopite, or of other Fe- and Mg-rich 
aluminosilicates, such as chlorites and hornblende in igneous or metamorphic rocks. 

Smectite clays such as montmorillonite are favored by relatively poor drainage, alkaline pH's, 
high concentrations of silica and divalent cations, and low potassium concentrations. They tend to 
form early in the weathering of unstable Fe-, Mg-, and Ca-rich minerals in igneous or metamorphic 
rocks. 

Illite clays may result from the weathering of micas and feldspars. Their formation in soils and 
sediments is favored by high K+ and moderate silica concentrations. When smectites or mixed-layer 
smectite/illite clays are buried in deep sedimentary basins, they are gradually transformed into more 
stable illites by a combination of time and temperature (diagenesis) (cf. Velde and Vasseur 1992; 
Huang et al. 1993; Cuadros and Linares 1996). The reaction involved might be 

2NUo4(Al\47Mgo29FeoI8)Si401O(OHMsmectite) + O.85K+ + 1.07W 

~ I.065K08o(AI198Mgoo2)(SiwAlon)Olo(OHh(illite) + 4.6 SiOz{aq) 

+ O.36Fe(OHh(s) + O.56Mg2+ + O.8Na+ + O.9H20 



320 

:.:: 
.: 
..c: 

"" :i: 

~ « 
~ ;;; 
0 z 
S1 
:> 
..J 

< 
>-eo: 

~ « 
:! "0 

~ c 
'" <i 
Z 
<i 
U 
cO 
~ 
.: 
-§, 
:i: 

The Geochemistry of Clay Minerals 

Hot wet climates (-Si) 
K 

Microcline Rapid removal of cations 

Orthoclase 
and others 

~------------

-K 
Muscovite 

+K 

Micas 

-Mg 
Biotite 

------------

Slow removal of cations 

Na,ea 
Feldspars Rapid removal of cations 

Augite 
Hot wet climates (-Si) Hornblende 

and others 

Degree of weathering increases 
• 

Figure 9.4 Weathering products of primary minerals and sequence of forming clays. 
Modified from N. C. Brady. The nature and prospecting of soils, 8th ed. Copyright © 1974. 
Used by permission of Macmillan Pub!. Co., New York. 

Chap. 9 

The rate of the smectite ~ illite reaction is thus directly proportional to K+ and H+, but is retarded 
by Mg2+ and by dissolved silica and Na+. In deepening sedimentary basins, the extent of the reaction 
at any depth also depends on the local thermal gradient (temperature) and the sediment burial rate 
(reaction time). Because smectites of small particle size are the least stable, they alter to illite at lower 
temperatures than do coarser-grained smectites (Fig. 9.5). 

Example 9.1 

Huang et a1. (1993) derive a rate equation for the smectite to illite reaction at low Mg2+ and 
low to moderate Na+ concentrations, which is 

dS (-E) - - = A exp _0 (K+) S2 
dt RT 

where S = fraction of smectite layers in the lIS, t = time in seconds, A = frequency factor = 8.08 
x 104 MIs, Ea = activation energy = 28 kcallmol, R ::;:: gas constant::;:: 1.987 callmol K, T = 
degrees K, and (K+) the molar concentration in the fluid. A 100% smectite clay is buried at 
3800-m depth and 125°C in contact with groundwater that contains 200 mgIL K+. How long 
will it take to convert 80% of the smectite to illite? 

The integral ofthe rate equation is: 

S = SolO + So(K+)A exp(-EaIRT)t) 
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Figure 9.5 Comparison of modeled and observed smectite/illite conversion found in 
CRWU Gulf Coast Well 6 shale (Hower et al. 1976). Kinetic model predicts the conversion 
using the estimated temperature and age at each depth. Line is the modeled result. Symbols 
represent average particle sizes of the initial clay: + = < 0.1 JLm, 0 = 0.1 to 0.5 JLm, • = 
0.5 to 2 JLm, 1 Ma = \06 y. From W-L. Huang, J. M. Longo and D. R. Pevear in Clays & 
Clay Minerals, copyright 1993. Used by permission. 
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(Huang et aJ. 1993), where So is the initial fraction of smectite layers. Solving for t after sub
stitution gives t = 1.41 x 1012 s or about 45,000 y. 

Because kaolinite lacks structural cations other than relatively insoluble aluminum and silicon, 
it is the clay most stable under acid-weathering conditions. As such, kaolinite is common in humid
climate, well-leached acid soils, and stream sediments where there is good drainage. Kaolinite often 
forms from weathering of the potassium feldspar (microcline and orthoclase) and muscovite mica in 
rocks such as granite. For extreme conditions of high rainfall and good drainage, kaolinite is de
stroyed through loss of its silica, becoming unstable relative to gibbsite IA1(OHhJ. 

Increased rainfall and infiltration lowers both the pH of soil moisture (Fig. 9.6) and cation and 
silica concentrations. Shown as a function of precipitation in Fig. 9.7 is the relative abundance of 
these clays and of gibbsite formed in residual soils over some igneous rocks in California. Dark ig
neous rocks, such as basalt, are high in Fe, Ca, and Mg aluminosilicates. Light-colored igneous 
rocks, including granites, are high in K and Na, and are more AI-rich. Within the residual soils formed 
in arid climates on both rock types, smectite is the most abundant clay. It can be assumed that soil 
moisture is alkaline and high in cation and silica concentrations in low-rainfall, poorly leached soils 
and becomes acid and more dilute as rainfall amounts increase. Because it contains essential K+, illite 
generally forms from the weathering of potassic minerals such as K-feldspar and muscovite. Illite 
may also simply be inherited from the weathering of underlying shales. The occurrence of vermic
ulite often reflects the partial degradation of T:O:T micas such as biotite and phlogopite. Rainfall 
amounts from about 50 to 80 inches (130 to 200 cm) tend to leach away metal cations and silica and 
so favor the destruction of smectite, illite, and vermiculite. The residual soils may then contain 
kaolinite and halloysite, smaller amounts of vermiculjte, and increasing percentages of gibbsite. 



322 

8 

7 

pH 

6 -

5 

20 

The Geochemistry of Clay Minerals 

+ + 
+ + 

+~++ + + 

+ + 

+ 
+ 

40 

+ 

+ 
+ 

+ 

+ 
+ 
+ 

60 

Rainfall (em) 

+ 

+ 

+ + 

+ + 

\ 

::~ 
+ + 

+ 

80 100 

Figure 9.6 The effect of rainfall on soil pH. The line has no statistical significance. After 
Factors of soil formation by H. Jenny. Copyright © 1941. Used with permission. 

Chap. 9 

The occurrence of specific clays in soils depends both on the presence of particular source 
rocks and minerals and on the intensity of leaching, which reflects climate, drainage, and soil per
meability. The long-term persistence of smectites, vermiculite, or illite is possible only in poorly 
leached soils, where relatively high pH's and high silica and cation concentrations can be maintained 
by rock weathering and evapotranspiration. In humid climate soils, infiltrating soil moisture will tend 
to follow pathways of enhanced permeability (macropores) around plant roots and away from clay
rich layers or lenses. Based on the oxygen- and deuterium-stable isotopy of precipitation and soil 
moisture in some Pennsylvania soils, Sears and Langmuir (1982) concluded that precipitation infil
trated to a soil depth of 9 m within 3 months after a storm event. However, this rapidly infiltrating 
macropore water, which bypasses most of the soil, was only about 1 % of total soil moisture. The mi
cropore soil water is probably undiluted by fresh recharge for many years, even in humid climates 
(cf. Cozzarelli et al. 1987). Such conditions can lead to high soil moisture pH's, and high silica and 
cation concentrations, assuring the persistence of illite, smectite, and vermiculite clays. 

9.4 APPLICABILITY OF EQUILIBRIUM CONCEPTS 

Whether clay minerals, in particular mixed-layer clays, can attain thermodynamic equilibrium in 
low-temperature soils and groundwater systems, has long been a controversial issue (cf. May et al. 
1986; Aja and Rosenberg 1992). In theory, time must eventually favor formation of the thermody-
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namically most stable clay or clays in a soil exposed to a particular climate and water composition. 
However, at low temperatures reversible equilibrium involving clay minerals and contacting waters 
has been difficult to demonstrate. Kaolinite has been shown to dissolve and precipitate reversibly 
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and thus attain thermodynamic equilibrium at 25°C (May et al. 1986; Nagy et al. 1991). Allophane 
and halloysite (a metastable polymorph of kaolinite) are also capable of reversible equilibration at 
25°C (cf. Steefel and Van Cappellen 1990). However, May et al. (1986) have questioned whether it 
is possible for complex aluminosilicates of variable composition, such as the illites and smectites, to 
reversibly equilibrate. Aja and Rosenberg (1992) disagree and argue that solubility experiments have 
proven the attainment of equilibrium by the liS clays and chlorite at low temperatures (see also Aja 
et al. 1991 a, 1991 b). Although the equilibrium may be metastable, it still describes a condition that 
can persist and control the chemistry of soil moisture and groundwater. 

The formation and survival of unstable or metastable micas and clays in sediments and soils 
at low temperatures reflects kinetic as well as thermodynamic factors. First, the rates of reactions in
volving solid-aqueous and especially solid-solid transformations in dilute solutions are very slow at 
low temperatures (most natural waters are "dilute"). The slow kinetics of clay transformations re
flects small differences in free energy between stable and metastable clays. Also, the occurrence of 
specific clays is related to the chemistry and crystal structure of source minerals. Thus, illite often 
results from the weathering of muscovite, and vermiculite results from the weathering of biotite 
(cf. Drever 1988), consistent with the similar chemistries and structures of these pairs of T:O:T 
minerals. 

The empirical observation that unstable or metastable minerals form first in the weathering 
process, followed by progressively more stable minerals, is explained by the Gay-Lussac-Ostwald 
(GLO) or Ostwald step rule (cf. Sposito 1989,1994; Steefel and Van Cappellen 1990). Steefel and 
Van Cappellen define the GLO step rule as follows: 

The (soil-water) system preferentially forms the phase with the fastest precipitation rate under the pre
vailing conditions. The nucleation of a more soluble phase (such as an illite, smectite, or vermiculite) is 
kinetically favored over that of a less soluble analogue (such as kaolinite) because the more soluble phase 
has the lower mineral-solution interfacial energy, (and thus the lower nucleation energy). Hence, when 
the supersaturation of the solution is sufficiently elevated, the metastable mineral may have the higher 
rate of precipitation. (Simply stated, the solid that reduces oversaturation the most rapidly will form first.) 
This explains the frequently observed formation of metastable aluminosilicates in weathering profiles. 
As the solution composition evolves, however, the relative rates of precipitation and dissolution will 
change. gradually resulting in the formation of more stable secondary mineral assemblages. 

9.5 CLAY MINERAL EQUILIBRIA AND PHASE DIAGRAMS 

Although many minerals never reach true thermodynamic equilibrium in a soil or sediment, their sta
bility constants provide insights as to their general behavior and occurrence. Such behavior is con
veniently examined through the use of phase diagrams. Before considering such diagrams in detail. 
let us examine the assumptions inherent in their construction, which may limit the applicability of 
the phase diagrams to natural systems. 

1. Mineral/aqueous-solution phase diagrams assume chemical equilibrium can be attained 
among all phases shown. In other words, reaction rates among the minerals and aqueous species 
are assumed fast enough so that equilibrium is reached within the time frame being consid
ered. This assumption is especially questionable in low-temperature, surface and near-surface 
environments such as streams and high permeability soils, given the short residence times of 
water in those systems. seasonal and storm-related changes in their moisture content and tem
perature. and the slow rates of mineral/mineral and mineral/solution reactions. 
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2. The phases plotted are assumed to be pure and fixed in composition. and to c()rre~pond to the 
phases being considered in the natural system of interest. This assumption is often tenuous, 
particularly when the minerals involved are complex and highly variable solid solutions such 
as the micas and clays, which usually contain several more chemical components than can be 
meaningfully depicted in a two-dimensional diagram, and which may not have been chemi
cally analyzed. 

3. Accurate and meaningful thermodynamic data are available for all the solids and aqueous 
~pecies being considered. This assumption may be questionable given the highly complex and 
variable compositions, thus stabilities, of the clays and micas in particular. Naturally occur
ring clays and micas rarely have the same composition as the specific clays and micas for 
which experimentally determined thermodynamic data have been obtained. 

4. In many such diagrams. aluminum is assumed insoluble and conserved within reactant and 
product solid phases. We have already noted that for acid and alkaline conditions, aluminum 
becomes soluble below about pH 5 and above pH 9, for which conditions it will not be con
served in the solids (see Chap. 7). 

In spite of these caveats, we will find that phase diagrams involving clays, micas, and related 
phases provide us with useful insights regarding such processes as weathering and mineral alteration 
and formation in soils and sedimentary rocks. 

The best known of such phase diagrams is probably the simplest-the 10g(lK+]/[W]) versus 
log[H4Si04'I diagram given in Fig. 9.8. If we assume that aluminum is conserved within reactant and 
product solid phases (assumption number 4 above), the phases that can be shown on such a diagram 
are listed below, with their ideal compositions. 

Mineral/phase 

quartz, amorphous silica 
gibbsite 
kaolinite 
muscovite (K-mica) 
K-feldspar 

Ideal formula 

Si02(c). Si02(am) 
AI(OH)3 
AI2Si20s(OH)4 
KAI 3Si30 lO(OHh 
KAISi30 g 

Boundaries on the diagram are defined by equilibrium conditions between the above phases. Ac
cordingly we write the various reactions between these phases and their equilibrium constant ex
pressions. For simplicity, mineral names are used instead of chemical formulas. The equilibrium con
stant values which are from Hess (1966), do not differ much from such values in recent use by others 
(cf. Drever 1988). These Keq values are based in large part on the observed natural behavior of the 
minerals (cf. Feth et al. 1964; Garrels and Christ 1965; Helgeson 1969). 

The reaction between K-feldspar and kaolinite may be written 

K-feldspar + W + ~H20 = ~kaolinite + K+ + 2H4Si04' (9.1a) 

for which, 

IK+J . 
K =--IH Sloo]2 = 10-0.9 

eq [H+ J 4 4 (9.1 b) 

Taking logarithms and transposing, we obtain 

(9.1c) 
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Chap. 9 

This is the equation of a straight line with an intercept of -0.9 and slope of -2 on a plot of 
log ([K+]/[H+]) versus log [H4SiO~] (Fig. 9.8). Note that the intercept is determined by the equilib
rium constant, whereas the slope is defined solely by the reaction stoichiometry and is independent 
of relative or absolute mineral stabilities. 

The reaction between K-mica and kaolinite is 

K-mica + W + ~H20 = ~kaolinite + K+ (9.2a) 
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for which 

and taking logarithms 

[K+] 
log = IH+-] = 5.5 

Equilibrium between gibbsite and kaolinite may be written 

gibbsite + H4Si04' = !kaolinite + ~H20 

for which Keq = IIIH4Si04'] = 1047 . Transposing and taking logarithms gives 

loglH4Si04'1 = -4.7 

The K-feldspar/K-mica reaction is 

~K-feldspar + W + 6H20 = !K-mica + K' + 3H4Si04' 

with Keq = 10-41 • The log-linear equation for the reaction boundary is 

[K+j 
log =-- = -4.1 - 3 log [H4Si041 

rWI 

The K-mica/gibbsite reaction is 

K-mica + W + 9H20 = 3gibbsite + K+ + 3H4Si04' 
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(9.2b) 

(9.2c) 

(9.3a) 

(9.3b) 

(9.4a) 

(9.4b) 

(9.5a) 

Given that Keq = 10-8.6, the log-linear equation that defines the K-mica/gibbsite boundary is given by 

[K+] 
log = lH-;i = -8.6 - 3 log[H4SiO~] 

The dissolution reactions for quartz and amorphous silica are both written 

SiOis) + 2H20 = H4Si04' 

(9.5b) 

(9.6a,9.7a) 

with equilibrium constants of Keq(quartz) = 10-4°, and KeqrSiOiam)] = 10-27, from which we obtain 
for quartz 

(9.6b) 

and for amorphous silica 

(9.7b) 

The diagram derived using the Keq values given above is shown in Fig. 9.8. To construct it we 
have assumed that the solids shown are of known and fixed composition and thermodynamic stabil
ity and that identical characteristics apply to the same minerals in the natural environments being 
modeled. The Gibbs free energy of kaolinite, for example, can range from -900 to -908.1 kcallmol, 
although that of well-crystallized material is probably near -907.7 kcallmol (Bassett et al. 1979; 
Devidal et al. 1996). Figure 9.8 has been constructed using equilibrium constants that reflect differ
ences in free energies, not their absolute values. Little is known of the stabilities of the other miner
als in Fig. 9.8 when they are in equilibrium with kaolinite of a given stability at 25°C. The behavior 
of kaolinite in environments where it weathers to gibbsite is at least consistent with the Keq for re
action (9.2a) above. 
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LAKE

BOTTOM 

MUDS 

We will next orient ourselves by calculating where certain water chemistries plot on a 
10g([K+]/[W]) versus log[H4Si04'] diagram. Seawater, for example, has K+ = 10-200 mollL 
(391 mglL) and pH = 8.15. Accordingly, 10g([K+]/[WD = 6.15. Silica in seawater ranges from about 
0.01 (surface) to 7 mgIL (bottom water) as Si02 (GFW = 60.085) or 10--6·8 to 10-3.9 mollLas H4Si04'. 
These compositional ranges have been plotted in Fig. 9.9 along with the chemistry of interstitial wa
ters in marine muds (cf. Lafon and Mackenzie 1974). Surface seawater is low in silica because of its 
scavenging from the water by planktonic (floating) organisms such as the diatoms, which use silica 
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in their skeletons. As these organisms die their skeletons sink and begin dissolving; thus silica con
centrations increase toward the ocean bottom. High silica concentrations in interstitial marine muds 
result from the dissolution of buried diatoms and other siliceous organisms. 

Generally, freshwaters have lower K+ concentrations (for example 10 mglL or 10-3.6 moIlL), 
and lower pH values (typically pH 5 to 8) than seawater. In other words, their 10g([K+]I[H+]) values 
will range from roughly 1.4 to 4.4. Also, freshwaters usually have higher silica concentrations than 
seawater (about 10-36 mollL as Si02 or H4Si04' for the average surface or groundwater; see Chap. 7). 
Such compositions generally place these waters within the kaolinite stability field. This is consistent 
with the common occurrence of kaolinite in humid-climate soils and sediments. 

Shown in Fig. 9.9 are water-composition ranges for some humid-climate streams (in New Jer
sey), a dilute, freshwater lake (Lake Huron) and lake-bottom muds from the Great Lakes (Suther
land 1970), and deep-soil moisture from Pennsylvania (Sears 1976; Sears and Langmuir 1982). Lake 
Huron and the Delaware River are dilute, humid-climate waters. They both plot near the kaolinite
gibbsite boundary. Their composition can be described as water dominated. In other words, their 
chemistries are controlled chiefly by dilution with fresh rainfall and runoff, not by reactions with ge
ological materials. In a study of acid rain (water-dominated) control of soil moisture and ground
water chemistry of a sandy aquifer in Denmark, Hansen and Postma (1995) found that pore waters 
were close to equilibrium with gibbsite and supersaturated with kaolinite (Fig. 9.9). Precipitation 
pH = 4.34 at the site, and 10g([K+J/[WD = -0.95. 

Rock-dominated waters are those in relatively closed systems, out of contact with fresh, dilut
ing recharge. Such waters can approach equilibrium with respect to contacting silicates and alumi
nosilicates, and so tend to have relatively high pH's (low H+ concentrations) and high K+ and silica 
concentrations. Such waters (plotted in Fig. 9.9) include interstitial waters in marine muds and lake
bottom muds and some C-horizon soil moisture in micropores. That some soil moisture has high pH 
and solute contents may also reflect the concentrating effect of evapotranspiration. The high dis
solved-silica levels in Great Lakes bottom mud may have resulted from the dissolution of buried 
siliceous diatoms. 

Water compositions that plot within the stability field of a mineral in Figs. 9.8 or 9.9, may not 
be in equilibrium with that mineral.' For example, global mean rainfall (Table 8.5, Chap. 8) has K+ = 
8,uM and W = 2 ,uM, so that logO K+]/[W]) = 0.6. The dissolved silica content of mean rainfall is 
probably milch less than 10-5 mollL, in general. Thus, rainfall plots within the gibbsite field. The W 
content of mean rainfall is equivalent to a pH of 5.7 and a gibbsite solubility as },;AI(aq) of about 
10-7 mollL (see Fig. 7.8, Chap. 7). Information on the dissolved AI content of rain is generally lack
ing, although it seems likely that normal rain is undersaturated with respect to gibbsite. Particularly 
for precipitation-dominated dilute systems, it is, therefore, useful to imagine a third axis labeled 
-log IAlH] in Figs. 9.8 and 9.9, in order to plot the chemical evolution of waters that are initially 
undersaturated with respect to the minerals in both figures. 

Many researchers have employed 10g([M"+J/[W],,) versus log[H4Si04'] and similar diagrams 
to explain and interpret natural water systems, where M denotes a cation and n its charge (cf. Helge
son et al. 1969; Lippmann 1979; Faust and Aly 1981; Bowers et a!. 1984; Drever 1988; Nesbitt and 
Wilson 1992; Anderson and Crerar 1993; Nordstrom and Munoz 1994; Cramer and Smellie 1994). 
Of necessity, simplified clay compositions have been assumed in order to show them on such dia
grams. Assumptions and limitations comparable to those that were inherent in the construction and 
use of Figs. 9.8 and 9.9 apply to all such diagrams. 

'Obtaining positive proof that a water is in equilibrium with gibbsite Of with any other mineral phase in which field it 
plots involves two steps. First, a saturation-stale calculation based on a complete analysis of the water should indicate that 
Ihe mineral occurs under equilibrium conditions. Second, examinalion of the mineral should reveal evidence thaI its crystals 

are growing. 
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Figure 9.10 Log([Na+)/[W]) versus log[H4Si04'] diagram at 25°C and 1 bar pressure. The 
figure shows a stability field for an idealized sodic montmorillonite. Plotted on the diagram 
are analyses of groundwaters from various rock types. A lutite is a shale or mudstone that 
probably contains illite and kaolinite. with smaller amounts of smectite clays such as mont
morillonite. Sandstones include feldspars as well as quartz. Note that most of the water 
analyses fall in the kaolinite field. After 0. P. Bricker and R. M. Garrels. Mineralogic fac
tors in natural water equilibria. In Principles and applications of natural water chemistry, 
ed. S. Faust and J. V. Hunter. Copyright © 1965. Reprihted by permission. 
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An example of such a plot is a log([Na+]/[W]) versus log[H4Si04] diagram (Bricker and Gar
rels 1965). in Fig. 9.10. In order to show montmorillonite in such a figure. its composition has ob
viously been idealized. Also given is the stability field of the zeolite mineral analcite. As in Fig. 9.9. 
most water analyses plot in the kaolinite field. The montmorillonitel kaolinite (montlkaol) equilib
rium line is an upper bound for most of the analyses. The slope of this boundary in Fig. 9.10 is de
fined by the stoichiometry of the montlkaol reaction. This is determined by the formula that Bricker 
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and Garrels (1965) chose for the montmorillonite. The position of the boundary line defines Keq for 
the reaction and may be used to calculate !lGI for the montmorillonite, if !lGl for kaolinite is known. 

Example 9.2 

Given the montmorillonitelkaolinite (montlkaol) boundary drawn in Fig. 9.10, compute Keq for 
the reaction between the clays. Then with the !lGl data here. calculate !lGI for the mont
morillonite. 

Species or mineral 

Na+ 
H20 
H4SiOg 
AI2Si20 5(OH)4 (kaolinite) 

We first write a balanced reaction 

dGl(kcallmol) 

-62.60 
-56.69 

-312.58 
-908.1 

Source 

Wagman et al. 1982 
Wagman et al. 1982 
Langmuir 1978 
Robie et al. 1978 

6Nll(mAI2.33Si3.6701O(OHh + 23H20 + 2W = 7 AI2Si20s(OH)4 + 8H4Si04' + 2Na+ 

Extension of the montlkaol boundary line to the log [H4Si04'1 axis, where (Na+]/[H+] = 10.0 
and [H4Si04'] = 10-2.0 indicates 

K = (1~a+l)2[H SiOO]S = 10- 14.0 
eq [H+] 4 4 

Therefore, !lG,O = -19.1 kcal/mol, and with free energies from the table !lGI(mont) = 
-1283.0 kcaVmol. 

Based on an evaluation of the literature, Garrels (1984) proposed that liS clays were not a 
solid solution, but could be considered mixtures in various proportions of a single illite 
[Ko.8AlL9(Alo.sSi35)OlO(OH)21 and single montmorillonite [Ko3AIL9Si401O(OHh]. He deduced the 
stabilities of these hypothetical clays relative to that of kaolinite by plotting analyses of waters that 
had been in contact with the clays on a log ([K+]/[H+]) versus log [H4Si041 diagram (Fig. 9.11). The 
relatively tight trend of these analyses was assumed to represent equilibrium between kaolinite and 
montmorillonite and between montmorillonite and illite. Slopes of the equilibrium boundaries were 
defined by the mineral compositions and reaction stoichiometries. Mineral stabilities could then be 
obtained as descibed above in Example 9.2. Free energies used in Garrels's calculation and derived 
from it are given here. 

Species or mineral 

K+ 
H20 
H4Siog 
K-feldspar [KAISi30~1 
Muscovite [KAI3Si30 IO(OHhl 
Kaolinite [AI2Si20s(OH)41 
Pyrophyllite [AI2Si40 IO(OHhl 
Gibbsite [AI(OHhl 
Illite [Ko8AIL9(AlosSi3s)OIO(OHhl 
Montmorillonite [Ko3AII.9Si401O(OH)21 

dGl 
(kcal/mol) 

-67.52 
-56.68 

-312.6 
-894.4 

-1338.6 
-908.1 

-1259.4 
-277.0t 

-1307.8 
-1267.5 

Source 

Robie et al. 1978 
Robie et al. 1978 
Robie et al. 1978 
Robie et al. 1978 
Robie et al. 1978 
Robie et al. 1978 
Garrels 1984 
Garrels 1984 
Garrels 1984 
Garrels 1984 

tApparently computed assuming lH4Si04'] = 10-45 M (1.9 mg/L) at the kaolinite/gibbsite boundary. 
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Figure 9.11 Log([K+j/[W]) versus log[H4Si04J diagram at 25°C with plotted chemical 
analyses of waters in contact with clays, as reported by Aagaard and Helgeson (1983). Phase 
boundaries are drawn consistent with the analyses and with the illite and montmorillonite 
compositions proposed in the text. Agreement of the data and boundaries suggest equilib
rium between the phases and support the idea that illite and montmorillonite behave as two 
discrete phases. After R. M. Garrels in Clays & Clay Minerals, 32: 161-66. Copyright 1984. 
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2 

Using the liS compositional shorthand introduced earlier, Garrels's illite and montmorillonite may 
be written Ko.g/O IO(OH)2, and Ko.iOIO(OHb respectively. 

Based on their hydrothermal experiments, Aja et al. (1991a, 1991b) and Aja and Rosenberg 
(1992) have concluded that the liS clays are not two-phase mixtures, but have several defined com
positions. They have inferred these compositions from the solution chemistry and the slopes of re
action boundaries. For example, their data in Fig. 9.12, suggest the most stahle liS solids are 
Ko.4g/01O(OH)2 and Ko.6JOIO(OHh at 25°C, and KO.3"OIO(OH)2 and Ko.85IOIO(OH)2 at 125°C. The 
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Figure 9.13 Temperature dependence of the compositions of iIlitic solubility-controlling 
phases in the presence of kaolinite and quartz betweeen 25°C and 250°C. From S. U. Aja 
and P. E. Rosenburg in Clays & Clay Minerals 40(3):292-99. Copyright 1992. Used by 
permission. 
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temperature dependence of liS compositions is summarized in Fig. 9.13. Although the 25°C results 
appear inconsistent with those of Garrels (1984), the higher temperature results are not. 

So far we have employed 10g([Mn+]/[w]/) versus log[H4Si04] diagrams to relate the stabili
ties of individual minerals to the chemistry of natural waters. The same diagrams may be used to fol
low the chemical evolution of waters as they weather fresh silicate minerals. The approach is also 
based on the assumption that the water can equilibrate with all the minerals shown. (We should re
member when examining the results of this exercise, that this may be a doubtful assumption.) In the 
following exercise we consider the changes in water chemistry and mineralogy that might occur in 
a humid climate, as fresh recharge percolates downward in a residual soil formed on a rock such 
as granite. The granite contains abundant K-feldspar subject to weathering. As shown in Fig. 9.14, 
which repeats the 10g([K+]/[W]) versus log[H4Si04'] diagram introduced in Figs. 9.8 and 9.9 
(cf. Drever 1988; Parkhurst 1995),t fresh rainfall plots behind point A on the figure along a hypo
thetical third axis, such as -log[AP+] or -log I:Al(aq), because it is unsaturated with respect to gibbs
ite. Weathering proceeds according to a reaction such as 

KAISi)Og + 8HP -t K+ + Al(OH)4' + 3H4Si04' 

K-feldspar 

'Steinman et a\. (1994) note that the reaction paths for this problem are, in fact, curves, not straight lines. 
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until saturation with gibbsite is reached at point A, at which point the weathering reaction that takes 
place along line A ~ B is 

(A~B) 

K-feldspar gibbsite 

Continued dissolution of K-feldspar as the water moves downward through the soil tends to raise the 
pH and concentrations of both dissolved potassium and silica in soil waters. At point B saturation 
with kaolinite is reached, and the weathering reaction along line B ~ C is 

(B~C) 

K-feldspar gibbsite kaolinite 
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As long as gibbsite is still present, soil-water cOll)l'Josition continues along line B ~ C at equilib-
rium with both gibbsite and kaolinite ' 

2Al(OHh + H4SiO~ = !AI2Si20s(OH)4 + ~H20 
gibbsit!'! kaolinite 

at a fixed silica concentration (see Eq. [9.3], above). Once all the gibbsite has been consumed (at 
point C), weathering corresponds to line C ~ D and the reaction 

(C ~ D) 2KAlSi30 g + 2W + 9HP ~ AlzSiz0 5(OH)4 + 2K+ + 4H4SiO~ 
K-feldspar kaolinite 

Starting at point D and along segment D ~ E, K-feldspar reacts with kaolinite to form muscovite 
(K-mica) 

(D~E) 

K-feldspar kaolinite K-mica 

Along D ~ E, kaolinite and K-mica will also be in equilibrium with each other, as described by the 
reaction 

K-mica kaolinite 

which corresponds to a fixed [K+]/[W] ratio (Eq. [9.2], above). Once all kaolinite has been consumed 
in the formation of K-mica at E, soil-solution composition foIlows segment E ~ F, which is defined 
by the reaction 

(E~F) 

K-feldspar K-mica 

FinaIly, equilibrium between K-mica and K-feldspar, as defined by the same reaction, is attained at 
F. At this point or position in the soil, the weathering reaction obviously stops. 

One might imagine a soil having this sequence of phases (gibbsite, kaolinite, K-mica, and 
K-feldspar) appearing in order from the surface down to bedrock. However, in a real soil illite or 
mixed-layer illite-smectite are usual soil phases rather than K-mica. 

The extremes of conditions described in Fig. 9.14 range from undersaturation of the soil water 
with respect to gibbsite (described by a hypothetical third [aluminum] axis "behind" A) to saturation 
of the water with respect to K-feldspar at F. These extremes correspond to weathering the feldspar 
in a high-rainfall, water-dominated, open soil system in which all weathering products are destroyed, 
to a rock-dominated, low-rainfall, relatively closed, deep soil system in which K-feldspar persists 
fresh and unweathered. Depending on climatic and drainage conditions, a real soil profile could, the
oretically, stop its development anywhere between these extremes. Steinmann et al. (1994) have also 
shown that the actual weathering pathways followed in Fig. 9.14 are strongly dependent on the ini
tial pH of the solution. 

In their study of the Canadian uranium deposit at Cigar Lake, Cramer and Smellie (1994) have 
plotted data for K+, Na+, Ca2+, and Mg2+, in site waters on 10g([M/]/[W]") versus log[H4SiO~] dia
grams. In Fig. 9.15, the illite phase field is contoured to show the stabilities of different illite frac
tions in liS. The plot describes the evolution of water chemistry from atmospheric precipitation and 
surface-waters (lakes and streams) to infiltrating soil water and groundwater above, and then in con
tact with, the orebody. In the soil, kaolinite and illite (the dominant clay), quartz, and feldspars are 
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dissolved. Evolution of the water proceeds with gibbsite precipitation, followed by precipitation of 
kaolinite. Finally, in the overburden the groundwater is in equilibrium with kaolinite and illite. 

The schematic 10g([M"+J/lWj") versus log[H4Si04'] diagram in Fig. 9.16, summarizes the gen
eral appearance and message of Figs. 9.8 to 9.11. Primary silicate minerals, including the feldspars 
and micas, are stable only at high pH and high silica and cation concentrations, such as those that 
occur in rock-dominated systems. Smectite, illite, and vermiculite clays are stable at somewhat lower 
(but still alkaline) pH's and lower (but still elevated) silica and cation levels. Such conditions are 
found in soils that are incompletely leached. Kaolinite and finally gibbsite are the stable phases under 
precipitation-dominated, highly-leached and weathered cO.nditions where the waters are relatively 
acid and dilute. Even when kaolinite is thermodynamically the most stable clay, muscovite may first 
weather to form illite and biotite to form vermiculite (cf. Likens et al. 1977). This is because biotite 
and vermiculite have similar T:O:T structures to the parent micas and so have lower nucleation en
ergies than kaolinite with its T:O structure. 

9.6 THE THERMODYNAMIC STABILITY OF COMPLEX CLAY 
MINERALS 

The thermodynamic properties of clay minerals have been obtained from calorimetric measurements 
(cf. Robie et al. 1978), from laboratory solubility and phase equilibria measurements (Aja and 
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Rosenberg 1992), and from the chemistry of natural waters in contact with the clays (Hess 1966; 
Garrels 1984), For the silicates in general and clay minerals in particular, the most accurate way to 
obtain their t:.GI values is usually through solubility measurements. However, the wide range ofpos
sible compositions of nonstoichiometric clay minerals makes it impractical for us to measure the 
thermodynamic properties of all of them in the laboratory, Fortunately, in recent years methodolo
gies for estimating SO, t:.GI, and Mil for such minerals have been greatly refined. Resultant esti
mates, which usually require a structural chemical analysis, are probably of adequate accuracy for 
most geochemical modeling purposes (±0.2% in t:.G I at 25°C) (cf. Vieillard and Tardy 1988 [Mil]; 
Holland 1989 [SO]; Chermak and Rimstidt 1989 [t:.GI, MlJ], 1990 [t:.GI(T)]; Varadachari et a!. 1994 
[t:.Gm· 

So far we have used phase diagrams to visualize clay mineral stabilities and phase relations in
volving the clays in natural waters. Given the complex chemistries of mixed-layer clays in particu
lar, geochemical computer codes offer a more rigorous way to evaluate their stabilities. The ther
modynamic data bases of most of these codes list stability constants for a variety of clay minerals 
which, except for kaolinite, are usually of nonideal composition. Most of these stability constants 
have been obtained from solubility measurements and are of mixed reliability. It is appropriate to 
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ask if they can help us to understand the behavior of similar clay minerals (e.g. illites or smectites) 
that may have different or unknown compositions in the water-rock systems we are studying. The 
answer to this question is probably a qualified yes. 

Example 9.3 

Tabulated here is the composition of average river water (Livingstone 1963). Assume pH = 7.0 
and 25°C. 

Species mgIL Species mgIL 
\ 

Ca2+ 15 

a >*~" Mg2+ 4.1 SO~- 1 
Na+ 6.3 H4SiOJ 21 
K+ 2.3 l:Fe(I1I) 0.67 
HC03 60 l:AI 0.Q7 

Given the insolubility of Fe(III)- and AI-oxyhydroxides and clay minerals at pH 7, the Fe and 
Al are probably present as suspended solids. 

Assuming that goethite and kaolinite are finite solids, enter the chemical analysis into 
MINTEQA2, except for the Fe and Al concentrations. Compare computed I:Fe(III)(aq) and 
I:AI(aq) concentrations at saturation with goethite and kaolinite to the values in the table. How 
much Fe and Al may be in suspension? Next assume that the water is in equilibrium with 
goethite and montmorillonite (make them finite solids). Now what is the computed I:AI(aq) 
concentration? 

If goethite and kaolinite solubility limited Al and Fe, their concentrations would be 
I:Fe(III)(aq) = 7.99 x 10-13 M (4.46 X 10-8 mglL) and I:AI(aq) = 7.14 x 10-10 M (1.93 X 

10-5 mglL). Essentially all of both metals must, therefore, be in suspension. Montmorillonite 
is slightly more soluble, so that at montmorillonite saturation I:AI(aq) = 1.32 x 10-9 M (3.56 X 

10-5 mglL). 

At present, there are serious limitations to the use of geochemical codes to study clay mineral 
solution-equilibria. These include the sparse and often dubious clay mineral stabilities given in pro
gram data bases and the fact that water analyses rarely include reliable data for both dissolved Si and 
AI. Also, dissolved Al is usually below detection above pH 5 to 6. When reported at higher pH's, alu
minum is mostly present in suspended form, as suggested by Example 9.3. For such reasons, many 
researchers still prefer using graphic methods to depict the stabilities and behavior of clay minerals. 

STUDY QUESTIONS 

1. Know the basic structures of the major clay and mica mineral groups and the definitions of octahedral, 
dioctahedral, gibbsite, brucite, and tetrahedral layers. 

2. What is the origin of the ion exchange behavior of smectite and vermiculite clays? 

3. Be able to calculate the ion exchange capacity of a smectite or vermiculite clay (meq/lOO g clay) from the 
chemical formula of the clay. 

4. Know the general conditions of occurrence and stability of the major clay mineral groups, including the 
roles played by parent mineralogy, temperature, precipitation rate, soil drainage, and soil maturity in clay 
occurrence. 

\ 
\ 

\ 
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5. What is the Gay-Lussac-Ostwald (GLO) step rule and how does it help explain the formation and persis
tence of metastable clay minerals in soils? 

6. Know how to construct a log ([MI/+]/[W]I/ versus log [H4SiO.j] diagram, starting with the appropriate Gibbs 
free energy data or equilibrium constants. 

7. Be able to plot natural water compositions on a log ([M"+J/[WJ" versus log [H4SiO.j] diagram and discuss 
their significance. 

S. What assumptions are made if one uses a log ([MI/+J/[H+!" versus log [H4SiO.jJ diagram to predict and ex
plain the occurrences of minerals that have stability fields shown on the figure? 

9. Know how to follow hypothetical changes in the chemical composition of waters that are weathering min
erals such as the feldspars under water-dominated or rock-dominated conditions, using a log ([M"+J/[H+)" 
versus log [H4SiO%J diagram. 

10. How can the stabilities of coexisting clay minerals be estimated from the composition of soil moisture or 
groundwater? 

11. Contrast the applicability and use of phase diagrams and geochemical codes for purposes of evaluating clay 
mineral equilibria in natural waters. 

PROBLEMS 

1. (a) On the following figure plot the compositions: 
(i) seawater, given that mNa+ = 0.460, pH = 8.15, and Si02(aq) = om mglL (surface ocean water) 

to 7 mglL (ocean bottom); 
(Ii) rainwater, with Na+ = 86 J.l.mollL, pH = 4.4, and ~Al(aq) = 5 J.l.mollL, and Si02(aq) = 0.3 mglL; 

(iii) a stream, assuming Na = 10-3.00 M, pH = 6.5, and Si02(aq) = 14 mglL. 
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(b) What conditions do the lines that separate the mineral stability fields represent? 
(c) Can you confidently argue that when a composition plots in a mineral stabili"ty field on the diagram that 

water is in equilibrium with the mineral? Explain your answer with reference to the rainwater analysis. 
(d) A deep soil water has a pH of 7.5 and Na concentration of 2 x 10-3 M. Roughly how high must the 

Si02(aq) concentration be to make Na-montmorillonite thermodynamically stable in the soil? 
(e) Comment on the use of the diagram to describe the weathering of the feldspar in wet, high-rainfall con

ditions versus in an arid, organic-free soil. 

2. In their study of the chemical weathering of basalts, Nesbitt and Wi Ison (1992) used a plot oflog [(Ca2+)/(W)2] 
versus log [Si02(aq)]. An important boundary on their plot is that for calcite saturation (labeled C,.I)' which 
represents an upper limit for calcium concentrations in weathering environments. Their plot is shown here. 

The data points are for rainwater (black squares) and for soil and groundwaters from basaltic terranes. 

18 

16 

14 

12 

10 

8 

6 

(a) Calculate and show the position of the log [(Ca2;)/(W)2] boundary for calcite on this plot for CO2 pres
sures of 1O-~5 bar (atmospheric) and 10-10 bar (a roughly maximum soil and groundwater value). 

(b) Comment on the significance of this boundary relative to the occurrence of other phases plotted in the 
figure. 

T= 25°C 
P= 1 bar 

Pea = 10-2 , 

Gibbsite 

• 
• • • 

Ca-Smeclile 

It§l 

rm 

~ 

4 • 
• 
• Pyrophyllite 

Kaolinite 

4 
-6 -5 -4 -3 

H. W. Nesbitt and R. E. Wilson, 1992 . 
Recent chemical weathering of basalts. 
From American Journal of Science, 

-2 292:740-77. Reprinted by permission 
of American Journal of Science. log IH4Si04] 

3. Sears (1976) observed that kaolinite and illite coexist in deep Pennsylvania soils under conditions such that 
the soil moisture is practically isolated from dilution by fresh recharge. His chemical analyses of soil moisture 
are plotted on the 10g([K+j/[Wj) versus log[H4SiO~j diagram for two different sampling sites. Assuming 
that the highest silica and K+ concentrations are those most likely to approach equilibrium with both 
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-4.0 -3.5 -3.0 -2.6 

illite and kaolinite, estimate an approximate stability for illite relative to that of kaolinite. Use the general
ized illite compositions suggested by Hess (1966) [KAlsSi70 2o(OH)41 and by Deer et al. (1992) 
[Kl.sAls.5Si6.502o(OH)41, and compare the results. 

4. This groundwater was collected from a well 167 ft. deep in granitic gneiss in Baltimore County, MD (Hem 
1985). Assume Eh = 0.0 V and T = 12°C. 

Species mgIL 

Na+ 6.8 0.1 
K+ 4.2 HC 3 121 
Mg2+ 1.9 NO)" 0.2 
Ca2+ 28 SO~- 1.4 
Fe2+ 2.7 A13+ 0.2 
Mn2+ 0.22 Si02(aq) 31 
Cl- I.O 

Note: pH6.9 

Input this data into SOLMINEQ.88 (Kharaka et al. 1988), which has a relatively large thermodynamic data 
base for clay minerals. Assume the groundwater contains no dissolved organic ligands. 
(a) What is the saturation state of the water with respect to the clays chamosite (7 A) (a chlorite), illite, and 

kaolinite? 
(b) Rerun the program, precipitating A13+ as kaolinite to attain equilibrium with kaolinite. Compare the 

I:AI(aq) concentration at kaolinite saturation to its chemical analytical value reported in the table. Com
pare the saturation indices of the clays considered in part (a) to their indices computed assuming equi
librium of the water with respect to kaolinite. 
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Adsorption-Desorption 

Reactions 

10.1 PROPERTIES OF SORBENT MATERIALS 

10.1.1 Particle Size and Surface Area 

Particles less than about I p,m (10-4 cm) in diameter have a significant percentage of their atoms at 
particle surfaces. At such sizes and smaller (in the colloidal size range), particles have important sur
face properties, whereas larger particles generally do not. Such surface properties have at least three 
significant consequences: 

1. They cause an important increase in the solubilities of small particles (an increase in a solid's 
!lGI value) (cf. Langmuir and Whittemore 1971; Stumm and Morgan 1996). 

2. Colloidal-sized particles can remain in stable suspension and be transported by natural waters, 
including by groundwaters (cf. McCarthy and Degueldre 1993). 

3. Such particles usually have a significant unsatisfied surface charge that is related to their col
loidal behavior, but also makes them potential sorbents for dissolved species in water. 

Shown in Fig. 10.1 are the size ranges of some common natural materials that occur in col
loidal and larger particle sizes in water. Colloids are stable in solution when the solution chemistry 
does not cause particle agglomeration and settling. Under such conditions colloidal particles remain 
in suspension because of mutual charge repulsion and Brownian motion (cf. Stumm and Morgan 
1996) and can be transported by natural waters moving at any velocity. Larger particles tend to set
tle out gravitationally, except in fast-moving streams and ground waters, particularly when their flow 
is turbulent. 

The size ranges of some filter types used to remove particulate materials from natural waters 
are also shown in Fig. 10.1. The standard 0.45 ,urn-membrane filter clearly has pores too large to fil
ter out many colloidal-sized materials, which can include metal oxyhydroxides, clays, and viruses. 
Removal of colloidal-sized particles by filtration often takes place, however, when soil water or 
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Figure 10.1 The sizes of some natural particulate materials found in surface-water and' 
ground waters, and the pore sizes of filters used to remove them. After W. Stumm and 
J.1. Morgan. Copyright © 1981 by John Wiley & Sons. Reprinted by permission of John 
Wiley & Sons, Inc. 

groundwater moves through fine-grained rock matrix or clay-rich soils or sediments. Davis and Kent 
(1990) (see also Beven and Germann 1982) suggest that the pores in rock and soil be termed micro
pores if less than 2 nm «2 x 10-7 cm) in diameter. Mesopores range in size from 2 to 50 nm (2 x 
10-7 to 5 X 10-6 cm). with macropores larger than 50 nm. Micropores and mesopores can filter out 
most of the colloidal materials carried by soil water and groundwater. 

10.1.2 Surface Charge and Surface-Site Density 

The importance of the surface properties (including sorptive properties) of a given weight of mate
rial exposed to solution, increases in proportion to the surface area of that material. and to its surface 
charge (or site) density or number of charged sites per unit area or weight. 

The following example demonstrates how remarkably large the total area of a substance be
comes when a given amount of it occurs in smaller and smaller particles. The example substance is 
the mineral hematite (a-Fe203)' Table 10.1 shows the profound increase in surface area that results 

TABLE 10.1 The total surface area of a 1 cm3 volume ofthe mineral hematite (a-Fe2031, 
density = 5.26 g/cm3, GFW = 160 g/mol, when it is subdivided into smaller and smaller cubes 

Hematite cube diameter 

lcm 
10-4 em (I JLm) 
10-6 em (0.01 JLm) 

Number of cubes Area (m2/g) 

0.00011 
l.l 

110 

Note: All atoms within 2 A of the hematite surface are assumed to be on the surface. 

Mol % on surface 

0.00012 
0.12 

12 
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TABLE 10.2 Some measured or estimated surface areas (SA) and maximum surface-site densities (Ns) 
(chiefly negative) for geological materials 

Ns 
Mineral/phase SA (m2/g) Source (sites/area or wt) Source 

a-FeOOH (goethite) 45 to 169 t 2.6 to 16.8/nm2 

* 18/nm2; § 
1.35 x 10-3 mollg 

a-Fe20, (hematite) 1.8 (natural) § 5 to 22/nm2 

* 3.1 (synthetic) 

Fe(OH), . nHp (ferrihydrite) 250,306 § 20/nmz .C 

+ 
600 II 0.1 to 0.9 mol per § 

mol of Fe 

MnOl (synthethic and natural 290 (fresh) I' 18/nml t 
birnessite) 143 (aged) 2/nml 

* 180 (natural) 

SiO, (quartz) 0.14 II 4.2 to 11.4/nm2 # 

Si02 gel rSi0 2(am)/ 53,292 .C 4.5 to 12/nm2 

* + 
170.180 ·I·t 5/nm2 # 

a-AI(OH), (gibbsite) 120 II 2 to 12/nm2 

* y-AI(OH)\ (bayerite) 156 # 6 to 9/nm2 + ..- . 

Ti02 (rutile) 5 to 19.8 1'"1- 5.8/nm2 tt 
12.2/nm2 # 

kaolinite 10 to 38 * 
1.3 to 3.4/nm2 

* 12 II 1.2 to 6.0/nm2 H, §§ 

illite 65 to 100 II 0.4 to 5.6/nm2 H. §§ 

montmorillonite (Na form) 600 to 800 (esp. *, II 0.4 to I .6/nm2 H,§§ 
interlayer) 

or~anic substances in soils; 260 to 1300 §§ 2.31/nm2 assumed §§ 
humic materials I to 5 X 10-3 mollg 

bulk composite geological 600 * 
range 1 to 7/nm2 t 

materials (except smectites); mean value of 
assumes Fe20, . H20 with an 2.3I1nm2; 3.84 
area of 600 m2/g and ,umol sites/m2 

0.205 mol sites/mol Fe 

Source: 'Catts 1982. 'Davis and Kent 1990. ~Hsi 1981. "Schwarzenbach et al. 1993. 'James and Parks 1982. I'Kent et al. 1986. 
ttComputed from information given by Schwarzenbach et al. 1993. "Estimated from CEC values in Table 10.4. 

Sposito (1989) suggests -9 x 10.1 to +1 X 10-3 mol/g. 

from subdividing I cm} of hematite (0.033 mol; I g/0.19 cm}) into smaller and smaller particle sizes. 
It is interesting to note that 100 m2 = 10-4 km2 = 0.0247 acres. Thus, 40 cm3 (210 g) of hematite, if 
present in 0.01 ,urn-diameter cubes, has a total surface area of about 1 acre. 

Many minerals occur routinely in even smaller particle sizes and therefore have remarkably 
large surface areas, thus high surface reactivities for their weights. Given in Table 10.2 are surface 
areas for some geological materials for comparison with the hematite illustration in Table 10.1. Also 
tabulated are ranges or example values of maximum surface-site densities for the same materials. 
The sorptive abilities of minerals are proportional to their surface areas and surface-site densities, 
which can range widely, reflecting differences in how they are measured (cf. James and Park.s 1982; 
Kent et al. 1986, Davis and Kent 1990). 
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In calculations of adsorption from natural waters, it is convenient to measure the concentra
tion of sorbing surface sites (rSOH) in units of moles of monovalent sites exposed to a liter of solu
tion. Using the approach taken in MINTEQA2, r SOH equals 

r ( I
· /L) NsCsites/m2) x SA(m2/g) x. Cs(glL) 

SOH mo sItes = 
NA(sites/mol sites) 

( 10.1) 

where Ns, SA' Cs, and NA are, respectively, the surface .. site density, surface area per weight of sorbent, 
weight of sorbent in contact with a liter of solution, and Avogadro's number (6.022 x 1023 sites/mol 
of sites). PRODEFA2, the input file for MINTEQA2, requests values for r SOH' SA' and Cs, and com
putes a corresponding value for Ns. The following conversions are useful among the units listed in 
Table 10.2: Ns(sites/nm2) = NsCumol sites/m2) x 0.6022; Ns(sites/m2) = 1018 x Ns(sites/nm2); and 
Ns(mol sites/g) = NsCsites/nm2) x 1.661 x 10-6 x SA(m2/g). Thus, for goethite in Table 10.2, it can be 
shown that the listed Ns values of 18 sites/nm2 and 1.35 x 10-3 mol sites/g, correspond to a surface 
area (SA) of 45 m2/g. 

Soil scientists have historically reported the site density (generally termed the exchange ca
pacity) on a per weight basis, in units of meq/I 00 g of sorbent. A sorbent phase with a net negative 
surface charge exhibits cation exchange capacity (CEq, whereas one with a net positive surface 
charge has anion exchange capacity (AEC). For a negatively charged surface, the site density and 
cation exchange capacity are related through the expression NsCsites/nm2) x SA(m2/g) x 0.1661 = 
CEC(meqIlOO g). 

Surface charge may be permanent and independent of solution composition, or variable, 
changing with solution composition. The CEC of the smectite and vermiculite clays and the zeolites 
is largely permanent and independent of solution chemistry. In contrast, the metal oxyhydroxides 
and kaolinite clay have a surface charge that is strongly pH-dependent; they are net positive at low 
pH values and net negative at higher pH values (cf. James and Parks 1982; Davis and Kent 1990). 
Reasons for such behavior are presented in following sections. 

For the clays there are three important causes of surface charge (generally negative). These 
include: 

1. Isomorphous substitution in the crystal lattice; for example in the clays, A13+ replaces Si4+ in 
the tetrahedral layer and Mg2+ replaces AJ3+ in the octahedral layer. This results in an excess 
of 0 2- bonds and is important for illites; it is the chief cause of negative surface charge for the 
smectites and vermiculites. 

2. Lattice impeifections or defects, such as a deficit in octahedral A13+ or interlayer K+, which 
leads to a net negative surface charge. This is important for smectites, and, to a lesser extent, 
illites. 

The permanent charge of clay minerals is due to lattice imperfections or defects, plus iso
morphous substitutions. Sposito (1989) suggests that the permanent negative charge of illites, 
smectites, and vermiculites in mol sites/kg, ranges from 1.9 to 2.8. 0.7 to 1.7, and 1.6 to 2.5, 
respectively. 

3. Broken or unsatisfied bonds at crystal plate corners and edges lead to the ionization of surface 
groups, usually resulting in a net negative surface charge due to exposed 0 2- and OH-. This 
mechanism of charge development affects all clays, as can be seen in Fig. 10.2, which is a plot 
of CEC versus pH for kaolinite, illite, and bentonite (a smectite) clay. All the CEC versus 
pH curves in Fig. 10.2 have a slight negative slope, showing that metal adsorption decreases 
with decreasing pH. This is because the increasing H+ ion concentrations compete more ef
fectively with fixed metal cation concentrations for adsorption sites on the clay. Broken bonds 
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Figure 10.2 Negative surface charge (CEC) of some clays between pH 2 and 9 deter
mined using 1.0 M CsCl or 1.0 M NH4Cl. Modified after D. J. Greenland and C. 1. B. Mott, 
1978, Surfaces of Soil Particles, in D. J. Greenland and M. H. B. Hayes, eds., The chem
istry of soil constituents. Copyright © 1978 by John Wiley & Sons, Ltd. Reprinted by per
mission of John Wiley & Sons, Ltd. 
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are the chief source of surface charge for kaolinite, but are proportionately less important for 
clays such as the illites and smectites, which have a much higher total surface charge than ka
olinite because of permanent charge effects. 

As clay particles decrease in size, the relative importance of broken bonds increases. This ef
fect is illustrated in Fig. 10.3, which plots clay CEC versus particle size. As expected, the size effect 
is most important for kaolinite and decreasingly important for illite and the smectite clays nontron
ite and saponite. Thus, in the size range from 1.0 to 0.1 ",m, the CEC of the Georgia kaolinite in
creases from about 3.4 to 7.3 meq/loo g. The plot shows that this increase of about 4 meq/loo g is 
practically negligible for the smectites, which have CEC values of 60 meqll 00 g or more. 

The zeolites are a group of hydrated aluminosilicate minerals with open framework structures 
of (Si,AI)04 tetrahedra, charge-balanced mostly by Ca2+, Na+, or K+ (cf. Mumpton 1977). A general 
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formula for the zeolites is (Na2,K2,Ca,Ba)[(AI,Si)02Jn . nH20 (Deer et al. 1992). The cations and 
water molecules occupy open cavities in the zeolite structure. The isomorphous substitution of tetra
hedral A13+ for Si4+ creates a negative charge within the cavities. Monovalent and divalent cations in 
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the cavities are weakly held and readily exchangeable. Because cation exchange takes place within 
the zeolite crystal lattice, it is practically independent of particle size. Since it results from isomor
phous substitutions, the CEC of zeolites is permanent and nearly pH-independent. 

The surface charge of oxides, hydroxides, phosphates, and carbonates is produced chiefly by 
ionization of surface groups, or surface chemical reactions. Resultant adsorption sites on oxides and 
hydroxides are sometimes written as SOH::-J, where S denotes the major structural cation at the sur
face and n ::: 0 to 2. Alternatively, the major structural cation (e.g., Fe, Si, AI) is written in lieu of S. 
In either case the cation may be preceded by a triple equal sign. For example, the pH-dependent sur
face charge of a silicate might reflect the presence of surface species written symbolically as =SiOH!, 
=SiOH, and =SiO- (see Fig. 10.4). Similarly on a ferric oxide surface, the surface complexes con
tributing to surface charge with increasing pH might be described as FeOH!, FeOH, and FeO-. For 
both examples, the surface species are positively charged at low pH and deprotonate as pH increases 
to form neutral and negatively charged species at intermediate and higher pH's, consistent with the 
amphoteric behavior of the oxide or hydroxide. The surface charge of such materials is thus strongly 
pH-dependent. 

=SiOH 
1.0 

PZNPC =SiO· 
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Schematic distribution of '" Figure 10.4 ... 
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0 0.5 (b) ferrihydrite as a function of pH, c: 
0 showing for both the predominance of "B 
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charged surface species with increasing 
pH. The pH of the PZNPC is found 

0 
where the net surface charge is zero 

-2 0 2 4 6 8 10 (i.e., I=SiOHiJ::: [=SiO-J and 

pH [=FeOH2rj::: I=FeO-J). Based on Healy 
(b) (1974). 
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Figure 10.5 Surface charge of some oxyhydroxides from pH 2 to IO measured in differ
ent electrolyte solutions shown in parentheses. Ferrihydrite [Fe(OHh . nH201 (0.001 M 
NaNO) from Hsi (1981); gibbsite [Al(OH»)l and silica gel [SiOz . nHzO] (1.0 M CsCl) 
based on Greenland and Mott (1978); goethite [a-FeOOHl (0.005 M CsCI) based on Green
land and Mott (1979) (see also Hsi [1981]); birnessite [u-Mn021 (0.001 M NaNO) from 
Catts (1982). 

Figure 10.5 shows the strong surface charge variation with pH of several common oxyhy
droxides of AI, Fe(III), Mn(IV), and Si. As shown in Fig. 10.2, the surface charge of kaolinite also 
exhibits a marked pH dependence, behaving like that of the oxides and hydroxides in Fig. 10.5. 

The pH at which the mineral surface charge changes sign is called the zero point 0/ charge 
(ZPC) or point 0/ zero charge (PZC). If a surface changes its net surface charge from positive to neg
ative solely because of the adsorption of H+ or OH- ions, the pH of charge reversal is called the 
PZNPC or point o/zero net proton charge-sometimes also called the PPZC or pristine point o/zero 
charge or isoelectric point (IEP) (cf. Davis and Kent 1990; Lewis-Russ 1991). Some PZNPC val-
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TABLE 10.3 The pH of the point of zero net proton charge (PZNPC) of some minerals and organic 
substances 

Solid pHpZNPC 

It03(2.91) 
3.5 (3.9) 

Solid 

MnO, (general) 

pHpZNPC 

1.5 to 7.3 
4.5 

351 

Si02 (quartz) 
SiOz (amorphous) 
Na-fcldspar 
K-feldspar 
Montmorillonite 
Kaolinite 
Muscovite 
Mg-silicates 

6.8 (5.2) 
(6.1) 

a-Mn02 (cryptomelane) 
,B-Mn02 (pyrolusite) 
CuO (tenorite) 

4.6 to 7.3 (4.8) 
9.5 (8.6) 

a-FezOJ (natural hematite) 
Fe(OH), (amorphous) 
a-FeOOH (goethite) 
Mn(H) manganite 
u-Mn02 (birnessite) 

::; 2 to 3 
::; 2 to 4.6 (4.66) 
(6.6) 
9 to 12 
4.2 to 6.9 
8.5 to 8.8 
5.9 to 6.7 
1.8 
1.5 to 2.8 

MgO (periclase) 
a-AI(OH), (gibbsite) 
CaCO, (calcite) 
Ca5(P04),F (fluorapatite) 
Ca5(P04h(OH) (hydroxyapatite) 
FeP04 · 2HP (strengite) 
AIP04 · 2HP (variscite) 
Algae 
Sewage effluent (bacteria, etc.) 

12.4 (12.24) 
10.0 (9.84) 
8.5,10.8 
4 to 6 
::; 8.5 
2.8 
4 
2 
2 

Source: Values arc from Parks (1965), Sverjensky (1994), and Stumm and Morgan (1996). Values estimated by Sverjensky 
(1994) are given in parentheses. 

ues are given in Table 10.3. The PZNPC is measured in an indifferent electrolyte, that is in a solu
tion where the cations and anions of the major salt tend not to be adsorbed by the solid. The PZNPC 
is a property of the solid, independent of solution composition (Lewis-Russ 1991; Sverjensky 1994). 
Parks (1965) and more recently Sverjensky (1994), have shown how to estimate PZNPC values from 
sorbent properties, including the sorbent's dielectric constant, Pauling electrostatic bond strength, 
and cation-hydroxyl bond length. 

10.1.3 Cation Exchange Capacity of Some Natural 
Materials 

Table 10.4 lists the cation exchange capacities (CEC's) and their pH dependences for some impor
tant sorbing minerals and other phases. Dependencies characterized as absent, negligible, or slight 
indicate that the sorbent obtains its CEC chiefly because of interior lattice charge imbalances. Strong 
dependencies indicate that the surface charge results from reactions at the sorbent-solution interface. 

TABLE 10.4 Cation exchange capacities (CEC's) of some substances measured at 
pH 7 and their pH dependences 

Substance 

Kaolinite 
Glauconite (green sand) 
Illite and chlorite 
Smectite-montmorillonite 
Vermiculite 
Zeolites 
Organics in soils, humic materials 
Mn(lV) and Fe(I1I) oxyhydroxides 
Synthetic cation exchange resins 

CEC(meq/l 00 g) 

3 to 15 
II to 20 
10 to 40 
80 to 150 , 

100 to 150 
100 to 400 
100 to 500 
100 to 740 
290 to 1020 

pH dependence 

strong 
slight 
slight 
absent or negligible 
negligible 
negligible 
strong 
strong 
slight 

Source: Grim (1968); Brady (1974); Mumpton (1977); Bodek et aL (1988); Lide (1995). 
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TABLE 10.5 Measured cation exchange capacities, in situ soil pH values and 
percentages of major exchangeable ions of some soils at pH = 7 

Equivalent Percent of CEC 

Soil pH CEC H K Na Ca Mg Mn 

Morrison sandy -5 3.4 50 3 3 3 24 18 
loam subsoil 
(5 ft depth) 

Lanna soil 4.6 17.3 34 2 48 16 

California soils 7 20.3 6 3 66 26 

Holland soils 7 38.3 2 6 79 13 

Merced clay loam to 18.9 0 5 95 0 0 

Note: Dashes indicate no available data. 

Source: From Grim (1968). Wiklander (1964), and Apgar and Langmuir (1971). 

Given in Table 10.5 are measured, total CEC values for some soils, along with the equivalent 
percents of different adsorbed cations making up the exchangeable CEC and corresponding pH's. 
The CEC values reported in the soils literature have usually been measured at pH 7. Figures 10.2 and 
10.5 show that CEC values for the oxides and kaolinite are a strong function of pH, so that a CEC 
measured at pH 7 for these phases is in serious error if assumed for other pH's. For the bentonite (a 
smectite clay) and the illite, surface charge is relatively independent of pH, so that the CEC mea
sured at pH 7 has more general value. 

Note the relative concentrations of H+ ion and other cations as percents of the soil CEC values 
in Table 10.5. Important ions adsorbed on soils, but rarely measured, may include NHt, and on wa
terlogged soils may also include Fe2+ and Mn2+. The data in Table 10.5 show that below about pH 5, 
protons occupy a large fraction of clay surface sites. Below pH 3 to 4, protons occupy all the sites 
and tend to destroy clay structures. This, of course, makes it difficult to study the surface and sorp
tive properties of clays in acid solutions. The proton competes effectively with other cations for ex
change sites, even when its concentration is 10 to 100 times less than that of the cations. 

The total CEC values of soils reflect the variable contributions of organic matter, clay miner
als, and ferric and Mn oxyhydroxides. The high CEC of natural organic matter (humic substances), 
which is typically between ISO to 300 meq/100g, derives from its carboxyl (COOH) groups, which 
deprotonate at the pH of most natural waters (Thurman 1985). The high CEC values for waterlogged 
soils (up to 15 meqllOO g for New Jersey soils, according to Toth and Ott 1970) probably result from 
their high organic contents. The CEC of soils is generally highest in the A and B horizons. where 
humic substances and clays are most abundant (Thurman 1985). Apgar and Langmuir (1971) 
measured CEC values of only a few meqllOO g in C-horizon soils in central Pennsylvania. In these 
soils organic matter was absent, and clays such as kaolinite and illite made up about 20 to 40% of 
the soil. 

According to Toth and Ott (1970), about 80% of the CEC of modem river and estuarine sedi
ments is due to fresh organic matter. These authors found that sediments from the Delaware River, 
Chesapeake Bay, and Barnegat Bay were 2 to 24% organic matter and had a mean CEC of 
57 meq/lOO g. Of this mean CEC, organic sorbents contributed 41 meq/IOO g, and inorganic sor
bents 16 meq/l 00 g. 

In soils and in bottom sediments associated with streams and other surface-waters, the CEC is 
highest for fine-grained materials, and decreases rapidly with increasing particle sizes. Bodek et al. 
(1988) report the following CEC values in meq/lOO g for different soil-size ranges: sand, 2 to 3.5; 
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TABLE 10.6 Cation exchange capacity and time for 50% exchange of K+ onto 
Mattole River sediments of increasing size from clay to fine gravel 

Size fraction 

Clay «2 /lm) 

Silt (2 to 62 /lm) 

Sand (0.06 to 2 mm) 

Fine gravel (2 to 9.5 mm) 

Total CEC 
(meqllOO g) 

53 to 38 

18 to 6 

8 to 7 

8 to 6.4 

Source: Data from Malcolm and Kennedy (1970). 

CEC organic 
fraction 

(meq/lOO g) 

47 to 34 

16 to 6 

7.5 to 6 
7.4 to 6.4 

Time for 50% 
exchange 

2 to 3 s 

3 to 5 s 

8 to 3,000 s 

10,000 s (3 h) 
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sandy loam, 2.3 to 17.1; loam, 7.5 to 15.9; silt-loam, 9.4 to 26.3; and clay and clay-loam, 4 to 57.5. 
For Mattole River sediments, Kennedy and Malcolm (1977) observed that clay-sized materials 
«2 pm) had a CEC of 38 to 53 meq/lOO g. The CEC of fine gravel (2 to 9.5 mm) ranged from 6.4 
to 8 meq/l 00 g. 

In a survey of U.S. stream sediments, Kennedy (1965) concluded that the makeup and prop
erties of the stream sediments essentially equaled that of local soils. In the eastern states (50 to 
150 cm precipitation), dominant clays in the <4,um (0.004 mm) fraction were illite, kaolinite, ver
miculite, and interlayered clays, with a CEC of 14to 28 meq/l 00 g. In central and west-central states 
(25 to 100 cm precipitation) Kennedy found dominant smectite, vermiculite, mixed-layer illite, ka
olinite, quartz, and feldspar in the <4,um fraction, with a CEC range of 25 to 65 meq/IOO g. In Cal
ifornia and Oregon, because of the wide range of wet and dry conditions «25 to >200 cm precipi
tation), clays were highly variable, and had a range of CEC's from 18 to 65 meq/ I 00 g for the <4 ,urn 
fraction. 

The rate of attainment of equilibrium in exchange reactions is fastest when clay-sized materi
als are involved and sorbate ions can directly contact surface sites. In larger-sized materials, includ
ing rock fragments and in rock matrix, however, the attainment of adsorption equilibrium is limited 
by the much slower rate of diffusion of sorbing species into and out of rock pores (cf. Jenne 1995). 
This point is illustrated by the measurements of Malcolm and Kennedy (1970), who studied the rate 
of exchange of K+ ion by different size fractions of Mattole River sediments using a potassium-spe
cific ion electrode. Their results are summarized in Table 10.6. Complete exchange took 1 to 2 days 
in the fine gravel. Such effects are also important in fractured rock where most groundwater flow and 
solute transport occurs in fractures, but diffusion of sorbing solutes from the fractures into adjacent 
rock matrix takes place (d. Skagius and Neretnieks 1988; Schwarzenbach et al. 1993). 

10.2 SORPTION ISOTHERMS AND THE DISTRIBUTION 
COEFFICIENT 

10.2.1 The Freundlich Adsorption Isotherm and the 
Distribution Coefficient Kd 

It is generally observed that as the concentration of a species in solution increases, the amount of it 
sorbed (attached in some way) to contacting solid (sorbent) surfaces also increases. A plot that de
scribes the amount of a species sorbed (the sorbate) as a function of its concentration in solution, 
measured at constant temperature, is called a sorption isotherm. A simple sorption isotherm is shown 
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Figure 10.6 The appearance of a 
typical adsorption isotherm. The 
maximum percentage of the species 
adsorbed is found at the lowest sorbate 
concentration. The dashed line is the 
tangent to the isotherm at the origin. 
Its slope equals the distribution coeffi
cient K,/. 

in Fig. 10.6. The plot indicates that the highest fraction of the sorbate species sorbed is observed at 
the lowest sorbate concentrations, corresponding to the steepest part of the isotherm plot. Such be
havior is typical of all dissolved species. Stated differently, the lower the concentration of a dissolved 
substance in a natural water, the greater the fraction of it that will be sorbed on solids in, for exam
ple, a stream bed or a soil. This behavior is typical of trace organic and inorganic substances at p,g/L 
concentrations or lower. 

The simple isotherm plot also suggests that at high sorbate concentrations, a smaller and 
smaller fraction of the sorbate species is sorbed. At high enough concentrations, the substance has 
occupied all available sorption sites and is no longer sorbed at all. This has been termed the "break
through" concentration of the sorbate and can be of considerable environmental concern if the SOf

bate is a toxic substance, for soil materials no longer have the capacity to retard or prevent its 
migration. 

For some inorganic sorbates, the dissolved sorbate concentration may reach a maximal value 
at and above which a mineral is precipitated. The adsorption isotherm ends at this saturation con
centration, which is indicated on an isotherm plot by a vertical upward line (Fig. 10.7). 

The simplest mathematical models to describe sorption from solution are the so-called 
isotherm equations. The simplest of these is the Freundlich isotherm equation, which may be written: 

X 
-:::KC" 
m 

(10.2) 

where x/m is the weight of sorbate divided by the weight of sorbent (usually in p,g/g or mg/g), K is 
a constant, C the aqueous concentration (usually in mg/ml or gIL), and n a constant. Some users pre
fer to write the Freundlich isotherm equation as x/m ::: KClt". Values of n in Eq. (10.2) range from 
about 0.6 to 3.3, but usually lie between 0.9 and 1.4 (Lyman et al. 1982). For pesticides, n in 
Eq. (10.2) averages about 1.15. When n::: 1 in expression (10.2), K = (x/m)/C::: Kd, the so-called dis
tribution coefficient, which is the slope of the isotherm at the origin, or K,,::: (wt adsorbed/wt sor
bent)/(solute cone.), with units usually in ml/g or L/kg. 
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Figure 10.7 Adsorption isotherm describing the adsorption of uranyl (UO~+) species onto 
suspended amorphous ferric hydroxide at pH 7.23 and 25°C. The vertical line denoting sat
uration with respect to schoepite [U02(OHh . H20) has been computed from the pH and 
dissolved uranyl concentration. The enrichment factor, E.F., equals K". Reprinted from 
Geochim. et Cosmochim. Acta, Vol. 53(6), D. Langmuir, Uranium solution-mineral equi
libria at low temperatures with applications to sedimentary ore deposits, pp. 547-569, 
© 1978, with permission from Elsevier Science Ltd., The Boulevard, Langford Lane, 
Kidlington OX5 1GB, U.K. 
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To decide if the experimental sorption behavior of a substance obeys the Freundlich isotherm 
or K" model, the approach generally used is to first linearize the isotherm by taking the logarithm of 
expression (10.2), which yields 

x 
log-- = log K + n log C 

m 
(l0.3) 

The Freundlich isotherm is assumed obeyed if the experimental sorption data plotted in the form of 
Eq. (10.3), yields a straight line. The intercept of the line then equals log K and the slope is n. The 
Freundlich isotherm and K" approaches assume an infinite supply of unreacted sorption sites. Values 
of K" = 0 for a nonreactive sorbate, and may exceed 100 for a reactive one. 

An increase in the pH of natural systems tends to favor removal of most trace elements (espe
cially cations) from solution. Their removal is usually by adsorption and/or by precipitation in solids 
that become insoluble with increasing pH. The adsorbing solids already may be present in a soil or 
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sediment or may be solids that have precipitated, such as metal carbonates and AI, Fe(lII), and 
Mn(lV) oxyhydroxides. The trace elements may precipitate in their own pure solids, but most often 
are coprecipitated as trace species in the major element solids. The Kd approach has been used to de
scribe the removal of trace elements from solution by all of these mechanisms combined. Such a 
lumped process approach is strongly discouraged in that resultant Kd values only describe the be
havior of the system in which they were measured. Assuming a single Kd value for predicting the re
moval of a dissolved species from streams, soils, and groundwaters, usually leads to serious error for 
species that form strong complexes, precipitate in insoluble solids or are subject to oxidation or re
duction. Lumped-process Kd values (apparent K/s) for such species can vary nonlinearly by many 
orders of magnitude between pH 2 and 6. (See Fig. to.8.) 

When Kd values dominantly reflect a sorption process, it has been found that log Kd often varies 
linearly with pH for at least several pH units. For example, measurements between pH 3.1 and 4.6 
reported by van der Weijden and van Leeuwen (1985) lead to log Kd (ml/g) = -1.073 + 0.8218 pH 
(r = 0.993) for uranyl adsorption by peat. Andersson et al. (1982) have reported linear log Kd versus 
pH plots for Cs+ and Sr2+ adsorption by a number of igneous rocks and minerals between pH 5 to 11. 

When a contaminant species of interest is already present in the soil or groundwater, it is highly 
recommended that the water and soil be sampled and analyzed for the contaminant to determine an 
in situ Kd value. This is, after all, the Kd we are interested in. Its value often differs substantially from 
a Kd measured in the laboratory. For example, Fruchter et al. (1985) report respective laboratory Kd's 
of 3560, 400, and 19 ml/g for 60CO, I06Ru, and 125Sb. Respective in situ K,/s for these radionuclides 
equaled 9, 6, and 4, indicating that, in fact. they were relatively mobile in the groundwater. The au
thors point out that the laboratory K,/s were measured in noncomplexing electrolyte solutions, 
whereas in the field the radionuclides were complex ed, probably by organic substances, making them 
less likely to be adsorbed. 

The best use of Kd is probably to model the sorption of trace molecular organic species such 
as pesticides, or other weakly sorbed nonionized organic species. The adsorption of dissolved mo
lecular organic substances by soils and sediments has been found to be proportional to the amount 
of solid organic matter present and relatively independent of the weight of associated inorganic ma
terials. This observation, which is particularly true in soils that contain 0.1 to 20% organic carbon 
(cf. Lyman et al. 1982; Thurman 1985; Schwarzenbach et al. 1993). has led to the concept of the ad
sorption or distribution coefficient for organic carbon or Kac defined as 

K = p,,--,=,g_a_d_so_r_b_ed/~g_o....:rg:::..a_n_ic_C 
oc p,g/ml in solution 

(l0.4) 

The weight ratio of total organic matter to organic carbon ranges from about 2.0 in soil fulvic acids 
to 2.7 in humin (Schwarzenbach et al. 1993). Assuming average organic matter is approximately 
CH20, the weight ratio is 2.5. The distribution coefficient for organic substances sorbed by total or
ganic matter (Korn) is then related to Koc by Koc = 2.5 x Korn. Values of Koc range from I to 107 ml/g 
of organic carbon. Example Koc values (in ml/g) for some common organic contaminants, including 
pesticides, are: benzene, 83; atrazine, 160; lindane, 1080; malathion, 1800; parathion, 1.06 x 104

; 

DDT, 2.43 x 105; and mirex, 2.4 x 107 (Lyman et al. 1982). 
For organic sorbates. the distribution coefficient Kd is related to Koc through the expression 

( 10.5) 

wherefoc is the weight fraction of organic carbon in the sediment. Frequently Koc values have not 
been measured. Koc is, however, related to other important properties of organic substances, includ-
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Figure 10.8 Lumped-process distribution coefficients (K/s) for some elements measured 
during laboratory neutralization of acid solutions with calcium carbonate (Taylor 1979). 
These Kd values represent the combined effects of element removals by adsorption, copre
cipitation, and/or precipitation onto and in freshly precipitated Fe(III), AI, and Mn(lV) oxy
hydroxides and hydroxysulfates. As such they are system specific and cannot be assumed 
to apply to other systems under different conditions or having different compositions. 
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Figure 10.9 Relationship between Sw, the aqueous solubility, and Koc' the adsorption or 
distribution coefficient for some molecular organic substances on organic carbon in soil. 
From C. T. Chiou et al. A physical concept of soil-water equilibria for nonionic organic 
compounds, Science 206:831-832. Copyright © 1979 by Science. Used by permission. 

ing their solubility (Sw), octanol-water partition coefficient (Kow), and bioconcentration factor, 
(BCF). 

The aqueous solubilities of 15 chlorinated hydrocarbons in ,umollL are plotted against their 
log K"" values in Fig. 10.9, from Chiou et al. (1979) (see also Chiou et al. 1983). The regression line 
through the data has the equation 

log K"" = 4.040(±0.038) - 0.557(±0.012) log Sw (,uM) (10.6) 

with ,2 = 0.99. Solubilities of the same substances identified by letter in Fig. 10.9 are listed below in 
ppm (mgIL) with their respective K"" values according to Chiou et al. (1979). 

Sw (ppm) Koc Sw(ppm) Koc Sw (ppm) Koc 

A 8450 19 F 1230 75 K 5 2900 
B 3570 27 G 148 180 L 0.64 8000 
C 3529 36 H 200 210 M 0.027 4700 
D 3230 46 I 24 1160 N 0.004 140000 
E 1360 104 J 7.8 1730 0 0.000095 220000 

Based on a regression of the solubility data for lOG substances that were mostly pesticides, Lyman 
et al. (1982) reported 

log Koc = 3.64 - 0.55 log Sw (mglL) 

(See also Lyman et al. 1982, Fig. 4-1.) 

(10.7) 
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About 95% of natural dissolved organic carbon (humic and fulvic acid) is ionic (Thurman 
1985). Such substances have been described as hydrophilic ("water-loving"). Their high solubilities 
correspond to a low tendency to be sorbed by organic matter and thus to Ko" values near zero. In con
trast, highly sorbed organic substances, such as the pesticide DDT, are hydrophobic ("water-hating") 
and insoluble in water. 

The value of Kow, which describes the relative solubility of an organic substance in octanol ver
sus its solubility in water, is defined as 

concentration in the octanol phase 
K (unitless) == "- -----. -.- - --. 

ow concentration in water 
(10.8) 

The solubility of organic substances in human fatty tissues (in lipids) has been found to be roughly 
proportional to Kow values. The bioconcentration factor (BCF) defined as 

BCF == ~oncentration ()f substance a~ equilib!ium}n.the ~~~is~(wetwt) 
(unitless) mean concentration of substance in water 

(10.9) 

is thus generally proportional to Kow. In this expression, the concentrations are often measured 
in j.tg/g. 

Shown in Figs. 10.10 and 10.11 are plots of Kow and BCF versus aqueous solubility for a num
ber of organic substances from Chiou et al. (1977). The figures show the strong negative correlation 
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Figure 10.10 Aqueous solubility (S,,) versus octanol-water partition coefficient (Kow) for 
a variety of organic solutes. Note that highly soluble compounds are poorly sorbed and vice 
versa. Reprinted with permission from Chiou et a!. Envir. Sci. & Technol. 11 :475-477. 
Copyright 1977 American Chemical Society. 
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Figure 10.11 Aqueous solubility (S,..) 
versus bioconcentration factor (BCF) in 
rainbow trout. Reprinted with permis
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between solubility and both Kow and the bioconcentration factor, consistent with the strong positive 
correlations between Kaw and Kac' and BCF and Kac. 

Numerous equations have been derived from empirical data relating Koc(ml/g) to Kaw or BCF. 
For example, based on measurements involving 45 pesticides, Lyman et al. (1982) suggest 

log Koc = 1.377 + 0.544 log Kow (,.2 = 0.74) (10.10) 

From a study of 22 substances, chiefly pesticides, the same authors report 

log Koc = 1.886 + 0.681 log BCF (,.2 = 0.83) (10.11 ) 

As an example calculation, we will estimate Koc, K" and x/m for hexachlorobenzene (C6CI6) in 
a soil that contains 2% organic carbon and 0.001 mg/L of dissolved CnCI6, given that the aqueous 
solubility, Sw, equals 0.0204,uM or 0.0058 mg/L (Schwarzenbach et al. 1993). For simplicity we will 
assume n = 1 in the Freundlich isotherm equation and thus K" = (x/m)/C. Substituting into Eq. (10.6) 
gives Koc = 1.7 X 105 ml/g. Similarly, Eq. (10.7) leads to K,lC = 7.4 X 104 ml/g. These results may be 
compared to a measured Koc value of 3.2 x 105 ml/g (Schwarzenbach et al. 1993). Given that K" = 
Kac x/oc, our two estimates of Koc correspond to respective Kd values of 3400 and 1500 ml/g. Next, 
since x/m = Kd (ml/g) x C (mg/L), and mg/L = ,ug/ml, we obtain x/m = 3.4 and 1.5 ,ug/g for respec
tive Kd values of 3400 and 1500 ml/g. 

A number of variables largely ignored in the above discussion can complicate the measure
ment and application of organic substance adsorption or partitioning concepts to natural systems. 
This is particularly true for organic substances that can occur in both ionized and molecular forms. 
For example, Lyman et al. (1982) suggest that the adsorption of pesticides is best modeled with a 
nonlinear isotherm and an average value of n = 1.15 in the Freudlich isotherm equation. Variables 
that should be considered in a rigorous analysis of organic adsorption include the pH as a measure 
of the degree of dissociation of organic acids, the ionic strength (activity coefficient effects), and the 
surface area and surface charge of sorbents, including minerals in the soil. These effects and others 
are discussed in detail by Schwarzenbach et al. (1993). 

10.2.2 The Langmuir Adsorption Isotherm 

The Langmuir adsorption isotherm equation may be written two ways: 

x aC bCNmax -=----= 
In 1 + bC 1+ bC 

(10.12) 
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where a and b are constants, C the aqueous concentration of the sorbate, and a == bNmax • Nmax is the 
maximum possible sorption by the solid, usually assumed to represent monolayer surface coverage 
and the value of x/m where the isotherm curve flattens. Other assumptions inherent in the Langmuir 
isott.erm are given by Adamson (1990). (See also Rubin and Mercer 1981.) The existence of a value 
for Nmax indicates the presence of a finite supply of sorption sites. 

The Langmuir isotherm is usually linearized by inversion and so used to test whether it is 
obeyed by experimental data. The inversion is often done incorrectly, producing an induced corre
lation in C, thus 

(10.13) 

A linearization that avoids this criticism is 

I b I 
--. == - + --- == - .. - + 
x/m a aC bCNmax NllIax 

(10.14) 

When C is very small, the isotherm reduces to the Freundlich isotherm with x/m == aC == KC, n == I, 
and K == Kd • When C is very large, x/m = alb == N max , which is equivalent to the Freundlich isotherm 
with n == O. 

Competition between adsorbing species for the same site on a sorbent has been modeled with 
the so-called competitive Langmuir model. In this model an individual isotherm equation with its 
own constants is written for each species sorbed by a given sorbent (see Table 10.7). 

10.2.3 General Discussion of the Adsorption Isotherm 
Models 

Some examples of simple and complex Freundlich and Langmuir isotherm plots are shown in 
Fig. 10.12 from Domenico and Schwartz (1990). 

Experiments to determine constants for the isotherms are usually performed in laboratory 
batch tests, that is in vessels that contain a known total amount of sorbent solid mixed with a known 
total amount of a potentially sorbing aqueous species. The approach is often to systematically vary 
sorbent and/or sorbate concentrations and pH, for example, in a series of centrifuge tubes. After cen
trifugation the amount sorbed is then deterimined by its difference from the total sorbate added 
(cf. Catts and Langmuir 1986). 

The value of Kd may also be obtained from the results of column test experiments using the 
expression 

(10.15) 

where Ci and Crare initial and final concentrations of the sorbate, Vis the volume of solution passed 
through the column, and M is the mass of solids in the column. K" values for radioactive substances 
can be determined with the same equation, where instead of initial and final concentrations, initial 
and final solution radioactivities are employed. Properly designed column experiments generally 
give results more representative of the in situ behavior of soils and ~ediments than do batch tests. 
Unfortunately, values of Kd obtained from batch and column studies are often in disagreement. Pavik 
et al. (1992) have suggested corrections to batch experimental results to reduce or eliminate such 
differences. 
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TABLE 10.7 The adsorption isotherm models as defined and used in MINTEQA2 

Surface reaction 

SOH + M = SOH· M 

SOH + (n)M:::; SOH· M 

SOH + M :::; SOH· M 

Equilibrium constant expression 

Activity Kd Adsorption Model 

(SOH· M) 
K~ct:::;-----

y",(M) 
(SOH· M) :::; Kje, y",(M) 

Activity Freundlich Adsorption Model 

., (SOH· M) 10c ------
f - r:!;(M)" 

(SOH· M) :::; K~e'y::,(M)" 

Activity Langmuir Adsorption Model 

(SOH· M) lQe, :::; _______ ' 
YlIlM)(SOH) 

Assuming: (SOH)T = (SOH· M) + (SOH) 

(SOH. M):::; !<'~'(SOHhYlIlM) 
I + Kte, YIII(M) 

Competitive Langmuir Adsorption Model 

SOH+MJ = SOH . MJ 
SOH + M2 = SOH· M2 

SOH + M,,:::; SOH . M" 

Source: Allison et al. (1991). 

~ = 1.5C1.S 

Individual expressions for Kl;" 
equivalent to the single term 
expression for Kte, 

(SOHh = (SOH) + ! (SOH· M,,) 
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.!. = 30 X 1.5C 

m I + 1.5C 
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Figure 10.12 Examples of Langmuir 
and Freundlich isotherms. From P. A . 
Domenico and F. W. Schwartz, Physi
cal and chemical hydrogeology. Copy
right © 1990 by John Wiley & Sons. 
Reprinted by permission of John Wiley 
& Sons, Inc. 
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A measure of the limited applicability of the isotherm models to complex natural systems is 
suggested by the number of adjustable parameters that each can consider. 

Model 

Kd 
Freundlich 
Langmuir' 

Number of adjustable parameters 

2 
3 
3 

'The one-term, noncompetitive isotherm equation. 

Except for the competitive Langmuir isotherm (Table 10.7), the simple isotherm models can
not consider competition between multiple sorbates for a single sorption site. They are most appli
cable to physical adsorption of molecular species where the sorb ate is held by much weaker hydro
gen bonds or residual bonds. Adsorption of ions and complexed species is generally best studied with 
models that can consider more independent variables. To accurately predict adsorption of ions that 
compete for adsorption sites and also form important complexes, may require a model that consid
ers as many as a dozen or more variables. 

The fallacy of assigning single Kd values to the sorption of metal cations is evident from 
Figs. 10.13 and 10.14, which show Pb adsorption by kaolinite and Cd by montmorillonite. Lead ad
sorption has been measured as a function of pH. Clearly, a sorption isotherm equation is needed to 
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Figure 10.13 Adsorption of Pb from DuPage landfill leachate by kaolinite at 25°C, as 
a function of pH. Dashed vertical lines show the Pb concentration at saturation with 
Pb-hydroxy-carbonate solid. Reprinted with permission from R. A. Griffin and N. F. Shimp. 
Envir. Sci. Techno!. 1O( 13): 1256-1261. Copyright 1976 American Chemical Society. 
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Figure 10.14 Influence of Cd-chloride complexing on cadmium adsorption by montmo-' 
rillonite. Molal values in the figure are the concentrations ofNaCI present for each isotherm 
curve. Modified after Garcia-Miragaya and Page (1976), Soil Sci. Soc. Am. J., 40(5):658-63. 
Used by permission of Soil Science Society of America. 

describe sorption at each pH. The increase in sorption with pH may reflect stronger sorption of the 
complex PbOH+ than of the free Pb2+ ion. The complex becomes more important as pH increases. 
(K = 10...(;·3 for Pb2+ + H20 = PbOH+ + H+.) This plot also shows that at a certain total lead concen
tration, precipitation of a solid lead hydroxy-carbonate phase [hydrocerrusite; Pb](C03MOH}z)) oc
curs, and a further Pb concentration increase cannot take place. 

The Cd sorption plot in Fig. 10.14 shows that a different isotherm is needed to describe Cd 
sorption at each NaCI concentration. This reflects weak adsorption of Cd-Cl complexes relative to 
free Cd2+ and increasing competition of Na+ for Cd2+ sorption sites on the clay as the NaCI concen
tration increases. Obviously, such effects cannot be accounted for using an isotherm or Kd model. 

10.2.4 The Adsorption Isotherm Models as Defined in 
MINTEQA2 

As presented above, and in most of the published literature, the isotherm model equations are ex
pressed in terms of total sorbate concentrations. In MINTEQA2, however, aqueous species activi
ties are used rather than their concentrations. This is preferable in that reactions are written in terms 
of activities. Also, so that the concentrations of sorption sites, sorbed species, and dissolved species 
are computationally equivalent, the former are entered in MINTEQA2 as moles of sites per liter of 
solution. Activity coefficients of sorption sites and sorbed species are generally taken to be equal to 
unity by most authors and in MINTEQA2. 

Given in Table 10.7 are the surface reactions and corresponding "activity" adsorption isotherm 
model equations used in MINTEQA2 as presented by Allison et al. (1991). In these expressions SOH 
and SOH· M represent unoccupied surface sites and surface sites occupied by species M. Because 
the Kd and Freundlich isotherm models assume an infinite number of available sorption sites, the con-
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centration of such sites may be assumed equal to unity, or (SOH) = I. The Langmuir isotherm as
sumes a finite total number of sorption sites, designated as SOH r in MINTEQA2, where 
SOHr (mol/L) = SOH + SOH· M. SOHr may be obtained from the expression: SOHr (mollL) = 
NSSACS/NA, where Ns is the surface-site density (sites/m2), SA the specific surface area of the solid 
sorbent (m2/g), Cs the weight of sorbent in suspension or in contact with a liter of solution (gIL), and 
N,4 is Avogadro's number = 6.022 x 1023 sites/mol sites. 

10.3 ION-EXCHANGE TYPE MODELS AND CONCEPTS 

10.3.1 Simple Ion Exchange 

Adsorption of a dissolved ionic species is always part of an exchange reaction that involves a com
peting ionic species. The desorbing species creates the vacant site to be occupied by the adsorbing 
one. Soil scientists use a variety of ion exchange models (e.g., the Gaines-Thomas, Gapon, Vanselow, 
and Rothmund-Kornfeld models) in which different conventions are used to write the concentrations 
of dissolved and adsorbed species. These models are adequately described and compared elsewhere 
(cf. Bolt 1979; Sposito 1981, 1989; Appelo and Postma 1993). 

It is likely that the adsorption sites on most solids are monovalent (Jenne 1995). Nevertheless, 
to avoid having to write fractional moles of divalent cations, sorption sites are assumed divalent in 
the following discussion. Thus, in the above example, where Na+ competes with Cd2+ for sorption 
sites on'the montmorillonite, the competitive reaction is written 

(10.16) 

and X2- denotes a divalent negative surface site on the clay. In general terms, for simple binary ex
change the reaction is 

(10.17) 

where A and B are ions, a and b are mole numbers, z and yare valences, and X is again the exchanger 
phase. The equilibrium or exchange constant is 

K = [B},]b lAa~J 
, ex [N]a [BbX ] (10.18) 

where the brackets denote activities. If a = b, then z = y, and we have "homovalent" exchange, such 
as Ca2+ for Mg2+, or: 

K = [Mg2+] [CaX] 
ex [Ca2+] [MgX] 

If a = 2b, example reactions are Eq. (10.16) and 

2Na+ + CaX = Ca2+ + Na2X 

for which: 

[Ca2+] [Na2X] 
K = =----=-::--"--'-

ex [Na+j2 [CaX] 

(10.19) 

(10.20) 

(10.21) 

How can one deal with the activities of species in the equilibrium expression for ion exchange? 
For the aqueous ions we can often use the Debye-Hiickel or Davies equation to obtain ion activity 
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coefficients, as is done in MINTEQA2. However, for the solids, determining activities is very diffi
cult. One approach is to define a "rational" activity coefficient of the sorbing site. For example, 

(10.22) 

where N is the mole fraction of X 2- sites occupied by Ca2+, and NNaX + NCax = 1. Historically, soil 
scientists and geochemists have often ignored the aqueous and solid mole fraction activity coeffi
cients and expressed the exchange reaction in terms of easily measureable aqueous concentrations 
and solid component mole fractions. The concentration quotient is then defined as equal to a distri
bution or selectivity coefficient, D, which for exchange reaction (10.20) equals 

(mCa2+) (NNa,X) 
D= -

(mNa+f (Nc,x) 
(10.23) 

The value of D may be relatively constant for exchange reactions involving major concentrations of 
ions and sorbents such as smectite clays or zeolites (cf. Langmuir 1981). However, D for exchange 
reactions between major and trace constituents can change by orders of magnitude as their concen
trations change. 

10.3.2 The Power Exchange Function 

It has been found that for binary exchange, a mass action expression in which the ratio of sorbed 
cation mole fractions is raised to the nth power (n i:- 1), can fit a wider range of empirical sorption 
data than when n = 1. Thus, for the homovalent exchange reaction, 

A+BX=B+AX (10.24) 

the general exchange equilibrium expression is 

K :::: JB] (AX)" 
ex [A] BX (10.25) 

where [AJ and [B] are ion activities in solution, and (AX) and (BX) are sorbed equivalent fractions. 
This has been called a power exchange function (Langmuir 1981). Taking logs and transposing gives 

[B] (BX) log [A] :::: log Kex + n log AX (10.26) 

A linear plot of log [B]/[A] versus log (BX/AX) has a slope of n and intercept of log Kex. Combined 
literature review and laboratory study shows that the exchange behavior ofH+, Na+, K+, Ca2+, Mg2+, 
Cd2+, C02+, Ni2+, Pb2+, UO~+, and Zn2+, and their hydroxy complexes on a variety of adsorbents 
(smectites, illites, ferric oxyhydroxides, zeolites, carbonates, soils, and humic materials), can be ac
curately described for a wide range of competing sorbate concentrations and ratios using from one 
to three power exchange expressions (cf. Frizado 1979; Langmuir 1981; Chapelle and Knobel 1983; 
Zachara et al. 1988). 

In the simplest case, Kex = n = 1 in Eq. (10.25). For such conditions the reaction is called Don
nan exchange. Donnan exchange behavior has several implications: 

1. the sorbent has a constant surface charge or CEC; 
2. the exchange reaction is controlled by valence differences of the ions only, not size differences. 

Sorption occurs between sorbate ions and a surface of opposite sign and the bonding is strictly 
electrostatic; 
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3. the sorb ate ions are not differently complexed; and 
4. the activity coefficients of both dissolved and sorbed ions have equal ratios and those ratios 

are constant and equal unity. 

Donnan exchange best applies to the sorption of major dissolved cations (> I 0-4 to 10-3 mol/kg) 
such as Na+, Ca2+, and Mg2+ by minerals of practically constant surface charge, such as the smectite 
and vermiculite clays and zeoli tic minerals. 

When an empirical fit of exchange data can be accomplished with a power exchange function 
in which n = I, but Kc< -j:. I, the reaction can be termed simple ion exchange. That a sorption reaction 
obeys simple ion exchange implies that 

1. the sorbate mineral has a constant surface charge or CEC; 
2. sorption is controlled by the valences and sizes of the ions, and the bonding is strictly electro

static. Sorption takes place between sorbate ions and a surface of opposite sign; 
3. there is minimal differential complexing of sorbate ions; and 
4. the activity coefficients of both dissolved and sorbed ions have constant, but not equal, ratios 

in both cases. 

Simple ion exchange describes the competitive adsorption onto clays of most metal cations 
present in solution at concentrations from about 10-4 to 10-2 mol/kg. It has most often been used to 
describe the sorption of alkaline earth and alkali metal cations onto clays. In the case of minerals 
having pH-dependent surface charge (e.g., kaolinite, metal oxyhydroxides) simple ion exchange or 
the power-exchange function (see below) may also fit the adsorption data measured in systems at 
constant pH. 

The general power-exchange function applies when n -j:. I and Kex -j:. I. The exchange reaction 
that corresponds to this function obviously lacks charge balance. For example, the Na+-Fe2+ ex
change reaction with a power-exchange equilibrium expression written 

Kex = {~::~~ (~~~ t83 

(10.27) 

(Langmuir 1981) suggests the nonstoichiometric reaction 

2Na+ + 0.83FeX = Fe2+ + 0.83Na2X (10.28) 

Such unbalanced stoichiometries imply that the sorption capacity for Na+ is different from that for 
Fe2+ and/or that other cations are being exchanged (cf. Anderson et at. 1973; Benjamin and Leckie 
1981). The power-exchange approach can model such behavior, but obviously does not help us to 
understand it. 

The value of n includes within it information on the ratio of the rational activity coefficients 
of the sorbed ions. Thus, for homovalent exchange, as in reaction (10.24), it can be shown that AAX = 
(AXY-' and ABx = (BX)"-' (Langmuir 1981). Adsorption of heavy metals at aqueous concentrations 
between about 10-7 and 10-3 mol/kg fits power-exchange functions with n = 0.8 to 2.0. Values of n 
generally increase with decreasing concentration of the trace ion. In other words, as the trace metal 
concentration drops relative to that of a competing major ion, adsorption of the trace species is in
creasingly favored relative to competing major species. 

Values of Kex and n for some exchange reactions on ferric oxide, montmorillonite clays, and 
soils are given in Table 10.8. Example plots of Eq. (10.26) for Cd2+ and Pb2+ exchange onto calcium 
montmorillonite are shown in Fig. 10.15. The plots show that as the concentrations of Cd2+ and Pb2+ 
decrease below those of Ca2+, Kcx values drop below unity. This indicates that the montmorillonite 
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TABLE 10.8 Some K.x and n values for studies involving the binary exchange of ions including H+, Na+, Mg2+, 
Ca2+, and Sr2+, and divalent Cd, Co, Cu, Fe, Pb, or Zn onto Na- and Ca-montmorillonite clays, ferric oxide, and 
some soils 

Aa+: Concentration range Bb+: Concentration range Kex n pH Adsorbent 

Na+: 2 to 17 X 10-4 M Cd2+: 9 to 180 X 10-6 M 0.28 ±0.03 1.00 ± 0.10 5.5 Na-mont-
2t07.5x IO-4M 0.32 ±0.03 0.80 ± 0.08 to morillonite t 

C02+: 9 to 180 X 10-6 M 0.25 ±0.03 1.00 ± 0.10 6.0 
2 to 7.5 X 10-4 M 0.32 ± 0.03 0.80 ± 0.08 

Cu2+: 9 to 180 X 10-6 M 0.25 ±0.03 0.95 ± 0.10 
2 to 7.5 X 10-4 M 0.32 ±0.03 0.80 ± 0.08 

Zn2+: 9 to 180 X 10-6 M 0.27 ±0.03 1.00 ± 0.10 
2 to 7.5 X 10-4 M 0.32 ±0.03 0.80 ±0.08 

Ca2+: 8 to 10 X 10-5 M Cd2+: 1 to 6.5 X 10-4 M 0.91 ± 0.05 2.00±0.1O 4.8 Ca-mont-
I to 8.7 X 10-4 M 0.98 ±0.05 1.01 ± 0.05 to morillonite+ 

Ca2+: 8 to 10 X 10-5 M Pb2+: 3 to 9.2 X 10-4 M 0.50 ± 0.05 1.30 ±0.06 6.5 
1 t08.7x lO-4M 0.61 ± 0.10 0.95 ±0.05 

Na+: 2 to 20 X 10-3 M Fe2+: 2 to 20 X 10-3 M 1.05 ± 0.09 0.83 ±0.04 3.3 Na-mont-
morillonite§ 

Ca+: 2 to 25 X 10-3 M Zn2+: 3 to 35 X 10-5 M 0.42±0.06 0.96 ±0.05 6.6 Ca-mont-
3.5 to 9 x 10-4 M 1.53 ± 0.08 1.40 ± 0.05 morillonite" 

H+: 1 X 10-5 M Pb2+: 1 to 60 X 10-4 M 3.0 X 107 1.93 ± 0.07 5.0 ferric oxide# 

Ca2+: 7.9 to 9 x 10-4 M Cd2+: 2 to 200 X 10-6 M 0.56 ± 0.05 1.16 ± 0.06 4.1 Ca-mont-
2 to 2.4 X 10-4 M 0.89 ± 0.06 2.00± 0.11 to morillonite tt 

Pb2+: 4 to 890 X 10-7 M 0.25 ±0.05 1.25 ± 0.06 8.2 

Na+: 6 to 57 X 10-3 M Ca2-r: 1 to 18 X 10-3 M 1.12 ±0.22 1.00 ± 0.05 silty c1ayH 
2.85 ±0.09 1.03 ±0.03 ? clay loam++ 
2.37 ± 0.15 1.05 ± 0.06 sandy 10amB 

Ca2+: 1 to 20 X 10-4 M Sr2+: 5 to 2000 X 10-6 M 1.1O±0.10 1.00 ± 0.10 4.0 mont-
Mg2+: 1 t020x IO-4M Sr2+: 5 to 2000 x 10-6 M 1.40 ± 0.15 1.00 ± 0.10 to morillonite§§ 

Na+: 1 to 5 X 10-2 M Sr2+: 5 to 2000 x 10-6 M 1.20 ± 0.10 l.00± 0.10 5.0 

Source: From Ozsvath (1979). Data from: 'Maes et al. (1975); *Bittel and Miller (1974); 'Singhal et al. (1975); "DiGiacomo (1976); 
#Gadde and Laitinen (1973); ttOzsvath (1979); ttLevy and Hillel (1968); and §§Kown and Ewing (1969). 

preferentially adsorbs Cd2+ and Pb2+ over Ca2+ at low lead and cadmium concentrations. The plots 
also show that slopes of the functions steepen (n values increase) and Kex values decline at lower lead 
and cadmium concentrations. This corresponds to an even greater increase in the selectivity of the 
clay for the heavy metals as their amounts approach trace levels. 

In summary, Donnan exchange, simple ion exchange, and more general power-exchange func
tion behavior can accurately model binary exchange of many cationic species at trace and qlajor con
centration levels. Donnan exchange and simple ion exchange model simple electrostatic behavior 
between sorbate ions and oppositely charged surface sites. These models do not adequately describe 
most trace element adsorption behavior that can occur on surfaces of changing surface charge and 
against the net surface charge. Such adsorption can be modeled using the more general power
exchange function. However, that function provides no mechanistic explanation for the sorption 
process. 
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Figure 10.15 Power-exchange function plots of adsorption data for binary exchange of 
Cd or Pb with Ca onto Ca-montmorillonite. r values are correlation coefficients of the data. 
The line without the points denotes Donnan exchange behavior. (a) Ca2+-Cd2+ exchange 
based on data from Bittel and Miller (1974). (b) Ca2+ -Cd2+ exchange at lower l Cd2+]/l Ca2+] 
ratios based on measurements of Ozsvath (1979). Three power-exchange functions tit the 
adsorption data plotted in (a) and (b) over nearly four orders of magnitude in the 
[Cd2; }IICa2+] ratio. (c) Ca2+-Pb2+ exchange based on data from Bittel and Miller (1974). 
(d) Ca2+ _Pb2+ exchange at lower [Pb2+]/[Ca2+] ratios based on the measurements of Ozsvath 
(1979). Three power-exchange fum;tions fit the Pb2+_Ca2+ exchange data in (c) and (d) over 
more than four orders of magnitude in the [Pb2+j/[Ca2+] ratio. 

10.4 ELECTROSTATIC ADSORPTION MODELS 

10.4.1 Introduction 

369 

The adsorption-isotherm and ion-exchange models are of limited applicability when modeling com
plex and variable natural systems, particularly when the sorbates of interest are minor or trace ionic 
species « I ()-4 to I ()-5 mollkg), and the sorbents exhibit pH-dependent surface charge. For such con
ditions, the adsorption of trace ionic species often takes place against the net surface charge of the 
sorbent. This is the behavior of most toxic trace metal cations, including those of the heavy metals 
and radionuclides when adsorbed by positively charged metal oxyhydroxides, for example. 
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Figure 10.16 Adsorption of uranyl onto suspended ferrihydrite (1.00 gIL as Fe or 1.79 x 
10-2 M as Fe) at 25°C as a function of pH in COrfree 0.1 M NaN03 solutions. The ZPC of 
the oxyhydroxide is at pH 7.9. Ferrihydrite total surface area is 306.4 m21L. Total uranium 
is 10-5 M (2.38 mglL). Reprinted from Geochim. et Cosmochim. Acta, 49(18), C. K. D. Hsi 
and D. Langmuir, Adsorption of uranyl onto ferric oxyhdroxides: Applications of the sur
face complexation site binding model, pp. 2423-2432, Copyright 1985, with permission 
from Elsevier Science Ltd., The Boulevard, Langford Lane, Kidlington OX5 1GB, U.K. 

10 

A way to understand this behavior is to remember that a solid's net surface charge is the sum 
of negative and positive charge effects. Thus, below its ZPC, an oxide has a dominance of positive 
surface sites for anion adsorption. However, at this same pH the small number of coexisting nega
tive sites can adsorb trace cations (see Fig. 10.4). 

Adsorption of minor cations with increasing pH often takes place over a narrow pH range and 
is complete below the pH of the ZPC of the sorbing solid. Such behavior is exemplified by the adsorp
tion of uranyl ion (Uoi+) onto Fe(OHMam), which is complete below pH 6, although the solid has 
a ZPC of pH 7.9 (Fig. 10.16). The plot in Fig. 10.16 is called a sorption edge. For comparison pur
poses the usual point of reference on such a plot is the pH at which 50% of the sorbate has been sorbed 
or bound, which, here, is near pH 3.6. Figure 10.17 is a similar plot of sorption edges for cations and 
oxyanions adsorbed by ferrihydrite. As pH increases, cations are more strongly adsorbed, whereas 
anions tend to desorb with increasing pH. Such adsorption behavior is qualitatively consistent with 
the dominantly positive surface charge of ferrihydrite at low pH's and its negative charge under al
kaline conditions, although inconsistent in detail with the pH of the ZPC of the oxyhydroxide. 

Changes in aqueous speciation are not readily accommodated by isotherm and ion-exchange 
models. Multivalent species often occur in aqueous complexes: adsorption depends on the sorptive 
behavior of the complexes. For example, cation-OH complexes are often strongly adsorbed by oxides 
and hydroxides of Fe(III), Mn(IV), Ti(IV), and AI(III). In contrast, fluoride, chloride, sulfate, and 
carbonate complexes of the same cations are usually weakly adsorbed, if at all, by the same solids. 
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Complex adsorption models based on double-layer theory, which take a mechanistic and 
atomic-scale approach to adsorption, can be used to model and predict these observations. Such mod
els have been called electrostatic adsorption models or surface complexation models. They can con
sider simultaneously such important system properties as changes in pH, aqueous complex forma
tion and solution ionic strength (solution speciation), and the acid-base and complexing properties 
of one or more sites on several sorbing surfaces simultaneously. 

A number of electrostatic adsorption models have been developed, particularly since the late 
1970s (cf. James and Healy 1972; Davis et al. 1978; Davis and Leckie 1978; Davis and Kent 1990). 
Westall and Hohl (1980) (see also Dzombak and Morel 1987) have shown that any of five electro
static models can fit the same set of experimental data equally well. In this section we will focus on 
use of the three electrostatic adsorption models available in MINTEQA2, which were the three com
pared by Dzombak and Morel (1987) and were among the five considered by Westall and Hohl 
(1980). These are the constant capacitance (cq, diffuse-layer (DL), and triple-layer (TL) models. 
Our goal is limited to providing the reader with a general understanding of these models and their 
use. We will also discuss approaches to estimating model parameters when such parameters have not 
been measured and note some limitations to model use in solving environmental problems. Many 
authors, including Brown and Allison (1987) and Allison et a1. (1991), have done an excellent job of 
covering much the same material. Readers interested in learning how to parameterize the electro
static adsorption models, starting with laboratory experimental measurements, should study one of 
the many papers and books on this subject (e.g., Davis et al. 1978; Huang 1981; James and Parks 
1982; Dzombak and Morel 1987, 1990; Stumm 1987, 1992). 
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Figure 10.18 Schematic plot of surface species and charge (iT) and potential (!{I) rela
tionships versus distance from the surface (at the zero plane) used in the constant capaci
tance (CC) and the diffuse-layer (DL) models. The capacitance, (:1 is held constant in the 
CC model. The potential is the same at the zero and dplanes in the diffuse-layer model (!{Io= 
!{Id)' Reprinted from Adv. Colloid Interface Sci. 12, 1. C. Westall and H. Hohl, A compari
son of electrostatic models for the oxide/solution interface, pp. 265-294, Copyright 1980 
with kind permission of Elsevier Science-NL, Sara Burgerhartstraat 25, J055 KV Amster
dam, The Netherlands. 

10.4.2 General Assumptions and Attributes of Three 
Models 

Chap. 10 

• 

The surface complexation (SC) or electrostatic models differ conceptually and mathematically from 
the simpler isotherm and ion-exchange models in several important ways. As used in MINTEQA2, 
all the models consider solution speciation and aqueous ion activities. In addition, the SC models 
employ electrical double-layer (EDL) theory. EDL theory assumes that the + or - surface charge of 
a sorbent in contact with solution generates an electrostatic potential that declines rapidly away from 
the sorbent surface. (See Figs. 10.18 and 10.19.) EDL theory further assumes that an excess of coun
terions (ions of opposite charge to the fixed charge of the surface) are present near the surface in the 
EDL. Away from the surface, the double layer usually (but not always) contains a deficit of ions of 
the same charge as the surface charge (coions), while at a greater distance from the surface, the bulk 
solution is charge balanced in cations and anions. The SC models thus consider the adsorption 
process in a relatively more atomistic and mechanistic way than do the simpler models. This pro
vides the SC models with a greater capability than the simple models have of predicting adsorption 
for conditions beyond those used to determine model parameters. 
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Figure 10.19 Schematic plot of surface species, charge (17), and potential (I/J) relation
ships versus distance from the surface, used in the triple-layer model. Integral capacitances 
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Some common assumptions inherent in the SC models include: 

373 

1. The sorbing surface is composed of specific functional groups that react with sorbing solutes 
to form surface complexes (inner sphere or true complexes, or ion pairs) in a manner analo
gous to the formation of aqueous complexes in the bulk solution. 

2. Surface complexation and ionization reactions can be described with mass-action equations, 
corrected for electrostatic effects using EDL theory. 

3. Surface charge (0-) and electrical potential (if;) are consequences of chemical reactions involv
ing the surface functional groups. 

4. The apparent binding constants determined for the mass-law adsorption equations are empir
ical parameters related to thermodynamic constants (so-called intrinsic constants) via activity 
coefficients of the surface species. 

Allison el al. (1991) state that "the activity difference between ions nearthe surface and those 
far away is the result of electrical work in moving the ions across the potential gradient between the 
charged surface and the bulk solution." The activity change of an ion moved from the surface to the 
bulk solution is described by EDL theory with an exponential Boltzmann expression 

(XD = (Xl)[e-ifJFlRTF (10.29) 
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in which z is the charge of ion X, (XD is the activity of ion X of charge z near the surface, (X') is the 
corresponding activity of X in the bulk solution unaffected by the surface, e-I/IFIRT is the Boltzmann 
factor (unitless), 1/1 is the potential in volts at the plane of adsorption, and F (96,480 C/mol), 
R (8.314 J/mol K), and T are the Faraday constant, ideal gas constant, and absolute temperature, 
respectively. 

The SC models differ among themselves in how they conceptualize the structure of the dou
ble layer and describe changes in surface potential and surface charge from the surface of the sor
bent phase to the bulk solution (Figs. 10.18 and 10.19). The models make different assumptions re
garding the positions of adsorbed species, which are considered spec!fically adsorbed if located at 
the sorbent surface. Hydrogen and hydroxyl ions are assumed specifically adsorbed in all three of 
the models. In the constant capacitance (CC) and diffuse-layer (DL) models, all adsorbed species are 
considered specifically adsorbed at the zero plane, and the adsorption of individual electrolyte ions 
is ignored. The triple-layer (TL) model, however, can assign adsorbed species to either a zero plane 
or more distant f3 plane and considers the adsorption of electrolyte ions. 

Metal cations in the solid sorbent surface are symbolized by S in MINTEQA2. At mineral sur
faces exhibiting amphoteric behavior, that behavior is often attributed to the successive dominance 
of surface SOH!, SOH, and SO- species with increasing pH (Fig. 10.4). In MINTEQA2, surface pro
tonation and deprotonation reactions that are basic to the three SC models are written in the form 

and 

SOH + H1 = SOH! 

SOH-H1= SO-

(10.30) 

(10.31) 

where Hi represents a hydrogen ion at the surface. Corresponding mass-action expressions and their 
intrinsic constants are written 

(SOH!) 
-

K~~t (SOH) (H;) 

1 
(10.32) 

(10.33) 

The value of H1, which cannot be directly measured, is assumed related to the bulk H+ activity 
through a Boltzmann factor 

(10.34) 

This expression can be substituted for H1 in the mass-action quotients to give 

1 (SOH!) 
-Kmt (SOH) (H+) exp(-I/IoFIRT) 

(10.35) 

Kint _ (SO-) (H+) exp(-I/IoFIRT) 
a2 - (SOH) (10.36) 

Boltzmann factor terms can be considered equivalent to activity coefficients for the sorption process 
(cf. Morel and Herring 1993). All three models assume protons are adsorbed at the surface of the sor
bent and 1/10 is the potential at that surface, with the potential of the bulk solution assumed equal 
to zero. 

For an oxide surface on which H+ and OH- are the only specifically adsorbed ions, at the pH 
of the point of zero net proton charge or pHpzNPC (see Table 10.3) the net surface potential and net 
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surface charge are both zero (t/lo = (To = 0) and (SOHz) = (SO-). Thus at the pHpzNPc Eqs. (10.35) and 
(10.36) can be combined to give 

pHpZNPC = 0.5(pK~T + pK;;D (10.37) 

Accordingly, values of pK:,~1 and pK~~1 should be equal pK units above and below the pHpzNPc • 

The intrinsic constant expressions written with Boltzmann function terms in Eqs. (10.35) and 
(l0.36), correspond to hypothetical protonation and deprotonation reactions written 

SOH + W + exp(-t/loFIRD = SOHz 
SOH - W - exp(-t/lJ;IRD = SO-

(10.38) 

(10.39) 

In MINTEQA2, which uses this approach, the Boltzmann terms are considered separate "electro
static" components in model calculations. 

A similar approach is taken with adsorbed metal cations and anions. Thus, for cation M2+ the 
reaction may be written: 

SO- + M2+ = SO· M+ (10.40) 

Assuming M2+ adsorption at the zero plane, then (M;+) = (M2+)exp(-t/loFIRT)2. Unmeasurable (M;+) 
can now be eliminated by substitution and the intrinsic constant expression becomes 

The sorption of M2+ is often written, instead, as a proton exchange 

SOH + M~+ - H~ = SO . M+ 

After substitution of Boltzmann factors, the intrinsic constant expression is 

for which the equivalent MINTEQA2 reaction is 

SOH + M2+ - W + exp(-t/loFlRD = SO· M+ 

(10.41) 

(10.42) 

(10.43) 

(10.44) 

As before, the cation has been assumed adsorbed at the zero plane. Examination of the above in
trinsic constant expressions shows that 

* vinl _ Kinl X Kinl 
I\.M2+ - a2 M2t (10.45) 

The same general approach can be used to describe adsorption of chloride ion, which may be 
written 

SOHz + CI~ = SOH2 . CI (10.46) 

for which 

. (SOH2 · CI) 
/Cnl - -'--~ 

CI- - (SOH!) (Cl~) (10.47) 
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If we assume CI- adsorption into the f3 plane in the TL model, then (CI;) = (Cn exp(+l/IpFIRT). If 
described, instead, as a proton exchange. chloride adsorption and its intrinsic constant expression are 

This corresponds to 

SOH + Ht + CI; = SOH2 . CI 

(SOH2 · Cl) 
*~(!l~ = (SOH) (H~)(Cn exp-(-[I/I-p---/fr-o·] FIR]) 

( 10.48) 

(10.49) 

(10.50) 

Intrinsic constant expressions so derived are of the same general form in all three models. 
However, because the models conceive different structures for the EDL and different species loca
tions within the EDL, values of the intrinsic constants and capacitances assumed in each model will 
generally not be equal (cf. Schindler and Stumm 1987). 

MINTEQA2 is capable of considering simultaneously five adsorbing surfaces, each having 
two types of binding sites. In the modeling of adsorption by oxides and clays it has sometimes been 
found necessary to assume two types of amphoteric binding sites to optimally fit empirical adsorp
tion data. These have been labeled SOH and TOH sites and weak (swOH) and strong (S'OH) sites. 
Such an approach has been used by Dzombak and Morel (1990) in the DL model as embodied in 
MINTEQA2 and in TL modeling of adsorption by clays (cf. James and Parks 1982; Mahoney and 
Langmuir 1991). 

Solving problems that involve the electrostatic adsorption models requires the solution of a 
number of simultaneous equations. These include intrinsic constant adsorption expressions (mass
action equations) such as just described, and mass- and material-balance and charge-balance equa
tions that account for total surface sites and sorbate species associated with the surface and the so
lution (cf. Davis et aJ. 1978; Dzombak and Morel 1987; Allison et al. 1991). These equations are 
considered in more detail in discussions of the three models. 

10.4.3 Diffuse-Layer and Constant Capacitance Models 

The origin and history of the constant capacitance (CC) and diffuse-layer (DL) models have been 
well documented by Davis and Kent (1990). Depicted schematically for the two models in Fig. 10.18 
are the locations of adsorbed ions and assumed charge-potential relationships within the double 
layer. The DL model assumes that potentials measured at the zero plane and diffuse-layer plane are 
equal, or 1/10 = I/Id' In both models, overall solution charge balance dictates that the charge due to the 
surface and its adsorbed species (lTo), plus that contributed by ions in the diffuse layer (lTd), must 
equal zero, or lTo + lTd = O. 

Figure J0.18 shows H+ and OH- specifically adsorbed onto surface sites in the zero plane in 
both models. Other specifically adsorbed species are also assumed to occupy the zero plane. With 
protonated and deprotonated surface sites symbolized as SOHr, SOH and SO-, a specifically ad
sorbed cation M2+ and anion A2- may be represented as SOM+, and SOH2A -. The surface charge, 
which of course neglects uncharged SOH, then equals 

(10.51) 
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where the units of charge are coulombs (C) per square meter, F (the Faraday) is 96,480 C/mol, SA is 
sorbent surface area in m2/g, Cs is the weight of sorbent in contact with a liter of solution in giL, and 
concentrations of the adsorbed species are given in mollL. Surface-charge density fo in mollL sim
ply equals the bracketed term in this equation. 

In the DL model, assuming Gouy-Chapman theory for a symmetrical electrolyte of charge z 
and 25°C, the charge density, CT, at some distance away from the surface, is given by 

CT (c) = 0.1174 /1/2 sinh (zj;F) 
m2 2RT 

(10.52) 

which, for low surface potentials (1/1 < 25 m V) reduces to {T = 2.5 /1/2 1/1, where I is the ionic strength 
in molll (cf. Dzombak and Morel 1990). The charge density in units of molll may be obtained from 
the relationship C,(mol sites/l) = [CTo(C/m2) x SA(m2/g) x Cs(g/l)]/F(C/mol). 

Dzombak and Morel (1990) have published an exhaustive treatment of the DL model, includ
ing a compilation of measured or estimated intrinsic constants for the adsorption of 20 divalent 
cations and 14 anions by hydrous ferric oxide (HFO). Their results are summarized in Table 10.9. 
MINTEQA2 includes an intrinsic constant data base for the Dl model from Dzombak and Morel 
(1990) in the file feo-dlm.dbs. This file lists Kin! values for the adsorption by HFO of 9 cations (H+, 
divalent Zn, Cd, Cu, Be, Ni, Pb, Ca, and Ba) and 10 anions, including HI1S02-2 (n = 0, 1), HI1P02-3 

(n = 0 to 2), H2As03', HIIAsO~-3 (n = 0 to 2), and H2B03'. The file lists Kin! values for the simultane
ous adsorption of most of the cations by high- and low-energy HFO surface sites (cf. loux et al. 
1989; Dzombak and Morel 1990). As data input to the DL model, MINTEQA2 asks the user to enter 
Kin! values and values of fo' SA' and Cs. For the solution of DL problems in MINTEQA2 that involve 
adsorption by HFO of any of the species found in the feo-dlm.dbs file, that file can simply be ap
pended to the problem input file. Further discussion and parameterization of the Dl model, includ
ing adsorption by oxides of AI, Si, and Ti, is offered by Hohl et al. (1980), James and Parks (1982), 
and Stumm (1992, 1993). 

Example 10.1 

This problem involves the diffuse-layer (DL) model. We will solve the problem by hand and 
compare our results to the answer obtained with MINTEQA2. 

A solution at 25°C and pH = 6 contains a 10-3 molar suspension of hydrous ferric oxide 
(HFO). The ionic strength due to a I: I electrolyte is fixed at 0.01 M. Assume that the only 
specifically adsorbed species (potential determining ions) in the solution are H+ and OH-. The 
HFO surface area, SA = 600 m2/g, and its gram formula weight (as FeOOH) is 89 g/mol. There 
are 0.2 moles of active (strong) sorption sites per mole of Fe in the HFO. Using the DL model, 
calculate the surface speciation of the HFO and the surface potential and surface charge. 
Dzombak and Morel (1990) give K~~! = 1O-72~ and K,:';t = 10-893 for the HFO surface 
protonation-deprotonation reactions. The same authors tabulate values of the exponential 
Boltzmann term, which are a function of pH and ionic strength, listing exp(-I/IFIRT) = 10-185, 

for pH = 6 and 1=0.01 M. 
The information given leads to Cs = 89 g/mol x 10-3 M = 8.9 x 10-2 gIL, and f = 0.2 mol 

active sites/mol Fe x 10-3 M FeOOH = 2 x 1(}-4 mol active sites/L. The species and variables 
to consider are: aqueous H+ (given) and OH-; surface species FeOHi, FeOH, and FeO-; sur
face potential 1/1 (fixed because pH and / are known), and surface charge, (T. The mole balance 
for the surface corresponds to 

f = 2 x 10-4 (M) = FeOHi + FeOH + FeO- (10.53) 



w TABLE 10.9 Diffuse-layer model surface complexation (intrinsic) constants for ads?rption of species by hydrous ferric oxide (HFO) at 25°C ..., 
co 

Ion log KIn' log K~n' log K1n' Note Ion log Kin, log K!J" log K~n' Note 

H+ 7.29 -8.93 t Cil+ 2.06 II 
Ba2+ 5.46 (-7.2) :j: SOl- 7.78 0.79 # 
Sr2+ 5.01 -6.58 -17.60 :j: SO~- (11.6) (4.3) # 
Ca2+ 4.97 -5.85 t Sz01- (7.5) 0.49 # ... 
Mg2+ (-4.6) :j: SeO~- 7.73 0.80 # 
Be2+ (5.7) (3.3) :j: SeO~- 12.69 5.17 # 
Ag+ -D.72 (-5.3) § pot 31.29 25.39 17.72 tt 
Mn2+ (-0.4) (-3.5) § AsOl- 29.31 23.51 10.58 (Klnt) tt,1I1I 
C02+ -D.46 -3.01 § H3AsOf 5.41 :j::j: 

Ni2+ 0.37 (-2.5) § H3BOf 0.62 :j::j: 

Cd2+ 0.47 -2.90 § SiO~- = H2SiOl- (15.9) (8.3) # 
Zn2+ 0.99 -1.99 § V01- 13.57 (Klnt) tt,1I11 
Cu2+ 2.89 (0.6) § crO~- 10.82 (3.9) # 
Pb2+ 4.65 (0.3) § W01- (9.2) (2.1) # 
Hg2+ 7.76 6.45 § MoO~- (9.5) (2.4) # 
Sn2+ (8.0) (5.9) § SbO(OH);, (8.4) (1.3) §§ 
Pd2+ (9.6) (7.7) § CNO- (8.9) (1.8) §§ 

UO~+ (5.2) (2.8) § CNS- (7.0) (0.1) §§ 

PUO~+ (5.4) (3.0) § CN- (13.0) (5.7) §§ 

NpO~+ (5.9) (3.6) § p- (8.7) (1.6) §§ 

Note: Values are consistent with the following assumptions: HFO has the formula FeOOH (88.85 g/mol), SA = 600 m2/g, 0.005 mol/mol Fe of high energy, or strong sites (Fe'OH sites 
or Type I sites in MINTEQA2), and 0.2 mol/mol Fe of low energy or weak sites (FeWOH sites or Type 2 sites in MINTEQA2). Parenthetic values are estimates. 

tlfK~~' FeOH + W = FeOHj "Kjn! Fe'OH + Cr3+ + H20 - 2W= Fe'OCrOW :!:+J(iJ"t FeOH + H3AsOj' - H20 = FeH2As03 
Kine 62 FeOH - H+ = FeO-

#Kiz"' FeOH + A2- - H20 + W = FeA-
Kj"' FeOH + H)B03' - H20 = FeH2BO) 

*KI"' Fe'OH + M2+ = Fe'OHM2+ [(In' 3 FeOH + A2- = FeOA2- §§K~n' FeOH +A- - H20 + H+ = FeA-

~"' FewOH + M2+ - H+ = FewOM+ Kin' FeOH +A-= FeOA-l 
[(lnt FewOH + M2+ + H20 - 2H+ = FeOHOM ttKln, FeOH + A3- - H20 + 3W = FeHiA 3 

K~n( FeOH + A3- - H20 + 2W = FeHA- m'These are lC,nt values for AsO~- and VOI·. Ki,n' values are 
§Kjnt Fe'OH + Mn+ - H+ = Fe'OMn.j [(In' 3 FeOH + A3- - H20 + H+ = FeA2- not available. 
~n' FewOH + Mn+ - H+ = FewOMn.! ICtn, FeOH + A 3- = FeOHA 3-

Source: Reported by Dzombak and Morel (1990). 
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Intrinsic constant equations for the surface are 

. (FeOH)(W)exp(-I/IFIR1) -729 /Cn' = ----.--.... --.----.-----------. = 10 . 
al (FeOHt) (10.54) 

nl (FeO-) (H+) exp(-I/IFIR1) _ /C = ---. -- -- _. --------------- = 10 8.93 
a2 (FeOH) (10.55) 

First, we solve for 1/1, given that exp(-I/IFIR1) = 10-185 . With F = 96,480 Clmol, R = 
8.314 J/mol K, and T=298.15 K (1 volt-coulomb = 1 joule). The result is 1/1= 0.109 V. At 25°C, 
the Gouy-Chapman relationship is 

u(Clm2) = 0.1174/112 sinh (zl/l x 19.46) (10.56) 

With / = om M and z = 1, we find u = 0.0483 C/m2• Substituting 10-185 = exp(-I/IFIRT) and 
pH = 6 into Eqs. (10.54) and (10.55), results in (FeOHn = 2.75 (FeOH), and (FeO-) = 8.32 x 
10-2 (FeOH). These expressions can be solved simultaneously with Eq. (10.53), to obtain the 
surface concentrations in mollL: (FeOH) = 1.47 x 10-4, (FeOHn = 4.06 x 10-5, and (FeO-) = 
1.22 x 10-5• 

If the problem is input into MINTEQA2, the solution is 1/1 = 0.110 V, u = 0.0492 Clm2, 

(FeOH) = 1.48 x 10--4, (FeOH!) = 3.98 x 10-5, and (FeO-) = 1.26 x 10-5. The slight difference 
in results reflects the fact that in our hand calculation we assumed Yw = 1.00, whereas 
MINTEQA2 assigns Yw = 0.901 at / = om M. 

Example 10.2 

With the diffuse-layer model and the sweep option in MINTEQA2, calculate the adsorption of 
zinc onto HFO at 0.5-pH-unit increments between pH 4 and 8.5 and determine corresponding 
surface speciation. Comment on the relationship of surface speciation to the pHPZNPC and on 
the behavior of surface charge and surface potential around the pHpzNpc. Finally, compute and 
plot Kd for zinc adsorption from pH 4 to 8.5. Assume the same system conditions as in the pre
vious problem, but with a total added zinc concentration of 10--6 M. System conditions include: 
/ = 0.0] M, SA = 600 m2/g, Cs = 8.9 X 10-2 gIL, and r = 2 x 10--4 mol active siteslL. 

Results of the calculations are summarized in Table 10.10 and Fig. 10.20, which show 
that the zinc is almost entirely adsorbed between about pH 4.5 and 6.5. The adsorption edge 

TABLE 10.10. Adsorption of Zn2+ by HFO computed in Example 10.2 using the sweep option in 
MINTEQA2 with the diffuse-layer model 

I/J (T log(FeOH2+) log(FeOH) log(FeO-) log(FeOZn+) O/OZn 
pH volts C/m2 M M M M adsorbed 

4.0 0.184 0.212 -3.93 -4.10 -5.91 -8.43 0.4 
4.5 0.169 0.158 -4.04 -3.97 -5.54 -7.56 2.8 
5.0 0.152 0.112 -4.14 -3.90 -5.26 -6.76 17.5 
5.5 0.132 0.0763 -4.30 -3.85 -5.05 -6.21 61.4 
6.0 0.110 0.0496 -4.41 -3.83 -4.90 -6.03 92.5 
6.5 0.0865 0.0305 -4.49 -3.82 -4.79 -6.00 99.0 
7.0 0.0609 0.0174 -4.56 -3.82 -4.72 -6.00 99.9 
7.5 0.0341 0.0084 -4.60 -3.82 -4.67 -6.00 100.0 
8.0 0.00066 0.0015 -4.64 -3.82 -4.63 -6.00 100.0 
8.5 -0.02100 -0.0049 -4.67 -3.82 -4.60 -6.00 100.0 

Note: Listed are the surface potential (I/J) and surface charge «7). and molar concentrations of surface species. 
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Figure 10.20 (a) Concentrations of surface species on HFO computed with the DL model 
as a function of pH, for l2n = lQ-6 M and 1= 0.01 M, Cs = 0.089 gIL, SA = 600 m2/g, and 
r = 2 x 10-4 mol active siteslL. Note that FeOH! = FeO- at pHpzNpc. (b) Plot of percent Zn 
adsorbed and log Kd for Zn adsorption for the system described in (a). 

(pH of 50% adsorbed) is near pH 5.4. Figure 1O.20(a) indicates that sorbed zinc as FeOZn+ in
creases rapidly above pH 4. The table and Fig. 1O.20(a) show that FeO- and FeOH! become 
equal near pH 8.1, the pH of the PZNPC, with FeO- > FeOHi above that pH. (Remember that 
pHpzNPC = 0.5[pK1~t + pK!~t]). Note that above pH 4.4, most surface sites are neutral FeOH sites. 
The table shows that both surface charge and potential are positive below the pHpzNPC' equal 
zero at that pH, and tum negative above it. 

The distribution coefficient, Kd , can be obtained through the equation 

Kd = ( Zn sorbed (M) ) ( 10
3 

(mglg) ) 
Zn dissolved (M) (8.9 x 10-2 (mglml) sorbent) 

(10.57) 

Values of Kd computed from the MINTEQA2 sweep output are plotted in Fig. 1 0.20(b). As of
ten observed for the adsorption of weakly complexed metal cations, the plot of log Kd versus 
pH closely approximates a straight line. The equation of the line is log Kd = - 5.48 + 1.77 pH. 
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The constant capacitance (CC) model (Fig. 10.18) can be viewed as a special case of the DL 
model that applies to conditions of low surface potential «25 mY) and high and constant ionic 
strength. For such conditions the surface charge versus potential relationship in Eq. (10.52) re
duces to 

(10.58) 

where IC is a constant capacitance value in farads/m2 (l farad = I coulomb/volt) and % is in volts. 
MINTEQA2 suggests 1.4 farads/m2 for C, which seems atypically high. To optimize a CC model fit 
of adsorption data measured at different ionic strengths, it is necessary to adjust values of the ca
pacitance (cf. Dzombak and Morel 1987). A capacitance of about 1.0 F/m2 has been proposed for 
TiOz, 'Y-AI203' and a-FeOOH in 0.1 M ionic strength solutions, with C 1 = 0.72 F/m2 (I = 0.01 M) 
and 0.53 F/m2 (I = 0.001 M) suggested for Ti02 (Westall and Hoh11980; Goldberg and Sposito 1984). 
Graphic analysis of charge-potential plots for Fe- and AI-oxide-dominated soils shown by Green
land and Hayes (1978) suggests the data can be fit assuming IC 1 = 0.4 to 0.5 F/m2 (I = 1 M), and 
0.3 F/m2 (I = 0.01 M). 

As data input to the CC model, MINTEQA2 asks the user to enter Kin! values and values of ro' 
SA' Cs, and 1C 1 • Theoretically, intrinsic constants in the CC model apply only to a fixed or narrow 
range of electrolyte compositions and ionic strengths. All adsorbed species, including H+ and OH-, 
are assumed specifically adsorbed and thus found at the zero plane. The model has been applied to 
the adsorption of transition metal cations, including Cd2+, Pb2+, and borate and phosphate, by hy
drous oxides of AI, Fe, and Si (cf. Davis and Kent 1990; Brady 1992). Brady has also considered the 
effect of temperature on adsorption by silica. The CC model has been used to describe adsorption 
data at low ionic strengths (cf. Goldberg and Sposito 1984; Schindler and Stumm 1987; Goldberg 
and Glaubig 1988) for which conditions it is not equivalent to the DL model. 

A collection of adsorption parameters and intrinsic constants used in the CC model for I = 
0.1 M is given in Table 10.11. Schindler and Stumm (1987) report intrinsic constants for additional 
metal cations and ligands, chiefly measured at higher ionic strengths. For internal consistency it is 
preferable to use the adsorption parameters from single sources. 

10.4.4 Triple-Layer Model 

The triple-layer (TL) model as used in MINTEQA2 (Fig. 10.19) was developed by Davis et a1. (1978) 
and Davis and Leckie (1978,1980). The model is more versatile than the DL and CC models in that 
it allows for the observation that adsorption of some species involves strong chemical bonding, while 
others experience relatively weak electrostatic attraction to surfaces. There is recent evidence that 
strongly adsorbed species, such as divalent transition-metal ions, and selenite, arsenate, and phos
phate, are located in the zero plane at the sorbent surface. Weakly adsorbed alkali and alkaline earth 
cations and halides, nitrate, and carbonate are positioned in the f3 plane, farther from the surface 
(Davis and Kent 1990). The surface bonding of strongly adsorbed species is assumed comparable to 
the bonding experienced by aqueous cations and ligands in inner-sphere solution complexes. Species 
adsorbed in the f3 plane, separated as they are from the surface by waters of hydration and by ad
sorbed species in the zero plane, are surface bonded via long-range, weak coulombic forces. Such 
bonding is equivalent to that experienced by ions that form aqueous ion pairs or outer-sphere com
plexes. As a guide to the positions of adsorbed species in the double layer, it has been suggested that 
when adsorption is found independent of ionic strength (as is the adsorption of Pb2+ and Cd2+ by a

FeOOH, for example) sorbate species occupy the zero plane. Conversely, ionic strength-dependent 
adsorption indicates that a sorbate ion is located in the f3 plane (cf. Smith and Jenne 1991). 
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TABLE 10.11 Constant capacitance model parameters for adsorption by Si02(am), AI(OHb(am)' y-AI20 3, 

hydrous ferric oxide [HFO or Fe(OHh(am»)' and goethite (a-FeOOH) in 0.' M nitrate or perchlorate 
solutions 

Si02 Al(OHh Fe(OHh 
(am) (am) y-Al(OHh (am) a-FeOOH Source 

SA (m2/g) 105 41 193 t 
45 § 

Ns (mol 8.3 x 10-6 1.3 X 10-5 4.4 X 10-5 t 
sites/m2) 3 x 10-5 § 

1C,(F/m2) 1.25 1.06 1.25 t 
1.06 § 

log [(in' values 

(H+)a' 6.8 5.0 t 
7.4 6.6 t 

7.31 § 

(H+)a2 -7.5 -11.0 -9.4 t 
-6.8 -9.24 -9.1 t 

-8.80 § 

Ag+ --4.86 -4.5 t 
Ba2+ --6.6 t 
Ca2+ -6.1 t 
Cdz+ -7.35 -2.82 -3.14 t 
Cu2+ -2.1 t 
Mgz+ -5.4 t 
Pbz+ -2.2 t 
Znz+ --4.17 -0.76 -2.68 t 
POl- 5.0 7.27 20.53 § 

HPO~- 14.0 14.34 § 

_ HzP04' 12.73 § 

SeOj- 13.6 12.9 t 
H 3Si04' 4.15 t 
H2SiO~- -3.85 t 

Note: Intrinsic constant expressions for cations (M') and anions (N) are written in the form: SOH + M' = SOM'" + H+; and 
SOH+N+ H+=SN+' + H2O. 

Silicic acid species adsorption reactions are written: SOH + H4SiO~ = SH3Si04 + HP; and SOH + H4Si04' = SH2Si04 + 
W+H2O. 
Source: tAnderson and Benjamin (I 990a, 1990b). tSchindler and Stumm (1987). §Goldberg and Sposito (1984). 

MINTEQA2 assumes that adsorbed H+ and OH- occupy the zero plane, but allows the user to 
position other adsorbed species in either the zero or beta plane in the TL model, consistent with their 
probable behavior as just described. However, most of the extensive published literature and reported 
[(}nt values for the TL model have been derived assuming that only H+ and OH- occupy the zero plane 
with all other adsorbed species positioned in the f3 plane (cf. Kent et aI. 1986; Smith and Jenne 1988, 
1991). We are, therefore, obliged to make this same assumption in our MINTEQA2 TL-modeling 
calculations to maintain internal consistency. 
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An example of the positions of adsorbed species and general structure of the double layer in 
the TL model is shown schematically in Fig. 10.19. Assuming that n == 2, the net surface charge in 
the zero plane equals 

(10.59) 

The charge-balance calculation for the zero plane ignores species A 2- and M2+ in the beta plane and 
considers only the zero plane species to which these ions are adsorbed, plus unfilled adsorption sites 
(SO- sites) and sites occupied by specifically adsorbed protons (SOH2 sites). With Al- and M2+ as
signed to the beta plane, the net charge of that plane is given by 

F 
uf3 == SC~ [2(SOM+) - 2(SOH2A -)1 

A S 
(10.60) 

Net charge is written in terms of the free ions themselves, since they occur as such in the beta plane. 
Overall charge balance requires 

ao + (Tf3 + ad== 0 (10.61) 

The triple-layer model calls for capacitances C 1 and C2, corresponding to zones between the 
zero and beta planes and beta and d planes, respectively. The capacitances are related to the net 
charge and potentials of those planes through the expressions 

(TO == CMJo - t/l(3) (10.62) 

(Tf3 == CM'f3 - t/lo) + C 2(t/lf3 - t/ld) 00.63) 

ad= Cz(t/lr t/l(3) (10.64) 

Usually C2 is assumed constant at 0.2 F/m2, with C 1 and Kinl values adjusted to optimize the fit of 
the TL model to empirical adsorption data. Published values of C 1 for hydrous ferric oxide (HFO), 
for example have ranged from 0.90 to 1.4 F/m2 (Hsi and Langmuir 1985), with C 1 == 2.4 F/m1 

proposed for 8-Mn01 (Catts and Langmuir 1986). Riese (1982) suggested C 1 == 1.3 F/ml for quartz 
(a-SiOz) and C 1 == 2.4 F/m2 for kaolinite. On the other hand, Silva and Yee (1981) used C 1 == 0.9 F/m1 

for quartz. 
Kent et al. (1986) have tabulated reported TL intrinsic constants and C 1 values for a variety of 

metal oxyhydroxides of AI, Si, Fe, and Ti. More recently, Smith and Jenne (1988, 1991) reevaluated 
publi~hed TL modeling of adsorption by ferric oxyhydroxide solids and by 8-MnOl' Their analysis 
led to a set of intrinsic constants based on measurement and estimation that have been reproduced 
in Tables 10.12 and 10.13. The intrinsic constants in the tables were derived independent of values 
for C 1 chosen by others. Few studies have applied TL modeling to adsorption by clays, although 
James and Parks (1982) and Mahoney and Langmuir (1991) TL-modeled alkali metal and alkaline 
earth adsorption by clays, including beidellite, illite, kaolinite, and montmorillonite. 

Riese (1982) measured and TL-modeled the adsorption of Ra and Th by quartz and kaolinite 
in the presence of Ca-Ra competition and thorium-sulfate complexing. Some of his results are shown 
in Figs. 10.21, 10.22, and lO.23, which are drawn in terms of log dissolved concentration versus pH. 
This plotting approach provides much more information at the low concentrations typical of natural 
waters than does a plot of percent adsorbed. 

Accurate modeling of his Th adsorption data as a function of pH required Riese (1982) to as
sume that the metal-hydroxy complexes were strongly adsorbed. Other researchers have often found 
this same assumption necessary when TL modeling the adsorption of strongly OH-complexed 
cations. Tables 10.12 and 10.13 list Kinl values for a number of metal-hydroxy complexes. 
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TABLE 10.12. Triple-layer model intrinsic constants for adsorption by both amorphous hydrous ferric 
oxide (HFO) and goethite (a-FeOOH) 

Species pRnt Species pRnt Species pKint 

tAg+ 5.2 tFe2+ (5.1 ) i. §SbOi" (14.1) 
tAgOHO 12.3 tFeOH+ (11.1 ) 1'*Sb0:l (9.6) 
*HAs01- 26.1 tHg2+ ( 1.0) %O~- 9.9 
+H2As04 31.8 tHgOW (3.1) iSOl- 10.5 
+'§AsOi" ( 12.9) tK+ 9.3 IHS04 16.2 
tBa2+ (7.8) tMg2+ 6.8 Iseot 10.5 
tBaOH+ (16.3) tMgOW 15.6 IHSe04 15.9 
tCa2 ... 6.6 tMn2+ (5.4) 'SeO~- 12.3 
tCaOH+ 15.9 tMnOH+ (12. I) IHSeOl 19.4 
+Cd2+ 5.0 tNa+ 9.3 tTI+ (8.1 ) 
tCdOW 11.3 INO) 7.5 tTI(OH)O ( 16.4) 
*CI- 6.2 tNpO! 4.1 'UOPH+ 6.9 
tC02+ 5.0 tpb2+ 4.0 \U02),(OHH 13.9 
tCoOH+ 11.8 tpbOW 7.5 "U02(C03)~- -29.0 
ICrO~- 10.6 tpuOH3+ -1.1 IU02(C03)J- -42.0 
+HCr04 18.2 tpu(OHW 3.4 +Zn2+ 5.0 
tCu 2+ 4.3 tPu(OH)j 7.3 tZnOH+ 10.6 
tCuOH' 8.8 tpu(OH)4' 13.4 

Notes: Estimates are shown parenthetically. Values are consistent with a surface-site density of 18 sites/nm" (3.0 x 10-5 mol 
sites/m2), log K~71 = -5.0 ± 0.5, log K,~~' = -10.9 ± 0.5, C1 = 1.25 F/m2, and C, = 0.2 F/m'. 

tSOH + MZ+ + IlHP - (n + I)W = SOM(OH),:-" 

*SOH2H"A"-z - N- - (II + I )H+ = SOH 

§Equivalent to As(OH);j, Sb(OH);j, or Sb(OH)" 

IISOH2U02(C03);,-'" - UO~+ -IICO~- - W = SOH 

Source: Smith and Jenne (1988, 1991). 

For a good approximation the adsorption of aqueous Th-sulfate complexes by quartz or ka
olinite could be ignored in Riese's model-fitting of the adsorption data. Figure 10.24 shows that the 
distribution coefficient for Th(IV) adsorption is a strong function of both pH and total sulfate. Sul
fate complexing clearly inhibits Th adsorption. Others have also found that nonhydroxyl metal com-

TABLE 10.13 Triple-layer model intrinsic constants for adsorption by birnessite (8-Mn02) 

Species p*K'nt Species p*K'nt Species p*K'nt 

Ag+ (3.4) Cu2+ 0.1 MnOW (10.6) 
AgOR" (13.0) CuOW 7.5 Mn(OH)2' ( 19.9) 
BaH (4.5) Cu(OH)2' 13.4 Na+ 3.5 
Ca2+ 5.3 Fe2+ ( 1.8) Pb2+ -1.8 
Cd2+ (2.0) FeOW (9.4) PbOW 6.5 
CdOW (10.1) Fe(OH)2' (18.3) TI+ (4.8) 
Cd(OH)2' (18.3) Hg2+ (-2.3) T10R" (15.3) 
C02+ ( 1.6) HgOW (0.4) Zn2+ 1.5 
CoOW (9.3) Mg2+ 5.9 ZnOW 8.8 
Co(OH)2' (16.6) Mn2+ (2.1 ) Zn(OH)2' 15.0 

Note: Estimates are shown parenthetically. Values are consistent with log K,:7t = -6.2, log K,\3t = 1.6, C 1 = 2.4 F/m2, and C2 = 
0.2 F/m2. Adsorption reactions are written in the form: SOH + Mz+ + IlHp - (II + 1 )H+ = SOM(OH),IZ-". 

Source: Reported by Smith and Jenne (1988, 1991). 
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Figure 10.21 Adsorption of radium 
by a-SiOz{quartz) at 25°C in om M 
NaNO, solution. Circles are experi
mental data. Solid curve is TL model 
calculated. Other experimental condi
tions and parameters include: SA = 
4.15 m2/g, N,= 4.5 sites/nm2, pK,:7' = 
-0.95, pK:,2' = 6.95, p* KiS~ = 6.6, ([ I = 
1.3 F/m2 and ([2 = 0.2 F/m2• From 
A. C. Riese, © 1982. Used by 
permission. 
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plexes, such as those formed with carbonate, sulfate, and fluoride, may be poorly adsorbed by clays 
and oxyhydroxides. However, carbonate species themselves are strongly adsorbed by goethite, and 
so compete with the adsorption of other anions, such as chromate (Van Geen et al. 1994). Carbon
ate, as one would expect, is also strongly adsorbed by carbonate minerals (Zachara et al. 1993). 

At moderate to high ionic strengths, electrolyte ions occupy most sorbent surface sites (cf. Ma
honey and Langmuir 1991). This is not specifically quantified in the CC or DL models, but is 
considered in the TL model, which assumes that electrolyte ions are found in the f3 plane. Fig
ure 10.25 is a distribution plot showing the percent of surface sites occupied by electrolyte ions (Na+ 
and NO)) and U(VI) species on goethite. At ~U(VI) = 10-5 M and NaNO} = 0.1 M, uranyl (UOi+) 
species are largely adsorbed below the zero point of charge and occupy less than I % of surface sites 
that are chiefly SOH and SOH!-N0:J at this ionic strength. 

10.4.5 Comparison of the Models 

A list of the input parameters used in the three electrostatic adsorption models and required by 
MINTEQA2 is given in Table 10.14. For measurements over a range of ionic strengths, the CC model 
requires one or more values for IC I (cf. Dzombak and Morel 1987). The DL model is both simpler 



386 

1000 

500 

o 

Kaolinite-NaNO, 

2.5 gIL (30.75 m2/L) 

lRa = 1000 pCilL 
1= 0.01 M 
lCa = 1O-4 M 

SO--Ra2+ 
SO--RaOH+ 
SO--Ca2+ 
SO--CaOH 

p*Kint 
I.l 

10.1 
1.7 

11.45 

Adsorption-Desorption Reactions Chap. 10 

Figure 10.22 Adsorption of radium 
onto kaolinite at 25°C in 0.01 M. 
NaN03 solution. Circles are experi
mental data. Solid curve is TL model 
calculated. Other experimental condi
tions and parameters include: SA = 
12.3 m2/g, Ns = 6.0 sites/nm2, 
pK,~7'(SOH sites) = 1.75, pKj,3'(SOH 
sites) = 6.25, pK,i,3'(TOH sites) = 7.5, 
pKrl!'XSOH sites) = 3.5, pKiJ'~(TOH 

100 '----'-----'------'-----'--------' sites) = 7.5,1[, = 2.4 F/m2, and 1[2 = 
2 4 6 8 10 0.2 F/m2 From A. C. Riese, © 1982. 

pH Used by permission. 

and more versatile in that it corrects adsorption for ionic strength using Gouy-Chapman theory 
(Stumm and Morgan 1996) and does not demand an input capacitance. Neither model explicitly con
siders the adsorption of electrolyte ions that compete for adsorption sites, particularly at moderate to 
high ionic strengths. The TL model does account for the adsorption of electrolyte ions, but then re
quires a second capacitance value (e2) and intrinsic constants for the electrolyte species. 

As noted before, all three models can fit adsorption data equally well. Of the three models, the 
DL model demands the least number of input parameters. However, the assumption of weak and 
strong bonding sites in the DL model increases its complexity to approach that of the TL model (cf. 
Meseure and Fish 1992a, 1992b). The TL model has the most parameter requirements, but exhibits 
the greatest versatility. It is capable of modeling complex systems over a range of pH's and ionic 
strengths and in which sorbate species, including electrolyte ions, compete for surface sites and form 
aqueous complexes of differing sorptive tendencies. Accurate modeling then requires the determi
nation of intrinsic constants for the complexes, as well as the free ions. 

Probably the TL model offers the most accurate description of the sorption process on an 
atomic scale. However, most published model parameters have been derived assuming that only H+ 
and OH- occupy the zero plane and that all other sorbate species are found in the f3 plane (cf. Smith 
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Figure 10.23 Adsorption of Th(lV) 
by quartz at 25°C in 0.01 M Na2S04 
solution (Riese 1982). Circles are ex
perimental data. The solid curve is 
TL model-calculated assuming that Th
sulfate complexes are not adsorbed. 
The dashed line is the computed solu
bility of Th02• * Kl'h' reactions are writ
ten in the form: SOH + Th:+ + nH20 = 
SOTh(OH)1I + (n + I)H;-. Experimental 
conditions and parameters not given in 
the figure arc listed in the caption to 
Fig. 10.21. From A. C. Riese, © 1982. 
Used by permission. 

and Jenne 1991). Recent evidence shows thal other strongly adsorbed species also occupy the zero 
plane. When published Kin! values for the TL model are inconsistent with this evidence, adsorption
modeling results must be treated with caution, particularly when the modeling has been applied to 
conditions that differ substantially from those used for model parameterization. 

10.4.6 Estimation of Intrinsic Adsorption Constants 

Cations that form strong inner-sphere aqueous complexes are often strongly and specifically ad
sorbed when the same ligand is involved in solution and at the sorbent surface. Conversely, species 
forming weak aquocomplexes or ion pairs tend to be weakly adsorbed. These observations have 
formed the basis for most estimates of intrinsic adsorption constants (cf. Dzombak and Morel 1990; 
Smith and Jenne 1991). The extensive literature of solution complexation constants (cf. Smith and 
Martell 1976; Baes and Mesmer 1976, 1981) has facilitated such estimation methods. As an exam
ple, log Kint values for cation adsorption by specific metal oxyhydroxides plotted against the first hy
drolysis constants of the same cations are often strongly correlated. Such plots, called linear free 
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Figure 10.24 Adsorption of Th(IV) 
by quartz as a function of total sulfate 
for the same conditions as given in 
Fig. 10.23, plotted as distribution co
efficients. Note that sulfate complexing 
of Th(lV) inhibits its adsorption, partic
ularly at low pH's, increasing the pH of 
the adsorption edge. From A. C. Riese, 
©1982. Used by permission. 
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Figure 10.25 Distribution plot of percent surface species on goethite at 25°C in 0.1 M 
NaN03 solutions for :EU(VI) :::: 10-5 M computed with the TL model. Cs :::: I gIL. SA :::: 
45 m2/g (Hsi 1981; Hsi and Langmuir 1985). 
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TABLE 10.14 Parameters in the constant capacitance (CCI. diffuse-layer (DL), and triple-layer (TL) 
models, as required inputs to MINTEQA2 

Cs SA r 1(;1 1(;2 KIn' ill K~' 

Model gIL m2/g mollL F/m2 F/m2 Kinl .2 Kinl 
L 

CC j j j j j j 
DL j j j j j 
TL j j j j j j j 

389 

Kinl 
el 

j 

Note: MINTEQA2 suggests 1(;1 = 1.4 F/m2 for use in the CC model. Most workers assume 1(;2 = 0.2 F/m2 in the TL model. 
Ki:j' and Kt" are intrinsic constants for strongly adsorbed cations and ligands. respectively. K~?' denotes intrinsic constants 
for electrolyte cations and anions. Intrinsic constants for the adsorption of complexes are also commonly used in the TL model. 

energy (LFER) plots, have been used to correlate and predict intrinsic constants for all three electro
static adsorption models. (See Figs. 10.26, 10.27, and 10.28; Schindler et al. 1976; Hingston 1981.) 

Most of the recent adsorption literature has emphasized the importance of the acid-base prop
erties of oxide surfaces when explaining or estimating their sorption behavior. However, Sverjensky 
(1993) has shown that log [(in! values for the adsorption of a specific cation by multiple mineral sor
bents are a simple linear function of liE, where E is the dielectric constant of each mineral. He has 
used this approach to estimate CC and TL model j(on! values for the adsorption of up to 18 cations on 
7 oxide and silicate mineral surfaces. 
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Figure 10.26 Correlation plot for some metal cations, of their first hydrolysis constants 
(*KII ) versus intrinsic surface complex constants (*K~') for their adsorption by Si02(am) 
assuming the constant capacitance model. The equation of the solid line is log *K~' = 0.09 
+ 0.62 log *K II . Hydrolysis and adsorption reactions are written *KII ; MZ+ + HP = H+ + 
MOH'-I, and *K~'; Mi+ + SOH = Hi + SOM,-I. After P. W. Schindler and W. Stumm, The 
surface chemistry of oxides, hydroxides, and oxide minerals, In Aquatic Surface Chemistry, 
W. Stumm. ed. Copyright 1987 by John Wiley & Sons, Inc. Used by permission of John 
Wiley & Sons, Inc. 
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Figure 10.27 Correlation plot for some soft and borderline hard-soft acid cations, of their 
first hydrolysis constants (KII ) versus intrinsic surface complex constants (K~') for their ad
sorption by hydrous ferric oxide (HFO), assuming the diffuse-layer model. Hydrolysis and 
adsorption reactions are written: KII ; M'+ + OH- = MOH,-I, and Ki,'i'; M; + SOH- = 
SOHMz-i. After D. A. Dzombak and F. M. M. Morel, Surface complexation modeling. 
Hydrousferric oxide. Copyright © 1990 by John Wiley & Sons, Inc. Reprinted by permis
sion of John Wiley & Sons, Inc. 

A number of observers have reported on the adsorption affinity of different metal cations for 
clays (cf. Farrah et al. 1980) and for hydrous oxides, organic matter, soils, and sediments (cf. Kin
niburgh and Jackson 1982; Loux et al. 1989). There is evidence that the adsorption tendency of di
valent transition elements by hydrous oxides often follows the Irving-Williams order (see Chap. 3). 
This suggests that the absorbed metal cations form inner sphere complexes which occupy the zero 
plane, and that the sequence of decreasing adsorption tendency is 

Cu > Zn ~ Ni > Co > Fe > Mn > Ca 

The relative percent adsorption ofCu, Zn, Ni, and Ca by ferric oxyhydroxide, shown in Fig. 1O.17(b), 
obeys the Irving-Williams order. The plot suggests an overall adsorption affinity of 

Pb > Cu > Cd > Zn > Ni > Ca 

One can expect that K~t values in any of the electrostatic adsorption models would decrease, in the 
same order, for adsorption of these metal cations by other hydrous oxides, as well as by many other 
phases. 
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Figure 10.28 Correlations between: (a) cation hydrolysis constants (*f3II1) and TL intrin
sic adsorption constants for cations (* K!:Jt

) adsorbed by HFO (goethite and amorphous 
HFO) or by 8-Mn02; and (b) acid dissociation constants (KII ) and TL intrinsic adsorption 
constants for anions (*Kp:'t) adsorbed by HFO. Reactions are written as follows: Cation hy
drolysis. M' + nH20 = M(OH)rn + nH+ (n = 1.2); Acid dissociation. KII • HnN-" = nH+ + N 
(n = 1-3); Cation adsorption. M~ + SOH + nH20 = nH;- + SOM(OH)~-I; Anion adsorption. 
SOH2N-1 = nH; + N + SOH. The lines drawn have no statistical significance. From Smith 
and Jenne (1988). 

10.4.7 Application of the Electrostatic Adsorption Models 
to Natural Systems 

391 

Most adsorption modeling has focused on the laboratory behavior of single sorbent phases. In con
trast. natural soils. sediments. and geologic formations typically contain multiple sorbents. For ex
ample. important sorbents in shallow soils and aquatic sediments often include organic matter plus 
clays. In deep soils important sorbents may be Fe- and Mn-oxyhydroxides and clays. Altered and 
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Figure to.27 Correlation plot for some soft and borderline hard-soft acid cations, oftheir 
first hydrolysis constants (K11 ) versus intrinsic surface complex constants (Ki,'it) for their ad
sorption by hydrous ferric oxide (HFO), assuming the diffuse-layer model. Hydrolysis and 
adsorption reactions are written: KlI ; M'+ + OH- = MOW-I, and Ki,'it; M; + SOH- = 
SOHMz- l . After D. A. Dzombak and F. M. M. Morel, Surface complexation modeling. 
Hydrous ferric oxide. Copyright © 1990 by John Wiley & Sons, Inc. Reprinted by permis
sion of John Wiley & Sons, Inc. 

A number of observers have reported on the adsorption affinity of different metal cations for 
clays (cf. Farrah et al. 1980) and for hydrous oxides, organic matter, soils, and sediments (cf. Kin
niburgh and Jackson 1982; Loux et al. 1989). There is evidence that the adsorption tendency of di
valent transition elements by hydrous oxides often follows the Irving-Williams order (see Chap. 3). 
This suggests that the absorbed metal cations form inner sphere complexes which occupy the zero 
plane, and that the sequence of decreasing adsorption tendency is 

Cu > Zn ~ Ni > Co > Fe > Mn > Ca 

The relative percent adsorption ofCu, Zn, Ni, and Ca by ferric oxyhydroxide, shown in Fig. 1O.17(b), 
obeys the Irving-Williams order. The plot suggests an overall adsorption affinity of 

Pb > Cu > Cd > Zn > Ni > Ca 

One can expect that K~l values in any of the electrostatic adsorption models would decrease, in the 
same order, for adsorption of these metal cations by other hydrous oxides, as well as by many other 
phases. 
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Figure 10.28 Correlations between: (a) cation hydrolysis constants (*(3111) and TL intrin
sic adsorption constants for cations (*K~') adsorbed by HFO (goethite and amorphous 
HFO) or by 8-Mn02; and (b) acid dissociatjon constants (KIl ) and TL intrinsic adsorption 
constants for anions (*K){,') adsorbed by HFO. Reactions are written as follows: Cation hy
drolysis. M' + nH20 = M(OH),r" + nW (n = I. 2); Acid dissociation. KIl • H"A'-n = nW' + A' 
(n = \-3); Cation adsorption. M~ + SOH + nHzO = nH:- + SOM(OH)~-I; Anion adsorption. 
SOHzN-1 = nH; + A' + SOH. The lines drawn have no statistical significance. From Smith 
and Jenne (1988). 

10.4.7 Application of the Electrostatic Adsorption Models 
to Natural Systems 

391 

Most adsorption modeling has focused on the laboratory behavior of single sorbent phases. In con
trast, natural soils, sediments, and geologic formations typically contain mUltiple sorbents. For ex
ample, important sorbents in shallow soils and aquatic sediments often include organic matter plus 
clays. In deep soils important sorbents may be Fe- and Mn-oxyhydroxides and clays. Altered and 
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weathered volcanic rocks may contain zeolites, smectite clays, and Fe- and Mn-oxyhydroxides. 
In fractured crystalline rocks the most important sorbents in fractures are likely to be Fe- and Mn
oxyhydroxides and clays. 

MINTEQA2 is capable of considering simultaneous adsorption by one or two sorption sites 
on up to five sorbents. The model then assumes that the adsorptive behavior of multiple sorbents and 
sites is additive and proportional to the relative and absolute amounts of each sorbent phase in a mix
ture. This approach has been termed the linear adsorptivity model or LAM (cf. Honeyman 1984). 
Several recent studies have tested the LAM, chiefly in batch tests using the CC model (cf. Anderson 
and Benjamin 1990a, 1990b, 1990c). The simple LAM has failed when mixed, relatively amorphous 
sorbents of AI, Si, and Fe suspended in batch tests agglomerated and interfered with each other's sur
face sites. For example, positively charged Fe(OHh(am) and negatively charged Si02(am) particles 
tended to agglomerate and coagulate (Anderson and Benjamin 1990a). Similarly, amorphous 
AI(OHh tended to coat and interfere with adsorption by Si02(am) in their mixtures (Meng and Let
terman 1993). For such reasons and under such conditions, the LAM usually overestimates adsorp
tion. These studies demonstrate the problem of applying the LAM to mixed, relatively amorphous 
sorbents suspended in some surface and shallow groundwaters, where interaction of sorbent parti
cles is likely. 

The LAM must also be used with caution in soils or sediments that contain significant amounts 
of organic matter. Davis (1984) (see also Schlautman and Morgan 1994) found that dissolved or
ganic carbon (DOC) coated metal oxide surfaces in such systems. Thus, Cu2+, which forms strong 
metal-organic complexes, was strongly adsorbed to the DOC coatings and not to exposed oxide sorp
tion sites. The oxide adsorption of Cd2+, however, which forms weak complexes with DOC, was un
affected by the presence of the DOC. 

Siegel et al. (1992) tested the LAM using mixtures of goethite and montmorillonite clay, with 
quartz as an inert matrix. They modeled adsorption by goethite with the TL model and by montmo
rillonite using an ion-exchange approach. Adsorption of Ni, Pb, and Sr on the mixtures obeyed the 
LAM, probably in part because the sorbents were well-defined, crystalline mineral phases. One can 
tentatively reason that where suspended sorbent phases are relatively crystalline, or occur chiefly in 
the soil or rock itself, immobile and separate, the LAM approach should work. 

Potential pitfalls to avoid and approaches to take in the application of adsorption models to 
complex soils and sediments have been described by Bolt and van Riemsdijk (1987), Davis and Kent 
(1990), and Warren and Zimmerman (1994). Based in part on these authors, if our goal is to predict 
or model adsorption in a soil, for example, questions we might ask include the following: 

1. What is the chemical composition and range of compositions of soil waters and what concen
trations of sorbate species of interest are or might be present? Does computer modeling of the 
water chemistry indicate that a potential sorbate species is at or above saturation with respect 
to a possible mineral? Sorption of that species cannot be meaningfully examined, except at 
concentrations below mineral saturation. 

2. When multiple sorbent phases are present, which are most likely to interact with the sorbate 
species of interest? 

3. What are the absolute and relative abundances of important sorbent solids and what fraction 
of their surface areas are exposed to flowing water? Any adsorption model we select that as
sumes a finite number of sorption sites, requires, as input, the area of a sorbing phase exposed 
to a given volume of water [e.g., Cs(g/L) x SA(m2/g)] and a surface site density [Ns(sites/m2)] 

for that phase. Can we measure or estimate these values? Such measurements and estimates 
are extremely difficult for metal adsorption by modern stream sediments, which may be mix-
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tures of organic matter, and Fe- and Mn-oxyhydroxides and clays (cf. Warren and Zimmerman 
1994). 

Optical microscopic study of rock thin sections using dye tracers is a way to determine 
mineral-water contact (physical surface) areas if the water flows in rock matrix or fine frac
tures. The surface areas of particulate materials can be computed from particle size and geom
etry (d. Sverdrup and Warfvinge 1993) or measured by BET gas adsorption methods. White 
and Peterson ( 1990) point out, however, that measured or computed surface areas of geologi
cal materials generally exceed their reactive surface areas. The reactive surface area (as de
fined by SA) is what we need to model sorption or reaction rates in porous media. 

4. When multiple sorbents are present, can we simplify the problem and limit our analysis to ad
sorption by a single sorbent because of its greater abundance or higher sorptive capacity for a 
group of sorbate species? The most successful modeling and prediction of adsorption in nat
ural systems has been in such situations. For example, HFO is often the dominant sorbent in 
acid mine surface- and groundwater". The diffuse double-layer model has been highly suc
cessful modeling metal and ligand adsorption by HFO in such waters (cf. Loux et al. 1990; 
Smith 1991; Smith et al. 1991; Stollenwerk 1994). Also, pesticide adsorption is chiefly by 
humic organic materials and may be independent of other sorbents present. As a first approx
imation in these cases, secondary sorbents can be ignored. 

5. What is the simplest adsorption model that can adequately define sorption in the system of in
terest for purposes of our study? The simpler the model, the less information is needed to pa
rameterize it. The distribution coefficient model requires only entry of the mass of sorbent in 
contact with a volume of water and a value for Kd • Pesticide adsorption can often be modeled 
adequately using a simple Kd (Koc) approach (cf. Lyman et al. 1982). For smectite and ver
miculite clays and zeolites that have dominantly pH-independent surface charge, ion-exchange 
or power-exchange models may accurately reproduce adsorption of the alkaline earths and al
kali metals. If the system of interest experiences a wide range of pH and solution concentra
tions, and adsorption is of multivalent species by metal oxyhydroxides, then an electrostatic 
model may be most appropriate. 

Loux et al. (1989) used MINTEQA2 to predict the adsorption and precipitation behavior of 
eight metals in an oxidized, sandy aquifer as a function of pH. Aquifer material contained 0.34% car
bon, 0.077% Fe, and 0.0089% Mn. With the DL model, and assuming that the only important sor
bent was HFO, they concluded that adsorption adequately described the behavior of Pb, Zn, and Ni. 
Cd behavior was better described assuming its precipitation as CdC03 (otavite). Changes in Cu, Ba, 
Be, and TI could not be simply explained; the change in Cu probably reflected the role of organic 
matter which was ignored in sorption modeling. The mixed results obtained in this study suggest the 
limits to our present capability of predicting the simultaneous behavior of multiple sorbing species 
and multiple sorbents in complex natural systems. 

10.5 ADSORPTION MODELS AND CONTAMINANT TRANSPORT 
MODELING 

A variety of adsorption models, from Kd to the electrostatic adsorption models in MINTEQA2, have 
been coupled with hydrologic transport models. Available coupled codes and their attributes have 
been described and compared, in some detail, by Mangold and Tsang (1991) (see also Lichtner et al. 
1996) and will not be considered here. 
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Figure 10.29 Advance of an adsorbing (retarded) species and nonadsorbing (nonre
tarded) species through a column of porous materials. Relative concentration (ClCo) is the 
ratio of the concentration at time t to the input concentration at t = O. Distances a and b 
traveled in time t are measured for ClCo = 0.5. After R. A. Freeze and J. A. Cherry, 
Groundwater. Copyright © 1979. Used by permission of Prentice-Hall. Inc .• Upper Saddle 
River. NJ. 

The most commonly used adsorption model in contaminant transport calculations is the dis
tribution coefficient. Kd model. In large part this reflects the simplicity of including a K" value in 
transport calculations (cf. Freeze and Cherry 1979; Domenico and Schwartz 1990; Stumm 1992). 
Nevertheless, such applications should be limited to conditions where K" values can be expected to 
remain near constant during transport (cf. Reardon 1981). Alternatively, if a K" can be confidently 
shown to be a maximal or minimal possible value. such calculations can provide bounding or con
servative information on contaminant transport. The bounding minimum K" approach has become 
standard in the modeling radionuclide transport. for example (cf. Meijer 1992). 

System assumptions that should be valid for such applications include: fluid flow in the porous 
media is isotropic and adsorption is fast. reversible. and linear (cf. Freeze and Cherry 1979). Given 
these constraints, the comparative transport of a conserved (nonadsorbed) tracer, such as Be and 
an adsorbed or retarded species. such as Am3+, can be described as shown in Fig. 10.29. A compar
ison of migration distances of the two species after time t, is made at concentrations where 
C(measured)/Co(initial) = 0.5 for the conserved and adsorbed species. The migration distance X of 
the conserved species after time t is a measure of the average groundwater velocity (v), or X = vt. 
Similarly, the migration distance of the adsorbed species (XC> is related to its velocity of movement 
(ve) by Xc = vet. The retardation factor (R,,) for the adsorbed species is then given by 

R" = v = -~_ = I + (Ph) K" (10.65) 
Ve Xc n 

where Ph is the bulk density of the geomedia, and n is the porosity given as a volume fraction. The 
average density of silicate rocks is 2.65 g/cm3, and the fractional porosity of unconsolidated granu
lar deposits lies in the range n = 0.2 to 0.4 (Freeze and Cherry 1979). These values cOiTespond to 
bulk mass densities of 1.6 to 2.1 g/cm3 and Pb/n between 4 and 10 g/cm3. With this information we 
may compute for Kd = 0, Rd = I, and there is no retardation. For Kd = 1, R" = 5 to 11, and a contam
inant moves 9 to 20% as far as the groundwater. If K" = 1 0, R" = 41 to 1 0 I, and the contaminant 
moves only 1 to 2.4% of the distance traveled by the groundwater. 

Example 10.3 

The K" for Ra2+ in groundwater systems is generally in the range of 25 to 250 cm3/g. Assum
ing Kd = 100 cm3/g, how much faster does groundwater move than Ra2+? With this K" we find 
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R" = vi Vc = I + (4 to 10) x 100 = 400 to 1000. The groundwater moves 400 to 1000 times faster 
than the radium. 

STUDY QUESTIONS 

l. Discuss the significance of the fact that substances occurring in small particles have an important percent
age of their atoms or molecules at or near particle surfaces, as well as having very large molar surface areas. 

2. The sorptive capability of solids for charged species is proportional to their surface area per weight and the 
density of charged sites on their surfaces (their surface-site density or exchange capacity). Explain this state
ment as it applies to the sorptive capacity of natural hematite versus that of ferrihydrate. 

3. The cation exchange capacity of clays results from lattice imperfections or defects, isomorphous substitu
tions, and/or broken bonds on clay particle surfaces. Explain how the CEC's of kaolinite, the smectites. and 
illite, and their variation with pH. reflect these sources of their surface charge. 

4. A few minerals can be assumed to have a constant surface charge, practically independent of pH. whereas 
most have a strongly pH-dependent surface charge that results from ionization of surface groups or surface 
chemical reactions. Explain this statement and illustrate its application to several example minerals. 

5. Cation adsorption on natural materials is a function of pH, absolute and relative amounts of organic mat
ter, clays, metal oxyhydroxides. and the particle-size distribution of sorbent phases. Explain how this state
ment applies to arid versus humid climate soils and to estuarine muds. 

6. The rate of sorption may be diffusion rate limited. Explain how this statement may apply to sorption from 
groundwater by the rock matrix adjacent to a fracture and from a stream by a mixture of silt and gravel in 
a stream bed. 

7. Draw a typical sorption isotherm; show on it and discuss the conditions for which the K,I concept applies, 
for which the breakthrough concentration is defined, and for which mineral saturation is attained. 

8. As concentrations of trace species decrease, their tendency to be sorbed rather than dissolved increases. Ex
plain how this observation is consistent with the appearance of the typical adsorption isotherm plot. 

9. Write the Freundlich and Langmuir isotherm equations and explain how one determines their applicabil
ity. Discuss important applications and limitations of the isotherm equations. particularly in their use to de
scribe the adsorption of multivalent cations and organic contaminants, such as pesticides. and the effects of 
ionic strength. pH. competitive adsorption. and complexation. 

10. The Freundlich isotherm and the distribution coefficient (Kri ) adsorption models assume an infinite number 
of sorption sites are available, whereas the Langmuir isotherm and ion-cxchange models assume a limited 
or maximum number of sorption sites. Write sorption reactions that correspond to each of these models and 
explain the above statements in terms of those reactions. 

11. For calculations of sorption. MINTEQA2 requires that the concentration of sorption sites be available in 
units of mol/L. Explain how this information can be obtained from the surface-site density (N,. sites/m2

), 

\\pecihc surface area 01' the sorbing, ~o\id (SA' m2/g,), concentration of solid in contact with a \iter of soil water 
(C" giL). and Avogadro's number (NA ). 

12. Define K,)C and explain its applicability. How is it related to Kr/? How and why is Koc related to Kow. to the 
solubility of organic substances (S), and to their bioconcentration factor (BCF)? 

13. What is the retardation factor. Rd. used in discussions of contaminant transport in porous media and how is 
it related to Kd? 

14. What is the power-exchange function and how is it related to ion exchange and Donnan exchange? Give 
examples of the applicability of each of these approaches to competitive cation adsorption. How are activ
ity coefficients dealt with in ion-exchange reactions? 

15. MlNTEQA2 includes three electrostatic adsorption models. What are they? Compare their treatment of: 
(a) the distribution of charge and potential from the surface toward the bulk solution; and 
(b) the positions occupied by adsorbed Wand OH- and other ions at and near the surface. 



396 Adsorption-Desorption Reactions Chap. 10 

16. Explain how the electrostatic models relate concentrations of ions that are sorbed to concentrations of the 
same ions in the bulk solution. 

17. Be able to write a balanced sorption reaction in which a cation or anion is adsorbed onto a protonated or 
deprotonated surface site, using the format required for input into MINTEQA2. What is an intrinsic 
constant? 

18. MINTEQA2 treats electrostatic terms (Boltzmann function terms) as if they were separate components. 
Explain. 

19. The tendency of cations to be adsorbed by oxide and hydroxide minerals with increasing pH, is usually pro
portional to their tendency to form hydroxyl complexes in solution. Explain this statement. How would this 
general rule help you to decide under what different pH conditions equal concentrations of Cr3+, Ca2+, and 
Na+ would tend to be adsorbed by the same solid? 

20. The adsorption of cations increases with increasing pH, whereas the adsorption of anions generally de
creases as the pH goes up. Explain this statement with a schematic figure and examples. 

21. Specific adsorption is an important adsorption mechanism for trace substances in water, but not for major 
ionic species. Define specific adsorption and explain this statement with examples. 

22. Given a soil containing a few percent of one or more sorbing phases, and with the pore-water volume frac
tion and soil-water composition known, describe in detail what you would need to know to compute the 
adsorption of a contaminant cation or anion by the soil using: 
(a) the Kd approach; 
(b) an ion-exchange model with W or OH- as competing ions; 
(c) the triple-layer model. 

23. Discuss limitations to the potential accuracy and applicability of modeling results obtained in the previous 
problem. 

PROBLEMS 

1. A pesticide is retarded in a groundwater system relative to the groundwater flow and has been found to have 
a laboratory Kd in similar materials of 12 ml/g. If the groundwater moves 100m in I year, how far does the 
pesticide move? 

2. Sorption of uranyl (UO~+) species (the oxidized form of dissolved uranium) by Fe(OHh was measured in 
the laboratory at a constant pH of7.23 and 25°C. In the experiment, 51.3 mgofferrihydrite, Fe(OH)3 (weight 
as Fe) was suspended in 50 ml of a om M KCI solution. The unpublished experimental data given here are 
from van der Weijden et aJ. (1976). Speciation calculations using MINTEQA2 show that the dominant form 
of dissolved uranyl (-97%) in these experiments is the U02(OH)~ complex. 

~U(aq) at ~U(aq) at 
~U added ~U added equilibrium equilibrium U sorbed U sorbed 
(mglL) (M) x 10-5 (,ug/L) (M) x 10-8 (mglL) (M) x 10-5 

1.00 0.42 0.6 0.252 0.9994 0.42 
2.00 0.84 0.9 0.378 1.999 0.84 
4.00 1.68 2.5 1.05 3.998 1.68 
6.00 2.52 5.0 2.10 5.995 2.52 

10.00 4.20 10.6 4.45 9.989 4.20 
12.00 5.04 12.8 5.38 11.99 5.04 
14.00 5.88 15.4 6.47 13.99 5.88 
16.00 6.72 19.5 8.19 15.98 6.71 
20.00 8.40 27.0 \1.3 19.97 8.39 
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Note the data indicate that in excess of99.8% of the total uranyl is sorbed at all total uranyl concentrations. 
(a) Test to see if the data obey a Freundlich isotherm, solving for the constants in the isotherm equation. 

Use the approach suggested in MINTEQA2, where dissolved and sorbed concentrations are given in 
moIlL, but ignore activity coefficients. Is the Freundlich isotherm an appropriate model to be using in 
this case? Explain. 

(b) Test to see if the data obey a Langmuir isotherm, solving for the constants in the isotherm equation. 
Use the approach suggested in MINTEQA2, where dissolved and sorbed concentrations are given in 
mol/L, but ignore activity coefficients. Is the Langmuir isotherm an appropriate model to be using in 
this case? Explain. 

(c) What are some limitations of modeling the adsorption of uranyl using the isotherm equations? 

3. O'Connor and Renn (1964) measured Zn2+ adsorption on suspended stream sediments at a constant total 
zinc concentration of 200 p.g/L, and 200 mg/L of dissolved solids (an ionic strength of about 0.004 M), us
ing 100 mg/L of sediment from the Potomac River at Point of Rocks, MD. Their measured data are tabu
lated here. 

Zn2+(aq) (p.g/L) pH Zn2+(aq) (p.g/L) pH 

185 5.60 100 7.67 
160 6.65 88 7.75 
140 7.20 55 8.00 
120 7.50 40 8.15 

(a) Assuming that the river is in equilibrium with atmospheric CO2 pressure, input the data into 
MINTEQA2 and calculate the saturation state of the water with respect to any minerals that might pre
cipitate and complicate interpretation of the sorption data. 

(b) Calculate Kd (mllg) for sorption of zinc by the sediment, ignoring complexing and ion activity coeffi
cients, and plot log Kd as a function of pH. Discuss the significance of your plot. 

4. A vermiculite clay has the structural formula (K,Mgos}(Mg4oFeiWe&:s)(AllsSi6s)02o(OHk Calculate its 
cation-exchange capacity in meq/iOO g and its surface-site density in mollg. Assuming the surface area of 
the clay is 30 m2/g, what is its surface-site density in nm2 and p.mol/m2? 

5. Consider the exchange reaction on a clay: 

Ca2+ + Na2X = 2Na+ + CaX 

Assuming simple ion-exchange behavior, we can write 

[Na+]2 (caX) 
K.x = [Ca2+) (Na2X) = 1.00 

where the adsorbed cation concentrations are given/in mole fractions. 
(a) If Ca2 ... occurs in solution at 10-300 M, at what dissolved Na+ concentration will equal moles of sodium 

and calcium be adsorbed on the clay? 
(b) If the dissolved concentrations of Na+ and Ca2+ are diluted by ) 0 times, what happens to the concen

trations of these ions adsorbed by the clay? 
(c) Comment on the significance of the above calculations as they shed light on the relative behavior of 

monovalent and divalent ions in ion-exchange reactions in natural waters. 

6. A clay-loam soil has a CEC of 20 meq/100 g. All exchange sites on the soil are initially occupied by Na+. 
We place 10 g of the soil in a I-liter solution that contains 20 mg/L of Na+ and 40 mg/L of Ca2+. Experi
mental measurements of the soil suspended in batch solution have shown the following ion-exchange equi
librium is obeyed 
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where X-I represents soil exchange sites, CaXz and NaX are the molar concentrations of the ions adsorbed 
on the soil, and the bracketed terms are aqueous molar concentrations of the ions. Assuming a fixed pH of 7, 
ignoring ion-activity coefficients and assuming that the only cations adsorbed are Ca2+ and Na+, calculate 
their final concentrations in solution and sorbed to the soil. 

7. Cadmium-contaminated wastewaters are being released to a pond underlain by a silty sandstone. The silt 
fraction of the sandstone contains Ca-montmorillonite clay that has a CEC of 100 meq/lOO g. The mont
morillonite constitutes 12% by weight of the overall rock. The rest is quartz. Assume the total rock poros
ity of 33% is also the effective porosity. As an approximation, assume, as well, that the overall rock, the 
quartz, and the montmorillonite all have a density of 2.65 g/cm3. 

Near pH 7, the exchange reaction onto the montmorillonite, 

Ca2+ + CdX = Cd2+ + caX 

obeys the power-exchange function 

_ [Cd2+] (CaX)1.16 _ 
Kex - [Ca2+] CdX - 0.56 

where CaX and CdX are the mole fractions of the ions adsorbed by the clay, when other competing ions are 
absent. Assume that Cd-Ca exchange by the quartz obeys the same power-exchange function. 
(a) Calculate how many equivalents of clay-exchange sites will be in contact with I liter of pore water in 

the rock. The quartz in the sandstone has a CEC of 1.0 meqll 00 g. What are the equivalent~ of quartz
exchange sites and the total of c1ay- and quartz-exchange sites in contact with a liter of pore water in 
the rock? 

(b) Assuming that Ca2+ and Cd2+ are the only ions initially present in the groundwater, and that background 
concentrations of these ions are [Ca2+] = 10-3.00 M and [Cd2+] = 10-7.(10 M (assume activities equal con
centrations), compute (CaX/CdX), the molar ratio of sorption sites in the rock occupied by [Ca2+] to 
those occupied by [Cd1+], and the concentrations of CaX and CdX. 

(c) A slug of cadmium-rich wastewater is discharged into the pond. Assuming that this wastewater con
tains 112 mg/L Cd2+ and 40 mgIL Ca2+ and that it instantaneously displaces preexisting ground water 
in the rock, calculate the Cd2+ and Ca2+ concentrations that will be found in a liter of the groundwater 
after it has reequilibrated with the silty sandstone and the corresponding molar concentrations of the 
ions sorbed by the rock. 

(d) Comment on the ability of the groundwater system to minimize groundwater contamination by the 
cadmium. 

(e) If all exchange sites on the rock were ultimately occupied by Cd2+, would the groundwater system be 
easy or difficult to clean up? Explain. 

8. A clay liner dried of its water content is 30% montmorillonite clay with a CEC of 120 meq/l 00 g. The 
porosity of the clay liner is 40%. Assume the dry density of the clay and other minerals in the liner is 
2.65 glcm3• At pH 6, the exchange reaction onto the clay involving Pb2+ and Ca2+ may be written 

Ca2+ + PbX = Pb2+ + CaX 

The sorption equilibrium obeys a power-exchange function 

K = [Pb~+J (CaX)1.25 = 2 
ex [Ca2+] PbX O. 5 

where CaX and PbX are the mole fmctions of the ions adsorbed by the clay when other ions are absent. 
(a) How many mole equivalents of clay-exchange sites will be in contact with I liter of pore water in the 

clay liner? 
(b) Assuming that Ca2+ and Pb2+ are the only ions initially present in the water within the clay liner and 

that their background concentrations are [Ca2+] = 10-3.00 M and [pb2+] = lO-8.00 M (assume activities 
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equal concentrations, ignore complexes), compute (CaX/PbX) the molar ratio of sorption sites on the 
clay in the liner occupied by Ca versus Pb and calculate CaX and PbX in moUL. 

(c) If a slug oflead-rich wastewater is now pumped into the pond, calculate the final concentrations oflead 
and calcium in the water and sorbed on the clay. Assume that the wastewater contains 103.6 mg/L Pb 
and 40 mg/L Ca and that it instantaneously displaces all water within the clay liner. 

9. The following problem involves calculations using the constant capacitance model in MINTEQA2. A sandy 
soil with an average mineral density of 2.63 g/cm3 has a porosity of 20%. Soil grains have a I.O%-by-weight 
coating of goethite (FeOOH). The goethite can be assumed to have a surface area of 45 m2/g and a surface
site density of 1.35 x 10-) mol/g. Assume the soil is water-saturated, the soil solution contains 0.1 M NaCI 
and 0.3 mg/L phosphorus as P04 , and its pH is 6.00. The capacitance of the goethite can be assumed equal 
to 1.06 F/m2. The following adsorption reactions and intrinsic constants for the constant capacitance model, 
where S denotes the surface, can be obtained or derived from Goldberg and Sposito (1984). 

Surface reaction 

SOH +W=SOH2 
SOH -W=SO-
SOH + 3W + POJ- - H20 = SH2P04 

SOH + 2W + POl- - H20 = SHPO;j 
SOH + W + POJ- - HzO = SPO~ 

Intrinsic constant 

log I 11K;,!'] = 7.31 ± 1.11 
log Kg~ = -8.80 ± 0.80 
log K't' = 32.28 ± 1.4 
log K~" = 26.69 ± 1.4 
log K~" = 20.53 ± I .4 

Program the information given and compute and tabulate the speciation and concentrations of phosphate 
in the soil water and sorbed on the soil. What percentage of the total phosphate is adsorbed? 

10. This problem is designed to provide insight into the fundamentals of the diffuse-layer (DL) model. We will 
solve the problem by hand and compare our results to the answer obtained by MINTEQA2. 

A solution at 25°C and pH = 6 contains a 10-3 molar suspension of hydrous ferric oxide (HFO). The 
ionic strength due to a monovalent electrolyte is fixed and equals 0.0 I M. Assume that the only specifically 
adsorbed species (potential determining ions) in the solution are Wand OW. The HFO surface area (SA) 
is 600 m2/g, and its gram formula weight (as FeOOH) is 89 g/mol. Assume that there are 0.2 moles of ac
tive sorption sites per mole of Fe in the HFO. Using the DL model, cakulate the surface speciation of the 
HFO and the surface potential and surface charge. According to Dzombak and Morel (1990), the intrinsic 
constants for surface protonation-deprotonation reactions are K;,'l' = 10 .. 729 and K;,~' = 10-893 . Values of the 
exponential Boltzmann term, which are a function of pH and ionic strength, have been tabulated by Dzom
bak and Morel (1990). For pH == 6 and J = 0.0 I M, they give cxp( - 1/lF! RT) = 10.185

. 

11. With the diffuse layer model and the sweep option in MINTEQA2, calculate the adsorption of zinc onto 
HFO at 0.5-pH-unit increments between pH 4 and 8.5 and determine corresponding surface specia
tion. Comment on the relationship of surface speciation to the pHpzNPc and on the behavior of surface charge 
and surface potential around the pHI'ZNPC' Assume the same system conditions as in the previous problem, 
but with a total added zinc concentration of 10-6 M. System conditions include: 1= 0.01 1\1, SA == 600 m2/g, 
Cs = 8.9 X ]()-2 giL, and r== 2 x 10cA mol active sites/L. 

12. In this problem we use the diffuse-layer model to compute the adsorption of orthophosphate species by 
goethite between pH 3 and 10. Intrinsic constants for the adsorption reactions are available in the 
MINTEQA2 file,feo-dlm.dbs. Similar calculations have been discussed and performed by Hohl et al. (1980). 
(a) Assume 0.6 giL of goethite in suspension, with a surface-site density of 1.35 x 10-3 moles of sites per 

gram. The system contains :ENa == 3.0 x 10-3 M, and :EP04 = 1.0 x 10-3 M. Define a single adsorption 
site type in PRODEFA2, and in response to the query, "Do you want to attach an auxiliary data base 
of adsorption reactions?" answer, "yes," and name the feo-dlm.dbs file. In Edit LevelllI you will see 
that the complete file of adsorption reactions and intrinsic constants for the double-layer model from 
feo-dlm.dbs are listed. You can delete all reactions not of interest, or simply ignore their presence. 
MINRUN will ignore all reactions that involve species for which there is no concentration data entered 
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in PRODEFA2. Note that there are intrinsic constants given for both high-energy sites (SOl sites) and 
low-energy sites (S02 sites) inJeo-dlm.dbs. We will assume all sorption is by the SOl sites only. 

Use the sweep option to calculate the mole percent of dissolved and adsorbed phosphate species 
at integer pH values between pH 3 and 10 and tabulate the results. 

(b) Perform the same calculation as in (a), except assume 6.0 gIL of goethite are present. Compare your 
results in parts (a) and (b) and discuss the difference. Comment on the relevance of your results to the 
mobility of phosphate in soils. 

13. In this problem you are to compare the predicted adsorption of phosphate by goethite as computed using 
the constant capacitance and diffuse-layer models. Assume the same general system conditions as given in 
Problem 12. In other words, there are 0.6 gIL of goethite in suspension. The surface-site density of goethite 
equals 1.35 x 10-3 mol sites/g, and its surface area is 45 m2/g. Total phosphate is 1.0 x 10-3 M and LNa = 
3.0x 10-3 M. 

The surface capacitance for the constant capacitance model is 1.06 F/m2. The intrinsic constants to 
be used in the constant capacitance model calculation are tabulated in Problem 9. Intrinsic constants for the 
double-layer model are listed in the MINTEQ fileJeo-dlm.dbs. You can either enter them individually in 
PRODEFA2, or simply attach that file to your problem. Assign all phosphate adsorption to the high-energy 
SOl sites. 
(a) Using the sweep option in MINTEQA2, calculate the percent of phosphate adsorbed between pH 3 and 

10 as determined by both models. Plot and compare the model results and discuss. 
(b) Compute the distribution coefficient of phosphate, K", in ml/g from the output results of part (a), and 

plot and compare log K" versus pH as derived from the constant capacitance and diffuse-layer model 
calculations. 

14. This problem involves use of the triple-layer adsorption model in MINTEQA2 to calculate the effect of pH 
on the adsorption of Pb2+ by the mineral goethite (a-FeOOH) in a soil. 

The soil has an average mineral density of 2.65 g/cm3 and a porosity of 30%. The dry soil contains 
5.0% by weight of goethite as a coating on quartz sand grains. The goethite has a surface area of 45 m2/g, 
and surface-site density of 18 sites/nm2. The inner-layer capacitance of the goethite (1[:1) can be assumed 
equal to 1.4 F/m2. The outer-layer capacitance, 1[:2 is given as 0.20 F/m". 

The following adsorption reactions and intrinsic constants are available for the triple-layer model, 
where FeO-, FeOH, and FeOH! are sUrface sites. 

Surface reaction 

FeOH + W = FeOH! 
FeOH - W = FeO-
FeOH + Na+ - H+ = FeO-Na 
FeOH + CI- + W = FeOHrCI 
FeOH + Pb2+ - H+ = FeOPb+ 

Intrinsic constant 

log l JlKj,7'] = 4.9 ± 0.5" 
log K(\~t = -10.9 ± O.st 
log KIS! = -9.1 t 
log K~lt = -6.6t 

log KIft: = 0.38* 

Source: tSmith and Jenne 1988. 'Smith 1986 

A total lead concentration of 10-500 M is introduced into the soil solution. Assume the soil is water sat
urated and that the soil solution also contains 0.01 M NaCI. Assume that Na+ and CI- are sorbed at the 
f3 plane (denoted QY the hyphens), whereas H+ and Pb2+ are sorbed at the zero plane. Given the above in
formation, with the sweep option in MINTEQA2, compute lead sorption by goethite in the soil at incre
ments of 0.5 pH units between pH 5 and 9. The following tasks can be accomplished using the output files 
from the sweep computer runs. Plot and discuss the significance of the following. 
(a) Plot both percent Pb adsorbed and the total dissolved Pb versus pH from pH 5 to 9. 
(b) Plot the mole percent distribution of dissolved and adsorbed lead species versus pH. 
(c) Plot the -log concentration of surface species from pH 5 to 9. 
(d) Calculate and plot Kd, the distribution coefficient for lead adsorption versus pH. 
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(e) Examine the saturation indices of lead minerals from pH 5 to 9 and tabulate the Sf value of the most 
nearly saturated mineral. Discuss the significance of the lead mineral saturation versus adsorption 
results. 

15. An acid-tailings solution from the mineral processing of uranium ore (pH = 1.2) is to be discharged into 
holding ponds in a sandstone bedrock that contains a few percent each of calcium carbonate and clay min
erals. At issue environmentally is what will happen to the concentrations of toxic substances in the acid 
wastewater as it percolates into the underlying bedrock. An approach taken to answer this question involved 
neutralizing the tailings solution with lime [Ca(OH)21 to pH values of 2, 4, and 6 in contact with the at
mosphere. The residual solutions were analyzed to identify changes in concentrations resulting from the 
neutralization. The acid tailings had an Eh of 0.78 volts. Chemical and isotopic analyses of the tailings and 
neutralized solutions are given in the table below. Concentrations are in mg/L unless otherwise noted. Analy
ses were performed in duplicate. The uncertainties are as reported by the chemical analytical laboratory. 
Concentrations of Mg shown in parentheses have been estimated from the charge balance. Barium con
centrations were below detection «0.1 mg/L) at all pH's. 

The concentration trends of the major species excluding Mg are plotted here. Computer modeling of 
the chemical analyses (assuming Fe is present as ferric iron) suggests that the drop in sulfate is caused by 
gypsum precipitation and that decreases in the concentrations of AI, Si, and Fe may result from supersatu
ration and consequent precipitation of phases, including allophane, alunite, basaluminite, AI(OHh(am), 
SiOz(am), ferrihydrite, jarosite, and jurbanite. 

The table also shows reductions in concentrations of As, Cd, Cu, Ni, Pb, and Zn with increasing pH. 
Among these species, computer modeling indicates that Pb is at saturation with anglesite (PbS04) at pH 
1.2 and 2.0, but not at pH 4.0 and 6.0. The modeling shows that the other flve elements are undersaturated 
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pH 1.2 2.0 4.0 6.0 

Al L020± \0 1,009 ± 15 458 ± 1.5 4±0 
As 0.60±0.03 0.56 ±0.01 0.089 ± 0.003 0.02 
B 1.7 ± 0.10 1.65 ±0.07 0.65 ±0.07 0.20±0.0 
Ca 576±4 569±2 493 ±5.0 482 ±O.O 
Cd \.03 ± 0.15 1.I ± 0.0 0.4 ± 0.00 0.\0 ± 0.01 
Co \.13 ± 0.15 1.2 ± 0.0 0.8 ±O.O 0.4 ± 0.00 
Cr \.9 ±O.O \.9 ± 0.0 0.45 ±0.07 0.35 ± 0.07 
Cu 3.17±0.12 3.1 ±O.O 2.15 ± 0.07 <0.1 
Fe 2,430± 20 2,330 ± 28 389 ± 1.5 <0.1 
Mg (2,800) (2,700) 2,300 ± 41 2,835 ± 21 
Mn 75.1 ± 0.6 76.75 ± 0.78 75.5 ± 0.40 65.2±0.10 
Mo 1.33 ± 0.58 1.0 ± 0.6 < 1.0 <1.0 
Na 1,100± 20 1,100±14 1,065 ± 7.0 1,090±14 
Ni 1.43 ± 0.\0 1.4 ± 0.0 1.2 ±0.15 0.7 ±O.O 
Pb 4.3 ±0.6 5.0 ±2.0 1.50±0.71 <0.1 
Si 442± \0 408 ± 1.4 40.5 ±0.7 6.0±0.0 
Sr 16.6 ± 1.0 12.8±0.1 8.1 ±O.O 6.6±0.0 
Zn 5.7 ±0.35 5.75±0.21 4.85 ± 0.21 1.0 ± 0.0 
N03 31 ±O 31 ±O 40±30 56 ± 10 
S04 24,400 ± 75 20,600± 75 14,690±440 12,340 ± 220 
CI 1,630±32 1,584 ± 40 1,670 ± 0.0 1,584±40 
Se 4.0±0.0 4.0±0.0 2.0±0.0 2.0±0.0 
NH4 35.7 ± 2.3 38.5 ± 2.1 36.5 ± 5.0 30.0±0.0 
2JOPb (pCilL) 24,224±23 19,365 ± 360 2,625 ± 28 <50 
238U (pCiIL) 6,565 ±400 6,575 ± 394 4,315 ± 172 <30 
230J'h (pCiIL) 149,302 ± 2370 138,616 ± 896 7,240 ± 1401 <400 
226Ra (pCiIL) 3,334± 330 2,923 ± 250 J,784± 177 <150 

Note: Concentrations are in mglL unless otherwise indicated. 

with respect to their pure solids at all pH's. Their declines in concentration with increasing pH must, there
fore, reflect adsorption or coprecipitation. Based on the precipitation of major species, the most likely sor
bents and coprecipitants in decreasing order may be solids of Fe, AI, and Si. 
(a) As a first approximation, assume that the reduction in concentrations of As, Cd, Cu, Ni, Pb, and Zn ob

served during neutralization of the pH 1.2 tailings solution is caused by their adsorption onto ferrihy
drite or hydrous ferric oxide (HFO). Note that the amount of HFO sorbent increases with increasing 
pH. With this assumption, and using the double-layer adsorption model in MINTEQA2 (intrinsic con
stants are given in the filejeo-dlm.dbs), compute the predicted aqueous concentrations of these species 
at pH 2, 4, and 6, and plot your predicted values against the measured concentrations. Discuss possi
ble reasons for any differences between measured and predicted values. Make the following assump
tions in the adsorption modeling, as suggested by Dzombak and Morel (1990): (I) sorbent HFO gram 
formula weight 89 glmol Fe (this corresponds with a goethite or FeOOH formula for the HFO); 
(2) 0.005 high-energy sorption sites per mole of Fe and 0.200 low-energy adsorption sites per mole of 
Fe in the HFO; and (3) a specific surface area of 600 m2/g sorbent. 

(b) Double the concentration of both low- and high-energy sorption sites over their number present at 
pH 6.0 in part (a), and compare and discuss your results. 

(c) The chemical behavior of Pb2+ and 210Pb should be the same. Can adsorption of 2iOPb by HFO explain 
reductions in the 210Pb activity with increasing pH? 

(d) The filejeo-dlm.dbs includes intrinsic constants for Ba2+. Assuming these constants are valid for 226Ra2+ 

(a reasonable assumption), predict radium adsorption by HFO and compare it to the measured values. 
Radium is not in the MINTEQA2 database. However, given the similarity between Ba2+ and Ra2+ and 
the fact that Ba1+ concentrations were below detection in the tailings solution, you can input and fol
low the Ra2+ concentration as Ba2+. 
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Oxidation-Reduction 

Concepts 

11.1 REDOX THEORY AND MEASUREMENT 

Many elements can occur in nature in more than one oxidation state. (See Table 11.1 showing the 
oxidation states of 45 elements.) The major elements with such "redox" behavior (defined here as 
occurring in solution typically at concentrations roughly above 1 mg/L) include H, 0, C, S, N, and 
Fe. In a few subsurface (reducing) systems, Mn is also a major redox element. Important redox-sen
sitive elements that generally occur at lower, "minor" concentrations, except in some metal waste
waters, mine-tailings waters, or in subsurface-waters near their ore deposits include U, Cr, As, Mo, 
Y, Se, Sb, W, Cu, Au, Ag, and Hg. The redox state of an element can be of considerable interest, be
cause it often determines the chemical and biological behavior, including toxicity of that element as 
well as its mobility in the environment. 

As a general rule, most reactions that involve electrons also involve protons. Oxidation usu
ally releases protons or acidity. This is a basic cause of acid-mine drainage. Conversely, reduction 
usually consumes protons, and the pH rises. 

11.1.1 General Redox Reaction 

The general half-reaction written as a reduction reaction in conformity with the Stockholm or IUPAC 
(International Union of Pure and Applied Chemistry) convention, with electrons on the left, is 

aA+bB+ne-=cC+dD (11.1) 

oxidized state reduced state 

where uppercase and lowercase letters denote the species involved and their stoichiometric coeffi
cients, and n is the number of electrons (e-). The theoretical voltage corresponding to this general 
half-reaction is given by 

RT (A)"(B)b 
Eh(volts) = EO +- -In --- --

nF CCYCDyl 
(11.2) 

403 
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TABLE 11.1 Oxidation states of some important elements as they occur in natural waters 
and mineral systems 

Number of protons 
Element Symbol (atomic number) Ox idation states 

Aluminum AI 13 3+ 
Antimony Sb 51 3+,5+ 
Arsenic As 33 3+,5+, (0) 
Barium Ba 56 2+ 
Beryllium Be 4 2+ 

Bismuth Bi 83 3+, (0) 
Boron B 5 3+ 
Bromine Br 35 1-,0 
Cadmium Cd 48 2+ 
Calcium Ca 20 2+ 

Carbon C 6 4+, (0), 4-, 2-
Chlorine CI 17 1-
Chromium Cr 24 6+,3+ 
Cobalt Co 27 2+, (3+) 
Copper Cu 29 2+, 1+, (0) 

Fluorine F 9 1-,0 
Gold Au 79 3+,1+, (0) 
Hydrogen H I 1+,0 
Iron Fe 26 3+,2+ 
Iodine I 53 5+,0,1-

Lead Pb 82 2+, (4+), (0) 
Lithium Li 3 1+ 
Magnesium Mg 12 2+ 
Manganese Mn 25 2+, (3+), (4+) 
Mercury Hg 80 2+,1+, (0) 

Nickel Ni 28 2+, (3+) 
Nitrogen N 7 5+,3+,0,3-
Oxygen 0 8 2-,0 
Phosphorus P 15 5+ 
Platinum Pt 78 4+,2+ 

Potassium K 19 1+ 
Radium Ra 88 2+ 
Selenium Se 34 6+,4+, (0), 2-
Silicon Si 14 4+ 
Silver Ag 47 1+, (0) 

Sodium Na II 1+ 
Strontium Sr 38 2+ 
Sulfur S 16 6+,4+,0, (1-), 2-
Thorium Th 90 4+ 
Tin Sn 50 4+ 

Titanium Ti 22 4+ 
Tungsten W 74 6+ 
Uranium U 92 6+,4+ 
Vanadium V 23 5+,4+,3+ 
Zinc Zn 30 2+ 

Note: Values in parentheses are found in mineral systems only. 
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where R = 0.001987 kcallmol deg; T is absolute temperature; and F, the Faraday constant, is 
23.061 kcallvolt g eq. The term (2.303RTIF) is caUed the Nernstfactor and equals 0.05916 volts at 
25°C (note: 2.303 log X = In X). EO, the standard potential of the half-reaction in volts, is related to 
!J.G~ in kcallmol by 

-!J.G~ 
EO(volts) = - ---

nF 
(11.3) 

There is a logical reason for writing the Eh reaction as given above so that all the terms are positive, 
and the oxidized species always appears in the numerator on the right. This conforms to the rationale 
that, as the concentrations of oxidized species increase, the system becomes more oxidizing, that is, 
the Eh increases. 

All redox reactions involve an oxidizing agent (a substance that accepts or takes electrons) and 
a reducing agent (a substance that gives or donates electrons). For example, to go forward, the redox 
couple reaction 

must involve a reducing agent (a second couple), such as 

4W + 02(g) + 4e- = 2H20 

which is equivalent to 

W + !Oig) + e- = 1H20 

Subtracting to eliminate electrons gives the overall redox reaction, 

Fe3+ + !H20 = Fe2+ + W + !02(g) 

(02-) (0°) 
oxid. red. red. oxid. 
agent agent agent agent 

Major redox couples tend to drive minor couples, such as 

Fe3+ + e- = Fe2+ (major: LmFe > 10-4 to 10-5) 

!Cu2+ + e- = !CUO 

The overall redox reaction is 

(minor: LmCu < 10-5) 

Fe2+ + ~CU2+ = Fe3+ + !CuO(native Cu) 

red. oxid. oxid. red. 
agent agent agent agent 

for which, from Gibbs free-energy data, we obtain 

(11.4) 

(11.5) 

(11.6) 

(11.7) 

(11.8) 

(11.9) 

(11.10) 

(11.11) 

The relative concentrations of ferrous and ferric iron usually determine which direction reac
tion (1l.l 0) will go. 

Much of the recent literature has abandoned the use of Eh in favor of pE, which is the nega
tive common logarithm of the electron concentration, that is, pE = -loglO(e-) (cf. Stumm and Mor
gan 1981; Drever 1988). pE is related to Eh by the expression 

[F] Eh Eh(voIts) 
pE = 2.303RT = '0.059-16' (11.12) 
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TABLE 11.2 Facts and assumptions involved in the definition of pH compared with 
corresponding concepts in the definition of pE (and Eh) according to Thorstenson (1984) 

pH 

H+(aq) concentrations> 0 

Electrodes respond to H+(aq) from solutes and 
solvent. 

Hig) = 2W(aq) + 2e-(pt) approaches reversibility. 

10- 15< mW(aq) <10 

Redox potential 

e- concentrations'" 0 
Electrodes respond to electron transfer from 

solutes. 

Red(aq) = Ox(aq) + e-(pt) is generally 
irreversible. 

m[e-](aq) '" 0; 10-65 < a[e-J(aq) <10-35 

In pure water, pE -5.9; pE(aq) -55. In pure water, pH -7; mW(aq) '" 10-7• 

W(aq) is a weak oxidizing agent; it can be 
reduced to H2(g) in aqueous solution. 

e-(aq), once formed, is a stronger reducing agent 
than metallic Na. 

in general and at 25°C. Using this approach avoids the issue of whether or not Eh is measureable 
and, if measured, is thermodynamically meaningful. pE equations and diagrams are strictly theoret
ical. In any case, pE-pH and Eh-pH equations and diagrams have a similar appearance and both can 
be used for the same purposes-to describe and visualize theoretical relationships among redox -sen
sitive elements. We wil1limit ourselves to the Eh-pH approach in the following discussion. 

There are profound differences between pE (or Eh) and pH, which have been inventoried in 
Table 11.2 (Thorstenson 1984). For example, protons exist in water as such, or, for example as H30+ 
(hydronium ion), whereas electrons do not exist as free species in water. Also, most reactions in
volving protons are reversible, whereas those involving electrons usually are not (see also Hostettler 
1984; Stumm and Morgan 1985; Scott and Morgan 1990). 

Writing a balanced half-cell reaction can be a complex undertaking andjustifies a brief review. 
Assuming our goal is to write such a reduction reaction, the steps, in order, are: 

1. Write the species with the oxidized form of the element of interest on the left side of the equa-
tion and its reduced form on the right side. 

2. Balance the elements except for Hand 0 on both sides. 
3. Balance the number of oxygen atoms by adding H20. 
4. Balance the number of hydrogen atoms by adding H+. 
S. Achieve electroneutrality by adding electrons to the left side. 

We will test this procedure by balancing the reduction reaction for sulfate to bisulfide. First, 
write SOj- = HS-, which is already balanced in sulfur atoms. Now, balancing the oxygen and then 
the hydrogen, we have SOl- + 9H+ = HS- + 4H20. Adding eight electrons to the left side balances 
the charge and we have 

(11.13) 

If our intent is to write an overall redox reaction, this procedure is followed first to obtain each half
reaction. The stoichiometry of one reaction is then adjusted so that the electrons are cancelled out by 
subtraction (cf. Appelo and Postma 1993). 
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11.1.2 The Standard Hydrogen Electrode 

The standard hydrogen electrode is the ultimate reference for Eh (and pH) measurements. This elec
trode is formed by bubbling hydrogen gas at 1 bar pressure over a platinum electrode in a 1 N HCl 
solution (cf. Bates 1964). The electrode reaction is that of the H2 gas-H+ ion couple 

(11.14) 

for which Eh == EO + ~T InlH~L 
F IPH,J1i2 (11.15) 

Since EO == -I1G r01nF and I1G rO = 0, then EO :::: O. Substituting for the Nernst factor gives 

or 

Eh:::: -0.0592 log [PH,11/2 - 0.0592 pH 

Eh == -0.0296 log PH, -0.0592 pH 

(11.16) 

(11.17) 

Shown in Fig. 11.1 is a hydrogen electrode used in an apparatus to measure the standard po
tential of the redox couple 

(11.18) 

which is EO == 0.340 volts at 25°C. In the left-hand cell, pure H2(g) is bubbled over a Pt electrode 
(PH, == 1) in a strong acid solution where IH+j:::: 1. The corresponding redox half-cell reaction is the 
reverse of reaction (11.14). The oxidation reaction produces protons and electrons. In the right-hand 
cell, the electrons are discharged from a Pt electrode reacting with cupric ion to produce metallic 
copper. The salt bridge, which contains a concentrated KCl solution, completes the circuit. The over
all redox reaction is the sum of the two half-cell reactions or couples 

o 
o 

C> 

. . 

H2 - 2H'+2e-

Salt bridge 

. .' " ' .. ' 
. . 

Pt -electrode 

Cu2+ Cu 

Cu2++ 2r -- Cu 

(I1.19) 

Figure 11.1 A standard hydrogen 
electrode (SHE) being used as the ref
erence electrode in a circuit designed to 
measure the potential of the Cu2+/Cu 
metal couple. 
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Figure 11.2 The stability field of 
water as a function of Eh and pH at 
25°C and I bar pressure. Contours 
showing partial pressures of hydrogen 
and oxygen at intermediate Eh values 
have been computed with Eqs. (11.17) 
and (11.23). The crosshatched area is 
the locus of Eh values computed as
suming the reaction 4H+ + 02(g) + 
4e- = 2H20 is at thermodynamic equi-

14 librium and dissolved oxygen is at or 
above a detection limit of 5 p,glL. 

The measured Eh, which depends on the concentration of Cu2+ in the right-hand cell, is described by 

0.0592 
Eh(volts) = EO + 2 log [Cu2+] = 0.340 + 0.0296 log [Cu2+] (11.20) 

It is generally both impractical and cumbersome to use a hydrogen electrode for routine Eh mea
surement. Instead, such measurements are usually performed with a platinum or glassy carbon indi
cator electrode and a calomel (Hg2CI/HgO) or silver-silver chloride (Ag/AgCl) reference electrode 
of known potential (cf. Langmuir 1971a; Macalady et al. 1990).t This measurement is then corrected 
to Eh, the potential with reference to the standard hydrogen electrode, or Eh = Emeasured + Erer. electrode' 

11.1.3 The Eh-pH Stability Field of Water 

The theoretical stability field of water in Eh and pH terms (see Fig. 11.2) bounds all theoretical redox 
reactions taking place in water. The upper boundary of the water stability field is defined by Eh and 
pH values for which liquid water is in equilibrium with 02(g) at 1 bar pressure. The lower boundary 
is defined by Eh and pH values for which liquid water is in equilibrium with H2(g) at 1 bar pressure. 

tThe calomel electrode reaction Hg2CI2(s) + 2e- = 2Hg(l) + 2CI- has EO = 0.2682 V at 25°C. The Ag-AgCI electrode 
reaction is AgCI(s) + e- =Ag(s) + CI-, with E" = 0.2223 V at 25°C. 
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The equation of the lower boundary can be derived from Eq. (11.17) for the hydrogen electrode. At 
the lower stability field of water, PH,(g) = I bar, and this equation reduces to 

Eh(volts) = -0.0592 pH (11.21) 

The Po,(g) pressure at the lower stability limit can be computed from the reaction 

(11.22) 

for which we find 

K = 10-83.1 = (P )2(p ) eq H, 0, (11.23) 

If PH, = I bar, then Po, = 10-831 bar. For Po, = I bar at the upper-stability limit, this equation indi-
cates'PH, = 10-416 bar.' ' 

The Eh-pH boundary for the upper stability field can be computed from the reaction 

for which 

4W + 02(g) + 4e- = 2H20 

0.0592 
Eh = EU +- 4" . log Po, [W 14 

and the free-energy data yield EO = 1.23 volts. Simplifying and expanding terms gives 

Eh = 1.23 + 0.0148 log Po, - 0.0592 pH 

At the upper boundary where Po,(g) = I bar, this equation reduces to 

Eh(volts) = 1.23 - 0.0592 pH 

(11.24) 

(11.25) 

(11.26) 

(11.27) 

Under atmospheric conditions where Po, = 0.2 bar, this equation is practically unchanged and Eh = 
1.22 - 0.0592 pH. The chemical analytical detection limit for dissolved oxygen is from 0 to 10 /l-g/L 
(Macalady et al. 1990). Assuming it is 5 /l-g/L (1.56 x 10-7 M) with KHenry = 1.26 x 10-3 M/bar, we 
find Po, = 1.24 x 10-4 bar and Eh = 1.17 - 0.0592 pH. This equation, which plots as the lower bound
ary of the crosshatched area in Fig, 11.2, defines the lower limit of Eh values one would expect in 
the presence of measureable oxygen, assuming the Eh computed from thermodynamic data equals 
the measured Eh. 

11.1.4 Measured versus Theoretical Redox Potentials 

The water stability boundaries and the locus of measured Eh and pH measurements in natural wa
ters, as reported by Baas-Becking et al. (1960), are shown in Fig. 11.3 (see also Fig. 11.4), It has been 
observed that frequently the Eh values measured with a Pt electrode differ significantly from values 
computed from Gibbs free energies or standard potentials and solution concentrations. When they 
exist, there are two important reasons for such differences. These include: (I) misbehavior of the Pt 
or othe( indicator electrode; (2) the irreversibility or slow kinetics of most redox couple reactions 
and resultant disequilibrium between and among different redox couples in the same water; and 
(3) the common existence of mixed potentials in natural waters (see below). 

Whitfield (1974) noted that most of the measured Eh data (Fig. 11.3) were consistent with re
actions involving the Pt electrode itself. For example, highest Eh values clustered near boundaries 
for the Pto/PtO and PtO/Pt02 couples. For the Pto/PtO couple 

Eh = 0.88 - 0.059 pH (11.28) 
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Figure 11.3 Locus of measured Eh 
value~. After L. G. M. Baas-Becking 
et aI., Limits of the natural environment 
in terms of pH and oxidation-reduction 
potentials, J. Geol. 68:243-84. Copy
right © 1960 by The University of 
Chicago Press. Used by permission. 

suggesting that the Pt electrode behaves as a pH electrode in oxygenated waters. Whitfield (1974) 
further noted that in the presence of hydrogen sulfide, PtS forms on the electrode surface, again com
plicating interpretation of measurements at low Eh values. Careful and frequent cleaning of Eh elec
trodes of Pt and Au can sometimes avoid measurement problems caused by surface reactions (cf. 
Langmuir 1971a). Alternatively, Macalady et al. (1990) used a glassy, carbon Eh electrode, which is 
less vulnerable to surface poisoning than a Pt or Au electrode. 

The equations for the oxidation and reduction of water given above are theoretical and define 
conditions at chemical equilibrium. Chemical equilibrium among most redox reactions in natural 
waters is unusual because of their sluggish kinetics. If redox equilibrium were attained for reac
tion (11.24) in natural waters, the Eh and pH of waters containing measureable oxygen would lie 
within the crosshatched area in Figs 11.2 and 11.4. However, the Eh measured in such waters lies 
nearly 0.2 volts lower on the diagram. This partly reflects the extremely slow kinetics of water oxi
dation at 25°C, such that the exchange of electrons that should take place with oxidation of water 
cannot be measured with an Eh electrode. Sato and Mooney (1960) proposed that the highest Eh val
ues in Fig. 11.3, which were measured in the presence of atmospheric oxygen, correspond instead to 
the reaction 

(11.29) 

for which EO = 0.682 V and 

P 
Eh (V) = 0.682 + 0.0296 log 0, - 0.0592 pH 

[H20 21 
(11.30) 

"at 25°C (see also Berner 1971). As shown in Fig. 11.5, Sato and Mooney's measured Eh values for 
oxidized mine waters are bracketed by Po/[H20 21 values between I and 106, consistent with the oc
currence of hydrogen peroxide in natural waters (Berner 1971). 
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Figure 11.4 Approximate position of 
some natural environments in terms of 
Eh and pH. The dashed line represents 
the limits of measurements in natural 
environments, as reported by Baas
Becking et a\. (1960) and shown in 
Fig. 11.3. The crosshatched area defines 
theoretical conditions under which wa
ters are calculated to contain dissolved 
oxygen at or above a detection limit of 
5 ,ug/L. Modified after R. M. Garrels 
and C. L. Christ (1965). Solutions, min
erals and equilibria. Copyright © 1965 
by Freeman, Cooper and Company. 
Used by permission. 

Reversible, thermodynamically meaningful Eh measurements may be possible in waters that 
contain significant amounts of dissolved Fe, Mn, and sulfide sulfur (acid mine waters, Fe-rich 
groundwaters, and sulfide-rich sediments). Meaningful Eh measurements are often not possible 
when the dominant redox sensitive elements are C, N, 0, H, and oxidized S, as is usually the case in 
surface waters and municipal wastewaters. Excellent agreement between computed Eh (Ehc) and 
measured Eh (Eh m) values for acid mine waters is evident from Fig. 11.6 (Nordstrom et al. 1979). 
Surprisingly good agreement was also found by Thorstenson as reported by Berner (1971) when 
Eh values computed from N2(aq)/NHt concentrations were compared to the Eh computed from 
SO~-IHS- in Bermuda ground waters. The agreement was less satisfactory when computed Eh val
ues from concentrations of N2(aq)/NHt and HC0:3/CH4(aq) couples were compared (Fig. 11.7). 

Lindberg and Runnells (1984) constructed the comparison plot in Fig. 11.8 with Ehm compared 
to Ehc values computed from analyzed concentrations of redox couples of Fe, 0, H, S, N, and C in 
groundwater. The generally poor agreement between Ehm and Ehc for couples involving 0, H, N, C, 
and oxidized S is undoubtedly related to their nonelectroactive behavior. (A species in a redox cou
ple that cannot be readily oxidized or reduced, that is, cannot exchange electrons at the surface of an 
Eh indicator electrode, is said to be nonelectroactive.) The poor agreement in Ehm and Ehc for 
Fel+/Fe2+, HS-ISrhombic' and Fe2+/Fe(OHh is, however, suspect, in that these couples are electroactive 
and Ehm would be expected to approach Ehc. Patterson and Runnells (1992) suggest additional ex
planations for differences between Ehm and Ehc. The disparity may also reflect Eh measurement 
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Figure 11.5 Measured Eh and pH values of some mine waters. x represents oxidized 
ore zone .• represents primary (unoxidized) ore zone. Boundaries for the hydrogen 
peroxide/oxygen reaction are plotted as a function of the Po 1H20 2 ratio. From M. Sato and 
H. M. Mooney. The electrochemical mechanism of sulfide self-potentials. Geophysics 25( I): 
226-49. Copyright 1960 by Society of Exploration Geophysicists. Used by permission. 

error. Reproducible, drift-free Eh measurements under field conditions are notoriously difficult 
(Langmuir 197Ia). 

Alternatively, the Ehm values may be mixed potentials (cf. Stumm and Morgan 1981). The 
measured Eh is the potential recorded when there is zero current flow at the electrodes. As long as 
all redox couples contributing to the current flow are rapidly electroactive and sufficient in concen
tration, Ehc for each couple will equal Ehm for the system. If, however, one or more of the couples 
contributes a cathodic, but not an anodic current, or vice versa, or the current flows are vastly dif
ferent, Ehm, which is recorded at net zero current flow, will be a mixed potential and will not corre
spond to Ehc for a single redox couple (Fig. 11.9). Mixed potentials can result when one species in 
a redox couple is unreactive or a species is present in too Iowa concentration to create a significant 
current flow at the measuring electrode. These are all possible explanations for the poor agreement 
between Ehm and Ehc reported by Lindberg and Runnells (1984). A detailed understanding of mixed 
potentials demands study of the electrode kinetics of individual couples. In such a study, Kempton 
et al. (1990) found that Fe(IIl)lFe(II) was electroactive at the electrode surface, but that rates of the 
As(V)/As(III) and Se(VI)/Se(IV) couples were too slow to provide a Nernst Pt-electrode response. 
(See also Eary and Schramke 1990.) 

Mixed potential problems have led some researchers to abandon or at least reexamine the idea 
of an overall system Eh for natural waters. Instead, measurements may be made of species concen
trations in individual redox couples. Corresponding Ehc values are then compared among different 
couples and compared to Ehm (cf. Masscheleyn et al. 1991; Maest et al. 1992; Moncure et al. 1992). 
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Figure 11.8 Comparison of field-measured groundwater Eh values and potentials 
computed from the concentrations of individual redox couples. From R. E. Lindberg and 
D. D. Runnells. Copyright 1984 by Science. Used by permission. 

Recent years have seen the development and refinement of chemical analytical techniques for 
the determination of trace amounts of dissolved oxygen (DO). For example, Kent et al. (1994) re
ported DO measurements with a precision of ±20% below 30 ,uM and a detection limit of 0.03 ,uM. 
They found I ,uM DO in suboxic zone groundwaters down gradient from a sewage disposal site. 

Lovley and Goodwin (1988), Chapelle and Lovley (1992), and Lovley et al. (1994), among 
others, have suggested that field measurements of dissolved H2 in surface-water bottom sediments 
and in groundwater can be used to define a system redox state. This reflects the fact that bacteria em
ploy H2 in the reduction of nitrate, Mn(IV), Fe(III), sulfate, and carbon dioxide. Lovley and Good
win (1988) have suggested the following H2 concentrations are indicative: nitrate reduction, <0.05 
nM; Fe(III) reduction, 0.2 nM; sulfate reduction, I to 1.5 nM; and methanogenesis, 7 to 10 nM. 

When the overall oxidation state of a system is desired, unless a water is obviously anaerobic 
(e.g., it has an H2S odor) one should first attempt to measure dissolved oxygen as an index of sys
tem redox state. Eh measurements are unlikely to be stable and thermodynamically meaningful in 
surface-waters, except in acid waters (where ferrous and ferric species are usually present). Eh mea
surements may be stable and meaningful in anaerobic sediments or groundwaters, when species of 
iron, sulfur, and manganese dominate the redox chemistry, but otherwise are of qualitative value 
only. 

Stable Eh measurements are only possible in well-poised systems. Such systems, which are 
also described as having high redox capacity, tend to resist changes in Eh, just as systems with high 
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Figure 11.9 The measured electrode potential (Ern), is read by the meter at a net current 
flow of zero (i = 0). These schematic electrode polarization curves for oxygen-containing 
solutions show some reasons why Eh measurements may be ill-defined and/or not thermo
dynamically meaningful. The curves are generated by plotting the current flow measured 
as a variable voltage is applied at an inert electrode. Solution (a) is pure water and shows 
anodic (oxidizing) and cathodic (reducing) current flows for the couple 4H+ + O2 + 4e- = 
2HzO, but only a cathodic current flow for reduction of water to hydrogen gas. This results 
in a mixed potential. Further, because the net current in (a) is close to zero for a wide range 
of' potentials, Em is difficult to measure with accuracy. Solution (b) contains Fe2+ and per
haps one-tenth as much Fe3+. The Em' which also represents a mixed potential, is more pos
itive than Ecq' the equilibrium potential contributed by the Fe3+ + e" = Fe2+ couple. From W. 
Stumm and J. J. Morgan, Aquatic chemistry, 2d ed. Copyright © 1981 by John Wiley & 
Sons, Inc. Used by permission of' John Wiley & Sons, Inc. 

pH buffer capacity resist changes in pH. The redox capacity p, at any Eh, is defined as the quantity 
of strong reductant in equivalents, which must be added to a liter of sample solution to lower the Eh 
by I volt (Nightingale 1958). That is, 

dC, 
p = d(Eh) (lI.3I) 

(Strictly speaking, p is the oxidation capacity. The reduction capacity similarly defined is equal but 
opposite in sign to p). The units of p are, therefore, eq/L volt. In well-poised systems when oxidized 
and reduced species are electroactive at the electrode surface and both exceed roughly 10-5 to 10-3 M, 
Eh measurements are relatively easy and reproducible. Concentrations as low as 10-7 M can provide 
stable Eh readings in pure Fe(II)lFe(OHh(s) and Fe(lI)/Fe(IIl) systems (Macalady et al. 1990). On 
the other hand, in dilute and/or poorly poised waters, Eh measurements may drift without stabiliz
ing for hours. 

Chemical analysis for specific redox couples is especially useful in studies of groundwaters 
contaminated by waste disposal, where redox gradients are often steep, and the fate of redox-sensi
tive contaminants may be rate dependent or otherwise unpredictable. In such a study of sewage
contaminated groundwaters, Kent et al. (1994) found that reduction of O2, Cr(VI), and Se(V I) did 
not occur, although it was thermodynamically favored. They concluded that the disequilbrium re
sulted from unfavorable microbial conditions and heterogeneity of groundwater flow. 
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Figure 11.10 The theoretical 
Eh (m V) of some important oxidation
reduction couples at equal molar ion 
concentrations except as indicated 
below, at pH = 7 and 25°C. Cross
hatched area gives Eh's for 
Oiaq)1H20, where 02(aq) ranges from 
8.25 to om mglL. Other conditions 
are: NO]lNiaq) at Niaq) = 14 mglL 
(atmospheric Nz = 0.80 bar), NO} = 
62 mglL; MnOipyrolusite)/ Mn2+.at 
Mn2+ = 1 mglL; Fe(OHhlFe2+ at Fe2+ = 
1 mgIL assuming Ksp for Fe(OHh = 
10-38.5; SO~-lFeS2(pyrite) at Fe2+ = I 
mglL and SO~- = 96 mglL; and SO(na
tive sulfur)IH2S(aq) at H2S(aq) = 108 
mglL (l0-15 mollL). After D. Lang
muir, Physical and chemical character
istics of carbonate water. In Guide to 
the hydrology of carbonate rocks, ed. P. 
E. Lamoreaux, B. M. Wilson, and B. A. 
Memeon. Copyright 1984 by 
UNESCO. Used by permission. 

11.2 THE REDOX BEHAVIOR OF NATURAL SYSTEMS 

11.2.1 Redox Reaction Sequences and Redox Ladders 

At a given pH, the oxidized species of couples having more positive Eh values can theoretically ox
idize the reduced species of couples having more negative Eh values, and vice versa. Figure 11.10 
shows the Eh value at pH 7 and 25°C for many of the important redox couples in natural waters, for 
conditions specified in the figure. Excluding the water redox couples, the reduction reactions and Eh
pH equations that correspond to these couples at 25°C are given below in the order of decreasing Eh. 
The equations have been computed using free-energy data from Wagman et al. (1982), except for the 
free energy of pyrite from Robie et al. (1978) and !1Gl = -31.0 kcaVmol for CHzO(aq) as a proxy 
for organic matter from Latimer (1952). 

N03"+6W+ 5e-=!Nig) + 3H20 (11.32) 

[N03"] [H+]6 
Eh = 1.24 + 0.0118 log p liZ 

( N,) 
(11.33) 
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Assuming PN, = 0.8 bar, and NO) = 10-3 M (62 mg/L), (11.33) reduces to 

Eh = 1.21 - 0.071 pH 

Mn02(pyrolusite) + 4H+ + 2e- = Mn2+ + 2H20 

rWl4 
Eh == 1.23 + 0.0296 log[M~2;l 

With Mn2+ = 1 mg/L (10-474 M), (11.36) reduces to 

Eh == 1.37 - 0.118 pH 

NO) + 2H+ + 2e- = NOi + H20 

INO)"! [Wl2 
Eh = 0.845 + 0.0296 log --- -- --

lNOil 

417 

(11.34) 

(11.35) 

(11.36) 

(11.37) 

(11.38) 

(11.39) 

For equal molar nitrate and nitrite concentrations (the convention for solute-solute boundaries), this 
equation becomes 

Eh == 0.845 - 0.0592 pH 

N02 + 8H+ + 6e- == NHt + 2H20 

INO)"llWj8 
Eh = 0.892 + 0.00986 log - ------

[NHtJ 

which, for equal nitrite and ammonium ion concentrations, gives 

Eh == 0.892 - 0.0789 pH 

Fe(OHMs) + 3H+ + e- == Fe2+ + 3H20 

(1l.40) 

(11.41) 

(11.42) 

(11.43) 

(11.44) 

To express the Eh/pH equation for this couple, we need its EO value, which in turn requires !l.G 1 val
ues for all reactants and products. All are known except !l.Gl for Fe(OHMs) which can vary widely. 
We will assume the solid is a relatively fresh, amorphous precipitate with Ksp = [Fe3+][OHj3 == 10-385. 
From this information 

!l.G ,0 = -1.3642 logO 0-385) == 52.52 kcallmol (11.45) 

for the reaction 

(11.46) 

With !l.G} == -1.1 and -37.60 kcallmol for Fe3+ and OH-, respectively (from Wagman et al. 1982), 

AG~(kcallmol) == 52.52 == -1.1 - 112.8 - AGJ[Fe(OHhJ 

and AG} = -166.42 kcallmol. Combined with free-energy data for the other species in reac
tion (11.44), this gives EO == 0.975 Y, and 

[Wj3 
Eh == 0975 + 00592 log ---- (11.47) . . [Fe2+] 

Assuming Fe2+ == I mg/L (10-475 M), the final equation is 

Eh == 1.26 - 0.178 pH 

2S0a- + Fe2+ + 16H+ + 14e- = FeS2(pyrite) + 8H20 

Eh == 0.362 + 0.00423 log [Fe2+J[SO~-J2IH+]16 

(11.48) 

(11.49) 

(11.50) 
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For SO~- = 96 mg/L (10-3 M) and Fe2+ = 1 mg/L (10-4.75 M) this becomes 

Eh = 0.317 - 0.0676 pH 

SO~- + lOW + 8e- = HzS(aq) + 4H20 

[SO'-] [H+] 10 
Eh = 0.301 + 0.00740 log 4H S . 

[ z ] 

which, for equal concentrations of the sulfur species, leads to 

Eh = 0.301 - 0.0740 pH 

SO(native sulfur) + 2W + 2e- = H2S(aq) 

[Wj2 
Eh = 0.144 + 0.0296 log -''

[HzS] 

which, for H2S(aq) = 10-3 M (34 mg/L) becomes, 

Eh = 0.233 - 0.0592 pH 

HCO), + 9W + 8e- = CH4(aq) + 3H20 

Eh = 0 206 0 00740 I [HC031 [W]9 . +. og [CH
4

] 

which, for HC03' = CH4• reduces to 

Eh = 0.206 - 0.0666 pH 

HC03' + 5W + 4e- = CH20(aq) + 2HzO 

Eh = 0.036 + 00148 I [HC03'] [W]5 
. og [CHzO] 

and with HC03' = CH20(aq) the equation becomes 

Eh = 0.036 - 0.0740 pH 

Chap. 11 

(11.51 ) 

(11.52) 

(11.53) 

( 11.54) 

(11.55) 

(11.56) 

(11.57) 

(11.58) 

(11.59) 

(11.60) 

(11.61) 

(11.62) 

(11.63) 

These redox reaction boundaries and their computed equilibrium Eh values for pH = 7.0 are 
summarized in Table 11.3. The EhlpH equations generally have different slopes so that when plot
ted on an Eh-pH diagram some of the reaction boundaries cross above or below pH = 7. To illustrate 
the importance of this effect, Fig. 11.11 shows that for constant Eh and increasing pH, the solubili
ties of solids of Se, Tc, and U (radioelements important in nuclear waste disposal) may reverse in 
order, and also become more or less soluble than the corrosion products of possible waste-container 
metals Cu, Fe, and Ni. 

Example 11.1 

Nitrate is a common pollutant in aerated groundwaters, but is never found in groundwaters that 
contain significant amounts of dissolved ferrous iron. Show that in an aquifer at pH = 7.0, 
10-4·0 M Fe2+ in equilibrium with Fe(OHh(s) (Ksp = 10-385) can quantitatively reduce nitrate 
to dissolved Nz. Assume 25°C and l:N = 10-3 M in the groundwater. 

The Eh of the groundwater can be computed from the pH and Fe2+ concentration using 
Eq. 01.47), which leads to Eh = -0.031 V. The nitrate reduction reaction is written 

N03' + 6W +5e- = ~ N2(aq) + 3H20 (11.64) 
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TABLE 11.3 The standard potential. EO, and Eh at pH = 7.0 and 25°C of some redox couples, assuming 
thermodynamic equilibrium for conditions listed in the table 

Reaction EO (volts) 

4W + 02(g) + 4e- = 2H2O 1.23 

NO) + 6W + Se- = ~N2(g) + 3H2O 1.24 

Mn02(pyrolusite) + 4H+ + 2e- = Mn2+ + 2H2O 1.23 

NO) + 2W + 2e- = NOz + H2O 0.845 

NO:; + 8W + 6e- = NH! + 2H2O 0.892 

Fe(OH)3 + 3W + e- = Fe2+ + 3H2O 0.975 
Fe2+ + 2S0~- + 16W + 14e- = FeS2(pyrite) + 8HzO 0.362 

SO(rhombic) + 2W + 2e- = H2S(aq) 0.144 

sot + lOW + 8e- = H2S(aq) + 4HzO 0.301 

HCO) + 9W + 8e- = CHiaq) + 3H2O 0.206 

W + e- = !H2(g) 0.0 

HCO) + 5W + 4e- = CH20(organic matter) + 2H2O 0.036 
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Figure 11.11 Some Eh-pH bound
aries important to nuclear waste dis
posal at 25°C and I bar pressure and 
their conditions: HSeO)/Se, mHSeO:l = 
10-7

; Se/FeSe2' mFe2+ = 10-4 for pH < 
8.91, a-FeOOH present for pH > 8.91; 
Uranyl(aq)IU02> EmU(aq) = 10-8; 
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3
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7 8 
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9 10 metal (Fe). After Langmuir and Apted 
(1992). Used by permission. 
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With I1Gl = 4.36 kcallmol for N2(aq), we find EO = 1.231 V, and: 

[NO)"] 
Eh = 0.734 + 0.0118 log [N

2
]Jl2 

from which (because Eh = -0.031 V) 

[NO)"] = 10-64.6 
[N2] 112 

so that [NO)"] ... 0 and [N2(aq)] = 5 x 10-4 M. 

Chap. 11 

(11.65) 

(11.66) 

11.2.2 General Controls on the Redox State 
of Natural Waters 

In natural waters, atmospheric oxygen is the ultimate (major) oxidant and constitutes the ultimate 
oxidation reservoir. Organic matter is the ultimate (major) reductant. Most organic matter is unsta
ble (or metastable) in water. Its stability plots below the H20IH2(g) boundary. Among the few ex
ceptions are formic and acetic acids, some simple alcohols such as methanol, and methane, CH4• 

When decaying organic matter is introduced into a system that has been isolated from atmospheric 
oxygen, aerobic decay takes place first, depleting all free °2, after which, as the Eh drops, anaero
bic conditions are established, with NO)", N02", and then SO~- reduced. If redox conditions below the 
H20IH2 boundary can be attained, bacterial reduction of carbonate species to CH4 (methanogenesis 
or methane fermentation) may occur (cf. Manahan 1994). 

What determines the oxygen content of an environment in the hydrosphere? The answer is the 
rate of oxygen replenishment from the atmosphere, versus the rate of oxygen depletion or con
sumption by reductant organic matter, or reductant H2S, NH!, Fe2+, Mn2+, FeS, or FeS2' etc. The 
movement of oxygen through soils is at a rate of about 1 ftlday, so that unsaturated soil moisture is 
usually oxidized, except in soil microenvironments rich in organic matter. The fact that atmospheric 
oxygen is relatively insoluble in water makes it easier to deplete the dissolved oxygen content of 
water. Air contains 286 mgIL of O2 at 25°C (21 % by volume). At saturation with atmospheric oxy
gen and 1 bar total pressure, water holds only 8.25 mglL of O2 (2.58 x 10-4 mollL 02) at 25°C. As
suming aerobic decay of organic maUer, it takes only 3.1 mglL of disssolved organic carbon or DOC 
(of Co oxidation state) to consume the 8.25 mglL of DO (Table 11.4). This is not an unusually high 

TABLE 11.4 Amounts of carbon species as C, NH3 as N, H2S as S, Mn, and Fe required to 
eliminate the oxygen content of a water at 25°C, assuming oxygen saturation of 8.25 mg/L 
(02(aq) = 2.58 x 10-1 M) 

Oxidation Reductant 
Reaction state amount (mgIL) 

CH4 + 202 ~ CO2 + 2H2O -4(C) 1.6 
NH3 + 202 ~ NO)" + W + H2O -3 (N) 1.8 

CH20 + O2 ~ CO2 + HP O(C) 3.1 

H2S + 202 ~ SOi- + 2W -2 (S) 4.1 

HCOOH(aq) + !02 ~ CO2 + H2O +2 (C) 6.2 

Mn2+ + !02 + H20 ~ Mn02 + 2W +2 (Mn) 28.3 

Fe2+ + *02 + ~H20 ~ Fe(OHh + 2W +2 (Fe) 57.6 
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DOC content. In fact Leenheer et al. (1974) report a median DOC of 0.7 mg/L for U.S. groundwa
ters. As a rule of thumb, this author has found that a temperate climate groundwater with more than 
about 4 mg/L of dissolved organic carbon (DOC), total organic carbon (TOC), biochemical oxygen 
demand (BOD), or chemical oxygen demand (COD), will usually become anaerobic. This applies to 
the waters in many stream-bottom muds, organic-rich waste ponds, lake and reservoir bottoms, 
water-logged soils, and deeper groundwater systems. 

The diffusion coefficient of O2 is about 2.05 x 10-1 cm2/s in air, and in water 10-5 cm2/s, or 
2 x 104 less (Lerman 1979). Insofar as the replenishment of locally depleted dissolved oxygen con
centrations must occur by aqueous diffusion, the replenishment rate will thus be slow. The rate of re
plenishment of O2 in soil gas is enhanced by the barometric pumping of the air caused by fluctua
tions in barometric pressure. The flow of streams is often turbulent, enhancing aeration of the stream 
and renewal of its oxygen content. In groundwaters or stratified, quiescent surface waters the flow is 
usually laminar and O2 replenishment is by diffusion. For such conditions, small amounts of reduc
tants such as DOC can deplete the water's oxygen content at a rate greatly exceeding its rate of re
plenishment. Only mixing with oxygenated waters, or the total lack of reductant minerals or organic 
matter, can maintain oxidizing conditions in groundwater. 

Other important reductants dissolved in water-saturated soils and sediments include ammonia, 
hydrogen sulfide, Mn2+, and Fe2+. Table 11.4 shows that organic carbon (depending on its oxidation 
state) is generally a stronger reductant on a mole basis than any of these. Organic carbon is also usu
ally more abundant than other potential reductants, particularly in modern aquatic sediments. 

11.2.3 Berner's Redox Classification and Oxidative and 
Reductive Capacity 

The relative constancy of pH in subaqueous sediments (usually 6 to 8, most often 6.5 to 7.5) and the 
difficulty of measuring a thermodynamically meaningful Eh, led Berner (l98Ib) to propose a sim
plified redox classification scheme. The scheme is broadly based on the presence or absence of dis
solved oxygen or dissolved sulfide (Table 11.5). Measureable dissolved oxygen indicates an oxic en
vironment, its absence an anoxic environment. More recently others have suggested that Berner's 

TABLE 11.5 The redox classification of sedimentary environments showing bounding concentrations of 
dissolved oxygen {021 and total sulfide {as H2S1 in /LM and index Fe and Mn minerals! 

Environment 

Oxic (02 > 30 /LM) 
Suboxic (02 ;?: ) p.M 

and < 30 p.M) 

Anoxic (02 < 1 p.M) 

Sulfidic (H2S ;?: ) p.M) 

Nonsulfidic (H2S < 1 p.M) 

Postoxic 

Methanic 

Characteri stic phases 

hematite, goethite, ferrihydrite, MnOrtype phases, no organic matter 

hematite, goethite, ferrihydrite, MnOrtype phases, minor 
organic matter 

pyrite and marcasite, rhodocrosite, organic matter 

low-temperature Fe(II)-Fe(I1I) silicates, siderite, vivianite, 
rhodocrosite, no sulfide minerals, minor organic matter 

siderite, vivianite, rhodocrosite, earlier formed sulfide minerals, 
organic matter 

'Hematite (a-FeP3), goethite (a-FeOOH), ferrihydrite (Fe(OHh . nH20), pyrite (FeS2)' marcasite (FeS2)' rhodocrosite 
(MnCO), siderite (FeCO), vivianite (Fe)(P04h . 8HP)· 
Source: Proposed by Berner (l981b) with minor modifications. The suboxic environment is described by Anderson et al. 
(1994). See also Kent et al. (1994). 
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oxic environments be subdivided into oxic and suboxic (cf. Anderson et al. 1994). With this revision, 
oxic environments contain more than 30 JLM of DO with Mn2+ below detection. Organic matter is 
absent. Suboxic environments have a small amount of reactive organic matter and DO ~ I JLM but 
< 30 JLM, with detectable Mn2+, but with Fe2+ below detection. 

Anoxic systems are divided into those with or without measureable sulfide, which Berner 
termed sulfidic and nonsulfidic. Nonsulfidic environments themselves are described as postoxic if 
too oxidized to permit sulfate reduction and methanic if strongly reduced with sulfate reduction and 
methane formation. Berner suggests that the presence or absence of specific iron and manganese 
minerals in Table 11.5 can be used to distinguish these different redox environments. 

Scott and Morgan (1990) introduced the concept of oxidative capacity (OXC) and reductive 
capacity (RDC), which they defined as: 

OXC = l:n;[Oxl-l:n;[Red]; = -RDC (11.67) 

In this expression [Ox]; and [Red]; are the molar concentrations of individual oxidants and reduc
tants, including both dissolved species and solid phases, and tl; is the number of equivalents of elec
trons that are transferred in the redox couple reaction (Le., the stoichiometry of the electron). OXC 
is determined by titrating a system with a strong oxidizing agent. The corresponding reductive ca
pacity (RDC) is measured by titrating with a strong reducing agent. OXC and RDC may also be com
puted from a water and sediment analysis. Scott and Morgan (1990) further define OXr = l:n;[Ox];, 
and RDr = l:n;[Red];, so that OXC = OXr - RDT• They suggest choosing an electron reference level 
(ERL) or pE on the redox ladder for any system of interest. Oxidized species in couples at Eh val
ues above the ERL are capable of oxidizing the system, whereas reduced species at lower Eh values 
can be system reductants. When free oxygen is considered the only system oxidant, then H20 is cho
sen at the ERL. If we wish to consider organic matter as the only reductant of interest, it is conve
nient to select HS- as the ERL. Scott and Morgan relate the OXC concept to Berner's (1981 b) redox 
classification scheme. Heron et al. (1994) propose a Ti3+ -EDTA extraction solution for measuring the 
OXC of sediments containing Fe- and Mn-oxyhydroxides. Heron and Christensen (1995) have ap
plied the OXC concept to the Fe(II)/Fe(III) chemistry of an aquifer polluted by landfill leachate. 

Shown in Fig. 11.12 is the computed reduction titration curve of a model groundwater, as
suming the titrant is dissolved organic carbon (DOC). Note that the pH remains in a narrow range 
between 6.5 and 7.5 as the water drops in pE and Eh. 

Example 11.2 

How much organic carbon (CO oxidation state) as DOC is needed to reduce the oxygenated 
water in Fig. 11.12 to just below the SOl-IHS- boundary? (The ERL is HS-.) Electron stoi
chiometries in Table 11.3 indicate the following equation for OXC: 

(11.68) 

With mM concentrations listed in the figure and given that 8.0 mg/L DO is 0.25 mM of O2, we 
computeOXC(meq/L)=2.6·-4(CH20)=0, orCH20=0.65 mM. This is equivalent to 7.8 mg/L 
DOC required to complete the reduction. 

The units of OXC and RDC, as defined, are eq/L or meq/L. This makes OXC comparable to 
acidity and alkalinity, which are also given in eq/L or meq/L (Chap. 5). The pH buffer capacity mea
sures the resistance of a system to pH change at a given pH, upon addition of a strong acid or base 
(Chap. 5). The concept of redox capacity, as proposed by Nightingale (1958) and defined above, is 
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Figure 11.12 Redox titration curve of a model groundwater system of initial composition 
shown in (a), which also describes the computed response in pE and Eh as specific species 
are reduced during the titration. The computed pH change during the titration is shown 
in (b). Numbered segments correspond to sequential reduction: (I) 02(aq), (2) NO)", 
(3) Mn02(s), (4) Fe(OHh(s), and (5) SO~-. From Scott and Morgan (1990). Reprinted with 
permission from M. 1. Scott and 1. 1. Morgan. Energetics and conservative properties of 
redox systems. In Chemical modeling of aqueous systems II, ed. D. C. Melchior and 
R. L. Bassett. Am. Chem. Soc. Symp. Ser. 416, pp. 368-78. Copyright 1990 by the Amer
ican Chemical Society. 
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completely analogous to the definition of buffer capacity. Unfortunately, Scott and Morgan's (1990) 
oxidative capacity concept is not. To avoid confusion, their oxidative capacity might conceivably be 
better termed oxidative strength. 
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Figure 11.13 Relative changes in 0b NO). Mn(lV) solids. Fe2T(aq), and pE of a soil with 
time after flooding. From G. Sposito, The chemistry of soils. Copyright 1989 by Oxford 
University Press. Used by permission. 

When a soil or sediment is flooded, limiting the availability of oxygen, its organic content will 
often drive reduction of the system with time "down" the redox ladder. Figure 11.13 shows that dur
ing the week following a soil's flooding, soil reduction progressed to below the Fe(OHh(s)/Fe2

+ 

boundary. Over longer periods rice paddies and other flooded soils often become even more anaer
obic, undergoing sulfate reduction with consequent precipitation of metal sulfides and methanogen
esis (cf. Van Breemen 1975; Bohn et al. 1985). 

11.2.4 The Redox Interface 

Because reductants are present in most water-saturated soils or sediments and oxygen is relatively 
unavailable, the Eh declines as the water moves into the subsurface. The decline may be from oxic 
to anoxic sulfidic or nonsulfidic levels (Table 11.5). The rate and extent of Eh decline with distance 
from the surface depends on the availability and reactivity of sediment organic matter and other re
ductants. In the sediments of flooded rice paddies, wetlands, estuaries, and shallow lakes, which may 
be especially rich in fresh organic matter, the redox front or intelface (also termed a redox barrier or 
boundary by some), which is the zone of abruptly changing Eh values, may be only a few millime
ters or centimeters thick. 

Groundwater aquifers in older carbonate and sandstone rocks may have been leached of any 
reactive organic matter and of Fe(II) and sulfide minerals through time. In such systems, the paucity 
of reductants may create a redox interface that spans hundreds of meters to several kilometers. For 
example, Langmuir and Whittemore (1971) found that Ehm gradually drops from 250 mV to -100 mV 
over a flow distance of about 6 km in the Potomac-Magothy-Raritan aquifer of coastal plain New 
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Jersey. Because of a paucity of reactive organic matter, redox conditions do not become sulfidic. 
Over the 6 km, nitrate drops from 3 to 5 x 10-3 to < 10-5 M, whereas ferrous iron increases from about 
10 6 to 10-4 M (Langmuir I 969b ). 

The Chalk (limestone) aquifer lies within a synclinal basin near London, U.K. Groundwater 
in the Chalk is oxic where it is shaIlow and unconfined (Ehm = 330 to 420 m V), but becomes anoxic 
where the aquifer deepens and is confined (Ehm S;160 mY) (Edmunds et al. 1987). The process is 
later reversed and a second redox interface is present where groundwater flow returns to unconfined 
near-surface conditions. Edmunds et al. (1987) report the composition of redox-sensitive species and 
parameters in the groundwater along a north-south section through the aquifer. Their results, sum
marized in Fig. 11.14, show that once the aquifer becomes confined, DO values are depleted from 
about 9 mg/L to < I mg/L about 8 km further downdip at the first redox interface. The most reduced 
species in the aquifer is Fe(Il). The terminal electron-accepting process or TEAP (Lovley et al. 1994) 
is thus the Fe2~/Fe(OHMs) couple. The plots show nitrate values dropping from 20 to 30 mg/L (3.2 
to 4.8 x 10-4 M) to below detection across the first interface. Redox-sensitive species, unstable under 
oxic conditions, that become more abundant in the confined aquifer, include not only Fe2+, but also 
Mn2+, 1-, and NH1. 

Unlike the Chalk aquifer, the Lincolnshire Limestone aquifer in the U.K. contains lenses of 
limestone with 0.5% (by weight) organic matter, according to Edmunds (cf. Champ and Gulens 
1979). The TEAP can thus be taken as the HCO:i'/CHzO couple, for example. Figure 11.15 shows 
trends of Eh lll , pH, O2, and HS- in the aquifer as it flows downdip from the outcrop area. DO values 
decline from about 8 mg/L, 4 km from the outcrop to below detection at the redox interface, II km 
from the outcrop. Ehlll values are ncar 400 mY in the recharge zone and drop to about -100 mY 
downdip. Sulfate reduction is favored beyond about 13 km downdip. Resultant sulfide can be ex
pected to precipitate free Fe2+ as ferrous sulfide solids. In all of the examples of redox interfaces in 
aquifers, natural reductants and the unavailability of atmospheric oxygen under confined conditions 
causes the decline in Eh as groundwater moves across a redox interface. 

Surface or subsurface disposal of organic-rich solid or liquid wastes in groundwater recharge 
zones can create a "reverse" redox interface (cf. Apgar and Langmuir 1971; Baedecker and Back 
1979; Kent et al. 1994; Lovley et al. 1994). The wastes and their leachates are generally anoxic. As 
resultant leachate and waste plumes move away from a waste site, they are gradually oxidized and 
diluted by mixing with local groundwater and uncontaminated groundwater recharge. A redox in
terface is, therefore, created and the reduced species are oxidized as they move in the groundwater 
flow direction (Fig. 11.16). Such conditions were observed by Apgar and Langmuir (1971) in the un
saturated zone under a landfill in central Pennsylvania. Eight years after waste emplacement, the 
leading edge of the leachate plume was 17 m below the waste. Conditions farther away were oxic 
and uncontaminated. The most anoxic waters were found about 3.1 to 4.6 m under the waste, where 
Ehm "" 80 mY, BOD"" 10,000 mglL, Fe(lI) "" 1000 mg/L and NH4-N "" 40 mg/L. Sulfate reduction 
was not observed. 

Kent et al. ( 1994) describe a plume of sewage-contaminated groundwater at the Otis Air Force 
Base in Massachusetts. Since waste disposal began in 1936, the plume has moved more than 4 km 
in the groundwater flow direction. The plume is suboxic near the disposal site and oxic 3 km down 
gradient. Pristine oxic waters have 250 ,uM (8 mg/L) DO and 80 fLM SOa- and negligible NO}, 
NOz, NH1, Fe2+, or Mn2+ concentrations. In contrast a suboxic groundwater has 430 fLM SO~-, 
650 fLM NO}, 25 fLM NOz, 3 fLM NHt, 5 fLM Mn2+, and I fLM DO. Elsewhere in the suboxic plume, 
concentrations are as high as Fe2+ 500 fLM, Mn2+ 16 fLM, NO} >800 fLM, and Nat 180 fLM. The ab
sence of sulfate reduction indicates that conditions were nonsulfidic in the plume. 
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Figure 11.14 Changes in Eh and concentrations of major and redox-sensitive species in the direc
tion of groundwater flow across two redox intelfaces in the Chalk aquifer in the Berkshire syncline 
in the U.K. Distances measured from the outcrop area (north), where the groundwater is unconfined 
and aerobic, to confined, anaerobic deeper portions of the aquifer and back toward the surface where 
the aquifer is again unconfined and aerobic. Open symbols = unconfined groundwaters; solid sym
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STUDY QUESTIONS 

1. Which are the six or seven "major" elements that exhibit redox behavior in natural waters? In what form 
do they occur under oxidizing and under reduced conditions? 

2. Write a balanced half reaction involving the species/solids of a redox-sensitive element and write the Eh 
equation that corresponds to that reaction. Define the terms in the Eh equation and know how to plot it on 
an Eh-pH diagram. 

3. Define the Nernst factor, EO and pE. For a given redox reaction how are they related to each other and to 
to.G rO and Eh? 

4. Write the reactions that define the "upper" and "lower" boundaries of the Eh-pH stability field of liquid 
water? 

5. Be able to draw an Eh-pH diagram showing schematically the stability field of water, and plot on it and 
label the Eh-pH conditions typical of some example surface-waters and groundwaters. 

6. The Eh measured in the field with a platinum electrode and the theoretically computed Eh for the same 
water may be very different, particularly for surface-water systems where the dominant redox-sensitive ele
ments are N, H. 0, and C. Why? 

7. In which natural water systems will the measured Eh most closely equal the Eh computed from solution 
concentrations and free-energy data') 

8. When is a measurement of the dissolved oxygen concentration of a water a more meaningful assessment 
of its oxidation state than an Eh measurement? 
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Figure 11.16 Schematic cross-sections of groundwater systems contaminated by organic
rich Wastes. (a) Development of redox zones down gradient from a landfill in the ground
water flow direction (Baedecker and Back 1979). (b) Possible sequence of redox zones en
countered in the groundwater flow direction from a source of organic contamination. After 
D. R. Lovley, F. H. Chapelle, and J. C. Woodward, Use of dissolved H2 concentrations to 
determine distribution of microbially catalyzed redox reactions in anoxic groundwater. 
Envir. Sci. & Technol. 28(7): 1205-10. Copyright 1994 by American Chemical Society. 

9. Unlike pH and protons, an Eh measurement does not correspond to a measureable concentration of free 
electrons in the water. Discuss. 

10. Define electroactive redox couples and mixed potentials and give examples. 

11. What is the sequence of oxidation/reduction reactions of species of N, C, Mn, S, Fe, H, and 0 encountered 
in water at pH = 7, as it moves from an aerated environment to an organic-rich waterlogged one? 

12. Groundwater is far more likely to be anaerobic than is soil moisture for reasons that relate to oxygen solu
bility and diffusion rates. Explain. 
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13. Why is it that a few ppm of DOC is often sufficient to make a subsurtace-water anaerobic'! 

14. What is a redox intertace and what determines its scale (inches or miles) in a stream- or lake-bottom mud 
versus a sandy aquifer? 

15. Explain the statement that atmospheric oxygen is the ultimate (major) oxidant and constitutes the ultimate 
oxidation reservoir, whereas organic matter is the ultimate (major) reductant. 

PROBLEMS 

1. Groundwater pumped from an open, uncased borehole in southeast Australia has the following composition. 
Units are mg/L unless otherwise indicated. 

Parameter or Value or Parameter or Value or 
species concentration species concentration 

WC) 25.5 Fe(II)(aq) 0.5 
DO 1.3 Fe(I1I) (in suspension) 0.1 
Eh(field) (V) -0.195 Mn(lI)(aq) 0.08 
pH 7.15 Si02 20 
Caz+ 77 SO~- 11 
Mg2+ 42 N03" 4 
Na+ 661 Cl- 812 
K+ 6.4 HC03" 491 

(a) Study the analysis, including the 00 and Eh values and concentrations of redox-sensitive dissolved 
species. Is the composition of this water internally consistent or inconsistent? Is it likely to be a mix
ture? Explain. 

(b) If the measured DO controlled the Eh through the reaction 

4W + 02(g) + 4e- = 2HzO 

what would the Eh be? 
(c) Input the chemical analysis including the pH and Eh values into MINTEQA2. Why is it incorrect to 

input the Fe(III) concentration given in the table? You will need to specify Fe2+lFe3+ and Mn2+lMn3+ 
redox couples with fixed activities in Edit Level II. Based on the mineral saturation results in the output, 
what reaction probably controls Fe(II) and Fe(lII) concentrations and perhaps also the measured Eh? 

(d) Calculate the oxidative capacity of the groundwater. If all redox-sensitive species in the water can come 
to thermodynamic equilibrium with each other, will the water be aerobic or anaerobic? Explain. 

2. The drinking water standard for dissolved lead is 50 /-tg/L. Lead concentrations in drinking water often ex
ceed this amount when the water has passed through lead pipes or been stored in lead tanks and its pH is 
below 7.0 to 7.5. High-lead problems caused by lead plumbing are most common in houses constructed prior 
to 1960 (cf. Raab et a1. 1993). 
(a) Assuming a potable water is flowing through lead pipe at 25°C, and that the water sits unmoving in the 

pipe and so can equilibrate with the Pb metal, calculate the Eh value at which the dissolved Pb just equals 
the drinking water standard. Assume 25°C, pH 7.0, Na+ = 75 mglL, and HC03 = 200 mg/L. What is the 
speciation of the dissolved lead? 

(b) It has been found that under oxidizing conditions hydrocerrusite [Pb3(OHh(C03)21 may precipitate on 
the surtace of lead plumbing, limiting maximum Pb concentrations in drinking water (cf. Hem and 
Durum 1973). Again using MINTEQA2, calculate the solubility of lead as l:Pb(aq) assuming Eh = 
+0.700 V (an aerated water), pH = 7.0, Na+ = 75 mglL, and HC03" = 200 mglL. Assume that hydrocer
rusite solubility limits the maximum Pb concentration. There is good evidence that hydrocerrusite is less 
soluble than indicated in the MINTEQA2 file thermo.dbs. Make hydrocerrusite a finite solid and change 
its log K value as given in the database to + 19.17. 
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(c) The solubility of hydrocerrusite is pH dependent. Accordingly, water departments near Edinburgh, Scot
land, have added lime (CaO) to raise the pH of drinking water and so lower lead concentrations (Raab 
et aJ. 1993). Assuming the same solution conditions as given in part (b), that hydrocerrusite solubility 
limits Pb concentrations, and also assuming atmospheric CO2 pressure (0.00032 bar), and Cl- = 
105 mg/L, how high would the pH have to be raised with lime to lower the total Pb concentration to its 
minimum possible value? Use the sweep option in MINTEQA2 to determine the solubility of hydro
cerrusite at 0.5 pH unit increments from pH 6 to 9.5. How does the minimum Pb solubility compare to 
the drinking water standard? What is the Pb speciation of the water for these conditions? 

3. Chromium concentrations are generally below detection in anaerobic groundwaters that contain ferrous iron. 
This may reflect reduction of soluble chromate (Cr01-) to insoluble chromic ion (Cr(II1» by Fe2

+ in a cou
pled redox reaction that can be written 

crO,i- + 3Fe2+ + 8H20 = Cr(OHh + 3Fe(OH), + 4W 

(See also Eary and Rai 1988.) The trace Cr(OHh is coprecipitated with usually more abundant ferric oxyh
droxides. The equilibrium constant expression is 

Keq = 10128 = [W]4/[Cr01-] [Fe2+1' 

Ignoring activity coefficients, assume that pH = 7.0 and [Fe2+] = 10-6 M. What is the equilibrium concen
tration of chromate? 

4. Chao and Theobald (1976) measured the manganese oxide and minor metal contents of a wide range of soils 
and sediments that had Mn concentrations from about 300 to 90,000 ppm. Their data closely fit the linear 
equation 

log Mn (ppm) = -0.857 + 2.154 log M (ppm) 

where M = Co + Cu + Ni + Pb + Zn. The minor metals are apparently adsorbed on Mn oxides (see Chap. 10) 
or have been coprecipitated with the oxides or both. Minor metal scavenging by Mn oxides [or Fe(JII) ox
ides] can prevent their concentrations from reaching toxic levels in some waters (cf. Hem et aJ. 1989). 

According to Hem (1980) in oxidized waters with a pH high enough to precipitate Mn02, the interac
tion of C02+ and Mn2+ at a mixed-oxide surface may be generalized by the redox reaction 

Mn2+ + 02(aq) + 3C02+ + 4HzO = Mn02(C) + C030 4(C) + 8W 

for which 

K = 10-17.81 = [H+]8_ 
eq [Mn2+] [02] [C02+p 

A water in equilibrium with atmospheric oxygen, with Na+ = 23 mg/L, Cl- = 35 mg/L, and pH = 7.0, is in 
equilibrium with pyrolusite (Mn02)' Use MINTEQA2 to compute the dissolved Mn2+ concentration at equi
libirum, and with the equation given above calculate C02+ in equilibrium with a Mn02-Co304 coprecipitate. 

5. Recent work indicates that metallic iron emplaced in a permeable barrier or wall can degrade chlorinated 
solvents in groundwater by a coupled redox reaction in which the solvent is the oxidant and the reductant is 
Fe metal or product Fe2+ or H2 (cf. Wilson 1995; Roush 1995). A similar Fe metal barrier has been used to 
reduce chromate concentrations to values below detection, and has been suggested as a means of cleaning 
up groundwaters high in nitrate (Wilson 1995). 
(a) Write possible degradation reactions for chromate and nitrate assuming metallic Fe is the reductant. 
(b) Can such degradation reactions be described using concepts of chemical equilibrium or chemical kinet-

ics? Explain. 
(c) If the iron metal barrier is emplaced in an oxidized groundwater flow system, what concerns might you 

have for its longterm effectiveness in removing crO~- and NO)? 
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12.1 IRON GEOCHEMISTRY 

12.1.1 Introduction 

The primary sources of iron in the hydrosphere are the iron minerals in igneous and metamorphic 
rocks. Among the silicates and aluminosilicates these include olivine, the pyroxene and amphibole 
mineral groups, and the mica biotite (Deer et al. 1992). Pyrite (FeS2) and magnetite (Fe304) are com
mon minor minerals. Iron is largely mobilized and redistributed during the chemical weathering of 
igneous and metamorphic rocks. Mobilization is chiefly as dissolved Fe(lI) under reducing condi
tions and as particulate Fe(lIl) oxyhydroxides in oxygenated environments. In sedimentary rocks and 
soils exposed to the atmosphere the-iron is found chiefly as Fe(lII) oxyhydroxides. Whereas in anaer
obic systems, with decreasing Eh, the iron occurs as Fe(llI) oxyhydroxides, the carbonate siderite, 
and the ferrous sulfides. 

ln~xidized....s.urface waters and sediments, dissolved iron is mobile below about pH 3 to 4 as 
Fe3+ and Fe(III) inorganic complexes. Fe(III) is also mobile in many soils, and in surface and ground
waters as ferric-organic (humic-fulvic) complexes up to about pH 5 to 6 and as colloidal ferric oxy
hydroxides between about pH 3 to 8. Under reducing conditions iron is soluble and mobile as Fe(II) 
below about pH 7 to 8, when it occurs, usually as uncomplexed Fe2+ ion. However, where sulfur is 
present and conditions are sufficiently anaerobic to cause sulfate reduction, Fe(II) precipitates almost 
quantitatively as sulfides. Discussion and explanation of these observations is given below. Ther
modynamic data for iron aqueous species and solids at 25°C considered in this chapter are given in 
Table A 12.1. Stability constants and !:!H ~ values computed from these data are considered more re
liable than their values in the MINTEQA2 data base for the same species and solids. 

12.1.2 Stability Constants of Aqueous Complexes 

Cumulative formation constants of some iron aquocomplexes are listed in Tables 12.1 and 12.2. Ex
amination of the tabulated data shows that Fe2+ generally forms weak complexes or ion pairs (except 
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TABLE 12.1 Cumulative formation constants for ferrous and ferric hydroxyl complexes 
written in the proton form (e.g., nFe3+ + mH20 = Fen(OH)~m + mH+) at 25°C 

Chap. 12 

Complex -log *K"", Source Complex -log *K"", Source 

FeOW 10.1 t Fe(OH)3' 12.56 § 
Fe(OH)~ 20.5 :j: Fe(OH):; 21.6 § 
Fe(OH)3" 29.4 :j: Fe2(OH)}+ 2.95 :j: 
FeOH2+ 2.19 § Fe3(OH)l+ 6.3 :j: 
Fe(OH)! 5.67 § 

Source: tYatsimirskii and Vasilev (1966). See discussion in Chap. 3. *Baes and Mesmer (1976). !Macalady 
et al. (1990). 

with bisulfide ion). In contrast, Fe3+ forms strong (chiefly inner-sphere) complexes with most lig
ands, and especially with OH-, HPOI- and F-. Consistent with the stability constant data, Fe3+ is usu
ally complex ed, whereas Fe2+ occurs uncomplexed in most natural waters. 

In our discussion of aqueous species of iron, it is appropriate to first consider the Fe(II) and 
Fe(III) hydroxyl complexes (Table 12.1). To judge their importance, we will construct plots to show 
the fractional distribution of these complexes as a function of pH. The computational approach is as 
presented in Chap. 3. Solute activity coefficients are ignored. 

For ferrous iron, the mass-balance equation is 

l:Fe(II)(aq) = Fe2+ + FeOW + Fe(OH)z + Fe(OH)3' (12.1 ) 

We can substitute for and eliminate the complexes in this equation using the cumulative formation 
expressions for the complexes and values of their constants from Table 12.1. With [Fe2+] factored 
out, the resultant equation is 

( 

10-10.10 10-20.51 10-29.41) 
r.Fe(II)(aq) = [Fe2+] 1 + + ---2 + --, 

[W] [W] [W]-' 

TABLE 12.2 Cumulative formation constants of Fe(ll) and Fe(lll) complexes at 25°C 
and zero ionic strength (unless otherwise indicated) 

Complex log ,8 Source Complex log ,8 Source 

FeP 1.0 t FeF! 10.8 t 
FeCI+ 0.14 t FeF3 14.0 t 
FeCO]' 5.1 t FeClz+ 1.48 t 
FeHCOj 2.0 t FeCI! 2.13 t 
FeSOg 2.25 t FeCI}' 1.13 t 
FeHSOt 1.08 t FeHSO~+ 2.48 t 
Fe(HS)~ 8.94 §§ FeSO! 4.04 t 
Fe(HS)3" 10.97 §§ Fe(S04)2 5.38 t 
FeH2POt 2.7 § FeH2PO~+ 4.17 II 
FeHP04 3.6 § FeHPO! 9.92 # 
FePO:; 7.34 tt FeHJSiOl+ 9.45 :j::j: 
FeF2+ 6.20 t 

Source: tNordstrom et al. (1990). *Estimated from stability of the Fe(ll) oxalate complex using method 
of Langmuir (1979). Bruno et al. (1992) report log K.,,,,,, = 5.5 ± 0.2 for the complex. but neglecting 
FeHCOj. !Smith and Martell (1976). "Iog K = 3.47 at 1= 0.5 mollkg (Christensen et al. 1975), corrected 
to I = O. #Iog K = 8.30 at 1= 0.5 mollkg (Christensen et al. 1975) corrected to I = O. ttChrislensen et al. 
(1975). HPorter and Weber (1971) at 1= 0.1 mollkg corrected to 1=0. !*Naumov et al. (1974); Fe(HS)z 
at 1= 0.1 mollkg, Fe(HS)j" at 1= 0.15 mollkg. 

02.2) 
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Figure 12.1 Mole fraction of total dissolved Fe(ll) present as Fe2+ and Fe(II)-OH com
plexes as a function of pH in pure water at 25°C. 
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To determine the fractional importance of each complex we set I:Fe(II)(aq) = 1.0. The value of [Fe2+] 
may now be obtained as a function of pH. Fractional concentrations of each complex at a given pH 
then equal [Fe2+] times the individual terms within the parentheses in Eq. (12.2). The results are tab
ulated below and plotted in Fig. 12.1. 

Mole Fraction at pH 

Species 8 9 10 11 

Fe2+ 0.992 0.920 0.167 0.0 
FeOH+ 0.008 0.073 0.133 0.002 
Fe(OH)2' 0.0 0.003 0.051 0.008 
Fe(OH)3" 0.0 0.004 0.646 0.990 

The figure shows that only Fe2+ and Fe(OH):l are major species. Through substitution we find [Fe2+] = 

[Fe(OH)}] at pH ::: 9.80, where the fraction of each equals 0.38. 
Ignoring for the moment the two polynuclear complexes in Table 12.1, the mass-balance equa

tion involving ferric hydroxyl species is 

I:Fe(III)(aq) ::: Fe3+ + FeOH2+ + FeOH1 + Fe(OH)3 + Fe(OH)4 (12.3) 
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Figure 12.2 Mole fraction of total dissolved Fe(III) present as Fe'+ and Fe(III)-OH com
plexes as a function of pH in pure water at 25°C. 
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After substitution, as above, to eliminate the complexes in Eq. (12.3), using cumulative constant ex
pressions and the constants from Table 12.1, this becomes 

( 
10-2.19 10-5.67 10- 12.56 10-21.6) 

LFe III a = Fe3+ 1 + -- + + + ---( )( q) [] [H+l [Wf [W]3 [W]4 (12.4) 

We next set LFe(I1I)(aq) = 1.0 and solve for [Fe3+] as a function of pH. With [Fe3+] now known, frac
tional amounts of the complexes are obtained by back substitution into the cumulative constant ex
pressions. The results have been plotted in Fig. 12.2. These calculations show that the Fe(III)-OH 
complexes exceed 1% ofLFe(III)(aq) above pH 0.2, and dominate when the pH = p*K11 exceeds 
2.19. In contrast, the Fe(II)-OH complexes are less than about I % of LFe(lI)(aq) below about pH 8. 

The polynuclear Fe(III)-OH complexes listed in Table 12.1 are less than 1 % of LFe(I1I)(aq), 
unless iron concentrations exceed about 10-2 to 10-3 mollkg, which is unlikely above pH = 3 (cf. Baes 
and Mesmer 1976). Formation of the dimer, Fe2(OHW, can be written 2Fe0H2+ = Fe2(OHW, for 
which, from the free energy data, we have 

[Fe2(OH)1+1 = ._1_ 
[FeOH2+]2 26.9 

( 12.5) 

This shows that the dimer increases rapidly in importance relative to the monomer as amounts of the 
monomer increase. Thus a twofold rise in FeOH2+ corresponds to a fourfold increase in Fez{OH)~+. 

Cumulative constants of some ferrous and ferric complexes involving the same ligand are 
compared below in the order of increasing stability of the ferric ion complex. Strong (largely inner
sphere) complexes have been marked with an asterisk. 
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log Pn 

Ligand Fe2+ Fe3+ 

CI- 0.14 1.48 
SOl- 2.25 4.04 < • 

H2P04 2.7 4.17 
F- LO 6.20* 
HPO~- 3.6 9.92* 
OH- 3.9 11.81 * 
Salicylate (C6H4(COO)02-) 7.4* 17.6* 

Salicylate has been included as an example of a strong organic complexing ligand (cf. Sigg 1987). 
The importance of a given complex is determined by both its formation constant and the relative and 
absolute amounts of the metal cation and ligand in the water. These principles are illustrated by the 
examples below. 

Example 12.1 

Assuming that 1:mFe(lI)(aq) = 10-50 in seawater (mCI- = 0.56), that the only important Fe(II) 
species in the water are Fe2+ and FeCI+, and that activity coefficients can be ignored, compute 
the percent of Fe2+ and FeCl+ present. 

Substituting mCI- = 0.56 into the cumulative constant expression we find 

[Fe2+] 1.29 
(12.6) 

which indicates that FeCI+ is 44% of 1:Fe(II)(aq). 

Example 12.2 

Solve Example 12.1 more accurately with MINTEQA2. For the calculation assume that sea
water is simply mNa+ = mCI- = 0.56, pH = 7.0, and 1:Fe(II)(aq) = 10-50 mol/kg. The FeCI+ 
complex (GFW 91.3) is not in the data base and must be introduced along with its stability 
constant. Use the Davies equation for ion activity coefficients. The result is mFe2+ = 8.37 x 
10-6 (83.7%) and mFeCl+ = 1.63 x 10-6 (16.2% of 1:Fe[IIJ(aq». 

Example 12.3 

FeF2+ is a strong complex. At a typical groundwater fluoride concentration of 0.2 mg/kg 
(10-5.0 mol/kg), what percent of 1:Fe(III)(aq) is found in the Fef2+ complex? As above, ignore 
ionic strength. Assume the only ferric species present are Fe3+ and the I: I complex. 

Substitution into the cumulative constant expression leads to IFeF2+]/[Fe3+] = 16/1. In 
other words 94% of the iron is complexed. 

12.1.3 Ferric Oxyhydroxides 

Occurrence, thermodynamic stability, and solubility. The conditions of formation 
and occurrence of the Fe(III) oxyhdroxides have been summarized by Langmuir and Whittemore 
(1971), Schwertmann and Taylor (1977), Bolt and Van Riemsdijk (1987), Macalady et al. (1990), 
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Figure 12.3 Possible pathways of Fe(III) oxide formation under near pedogenic condi
tions. Adapted from U. Schwertmann and R. M. Taylor, Iron oxides, in Minerals in soil en
vironments, ed. J. B. Dixon and S. B. Weed. Copyright 1989 by Soil Science Society of 
America. Used by permission. 

Combes et a1. (1990), and Baltpurvins et a1. (1996), among others (see Fig. 12.3 and Table 12.3). 
Thermodynamic stabilities of the oxyhydroxides as known are given in Table A 12.1. The most abun
dant oxyhydroxide in sedimentary environments is goethite. In aquatic environments, which are 
dominantly sulfate rich when acid and bicarbonate rich at higher pH's, freshly precipitated oxyhy
droxides are chiefly mixtures of amorphous material and goethite (Langmuir and Whittemore 1971). 
Thermodynamic data in Table A 12.1 suggest that in water well-crystallized goethite is slightly more 
stable than hematite, with !1G rO = -0.53 kcallmol at 25°C for the reaction 

(12.7) 

(Macalady et a1. 1990). This corresponds to [H20] = 0041 at equilibrium, indicating that in soils 
where the relative humidity is less than about 40%, hematite is the stable phase. The relative stabil
ities of hematite and goethite also depend on temperature (hematite is more stable above roughly 
80°C), and especially depend on particle size (Langmuir 1971 b). In desert soils and older sedimen
tary rocks hematite is more abundant than goethite, in part because it is thermodynamically favored 
by both increased temperature a~d dryness, but also because it is relatively unreactive once form~~; 

The partially amorphous Fe(III) oXYhYdroxide common in soils and modem sediments is 
termed ferrihydrite or hydrous ferric oxide (HFO). When freshly precipitated, HFO has an apparent 
solubility product as pKsp (pKsp = -log[Fe3+][OH]3) of about 37, which, because of partial crystal
lization, may rise to 38.5 to 39.5 after a short time. (Crystalline goethite and hematite pKsp values 
are both near 44.) Crystallization of HFO takes years in waters low in iron, but may occur in a few 
hours or days in the presence of several mg/kg of dissolved iron .. The growth rate of an X-ray or 
SEM-identifiable crystalline phase incre.ases with increasing temperature and is roughly proportional 
to the aqueous Fe(II) and less so the aqueous Fe(III) present during crystallization (Macalady et a1. 
1990). 
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TABLE 12.3 Occurrence and stabilities of the important Fe(ll!) oxyhydroxides-pKsp = -log ([Fe3'J[OH-P) 

Name 

Ferrihydritel 
hydrous ferric 
oxide (HFO) 

Goethite 

Hematite 

Lepidocrocite 

Maghemite 

Formula 

Fe(OHh . nH20 

a-FeOOH 

y-FeOOH 

37 to 39 

~44.1 ± 0.2 

~43.9 ±0.2 

38.7 to 
~40.6 

38.8 to 
~40.4 

Remarks 

Initial precipitate from rapid hydrolysis 
(neutralization) of Fe(lII) or oxidation of 
Fe(I1). May crystallize to form goethite in cool 
regions and hematite in warm regions. 

Most abundant Fc(III) oxhydroxide in modern 
soils and sediments in cool climates. The ther
modynamically most stable oxyhydroxide in 
water at low temperatures. Thought to form 
from HFO by dissolution-reprecipitation. 

Results from the weathering and oxidation of Fe 
(esp. ferrous) silicate minerals or the aging of 
HFO. May form from HFO by direct solid-solid 
transformation. Common in warm climate soils, 
and the chief oxyhydroxide in red-bed 
sediments. 

Minor constituent in humid and temperate climate 
noncalcareous soils, especially where alter
nating reducing and oxidizing conditions in sea
sonally waterlogged soils. Favored by rapid OXe 

idation at low pH, low tFe, low T. and 
Fe(Ill)(aq) absent. 

Same conditions as lepidocrocite, but formed in 
tropical and subtropical climates, especially in 
highly weathered soils. 

Note: Well-crystallized lepidocrocite and maghemite are less stable than well-crystallized goethite and hematite, respectively. 

Source: After Greenland and Mott (1978), Bolt and Van Riemsdijk (1987), Macalady et al. (1990), and Combes et al. (1990). 
pK,p values based on Langmuir (I 969a) , free-energy data in Table A 12. I and Macalady et al. (1990). 

The often important effect of particle size on solubility can be estimated through the equation 

log Ksp = log Ksp(S = 0) + Ys (_ . S ... ) 
2.30RT 

(12.8) 

(Stumm and Morgan 1981) where S is the surface area of a mole of the solid, Ys the interfacial en
ergy, R the gas constant, and T the temperature in K. The particle-size correction term on the right 
in Eq. (12.8) can be symbolized as Os log Ksp' For very fine-grained goethite (GFW 88.85), assum
ing S", 15,000 m2/mol (Table 10.2), Ys = 0.30 cal/m2 (Langmuir and Whittemore 1971) and with R = 
1.9872 cal/mol K and T = 298.15 K, we find Os log Ksp = 3.3. Thus, assuming log Ksp = -44.2 for 
well-crystallized goethite, we find log Ksp = -40.9 for the fine-grained material. 

When HFO is precipitated in acid solutions high in anions, such a chloride or sulfate, these 
anions often substitute for hydroxyl, forming metastable solids such as Fe(OHh3s(Cl)o6s and 
Fe(OHbs(S04)032S, in which the Fe(II1)/(OH) ratio is 112.35 (cf. Matijevic and Scheiner 1978; Fox 
1988). (A related phase [Fe(OH)2.7(Cl)0Jl is listed in the MINTEQA2 data base.) After aging hours 
to days, hydroxyl tends to replace the other anions in these solids, and the Fe(III)/OH ratio ap
proaches the theoretical 1/3 value of stoichiometric ferric oxyhydroxides (Macalady et al. 1990). 

The solubility of the Fe(lII) oxyhydroxides as a function of pH was considered in Chap. 7. As 
shown in Fig. 12.4, the oxyhydroxides are amphoteric and decrease in solubility by about 107-fold 
between amorphous material and well-crystallized goethite or hematite. Assuming a Fe detection 
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Figure 12.4 Solubility of amorphous Fe(OHh, pKsp = 37.1 (top curve) and goethite 
[a-FeOOH], pKsp = 44.2 (bottom curve) as a function of pH at 25°C. Also shown are the 
fields of dominance of Fe3+ and Fe3+-OH complexes. Numbers along the abcissa are values 
of the stepwise constants, p* Kn = pH for n = 0 to 3, for the complexation reactions written 
in the form Fe(OH)~-n + H20 = Fe(OH),T;I' + W. 

limit of about 0.05 mglkg (_10-60 mollkg) and equilibrium with respect to the oxyhydroxides, 
Fe(III)(aq) concentrations will be at or well below detection limits when the pH is between 5 and 10. 

Suspended/colloidal oxyhydroxides. Although dissolved Fe(III) is absent between 
pH 5 and 10, the Fe(III) oxyhydroxides occur in suspended form in surface- and groundwaters within 
this pH range. In colloidal sizes such materials can remain suspended indefinitely in fresh ground
waters. Langmuir (1969b) noted that 30 to 70% of up to 15 mg/L total iron in some confined New 
Jersey groundwaters was present as suspended Fe(III) oxyhydroxides in particle sizes mostly less 
than 5 jLm. Similar materials and amounts are transported by streams (cf. Mayer 1982a; McKnight 
et al. 1988). 

Suspensions of the colloidal-sized oxyhydroxides can be destabilized by increases in ionic 
strength (strong electrolyte concentrations) such as occur when a stream enters an estuary (Fig. 12.5). 
Small amounts of specifically adsorbed species at well-defined concentations can also destabilize the 
suspended oxyhydroxides. 

The pH at which the surface of the oxyhydroxides is uncharged in pure water is called the point 
of zero net proton charge (PZNPC) (see Chap. 10). For the ferric oxyhydroxides in pure water the 
PZNPC corresponds to the pH of minimum solubility, which is near pH 8 (Fig. 12.4). Below this pH, 
consistent with the charge of the predominant Fe(III)-OH aqueous complex, solid surfaces are OH
deficient (relative to Fe(III)/OH = 1/3) and so have a net positive charge. Above pH 8 the surface has 
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Figure 12.5 Extent of iron aggregation as a function of salinity in the Saco River estuary, 
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an OH- excess and is net negative. At pH values far from the PZNPC, the surface-charge density of 
colloidal-sized oxyhydroxide particles is high and mutual particle repulsion stabilizes their suspen
sions. At the PZNPC, however, particles are not repelled and so tend to agglomerate or flocculate 
and settle out (cf. Liang and Morgan 1990). 

The rate at which suspended oxyhydroxide particles coagulate may be described by the sta
bility ratio, W, where 

W (
Vmax) =exp -
KT 

(12.9) 

V max is the height of the free-energy barrier preventing particle coagulation, K the Boltzmann 
constant, and T the temperature in kelvin (Everett 1988). Coagulation occurs most rapidly when 
V max = KT and log W = O. Compression of the diffuse layer by increased concentrations of strong elec
trolyte cations and anions can reduce particle repulsion and cause coagulation (cf. Stumm and Mor
gan ) 996). An example of this effect is given in Fig. ) 2.6, which plots log Wexp (experimental) ver
sus pH for hematite suspensions over a range of ionic strengths. The plot shows that rapid !. 

coagulation of hematite suspensions (log W", 0) is limited to about pH 8.5 when I = 10-3 M, but ex
pands to the pH range from 6 to 11 as the ionic strength is increased to 8.4 x 10-2 M. 
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Figure 12.6 Experimentally derived 
stability ratio, Wexp, of a hematite SlIS

pension plotted as a function of pH for 
different ionic strengths. The pH of the 
PZNPC is indicated. Dashed lines are 
drawn through the experimental points 
as a guide. The solid line has been 
model-calculated. From Aquatic Sci
ences 52( I): 32-55, L. Liang and J . .I. 
Morgan, Chemical aspects of iron 
oxide coagulation in water: Laboratory 
studies and implications for natural sys
tems, Copyright 1990 by Birkhauser 
Verlag, Basel, Switzerland. Used by 
permission. 

The concentration of an electrolyte or other species that causes the most rapid coagulation of 
a specific suspended solid is termed the critical coagulation concentration (ccc). At the ccc, Vmax = 
KT and log W = O. The effect of different concentrations of solutes on coagulation of 20 mg/L of sus
pended hematite at pH 6.5 is shown in Fig. 12.7. In this example the ccc is about 10-3 M for diva
lent electrolyte ions and near 10-14 M for Na+. Higher concentrations of these~~<!kly..adsorbed 
species have little further effect. Much smaller amounts of specifically adsorbed hlunic and fulvic 
acids and phosphate can also destabilize the suspended hematite. The cec for fulvic acid (FA) is about· 
10-':6.1 M, equivalent to a FA concentration of 0.1 mg/L, an amount commonly found in surface- and < 

groundwaters. At lower or higher FA concentrations, hematite particles are (+) and (-) charged, re
spectively, they repel each other, and the suspension is restabilized (Liang and Morgan 1990). Fig
ure 12.7 shows that a shift in phosphate or humic acid (HA) concentrations away from their cce val
ues also restabilizes hematite in suspension. 

As the pH of an oxyhydroxide suspension is varied, the ccc concentration of strongly adsorbed 
species also changes. For example, near pH = 3, 10 mg/L of goethite flocculates most effectively 
(log W = 0) for }';P04 = 10-4 M, whereas when }';P04 is essentially zero (10-8 M), the optimum floc
culation pH is about 8 near the pH of the PZNPC (Liang and Morgan 1990). 

In seawater (pH"" 8. I) the reported iron concentration ranges from IO-Ilfl to IO-R75 M with a 
mean value of perhaps 10-74 M (cf. Holland 1978; Hem 1985). It is interesting to question whether 
this amount represents dissolved or suspended ferric iron. Examination of Fig. 12.4 shows that the 
dominant aqueous species in seawater at pH = 8.1 is Fe(OH)3. (Fe(IIl) chloride eomplexing can be 
ignored.) Assuming that Fe(III) is controlled by the solubility of amorphous HFO (pKsp = 37.1) as 
an upper limit, and with free energies from Table AI2.I, we find for the reaction Fe(OHh(am) = 
Fe(OH)3, that Keq = [Fe(OH)3l = 10-7.7 M. This value is close to the mean iron concentration reported 



L 

Sec. 12.1 Iron Geochemistry 441 

:i" 
~ 

~ 
bb 

E 

IL, 

40 I 

3.0 

2.0 

1.0 

0.0 

I 

I 
I 
I 
I 
I 
I 

FA I 
\ I 

\ I 

/\ I 
I 

- HA/ \ I 
\ I 

\ I 
\ I 

\ 
.... -

-g.O ·7.0 -6.0 

Ca2 , 

.. 5.0 -4.0 

log eiedrolyle wncentratioll (M) 

Na' 

· · • • · • · · · · · · · • · · • · 
SO~-

-------J 
- 3.0 -2.0 

. 
• . . 
• '. 
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suspensions as a function of added electrolyte concentration at about pH 6.5. Hematite con
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-1.0 

for seawater, which suggests that the tron could be in true solution. The higher reported Fe amounts 
in seawater are probably in suspension. 

12.1.4 Eh-pH Diagrams for the Fe-02-C02-H20 System 

Theoretical Eh (or pE)-pH diagrams are very useful as a way to visualize and summarize the aque
ous speciation and dominant mineralogy of redox-sensitive elements. There is a logical approach to 
constructing such diagrams. It is easiest to start with boundaries among the aqueous species only. By 
convention, these boundaries are drawn at equal species concentrations. In general, solute activity 
coefficients are ignored for simplicity. 

Hydrolysis reactions written in stepwise form are considered first. For iron these have been 
listed with their constants in Table A 12.2, Part I, from which it is clear that the boundaries between 
fields of predominance of the successive hydrolysis species are drawn at pH = pK for each stepwise 
reaction. Figure 12.1 and Table A 12.2, Part I indicate that FeOW and Fe(OH)2' complexes never pre
dominate and so will not appear on the Eh-pH diagram. Drawing the vertical pH-dependent bound
aries for Fe(I1I) reactions 1 to 4 downward from the O/H20 boundary and the boundary for reac
tion 8 upward from the H20/H2 boundary, it becomes clear which redox reactions between Fe(lII) 
and Fe(II) species generate the boundaries that must next be considered. These reactions (9 to 14) 
and the Eh/pH equations of their boundaries are listed in Table A 12.2, Part II. The resultant Eh-pH 
plot for Fe aqueous species only is shown in Fig. 12.8. 

It is-important to remember that the fields of species shown in this figure define conditions 
where they predominate. The same species will still be important in adjacent fields at lower con
centrations, as shown by the next example. 
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Figure 12.8 Eh-pH diagram at 25°C 
for aqueous species in the system 
Fe-02-H20 at concentrations low 
enough so that polynuclear complexes 
are not predominant. Circled numbers 

o 2 4 6 8 \0 12 14 are the numbers of corresponding reac-
pH tion equations in Table A 12.2. 

Example 12.4 

Construct a plot at pH I that shows the concentrations of Fe3+ and Fe2+ from Eh = 0.5 to 1.0 V 
when tFe(aq) = 10-2 mol/kg. At what Eh is Fe2+ I % of Fe3+? 

The two equations needed to solve this problem are Eh-pH Eq. 9 from Table A12.2, 
Part II, and the mass-balance equation, tFe(aq) = Fe3+ + Fe2+ = 10-2 mol/kg. Substituting val
ues of Fe3+ into the mass-balance equation, we can solve for Fe2+. The ion concentrations are 
then substituted into Eq. 9, Table A12.2, to solve for Eh. The results are shown in Fig. 12.9. 
Substitution shows that Fe2+ equals 1 % of Fe3+ at Eh = 0.89 V. In other words, ferrous iron is 
still a significant species within the Fe3+ field between Eh = 0.77 and 0.89 V. 

Example 12.5 

Preferential complexing of one species in a redox couple over the other will increase the size 
of the stability field of the more strongly complexed species and thus expand the range of its 
conditions of stability. The following problem illustrates this point with reference to the 
Fe3+IFe2+ couple. 

In the absence of complexing of either species and ignoring activity coefficients at 25°C, 
tFe(II1)(aq) = tFe(II)(aq) at Eh = 0.770 V (Table A12.2). What is the Eh of a water in which 
tFe(II1)(aq) = tFe(II)(aq) = 10-4 mol/kg, Na = CI = 0.01 mol/kg, tF = 0.1 mg/kg (5.25 x 10-5 
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mollkg), and pH = 3.0? Solve the problem with MINTEQA2 using the Debye-Hiickel equa
tion for ion activity coefficients. 

Program output shows that [Fe2+] = 10-418 mollkg, and [Fe3+] = 10-539 mollkg. Substi
tuting these values into Eq. 9 in Table A 12.2, we compute Eh = 0.698 V. The output shows that 
100% of Fe(II)(aq) is present as uncomplexed Fe2+; however, only 9.4% of Fe(IIl)(aq) occurs 
as free Fe3+. Ferric complexes as a percent ofl:Fe(IU)(aq) are: FeCI2+ 1.7%, FeF2+ 3.8%, FeOH! 
9.6%, FeF2+ 35.5%, and FeOH2+ 39.7%. Complexing has enlarged the stability field of 
Fe(IlI)(aq) species, lowering the Fe3+/Fe2+ boundary by 0.072 V. 

We will next construct Eh-pH diagrams involving iron solids. The solid/aqueous species 
boundaries are drawn for a defined concentration of the aqueous species. One should select solids 
that have been found or are expected to occur in the environment under study. In surface or near-sur
face systems near a redox interface, as in waterlogged soils, orwhere the solids are rapidly precipi
tated in water treatment, one can expect them to be relatively amorphous and more soluble than their 
well-crystallized analogs. Assuming this is the case, we will consider Fe(OHh(am) (pK,p = 37.1), 
ferrosic hydroxide (Fe3(OH)g), and siderite (FeC03). The reactions and their Eh-pH equations are 
given in Table A 12.2, Part III. Figure 12.10 shows the solid fields of Fe(OHh(am) and FeC03, ig
noring ferrosic hydroxide. In Fig. 12.11, Fe3(OH)s is added. Both figures show the increased size of 
solid phase stability fields when solid/aqueous boundaries are drawn for l:Fe = 10-3 rather than 
10-5 mollkg. As a general rule, the larger the stability field of a solid between about pH 3 and 9 (the 
usual pH range of natural waters), the more common that solid should be in nature. Given this point, 
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Figure 12.10 Eh-pH diagram for the 
system Fe-02-COTH20 at 25°C ig
noring ferrosic hydroxide [Fe3(OH)g] 
and assuming pK,p = 37.1 for amor
phous Fe(OH)3' Bicarbonate is fixed at 
10-27 mol/kg. Aqueous/solid bound
aries are drawn for total dissolved iron 
concentrations of 10-5 moUkg (solid 
line) and 10-3 mol/kg (heavy dashed 
line). Lightly dashed lines show the po-

o 2 4 6 8 

pH 
10 12 14 sitions of the aqueous/aqueous species 

boundaries identified in Fig. 12.8. 

the large relative size of the ferrosic hydroxide field is somewhat surprising, given that it is infre
quently reported, and may suggest that the tabulated free energy of the phase is too negative. 

As we increase the thermodynamic stability (Le., the pKsp) of the ferric oxyhydroxide consid
ered in our Eh-pH diagram, the size of its stability field increases. This is evident from Fig. 12.12, 
which shows the very large stability field of goethite (pKsp = 44.2) relative to that of the amorphous 
phase (pKsp = 37.1). The field of siderite practically disappears in equilibrium with goethite, sug
gesting that siderite and well-crystallized goethite (or hematite with a similar stability) should rarely 
be found together. 

In iron-rich surface and groundwaters, whether pristine or contaminated, Fe(aq) concentra
tions are often buffered by equilibrium with ferric oxyhydroxides present in the soil or sediment or 
suspended in the water. This applies to acid mine waters as well as to ground waters in sediments af
fected by organic contamination. Measured Eh (Ehm) and pH values in a plume of landfill leachate 
in sandy soils under an 8-year-old Pennsylvania landfill are plotted in Fig. 12.13. The plume was 
sampled from suction Iysimeters installed at depths from about 1 to 17 m under the landfill (Apgar 
and Langmuir 1971). BOD values generally exceeded 10 mg/kg with iron ranging from 0.1 to 
885 mg/kg. The figure shows that Ehm and pH are roughly consistent with the assumed equilibrium 
between the iron and amorphous Fe(III) oxyhydroxide (pKsp = 37.1). 
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Figure 12.11 Eh-pH diagram for the 
system Fe-OrCOrH20 at 25°C, in
cluding ferrosic hydroxide IFeiOH)gJ 
and assuming pKsp == 37.1 for amor
phous Fe(OHh Bicarbonate is fixed at 
10-27 mollkg. Aqueous/solid bound
aries are drawn for total dissolved iron 
concentrations of 10-5 mollkg (solid 
line) and 10-3 mollkg (heavy dashed 
line). Lightly dashed lines show the po-

o 2 4 6 8 10 12 14 sitions of the aqueous/aqueous species 
pH 

12.2 SULFUR GEOCHEMISTRY 

12.2.1 Thermodynamic Data for Substances in the 
System S-02-H20 

boundaries identified in Fig. 12.8. 

The stabilities of species in the system S-02-H20 have been studied by numerous researchers. Much 
of this work has been summarized or critiqued by Garrels and Naeser (1958), Boulegue and Michard 
(1979), Morse et al. (1987), Schoonen and Barnes (1988), and Williamson and Rimstidt (1992). 
Thermodynamic data for some substances in the system S-02-H20 are given in Table A12.3 in the 
chapter appendix. The many aqueous sulfur species that are either thermodynamically stable or are 
important metastably are shown in Fig. 12.14. Acid-base reactions among the sulfur species are gen
erally rapid and reversible. The redox reactions, however, may be fast and reversible (e.g., H2S/S~-; 
see Boulegue and Michard 1979) or more often irreversible in the absence of bacterial activity 
(e.g., SO~- reduction to H2S). 

12.2.2 Acid-Base Reactions 

Dissociation constants and reaction enthalpy data for the stable and most important metastable sul
fur species are summarized in Table 12.4. The log K values in Table 12.4 indicate the pH at which 
the acid and conjugate base have equal concentrations. Bisulfate (HSO;j) is a relatively strong acid, 
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Fe2+ system Fe-OrC02-H20, assuming total 
~ 

0 
dissolved carbonate equals 10-3 mol/kg, 
and total dissolved iron is 10-3 mol/kg 
at aqueous/solid boundaries. Also 
shown is the position of aqueous/solid 
boundaries for amorphous Fe(OH)3 
with pKsp = 37.1 and goethite with 
pKsp = 44.2. The figure shows that mag-
netite (FeP4) and siderite (FeC03) are 
metastable in the presence of goethite. 

-0.5 From Ground Water 13(4): 360-65, 
D.O. Whittemore and D. Langmuir, 
The solubility of ferric oxyhydroxides 
in natural waters. Copyright 1975 by 

0 2 4 6 8 10 12 Ground Water Publishing Company. 
pH Used by permission. 

important in acid mine waters (see Chap. 5) where its concentration exceeds that of sulfate below 
about pH 2. Sulfate is a hard base and tends to form ion pairs or weak complexes with most mono
valent and divalent cations (Chap. 3). Sulfite (SO~-) and thiosulfate (S20J-), on the other hand, are 
relatively soft ligands and thus form stronger complexes than sulfate with borderline or soft metal 
cations such as Cu2+, Zn2+, Pb2+, Ag+, Cd2+, and Hg2+ (cf. Smith and Martell 1976). 

The value of K](H2S) has been measured by many researchers. Millero (Morse et al. 1987) pro
poses the temperature function 

pK] = 32.55 + 1519.441T - 15.672 log T+ 0.02722T (12.10) 

based on Barbero et al. (1982), where T is in degrees K. This is considered accurate within 
±0.05 units below 100°C and within ±D.47 units up to 300°C. At 25°C the function yields pK] = 6.99. 
Hersey et al. (1988) suggest instead the function 

pK] = -98.080 + 5765.4IT + 34.6436 log T (12.11) 

for 0 to 300°C, which gives pK] = 6.98 at 25°C. These authors consider Eq. (12.11) more accurate 
than Eq. (12.10) at low temperatures. The two functions are largely in agreement at elevated tem-
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peratures. As a soft base, bisulfide forms strong complexes with the borderline soft and soft metal 
cations. Stabilities of these complexes as a function of temperature are reported by Barnes (1979). 

The second dissociation constant K2(H2S) is poorly known. Reported constants range from 
pKz = 12.44 to 17. J (cf. Morse et al. 1987). The most reliable value is probably that of Schoonen and 
Barnes (1988), who propose pKz = 18.S1 ± 0.S6 at 200e based on extrapolation of thermodynamic 
data for aqueous polysulfide species. (See also Williamson and Rimstidt 1992.) 

Incomplete O2 oxidation of HzS at I:S concentrations exceeding the solubility of sulfur (-S x 
10-6 mol/kg) may lead to the precipitation of colloidal-sized elemental sulfur, which can then react 
with HS- to form polysulfides (cf. Boulegue and Michard 1979; Morse et a!. 1987). The successive 
reactions are 

HS- + !02 ~ So + OH

HS- + (n - l)So ~ S~- + W . 

(12.12) 

(12.13) 

with n = 1 to S for the polysulfides. Giggenbach (1974) writes the formula of polysulfide ions as SnSz
to emphasize that n moles of the sulfur are zero valent. As the proportion of elemental sulfur to aque
ous sulfide increases in solution, the chain length (value of n) of the resultant polysulfide increases. 
The polysulfides also form when a solution that contains both thiosulfate and sulfide species is acid
ified (Giggenbach 1974). Depending on the pH, poly sulfide ions may react with H+ to form HS~ or 
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Figure 12.14 Diagram showing rela
tionships among aqueous sulfur species 
that are either thermodynamically sta
ble or have significant metastable per
sistence. Reprinted from Geochim. et 
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tween structure and thermodynamic 
properties of aqueous sulfur species, 
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H2Sn species. Schoonen and Barnes (1988) suggest the following stepwise dissociation constants for 
the polysulfide acids: 

Polysulfide pKI pK2 

H2S 7.05 (18.51) 
HZS2 5.12 10.06 
H2S3 4.32 7.86 
H2S4 3.92 6.66 
HzSs 3.58 6.02 

TABLE 12.4 Hydrolysis constants for some aqueous species in 
the system S-02-H20 at 25°C and 1 bar pressure, computed from 
the data in Table A12.3 

jjJJ,.O 

Species Reaction kcallmol logK 

HSO:; HSO;j = H+ + SO~- -5.24 -1.99 
HS03 HSO- = H+ + S02-3 3 -2.72 -7.36 
HSPI HSPl = H+ + S20~- -6.1 -1.75 
HzS H2S = H+ + HS- 5.3 -6.99 
HS- HS-= H++ S2- (\ 2.2) (-\8.5) 

Note: Values in parentheses are estimates or based on estimated values. 
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Figure 12.15 Distribution of sulfur 
species versus pH in the system 
HzS-S(colloid)-H20-NaCI(O.7 M) for 
lS(aq) = 10-3 M. Reprinted with per
mission from Am. Chern. Soc. Symp. 
Ser. 93, 1. Boulegue and G. Michard, 
Sulfur speciations and redox processes 
in reducing environments. In Chemical 
modeling in aqueous systems. Copy
right 1979 American Chemical Society. 

The polysulfides are most stable in alkaline waters, and for ~S(aq) = 10-3 mollkg they predominate 
over HS- above pH 8 (Fig. 12.15). Polysulfide ions are soft ligands that can be expected to form 
strong complexes with soft or borderline soft metal cations; however, stability data for such com
plexes are lacking. Organically bonded polysulfides are important constituents in the pore waters of 
modern sediments (Boulegue et al. 1982). 

12.2.3 Redox Reactions 

The Eh-pH diagram for thermodynamically most stable sulfur species is shown in Fig. 12.16. The 
acid-base boundaries have been considered above. We will derive two of the redox boundaries. Prob
ably the SO~-1H2S and SO~-IHS- boundaries are the most important. The SO~-1H2S redox reaction is 

(12.14) 

for which, from the free-energy data in Table A12.3, we find EO = 0.249 V. The Eh-pH equation is 

0.05916 [SO~-j [H+j9 
Eh(V) = 0.249 + ~-- log --------

8 [HS-j 
(12.15) 
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Figure 12.16 Eh-pH diagram for 
thermodynamically stable substances in 
the system S-02-H20 at 25°C, showing 
the fields of predominance of the aque-
ous species and of elemental sulfur for 

14 rS(aq) = 10-3 mol/kg at aqueous/So 
boundaries. 

At the boundary [HS-] = [SO~-] and the expression simplifies to 

Eh(V) = 0.249 - 0.0666 pH (12.16) 

The important SO~-/SO(c) boundary corresponds to the reaction 

sol-+ 8W + 6e-= So + 4H20 

for which we find go = -0353 V, and 

Eh(V) = -0.353 + 0.0~1610g [SO~-] [WJ8 

which becomes 

Eh(V) = -0.353 + 0.0099110g[SOl-] - 0.0793 pH 

02.17) 

(12.18) 

(12.19) 

The position of this boundary in Fig. 12.16 depends on the choice of total dissolved sulfur. The na
tive sulfur field increases in size with increasing dissolved tS(aq). 

Most surface-waters and groundwaters plot in the sulfate field, with acid mine waters close to 
or in the bisulfate field. Hydrogen sulfide and HS- are major species in organic-rich, anaerobic water-
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logged soils and sediments. In fresh groundwaters hydrogen sulfide is usually less than 10-4 mol/kg 
(3 mg/kg). However, H2S may exceed 3 x 10-3 mol/kg (I 00 mg/kg) in brines associated with petro
leum (Hem 1985) and can approach 5 x 10-3 mol/kg (170 mg/kg) in the interstitual waters of marine 
sediments (Goldhaber and Kaplan 1974). A silver billet electrode can be coated with AgS and used 
as a sulfide electrode, responding to S2- in natural waters and sediments. This approach was intro
duced by Berner (1963) and has been used by Boulegue (1978) and Boulegue and Michard (1979) 
to analyze for sulfi.de in some laboratory systems and natural waters. 

Sulfate reduction. All plants, animals, and bacteria metabolize sulfur in order to synthe
size amino acids such as cysteine and methionine. The sulfur may be assimilated as sulfate or as or
ganic molecules containing sulfate. The reduction of sulfate in biosynthesis is termed assimilatory 
sulfate reduction and can take place in aerobic or anaerobic environments (cf. Goldhaber and Kaplan 
1974; Rheinheimer 1981; Cullimore 1991). 

Inorganic sulfur species more oxidized than sulfide (sulfate, sulfite, and thiosulfate, for exam
ple) can act as electron acceptors in the oxidation of organic matter by bacteria. In the process the 
sulfur is reduced to sulfide. The reaction is described as dissimilatory reduction. The bacteria in
volved are of the genus Desulfovibrio or genus Desulfotomaculum and are heterotrophs, that is, they 
require organic matter for energy transfer. A wide range of organic substances can be used, includ
ing hydrocarbons, fatty acids, carbohydrates, and amino acids (Berner 1971). Lactic acid 
(CH3CHOHCOOH) and pyruvic acid (CH3COCOOH) and their salts are the preferred organic re
actants, with acetate (CH3COOH), a product that cannot be further metabolized by the bacteria. For 
example, with lactic acid as the electron donor, the reaction may be written 

(12.20) 

The sulfate-reducing bacteria Desulj'ovibrio desulfuricans prefers a pH between 6 and 8, but can 
function between pH 4.2 and 9.9 (Wallhauser and Puchelt 1966; Baas Becking et al. 1969; Kara
menko 1969; Zehnder 1988). Sulfate-reducing bacteria can operate at temperatures as low as O°C, 
and as high as 110°C, in deep-sea hydrothermal vent sediments (Jorgensen et al. 1992). At temper
atures above 100 to l20°C sulfate reduction also proceeds at a measureable rate without bacterial 
participation. 

Until recently it has been assumed that sulfate-reducing bacteria always required a strictly 
anaerobic environment. These environments are found in deep coastal-plain areas, oil-field brines, 
and in black (organic-rich), waterlogged soils and muds associated with rivers, lakes, and swamps. 
Sulfate reduction has also been observed in local microenvironments such as those created by the 
decay of a fish buried in otherwise oxidizing sediments (Berner 1971). Contrary to traditional belief, 
active sulfate reduction has also been observed in the presence of dissolved oxygen in the photo
synthetic zone of microbial mats (Canfield and Des Marais 1991). 

Oxidation of reduced sulfur species. Oxidation of reduced sulfur species in the pres
ence of oxygen can occur spontaneously, without bacterial mediation. Bacteria of the family 
Thiobacteriaceae are probably the most important bacteria involved in sulfur oxidation. Of these, 
bacteria of the genus Thiobacillus have been most studied (Goldhaber and Kaplan 1974; Cullimore 
1991). The first product of sulfide oxidation abiotically or by Thiobaccillus is thought to be elemen
tal sulfur according to 

(12.21) 

This reaction takes place in sulfide-rich flowing wells and springs in western Pennsylvania, where 
they discharge at the land surface, cloudy with a suspension of elemental sulfur. 
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As noted above, the polysulfides are formed by the reaction of elemental sulfur with bisulfide. 
Further oxidation of So can produce sulfite. The sulfite may, in turn, be reduced to thiosulfate by re
action with So, 

or be oxidized to sulfate, 

So + O2 + H20 -+ SO~-+ 2W 

SO~-+ So -+ S20~-
02.22) 

(12.23) 

Oxidation of thiosulfate also produces small amounts of trithionate (S30~-), tetrathionate (S40~-), 
and pentathionate (SsOl-) (Goldhaber and Kaplan 1974). Summarized in Fig. 12.17 are possible ox
idation and disproportionation pathways of reduced sulfur species leading toward sulfate that may 
be mediated by Thiobacilli. (Disproportionation pathways involve no electron transfer; see also 
O'Brien and Birkner 1977; Morse et al. 1987.) More recently, Jorgensen (1990) used radioactive 3SS 
to unravel the complex pathways of sulfide oxidation in sediments. He showed that thiosulfate dis
proportionation to sulfate and sulfide species 

S20j- + H20 -+ SOl- + HS- + W (12.24) 

was a key reaction in anoxic sediments. 
The polysulfides, thiosulfate and sulfite, which are generally metastable relative to sulfate, are 

most abundant near groundwater redox interfaces where they can complex with borderline or soft 
metal cations (cf. Barnes 1979; Daskalakis and Helz 1992). Many sedimentary and hydrothermal ore 
deposits are found at redox interfaces where the breakdown and formation of such complexes may 
have locally caused metal precipitation and remobilization (cf. Granger and Warren 1969; Boulegue 
and Michard 1979; Barnes 1979). Similar metal-sulfur species mobilization may also occur in the 
vicinity of some toxic metal-organic waste sites. 

Less common among the metastable sulfur species are the polythionates (SnO~- with n = 4 
to 9). They are formed, for example, in volcanic lakes by the bubbling of H2S gas through sulfurous 
acid (Takano 1987). The polythionates break down eventually into sulfate and elemental sulfur. The 
polysulfides and polythionates are themselves metastable relative to sulfite, thiosulfate, So, and the 
sulfide species. In order to examine the redox-stability environments of these species, it is useful 
to construct an Eh-pH diagram ignoring sulfate, which is relatively inert. Such a plot is given in 

so __ S02- __ S02-
",,;3 4 

S 0 2-2 3 

+ 

I 7~ 
so ----S02-
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Figure 12.17 Possible oxidation path
ways for reduced sulfur species to sul
fate by Thiobacilli. From M. B. Gold
haber and I. R. Kaplan, The sulfur 
cycle, in The sea, Vol. 5, Marine chem
istry, ed E. D. Goldberg. Copyright 
© 1974 by John Wiley & Sons, Inc. 
Reprinted with permission of John 
Wiley & Sons, Inc. 
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Fig. 12.18, which also ignores elemental sulfur. It shows that bisulfite and sulfite ions are the major 
metastable species in oxidized environments. Predominant in a narrow range of intermediate Eh val
ues with increasing pH, are tetrathionate (S40g-) and the thiosulfate species. Hydrogen sulfide and 
HS- ion have roughly the same stability range as shown in Fig. 12.16. 

12.3 IRON-SULFUR REDOX CHEMISTRY 

12.3.1 Occurrence and Solubility of FeUn-Sulfide Minerals 

Pyrite (FeS2) is by far the most abundant sulfide mineral, occurring in most types of geologic for
mations. Its less common polymorph, marcasite, usually forms in near-surface, low-temperature en
vironments. At 25°C pyrite is more stable than marcasite by about -0.4 kcal/mol. The oxidative 
breakdown of these minerals as the result of exposure to aerobic conditions due to mining is the chief 
cause of acid mine waters. 

Pyrite and marcasite do not nucleate and precipitate directly from solution. but result from the 
successive sulfidation of a series of metastable Fe(II) sulfides. The experimental results of Schoonen 
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and Barnes (1991 a, 1991 b) suggest that the initial amorphous FeS is precipitated by the reaction of 
dissolved Fe(II) with hydrogen sulfide 

Fe2+ + H2S(aq) -t FeS + 2H+ 

The subsequent sequence of sulfides leading to pyrite/marcasite is 

FeS(am)(FeS090 to FeSon) -t mackinawite (FeS093 to FeSO.96) 

-t greigite (Fe3S4) -t pyrite/marcasite(FeS2) 

(12.25) 

(12.26) 

The process involves greigite if conditions are slightly oxidizing, although greigite may be absent 
under highly anaerobic conditions. Sulfur present as sulfate, hydrogen sulfide, or bisulfide is proba
bly little involved in the sulfidation process, as rates of sulfidation are very slow when these species 
provide the sulfur. If metastable sulfur species are available as reactants, however, the transforma
tion to marcasite or pyrite is orders of magnitude faster. Overall FeS2-forming reactions that involve 
polysulfides, thiosufate, and polythionate ions may be written 

FeS + S~- -t FeS2 + S~=I 

FeS + SPS--t FeS2 + SOS

FeS + SIlOg- -t FeS2 + SIl_IOg-

(12.27a) 

(l2.27b) 

(l2.27c) 

Marcasite forms below about pH 5, when the neutral, undissociated poly sulfide acids dominate, 
whereas pyrite is favored at pH values above 6, when polysulfide anions are the major species 
(Fig. 12.15). Schoonen and Barnes (1991 a) offer detailed explanations for such complex behavior. 

Because of the poorly known value for K2(H2S), it has become traditional to write solubility 
product expressions for the Fe(II) sulfides in terms of bisulfide ion and elemental sulfur instead of 
S2-. Assuming for simplicity that the amorphous sulfide and mackinawite are I: 1 solids, their disso
lution expressions are: 

FeS + H+ = Fe2+ + HS-

The dissolution of griegite and pyrite and marcasite may be written 

!Fe3S4 + W = Fe2+ + HS- + !SO 

and FeS2 + H+ = Fe2+ + HS- + So 

All of these reactions have the same equilibrium constant expression 

[Fe2+] [HS-] 
K = -=-----='-=-----=-

eq [H+] 

(12.28) 

(12.29a) 

(12.29b) 

(12.30) 

which makes it easy to compare their solubilities. Free-energy data for the amorphous phase, mack
inawite, and greigite in Table A 12.1 have been recomputed from ll.GI data given by Berner (1971), 
revised to be consistent with the free energy of Fe2+ in the table. Keq values based on these free en
ergies are summarized here. 

Sulfide pKeq 

FeS(am) 2.96 
FeS(mackinawite) 3.69 
Fe3S4(griegite) 4.28 
FeS2(pyrite) 16.38 
FeS2(marcasite) 16.05 
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Morse et al. (1987) also recomputed these constants based largely on Berner's data. Their results are 
identical to those listed above, except for mackinawite, for which they give pKeq = 3.55. Bagander 
and Carman (1994) measured the in situ solubility of amorphous FeS in near-shore bottom sediments 
of the Baltic Sea between 13 and 19°C. Corrected to zero ionic strength and 25°C their measure
ments lead to pKC4 :::: 2.55 for FeS(am) in reasonable agreement with the value given above. 

Example 12.6 

All of the Fe(II) sulfides have extremely low solubilities. Assuming pH = 8.0, and IHS-] = 
10-40 mol/kg, compute [Fe2+] at equilibrium with the most soluble sulfide, FeS(am), given that 
pKeq = 2.96. Substituting into Eq. (12.30) we obtain [Fe2+] = 1.10 x 10-8 mol/kg, or about 
0.6 J,Lg/kg, well below a Fe(aq) detection limit of about 50 J,Lg/kg. 

FeS(am) may age and crystallize to form pyrite. Compute [Fe2t ] in equilibrium with 
pyrite for the same conditions considered above, but also assuming that elemental sulfur is 
present. Substituting into Eq. (12.30) leads to the incredibly low Fe2t activity of 4.2 x 
10-21 mol/kg at equilibrium with pyrite. 

Sedimentary Fe(llI) oxyhydroxides, of which goethite is the most common, are the source of 
iron for most precipitated Fe(II) sulfides. Pyzik and Sommer (1981) (see also Morse et al. 1987) have 
proposed a number of possible reaction mechanisms for the reduction of goethite to FeS. All involve 
initial reactant HS-, with production of Fe2+, and So, poly sulfide ions or thousulfate. These species 
then react to form the Fe(II) sulfides. Their initiating reactions are 

2a-FeOOH + 5W + HS- 4 2Fe2t + So + 4H20 

3a-FeOOH + 7W + 2HS- 4 ~Sl- + 3Fe2+ + 6H20 

8a-FeOOH + 19W + 5HS- 4 Sg- + 8Fe2t + 16H20 

8a-FeOOH + 16W + 2HS- 4 S20i-+ 8Fe2t + 13H20 

The overall reaction involving goethite may be written 

2a-FeOOH + 3HS- + 3W = 2FeS + So + 4H20 

(12.3Ia) 

(l2.3Ib) 

(l2.3Ic) 

(12.3ld) 

( 12.32) 

for which we compute from the free-energy data IWIlHS-] = 10-994• At pH = 8.0, IHS-] = 1.15 x 
10-2 mol/kg or 390 mg/kg as H2S, an unusually high concentration. If instead the oxyhydroxide is 
relatively amorphous with a pKsp of 38.5 and the reaction is 

2Fe(OHh + 3HS- + 3W = 2FeS + So + 6H20 (12.33) 

we find [W][HS-] = 10-1367, and at pH = 8.0. IHS-] = 2.14 x 10-6 mol/kg or 0.073 mg/kg as H2S. 
These calculations indicate that high sulfide concentrations are required to convert crystalline 
goethite to FeS(am). In contrast, when amorphous HFO is the reactant, trace amounts of sulfide will 
transform it to FeS(am). 

12.3.2 Eh-pH Relationships in the System 
Fe-Oz-COz-S-HzO 

An Eh-pH diagram for the Fe-OrC02-S-H20 system at 25°C is given in Fig. 12.19. Comparison 
with Eh-pH diagrams for simpler systems in Figs. 12.10, 12.11, and 12.16 shows notable differences. 
Most obvious is the stability field for pyrite, which lies roughly over fields for aqueous H2S and 
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Figure 12.19 Eh-pH diagram for the system Fe-02-S-HzO at 25°C showing stability 
fields of goethite (a-FeOOH), pyrite (FeS2), and monoclinic pYlThotite (Fe7S8 = Feo.mS) 
for l:S(aq) = 10-2 mollkg, and total carbonate 10-4 mollkg. l:Fe(aq) = 10-0 and 10-4 mol!kg 
at aqueous! solid boundaries. The diagram shows that aqueous iron occurs chiefly in sulfate 
complexes. From Barnes and Langmuir (1979). 

HS-. The lack of a stability field for siderite reflects the low carbonate and high sulfur concentrations 
chosen for the diagram, and the large sizes of both pyrite and goethite fields are consistent with the 
remarkable insolubilities of both minerals over a wide pH range. 

In Example 12.5 it was shown how preferential hydroxyl and fluoride complexing of Fe3+ rel
ative to Fe2+ enlarged the stability field of ferric iron toward lower Eh values at the expense of Fe2+. 

Figure 12.19 shows the same effect caused by preferential sulfate comp\exi ng of Fe·lt over Fe2+. 
Environmentally, the most important boundary in Fig. 12.19 is the upper pyrite boundary with 

aqueous ferrous iron. The redox reaction is 

Fe2+ + 2S0i- + 16W + 14e- = FeS2 + 8H20 

for which EO = 0.355 Y, and the general redox equation is 

Eh(Y) = 0.355 + 0.00423 log [Fe2+][SOi-]2[W]16 

(12.34) 

( 12.35) 

To plot this equation we must fix the LS(aq) concentration and that of LFe(aq) at boundaries with Fe 
solids. We will assume LS(aq) = 10-2 mo\lkg, and LFe(aq) =: 10-4 moJlkg. With these substitutions 
the boundary equation is 

Eh(Y) = 0.321 - 0.676 pH (12.36) 
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For comparison purposes, it is instructive to derive the similar boundary for freshly precipitated, 
metastable FeS(am). The reaction is 

Fe2+ + SO~- + 8W + 8e- == FeS(am) + 4H 20 

for which EO == 0.271 V, and the general Eh-pH equation is 

Eh(V) == 0.271 + 0.00741 log [Fe2+I[SOl-][W]8 

With the same assumed kS(aq) and kFe(aq) concentrations we have 

Eh(V) = 0.227 - 0.0592 pH 

(12.37) 

( 12.38) 

Substitution shows that at pH == 7 the Fe2-/FeS(am) boundary is 35 mV below that of Fe2+/FeSz and 
within the pyrite field. 

12.3.3 Acid Mine Waters 

General controls on acid mine water production. That pyrite or marcasite occur in 
coal, lignite, or metal sulfide deposits does not predetermine that mining of the rock will produce 
significant acid mine drainage (AMD). The amount and nature of the pyrite present is an important 
factor, however. Coal and lignite deposits that formed in ancient freshwater environments are gen
erally low in sulfur. However, when these deposits were laid down in estuarine or marine environ
ments they often contain several percent of Fe(l) sulfide sulfur. (The sulfate in seawater is 
2700 mg/kg.) Most coals also contain organically-bound sulfur in amounts usually exceeding that 
present as FeSz. However, the organic sulfur does not contribute to the acidity of mine waters 
(Casagrande et al. 1990). In the United States, coals in the Appalachian region (e.g., in Pennsylvania 
and West Virginia) are mostly of marine origin and high in sulfur, except in some shallow horizons 
where coal formation was lacustrine (associated with lakes). Coals in western states (e.g., New 
Mexico, Colorado, and Wyoming) are generally of freshwater origin, and so low in sulfur and of lit
tle concern as AMD producers (cf. McWhorter et al. 1974). 

A second important factor is the particle size of the FeS2• Caruccio et al. (1976) concluded that 
AMD production was a serious problem when exposed pyrite grains were about 0.25 /Lm in diame
ter in "framboidal" pyrite. This corresponds to a surface area of 4.8 m2/g. For crystal sizes in excess 
of 5 to 10 /Lm (5 /Lm == 0.24 m2/g), AMD production was greatly diminished, and became unlikely 
when crystal sizes exceeded 400 /Lm. Particle sizes were smallest in marine coals and became larger 
in lacustrine coals (Caruccio and Ferm 1974). A third factor determining the risk of AMD is the prox
imity of carbonate rocks that can neutralize AMD acidity. 

Usually base and precious metal sulfide deposits also have important amounts of pyrite. The 
pyrite in hydrothermal ore deposits is most often coarse grained and relatively unreactive. Mining 
and milling the rock to fine particle sizes for the purpose of metal extraction, vastly increases pyrite 
surface area and exposes the pyrite in waste-tailings piles to oxidation and weathering. Serious AMD 
releases can result. 

Of basic importance when determining risk is the absolute and relative amounts ofthe exposed 
pyrite that occur above or below the water table. Above the water table, oxidation rates are usually 
catalyzed by bacteria and can be very fast in fine-grained waste-rock piles. Rates in water-saturated 
spoil materials or below the water table are generally much slower because of the unavailability of 
free oxygen. 

Overall FeS2 and Fe(ll) oxidation reactions. Oxidation of pyrite first occurs at its ex
posed surface, where pyritic sulfur with a formal charge of (-I) is oxidized to sulfate (+6) and the 
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ferrous iron is released to solution. The stoichiometry of the oxidation half reaction (Eq. [12.34]) 
suggests that a mole of pyrite should produce 16 protons. However, only the complete oxidation 
reaction, which must include an oxidizing agent, can provide us with a valid reaction stoichiometry. 
Two possible overall redox reactions are 

FeS2 + ~02 + H20 -t Fe2+ + 2S0~- + 2W 

FeS2 + 14Fe3+ + 8H20 -t 15Fe2+ + 2S0~- + 16W 

(l2.39a) 

( 12.39b) 

Thus, if O2 is the oxidizing agent, 2 moles of H+ are produced by 1 mole of pyrite. In contrast, oxi
dation by Fe3+ releases 16 moles of protons for each mole of pyrite. Obviously, it is essential to know 
which reaction dominates in any attempt to predict the acid-generating capacity of a system. 

The next step is the oxidation of ferrous to ferric iron. The rate of the Fe3+/pyrite oxidation re
action is, in fact, limited by the availability of Fe3+, which itself depends on the Fe(II) oxidation rate. 
Below about pH 3 the overall Fe(II) oxidation reaction is 

( 12.40) 

The abiotic rate of this reaction is slow. The pH of streams and groundwaters that have moved away 
from source pyrite surfaces increases because of partial neutralization by carbonate and silicate min
erals. Above roughly pH 3, Fe2+ oxidation is then described by the overall reaction 

Fe2+ + !02 ~H20 -t Fe(OH)3 + 2W (12.41) 

which has a rate that increases rapidly with increasing pH. (See kinetics Chap. 2.) 

Abiotic oxidation kinetics of sulfur and Fe(ll). The abiotic oxidation rates of pyrite 
and ferrous iron have been studied extensively for more than 30 years (cf. Garrels and Thompson 
1960; McKibben and Barnes 1986; Nicholson et al. 1988; Moses and Herman 1991). The work on 
pyrite-oxidation kinetics has been updated and critiqued by Williamson and Rimstidt (1994), while 
Wehrli (1990) has synthesized the published data on Fe2+ oxidation. (See also King et al. 1995.) 

Based on statistical analysis of published FeS2 oxidation-rate data and their own work, 
Williamson and Rimstidt (1994) derived three empirical rate law expressions, where r = d(FeS2)/dt 
is the rate of pyrite destruction in mollm2 s. From pH 2 to 10 when oxygen is the only oxidant (as 
perhaps above the water table in spoil materials or coarse-grained tailings) the rate law is 

r = (10-8.1°) (m02)0.5 
(mH+)o.11 (12.42) 

Between pH 0.5 to 3.0, when Fe3+ is the oxidant and oxygen is absent (conditions that might be ex
pected in an acid groundwater or in flooded-mine pools), the rate equation is 

(mFe3+)0.30 
r = (I 0-8.58) ~----

(mFe2+)0.47 (mH+)0.32 

In the same acid pH range, when 02(aq) is present along with Fe3+, the rate is given by 

(mFe3+)0.93 
r = (l0-6.07) ---,-

(mFe2+)0.40 

(12.43) 

(12.44) 

The latter conditions might be found near a fluctuating water table or within the capillary zone above 
the water table. The success of Williamson and Rimstidt's model fits to published experimental data 
is evident from Fig. 12.20. Regardless of the oxidant, the pyrite breakdown rate is seen to be practi-
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}'igure 12.20 The rate of oxidation of pyrite (r = d[FeS2]1dl in mo)/m2 s) near 25°C and 
) bar pressure. Whole model and leverage plots for multiple linear regression analysis of 
published and measured rate data for the aqueous oxidation of pyrite: (a) Oxidation of pyrite 
by dissolved oxygen; (b) Oxidation of pyrite by ferric iron under an N2 atmosphere; and 
(c) Oxidation of pyrite by ferric iron in the presence of dissolved oxygen. Reprinted from 
Geochim. et Cosmochim. Acta. 58, M. A. Williamson and J. D. Rimstidt. The kinetics 
and electrochemical rate-determining step of aqueous pyrite oxidation. 5443-54, © 1994, 
with permission from Elsevier Science Ltd., The Boulevard, Langford Lane, Kidlington 
OXS 1GB, U.K. 
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TABLE 12.5 Example calculations of the half-time (t'/2) for oxidative destruction of pyrite at 25°C 

Oxidants 

Oxidants pH 

O2 2.0 

Fe3+ 2.0 

Fe3+ and O2 

Rate Equations and Their Applicability 

pH range Rate equation 

2 to 10 

0.5 to 3.0 
0.5 to 3.0 

Assumed Conditions and Predicted Half-times 

log m02(aq) log I:mFe(aq) log mFe3+ log mFe2+ 

-7.0 
-3.6 

-2.0 -2.0 -4.0 
-2.0 -4.0 -2.0 
-2.0 -2.0 -4.0 
-2.0 -4.0 -2.0 

(12.42) 

(12.43) 

(12.44) 

780 Y 
16 Y 

4.4d 
150d 

2.1 d 
2.6 Y 

Note: Computed using the empirical rate laws of Williamson and Rimstidt (1994). given an intial pyrite surface area of 
0.05 m2/g. Other assumed conditions are given in the table. 

cally independent of sulfate, chloride, or ionic strength variations. In spite of this excellent work, el
ementary reactions to describe the mechanisms of pyrite oxidation remain unknown. 

It is instructive to compare pyrite oxidation half-times for some reasonable environmental 
conditions. Results of such a comparison are summarized in Table 12.5. Oxygen concentrations of 
10-7.0 and 10-3.6 mol/kg used in the exercise are roughly the 02(aq) detection limit (-5 J,Lg/kg) and 
the air-saturated value (8 mg/kg). In order to integrate the rate equations, DO, total iron, and ferric 
and ferrous ion concentrations have been fixed. After substitution the rate equations all become 
pseudo zero-order with half-times given by tI/2(s) = 0.5A./k, where k equals all terms on the right
hand side of Eqs. (12.42) to (12.44). (See Table 2.2.) The surface area of pyrite has been arbitrarily 
set equal to 0.05 m2/g, the value Williamson and Rimstidt (1994) measured and used in their own 
rate experiments. Results in Table 12.5 indicate that abiotic pyrite oxidation takes years when oxy
gen is the only oxidant. The rates are much faster and similar when ferric iron alone and ferric iron 
plus oxygen are present, with the relative rates of these two reactions depending on the Fe3+lFe2+ 
ratio. Thus oxygen accelerates the rate at high Fe3+lFe2+ ratios (high Eh), but slows it when this ratio 
is low (at low Eh). 

Appearance of the Fe3+lFe2+ ratio in Eqs. (12.43) and (12.44) indicates that the rates are a 
function of the redox potential. Williamson and Rimstidt found that this ratio was thermodynami
cally consistent with solution Eh measurements. When both Fe3+ and DO are present, regression of 
their rate data leads to 

r = 1O-6.37(±0.4) Eh23.6(±LS) pH4.3S(±I.2) (12.45) 

(Williamson 1996). When DO is absent and Fe3+ is the only oxidant, the regression relationship is 

r = 1O-6.71(±o.oS) Eh7.96(±0.2) pHI.06(±O.J) (12.46) 

(Williamson 1996), where r is in mollm s, and Eh is in volts. The Eh-dependence of the rate suggests 
an electrochemical reaction mechanism rather than one involving site-specific adsorption of oxi
dants. That the log r versus log m02 plot in Fig 12.20 is linear for a wide range of O2 concentrations 
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shows that the rate is independent of the extent of pyrite surface coverage by O2, This also argues 
for an electrochemical oxidative reaction, a reaction that is not surface-site specific (Williamson and 
Rimstidt 1994). 

Recent work on Fe(Il) oxidation has identified the elementary reactions involved (cf. King 
et al. 1995). Abiotic oxidation rates based on this recent work should differ little from rates com
puted from earlier empirical rate laws, particularly below about pH 6 (cf. Wehrli 1990; Stumm and 
Morgan 1996). The empirical rate data (see Fig. 2.9) indicate pH-independent rate behavior below 
about pH 3.5, and a rapid increase in the rate with pH above this value. The pH-independent rate is 
given by 

d[mFe(II)aq] --d-t -- = -k,[mFe(Il)aq]Po, (12.47) 

where k, = 10-3.
2 bar/d. For Po, = 0.21 bar in air, tll2 = 15 y. Abiotic oxidation of Fe(II)(aq) in acid 

waters is obviously very slow. 
Above roughly pH 3.5 to 4, the empirical rate law for Fe(II)(aq) oxidation is 

d[~~~(ll)aqJ = _k2LIl1Fe(lI)a91~~ 
dt [H+)2 

(12.48) 

for which k2 = 1.2 X 10-11 mol2/d bar. At pH = 6.0 and Po, = 0.21 bar, the rate becomes pseudo first
order and tll2 = 7 h (t1l2 = 4.2 min at pH = 7.0). The abiotic rate is thus greatly accelerated by an in
crease in pH. 

The role of sulfur- and iron-oxidizing bacteria. As already noted, the rates of FeSz 
and Fe(II) oxidation in environmental systems often differ substantially from the abiotic rates. 
Usually natural rates are much faster than laboratory abiotic rates. The reasons include inorganic 
catalysis and especially enzymatic oxidation by microorganisms. Oxidation of Fe(II), for example, 
is catalyzed by some clays and metals, including AJ3+, Fe3+, Coz+, Cu2+, and Mnz+, and also HPOS
(Stumm and Morgan 1981). 

Sulfur- and iron-oxidizing bacteria flourish at the oxidized side of redox interfaces. They are 
important especially because they catalyze and thus greatly accelerate reactions that are thermody
namically favored, but may be abiotically slow. The sulfur oxidizing Thiobacteria are all aerobic 
and autotrophs (they obtain carbon from carbonate species). Thiobacteria can oxidize the sulfur in 
sulfides, proteins, or elemental sulfur, producing sulfate and acidity. Among the individual strains 
are Thiobacillus thiooxidans, Ferrobacillus ferrooxidans, and Thiobacillus ferrooxidans (T. ferro
oxidans). Some of these are filamentous and photosynthetic; others are simple bacteria. They can 
grow in and produce acidities as great as 10% H2S04 (pH - 0) (cf. Manahan 1994). Karamenko 
(1969) noted that 200 times or more iron is dissolved from pyrite when these bacteria are present 
versus when they are not. Baas Becking et al. (1969) reported that when pyrite was placed in pure 
water of pH 6.2, after 24 hours without bacteria the pH was 3.1 and Eh = +650 m V. However, when 
Thiobacteria were present the pH dropped below 2 and the Eh rose to +860 m V. Because they re
quire oxygen, Thiobacteria are most important to sulfur oxidation above the groundwater table, as 
in mine tailings and mine-spoil materials. They catalyze sulfur oxidation particularly where oxygen 
is the chief oxidant, so that abiotic rates would be very slow (Table 12.5). 

All iron oxidizing bacteria are aerobic and are either autotrophs (get C from carbonate species), 
heterotrophs (need organic C), or facultative (get C from either source). Specific bacteria are: auto
trophs, Gallionella; heterotrophs, Sphaerotilus, Siderocapsa and L. Crassa; facultatives, Crenothrix, 
Polyspora and some Leptothrix. Their favored pH range is 5 to 8, the same range in which inorganic 
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rates are also fast and the oxidation product is precipitated HFO. Many of the bacteria are filamen
tous and can accumulate up to 500 times their cell weight in precipitated HFO. (They also oxidize 
Mn2+ to Mn02') The Fe(II)-oxidizing bacteria prefer Fe(II) > 0.1 mg/kg and operate with the lowest 
Fe(II) levels in moving water, such as in acid mine streams and pumping wells. Iron bacteria are 
common in stagnant water, mines, springs, quiet parts of streams, marshes and lagoons, reservoirs 
and water pipes, well screens and well casings. In other words, they are found wherever they can ac
cess Fe2+ at the oxidizing side of a redox interface. They are especially a problem in fouling of iron 
pipes in water supply systems and well screens. They can cause a loss of up to 90% in the produc
tivity of a well (cf. Starkey 1945; Kleinmann et al. 1979; Hackett 1987). Under acid conditions the 
iron-oxidizing bacteria can speed up Fe(II) oxidation by up to 106 times (cf. Taylor et al. I 984a). 
Thus for the example calculation above, tIl2 = 15 Y for abiotic oxidation, but only 8 min when cat
alyzed by iron-oxidizing bacteria. 

In a related study, Kim (1968) measured the rate of Fe(II) oxidation in some acid mine water 
that contained natural levels of iron-oxidizing bacteria in an experiment open to the atmosphere at 
pH 3.30. Some of her results are plotted in Fig. 12.21, which shows a reaction half-time of about 
24 h, or an oxidation rate about 5500 times faster than the abiotic rate. 

Sulfur and oxygen isotopes. Stable sulfur and oxygen isotopes can provide clues re
garding the relative importances of O2 versus Fe(IIn oxidation of pyrite, and whether the oxidation 
is abiotic (sterile) or involves bacteria (Taylor et al. 1984a, 1984b). The isotopic data are reported in 
8 (per mil or %0) units, where . 

8180 or 834S(%o) = (J~sample-=~Rstd) x 10.1 
Rstd 

(12.49) 

and R = 180/160 or 34Sp2S of samples and standards (cf. Faure 1991). Reactions or processes often 
cause changes in 8180 or 834S values, so that the heavier or the lighter isotope is favored in reaction 
products. Such a change in R is termed isotopic fractionation. Fractionation is minimized when re
actions are fast. The nearly identical 834S content of sulfides and oxidation product SO~~ (i.e., the 
lack of fractionation) indicates that sulfide oxidation to sulfate is fast and that intermediate sulfur 
species (e.g. SO~~ and S20~~) are transient and minor in amount. 

Based on their experiments and field analyses, Taylor et al. (l984a. 1984b) proposed that the 
8180 composition of SOl~ could be used to determine dominant local mechanisms of pyrite oxida-

0 Open container 

• Closed container 

Temperature 19°C 
~ pH 3.30 
c?!I Total iron 39 mglkg OIl 20 § 
+ Figure 12.21 Rate of oxidation of N 

rl! Fe(II)(aq) in a natural sample of acid 
mine water that contained natural levels 
of iron-oxidizing bacteria. Presumably 
the water was initially saturated with 
atmospheric oxygen with DO = 

0 9.5 mg/kg. Modified after G. A. Kim 
0 24 48 72 (1968). Copyright 1968 by the National 

Time (hr) Coal Association. Used by permission. 
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tion. The stoichiometry of overall oxidation reactions in Eqs. (12.39a) and (12.39b) shows that when 
O2 is the oxidant, 87.5% of the oxygen in product sulfate comes from the O2, and 12.5% from the 
water. When Fe3+ is the oxidant, 100% of sulfate oxygen comes from the water. Atmospheric oxy
gen has an 8 180 of +23.8%0, whereas in surface water 8 180 values are generally negative. 

It is instructive to calculate dSO~- - H20(%0), which is the difference between the 8 180 val
ues of SO~- and H20 in mine water (Fig. 12.22). In the absence of isotope fractionation and with Fe3+ 

as the oxidant, a zero difference would be expected. Taylor et al. (1984b) propose that Fe3+ domi
nates pyrite oxidation in submersed environments. For such conditions dSO~- - H20(%o) values ex
ceed zero due to isotope fractionation, ranging from about 4 to 6 in sterile systems to about II in the 
presence of T. ferrooxidans. Fractionation is caused by the greater reactivity of light 160 than heavy 
180, with 160 thus favored in product sulfate. Bacterial activity (in this case T. ferrooxidans) causes 
more fractionation than takes place in the abiotic oxidation reaction. dSO~- - H20(%0) values range 
up to about 18 when O2 is the chief oxidant in the presence of bacteria. Such conditions are expected 
in aerated streams and in shallow unsaturated materials (Taylor et al. I 984a, I 984b ). 

Example 12.7 

Assume no isotopic fractionation during pyrite oxidation in a periodically wet tailings pile, that 
oxidation is 20% by FeH and 80% by O2 (see Fig. 12.22), and that 8 180 = -10.9%0 in H20 and 
+23.0%0 in O2, (a) Compute 8 180 for the sulfate. (b) Compute the difference dSO~- - H20(%o). 
(c) How would isotopic fractionation by T. ferrooxidans change the values obtained in (a) and 
(b) and why? 
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Solution 

(a) 8180 for the sulfate may be determined from the stoichiometries of the ferric ion/pyrite 
and Oipyrite reactions noted above. The equation is 

8180(SO~-) = 0.2(-10.9) + 0.8 x 0.125(-10.9) + 0.8 x 0.875(+23) = 12.8%0 

(b) The difference L1S0~- - H20(%0) equals 12.8 + 10.9 = 23.7%0. 
(c) Isotopic fractionation should enrich sulfate in 160. This reduces 8180 for sulfate, which 

lowers L1S0~- - H20(%0) toward 18%0, the value indicated in Fig. 12.22 from Taylor et al. 
(1984a) for the pyrite oxidation conditions specified in this problem. 

The origin of deep acid mine waters. Barnes et al. (1964) studied waters in three 
flooded coal-mine shafts in the north anthracite field of eastern Pennsylvania. Samples were obtained 
from depths up to 646 ft (197 m) below the water table. In the shaft pools Barnes et al. (1964) obtained 
the following compositional ranges: pH 3.4 to 5.4, Eh -0.10 to +0.57 V, LSO~- 1260 to 6720 mg/kg, 
and LFe(II)(aq) 34 to 1463 mg/kg. Seven of their chemical analyses are reproduced in Table 12.6. 
Highest iron and sulfate concentrations were found at the greatest depths. Eh and pH values were 
less depth predictable. All of their Eh-pH data are listed in Table 12.6 and plotted in Fig. 12.23, which 
shows that several of the analyses lie at or below the Fe(II)(aq)/pyrite boundary, suggesting equilib
rium with pyrite. 

Sampling Sampling 
depth, in ft depth, in ft 

Sample Mine below LSD* Sample Mine below LSD 

1 Loree 2 224 5 Loree 2 808 
223 ! 300 

t2 Loree 2 
292 6 Storrs 1 363 
438 423 

t3 Loree 2 
467 7 Storrs 1 550 
579 8 South Wilkes-Barre 5 452 

4 Loree 2 751 

tAli samples turbid. *LSD denotes land surface datum. 

Others plot along the Fe(OHh(am)lFe(II)(aq) boundary, consistent with their turbid yellow appear
ance, presumably due to suspended HFO. 

The high iron concentrations are difficult to explain. The stoichiometry of the 02IFeS2 oxida
tion reaction (Eq. 12.39a) indicates that 3.5 moles of O2 are consumed to produce a mole of Fe2+. 

Given the atmospheric O2 solubility of 8.4 mg/kg at 25°C, for example, oxidation of pyrite by O2 

can produce a Fe2+ concentration of only 4.2 mg/kg. The low Eh values in the pools make it doubt
ful that measureable DO is present in any case. Based on the foregoing discussion of sulfur and oxy
gen isotopes and bacterial oxidation, pyrite oxidation in the pools is probably largely abiotic with 
ferric iron as the oxidant. Oxidation rates must be slow, given the fact that Fe(III) « Fe(II) at these 
Eh values. 

If ferric iron is the oxidant, the thorny question is how to get oxidant Fe(III) deep in the rela
tively stagnant mine pools. One possibility is the flushing of particulate HFO materials into the pools 
by storm runoff, surface-waters, and actively flowing groundwaters, with the HFO solids then phys
ically settling into the pools and dissolving to give Fe(III)(aq) at depth. Another explanation may re
late to the development of an electrochemical cell involving the coal, pyrite, and groundwater 



TABLE 12.6 Chemical analyses of waters from some flooded anthracite mine shafts 

Depth 
(ft) T"C Eh (V) pH Color Gas Odor Fe2+ SO~- Mn2+ AP+ Ca2+ Mg2+ Sine Na+ CI-

224L 14 +.322 3.41 clear slightly none 34 1260 12 7 180 148 14 
effer-
vescent 

292L 17 +.533 3.55 yellow very none 478 3320 37 79 342 292 30 <25 
turbid effer-

vescent 

467L 17 +.568 3.36 slightly no gas none 488 3650 44 86 363 326 33 <25 
yellow 
turbid 

808L 17 -.\03 3.92 clear effer- H2S 1463 6720 92 143 456 462 85 35 I I 
vescent odor 

300St 16 -.030 5.41 clear very nox- \07 1340 II 0 247 145 16 
effer- ious 
vescent H2S? 

550St 16 +.078 3.95 clear no gas none 249 2090 20 24 301 193 25 <25 

452So 19 -.012 4.20 clear no gas none 839 4530 38 20 386 278 49 305 10 

Note: Sampling depths are in feet below the land surface. Letters after depths denote the different shafts: L is Loree no. 2; St is Storrs no. I; and So is South Wilkes-Barre no. 5. 

Depths below the land surface of the surface of water in the shafts are: Loree no. 2, 162 ft; Slorrs no. \,227 ft; and South Wilkes-Barre no. 5, 398 fl.Concenlrations are total (nol free-
ion) values, and are in ppm or mg/kg. Potassium was below detection « 10 mglkg) in all samples. 

m 
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Figure 12.23 Measured Eh and pH 
values for waters sampled at different 
depths in three flooded anthracite mine 
shafts in eastern Pennsylvania (num
bered open points). Also shown are 
theoretical equilibrium boundaries 
for Fe2+/Fe(OHh(am) and 
Fe2+ lFeS2(pyrite) reactions for Fe2+ = 
10 and 1000 mglkg, and S01- = 100 

14 and 1000 mglkg. From Barnes et al. 
(1964). 

(cf. Rose et al. 1979). In this scenario the coal beds and associated pyrite are conductors that short
circuit Earth's normal electrochemical potential. The tops of the beds near the water table become 
enriched in electrons (negatively charged), and the deeper horizons are positively charged. Ground
water is the electrolyte completing the circuit. Such conditions would favor Fe3+ reduction to Fe2+ 
near the surface and, at depth, the reverse oxidation reaction Fe2+ -t Fe3+ + e-. 

Alternatively, Barnes et al. (1964) suggest that the reaction 

FeS2 + 8HzO = Fe2+ + 2SOa- + 2W + 7H2(g) (12.50) 

may be taking place deep in the mine pools. Free-energy data for this reaction at 25°C indicate 

(12.51 ) 

To test the possible importance of reaction (12.50), chemical analyses from Table 12.6 for Loree 
no. 2 at 224 and 808 ft and for Storrs no. I at 550 ft were input into MINTEQA2. Program output 
included activities of the ions. Substituting their values into Eq. (12.51) we can solve for the equi
librium partial pressure of H2• This may be compared with the apparent PH, value computed from the 
measured Eh and pH, via the redox couple H+ + e- = 1 H2(g). The results, which are summarized here, 
are consistent with the positions of the samples as plotted in Fig. 12.23. 
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Sample no. Sampling depth Equilibrium Apparent 
Sample in Fig. 12.23 (ft) -log PH, (bars) -log PH, (bars) 

Loree 2 1 224 10.1 17.5 
Loree 2 5 808 10.3 4.3 
Storrs 1 7 550 10.1 10.6 

The Loree no. 2 (224 ft) sample, which has a computed hydrogen partial pressure 1074 bars under 
pyrite saturation, plots almost 200 mY above the pyrite boundary. Loree no. 2 (808 ft) lies well within 
the pyrite field, as it should, given its computed 1<f' bar excess in PH, over the equilibrium value. 
Storrs no. 1 (550 ft) plots on the Fe(II)/pyrite boundary consistent with nearly identical apparent and 
equilibrium hydrogen pressures. 

This exercise suggests that reaction (12.50) may explain high iron and sulfate concentrations 
in the deep pools. Free hydrogen is very reactive and is used by bacteria to reduce Fe(III), sulfate, 
and carbon dioxide (cf. Lovley et aI. 1994). If H2 is continually removed from the system, pyrite 
should dissolve according to reaction (12.50). Information is lacking on the rate of this reaction. As 
is the case when Fe3+ is the oxidant (Eq. [12.39b)), all the oxygen in product sulfate in Eq. (12.50) 
comes from water. Thus, apart from isotope fractionation effects, the 8180 content of both should be 
about the same, making oxidation via Eq. (12.50) isotopically indistinguishable from oxidation by 
ferric iron. 

Oxidation and neutralization trends and secondary minerals. Acid mine waters 
that are formed by pyrite oxidation in the saturated zone evolve very differently from those that de
velop in unsaturated materials above the water table. In their study of acid mine waters in bitumi
nous coal mine areas of western Pennsylvania, Gang and Langmuir (1974) noted that the Fe(II) from 
pyrite oxidation remained largely unoxidized in the groundwaters (Table A12.4, samples T-l.1 
through WR-W-3). The Eh and pH and Fe(II) content of the groundwaters was buffered by equilib
rium with HFO solids (Fig. 12.24). Once the groundwater had discharged into streams, oxidation of 
the Fe(II) lowered stream pH values, making stream waters more corrosive to geological materials. 
At these low pH's, stream Eh and pH conditions were also buffered by equilibrium between the aque
ous iron species and HFO (Fig. 12.24). 

The pyrite in refuse piles, coal-storage piles, and mine tailings above the water table has usu
ally been crushed, making it finer-grained and thus much more reactive than the FeS2 in undisturbed 
rock in the saturated zone. Under such conditions, when Feh and O2 are readily available as oxi
dants, the breakdown of FeS2 catalyzed by Thiobacteria is greatly accelerated. The result is often 
pH values from 0 to 2, and the accumulation of extraordinary concentrations of total iron and sul
fate. For example, in column-leaching experiments involving eastern U.S. coals, Helz et al. (1987) 
reported that typical leachates had pH values below 2, and contained about 0.1 mol/kg total Fe 
(5600 mg/kg), and 0.2 mol/kg total S04 (about 20,000 mg/kg). (See also Anderson and Youngstrom 
1976.) Similar waters develop in the pyritiferous tailings piles associated with precious and base
metal deposits. For example, Maley (1994) reported waters in sulfide tailings in Colorado with 
pH values from 1.3 to 2.8, up to 1300 mg/kg Cu and Mn, 18,500 mg/kg Fe, 1100 mg/kg Ca, and 
152,000 mg/kg S04' When the coal or sulfide ore contains carbonates, pyrite oxidation is inhibited 
in tailings and leachates are less objectionable (cL Table AI2.4, well 201 analysis; and McWhorter 
et al. 1974). 

High aluminum (and silica) concentrations in acid streams and in sulfidic-waste tailings and 
coal-storage piles derive from the weathering of aluminosilicate minerals. Kaolinite clay, for exam
ple, is common in the underclays beneath Pennsylvania coal beds (Gang and Langmuir 1974). Above 
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Figure 12.24 Eh-pH diagram show
ing the stability field of Fe(OHh(s) 
assuming pKsp = 38.5, and siderite, 
FeC03, at I DoC. Mineral-solution 
boundaries are drawn for a dissolved 
lFe activity of 10-2.75 mollkg 
(100 mglkg as Fe), and a total alkalinity 
of 10-340 mollkg (24 mglkg as HC0:J). 
Field-measured Eh and pH values for 
16 streams and 19 groundwaters from 
coal strip-mined areas of northwestern 
Pennsylvania are circled. From 
M.A. Gang and D. Langmuir (1974). 
Copyright 1974 by the National Coal 
Association. Used by permission. 

roughly pH 4.6 maximum AI concentrations from the weathering of such phases are probably lim
ited by the solubilities of microcrystalline gibbsite and/or amorphous AI(OHh (Nordstrom and Ball 
1986) (Fig. 12.25). Dissolved Al increases further as the pH drops below pH '" 4.6. This increase, 
often parallel to an increase in sulfate, suggests that the Al is unreactive. However, under acid con-

, ditions Al concentrations may sometimes be limited by the solubilities of sulfate minerals such as 
alunite. For example, alunite dissolution via the reaction 

(12.52) 

has Keq = 10-1.6. Assuming pH = 3.0 and reasonable acid mine water values of [K+] = 10-3 mollkg 
and [SOi-] = 10-2 mollkg, we obtain [AP+] = 10-4.2 mollkg at equilibrium, a value similar to those 
plotted in Fig. 12.25 for pH = 3. 

A host of such secondary solids approach saturation in the groundwaters, streams, and 
leachates associated with the oxidation and weathering of sulfide minerals. Some of these phases are 
listed in Table 12.7. Alunite and jarosite form a solid solution with Fe3+ for AJ3+ substitution. Writ
ten in the general form: AB3(X04h(OH)6, the A position can be occupied by large cations such as 
H30+, K+, Na+, Ag+, Rb+, Tl+, NH/, !Ca2+, !Sr2+, !Ba2+, !Pb2+, or !Cu2+. The B position holds eight
fold coordinated Fe3+ or Aj3+, Cu2+ or Zn2+. In the anion (X04), X may be S6+, p6+, As5+, or Si4+ 
(cf. Scott 1987; Alpers et al. 1992). Pure metal-OH or hydrated sulfates are also formed by mono
valent Ag and divalent Cu, Mn, Zn, Co, Pb, and V02 (Palache et al. 1951). Solubility products of 
some ofthe single metaljarosites are: Ag-jarosite, 99.1; CUo.darosite, 98.3; and Pbo.darosite, 97.6. 
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Figure 12.25 (a) Plot of log IAPtl 
versus pH for 64 samples from a 
drainage basin affected by acid mine 
waters from the Leviathan mine, Cali-
fornia-Nevada. Points shown as open 
s4uares have pH <4.6, plus symbols are 
those with pH >4.9. The solid lines are 
theoretical solubilities of amorphous 
AI(OHh and microcrystalline gibbsite. 
(b) Plot similar to (a) for acid mine 
drainage from Appalachia (solid cir-
des) and Adirondack lake waters af-
rected by acid precipitation (open cir-
des). From Science 232:54-56, D. K. 
Nordstrom and J. W. Ball, The geo-
chemical behavior of aluminum in 
acidified surface waters. Copyright 
1986 by Science-AAAS. Used by 
permission. 

The insolubility of such phases and oftheir solid solutions makes them potential sinks for heavy met
als in acid sulfate systems. This is important, in part, because such metals are poorly adsorbed by 
phases such as hydrous ferric oxyhydroxide (HFO) under acid conditions (see Chap. 10) and in fact 
the HFO itself becomes soluble below pH 2 to 3 (Fig. 12.4). 

Alunite-jarosite minerals (and the other secondary sulfates) form, in part, because of evapora
tive concentration of pore and capillary waters in pyritic materials, and also at depth in saturated tail
ings (Dubrovsky et al. 1985). They are found in soils beneath acid sulfate evaporation ponds (Peter
son et al. 1983), and are also precipitated directly from acid mine waters (ct'. Filipek et al. 1987; 
Alpers et al. 1989). The alunite-jarosite mineral group also occurs in the weathered zones on top of 
metal sulfide deposits (Scott 1987) and in the sediments of acid hypersaline lakes (Alpers et al. 1992). 

The aluminum sulfates (e.g., alunite, alunogen, basaluminite) do not significantly buffer acid 
pH values (see Chap. 5). However, the ferric and ferrous sulfates (e.g., coquimbite, the jarosites, 
melanterite, and szomolnokite) are strong acid buffers that can keep pH values at or below 3 until 
they are dissolved. The upper pH expected when jarosite is present probably reflects its equilibrium 
with practically ubiquitous HFO in such systems and the reaction 

02.53) 
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TABLE 12.7 Solubility products of some secondary aluminum oxyhydroxides and 
sulfate minerals observed resulting from the interaction of acid mine waters with 
geological materials 

Mineral or solid 
phase Formula -log Ksp Source 

Allophane [AI(OHhll_.[Si021. 
Amorphous AI(OHh AI(OHh(am) 

Alunite KAI3(S04MOHMam) 
KAI3(S04MOHM c) 

Alunogen AI2(S04h . 17H2O 
Anglesite PbS04 
Anhydrite CaS04 
Aphthitalite NaK3(S04h 
Barite BaS04 
Basaluminite AI4SOiOH)IO·5H2O(am) 

AI4S04(OH)IO·5H2O(c) 

Celestite SrS04 
Coquimbite Fe2(S04)3 . 9H2O 
Gibbsite AI(OHh 
Gypsum CaS04· 2H20 
Jarosites: 

Hydronium jarosite (H3O+)FeiS04MOH)6 
Natrojarosite NaFe3(S04h<OH)6 
"Jarosite" KFe3(S04MOH)6 

Jurbanite AIS040H . 5H2O 

Kieserite MgS04 · H2O 
Melanterite FeS04· 7H20 
Syngenite K2Ca(S04h . H2O 
Szomolnokite FeS04' H2O 

5.89 - 1.59 pH 

31.2 
83.4? 
85.6 
7.0 

7.76 
4.36 
3.80 
9.97 

116 
117.7 

6.62 
3.58 

33.9 
4.59 

75.4 
89.3 

93.2 (94.6 to 98.8) 

17.8 

0.12 
2.21 

7.45 
0.91 

t 
:j: 

§ 

§ 

II 
# 

tt 
:j::j: 
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:j::j: 

§§ 

:j: 

'"I ## 

tH 
tt 

+:J::j: 

tt 
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Sources: tPaces (1978). tNordstrom et a!. (1990). §Nordstrom (1982); MINTEQA2 (Allison et al. 1991) 
lists pK,p= 117.3 for basaluminite. IIPaige et a!. (1992). -Langmuir and Melchior (1985); MINTEQA2 gives 
pK,p (anhydrite) = 4.637 in serious error. ttHarvie et aI. (1984). ULangmuir and Melchior (1985). §§Com
puted from 6.Gl data given by Naumov et a!. (1974), and adapted in MINTEQA2. III1Langmuir and Mel
chior (1985); MINTEQA2 lists pK,p(gypsum) = 4.848 in serious error. ff Alpers et a!. (1989) use these sin
gle values. The jarosites are an extensive series of solid solutions. MINTEQA2 lists pK,p = 82.1 for 
hydronium jarosite. The range of parenthetic pK,p's is based on geochemical modeling of waters with which 
jarosites. usually of unknown composition, are thought to have been in eqUilibrium, but are assumed to be 
pure K-jarosite. See also Baron and Palmer (1996). ttfNordstrom (1982); MINTEQA2lists pK,p = 17.23 
for AIOHS04• WReardon and Beckie (1987); MINTEQA2 lists pK,p(melanterite) = 2.47. 

for which if pKspGarosite) = 93.0, and pKsp(HFO) = 39.0, we find 

Keq = [K+][SO~-f[WP = 10-195 (12.54) 

Assuming [K+] = 10-4 mollkg. and [SOl-] = 10-2 mollkg, then pH = 3.8 at equilibrium. The stability 
field of jarosite and the jarositelHFO boundary are shown on the Eh-pH diagram in Fig. 12.26. Ap
parent Eh-pH buffering of waters in saturated mine tailings by equilibrium with respect to HFO and 
jarosite is suggested by the analyses plotted in Fig. 12.27. 

Filipeck et al. (1987) computed the saturation state of the AI-sulfates in waters from West 
Squaw Creek drainage, California. As shown in Fig. 12.28, AI concentrations appear limited by sat-
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Figure 12.26 pE-pH/Eh-pH diagram 
for the system Fe-K-S-C02-H20-02 at 
2YC and I bar pressure, assuming 
rFe(aq) =0 10-4 mol/kg at solid/solution 
boundaries, rK(aq) =0 10-4 mollkg, and 
rS(aq) = 10-2 mol/kg, and Peo, = 
10-2 bar. Ferrihydrite IFe(OHh)) is 
assumed to have Kll' = 1O-~9, siderite 
IFeC031 K,p = 10-15, and JarosIte 
IKFe3(S04MOH)6J K,p = 10-93

• Dashed 
line is solids/solution boundary for 
rFe(aq) = 10-2 mol/kg. Figure is modi
fied after Nordstrom and Munoz 
( 1985). 

Figure 12.27 pE-pH plot for iron 
species and solid phases showing mea
sured pE and pH values of groundwa
ters from Nordic Main, Nordic West 
Arm, and Lacnor tailings (Canada). 
The pKsp for Fe(OHh(s) is 38.5. The 
unbroken Fe(aq)/solid boundary is 
drawn for [Fe(aq)] =0 10-4 mollkg, the 
dashed boundary for [Fe(aq)] = 

10-2 mol/kg. [K+] = 10-3 mol/kg. From 
Canadian Geotech. J. 22( I): 110-28, 
N. M. Dubrovsky et aI., Geochemical 
evolution of inactive pyritic tailings in 
the Elliot Lake Uranium District: I The 
groundwater zone. Copyright 1985 by 

14 NRC Research Press. Used by 
permission. 
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Figure 12.28 Plot of saturation in
dices for jurbanite, basaluminite and 
alunite as a function of pH for water 
samples from West Squaw Creek 
drainage, West Shasta Mining District, 
California. Reprinted with permission 
from Envir. Sci. & Techno/. 21(4); 
388-96, L. H. Filipek, D. K. Nord
strom, and W. H. Ficklin, Interaction of 
acid mine drainage with waters and 
sediments of West Squaw Creek in the 
West Shasta Mining District, Califor
nia. Copyright 1987 American Chemi
cal Society. 

uration with respect to jurbanite. basaluminite. and alunite. Above pH 5 to 6 many of the same waters 
were supersaturated with respect to gibbsite and kaolinite. Under these conditions the AI-sulfates 
are metastable and should ultimately alter to phases such as gibbsite and kaolinite (see Figs. 12.29 
and 12.30). 

The mineral phases most generally found to be at or near saturation in acid mine waters are the 
ferric oxyhydroxides and gypsum in high-sulfate waters. The Ca2+ for gypsum saturation is released 
by the acid weathering of associated limestone and silicate rocks such as the plagioclase feldspars. 
Several high-sulfate waters in Tables 12.6 and A 12.4 are saturated with respect to gypsum. Gypsum 
limits maximal calcium and sulfate concentrations in acid mine surface-water and groundwaters as 
shown by Fig. 12.31 (see also Helz et al. 1987). That gypsum precipitation has taken place as sul
fate increased is suggested by the anomalously low molar Ca/Mg ratios of several waters in 
Table AI2.4. (Usually mCa ;:: mMg in natural waters.) Because pKa = 1.99 for HS04" = W + SO~-, 
sulfate concentrations increase rapidly above pH 2 in acid mine waters at the expense of bisulfate. 
Thus, even at constant I:SOiaq). sulfate minerals can rapidly approach saturation as pH increases. 

Example 12.8 

Input the analysis of acid spring water T-l.l from Table A 12.4 into MINTEQA2 (ignore 
species <5 mglkg), to compute the saturation state of the water with respect to possible sec
ondary minerals. Correct pKsp(gypsum) in the data base to 4.59 for 25°C (Table 12.7). Com
puter output shows that, among the sulfates, jurbanite and the Na and H jarosites are slightly 
supersaturated. Gypsum and anhydrite are slightly undersaturated (S/gyps = -0.15). 
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10 

Figure 12.29 Stability fields of phases in the system K+-Alh-SOl--HzO at 25°C and I bar 
pressure. as a function of pH and sulfate activity for K+ = 10-2 mol/kg. The following 
pKsp values are assumed: 33.96 for gibbsite, 88.4 for alunite, 17.8 for jurbanite, and 116 for 
basaluminite. Dashed lines denote metastable equilibria. The arrows labeled "Drying" show 
that the stability field of alunite increases in size with decreasing water activity (drying) at 
the expense of the jurbanite and gibbsite fields. 

Figure 12.30 Stabililty fields and sol-
ubilities of jurbanite, alunite and gibb-

Jurbanite site at 25°C, in terms of the sum of AI Gibbsite 
species activities, assuming [K+j = 

Alunite 10-4 mol/kg and ISOl-] = 10-2 mol/kg. 
At lower sulfate concentrations the 
gibbsite/alunite boundary moves to 
lower pH's. Reprinted from Geochim. 
et Cosmochim. Acta, 46, D. K. Nord-
strom, The effect of sulfate on 
aluminum concentrations in natural 
waters: Some stability relations in the 
system AlPrSOrHzO at 298 K, 
681-92, © 1982. with permission from 
Elsevier Science Ltd., The Boulevard, 

0 2 4 6 8 10 12 Langford Lane, Kidlington OX5 1GB, 
pH U.K. 
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Figure 12.31 Plot of log [Ca2+] ver
sus log [SO~-j for 16 stream waters and 
19 groundwaters from coal strip-mined 
areas of northwestern Pennsylvania, 
showing maximum activities are lim
ited by the solubility of gypsum at 
JOoC. Solid circles denote stream 
waters, open circles groundwaters. 
From M. A. Gang and D. Langmuir 
(1974). Copyright 1974 by the National 
Coal Association. Used by permission. 

Now perform the calculation with the same water analysis, but assume pH = 1.0. 
MINTEQA2 output shows that gypsum is now undersaturated with S/gyps = -0.55. SI values 
for the other sulfates are even more negative. 

Depending on the mix and history of surface runoff and groundwater inflow feeding the 
streams that discharge from acid mine country, solute concentrations may increase or decrease with 
discharge. Where the fraction of a watershed that has been mined is small, overland flow may dilute 
increased streamflows. However, when storms cause a major increase in acid groundwater flows into 
streams or wash out important amounts of acid sulfate salts accumulated in spoils and tailings piles, 
streams may be degraded by storm events. Gang and Langmuir (1974) found that several acid 
streams in Pennsylvania were diluted by storms, but that overall stream solute and metal loads were 
increased, probably chiefly due to the washout of sulfate salts (see Figs. 8.17 and 8.18). The acid dis
charge of a coal mine in Ohio increased in acidity with discharge, probably because of the washout 
of accumulated salts from mine workings by rising groundwater levels in response to storms (Shu
mate and Smith 1968). 

Reliable models have been developed for predicting the formation of acid mine drainage and 
its fate in laboratory column and batch tests (cf. Sullivan et al. 1986; Felmy et al. 1987; Davis and 
Runnells 1987). Comprehensive modeling attempts have been less successful when applied to nat
ural systems because of their complexity and a lack of subsurface information, particulary on aban
doned mines. Among the more successful efforts at comprehensive mathematical modeling are the 
studies of Shumate and Smith (1968) and Morth et al. (1972). Their model considers a complex suite 
of geologic, hydrologic, and geochemical variables, including pyrite oxidation kinetics. 
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STUDY QUESTIONS 

1. Discuss the conditions of formation, particle size, crystallinity, moisture content, [Fe(III)/OHJ solid ratio, 
and thermodynamic stability of Fe(I1I) oxyhydroxide solids such as ferrihydrite and goethite. What hap
pens to the solution pH, stoichiometry, and solubility of such solids when they are precipitated and aged 
under acid versus under alkaline conditions? 

2. Given Gibbs free-energy data, be able to draw and explain a species distribution diagram for Fe(II) and 
Fe(III)-OH complexes as a function of pH. 

3. Be able to construct an Eh(or pEl-pH diagram for a redox-sensitive element in the 02-H20-C02 system, 
where the element forms insoluble solids and aqueous acid-base species, such as oxyanions and metal-OH 
complexes. 

4. Sketch an Eh-pH plot for the S-H20-02 system, and comment on the relevance of kinetic versus equilib
rium concepts and of microorganisms in facilitating the acid-base and redox reactions described by bound
aries on the diagram. 

S. Comment on the conditions of formation and occurrence of thermodynamically metastable versus stable 
aqueous sulfur species and Fe(II)-S solids. 

6. Discuss the origins, occurrences, and stabilities of the Fe(lI) sulfides. 

7. Draw a schematic Eh-pH diagram for the Fe-K-S-C02-HzO-02 system at 25°C as it might apply to the pro
duction of acid mine drainage. Label stability fields of the minerals and aqueous species and show on the 
diagram how acid mine drainage in seepages and streams evolves from the oxidation of pyrite or marcasite 
exposed in mine wastes or tailings. 

8. What are the two key pyrite-marcasite oxidation reactions that cause the weathering of FeS2? Compare and 
discuss the meaning of the acidity produced by the overall oxidation reactions to that of the corresponding 
oxidation half-cell reactions. 

9. Comment on the rate laws that describe pyrite and dissolved Fe(IJ) oxidation as a function of pH. Compare 
the inorganic rates to the reaction rates observed when microorganisms are present.What role do bacteria 
play in the oxidation/reduction reactions of Fe and S and in the production of acid mine waters? 

10. What are possible explanations for acid, high Fe(I1), and sulfate waters in deep mine pools? 

11. What insights do 8180 measurements provide regarding the origins of acid mine waters? 

12. Acid mine waters are produced when pyrite and/or marcasite are important minerals in coal-mine wastes, 
or in Zn, Pb, and Cu metal sulfide ore wastes. The Zn, Pb, and Cu sulfides themselves do not produce im
portant amounts of acidity. Why not? Hint: Write the weathering/oxidation reactions for the Zn, Pb, and Cu 
sulfides. 

13. How and why do changes occur in the concentrations of acidity and of dissolved metals and other species 
in streams draining acid mine drainage country as a function of stream discharge? 

14. If a Fe(IlI)-rich acid mine water with minor FeW) (pH = 3) flows into a confined formation comprising 
minerals such as calcite and feldspars, but without reductants, its Eh will drop as its pH rises. Why? 

PROBLEMS 

1. Maximum concentrations of Fe(IIl) in natural waters are usually limited by the solubility of the Fe(UI) oxy
hydroxides. The Fe(IIl) concentration in turn limits maximum concentrations of dissolved phosphate 
through precipitation of the mineral strengite (FeP04 . 2H20). With MINTEQA2 and the sweep option, cal
culate total concentrations of Fe and P at equilibrium with both ferrihydrite and strengite (both present as fi
nite solids) from pH 2 to 9 at even pH increments. Assume also that Na+ = CI- = 0.01 mollL. Compare the 
concentrations of Fe(II1) and P04 as a function of pH. 

2. If oxidized and reduced forms of an element are present in a water and a complexing ligand is introduced, 
the redox form that participates in the strongest complex or complexes with the introduced ligand will have 
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the size of its Eh stability field increased at the expense of the field of the weakly complexing form. The ef
fect is magnified if the species that is most strongly complexed also has the smaller ion activity coefficient. 
The following problem illustrates this principle using the Fe3+/Fe2+ redox pair. In general for this pair at 25°C 

[Fe3+] 
Eh(volts) = 0.771 + 0.0592 log [Fe2+] 

where brackets enclose activities of free ions. Note that in the absence of complexing of either ion, at equal 
concentrations and at zero ionic strength, Eh = EO = 0.771 V. 
(a) Given that pH = 3.00, and l:Fe(III)(aq) = l:Fe(II)(aq) = 10.-300 mollL, use MINTEQA2 to calculate the 

corresponding Eh. You will have to assign the redox pair Fe2+IFe3+ a fixed activity in PRODEFA2. Ex
plain how aqueous iron speciation and the activity coefficients of Fe3+ and Fe2+ influence the computed 
Eh value. 

(b) Now add l:S04(aq) = 10-2.00 mollL to the solution in (a). What is the Eh? Tabulate the activities of the 
major species. What are the mole percent concentrations ofl:Fe(III)(aq) and l:Fe(II)(aq) present as com
plexes? Compare the speciation to what you computed in part (a). Explain the differences in Eh and in 
the speciation. 

3. The measured Eh of natural waters (particularly of surface-waters) often represents a mixed potential and 
thus has little or no thermodynamic meaning. For this reason many researchers have chosen to chemically 
analyze natural waters for their concentrations of individual redox pairs, rather than computing questionable 
redox pair concentrations from the measured Eh via the Nernst equation. The analysis of leachate from 
Well 201 in Table A 12.4 includes measured Eh and pH values and concentrations of Fe(III)(aq), Fe(II)(aq), 
As(IlI)(aq), and As(V)(aq). Separately compute the Eh that corresponds to the directly measured concen
trations of each redox pair and compare these values to the measured Eh. Solve the problem using 
MINTEQA2 and comment on the results. 

4. (a) Given the composition of the leachate from Coal A in Table A 12.4, and assuming its temperature is 2SOC, 
calculate the half-time for oxidation of pyrite in the coal in contact with the leachate. Assume only abi
otic oxidation, a constant pyrite surface area of 0.05 m2/g, and that both O2 and Fe3+ act as oxidants. 
Hint: you will need to use MINTEQA2 to compute the Fe2+ concentration in order to solve this prob
lem. Assume a fixed Fe2+IFe3+ activity ratio in PRODEFA2. 

(b) Are the assumptions being used in this problem realistic? What is likely to happen to the relative and 
absolute concentrations of aqueous Fe species and to the oxidation rate of FeS2 within the coal pile as 
time passes? Explain. 

(c) Read the paper by Elberling and Nicholson (1996) and discuss the probable importance of oxygen dif
fusion and moisture content to the rate of pyrite oxidation in coal piles and metal mine tailings piles. 

5. Helz et al. (1987) found that the 40-day leachate from Coal A in Table A 12.4 was at saturation with respect 
to gypsum, melanterite, and goethite. Input the analysis into MINTEQA2, adjusting Ksp values for sulfates 
as necessary (Table 12.7), and compute SI values for these minerals. Are other sulfates near saturation in the 
leachate? Based upon your calculations, if the minerals reported by Helz et a\. (1987) are not at saturation, 
discuss possible reasons. 

6. Most current gold mining in the western U.S. involves the open-pit excavation of FeSrbearing gold ore, 
which is then crushed and heap-leached with a high-pH cyanide solution to extract the gold. Surface- and 
groundwater pollution have been caused by escape of the gold cyanide leaching solutions (cf. King 1995), 
and result from the acidities generated by oxidation of FeS2 exposed in heap-leach piles and waste-rock 
piles. After mine closure the open pit gradually fills with inflowing ground waters and runoff from pit walls. 
The lake is diluted by rainfall but concentrated by evaporation. Given such complexities, predicting the 
long-term chemistry of pit lakes is a difficult challenge (cf. Miller et a\. 1996). 

The following problem is a simplified calculation to predict the chemistry of a pit lake. We will con
sider the mixing of runoff from pit walls with inflowing groundwater in the pit, but will neglect the effects 
of rainfall and evaporation. There are two important questions: (I) will the lake be acid or alkaline; and 
(2) will it contain toxic concentrations of metals and species such as arsenic that would harm wildlife? The 
predicted average compositions of pit wall runoff (based on laboratory tests) and groundwater inflow (based 
on groundwater chemical analyses) are given below. Concentrations are in mgIL unless otherwise indicated. 
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Species or Pit wall Groundwater Species or Pit wall Groundwater 
parameter runoff inflow parameter runoff inflow 

pH 3.50 7.37 Mg 28.5 31.5 
Eh(mV) 1000 750 Mn(II)(aq) 1.6 0.6 
AI 9.5 0.1 P04 0.02 0.35 
As 0.010 0.515 K 3.1 7.4 
Ca 20.8 69 Si02 4.6 18 
CI 0.7 35.5 Na 2.0 138 
F 0.3 0.3 S04 255 530 
Fc(IIl)( aq) 1.9 0.9 Zn 1.71 0.12 

(a) Hydrogeologic studies indicate that 9.4 gpm of pit wall runoff will mix with 10 gpm of groundwater in
flow in the pit lake. Using a geochemical code such as SOLMINEQ.88 (Kharaha et al. 1988) or 
PHREEQC (Parkhurst 1995). determine the composition of the mixture. What is its pH and alkalinity? 

(b) Mixing creates a pit lake that is supersaturated with respect to numerous solids. some of which may pre
cipitate. Input the composition of the mixture from (a) into MINTEQA2. Assume the following six pos
sible solids could precipitate (their ID numbers are given in parentheses): AliOH)IOS04 (6003001). fer
rihydrite (2028100). gibbsite (2003003). strengite (7028100). pyrolusite (2047000). and hydroxyapatite 
(7015003). Reset the log Keq value for ferrihydrite in PRODEFA2 to -3.0 (equivalent to pK,p = 39.0). 
Which of the possible solids will precipitate? What is the composition of the pit lake after they have 
precipitated? 

(c) Precipitated phases can beneficially adsorb toxic species such as As from the lake. With the diffuse-layer 
model in MINTEQA2. compute adsorption by the ferrihydrite (HFO) precipitate. In the modeling as
sumc a HFO surface area of 600 m2/g. and two adsorption sites; site I with 0.005 mol sites/mol Fe. 
and site 2 with 0.2 mol sites/mol Fe (Dzombak and Morel 1990). Use the diffuse-layer database file 
feo-dlm.dbs. Comment on the importance of adsorption to pit-lake chemistry. 

(d) Triple the amount of HFO used in part (c); recompute the adsorption of arsenic from the pit lake and 
discuss. 

7. (a) Given the thermodynamic data in these tables. construct an Eh-pH diagram for the Mn-OrH20-C02 
system for Peo, = I 0-21JO bar. and with solid/aqueous species boundaries at Mn2+ = 10-5.00 mol/kg. Con
sider the following solids for your diagram: hausmanite, rhodocrosite, todorokite, bixbyite, manganite, 
birnessite, and pyrolusite. Hints: Ignore complexing of Mn2+. In order to decide which minerals are ther
modynamically stable, it is useful to first assign to each of them an average valence for Mn. Then write 
reactions between minerals of the same valence to decide which one is thermodynamically most stable. 
Next, write reactions between the most stable minerals of proximal valence for Mn, and plot their re
action boundaries on the Eh-pH diagram. 

Aqueous species !lO? Aqueous species !lO; 
or solid phase (kcal/mol) Source or solid phase (kcal/mol) Source 

Mn2+ -54.5 t Mnll(Mn1Vh07 -415.1 § 
r-MnOOH -133.3 :j: (todorokite) 

(manganite) MnCO) -195.2 t 
8-Mn02 (birnessite) -108.3 t (rhodocrosite) 
f3-Mn02 -111.2 t Hp(I) -56.687 II 

(pyrolusite) OH- -37.604 II 
MnO,! -106.9 t CO2(g) -94.254 II 
MnO~- -119.7 t H2C03 -148.94 t 
a-Mn20) (bixbyite) -210.6 t HCO-3 -140.26 t 
Mn304 (hausmanite) -306.7 t COj- -126.17 t 

Sources: tWagman et al. (1982); IBricker (1965); 'Based on composition of soil moisture in C horizon in apparent 
equilibrium with todorokite; IICODATA (1976). 
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Some ofthese minerals are thermodynamically unstable relative to others and will not have stabil
ity fields on the diagram if only the most stable solids are considered. Which are they? Explain. Con
struct the diagram between pH 2 and 10, showing the full stability field of water in that pH range. 

(b) Based on the Mn Eh-pH diagram and similar diagrams for iron, explain how Mn and Fe can be sepa
rated from each other in a soil- or groundwater. Why is it more difficult to remove dissolved Mn2+ from 
drinking water than dissolved Fe2+ (for which reason in part, their drinking water standards are 0.05 and 
0.3 mglL, respectively)? 

CHAPTER 12 APPENDIX 

The tables in this section present thermodynamic data and equilibria for aqueous species and solids 
of iron and sulfur and equations for constructing Eh-pH and Eh-concentration diagrams, and chem
ical analyses of some acid mine waters and tailings waters. 
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TABLE A12.1 Thermodynamic data for iron aqueous species and solids at 25°C and 1 bar pressure 

Mlo 
j !lGI SO 

Mineral or aqueous species (kcal/mol) (kcal/moi) (cal/mol K) Source 

a-Fe(c) 0 0 6.52 I 
Fe2+ -21.3 -18.85 -32.9 2 
FeOW -76.42 -61.76 -18.1 3 
Fe(OH)2 -129.3 -104.25 2.6 4 
Fe(OH)3" -148.8 5 
FeCI+ -53.5 -49.5 4.2 6 
Fe09470(C) -63.64 -58.59 13.76 1 
FeS04' -237.1 -199.8 -13. 7 
FePO" -313.8 -272.4 -9.4 8 
FeHP04' -284.1 (-13) 9,10 
FeHzPO;: -292.7 (-25) 9,10 
Fe3(P04}z(HzO)x vivianite -995.7 (132) 11 
FeS(am) -20.0 12 
FeS(c) troilite -24.13 -24.22 14.42 1 
FeS(c) mackinawite -21.0 12 
Fe3S4( c) griegite -65.4 12 
FeSic) marcasite -40.5 -37.86 12.88 I 
FeS2( c) pyrite -41.0 -38.3 12.65 I 
FeO.877S monoclinic pyrrhotite -25.2 -25.6 14.5 13 
FeHCO:j -161.84 14 
FeCO) -151.98 15 
FeC03(c) siderite -176.96 -159.48 22.82 16 
FeAs(c) -5.50 -10.54 25.12 17 
FeAs2(c) loellingite -11.10 -15.94 33.02 17 
FeAsS(c) arsenopyrite -26.71 -30.04 27.24 17 
FeSbS(c) gudmundite -24.41 -24.43 25.16 17 
FeSb2S4(C) berthierite -66.06 -67.97 58.77 17 
FeSez( c) ferroselite 20.76 1 
Fe2Si04(C) fayalite -353.58 -329.68 35.45 1 
Fe3SizOs(OHMc) greenalite (-783.0) -710.0 (66.7) 18 
Fe3+ -11.6 -1.10 -75.5 2 
FeOW+ -69.5 -54.80 -34 2,4 
Fe(OH)! -106.74 19 
Fe(OH)3 -154.03 19 
Fe(OH)4 -198.38 (-1.1) 19 
Fez(OHW -146.3 -111.55 -86 4 
Fe3(OHW -293.76 -221.46 -141 4 
Fep2+ -94.05 -76.90 -43 20 
FeF2 -168.4 -150.49 -21 20 
FeF3 -247.65 -222.2 -6.1 20 
FeC)2+ -45.93 -34.50 -36 7 
FeCI! -66.77 (-18) 7 
FeSO;: -223.0 -184.56 -32.4 7 
Fe(S04)2" -364.34 ( -9) 7 
FeHP04" -316.66 -275.0 -25 21 
FeH2PO~+ (-324.5) -277.0 (-45) 22,23 
FeP04 . 2H20 strengite -451.30 -397.45 40.9 1 
FeH3SiOl+ (-363.7) -313.18 (-45) 23,24 
Fe(OHh(am) -164.52 25 
Fe(OHh(s) -166.43 25 
a-FeOOH goethite -134.27 -117.36 14.43 26 
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TABLE A12.1 (continued) 

Mineral or aqueous species 

y-FeOOH lepidocrocite 
a-Fe203 hematite 
y-Fe203 maghemite 
Fe304 magnetite 
Fe3(OH)s ferrosic hydroxide 
KFe3(S04MOHMc) jarosite 
FelIFellI(OH)12S04 . 3H20 

Mio 
f 

(kcaVmol) 

-197.09 

-266.67 

Iron and Sulfur Geochemistry Chap. 12 

!:1GJ SO 

(kcal/mol) (cal/mol K) Source 

-112.61 27 
-177.51 20.89 1 

(-168) 28 
-242.ol 34.93 I 
-459.22 29 
-791.1 30 

-1046.8 31 

Note: Values in parentheses are estimates. The thermodynamic data in this table have been computed using auxiliary ther
modynamic data for related substances as published by Wagman et al. (1982), which often differ from such data given by Cox 
et al. (1989). 

Source: IRobie et al. (1978). 

2Wagman et al. (1982). 

3K from Yatsimirskii and Vasil'ev (1960). Mf;' from Baes and Mesmer (1976). 

4K and Mf;' from Baes and Mesmer (1976). 

5Kfrom Baes and Mesmer (1976). 

6Based on K data from 25 to 350°C in Barnes (1979). 

7K and Mf;' from Smith and Martell (1976). 

8Christensen et al. (1975). 

9K from Smith and Martell (1976). 

IOso assumed equal for the complexes: FeHPO~ = FeSO~ and FeH2PO;j = FeHPO;j. 

"AI-Bomo and Thomson (1994) obtain pK,p = 35.77 at 25°C. Their solubility measurements from 5 to 90°C lead to the tab
ulated free energy, Mfl = -1195.7 kcal/mol, and an impossible negative entropy for the solid. So has instead been estimated 
using Latimer's method (Naumov et al. 1974). Nriagu (1972) obtained pK,p = 36 for vivianite. 

121lG! recomputed from free energies given by Berner (1971) consistent with the tabulated IlGl for Fe2+. 

IlBezman and Smolyarova (1977). 

14Based on K given by Nordstrom et al. (1990). 

15K .. "", = 105.1 ±o.2 estimated by the author using the oxalate comparison method (Langmuir 1979). Bruno et al. (1992) sug
gest Kassoc = 105.5 ± 0.2 using a different solution model. 

16SO from Robie et al. (1984). pK,p = 10.68 ± 0.02 (30°C) recomputed from solubility data of Smith (1918), which with IlH;' = 
-6.0 ± 0.1 kcal/mol and the van't Hoff equation, gives pKsp = 10.60 at 25°C. 

17Barton and Skinner (1979). 

18Ksp from Ball et al. (1980). SO estimated using Latimer's method (Naumov et al. 1974). 

19Macalady et al. (1990). 

2OK.,so< from Roberson and Barnes (1978). Mf;' from Smith and Martell (1976). 

2IK .. "", = 108
.
JO for I = 0.5 (Smith and Martell 1976) corrected to Kasso< = 109.92 for I = O. This may be compared to K."oc = 

10975 at 1= 0 reported by Sillen and Martell (1964). Mfro from Christensen et al. (1975). 

22Kassoc = 104. 17 estimated by this author. 

23SO for complex estimated from plot of empirically obtained monatomic entropies of Fe aquospecies versus the charge of 
those species on a monatomic Fe basis (cf. Langmuir and Herman 1980). 

24 K measured at 1= 0.1 (Porter and Weber 1971) corrected to I = o. 
251lGl values computed for freshly precipitated amorphous material (pK,p = 37.1), and for briefly aged material (pK,p = 38.5) 
(cf. Macalady et al. 1990). 

26So from Robie et al. (1978). AGI based on IlG,o = 0.53 kcallmol for the reaction: 2a-FeOOH = a-FeP3 + H20 (Macalady 
et aI., 1990). 

27Based on pKsp = 40.6 for y-FeOOH + H20 = FeJ+ + 30H- (Schuylenborgh 1973). 

28AGI estimated from the assumption that IlG;' = 0.53 kcallmol for the reaction: 2y-FeOOH = y-Fe20J + H20 (see note 26). 
29Lindsay (1979). 

JOSaron and Palmer (1996). 

J'Bruun Hansen et al. (994). 
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TABLE A12.2 Equilibria and equations for constructing Eh-pH and Eh-concentration diagrams at 25°C and 1 bar pressure for the systems Fe-Oz-HzO and 
Fe-Oz-C02-HzO in Figs. 12.8 to 12.12 

Reaction 
equation no. 

1 
2 
3 
4 

(5) 
(6) 
(7) 
8 

Reaction 
equation no. 

9 

10 

11 

12 

13 

14 

Part I. The pH of Hydrolysis Reaction Boundaries, Computed for Equal Activities of the Two Fe Species 

Reaction pair or boundary 

Fe3"'lFeOH2 ... 
FeOH2+lFe(OH)z 
Fe(OH)2lFe(OH)3 
Fe(OH)3lFe(OH)" 
Fe2+lFeOH+ 
FeOWIFe(OH)2' 
Fe(OH)zlFe(OH):l 
Fe2+lFe(OH)3 

Reaction 

Fe3+ + H?O = FeOH2+ + H'" 
FeOH2+ :;:. H20 = Fe(OH)2 + + W 
Fe(OH)z + H20 = Fe(OH)3' + W 
Fe(OH)3' + H20 = Fe(OH)" + W 
Fe2+ + H20 = FeOH+ + H+ 
FeOW + H20 = Fe(OH)2' + W 
Fe(OH)z + H20 = Fe(OH):l + W 
~ Fe2+ + H20 = ! Fe(OH)3 + W 

-log K=pH of 
boundary 

2.19 
3.48 
6.89 
9.04 

10.10 
10.41 
8.90 
9.80 

Part II. Redox Reactions among Aqueous Species; Boundaries Are Computed for Equal Activities of the Two Species 

Reaction pair EO Eh/pH or other 
or boundary Reaction (V) equilibrium expression 

Fe3+lFe2+ Fe3+ + e- = Fe2+ 0.770 
[Fe3+] 

Eh = 0.770 + 0.0592 log [Fe2+] 

Eh = 0.770 V 

Eh = 0.899 + 0.0592 log 
[FeOH2+] 

FeOH2+lFe2+ FeOH2+ + H+ + e- = Fe2+ + H2O 0.899 [Fe2+] 

Eh = 0.899 - 0.0592 pH 

Fe(OHWFe2+ Fe(OHH + 2H+ + e- = Fe2+ + 2HzO 1.105 Eh = 1.105 + 0.0592 log 
[Fe(OH)2] 

[Fe2+] 
Eh = 1.105 - 0.118 pH 

- 0.0592 pH 

- 0.118 pH 

Fe(OH)3'lFez+ Fe(OH)3 + 3W + e- = Fe2+ + 3HzO 1.513 
[Fe(OHm 

Eh = 1.513 + 0.0592 log [Fe2+] - 0.177 pH 

Eh = 1.513 - 0.177 pH 

Fe(OH)"lFe2+ Fe(OH)" + 4H+ + eO' = Fe2+ + 4H2O 2.048 Eh = 2.048 + 0.0592 log 
[Fe(OH)4"J 

- 0.237 pH 
[Fe2+] 

Eh = 2.048 - 0.237 pH 

Fe(OH)4"lFe(OH):J Fe(OH)" + W + e- = Fe(OH):J + HzO 0.308 
[Fe(OH)4"] 

Eh = 0.308 + 0.0592 log - 0.0592 pH 
[Fe(OH)-] 

Eh = 0.308 - 0.0592 pH 3 
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TABLE A12.2 (continued) 

Reaction Reaction pair 
equation no. or boundary 

15 Fe(OHh(am)/Fe(OHH 

16 Fe( OHM am)/Fe2+ 

17 Fe(OHh(am)/FeC03(c) 

18 FeC03( c )/Fe2+ 

19 Fe(OHh(am)/Fe3(OH)g(s) 

20 Fe3(OH)g(s)/Fe2+ 

21 Fe3(OH)g(s)/FeC03(c) 

Part RI. Reactions Involving Solids and Aqueous Species 

EO(V) or 
Reaction logK 

Fe(OHh(am) + W log K=-0.80 
= Fe(OH)2 + H2O 

Fe(OHh(am) + 3H+ + e- £0 = 1.065 
= FeZ++ 3HzO 

Fe(OHh(am) + HCO) + 2H+ + e- £0 = 1.078 
= FeC03(c) + 3HP 

FeC03(c) + H+ = Fez+ + HCO) log K=-0.22 

3Fe(OHh(am) + W + e- £0 =0.969 
= Fe3(OH)g(s) + H2O 

FeiOH)g(s) + 8W + 2e- £0 = 1.102 
= 3Fez+ + 8HzO 

Fe3(OH)g(s) + 3HC03" + 5W + 2e- £0 = 1.126 
= 3FeC03(c) + 8HzO 

EhlpH or other 
equilibrium expression 

pH =4.20 

Eh = 1.065 - 0.0592 log[Fe2+] 
- 0.177 pH 

Eh = 1.361- 0.177 pH 

Eh = 1.078 + 0.0592 log[W]2[HCOJ] 

Eh = 0.918 - 0.118 pH 

pH = 7.48 

Eh = 0.969 - 0.0592 pH 

[Wj8 
Eh = 1.102 + 0.0296 log [Fe2+j3 

Eh = 1.368 - 0.237 pH 

Eh = 1.126 + 0.0296 log [HC03"P[Wj5 
Eh = 0.886 - 0.148 pH 

Note: Reaction equation numbers in parentheses indicate reactions involving minor species that do not appear in the figures. Boundaries in Part III are computed for a Fe(aq) activity of 
10-5 mollkg (0.56 mglkg). Their position is also shown as a dashed line for 10-3 mollkg Fe(aq) (56 mg/kg). Ksp = 10-37.1 is assumed for Fe(OHlJ(am). [HCOlI = 10-2.7 mol/kg (122 mglkg). 
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TABLE A12.3 Thermodynamic data for some substances in the system S-02-H20 at 25°C and 
1 bar pressure 

6.Hl 6.Gi So 
Substance (kcaJlmol) (kcallmol) (callmol K) Source 

S(c) rhombic 0 0 7.6 t 
H2S(g) -4.93 -8.02 49.16 t 
H2S(aq) -9.49 -6.65 28.9 t 
HS- -4.2 2.89 15.0 t 
S2- (7.96) (28.1) (-28.7) :j: 
H2SZ -12.5 -1.40 39.7 § 
HS2 -5.86 5.40 23.8 § 
S~- 7.20 19.75 5.51 § 
HZS3 -9.54 1.10 47.7 § 
HS-3 -3.88 6.90 31.80 § 
S~- 6.16 17.68 17.04 § 
H2S4 -8.35 2.20 55.60 § 
HS4 -3.28 7.50 39.70 § 
S~- 5.50 16.62 27.12 § 
H2SS -6.86 2.70 63.60 § 
HSs -2.19 7.50 47.70 § 
S3- 5.46 15.69 37.04 § 
S~- 5.66 16.01 43.70 § 
SO~- -217.40 -177.95 4.50 II 
HS04 -212.16 -180.67 31.2 # 
HSOi -149.67 -126.20 33.6 ... 

+ 
S01- -152.39 -116.16 -9.2 :j: 

HSP:1 -151.63 -132.36 55.3 :j: 
S 0 2-2 3 -157.70 -129.97 26.9 :j: 
S40~- -295.48 -252.27 63.7 + 

Note: Values in parentheses are estimates or have been computed from estimated values. 

Source: 'Wagman et a!. (1982). tWilliamson and Rimstidt (1992). t::.G,/ for S2- based on log K estimated by Schoonen 
and Barnes (1988). Entropies have been computed from the tabulated enthalpy and free-energy data. For S40g- Wagman 
et al. (1982) give Mf,/ = -292.59 kcal/mol. t::.G,/ = -248.66 kcal/mol, and SO = 61.5 cal/mol K. !Data from Murowchick 
and Barnes (1986). Williamson and Rimstidt (1992) have systematized and modeled free-energy and enthalpy data for 
the polysulfides. "CODATA (1977). #Values adjusted relative to values for SOl- assuming properties of the reaction 
HSO;; = W + SOl- unchanged from those properties computed using values given by Wagman et a!. (1982). 



I TABLE A12.4 Chemical analyses of some acid mine waters, tailings waters, and a wastewater (tailings solution) 
.po. 

Sample 

Bluewater 
ST-3 ST-6 T-I.l TIO-20 WR-W-3 IMJ-5 MiIJ Coal A Well 201 

Sample type Stream Stream Spring Flowing Flowing Stream Tailings Leachate Saturated 
well well solution tailings 

TeC) 16.6 16.4 21.0 9.0 10.0 25 25 25 13.6 
Ca 91 153 357 48 191 265 576 377 561 
Mg 49 151 985 121 100 710 633 29 184 
Na 17 6.8 6.8 7 54 48 1I00 1.5 248 
K 4.1 4.2 l.l 10 7.7 0.014 90 1.3 26.8 
Si02 8.5 13 70 8.6 9.5 153 442 
HC03 0 0 0 10 12 0 0 53 
Acidity as W 23 1.9 51 2.7 4.6 0.2 
S04 619 1220 6230 1050 1130 29,500 24,400 22,900 2210 
CI 31 19 17 55 23 1630 322 
SpC (p.S/cm2) 1190 2290 5900 2300 1450 3903 
pH 3.65 2.90 2.99 5.99 6.50 1.66 1.2 1.76 7.60 
Eh(V) +.570 +.754 +.428 +.094 +.172 +.78 +.716 +.234 
DO 5.0 9.4 8.9 0.6 0 
Fe(llI) 4.1 5.2 5.5 0.10 0.10 7100 1:2430 1:5860 0.08 
Fe(II) 110 0.31 135 390 120 <I 0.34 
Mn 5.3 51 281 10 21 13.9 75 4700 1.2 
Al 2.8 55 201 0 0 1075 1020 46 0.027 
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TABLE A12.4 (continued) 

ST-3 ST-6 T-1.1 TIO-20 

Zn 0.11 1.8 II 0.03 

Co 0.19 1.5 4.8 0.16 

Ni 0.16 1.4 7.5 0.11 
Cu .012 .070 .270 .0061 

Cr .003 .0082 .120 .0048 

Cd .0019 .0021 .013 .0003 

Ag .0003 .0002 .0023 .0006 

Pb .003 .004 .004 <.001 

Sample 

WR-W-3 IMJ-5 

0.003 1,450 

0.32 

0.15 1.8 
.0067 174 

.0040 

.001 12.1 

.0005 

.001 

Bluewater 
Mill 

5.7 
1.13 

1.43 
3.17 

1.9 

1.03 

4.3 

Coal A 

6200 

5300 

280 

Well 201 

0.0039 

0.006 

0.008 
0.005 
0.005 

0.003 

0.010 

Notc: Values are in mglkg except as indicated. All samples except thc Bluewater Mill sample acquired their initial acidities and solutes because of pyrite oxidation. The Bluewater Mill 
tailings solution is derived from sulfuric acid leaching of uraniferous sandstone ore. Although listed as Fe(III), iron concentrations in the Bluewater Mill solution and Coal A leachate are 
total iron values. Except for Bluewater Mill and Coal A laboratory studies, Eh and pH values were measured in the field. All samples were filtered through 0.45,um filters prior to acidi
fication, except for Well 20 I. 

Data sources: ST-3 through WR-W-3 are waters from northeastern Pennsylvanian anthracite coal regions (Gang and Langmuir 1974). 

IMJ-5 an acid mine stream water from Iron Mountain, California, stored for II years, and found to be at equilibrium with ajarosite of composition K77Nam(H,0)zoFe)(S04h(OH)6 (Alpers 
et al. 1989). 

The Bluewater Mill sample is a uranium mill tailings solution from near Grants, New Mexico, analyzed in 1980. The solution also contains the following mg/kg concentrations: As, 0.6; 
Mo, 1.33; Sr, 16.6; N03, 31; NH., 35.7; and Se, 4.0. Radioisotopes in pCilL are 21OPb, 24,224; 238U, 6565; z3D'fh. 149,302; and 2z6Ra, 3334. Data from Langmuir and Nordstrom (1995). 

Coal A is an Appalachian (eastern U.S.) coal with 3.38% S and a specific surface of 23 cm2/g (especially 0.5 to 5 mm sizes). Chemical analysis is the mean of samples from three iden
tical replicate runs collected after 40 leaching days. The sample also has 50 mglkg Be (Helz et al. 1987). 

Well 201 is taken from about 50 ft deep, in water-saturated tailings at Midvale, Utah, limed for pH control during disposal. Thc tailings contain FeSz, minor ZnS, PbS, and CuFeS2' with 
gangue carbonates. The analysis also includes in mg/kg: :L\s(I1I), 1.03; ~As(V), 0.040; Sb, 0.028; Se, 0.010; V, 0.004; and F, 4.6. (Sharon Steel/Midvale Project, Final Report, U.S. EPA 
Contract No. 68-W9-002I, 1990). 
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Actinides and Their 

Daughter and Fission 

Products 

Radioactive elements, or radionuclides, are found throughout the environment. Many occur natu
rally (e.g., D, Th, Ra, Rn), while others are mostly or entirely manufactured (e.g., Tc, Pu, Np, Am). 
In some occurrences they may be employed as valuable geochemical tools, in others they constitute 
a health hazard. Beneficial uses include the dating of natural waters and rocks (Pearson et al. 1991) 
and assessing if a geochemical system has exhibited open- or closed-system behavior over geologic 
time. Hazardous or potentially hazardous occurences are in waste materials from uranium mining 
and milling and nuclear power generation and from radionuclides employed in research and medical 
radiation therapy. In countries that have used nuclear power for electrical power generation, scien
tists and engineers are attempting to evaluate the long-term risk of disposing of nuclear waste in ge
ological repositories. 

This chapter first introduces the fundamentals of radioactivity and its environmental signifi
cance. The following sections focus on the geochemistry of uranium and uranium ore deposits as the 
basis of the nuclear fuel cycle. t Later sections consider nuclear power and the geochemistry of im
portant radionuclides in nuclear wastes, with emphasis on the actinide elements:f: and some of their 
fission products which make nuclear wastes a potential problem for future generations because of 
their very long half-lives. 

/~/ 
/ 

tThe nuclear fuel cycle describes the sequence of activities beginning with the mining of uranium ore, to the fabrica-
tion of nuclear fuel and its use in power plants, to reprocessing of the spent fuel for reuse, or its disposal in a geologic repos
itory (cf. Berlin and Stanton 1989). 

'The actinides are radioactive elements of atomic number 89 or greater. 

486 
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13.1 RADIOACTIVITyt 

13.1.1 Stable and Unstable Nuclei 

The bulk of the mass of all atoms comprises protons, neutrons, and electrons. The standard descrip
tion of an isotope of element E is of the form aEz, where a is the number of particles in the nucleus 
or protons plus neutrons, and z, the atomic number, is the number of protons or positive charge of 
the nucleus. In an electrically neutral atom, z is also the number of electrons. With the exception of 
209Bi83, all elements with atomic numbers greater than 82 (Pb) consist of only radioactive isotopes. 
Elements with atomic numbers less than or equal to 92 (U) are naturally occurring, and so there are 
many naturally radioactive heavy elements, in addition to numerous lighter unstable nuclei, scattered 
throughout the periodic table (Durrance 1986). Nuclear instability arises when the coulombic repul
sion of the protons in the nucleus exceeds the stabilizing influence of neutrons and other short-range 
attractive forces (lvanovich 1992). This chapter focuses on the radioactive decay series of U and Th 
and on the long-lived elements produced in nuclear reactors. 

13.1.2 Modes of Radioactive Decay 

There are three principle modes of radioactive decay, denoted by a, f3, and y. Alpha particles are 
identical to the nuclei of helium atoms, with a mass of 4 atomic mass units (amu; 1 amu == 1.661 x 
10-27 kg) and a charge of +2. The radioactive parent with initial nomenclature apz ends up as a-4Dz_2 

aftt(r undergoing a single a-decay. Following a-decay, the a-particle rapidly accumulates two elec
trons from its environment, thus balancing its charge and becoming a helium atom (4He2)' Beta par
ticles are identical to electrons (although they are emitted from the nucleus), with a mass of 5.49 x 
10--4 amu and a charge of -I. Gamma rays are electromagnetic radiation with wavelengths somewhat 
shorter than those of X-rays. A fourth mode of decay, termed K-capture, occurs when an electron in 
an orbital shell is absorbed into the nucleus. Some radioisotopes are known to decay by more than 
one mechanism. For example, 2J4Bi can decay by f3-emission (99.96% probability) or a-decay 
(0.04% probability). In this case, the two modes of decay effectively compete with one another. In 
many cases, a radioisotope will emit more than one type of radiation simultaneously. For instance, 
many isotopes in the 238U decay series (see below for a description of decay series), decay by emit
ting £1'- or f3-particles, with a simultaneous emission of y-radiation (lvanovich 1992). 

Radioactive decay is irreversible and spontaneous, releasing energy. The amount and type of 
energy depends on the parent element and mode of decay. All radioactive decay results in the release 
of heat. In fact radioactive decay of long-lived 238U, 235U, 232Th, and 4°K is the primary source of heat 
in Earth's core and mantle (Mason and Moore 1982). The energy released during radioactive decay, 
and the possible ionizing nature of the radiation, constitute the primary concerns to human health 
that are associated with radioactivity. 

13.1.3 Units of Radioactivity and Decay Laws 

All units used to quantify radioactive decay are defined in terms ofp{e number of decays per unit of 
time. The most fundamental expression of radioactivity is therer of decays per second (1 decay 

'Most ofthe text of Section 13.1 was written by Richard B. wan~lhe U.S. Geological Survey, Mail Stop 973, Den-
ver Federal Center, Denver, CO. / 
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per second equals I becquerel, Bq). The standard SI unit of radioactivity is the becquerel per cubic 
meter. A curie, defined as 3.7 x 1010 decays per second, equals the number of a-particles emitted by 
1 gram of 226Ra in 1 second. A curie represents an enormous number of radioactive decays. In nat
ural systems, picocuries (1 pCi = 10-12 curie) are generally used to describe the radioactivity of rocks 
and water samples. A picocurie equals 0.037 Bq. 

For a parent element decaying to produce a single daughter element, the abundance of the par
ent remaining can be described using first-order kinetics: 

N=N e-kt 
a (13.1) 

(Patel 1991), where No and N are the number of atoms of the parent at t = 0 and after time t respec
tively, and k is the decay constant (see Chap. 2). The decay rate per unit time, Nk, decreases with 
time (assuming no production of the parent radionuclide). The decay constant is an intrinsic prop
erty of a given radioisotope, and is, therefore, unaffected by environmental variables such as time, 
temperature, pressure, or element abundance. 

From the expression for radioactive decay, one can derive the half-life (t1l2) of a given ra
dionuclide. The half-life is the time it takes for half of the atoms to decay, in other words, the time 
at which NINo = 0.5. Thus, the half-life equals 

-In (0.5) 
t1l2::: k (13.2) 

This expression shows that t1/2 is inversely related to k. Thus radionuclides with short half-lives have 
relatively larger values of k. After two half-lives, one-fourth of No remains, and in general, after 
n half-lives, the fraction remaining is 2-n, assuming that no new atoms of the parent are introduced 
to the system. After seven half-lives, more than 99% of the parent atoms have decayed. 

13.1.4 Natural Thorium, Uranium, and Plutonium 

Naturally radioactive elements occur throughout the periodic table. Many of these elements (e.g., 
4OK, 232Th, 238U, and 235U) are found in common silicate minerals. Typical abundances ofU (chiefly 
238U) and Th (chiefly 232Th) in Earth-surface materials are given in Table 13.1. In general, U and Th 
are enriched in silica-rich igneous rocks (Fig. 13.1). Thus, granites usually have several times more 
U and Th than do basalts. Similarly, some pegmatites contain extremely high U and Th concentra
tions. Sedimentary rocks derived from igneous rocks will, in general, exhibit U and Th concentra
tions typical of the parent material. However, significant departures may occur in sedimentary envi
ronments que to water-rock interactions. For example, black shales may contain up to 50 p.,g/g U or 
more, beca~ of secondary enrichment of U in the strongly reducing geochemical environment 
found in black shales. 

/ 

Plutoqium present in the earth at its time of formation has long since decayed because of its 
relatively s~ort half-life (t1/2 == 24,360 Y for 239Pu). Most Pu in the environment is derived from 
nuclear-wea~ons testing or from nuclear wastes (cf. Hanson 1980; Kathren 1984). However, small 
amounts ofn'atural 239Pu are produced through neutron capture by 238U (see Eq [13.13]). Analyses 
of 239Pu in a number of uranium ore deposits have shown it to be near secular equilibrium with 238U 
(see Section 13.1.6), with a weighted average PuIU atomic ratio of (3.1 ± 0.4) x 10-12, which nearly 
equals (3.0 ± 0.5) x 10-12, the ratio at secular equilibrium (Curtis et al. 1992, 1994). 
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TABLE 13.1 Typical natural abundances of uranium and thorium 
in the Earth's crust 

Material U (/-Lg/g) Th (/-Lg/g) 

Earth's crust (average continental) 2.7 9.6 
Granites (average) 4.4 16 
Basalt 0.8 2.7 
Shale 3.8 12 
Phyllosilicates (biotite, muscovite) 20 25 
K-feldspar 1.5 5.0 
Zircon 2500 2000 

Water U (/-LglL) Th (/-LglL) 

Seawater 3.3 0.0015 
Chemically oxidizing groundwater 0.1 to 100 <I 
Chemically reducing groundwater <0.1 

Source: From R. B. Wanty and D. K. Nordstrom. Natural radionuclides. In Re· 
gional ground-water quality, ed. W. M. Alley. Copyright © 1995 by Van Nos
trand Reinhold. Used by permission. 

13.1.5 Radioactive Decay Series 

489 

In nature, the radioisotopes 238U, 235U, and 232Th each begin a cascade of daughter products referred 
to as a radioactive decay series. The 238U decay series is shown schematically in Fig. 13.2. All three 
decay series are given in Table 13.2. In these series, the number of atoms of any radioisotope in the 
series at a given time equals its initial abundance, plus the amount produced by the decay of parents, 
minus the amount lost in its own time-dependent decay. In most cases of geologic interest, the ini
tial amount of a daughter has undergone complete decay over geologically significant time spans. 

Ultramafics 

0.01 

Basalts 

Granites & 
rhyolites 

Average crustal 
abundance 

[U) in rock (JLg/g) 

Pegmatites 

Figure 13.1 Plot showing that the uranium content of some important rock-types gener
ally increases with their increasing silica content. 
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Figure 13.2 Simplified schematic representation of the 238U decay series. 

This simplification arises from the fact that, in most cases, the ultimate parents (238U, 235U, and 232Th) 
have half-lives many orders of magnitude greater than that of any of the daughters. 

In the 232Th decay series there is a significant branch in the series at 212Bi, which undergoes ei
ther ct- or {3-decay. The half-lives of the two decay modes of212Bi both are given as 1.15 x 10-4 y. 
This is the cumulative half-life of both types of decay. The other two decay series have minor 
branches (less than 1% branch in all but one case), and are shown in simplified form in Table 13.2. 

The rate law given in Eq. (13.1) for simple one-step radioactive decay does not hold for decay 
series. Decay series can be represented schematically as in Fig. 13.2 and in the form of a series of 
chemical reactions as 

(13.3) 

where the ultimat<: parent of the series, P, decays to form a succession of radioactive daughters, D;, 
\ 

until a stable daug~ter, Ds' is formed. The abundance of the parent P can be described by the rela-
tively simple expre~ion given above, but the abundance of the succession of daughters is given by 
a series of equation~ first derived by Bateman (1910). Although hand calculation of parent and 

\\ 
\ 
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TABLE 13.2 The decay series for 23BU, 235U, and 232Th 

238U 235U 232Th 

Ele- Decay Ele- Decay Ele- Decay 
ment mode tl/2 

t ment mode tl/2 ment mode tl/2 

238U a 4.51 x 109 235U a 7.1 x lOR 232Th a 1.41 x 1010 
234Th f3 6.60 x 10-2 23 1Th f3 2.91 x 10-3 228Ra f3 5.77 
234Pa f3 2.23 x 10-6 231Pa a 3.25 x 104 22RAc f3 6.99 x 10-4 

234U a 2.47 x 105 227Ac f3 21.6 228Th a 1.91 
230Th a 8.00 x 104 227Th a 5.07 x 10-2 224Ra a 9.97 x 10-3 
226Ra a 1.60 x IQ3 223Ra a 3.13 x 10-2 220Rn a 1.74 x 10-6 

222Rn a 1.05 X 10-2 219Rn a 1.27 x 10-7 216pO a 4.75 X 10-9 
218pO a 5.80 x 10-6 215pO a 5.64 x 10- 11 212Pb f3 1.21 x 10-3 
21 4Pb f3 5.10 x 10-5 211Pb f3 6.86 x 10-5 212Bi* f3 1.15 x 10-4 

214Bi f3 3.75 x 10-5 2IIBi a 4.09 x 10-6 212pO a 9.63 x 10-15 
214pO a 5.20 x 10-12 207TI f3 9.09 x 10- 6 208Pb stable 
210Pb f3 22.3 207Pb stable 212Bi a 1.15xlO-4 
210Bi f3 1.37 x 10-2 208TI f3 5.89 x 10-6 

21OpO a 0.378 208Pb stable 
206Pb stable 

'Half-lives are given in years. 
IIndicates a branch in the decay series. 63.4% of the 112Bi decays by f3. the remainder by ll'. 

daughter abundance as a function of time is very tedious. simple computer codes can be written to 
perform this calculation. The Bateman equations are described in greater detail in numerous texts 
devoted to nuclear physics and chemistry (cf. Harvey 1962; Kathren 1984; Ivanovich 1992). 

Example 13.1 

A field technician, armed with water-sampling equipment, a portable gas sampler, and an 
a-counting device, wishes to analyze a water for 222Rn, but not 22°Rn. Radon gas for analysis 
is obtained by first filling a bottle with a known volume of the water sample, with a known vol
ume of head space remaining. The capped bottle is then shaken to degass Rn into the head
space gas, which is extracted with a syringe and injected into the counting chamber. What is 
the best procedure for determining 222Rn, but not 220Rn in the water? 

From Table 13.2, the half life of 220Rn is 1.74 x 10-6 y, or about 55 s. The half-life of 
222Rn is 3.82 days, or 3.3 x 105 s. The 22°Rn will have mostly decayed after 7 half-lives (less 
than I % of the original remains), or in just under 7 minutes. If the technician draws the sam
ple into the syringe, then waits 7 to 10 minutes before injecting it into the counter, the 220Rn 
will be essentially gone, whereas 222Rn will not yet have undergone significant decay. 

13.1.6 Radioactive Equilibrium and Steady State 

As radioactive decay progresses in a decay series, steady-state conditions may develop between 
some or all of the daughters. These conditions are sometimes referred to as radioactive equilibria (or 
nonequilibria). However, radioactive decay reactions are irreversible and so cannot reach chemical 
equilibrium. They are, therefore, more properly referred to as occurring under steady-state condi
tions. Wanty and Nordstrom (1993) discuss this distinction. 
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For a parent-daughter pair of a radioactive series in a closed system the relationship between 
parent and daughter is 

N 
_ No,p(kp) (e-1kp - e-1kJ) 

0-
(ko - kp) 

(13.4) 

(Atkins 1978), where the subscripts P and D refer to parent and daughter and No,p is the original 
abundance of the parent element. If ko » kp , Eq. (13.4) reduces to 

(13.5) 

In other words, the decay rates of parent and daughter are equal, and their concentrations are equal, 
when expressed in terms of Bq/m3 or other units of radioactivity, This condition is known as secu
lar equilibrium. Attainment of secular equilibrium between a parent and daughter can occur only 
when ko » kp • In a closed system, secular equilibrium among all the daughters in a decay series may 
also be attained if the decay constant of the initial parent is much less than that of any of its daugh
ters. Such is the case for 238U, 235U, and 232Th. If secular equilibrium is attained in such a series, then 
each daughter decays at the rate at which it is produced, that is, its concentration is constant in time 
as long as the system remains closed in a thermodynamic sense (cf. Nordstrom and Munoz 1994). If 
kp < ko (but not much less), then a condition known as transient equilibrium may be attained. If kp > 
ko, equilibrium is never attained, and the supply of parent is exhausted as daughter is produced. At 
secular equilibrium, the relative abundances of parent and daughter, expressed in terms of their 
masses, equals the ratio of their half-lives. 

Whether or not the various forms of radioactive equilibria are attained in a system depends on 
several factors, for example: (1) the open or closed nature of the system; (2) the passage of sufficient 
time for the buildup of daughters (referred to as ingrowth); (3) the relative values of k for each par
ent-daughter pair in the series; (4) the relative geochemical mobility of each radioisotope; and (5) the 
definition of the system (e.g., water plus rock, water only). At secular equilibrium, the abundance of 
each daughter in a series is kept constant by the constant decay of its parent, thus the daughter is said 
to be supported by its parent. For example, consider the 238U decay series which includes among its 
daughters 226Ra and 222Rn. A common observation in numerous studies (Tanner 1964; Wanty et al. 
1992) is that 222Rn concentrations in groundwater are rarely supported by concentrations of its direct 
parent 226Ra or its ultimate parent 238U in the same groundwater. However, if the definition of the 
system is expanded to include the groundwater plus aquifer materials, many systems approach sec
ular equilibrium (Wanty et al. 1992). 

The attainment of secular equilibrium in a radioactive series is a strong indicator of a closed 
system, although it is possible, but unlikely, that there are equal fluxes of each daughter into and out 
of an open system. Radioactive equilibrium has many applications in geochemistry, including ra
dioactive dating techniques (Faure 1991), radiometric surveys, and determination of groundwater
flow properties (Folger 1995). A more detailed description of radioactive equilibria, with specific ex
amples, can be found in Wanty and Nordstrom (1993). 

13.1.7 Alpha Recoil and Radon Emanation 

The a-particle is the most massive of all radioactive decay products (not including, of course, daugh
ter products and fission products). As an a-decay occurs, a daughter element is produced along with 
the a-particle. This process occurs with conservation of momentum. Therefore, the newly produced 
daughter element recoils in the opposite direction from that in which the a-particle was emitted. This 
recoil is similar to that of a gun (and the person holding it) as a bullet is fired. The distance of the 
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a-recoil depends on the physical surroundings. Recoil distances for 222Rn as it is produced by 226Ra 
decay, are on the order of angstroms (I A = 10--4 jlm) in most solids (cf. Fleischer 1988; Semkow 
1990). Greater recoil distances are observed in less-crystalline solids. Recoil distances in water and 
air are significantly longer than in solids. 

When a decay occurs in the environment, the daughter element often has vastly different chem
ical properties from its parent. If the daughter is a gas, it may partition into more mobile phases, such 
as air or water. For example, in the decay series beginning with 238U, 222Rn is produced by 226Ra 
decay. Radon is a noble gas, and is expected to be in the gaseous state under normal Earth-surface 
conditions. However, if 222Rn is produced in a rock, it may not escape to an adjacent pore space and 
thus may not become mobile in the environment. An example of immobile 222Rn might be that pro
duced in a zircon (ZrSi04) crystal, which originally had larger concentrations of U. In this case, the 
U and its daughters are unable to escape from the crystal lattice. In contrast, consider 222Rn produced 
by the decay of U adsorbed on HFO that is coating a grain of biotite. In this case, the radioactive el
ements are at the solid surface and any 222Rn produced can easily enter adjacent pore space. Ema
nation is defined as that fraction of a gaseous radiogenic element produced in a rock that enters the 
pore space. It is also referred to as emanating power. Emanation coefficients must be between 0 and 
I and are usually on the order of 0.2 to 0.5 (Flilgge and Zimens 1939). Thus, most of the 222Rn pro
duced in a rock remains there. 

Radon as a groundwater tracer. The natural accumulation of Rn (actually 222Rn) in 
groundwater depends on variables that include: (1) the groundwater flow rate; (2) the rock/water ratio 
(porosity); (3) the flux (emanation) of Rn from the rock to the groundwater; (4) the distribution of 
radon parents in the rock (i.e., within mineral grains or on mineral surfaces); and (S) the nature of 
the flow system (i.e., fractured versus porous media). Groundwater flow may limit the accumulation 
of Rn because at faster flow rates less Rn is transferred to a parcel of groundwater before it moves 
farther down a flow path. However, if the rock emanates Rn uniformly over a sufficient distance to 
produce a steady-state Rn concentration, such dilution may not occur. If Rn emanation is not spa
tially homogeneous, then faster flow rates will create lower average Rn concentrations. but the Rn 
may be spread over a greater area. 

Porosity affects groundwater Rn concentrations because, other things being equal, greater 
porosities lead to increased dilution of dissolved Rn. Greater emanation rates for Rn will obviously 
lead to greater dissolved Rn concentrations. Distribution of the parent radionuclides of Rn, especially 
226Ra and 238U, affects dissolved Rn concentrations because the Rn is more or less likely to enter the 
groundwater, depending on the distribution of the parent. The nature of the flow system is important 
because of the degree of contact of groundwater with the bulk rock and the effects of flow on other 
variables. Several studies have attempted to quantify the many factors that affect Rn concentrations 
in groundwater. The effort demands that the water/rock system be characterized in great detail, using 
a combination of geologic, hydrologic, geochemical, and geophysical methods (Folger 1995; Folger 
et al. 1996). 

Radon and human health. Approximately 100,000 to lS0,000 deaths from lung cancer 
are reported annually in the United States. Of these. 80 to 8S% are caused by cigarette smoking, but 
the remainder have no known direct cause. According to the Environmental Protection Agency (EPA 
1986) some of these deaths may result from lifetime exposures to the natural 222Rn that accumulates 
in houses. At high levels, Rn is a suspected carcinogen because it and two rapidly produced daughter 
radionuclides decay by a-emission. If Rn is inhaled and adheres to the lung tissue, these a-particles 
may damage lung cells and lead to cancer. Indoor Rn has become an important health issue over the 
past two decades. although the exact mechanism of carcinogenesis remains unknown. The lifetime 
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Rn dose of nonsmoking individuals with lung cancer is difficult to estimate because people move 
from house to house and place to place over their lifetimes; thus levels of exposure that may be con
sidered dangerous are not well established. For these and other reasons, indoor Rn remains a con
tentious issue in scientific and regulatory circles (cf. Hopke 1987; Nazaroff and Nero 1988). 

Because 238U and 235U occur in all rocks, daughters in these decay series (Table 13.2) also occur 
in all rocks and soils. The decay of 226Ra in the ground produces 222Rn, which may enter the pore
filling medium in proportion to the emanation coefficient. In the unsaturated zone, the Rn enters soil 
gas, soil moisture, and capillary water. In the saturated zone, Rn enters the groundwater. The mRn 
concentration in groundwater or soil gas is proportional to the abundance of 226Ra in the rock or soil. 
The 222Rn accumulates in houses, either because of the flux of soil gas into the lowest level of the 
house or because of 222Rn present in a potable water supply, which degasses into the indoor air as 
the water is used (cf. Gesell and Prichard 1980; Hess et al. 1987; Folger et al. ] 994). Usually the Rn 
contributed to indoor air from soil gas exceeds that from degassing of a water supply, but the latter 
sometimes leads to short-lived, extremely high Rn levels in indoor air. (See Chap. 2, Problem 5.) 

Example 13.2 

A soil with 5 pCi/g of 226Ra, has an emanation coefficient of 0.20, an average porosity of 0.3, 
and a solid density of 2.7 g/cm3. Therefore. the bulk density is about 1.9 g/cm3. Calculate the 
average 222Rn concentration in the soil gas, assuming secular equilibrium. 

If secular equilibrium is attained, then 1 gram of soil, along with its entrained air, also 
contains 5 pCi of 222Rn, 1.0 pCi (20%) of which escapes to the soil gas. With a porosity of 0.3, 
1 gram of soil contains 0.16 cm3 of air. The 222Rn concentration in soil gas is thus 6.3 pCi/cm}, 
or 6300 pCilLof soil gas. Compared to the U.S. EPA's recommended maximum level of 4 pCiIL 
of 222Rn in indoor air, this is a huge 222Rn concentration! 

13.1.8 Measuring Radioactivity and the Mass of 
Radionuclides 

Natural radionuclide concentrations are usually reported in units of radioactivity (e.g., Bq/g or 
pCi/g). However, to study their geochemical reactions, it is necessary to know radionuclide concen
trations in mass-based units, such as moles per liter. 

Properly, radionuclide concentrations are reported in units consistent with the method used for 
their determination. A radioanalytical technique such as liquid scintillation or alpha spectrometry 
yields a result expressible in terms of radioactivity. A mass-based analytical technique, such as laser 
phosphorimetric determination of U(aq) yields mass-based concentrations such as micromoles per 
liter. Detection limits using radioactivity measuring methods are often many orders of magnitude 
lower than those possible with mass-based methods (cf. Krieger and Whittaker 1980). For example, 
100 pCilL of 222Rn, a concentration easily determined by liquid scintillation, equals 2.93 x 10-18 M, 
or approximately 1.76 x 106 atomslL. At standard temperature and pressure, this amount of radon 
has a minuscule partial pressure of 6.6 x to- 17 bar, assuming ideal gas behavior. 

If a conversion is to be made between mass-based and radioactivity-based concentrations (or 
vice versa), the specific activity (SpA) is used. Specific activity is the mass per unit radioactivity of 
an individual radioisotope and may be calculated with one of the following equations: 

SpA (Bq/g) = 1.324 x 1016/(mamu . t1/2) 

SpA (pCi/g) = 3.578 x 1017/(mamu . t 1l2) 

(13.6) 

(13.7) 
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TABLE 13.3 Specific activities for radionuclides in the 238U decay series 

Radionuclide 

238U 

234Th 
234Pa 
234U 
230J'h 
226Ra 
222Rn 

SpA (pCi/g) 

3.33 X 105 

2.32 X ]016 

1.99 X 1018 

6.19 X]09 

1.94 X 1010 

9.89 X 1011 
1.53 X 1017 

Radionuclide 

218pO (a. 99.98%) 
214Pb 
214Bi (P. 97%) 
214pO 

210Pb (P. > 99.99%) 
210Bi (P. 99%) 
210pO 

SpA (pCi/g) 

2.83 X 1020 

3.28 X 1019 

4.46 X 1019 

3.22 X 1026 

8. II X 1013 
1.24 X 1017 

4.50 X 1015 
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where mUm" is the atomic mass (in amu), and tl/2 is the half-life (in years). Specific activities for radio
nuclides in the 238U decay series are given in Table 13.3. When using SpA to convert between ra
dioactivity and mass concentrations, to avoid serious errors. it is critical to understand what analyt
ical methods have been used and the nature of sample collection and handling techniques (cf. Welch 
et al. 1995). 

13.2. AQUEOUS GEOCHEMISTRY OF URANIUM 

13.2.1 Introduction 

As the most abundant actinide element, U averages 1.2 to 1.3 pg/g in sedimentary rocks, ranges from 
2.2 to 15 pg/g in granites. and from 20 to 120 pg/g in phosphate rocks (Langmuir 1978; Eisenbud 
1987; see also Table 13.1). Uranium occurs in 4+,5+, and 6+ oxidation states, which are usually writ
ten U(JV). U(V) and U(VI). Most important in nature are the uranous [U(JV)] and uranyl [U(VJ)] 
oxidation states. 

Seawater contains 2 to 3.7 pglL U (Kathren 1984). Uranium concentrations are usually be
tween 0.1 and 7 pg/L in U.s. and Russian streams (Rogers and Adams 1970; see also Titayeva 1994), 
but may exceed 20 pg/L in streams that receive irrigation return flows in the arid southwestern U.S. 
because of evaporative concentration (Zielinski et aJ. 1995). Groundwaters in granite have some of 
the highest U concentrations, although they rarely exceed 20 pg/L (Gascoyne 1989). The maximum 
acceptable U concentration in Canadian drinking waters (Canadian Drinking Water Quality Guide
lines) is 100 pglL. The proposed U.S. Environmental Protection Agency drinking water standard for 
U is 20 pg/L (EPA 1991). indicating that U concentrations in natural waters are usually not high 
enough to constitute a health risk. However. in uraniferous areas of the U.S., U ranges from 1 to 
10 pglL in streams and 1 to 120 pglL in groundwaters. In uranium mines the U in groundwater is 
typically 15 to 400 pglL (Fix 1956). The highest U concentrations are probably found in leachates 
from the mill tailings produced by U mining and milling. which often contain 10 to 20 mgIL U (Lang
muir and Nordstrom 1995; see also Kathren 1984). 

Of concern in many countries is the proposed disposal of spent fuel (largely U02) from nu
clear power plants in a geological respository. Leaching of the spent fuel by groundwater could re
lease to the environment the U and associated radionuclides, including 9OSr• 99Tc, 1251, and I37Cs, and 
long-lived radioisotopes of Am, Np, and Pu. Because of their importance in nuclear waste disposal, 
the geochemistry of I, Tc, Am, Np, and Pu are considered briefly later in this chapter. 

Uranous ion (U4+) and its aqueous complexes predominate in ground waters of low Eh. U(IV) 
is the major oxidation state in the most common uranium ore minerals uraninite [U02(c)]-pitch
blende is roughly U02(am)-and coffinite (USi04). The U(JV) concentrations in groundwater at low 
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Eh are usually less than 10-8 M because of the extremely low solubilities of these solids. In the U(V) 
oxidation state, uranium occurs as the UO! ion which forms relatively weak complexes (Grenthe 
et al. 1992). This species is only found at intermediate oxidation potentials and low pH's and is un
stable relative to U(IV) and U(VI). In oxidized surface- and groundwater-uranium is transported as 
highly soluble uranyl ion (UO~+) and its complexes, the most important of which are the carbonate 
complexes. The thermodynamic properties of these minerals and aqueous species must be known if 
we are to understand the reactions that may control U concentrations in natural waters. 

13.2.2 Selected Thermodynamic Data 

Publication of the Nuclear Energy Agency's (NEA) data base for uranium (Grenthe et al. 1992) has 
been a major contribution to uranium geochemistry. The authors have sought to update earlier ura
nium data bases published by Langmuir (1978), Lemire and Tremaine (1980), and Hemingway 
(1982), among others. However, there is strong evidence that the thermodynamic data for several 
geochemically important species are seriously in error in Grenthe et al. (1992). The likelihood of 
some of these errors has recently been acknowledged by the same authors (Grenthe et al. 1995). Pre
sented in the appendix to this chapter in TablesA13.1, A13.2, and A13.3 are thermodynamic data for 
uranium aqueous species and solids of geochemical interest, and auxiliary thermodynamic data. The 
U data are based largely on Grenthe et al. (1992), but with several important corrections and addi
tions that are explained in table footnotes. 

Among aqueous species, the most important corrections are for stabilities of the complexes 
UOiOH)2 and U(OH)4', which are apparently less stable than proposed by Grenthe et al. (1992) by 
about 2.4 and 10.6 kcal/mol, respectively. At near neutral pH's, stabilities of these complexes define 
the minimal respective solubilities of U(VI) and U(IV) minerals in groundwater. These errors have 
important implications to nuclear waste disposal, where the solubilities of U(lV) and U(V!) miner
als are being used to define maximum possible uranium concentrations that might be released from 
a geological repository for nuclear waste (cf. McKinley and Savage 1994). 

The version of MINTEQA2 available from the Environmental Protection Agency in Athens, 
Georgia, has a uranium thermodynamic data base from Langmuir (1978). More recently, D. R. 
Turnert (Turner et al. 1993) has added to MINTEQA2 the extensive data base for radionucjides from 
the EQ3/6 data base of Wolery (1992b). In this data base uranium entries are taken in part from 1989 
and 1990 drafts of Grenthe et al. (1992), as well as from the final draft. These data are not fully con
sistent. Also included are data for minerals suggested by Langmuir (1978) and estimated by Hem
ingway (1982), among other sources (Turner 1993).* The Turner version is used to solve most prob
lems in this text, but with Keq values revised when so noted to agree with the values in the chapter 
tables. 

13.2.3 Aqueous Speciation and Solution-Mineral 
Equilibria 

Above about pH 5, U(VI) generally occurs as aquocomplexes in natural waters. The relative impor
tances of the UeVI) hydroxyl complexes are shown in Pig. 13.3 for a typical groundwater U con-

tOr. David R. Turner. Center for Nuclear Waste Regulatory Analyses. 6220 Culebra Rd .• P.O. Drawer 28510. San 
Antonio. TX 78228. In a 1996 revision of the MINTEQA2 data base. Turner has added the thermodynamic data for Am from 
Silva et al. (1995). 

lLiterature sources of individual Keq and MI,o values for reactions involving the radioactive elements are listed in the 
files species.dar and radrefs.dar in Turner's version of MINTEQA2. 
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Figure 13.3 Distribution of U(VI) species at 25°C and 1= 0.1 M for :EU(VI) = 10-8 M. 
Pea, = 0 bar. Reprinted from Geochim. et Cosmochim. Acta. 58, T. O. Waite, J. A. Davis, 
T. E. Payne, G. A. Waychunas, and N. Xu, Uranium (VI) adsorption to ferrihydrate: 
Application of a surface complexation model, pp. 5465-78, © 1994, with permission from 
Elsevier Science Ltd., The Boulevard, Langford Lane, Kidlington OX5 1GB, U.K. 
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centration of about 10-8 M. At this concentration stepwise monomeric species are seen to dominate 
at all pH values. However, model calculations show that at pH = 7 with rU(VI) = 10-7 M, the 3:5 
polynuclear complex equals 6% of total U(VI). At even higher U(Vl) levels the 3:5, 3:7, and 2:2 
polynuclear species become the major hydroxyl complexes. 

Uranyl ion forms strong carbonate complexes in most natural waters. Their importance as a 
function of pH at atmospheric CO2 pressure (10-3.5 bar) and for a typical groundwater CO2 pressure 
(10.20 bar) is shown in Fig. 13.4, which indicates that these complexes largely replace the U(VI)
hydroxyl complexes above pH 6 to 7. The carbonate complexes are extremely important because 
they greatly increase the solubility of uranium minerals, facilitate U(IV) oxidation, and also limit the 
extent of uranium adsorption in oxidized waters, thus increasing uranium mobility. The mononuclear 
carbonate complexes predominate at typical groundwater CO2 pressures. Other important U(VI) 
complexes are formed with fluoride, phosphate, and sulfate ligands, for example. The effect of the 
carbonate complexes on mineral solubilities is evident from Figs. 13.5 and 13.6, which show 
schoepite and carnotite solubilities as a function of pH and CO2 pressure. 

Uranium UeVI) minerals are most often products of the oxidation and weathering of nearby 
primary U(IV) ore minerals such as uraninite [U02(c)l and coffinite (USi04(c») (cf. Pearcy et al. 
1994). They also form by evaporative concentration of dissolved U(VI), particulary under arid con
ditions. Schoepite (.8-U03 . 2H20) is fairly soluble and, therefore, is a rare mineral, whereas carnotite 
IK2(U02MV04hJ and tyuyamunite ICa(U02}z(V04hJ, which have lower solubilities (particularly 
above pH 5) are the chief oxidized ore minerals of uranium. The plots in Figs. 13.5 and 13.6 indi
cate that uranyl minerals are least soluble in low-C02 waters. and, therefore, are most likely to pre
cipitate from such waters. This is consistent with the occurrence of carnotite and tyuyamunite in ox
idized arid environments with poor soil development (Chap. 7), such as in the calcrete deposits in 
Western Australia (cf. Mann 1974; Dall' Aglio et al. 1974), and in the sandstone-hosted uranium de
posits of the arid southwestern United States (ef. Hostetler and Garrels 1962; Nash et al. 1981). The 
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Figure 13.4 Distribution of U(VI) species at 25°C and 1= 0.1 M for 1:U(VI) = 10-6 M, 
for (a) Pco, = 10-3.5 bar, and (b) Peo, = 10-2.0 bar. Reprinted from Geochim. et Cosmochim. 
Acta. 58, T. O. Waite, J. A. Davis, T.-E. Payne, G. A. Waychunas, and N. Xu, Uranium (VI) 
adsorption to ferrihydrate: Application of a surface complexation model, pp. 5465-78, 
© 1994, with permission from Elsevier Science Ltd., The Boulevard, Langford Lane, 
Kidlington OX5 1GB, UK 

autunite (cation-U(VI) phosphate) minerals are slightly more soluble (compare Ksp values of autun
ite and carnotite in Table A 13.3) and are, therefore, less common than the vanadates. They have been 
described in the weathered oxidized zone of the Alligator River uranium deposit in Australia. for ex
ample (ANSTO ]992). 

Example 13.3 

Yucca Mountain, Nevada, is being considered as the site for deep geological disposal of U.S. 
high-level nuclear wastes. Any release of uranium (or other radionuclides) from the waste to 
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the accessible environment would be transported by groundwater beneath the site. The com
position of such groundwater sampled from well J-13 is given here (Ogard and Kerrisk 1984). 

Species or parameter mM Species or parameter mM 

Ca 0.29 F 0.11 
Mg 0.072 Cl 0.18 
Na 1.96 S04 0.19 
K 0.136 NO) 0.16 
Li 0.009 HC03 2.34 
Fe 0.0008 P04 0.00125 
Mn 0.00002 pH 7.0 
AI 0.00010 DO 0.18 
Si02 1.07 Eh 700mV 

(a) Assuming the groundwater has 1.0 x 10-8 M dissolved U(VI), input the analysis in 
MINTEQA2 and determine the speciation of uranium. Before inputing the data, as neces
sary, change the stability constants of the U(VI) hydroxide and carbonate complexes in 
MINTEQA2 to their values given in the tables in this chapter. (Instructions for making 
such changes and additions are given in the database. txt file of MINTEQA2.) 
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Figure 13.6 Solubility of carnotite at 25°C and 1 bar total pressure as a function of pH, 
with K+ = 10-3 M, l:V = 10-6 M, and Pea, = 10-3.5 and 10-2.0 bar. 

(b) Tabulate the molar percentages of the most important complexes from the output. Also list 
the molar concentrations of the ·single most important hydroxyl, fluoride, and phosphate 
complexes. 

The results are given below. 

Species M Percent of U(VI) 

U02C03 7.86 x 10-10 7.9 

U02(C03)~- 8.31 x 10-9 83.1 

U02(C03)t 7.83 x 10-10 7.8 

U02f+ 7.41 x 10-13 0.007 

U02(OH)2' 6.11 x 10-12 0.06 

U02P04 8.21 x 10-11 0.8 

Example 13.4 

Dall' Aglio et al. (1974) placed carnotite-bearing rock in contact with distilled water in a well
mixed laboratory vessel for 1 month. The general composition of the final solution is given 
here. Final pH was 7.1. 
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Species ruM Species ruM 

Ca 0.055 U(VI) 8.82 x 10-6 

Mg 0.038 S04 0.14 
Na 0.71 CI 0.56 
K 0.31 Si02 1.3 
HCO] 0.31 V04 8.05 x 10-4 

(a) Enter the stability constants of carnotite and tyuyamunite from Table A13.3 into the 
MINTEQA2 data base. (See instructions in Example 13.3.) 

(b) Input the water analysis assuming 25°C and determine the uranium speciation and the sat
uration state of the water with respect to carnotite and tyuyamunite. 

The modeling output shows that U(VI) is entirely complexed, as: U02C03' 6.4%; 
U02(C03H- 78.3%, (U02)2C03(OH):j 5.5%; and U02(OH)3 1.6%. Written as solubility prod
ucts, Ksp(carnotite) = 10-563 and Ksp(tyuyamunite) = 10-533 (Table A 13.3). The saturation in
dices (S/) of carnotite and tyuyamunite both exceed -0.3 or are within 0.5% of the log Ksp 
values. Given the uncertainties in the thermodynamic data, both minerals can be considered at 
saturation in the water. 

Many researchers have attempted to measure the solubility of amorphous to crystalline U02 
(uraninite) as a function of pH. Some of this work is summarized in Table 13.4 and Fig. 13.7. Solu
bility measurements have been complicated by the fact that the U02 solids were often of different 
and poorly known crystallinity and particle size. Further, oxygen (and possible CO2) contamination 
invalidated the results of most early measurements. With oxygen contamination, the measured sol
ubility becomes that of a mixed oxidation-state oxide or a U(VI) solid such as schoepite. Oxygen 
contamination apparently invalidates the results of Gayer and Leider (1957) and Bruno et al. (1987) 
who obtained solubilities roughly equal to that of U03 . H20 (as reported by Gayer and Leider 1955) 
or to the solubility of schoepite as shown in Fig. 13.5. Measurements by Rai et al. (1990). Torrero 
et al. (1991). and Yajima et al. (1995) (see also Parks and Pohl 1988) indicate that the solubility of 
amorphous to more crystalline U02 is independent of pH above about pH 4 to 4.5. This indicates that 
the dissolution reaction is 

(13.8) 

and that the species U(OH)s. which would lead to a solubility increase at high pH. can be neglected. 
These and other authors (cf. Grenthe et al. 1992) have also concluded that the measured solubility 
of U02 can be accurately described considering only U4+ and the hydroxyl complexes UOW+ and 
U(OH)4'. The complexes U(OHW. U(OH)3 and U(OH)s can. therefore, be ignored and removed 
from thermodynamic data bases. t Geochemical modeling shows that in most low-Eh groundwaters 
the species U(OH)4' predominates over other U(lV) complexes and. therefore. defines the minimum 
solubility of U02• 

The solubility measurements of Rai et al. (1990) have been used to derive the stabilities of 
U02(am) and U(OH)4' given in Tables A 13.1 and A 13.3, as explained in the footnotes to Table 13.4. 
Based on the solubility reaction 

(13.9) 

'The U(OH)~-" complexes are effectively "removed" from MINTEQA2 by entering log K = -30.0 in thermo.dbs for 
their formation reactions, which are written U4+ + nH20 = U(OH)~'" + nH+. 
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TABLE 13.4 SOlubility products (pKsp = -log Ksp) of U02, based on the reaction U02 + 2H20 = U4+ + 40H-, 
for U02 solids from amorphous [U02(am)) to uraninite [U02(c)), and their molal solubilities as U(OH)~ at 25°C 
and 1 bar total pressure 

51.9 (u)! 
52 ± 0.4 (s) 
52.6 (s, u)* 
(51.6)§ 
(53.0)11 
53.0 (U)II 
53.4 (u, sl 
56.1 (u)tt 

61.0 (computed)U 

V02 crystallinity 

amorphous (XRD) 
amorphous 
microcrystalline (XRD) 
pK,p(am) = pK,p(c) - 9.4 
pKsp(am) = pKsp(c) - 8.0 
amorphous (XRD) 
more crystalline (XRD) 
amorphous (XRD) 

(probably = schoepite) 
well-crystallized 

Solubility as 
-log[V(OH)4'l 

8.0 

8.7 

9.47 
4.45 

17.1 (computed) 

Source 

Rai et al. (1990) 
Stepanov and Galkin ( 1960) 
Yajima et al. (1995) 
Langmuir (1978) 
Rai et al. (1987) 
Rai et al. (1996) 
Parks and Pohl (1988) 
Bruno et al. (1987) 

Grenthe et al. (1992) 

Note: Experimental solubility measurements run from undersaturation to supersaturation and are denoted by u or s, respectively. 
Parentheses enclose estimated values. XRD indicates that crystallinity was determined by X-ray diffraction methods. t K = 
103.5±0.8 for U02(am) + 3W = UOW+ + HP (Rai et al. 1990). With this value and LlGl(UOH3+) = -182.25 kcal/mol, we obtain 
LlGl = -234.15 kcal/mol for U01(am), and pK,p = 51.9. Rai et al. (1990) report pK,p = 52.0 ± 0.8. Their measured UOiam) sol
ubility of 10-8.0 M as U(OH)% leads to LlGl[U(OH)~1 = -336.6 kcallmol. In serious disagreement Grenthe et a!. (1992) propose 
LlGl [U(OH)~1 = -347.2 kcallmol. IWorking with X-ray microcrystalline UOl' Yajima et al. (1995) measured a solUbility of 
10-8.7 M as U(OH)%, which, with llGl data from Tables A13.1 and AI3.2, and from table note t, results in pK,p = 52.6. §IIThe dif
ference in solubilities of M4+ oxides and hydroxides of Hf, Th, Ti, and Zr, written as MOl average 9.4 pKsp units according to 
Langmuir (1978), or 8.0 pKsp units according to Rai et al. (1987). Assuming pKsp = 61.0 for UOl(C) (this table), this suggests that 
for U02(am), pKsp = 51.6 or 53.0, respectively. IIRai et al. (1996) measured the solubility of U02(am) in up to 6.0 molal NaCI and 
3.0 molal MgCI2 solutions, extrapolating their results to 1= 0 with the Pitzer ion-interaction model. Given the many assumptions 
and corrections involved, their proposed pKsp of 53.0 is probably less accurately known than earlier values measured at lower 
ionic strength. lIparks and Pohl (1988) measured the solubility of a more crystalline UOl between 100 and 300°C from pH 1 to 
10, and obtained 10-9.47 M as U(OH)~. The solubility was independent of temperature, which suggests pK,p = 53.4 at 25°C. 
"Bruno et al. (1987) reported a UOiam) solubility of 10-4·45 M as U(OHl\'. This roughly corresponds to the solubility of schoepite 
[.B-U03 • 2H20(c)] and suggests that the experiments were contaminated with oxygen and CO2, j'The LlGl value for uraninite 
[V02(c)] computed by Grenthe et al. (1992) from calorimetric measurements of its enthalpy and entropy, leads to pKsp = 61.0 for 
U02(c). 

the results of Rai et al. (1990) lead to Ksp[U02(am)] = 10-51.9. This is in excellent agreement with 
MINTEQA2-modeled analyses of II groundwaters in contact with U(IV) ore deposits. The three 
most saturated of these groundwaters have an average [U4+][OH-]4 product of 10-51.6310.02. 

Coffinite (USi04) is the dominant uranium ore mineral in many sandstone-type deposits in the 
Colorado Plateau region of the southwestern United States (cf. Goldhaber et al. 1987), where it oc
curs with quartz, fine-grained uraninite, and organic material (Nord 1977). It is also common in other 
world deposits (cf. Pacquet et al. 1987; Pearcy et al. 1994). Langmuir (1978) estimated coffinite sta
bility from that of UOi c), and the high silica concentrations present in waters associated with coffi
nite and uraninite, _10-3.0 M Si02(aq), via the reaction 

(13.10) 

This approach leads to £lGl(coffinite) = -449.9 kcallmol. In good agreement, based on the high-tem
perature decomposition of coffinite to UOic) and silica glass, Hemingway (1982) estimated 
£lGl(coffinite) = -450.76 kcal/mol, which is the value listed in Table Al3.1. Because these estimates 
are based on the stability of UOlc), they probably refer to the stability of USiOic). A more direct 
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Figure 13.7 (a) The measured solubility of U02 . xH20(am) [U(OHMam») at 25°C as a 
function of pH as reported by Gayer and Leider (1957) (0); Ryan and Rai (1983) (0); 
Bruno et al. (1987) (0); and Rai et al. (1990) (.). The solubility of U03 . H20 from Gayer 
and Leider (l955) ('V) is also shown for comparison. (b) The measured solubility of 
U(OHMam) as a function of pH according to Ryan and Rai (1983) (0) and Rai et aI. 
(1990) (e). The solid lines are best fit lines for the reactions U(OHMam) + 3W = UOW+ + 
3HP and U(OHMam) = U(OH)~. Reprinted with permission from Inorg. Chern. 
29:260-64, D. Rai et aI., Uranium (IV) hydrolysis constants and solubility product of 
U02 · xHp(am). Copyright © 1990 American Chemical Society. 
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approach to coffinite stability is to compute it using the chemical analyses of low Eh groundwaters 
from coffinite-bearing ore zones. This leads to K = IOO.5o ±0.03 for the reaction 

(13.11) 

which corresponds to the average highest coffinite solubility in three groundwaters from the Cigar 
Lake and Palmottu uranium deposits (see Table A 13.4). These same waters are at saturation with re
spect to U02(am). suggesting that the associated coffinite phase may also be amorphous. This calcu
lation is the basis for AGI[USi04(am)] listed in Table Al3.l. The difference in AGI values for amor
phous and crystalline USi04 in Table A13.I. indicates a solubility (pKsp) difference of 108.9 times, 
which seems reasonable compared to pKsp = 109.1 times between UOiam) and UOic) (Table A 13.3). 

An Eh-pH diagram for the system U-Or H20 at 25°C and a typical groundwater uranium con
centration of ~U(aq) = 10-8 M is given in Fig. 13.8. The plot shows the stability fields of the domi
nant aqueous species and the large size of the stability field of uraninite [U02(c)]. If instead the sta
bility field of U02(am) is plotted. it almost exactly overlaps the field of U(OH)4'. Of particular 
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Figure 13.8 Eh-pH diagram for aqueous species in the U-02-H20 system in pure water 
at 25°C and I bar total pressure for l:U = 10-8 M. The U02(c) solid/solution boundary for 
l:U = lO-S M is stippled. 
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Figure 13.9 Eh-pH diagram for aqueous species in the U-02-C02-HzO system in pure 
water at 25°C and I bar total pressure for LU = 10--8 M and Peo, = 10-20 bar. UC, UDC, and 
UTC denote the aqueous complexes U02CO\" U02(C03)~-' and U02(C03)~', respectively. 
The position of the U02(c) solid/solution boundary for LU = 10-8 M is stippled. 
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interest, the diagram shows the predominance of the uranyl-hydroxy complexes at low Eh values in 
the presence ofuraninite, with U(OH)f only important in waters where the Eh is less than about - 100 
to -200 mY. . 

At a lypical groundwater CO2 pressure of 10-2 bar, the highly stable uranyl carbonate com
plexes predominate above about pH 5 (Fig. 13.9). Comparison of Figs. 13.8 and 13.9 indicates that 
these complexes are stable relative to U(OH)f under highly reducing conditions. Accordingly, above 
pH 5, the oxidation of U(IV)(aq) and dissolution of U02(s) can occur at lower Eh values when high 
carbonate concentrations are present. (The U(lV)-carbonate complexes are unstable relative to 
U(OH)f under these conditions and so do not stabilize U(IV)(aq).) 

Most natural uraninites or pitchblendes (and probably coffinites) are partially oxidized, with 
compositions between U02.00 and U0267 (U 30 8) (cL Giblin 1987; Ahonen et al. 1993; Sunder et al. 
1994). The stabilities of oxide phases of mixed oxidation state (between IV and VI) are shown in 
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Figure 13.10 Eh-pH diagram for aqueous species and solids in the system U-02-COr 
HP at 25°C and I bar total pressure. Solid/aqueous boundaries (stippled) are drawn for 
I:U = 10-5 M. UDC and UTC are UOiC03)?- and U02(C03)1-, respectively. 

Fig. 13.10, along with stability fields of stoichiometric uraninite and schoepite. The plot indicates 
that the intermediate oxides have a small stability range in Eh-pH space, however their stability fields 
occur under conditions commonly encountered in groundwater. Ahonen et al. (1993) have suggested, 
in fact, that their measured Eh and pH values in three drill holes in the Finnish Palmottu uranium de
posit may be in equilibrium with U02.33 (U30 7) (Fig. 13.11). (See also Cramer and Smellie 1994, re
garding the Cigar Lake deposit.) 

The Eh-pH diagram in Fig. 13.12 shows the large stability field of carnotite under oxidizing 
conditions (the field of tyuyamunite is similar), consistent with its common occurrence in the weath
ered zone of U(IV) uranium deposits. The figure, which is from Langmuir (1978), is little changed 
by revisions in the thermodynamic data base in Table A 13.1. 

In recent years numerous complete analyses of groundwaters have become available that in
clude Eh and pH values and uranium analyses. Some examples of these are given in Table At 3.4. 
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Figure 13.11 Eh-pH diagram showing measured Eh and pH values in groundwaters in the 
Palmottu uranium deposit, Finland. The diagram is drawn for C[ (total carbonate) = 2 x 
10-] M and 10-2 M SO~-, with ~U = 10-8 M at the UP7(S) boundary. This solid (equiva
lent to U02 ds» is considered a possible control on dissolved U concentrations. UC, UDC 
and UTC are defined in Fig. 13.9. Modified from Ahonen el a\., Uranium mineral-ground
water equilibration at the Palmottu natural analogue study site. Finland. Mat. Res. Soc. 
Symp. Proc. 294:497-504. Copyright 1993 by Materials Research Society. Used by 
permission. 
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Such sampling and analyses have had several purposes. One goal has been to characterize geologic 
systems analogous to those that might be considered for nuclear waste disposal (analyses 3 and to) 
(see also Pearson et al. 1989; Pearson and Scholtis 1992). Because the spent nuclear fuel requiring 
disposal is chiefly U02, numerous studies of groundwaters associated with uraninite deposits have 
been studied as analogs for a potential geological repository (analyses I, 2, 6 to 9) (cf. Pearcy et al. 
1994). Groundwater analyses have also been used to prospect for uranium deposits (analyses 4 and 5) 
(see also Langmuir and Chatham 1980; Giblin 1987), and as part of the effort to solution-mine (in situ 
leach) such deposits to extract uranium (analysis 11) (cf. Deutsch et al. 1985). 

An interesting conclusion from studies of low Eh groundwaters from crystalline rocks has been 
that most appear at saturation with some form ofU02 and perhaps USi04 (and ThOz) (ef. Paces 1969; 
Krupka 1983; Langmuir 1987; Gaseoyne 1989; Pearson and Scholtis 1992). For example, 
MINTEQA2 modeling of analysis 3 (Aspo, Sweden) and analysis 10 (Stripa, Sweden), which con
tain 1.9 x 10-9 and 4.4 x 10-10 M U(lV)(aq), gives the following respective saturation indices: for 
U02(am) -0.9 and -1.4; for USi04(am) -1.4 and -0.7. l.n other words, the groundwaters are satu
rated with respect to phases that are slightly less soluble than the amorphous forms, but much more 
soluble than crystalline U02 or USi04• The implication is that the U02 of spent nuclear fuel might 
be close to equilibrium in such groundwaters and so not tend to dissolve. This would beneficially 
limit the release to groundwater and the accessible environment of more radioactive and hazardous 
elements such as Pu, Np, and Am, in the spent fuel. 
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Figure 13.12 Eh-pH diagram for the system K-U-V-02-C02-H20 at 25°C and I bar total 
pressure, for K+ = 10-3 M, 1:V = 1Q-6 M (0.1 mglL as V04), and Peo = 10-2 bar, showing , 
aqueous fields where 1:U > 10-6 M. Solid/solution boundaries are drawn for 1:U = 10-6 M 
(0.24 mglL). Reprinted from Geochim. et Cosmochim. Acta. 42(6), D. Langmuir, Uranium 
solution-mineral equilibria at low temperatures with applications to sedimentary ore de
posits, pp. 547-69, © 1978, with permission from Elsevier Science Ltd., The Boulevard, 
Langford Lane, Kidlington OX5 1GB, U.K. 

Example 13.5 

Input analysis no. 2 (Table Al3.4) from Cigar Lake into MINTEQA2, and determine (a) total 
dissolved concentrations ofU(IV) and U(VI); (b) the speciation ofU(IV) and U(VI); and (c) SI 
values for U02(am) and USiOiam). 

Total concentrations are tU(IV) = 2.38 x 10-8 M, and tU(VI) = 9.02 x 10-9 M. The U(IV) 
is 100% as U(OH)4' U(VI) occurs as 14.6% U02C03', 77.5% U02(C03H-, 3.5% U02(C03)~-; 
1.2% U02(OH)2, and 1.9% U02(OH)3' The SI values are 0.22 for U02(am) and 0.07 for 
USiOiam), probably indicating that the groundwater is at saturation with both phases within 
uncertainties in the chemical analyses and thermodynamic data. 

13.2.4 Adsorption~Desorption Reactions and Models 

Above it was shown that U(aq) concentrations may be at saturation with respect to U minerals in 
some low-Eh groundwaters in granites and in waters associated with primary and secondary U min-
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eral deposits. At more usual, lower concentrations, dissolved U and other trace elements, including 
other actinides, will always partition themselves between the water and the surfaces of contacting 
solids in soils, sediments, and rocks. In fact, in typical soils and groundwater systems (pH >5) more 
than 99% of individual trace elements will be associated with solid surfaces and less than 1 % dis
solved. Equilibration of trace U (or other actinide) species in subsurface waters is thus usually with 
sorption sites. To understand U mobility we must, therefore, also understand its adsorption behavior. 

The pH range of minimum solubility of the uranyl minerals is also the pH range of maximal 
U(VI) sorption on most important natural sorbents, including organic matter (van der Weijden and 
Van Leeuwen 1985), Fe(III) oxyhydroxides, Mn and Ti oxyhydroxides, zeolites and clays (cf. Lang
muir 1978; Turner 1995). In terms of approximate Kd values, where Kd (ml/g) = (wt adsorbed/wt sor
bent)/(solute concentration) (see Chap. 10), maximum Kd values for U(VI) sorption by the above 
phases are: Ti(OHMam), 8 x 104 to 106; HFO, 1.1 x 106 to 2.7 X 106; peat, 104 to 106; fine-grained 
natural goethite (a-FeOOH), 4 x 103; phosphorites, 15; montmorillonite, 6; and kaolinite, 2 (Lang
muir 1978). 

Because of their common occurrence in soils and sediments and strong sorptive behavior to
ward U(VI), the Fe(III) oxyhydroxides are generally the most important potential sorbents for U, 
with organic matter (peat, for example) second in importance. Shown in Fig. 13.13 are typical U(VI) 
concentration versus pH plots for U(VI) adsorption by HFO and goethite. The similarity between 
these plots and the pH-solubility curves for schoepite (Fig. 13.5) and carnotite (Fig. 13.6) is readily 
apparent. Once U(VI) has been adsorbed, it may be reduced to U(IV) in uraninite or coffinite by mo
bile reductants such as H2S, CH4, or Fe2+ (cf. Goldhaber et al. 1987) or by the sorbent itself if the lat
ter is organic matter (cf. Schmidt-Collerus 1967; Meunier et al. 1987). If reduction does not follow 
adsorption, uranyl can be desorbed by an increase in alkalinity at constant pH, or by raising the pH. 
Such changes increase the extent of uranyl carbonate complexing (see Fig. 13.4), and because the 
carbonate complexes are poorly adsorbed, cause the desorption and remobilization of uranyl species. 

As just noted, U(VI) adsorption behavior depends on its aqueous speciation, which is a func
tion of pH and redox conditions, and of the absolute and relative concentrations of ligands that form 
U(Vl) complexes, for the complexes have different tendencies to be adsorbed by different sorbents. 
Given the plethora of independent variables involved, the modeling of U(VI) adsorption is best ac
complished using an electrostatic adsorption model, such as the constant capacitance (CC), diffuse
layer (DL), or triple-layer (TL) model (Chap. 10). Hsi and Langmuir (1985) modeled U(VI) ad
sorption by HFO, goethite, and hematite with the TL model (Davis et al. 1978). They proposed that 
U(VI) was adsorbed chiefly as its U020W and (U02h(OH)t aquocomplexes between about pH 3 
to 8, and assumed that the adsorbed surface complexes had the same stoichiometry as the aqueous 
complexes. Using a different thermodynamic data base for U(VI) aqueous species with the incorrect 
ll.Gl value for U02(OH)2' from Grenthe et al. (1992) (see Table A 13.1), Turner (1995) has success
fully modeled the data of Hsi and Langmuir (1985) for U(VI) adsorption by HFO and goethite, as
suming adsorption is of anyone of the three complexes, U02(OH)2', U02(OH):3, or U02(OH)~-. 
Turner (1995) also noted that the U(VI) adsorption data could be just as accurately modeled with the 
CC or DL models as with the TL model. 

In an effort to understand adsorption mechanisms, Waite et al. (1994) (see also Chisholm
Brause and Morris 1992) examined the character of U(VI) adsorption sites on the HFO surface with 
uranium EXAFS spectroscopy. They concluded that a single inner-sphere, mononuclear, bidentate 
complex, (=Fe02)U02, could explain their low pH-adsorption results and that U(VI) desorption at 
alkaline pH's could be modeled assuming a (=Fe02)U02CO~- surface species. Waite et al. (1994) 
used the DL model in their study and assumed the existence of both weak and strong adsorption sites 
(see Fig. 13.14 and Chap. 10). 
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Figure 13.13 The effect of changes in 
total carbonate (Cr) on the adsorption of 
U(VI) onto 1 gIL suspensions of 
(a) Fe(OH)iam) or HFO and 
(b) a-FeOOH (goethite) in 0.1 M NaN03 

solutions at 25°C, as a function of pH for 
ru = I (}5 M. Reprinted from Geochim. et 
Cosmochim. Acta, 49(11), C. K. D. Hsi 
and D. Langmuir, Adsorption of uranyl 
onto ferric oxyhydroxides: Application of 
the surface complexation site binding 
model, pp. 2423-32, © 1985, with permis
sion from Elsevier Science Ltd., The 
Boulevard, Langford Lane, Kidlington 
OX5 1GB, U.K. 

As shown in Fig. 13.14, most researchers display their adsorption results in plots of percent 

adsorbed versus pH. The selection of Kint values for trace element adsorption is then based on the fit 
of model-derived adsorption curves to the data plotted as percent adsorbed. This is a poor procedure 
because the important adsorption data below 1 % or above 99% adsorbed cannot be distinguised and, 
therefore, may not be accurately modeled. If this approach had been used to present the adsorption 
data given in Fig. 13.13, none of the important data for U(VI)(aq) below about 24 J1-glL [< 1 % of 
r.U(VI)(aq)] could be distinguished from zero percent adsorbed. 
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Figure 13.14 Diffuse layer (DL) modeling of U(VI) adsorption by HFO at 10-3 M as Fe, 
as a function of pH, for l:U(VI) = 10-6 M. Model I assumes one U(VI) species is adsorbed 
at two surface sites. Model 2 assumes two species are adsorbed at two surface sites. 
(a) Model fits to adsorption data at J = 0.1 M, and CO2 pressures of om bar (I %) and 
0.00032 bar (air) between pH 3 to 10. (b) Effect of different ionic strengths (l = 0.02 M and 
0.1 M) on model 2 adsorption fits for 0.00032 bar CO2 pressure between pH = 7.5 to 10. 
Reprinted from Geochim. et Cosmochim. Acta, 58, T. O. Waite, J. A. Davis, T. E. Payne, 
G. A. Waychunas, and N. Xu, Uranium (VI) adsorption to ferrihydrate: Application of a 
surface complexation model, pp. 5465-78, © 1994, with permission from Elsevier Science 
Ltd., The Boulevard, Langford Lane, Kidlington OX5 1GB, U.K. 
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Assuming that uranyl carbonate complexes are not adsorbed, using the triple layer (TL) model 
compute the adsorption of uranyl species by hydrous ferric oxide (HFO) at pH = 7 in the ab
sence of CO2, and for Peo, = 10-2.0 bar, given that total U(VI) = 10-5 M. Assume the solution 
electrolyte is 0.1 M NaN03• and that 1 gIL of HFO is in contact with the solution. with a sur
face area of 700 m2/g. corresponding to 0.021 mol siteslL. Also. (:1 = 1.25 P/m2

, (:2 = 0.2 Hm2. 



512 Actinides and Their Daughter and Flssion Products Chap. 13 

The following adsorption reactions and intrinsic constants must be entered in PRODEFA2 (see 
Table lO.12). 

Expression 

SOH+W=SOH! 
SOH-W=SO-
SOH + Na+-W= SONa 
SOH + W + NO)" = SOH2N03 
SOH + UO~+ + HP - 2W = SOUOPH 
SOH + 3UO!+ + 5H20 - 6W = SO(U02h(OHh 

log Kin' 

+5.0 
-10.9 

-9.3 
+7.0 
-6.9 

-13.9 

Modeling output shows that U(VI)(aq) = 1.39 x 10-10 M in COTfree water and 1.18 x 10-7 M 
when Pea, = 10-2.0 bar. In other words, complexing of uranyl by carbonate reduces its adsorp
tion and leads to a U(VI)(aq) concentration 8S0 times greater when Pea, = 10-2 bar than when 
no CO2 is present. 

13.3 URANIUM ORE DEPOSITS 

13.3.1 Origin of Low-Temperature Uranium Deposits 

Approximately two-thirds of the world's uranium deposits have formed below SOT in near-surface 
sedimentary environments (Nash et al. 1981). Generally, the U has been leached from a soil or rock 
that is somewhat enriched in U, such as a granite or rhyolitic tuff. It was then transported in neutral 
to alkaline, oxidized waters, chiefly as U(VI)-carbonate complexes. When the groundwater encoun
tered a redox interface (see Chap. 11), U(VI) was reduced to U(IV) and precipitated as insoluble 
uraninite or coffinite, or as a less-crystalline material, such as pitchblende. Reducing conditions at 
the redox interface were created by H2S, or by a zone in the sediment, rich in organic matter and/or 
sulfide minerals such as pyrite or marcasite (FeSz) (Miller et al. J 984). Most sediment -hosted U de
posits formed in this way and have been preserved over geologically significant times by the persis
tence of a locally reducing environment. Perhaps because of this last requirement, sandstone-hosted 
U deposits are found almost exclusively in younger rocks (Nash et al. 1981). 

Shown in Fig. J 3.1S is a schematic cross-section of a sedimentary U deposit described as a roll 
front. In the United States such deposits are found in Colorado, Texas, and Wyoming, for example. 
They are described as "roll fronts" because over time they "roll" downgradient as the upgradient 
edge of the deposit dissolves and is redeposited near the downgradient edge. Depending on the ge
ology and hydrology of the host sandstone, roll-front deposits may range from a few meters to hun
dreds of meters across. 

Redox-sensitive elements such as As, Mo, Se, and V, are soluble along with U(VI) in oxidized 
groundwaters where they occur as oxyanions. However, in the reduced waters at the redox interface 
of a roll front or other sedimentary U deposit, they are precipitated nearby along with U(IV) in in
soluble minerals (cf. Wanty et al. 1987). 

13.3.2 Uranium Ore Deposits as Analogs for a Nuclear 
Waste Repository 

Since the nuclear accidents at the Three Mile Island power plant in the U.S. in 1979, and the near 
meltdown at Chernobyl, Ukraine in 1986 (cf. Stone 1996; Bradley et al. 1996), the value of uranium 
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Figure 13.15 Schematic cross-section of an idealized uranium roll-front orebody show
ing the zonation of elements and primary hydrologic and geochemical features. Oxidized 
groundwaters flow from left to right. The roll front and associated redox interface moves in 
the same direction. After Larson (1978). 
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ore deposits and uranium exploration and mining activity, have both decreased dramatically in the 
Vnited States and elsewhere. However, numerous projections forecast a resurgence of nuclear power 
in the first half of the next century, if other energy sources are unable to satisfy burgeoning global 
energy demands (Nakicenovic 1993). In the meantime, much of the current interest in V deposits is 
focused on examining their behavior as possible analogs for geologic repositories in which to bury 
nuclear wastes. In most analog deposits the V occurs as uraninite or pitchblende, similar to spent fuel 
V02• Analog studies have examined the occurrence and mobility of radionuclides from V deposits 
located both above and below the groundwater table (cf. Curtis et al. 1994). The goal is to learn if 
and how various radionuclides or analog elements might migrate from nuclear waste repositories in 
similar settings over long times. Pearcy et al. (1994) have summarized the geologic and mineralogic 
characteristics of a number of analog V deposits. 

The Pena Blanca deposit in northern Mexico occurs in unsaturated and oxidized rhyolitic tuffs, 
in a geologic and climatic setting similar to that of the proposed V.S. repository at Yucca Mountain, 
Nevada. Much of the original V02 ore has been oxidized and altered, sometimes first to form V(VI) 
oxide hydrates such as schoepite, and later to precipitate as more stable and abundant V(VI) silicate 
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Figure 13.16 Schematic cross-section through the Cigat Lake uranium deposit, showing 
the U ore and host rocks, including lithologic characteristics related to hydrothermal alter
ation and weathering. USS and LSS denote upper and lower sandstone. Near-vertical 
dashed lines denote faults. Modified after J. J. Cramer and J. A. T. Smellie, eds., Final re
port of the AECUSKB Cigar Lake analog study. Report AECL-I 0851. Copyright 1994 by 
Whiteshell Laboratories. Used by permission. 
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minerals that include chiefly uranophane, with smaller amounts of soddyite (Pearcy et al. 1994). Wil
son (1990) produced similar Ca-U(VI) silicate solids by leaching spent fuel with oxidized J-13 well 
water. 

The Cigar Lake uranium deposit in Saskatchewan, Canada, is an analog for a repository lo
cated below the groundwater table (cf. Cramer and Sargent 1994; Cramer and Smellie 1994). The 
deposit, which was formed at elevated temperatures, is currently about 450 m below the land sur
face. The ore is in sandstones that overlay granitic basement rocks (Fig. 13.16). Primary U ore min
erals include uraninite, pitchblende, and minor coffinite. Features that make the Cigar Lake deposit 
a useful, natural analog site include: (I) the great age of the ore (> 1.2 biUion y); (2) high ore grades 
(average 8% up to 55% U); (3) the reducing chemical environment in and adjacent to the orebody; 
and (4) the relatively high amounts of clay found in the matrix of sandstones surrounding the de
posit. Taken together, the age, ore grade, mineralogy, and chemical environment show that accumu
lations of U can be stable and practically immobile in low-Eh groundwaters for geologically signif
icant time periods. The clay content of the surrounding rock has been used to demonstrate that clay 
minerals are effective sorbents for any U that is mobilized, preventing large-scale migration of U 
from the orebody. 
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13.4 NUCLEAR POWER AND HIGH-LEVEL NUCLEAR WASTES 

13.4.1 Composition of Nuclear Fuel and High-Level 
Nuclear Wastes 
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Natural uranium from the mining and milling of U ore, has an average composition of 0.0057% 2:14U, 

0.719% mU, and 99.275% 2}8U (RosIer and Lange 1972). The mU isotope is unique, in that it can 
be split into two atoms (fission fragments) of roughly equal size by the impact of a slowly moving 
neutron. 

235U + 1/10 -t fission fragments + 2-3 neutrons + energy (13.12) 

The reaction, which involves nuclear fission, also produces more neutrons and enormous amounts 
of energy. Some nuclear power plants use fuel rods made of natural U, unenriched in 235U (e.g., Cana
dian CANDU fuel; cf. Kathren 1984). In most countries the fuel rods are fabricated from U enriched 
in mU to 1.8 to 3.7% of total U (Adloff and Guillaumont 1993). This increases the radioactivity and, 
therefore, the heat output of the fuel, which is derived from the kinetic energy of the fission frag
ments and radioactivity of fission products. The heat is used to produce steam to run turbines for gen
erating electricity. 

Some of the neutrons from fission of mU combine with 21HU to produce 2:l9pu (Fig. 13. I 7) 

(13.13) 

(Kathren 1984). The mpu is also fissile, itself producing neutrons and fission products, along with 
transuranic (TRU) elements (TRU elements have atomic numbers higher than 92) (see Table 13.5). 
In fact, ahout one-third of the heat in the reactor results from the fission of 239PU. In a nuclear reac
tor, I g of fissile material (mU, mpu) (_1021 atoms) can produce an incredible 8.2 x 107 kJ of en
ergy (Kathren 1984; Adloff and Guillaumont 1993). One must burn more than 2.6 metric tons of 
high-grade coal, yielding ::;31 kJ/g of heat (Moore and Moore 1976) to produce the same heat out
put from coal as obtained from I g of fissile IlUclear fuel. 

After I to 3 years the fission products accumulated in nuclear fuel, interfere with neutrons (ad
sorh or deflect them) so that the fuel rods become inefficient. Once removed from the reactor the rods 
are referred to as spent fuel. The general composition of spent fuel, which is chiefly U02, is given in 
Table 13.6. In some countries, but not in the United States, the spent fuel from commercial reactors 
is reprocessed to remove most of the U and Pu isotopes, which can then be reused to make additional 
nuclear fuel. Remaining radionuclides, which are mainly short-lived, and include most of the fission 
products (e.g., mCs, mCs, 90Sr, 99Tc) and small amounts of the actinides, arc usually incorporated 
in borosilicate glass for disposal. The spent fuel and borosilicate glass with incorporated radionu
c1ides are the chief materials in high level nuclear wastes (cL Krauskopf 19H8; Berlin and Stanton 
1989; Wiltshire 1993). High-level nuclear waste generates substantial heat and has a typical ra
dioactivity of JOI6_IOIB Bq/ton (cf. Savage 1995). 

The radioactivity of important radionuclides in spent fuel as a function of time after the fuel is 
removed from a reactor is indicated in Table 13.7. Figures 13. I 8 and 13.19 describe the water dilu
tion volumes for the radionuclides in spent fuel and reprocessed waste as a function of time. (The 
water dilution volume is the volume of water needed to dilute the amount of a given isotope in the 
waste to a concentration safe for ordinary usc.) Ordinant values in Figs. 13. I 8 and 13.19 can also be 
viewed as a measure of the radioactivities of the isotopes as a function of time. For both spent fuel 
and reprocessed waste, the chief source of radioactivity for the first JO to 100 y is the fission prod
ucts 90Sr and J l7Cs. Thereafter, up to about 10,000 y, Am and (briefly) Pu isotopes are the dominant 
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Figure 13.17 Schematic diagram showing fission of mU and addition of neutrons to 238U 
to produce 239Pu. The top of the diagram shows the splitting of a mU nucleus by slow neu
trons, resulting in a release of energy and the generation of more neutrons. A fast neutron 
added to the 238U nucleus produces a nucleus of 239Pu. The diagram suggests direct pro
duction ofPu, which is a simplification. (Office of Technology Assessment, U.S. Congress.) 
After Krauskopf (1988). 

TABLE 13.5 Important transuranic (TRU) elements produced 
in nuclear reactors 

Nuclide 

U-239 
Pu-238 
Pu-239 (fissile) 
Pu-240 
Pu-24 I 
Pu-243 
Am and Cm isotopes 
All acti nides 

Source: From DOE (1987). 

Half-life 

6.75 d 
86.4y 

24,360 y 
6,580y 

13.2 y 
5y 

MCi in 
1000 MWe reactor 

1,708 
0.138 
0.032 
0.050 

12.4 
22.4 

1.14 
3,614 

Chap. 13 
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TABLE 13.6 The composition of typical 
spent fuel from a commercial nuclear reactor 

Nuclide 

U-235 
U-236 
U-238 
Fissile Pu 
Nonfissile Pu 
Fission products 

Source: From Glasstone (1987). 

Wt percent 

0.8 
0.4 

95 
0.65 
0.25 
2.9 
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contributors to radioactivity. From roughly 104 to 107 y, 237Np contributes the most to radioactivity 
of the waste. Because the reprocessed waste contains smaller amounts of long-lived actinides than 
does the spent fuel, at later times its radioactivity drops substantially lower than that of spent fuel. 

13.4.2 The Long-Term Health Risk of High-Level Nuclear 
Wastes in a Geologic Repository 

Currently the spent-fuel rods from nuclear power plants are being stored in pools of water at power 
plants. Some of the spent fuel has also been placed in large casks in dry storage. Although pool and 
cask storage is probably safe for decades, such storage becomes impractical when the power plants 
are closed down and decommissioned as planned (cf. NWTRB 1996). In most countries there is con
sensus that the safest long-term disposition of high-level nuclear waste is to isolate the waste in a 
deep, geologic repository. A variety of geological settings are being considered as potential reposi
tories, including crystalline rocks such as granites, and shales, salt domes, and volcanic rocks. Most 
national repositories are to be emplaced below the groundwater table. To ensure long-term isolation 

TABLE 13.7 The radioactivity of selected radionuclides in spent 
fuel t as a function of fuel age after removal from the reactor in 
curies per metric ton of initial heavy metal (Ci/MTIHM) 

Age of Spent Fuel 

Nuclide Half-life (y) 102 Y 1()4 Y 106 Y 

C-14 5.7 x 103 1.5 4.6 X 10-1 

Sr-90 2.8 x 10' 6.7 X 103 

Tc-99 2.1 x 105 1.3 X 10' 1.3 X 101 0.504 
Cs-137 3.0 x 10' 1.0 x 10" 
Th-229 7.3 x 103 9.7 X 10-7 1.6 X 10-2 0.911 
U-233 1.6 x 105 1.7 X 10-4 4.8 X 10-2 0.906 
U-238 4.5 x 109 3.2 X 10- 1 3.2 X 10-' 0.318 
Np-237 2.1 x 106 4.2 X 10-1 1.2 0.854 
Pu-239 2.4 x 1()4 3.1 X 102 2.4 x 102 _10-7 

Pu-240 6.5 x 103 5.3 X 102 1.8 X 102 _10-7 

Am-24 1 4.6 x 102 3.7 X 103 6.5 X 10-2 

Total t 4.1 x 104 4.7x 102 20.2 

'Basis is pressurized water reactor fuel with 33,000 megawatts per dayfMTIHM. 

tTotal is of all radionuclides, both selected and unselected. 

Source: From the Oak Ridge National Laboratory Spent Fuel Repository Charac-
teristics Data Base (Notz 1990). 
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Figure 13.18 Water-di lution volumes for radionucl ides in spent fuel discharged from a 
I-GW(e) pressurized-water reactor as a function of decay time. After J. Choi and H. 
Pigford, Water dilution volumes for high-level wastes. ANS Transactions 39, p. 176. 
Copyright 1981 by the American Nuclear Society, Inc., LaGrange Park, Illinois. Used by 
permission. 

of the wastes, groundwater flow rates from the waste to the accessible environment" are required to 
be very slow. In the U.S. program, the repository may be located in unsaturated rock above the water 
table. The heat of the spent fuel is then expected to boil away any infiltrating water, and thereby pre
vent corrosion and waste-package failure for one thousand years or more. Most national programs 
intend that the engineered barriers surrounding the waste and the natural geological system together 
will prevent dangerous releases of radionuclides to groundwater supplies or to surface environments 
for tens of thousands to millions of years. 

It seems appropriate to ask whether we should be concerned about the nuclear wastes in a 
repository for such long times. Certainly, spent fuel fresh from a reactor is very hot and dangerously 
radioactive if unshielded. However, this radioactivity declines exponentially with time (Figs. 13.18 
and 13.19). Shown in Fig. 13.20 is the relative toxicity hazard of spent fuel and reprocessed waste 
as a function of time. (This is the toxicity produced by ingesting a given weight of nuclear waste, 
spent fuel, or metal ore.) Also ploUed is the time-invariant toxicity hazard for mercury, lead, silver, 
and uranium ore. As shown by the figure, after 10,000 and 100,000 Y the respective toxicities of re
processed waste and spent fuel are the same as and less than that of 0.2% U ore (DOE 1980-see 
also Wick and Cloninger 1980; OTA 1985; Savage 1995). As noted by Goodwin et al. (1994), "At 
very long times, a waste disposal vault resembles a high-grade uranium ore deposit." It is logical to 
question why we should be concerned about the nuclear waste in a repository once the health risk of 
the waste is less than that of the ore deposit from which the uranium began its journey in the nuclear 

'In the U.S. program the accessible environment is assumed [0 be at a distance of 5 km from the repository. 
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Figure 13.19 Water-dilution volumes for radionuclides in spent-fuel reprocessing wastes 
formed by operating a I-GW(e) pressurized-water reactor for one year, plotted as a func
tion of decay time. After J. Choi and H. Pigford, Water dilution volumes for high-level 
wastes, ANS Transactions39, p. 176. Copyright 1981 by the American Nuclear Society, 
Inc., LaGrange Park, Illinois. Used by permission. 
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fuel cycle. Based on Fig. 13.20 one could also argue in terms of relative risk that we should some
how eliminate the risk due to unmined Hg, Pb and rich Ag ores, before concerning ourselves with 
nuclear wastes beyond 10,000 to 100,000 years. 

13.5 GEOCHEMISTRY OF IMPORTANT RADIONUCLIDES 
IN A GEOLOGICAL REPOSITORY 

13.5.1 Thermodynamic Stability and Geochemistry of I, 
Tc, Am, Np, and Pu Aqueous Species and Solids 

Previous discussion indicated that for both spent fuel and reprocessed waste, the chief sources of ra
dioactivity for the first 10 to 100 yare the fission products 90Sr and 13?CS. For later times out to 10? y, 
isotopes of Am, Pu, and Np are successively the dominant contributors to radioactivity. Assuming, 
as is likely, that corrosion failure of metal-waste packages in a geologic repository will not be sig
nificant before 103 to lO4 y, both 90Sr and I37CS with -30 y half-lives, will have decayed to insignif
icance. The actinides and long-lived fission products 129r and 99Tc remain important at later times 
(cf. Krauskopf 1988). The U.S. program assumes that 1291, 99Tc, and the actinides mU, 234U, and 
233Np are soluble and poorly adsorbed by Yucca Mountain tuffs and, therefore, could reach the ac
cessible environment before 50,000 y after disposal, assuming containment failure (Rechard 1995). 

The probability of release and transport of radionuclides from the vicinity of the waste is 
largely determined by: (l) their solubilities in the groundwater; (2) their tendency to be adsorbed 
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Figure 13.20 Relative toxicity hazard (relative to 0.2% U ore) of ingesting a given weight 
of high-level nuclear waste or spent fuel and the same weight of different metal ores or 
0.2% U ore, as a function of the age of the waste (DOE 1980). The figure shows that after 
about 1,000 y and 10,000 y, respectively, the reprocessed waste and the spent fuel are less 
toxic than 0.2% U ore. 

onto minerals in any clay backfill surrounding the waste or by minerals in the rock, and (3) by the 
likelihood that their colloidal forms will be filtered out by the backfill or rock, become unstable and 
dissolve, or adsorb or settle out during transport. Solubilities of the radionuclides can only be pre
dicted if reliable thermodynamic data are available for the probable aqueous species and solids in
volved. Adsorption modeling using the electrostatic adsorption models also requires knowledge of 
the stabilities of radionuclide aquocomplexes, as does a qualitative understanding and application of 
measured distribution coefficient (Kd) values for adsorption of the actinides. 

Thermodynamic data for U and its adsorption reactions have already been discussed. Among 
other important radioisotopes, the behavior of iodine in 1291 is relatively simple and well understood. 
Iodine occurs as iodate (103") in highly oxidized waters and iodide (n under more reducing condi
tions, including in most groundwaters (cf. Pourbaix 1966). At 25°C and below pH = 5, the redox 
boundary defining equal concentrations of these species for kI = 10-6 M is given by 

Eh = 1.097 - 0.0592 pH (13.14) 

where EO has been computed from tlGJ data in Wagman et al. (1982). Iodide salts are less soluble 
than iodate salts, but are still too soluble to limit maximum possible I concentrations in groundwater. 

Critically evaluated thermodynamic data for U (Grenthe et al. 1992) and Am (Silva et al. 1995) 
(see Table A 13.5) have recently been published by international scientists collaborating through the 
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Nuclear Energy Agency (NEA). The NEA expects a similar critical review for Tc to be completed in 
1996. Publication of reviews for Pu and Np is expected in 1997. f The thermodynamic data produced 
under NEA guidance are internally consistent with CODATA key values (Cox et al. 1989). Unfortu
nately, currently available thermodynamic data for Tc, Np, and Pu is of mixed reliability. Prelimi
nary lists of internally consistent !J.Gl data for Tc and Np are given in Tables A13.5 and A 13.6, with 
data selections explained in table footnotes. Puigdomenech and Bruno (1991) have critically re
viewed the published !J.Gl and !J.Hl data for Pu (see also Guillaumont and Adloff 1992; Adloff and 
Guillaumont 1993). Their data selections for Pu are given in Table A 13.8. Unfortunately, enthalpy 
and entropy data for Tc and the actinides are largely unavailable. This makes prediction of their re
actions near 100°C, such as might be expected near nuclear wastes, a highly uncertain exercise. 

The tabulated !J.GJ data for Tc has been used to construct the Eh-pH diagram in Fig. 13.21 and 
the Tc02 . 2HzO(s) solubility diagram in Fig. 13.22. Figure 13.21 shows that in oxidized waters, such 
as those at the potential U.S. Yucca Mountain repository, Tc(VII), as pertechnetate ion (TcO;;), is the 
dominant Tc species. A large anion, Tc04, is highly soluble and mobile in water. However, in low
Eh groundwaters TcO;; is readily reduced and precipitated in Tc02 . 2HzO(s), which has a solubility 
of about 10-8 M in systems of near-neutral pH, under which conditions the predominant species is 
TcO(OH)2' (Fig. 13.21). As indicated by Fig. 13.22, the amphoteric solubility of Tc02 . 2H20(s) is 
increased by carbonate complexing at high pH. Little is known about possible Tc(lV) sulfate, phos
phate, or fluoride complexing for example, which may further increase Tc(lV) solubility, particularly 
in acid waters (cf. Rard 1983, 1990). . 

Example 13.7 

Smith and Martell (1976) give K = 10244 and K = 1025 for the association constants of VOS04' 
and TiOS04' at 25°C. Assuming as an estimate that K = 1025 for the reaction TcOz+ + SO~- = 
TeOS04', how much would the sulfate complex increase the solubility of Te02 . 2H20(s) at 
pH = 2 for lSO~-l = 10-2 M? Ignore activity coefficients in your calculation. In the absence of 
sulfate complexing the solubility of Tc02 . 2H20(s) is 3.7 x 10-8 M at pH = 2. 

Free-energy data from Tables A 13.2 and A 13.6 may be used to estimate !J.Gl(TcOS04') = 
-205.27 kcal/mol from the association constant. Dissolution of Tc02 . 2H20(s) may then be 
written 

Tc02 . 2H20(s) + SO~- + 2W = TcOS04' + 3H20 

Tabulated !J.Gl data then lead to Keq = 10-1.94, and the expression 

lTcOS04'l = 10-1.94 [SO~-l [H+j2 

(13.15) 

(13.16) 

Substituting, we find [TcOS04'J = 1.15 x 10-8 M, and so the complex increases Tc concentra
tions by about 30%. 

Many researchers have noted similarities in the thermodynamic properties of lanthanide and 
actinide solids and aqueous complexes when different metal cations and oxy-cations of the same 
charge and structure and of the same approximate size are compared (cf. Hobart 1990; Nitsche 
1991a; Seaborg 1994; Seaborg and Hobart 1996; Silva and Nitsche 1996). Nitsche (1991) and Palmer 
et al. (1992) used the analog actinide approach to estimate unknown or poorly known stabilities of 

'Thermodynamic data bases are available from OEeD Nuclear Energy Agency, 12 Boulevard des lies. 92130 Issy
les-Moulineaux, France. 
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Figure 13.21 Eh-pH diagram for the system Te-OrC02-H20 at 2YC and I bar pressure 
for Pea, = 10-2.0 bar and ~Te(aq) = 10-8.0 M. Boundaries of the Te02 . 2H20(s) stability field 
at ~Te(aq) = 10-8.0 M have been stippled. 

a number of aqueous complexes and solids of Am, Np, Pu, and U from better known values for use 
in the EQ3/6 thermodynamic data base. Shown in Table 13.8 are the important oxidation states of 
Th, U, Np, Pu, and Am in natural systems. Chemistries ofTh (cf. Langmuir and Herman 1980; Wag
man et al. 1982) and Am (cf. Silva et al. 1995) are relatively simple in that only Th(IV) and Am(III) 
are observed in nature. In contrast, the mUltiple oxidation states of Pu in particular greatly compli
cate its behavior. The actinide cations are hard acid cations (see Chap. 3) and so form their strongest 
complexes with ligands that are hard bases. The relative strengths of actinide complexes with hard 
bases generally decrease in the order 

CO~- > OH- > F-, HPO~- > SO~- > Cl-, NO) (13.17) 
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(Fig. 13.23). Kim (1993) and Silva and Nitsche (1996), among others, have noted that the stabilities 
of actinide (An) cation complexes with the same ligand most often decrease in the order 

(13.18) 

This order also roughly describes the increasing solubility (decreasing stability) of actinide solids 
formed with a given ligand, as well as the decreasing tendency for the actinide cations to be adsorbed 
(see below). 

The actinide cations can form strong complexes with humic and fulvic acid ligands. This may 
reflect the presence of phenolic, amine, and alcoholic OH-groups, and also carbonate groups in 

TABLE 13.8 Important (.) and usually unimportant (0) oxidation 
states of some actinides (An) in natural water/rock systems 

ElemenUAtomic Number 
Actinide An 
Charge Cation Th/90 U/92 Np/93 Pu/94 Am/95 

6+ AnO~' • 0 • 5+ AnOj 0 • • 4+ An4 ! • • • • 3+ An" 0 • • 
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Figure 13.23 Plot showing average formation constants (log /3. values) for the formation 
of 1: J complexes of actinide (An) cations An3+, An4+, AnO!, and AnO?+ with different 
ligands. Modified after Lieser and Mohlenweg, Neptunium in the hydrosphere and in the 
geosphere. Radiochim. Acta 43:27-35. Copyright 1988 by Oldenbourg Verlag GmbH. Used 
by permission. 

humic-fulvic substances (Silva and Nitsche 1996). Stabilities of actinide complexes with humic
fulvic ligands generally increase with pH and have respective log Kassoc values of about 5, 8, 12, and 
16. withAnO!.AnO~+,An3+. and An4+ ions (Silva and Nitsche 1996). Choppin and AUard (1985) and 
Moulin and Moulin (1995) point out that because OH- forms stronger complexes with An4+ species 
and CO~- stronger complexes with AnO! and AnO~+ species than with humic and fulvic acid ligands. 
complexes involving these actinide cations and the humics and fulvics can be ignored. Important 
actinidelhumic-fulvic complexing does. however. occur with An(lII) cations Am3+ and Pu3+. 

Americium (III) forms strong hydroxyl and carbonate complexes (Fig. 13.24). The carbonate 
complexes predominate above roughly pH 5.5 to 7.5. depending on total dissolved carbonate (Cr). 
which is higher in Fig. 13.24(b) (Cr = 0.01 M) than in Fig. 13.24(a) (Peo, = 10-3.5 bar). In the usual 
range of surface and subsurface CO2 pressures. the least soluble Am solid in natural waters is 
AmOHC03(c) (Fig. 13.25). Its solubility. which is amphoteric, is less than 10-8 M between pH 7 and 
9. but may increase substantially above pH 9 due to carbonate complexing (Fig. 13.26). 

Example 13.8 

Sulfate complexing can substantially increase the solubility of AmOHC03(c). Assuming 
Peo, = 10-3.0 bar, [SO~-] = 10-2.0 M. and pH = 7.0, and ignoring ionic strength, compute the 
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Figure 13.24 Plots showing the fractional distribution of Am(I1I) complexes as a func
tion of pH (a) for Pea, = 10-3.5 bar and (b) for CT (total carbonate) = 0.01 M. Reprinted from 
Chern. Thermo. 2, R. 1. Silva et aI., Actinide environmental chemistry, copyright 1995 with 
kind permission of Elsevier Science-NL, Sara Burgerhartstraat 25, \055 KV Amsterdam, 
The Netherlands. 
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solubility of Am(III) as the AmS04 + complex, and compare it to the solubility of AmOHC03(c) 
in pure water at Peo, = 10-3.0 bar and pH = 7, which is about 1.6 x 10-8 M as shown in 
Fig. 13.26. 

The dissolution reaction may be written 

AmOHC03(c) + SO~- + 3W = AmSOt + COig) + 2H20 (13.19) 

Tabulated free energies lead to Kcq = 1014.81 • Substituting into the Keq expression yields 
[AmSOtl = 6.5 x 10-6 M. Sulfate comp1exing increases Am solubility by more than 400 times 
over its solubility in the sulfate-free system. 
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Figure 13.25 Stability fields of solids and aqueous complexes in the system Am(lII)-COr 
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mental chemistry, copyright 1995 with kind permission of Elsevier Science-NL, Sara 
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Figure 13.26 Solubility of AmOHC03(c) at 25°C and I bar total pressure as a function 
of pH for PeQ, = 10-3.0 bar. Data points are measurements of Felmy et al. (1990). Curve has 
been drawn by Silva et al. (1995) using the Am thermodynamic data given in Table A 13.5. 
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et aI., Actinide environmental chemistry, copyright 1995 with kind permission of Elsevier 
Science-NL, Sara Burgerhartstraat 25, 1055 KV Amsterdam, The Netherlands. 
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Figure 13.27 Eh-pH diagram for the system Np-Oz-HzO at 25°C and I bar total pressure 
for tNp(aq) = 10-6 M. showing the stability fields of predominant aqueous species. 
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Neptunium occurs in Np(IV) and Np(V) oxidation states in natural waters. As NpO! it is quite 
soluble and mobile. The immobility of Np(lV) in low-Eh groundwaters reflects its occurrence in 
highly insoluble oxide and hydroxide solids. Assuming the Np(IV) concentration is bounded by the 
solubilities of Np02(C) and Np(OHMam) as Np(OH)4', Np(OH)4' at saturation ranges from 10-8.3 to 
10-17

.5 M. Both NP(IV) and Np(V) form strong CO~- complexes, which may predominate over the 
OH- complexes above roughly pH 6 and 8, respectively (Figs. 13.27 and 13.28). Fluoride complex
ing of Np4+ below pH 4 to 5 can substantially increase the solubility of Np(IV) in reducing ground
waters. Nevertheless, Np02(C) is quite insoluble above pH 2. even in oxidizing waters with impor
tant carbonate complexing (Fig. 13.29), 

Preliminary thermodynamic data for plutonium from Puigdomenech and Bruno (1991) are 
given in Table A 13.8. Unfortunately, the identities and stabilities of the important carbonate com
plexes of Pu(lII) and Pu(IV) remain in dispute. Puigdomenech and Bruno (1991) suggest 1: 1 Pu3+_ 
CO~- and I: I and 1:5 PU4+-CO~- complexes. whereas Nitsche (1991) proposes, in addition, 1:2 and 
1:3, Pu3+-COj- complexes and 1:2, 1 :3, and 1:4 PU4+-CO~- complexes (see also Adloff and Guillau
mont 1993). Stability constants for the complexes recognized by both sources, half of which have 
been estimated. are in fair agreement. 

A number of important and unique features of Pu geochemical behavior should be noted. 
First, Pu occurs in natural water/rock systems in 3+, 4+, 5+, and 6+ oxidation states (Fig. 13.30). 
Generally Pu exists in solution as PuO! and PuO~+ aqueous species with PuO! predominating in ox
idized natural waters (Choppin 1990). For the most part, Pu3+ and Pu4+ are present in solids. 
Examination of Fig. 13.30 shows that there are four Eh-pH triple points at which Pu species 
with three different oxidation states may coexist at equilibrium. Defined by the species 
involved, these are: (A) PuO~+/PU4+/Pu3+; (B) PuO~+/PUO!/PU3+; (C) PuO!/Pu(OH)4'/Pu3+; and 
(D) Pu02(OH)2IPU02 +/Pu(OH)4'. 
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Figure 13.28 Eh-pH diagram for the system Np-02-F-S04-COz-H20 at 25°C and I bar 
total pressure for 1:Np(aq) = 10-8 M. showing the stability fields of predominant aqueous 
species. with 1:F = 10-4 M.1:S0~- = 10-2 M. and Cdtotal carbonate) = 10-2.0 M. 
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Figure 13.29 Eh-pH diagram for the system Np-Oz-F-S04-COrH20 at 25°C and 1 bar 
total pressure for 1:Np(aq) = 10-8 M. showing the stability fields of NpOz(c) and of pre
dominant aqueous species. with 1:F = I ()-4 M. 1:S0~- = 10-2 M. and C r (total carbonate) = 
10-2.0 M. 
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Figure 13.30 Eh-pH diagram for the system Pu-Oz-H20 at 25°C and I bar total pressure 
for l:Pu(aq) = 10-8 M, showing the stability fields of predominant aqueous species. Letters 
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In 3+, 5+, and 6+ oxidation states, Pu forms strong carbonate complexes above pH 5 
(Fig. 13.31). Nevertheless, PU02(C) is so insoluble that its stability field in Fig. 13.32, which defines 
conditions where Pu concentrations are less than 10-8 M, covers most of the Eh-pH diagram for CT = 
10-2 M. The stability fields of Pu(OHMam) (not shown) and PU02(C) overlap part or all of the fields 
of Pu(III), Pu(V), and Pu(VI) aqueous species in Fig. 13.32. This fact and the existence of the four 
triple points among the aqueous species, leads to the likelihood that disproportionation of these 
species will occur near the triple points because of shifts in Eh, pH, or species concentrations 
(cf. Adloff and Guillaumont 1993; Seaborg and Hobart 1996). For example, disproportionation of 
PuO! may result in PuO~+ and Pu4+ species. Also, disproportionation of Pu4+ may take place by a re
action such as 

3Pu4+ + 2HP = 2Pu3+ + PuO~+ + 4H+ (13.20) 

(Nitsche et al. 1987). Humic acid has been shown to facilitate disproportionation of Pu species 
(Guillaumont and Adloff 1992). 

Radioactive decay of 239pU releases alpha particles (He nuclei), which can lead to alpha radi
olysis. In alpha radiolysis, the alpha particles react with water to produce H20 2 and free radicals, 
which are highly reactive, such as H' and 1102-, These species, in turn, may cause the reduction of 
aqueous Pu(VI)(Cleveland 1979a, 1979b). Disproportionation or·reduction of oxidized Pu species 
or an increase in pH may lead to the formation of colloidal Pu(OH)iam) (also termed Pu(IV) poly
mer, cf. Nitsche et al. 1995). Pu(IV) colloids are often kinetically quite stable and can be transported 
long distances in groundwater (cf. Penrose et al. 1990; Triay et al. 1995), although they are likely to 
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Figure 13.31 Eh-pH diagram for the system Pu-02-COr H20 at 25°C and I bar total pres
sure for l:Pu(aq) = 10-8 M, and Cr = 10-2.0 M, showing the stability fields of predominant 
aqueous species. 
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Figure 13.32 Eh-pH diagram for the system Pu-02-COrH20 at 25°C and 1 bar total pres
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eventually be dissolved, adsorbed, or filtered out. Gradual crystallization of Pu(IV) colloids in
creases their stability, making them less soluble. The tabulated I:!.G} data for PU02(C) and 
Pu(OHMam) indicate that for the same solution conditions, PU02(C) should be about 106.6 times less 
soluble than Pu(OHMam). However, experimental measurements by Rai et al. (1980) suggest that 
this difference is roughly 102 or less, with PU02(C) much more soluble than predicted. Alpha radiol
ysis evidently damages the crystal structure of PuOic) (Puigdomenech and Bruno 1991) making it 
considerably more soluble than predicted from its tabulated I:!.Gl value. 

13.5.2 Solubility Controls on Releases 

The perfect high-level waste repository (or toxic-waste site) is one in which individual waste com
ponents are at thermodynamic equilibrium with the host water-rock system. For such conditions 
there is no tendency for the waste components to dissolve and be transported from the site to the ac
cessible environment. It was shown earlier that low-Eh crystalline-rock groundwaters are often near 
saturation with respect to V02 (Section 13.2.3). Spent fuel V02 in such a system should have little 
or no tendency to dissolve and release other radionuclides to the groundwater. An appropriate first 
task in characterizing a potential repository site should, therefore, be to obtain accurate groundwater 
analyses to determine if the groundwater is saturated with respect to V02• 

A related primary goal of geochemists in high-level waste programs has been to predict max
imum concentrations of important radionuclides that could escape to the environment once the metal 
waste containers holding the waste have corroded and failed. t The radionuclides would be released 
by water leaching the spent fuel or radionuclide-containing waste glass. The usual approach to such 
prediction has been to calculate or measure the solubility of the least-soluble actinide solid phases 
that might precipitate under conditions anticipated in and near a HLW repository (cf. Nitsche 1991a; 
Nitsche et a1. 1995).t This is a conservative approach in that other than U and Th, which may occur 
in pure minerals in natural systems, the concentrations ofTRU elements (and Ra) are likely to be so 
low relative to concentrations of the major elements, that if they precipitate, they do so as coprecip
itates within solid solutions of the major elements (cf. Gnanapragasam and Lewis 1995) rather than 
as pure phases, which are usually more soluble. 

McKinley and Savage (1994) discuss the solubilities of radionuclides in groundwater compo
sitions chosen as representative by the different repository programs. The Swiss, Swedish, Finnish, 
Canadian, and Japanese programs assume that geologic disposal will be below the groundwater table 
at a groundwater pH of 7.0 to 8.7, and Eh of -250 ± 100 mY. For these conditions there is general 
agreement on the least soluble pure solids (Table 13.9). However, some programs choose the crys
talline oxides of Np, Pu, Tc, Th, and U as solubility controls, whereas others choose their amorphous 
oxides or hydroxides. Because the solubility difference between crystalline and amorphous forms is 
typically 108 to 109 times for (4+) cations, this is obviously a critical choice and explains some of 
the disparities in Table 13.9. Other reasons for disparity are disagreements in the thermodynamic 
data being used. The ranges and probable concentrations for Am, Np, and Pu adapted in the U.S. pro
gram (Andrews et al. 1995) are largely based on the solubility measurements of Nitsche et al. (1993, 
1995) and Torretto et al. (1995). 

Using MINTEQA2, it is interesting to compute the solubilities of Am, Np, Pu, Tc, Th, and U 
in low-Eh Swedish groundwater (SKI-90) and in the high-Eh waters from Yucca Mountain in the 

'These maximum possible concentrations must be known to help define the "source term" or concentrations at a failed 
waste package, to permit modeling and prediction of the effects of radionuclide releases on future repository performance. 

'II is important to note that the different radioisotopes of an element such as U or Pu share its solubility in proportion 

to their relative concentrations. 
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TABLE 13.9 Assumed solubility-limiting solids and concentrations of radioelements in low-Eh reference ground
waters, in geological formation types proposed for repository development by different repository programs 
(McKinley and Savage 1994), and in oxidized (high-Eh) unsaturated zone waters similar to those in the proposed 
repository horizon at Yucca Mountain, NV 

Solubility-
limiting solids 

in low-Eh 
groundwaters t 

Am AmOH(C03)( c) 

Np Np02(C)/ 
Np(OHMam) 

Pu PU02(C)/ 
Pu(OHMam) 

Ra Coprecip. with 
Caor RaS04 

Tc TC02(c)1 
TC02' nHp(am) 

Th Th02(c)1 
Th(OHMam) 

U U02(c)IU02(am)/ 
U02(fuel) 

General range 
of assumed 

concentrations 
(M)* 

2 X 10-9 to 10-5 

10-J() to 10-8 

3 x 10-11 to 4 X 10-4 

(esp. _10-8) 

10- iO to 10-4 

10-12 to 10-7 

10-10 to 5 X 10-4 
(esp. _10-10) 

10-10 to 4 X 10-5 

(esp. 10-8) 

Solubility-limiting 
solids for high-Eh 

unsaturated 
conditions § 

Amorphous Pu 
oxyhydroxides and 
carbonate; mixed 
V>VI>IV>III 
oxidation states 

Coprecip., esp. 
in sulfates 

Not solubility 
limited 

Th02(c)lTh(OHMam) 

Uranophane tt 

Measured 
steady-state 

concentrations at 
25°C and pH = 7.0 

(M)II 

1.2 X 10-9 

1.3 X 10-4 

2.3 X 10-7 

Assumed range 
and probable 

concentrations 
(M)# 

10-10 to 10-6 

(5 x 10-7) 

5 x 10-6 to 10-2 

(1.4 x 10-4) 

10-8 to 10-6 

(5.1 x 10-7) 

10-9 to 10-5 

(10-7) 

3.6 x 10-7 to 10 
(10-3) 

10- iO to 10-7 

10-8 to 10-2 

(3.2 x 10-5) 

'Summary of the solids chosen in Swiss, Finnish, Japanese, Swedish and Canadian programs (McKinley and Savage 1994). 

tConcentration range that includes the concentrations chosen by most or all of the programs. 

'Solids of Am, Np, and Pu have been identified in solubility experiments run from supersaturation in J-13 groundwater by Nitsche et al. 
(1993). N30.6Np02(COJ)o.8 . 2.5H10 was identified in pH 5.9 and 8.5 experiments at 25°C and in general at 60°C. Other solubility-limiting 
solids have been chosen in this study. 

"Measured in solubility expriments with J-13 groundwater by Nitsche et al. (1993). 

#Assumed range and probable concentrations (in parentheses), except for Tc, have been obtained by expert elicitation (TSPA-95 1995). 

"Uranophane is Ca(HPMU01MSi04h . 3H20. 

V.S. (I-13 and VZ4-TP-7) (chemical analyses in Example 13.3 and Table 13.10). Shown in 
Table 13.11 are the solid phases assumed to control element concentrations, and their computed sol
ubilities obtained with MINTEQA2. Solubilities at low Eh are probably maximum possible values 
for quadrivalent Np, Pu, Th and V, for which the solid chosen is the amorphous oxide or hydroxide. 
These elements are more likely to equilibrate with partially crystalline solids and so be at concen
trations several orders of magnitude lower than given in Table 13.11. t Above pH 4 to 6, solubilities 
of the (4+) oxides and hydroxides of Np, Pu, Th and V are generally as their neutral hydroxide com
plexes and so are independent of pH. The MINTEQA2 calculation indicates that all of the elements 
listed are highly insoluble in low-Eh near neutral groundwaters. Comparison with concentrations in 
Table] 3.9, which generalizes the different repository programs, suggests that maximum concentra
tions of Am of 10-5 M, Th of 5 x 10-4 M and V(Y!) of 4 x 10-5 and 3.2 x 10-5 M are probably overly 

tPerhaps only J02 times lower for Pu. See earlier discussion of Pu(lV) oxide and hydroxide solubilities. 
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TABLE 13.10 Composition of a representative reference groundwater from 
crystalline rocks (SKI-90) and of unsaturated zone water from near the 
proposed U.S. repository at Yucca Mountain, NV (UZ4-TP-7) 

Speciesl 
parameter 

Na+ 
K+ 
Ca2+ 

Mg2+ 
Fe (total) 
Si02 

HCO) 
CI-
SOa-
F-
POl-
pH 
Eh (mY) 

SKI-90 
(nonsaline Swedish 

reference groundwater, mM)t 

1.39 
0.0256 
0.50 
0.0823 
0.00179 
0.0682 
2.00 
0.423 
0.0417 
0.142 
3.75 x 10-5 

8.2 
-300 

tFrom SKI (1991). 

UZ4-TP-7 
(Unsaturated zone water, 

Yucca Mountain, NY, mM)+ 

2.09 
0.38 
2.00 
0.62 
0.00030 
1.48 
2.82 
2.40 
1.28 

7.4 
+700 (assumed) 

lFrom near the proposed repository horizon at Yucca Mountain and presumably of similar 
composition to waters from that horizon. Bicarbonate has been computed from the charge 
balance. The water also contains 0.066 mg/L Mn, 0.552 mg/L Zn, and 0.983 mg/L Sr (Yang 
1992; see also Yang et al. 1996). 
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conservative. It seems likely that the low solubility of uranophane will limit maximum U concen
trations to values near 10-7 M at the proposed Yucca Mountain repository. The computed solubility 
of NaNp02C03 • 3.5H20 (actually of variable H20) is in fair agreement with its measured solubil
ity in J-13 well water (Nitsche et a!. 1993, 1995; Torretto et a!. 1995) 

The solubility calculations indicate that some radionuclides are highly insoluble in any pro
posed repository environment of near neutral pH, whether oxidizing or reducing (e.g., Am, Pu, Th). 
Other radioelements are insoluble in low-Eh environments and may be quite soluble at high Eh val
ues (e.g. Np, Tc, and U). Several words of caution are appropriate here, however. Thermodynamic 
data for potentially important aqueous complexes of Np, Pu, and Tc formed with silicate and phos
phate ligands, for example, is often poorly known or lacking. Such complexes could increase the 
computed solubilities of the (4+) metal oxides, hydroxides and other solids by orders of magnitude. 
Data are also largely lacking on the effect of increased temperature on actinide complexation con
stants and solid solubilities. Until these data are generated, it would be very useful to see the results 
of laboratory solubility measurements for these elements in reference-type low-Eh groundwaters. 

In their solubility experiments, Nitsche et al. (1993, 1995) and Torretto et al. (1995) assume 
that Np will occur only as NpOl in the oxidized groundwaters at Yucca Mountain. With this as
sumption, the soluble phase NaNp02C03 . 3.5H20 limits Np concentrations to between 2.5 x 10-3 

and 2.7 x 10-5 M. However, experimental and EQ3/6-modeled leaching of spent fuel and waste glass 
suggests that Np concentrations are unlikely to exceed 10-6 M at Yucca Mountain, and may be far 
lower. Using the EQ3/6 geochemical code to model leaching by oxidized J-13 well water at 25 and 
90°C, of spent fuel (Bruton and Shaw 1988), and waste glass (Bruton 1988), Np concentrations did 
not exceed about 10-6 M from either waste form. In a follow-up experimental study of spent-fuel 
leaching by oxidized J-13 water at 25 and 85°C, Wilson and Bruton (1990) found that after six 
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TABLE 13.11 Total concentrations of radioelements at saturation with 
possible solubility-limiting solids in Swedish SKI-90 reference groundwater 
(SKI 1991) and in U.S. Yucca Mountain J-13 groundwater (Ogard and Kerrisk 
1984) and UZ4-TP-7 unsaturated zone water (Yang 1992) 

Solid assumed SKI-90 
at saturation (low-Eh 

Element in low-Eh waters groundwater) 

Am AmOH(C03)(e) 1.4xlO-7 

Np Np(OHMam) ~1.6 x 10-9 

Pu Pu(OH)lam) ~1.7 x 10-9 

Te Te02·2H20(s) ~3.3 X 10-8 

Th Th(OHMam) ~5.7 x 10-7 

U U(OH)iam) == U02(am) ~1.4 x 10-8 

UZ4-TP-7 
Solid assumed J-13 (high-Eh 
at saturation in (high-Eh unsaturated 

Element high-Eh waters groundwater) zone) 

Am AmOH(C03)(e) 5.6 x 10-8 8.9 X 10-7 

Np NaNp02C03' 3.5H2O(e) 8.9 x 10-4 4.8 X 10-4 
Pu Pu(OH)lam) ~6.6 x 10-8 ~ 1.7 X 10-9 

Te None 
Th Th(OH)lam) ~6.0 x 10-7 ~5.7 X 10-7 

U Ca(H30h<U02h(Si04)2' 3H2O(e) 5.4 x 10-7 1.6 X 10-7 

uranophane 

Note: Calculations have been made using the MINTEQA2 thermodynamic data base modified 
by Turner et aI. (1993), with revised thermodynamic data for Am from Silva et al. (1995) and 
revised thermodynamic data for U from this chapter. Log K for formation of AmOH(CO)(c) 
in MINTEQA2 has been changed from 8.605 to 7.20 (Silva et al. 1995). Np(OH);; and Pu(OH);; 
complexes have been eliminated from the data base by setting their log K values to -30. The 
hydroxides of Np, Pu, Th, and U are their most soluble, relatively amorphous forms. 

Chap. 13 

months, steady-state Np(aq) concentrations leveled out at values from below the detection limit of 
6 X 10-10 M, up to 3 X 10-9 M. The Np oxidation state was not reported. 

Separately, based on geochemical modeling, a number of researchers have concluded that the 
least soluble Np phase in near-neutral, oxidized groundwaters such as occur at Yucca Mountain, is 
Np(IV) oxide or hydroxide (Wilson and Bruton 1990; Hakanen and Lindberg 1991; Wolery et al. 
1995), not a more soluble Np(V) phase such as NaNp02C03 • 3.5H20. 

Example 13.9 

Compute the Np concentration in J-13 groundwater from Yucca Mountain (analysis in Exam
ple 13.3) if Np(aq) is controlled by the solubility of Np02(C). Assume, conservatively, that the 
Eh is controlled by atmospheric O2 (Po, = 0.21 bar; Eh = 0.826 V). Hint: In PRODEFA2 as
sign Np02(C) as a "finite solid" and specify the redox couple NpO!/Np4+. 

At saturation with NpOic), computed groundwater concentrations are: LNp(V) = 2.1 x 
10-5 M and LNp(lV) = 8.5 x 10-16 M, higher than the LNp(aq) value reported from the leach
ing of spent fuel (Wilson and Bruton 1990). In the same water NaNp02C03 . 3.5H20 is un
stable and undersaturated with a saturation index of -1.6. 
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Host 
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High-level 
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Figure 13.33 Schematic diagram of the engineered barrier system (EBS) showing the 
high-level nuclear waste in its metal container, surrounded by a buffer or backfill (usually 
of compacted bentonite clay), in contact with the host rock. The EBS and rock affected ther
mally by the waste are sometimes termed the near field, with more distant surrounding rock 
termed the far field. After The status of near field modeling. Proc. Technical Workshop, 
copyright 1995 by OEeD. Used by permission. 
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Because of its high solubility as NpOi, the U.S. program considers Np the most hazardous radio
nuclide for repository times beyond about 1()4 y (TSPA-95). The threat of Np releases may largely 
disappear, however, if Np(IV) solids limit Np solubility and the Eh of groundwaters at Yucca Moun
tain is reduced because of Fe(IT) minerals in rock pores, and, or the steady-state release of Np(aq) 
from spent fuel is at or below 10-9 M (Wilson and Bruton 1989). 

Although generally insoluble, Am and Pu tend to form stable colloids (cf. Bates et al. 1992). 
National programs considering waste disposal below the water table in crystalline rock generally 
plan to surround the waste with a backfill of compacted bentonite clay (Fig. 13.33) (cf. Langmuir 
and Apted 1992; OECD 1993). The clay should filter out and prevent the escape of colloidal Am, Pu, 
or other radionuclides. Colloid filtration by clays has been an effective barrier to radionuclide mi
gration in groundwaters at the Cigar Lake uranium deposit (Vilks et al. J993).t Colloidal transport 
of radionuclides through the matrix of unsaturated rock, such as the volcanic tuff at Yucca Mountain 
is also unlikely and could only occur if such colloids were carried by rapid fracture flow. 

Example 13.10 

Using MINTEQA2. compute the maximum possible concentrations of Am, Np, Pu, Th, Tc, 
and U in well water no. 3 from Table Al3.4, which is from granites at A.spo, Sweden. Assume 

tMcCarthy and Degueldre (1993). Degueldre (1993). and Triay et al. (1995) discuss colloidal transport in groundwa

ter as it relates to the transport of contaminants. including radionuclides. 
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the same solids limit concentrations in low-Eh ground waters as are listed in Table 13.11. Note: 
The easiest way to solve this problem is to enter each solid as a "finite solid" in PRODEFA2. 

Total concentrations (M) resulting from the computation are Am :;:: 2.7 x 10-7
, Np :;:: 

1.6 X 10-9, Pu:;:: 1.7 X 10-9, Tc :;:: 3.2 X 10-8, Th :;:: 5.5 x 10-7, and U :;:: 1.4 X 10-8• If partially 
crystalline to crystalline oxides of Np, Pu, Th, and U had been selected, solubilities of these 
elements would have been orders of magnitude lower. 

13.5.3 Adsorption Controls on Releases 

Preceding discussion of solubility controls suggests that concentrations of 1291 generally, and of 9~C 
in oxidized waters, will not be usefully limited by mineral solubilities. Other nuclides of potentially 
high solubility, and thus mobility in groundwater, are Ra and, perhaps, Np and U in oxidized repos
itories. Adsorption reactions can retard the migration of radionuclides and can prevent those having 
short half-lives (e.g. I37CS and 9OSr) from escaping to the accessible environment for times that as
sure their decay to insignificance. Adsorption can also dampen radionuclide peak releases that might 
otherwise exceed health standards. Most nuclear-waste programs are considering installing a clay 
backfill around waste packages. Radionuclides would be adsorbed by the backfill, as well as by sur
rounding rock. 

Silva and Nitsche (1996) note that distribution coefficient (Kd) values* for adsorption qf the ac
tinides are roughly equal for actinide cations of similar charge and structure. Based on earlier work, 
they report average actinide (An) cation K/s for 12 different minerals and 4 rock types of 500,50, 
5, and 1 respectively, for An4+, An3+, AnO~+' and AnO! ions. The sequence of adsorption edges with 
increasing pH for Th(IV), Am(III), Np(V), and Pu(V) adsorption by y-A1203 in Fig. 13.34 (Bidoglio 
et al. 1989) is consistent with this order, with pH values of 2.5, 5.8, and 7.3, respectively, at 50% ad-
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Figure 13.34 Comparison of the adsorption of actinide cations of different oxidation 
states onto r-AI20). The solid lines refer to Th(IV), Am(III), and Np(V). Open circles are 
adsorption data for Pu(V), with :.EPu(V) = 2 x 10-10 M. r-AI20) concentrations are 10 mg/L 
for Th and Am and 200 mgIL for Np and Pu. Modified after Bidoglio et aI., Interactions and 
transport of plutonium-humic acid particles in groundwater environments, Mat. Res. Soc. 
Symp. Proc. 1989, 127:823-30. Used by permission. 

*Kd = [(wt adsorbed/wt sorbent)/(solute concentration)]. usually in units of ml or cm'/g.or Llkg. See Chap. 10. 
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sorbed. Trace concentrations of Pu(IV), U(VI), and Np(V) are 50% adsorbed by a-FeOOH at about 
pH 3.2, 4.2, and 7.0, respectively (Turner 1995), also in agreement with the proposed order. How
ever, individual Kd values for actinide ions often grossly differ from the average values reported by 
Silva and Nitsche (1996). This is because Kt/ not only depends on the oxidation state of the actinide, 
but also depends on pH and competitive adsorption, the nature and extent of actinide complexing, 
and the characteristics of sorbent phases. 

The adsorption edge plots in Fig. 13.34 show that adsorption of actinide cations increases with 
pH and has a strong pH dependence. This reflects that the actinide cations must compete with pro
tons for adsorption sites. Cations whose adsorption edges occur at lowest pH values must, therefore, 
form the strongest bonds with sorbent surface sites. The adsorption edges of weaker-bonding cations 
then occur at successively higher pH values. 

Example 13.11 

Based on Fig. 13.34, with 0.2 gIL of sorbent y-Alz0 3 at pH = 6.0, 6% of Np(V) is adsorbed, 
whereas at pH = 9.0, 95% is adsorbed. From this information calculate Kt/ (ml/g) for Np(V) 
adsorption by y-Alz0 3 at the two pH values. 

Because units of weight adsorbed and dissolved cancel out in the Kt/ expression, we can 
use any weight units we choose. At pH = 6, assuming 6% adsorbed is 6 /Lg on 0.2 gIL sorbent, 
then 94% dissolved in 1 L is equivalent to 94 /Lg/L or 0.094 /Lg/ml. Kd then equals 

6 /Lg/O.2 g 
Kil = -.--- = 320 ml/g 

0.094 /Lg/ml 

The same approach at 95% of Np(V) adsorbed gives Kt/ = 9.5 X 104 ml/g. 

(13.21) 

The pH-dependence of K,I values is also apparent from Fig. 13.13, which describes U(VI) ad
sorption by HFO. Based on this figure, Kt/ ranges from about 10z to > 1 07 between pH 4 and 9. Finally, 
Kt/ values for Th(l V) adsorption by quartz shown in Fig. 10.24 are seen to increase from 102 to > 105 

between pH 3 and 6. 
The pH-dependence of radionuc1i<Je cation adsorption partly reflects competition with H+ ions 

for adsorption sites. Competition for adsorption sites by major electrolyte ions also limits radionu
c1ide adsorption in saline waters (cf. Mahoney and Langmuir 1991). Also, competition for sites with 
Ca2+ can significantly reduce Raz+ adsorption by quartz and kaolinite (Riese 1982), as well as NpO! 
adsorption by smectite clays (Kozai et al. 1995). 

The oxidation state of an actinide is obviously key to its adsorption behaviour. Lieser and 
Mohlenweg (1988) measured the apparent Kt/for Np adsorption at pH = 7.0 as a function ofEh. Their 
results in Fig. 13.35 indicate that Kt/::: 1 to 6 in oxidized systems where NpO!(aq) dominates, but in
creases to about 103 for Eh < 200 mY, when relatively insoluble Np(OH)iam) colloid is likely 
to have precipitated. In the latter case, the Kt/ value is, of course, a measure of Np solubility not its 
adsorption. 

Complexing of actinide cations also drastically changes their adsorption behavior. The ad
sorption of actinide cations by oxide, hydroxide, and aluminosilicate minerals is limited in waters 
that contain abundant dissolved carbonate. This has been thought to reflect either: (1) competition 
for adsorption sites by carbonate species (cf. Murray and Coughlin 1992; van Geen et al. 1994) or 
(2) weaker adsorption of neutral or negatively charged carbonate complexes than of actinide
hydroxide complexes (Hsi and Langmuir 1985; Bidoglio et al. 1987; Waite et al. 1994; Turner 1995). 
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Figure 13.35 Apparent Kd values for Np(V) as a function ofEh with l:Np = 10-7 M. Sor
bent sediments contained quartz, K-feldspar, plagioclase feldspar, kaolinite, muscovite, 
calcite, chlorite, and dolomite. Apparent Kd values from> I 0 to > 103, measured for Eh val
ues below about 250 mY, reflect precipitation of Np(IV) solids rather than adsorption. 
Modified after Lieser and Mohlenweg, Neptunium in the hydrosphere and in the geo
sphere. Radiochim. Acta 43:27-35. Copyright 1988 by Oldenbourg Verlag GmbH. Used by 
permission. 

Under acid conditions, Th(IV)-SOl- complexing lowers Th(IV) adsorption by quartz 
(Fig. 10.24). Complexing by SOl- and P- probably reduces An4+, An3+, and AnO/+ cation adsorp
tion by oxide, hydroxide, and aluminosilicate minerals, generally. Presumably in all of these cases, 
the actinide complexes are poorly adsorbed. At the elevated Cl-Ievel of brines (e.g., Cl- = 5.48 M) 
Cl- complexing similarly limits the adsorption of An3+ cations (cf. Bidoglio et a1. 1984). Humic-acid 
complexing has little or no effect on the adsorption of most actinide cations, but can reduce the ad
sorption of species such as Am3+ (Fig. 13.36) (Kung and Triay 1994; Tanaka and Senoo 1995). 

As indicated, other than the actinide-hydroxyl complexes, most complexes are poorly ad
sorbed by oxyhydroxide minerals. However, POl- is itself strongly adsorbed, particularly by the 
Fe(III) oxyhydroxides, and so creates negatively charged surface sites that enhance the adsorption 
of multivalent actinide cations (cf. Hsi 1981). This behavior probably reflects the tendency of PO~
to bond with multivalent actinide cations, forming strong aquocomplexes, as well as forming insol
uble phosphate solids and solid solutions (cf. Langmuir and Apted 1992). 

Among common minerals, the strongest sorbents for most actinide cations are the ferric oxy
hydroxides and especially HFO. Quartz and the feldspars are among the weakest sorbent phases 
(Fig. 13.37) (cf. Beall and Allard 1981). Apatite, a common assessory phosphate mineral, is also a 
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Figure 13.36 Effect of increasing humic acid (HA) concentrations as dissolved organic 
carbon (DOC) on Kd for the adsorption of various radionuclides by a sandy soil. After 
Tanaka and Senoo, Sorption of OOCo, 85Sr, !37es, 237Np and 241 Am on soil under coexis
tence of humic acid: Effects of molecular size of humic acid, Mat. Res. Soc. Symp. Proc. 
1995,353:1013-20. Used by permission. 

539 

strong sorbent for multivalent actinide cations (Andersson et al. 1982). A few percent of strongly ad
sorbing phases in a rock or sediment will often dominate its adsorption behavior toward trace species 
such as the actinides (see Chap. 10). 

A primary goal of adsorption measurements and models is to predict adsorption in a variety of 
possible water/rock systems for a range of conditions. For the actinides, such prediction is necessary 
to develop confidence that radionuclide releases from a nuclear waste repository will not exceed 
health standards at some time and distance from the repository. Most repository programs use the Kd 
approach to describe and model radionuclide adsorption (cf. Meijer 1992; OECD 1993). In part, this 
surely reflects the simplicity of incorporating Kd values in transport codes (Freeze and Cherry 1979; 
Javandel et al. 1984) (see Chap. 10). The obvious danger is that a single Kd value may be grossly in 
error. The U.S. program takes the conservative approach of considering minimum and maximum 
possible Kd values for adsorption of each radionuclide by each general rock type at Yucca Mountain 
(TSPA-95). Concern is then focused on nuclides that have minumum Kd values near zero mUg 
(e.g., 99Tc and 1291), and greater than zero but less than 100 ml/g (e.g., NP(V) and U(VI» for ad
sorption by tuff rock and tuff minerals (cf. Meijer 1990, 1992). t 

tlf Kd = 0 mllg, there is no retardation of a contaminant. If Kd = 100 mllg for a contaminant, equations given by Freeze 
and Cherry (1979) indicate that the groundwater moves about 400 to 1000 times faster than the contaminant (see Chap. 10). 
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Figure 13.37 Adsorption of Np(V) by different minerals. for l:Np(V) = (1.1 to 1.3) x 
10-7 M. in 1=0.01 M NaCI04 solutions. Total site concentration [SOH] = 5 x 10-4 M. From 
Kohler et al. (1992). Reprinted from: Kharaka, Y. K. & A. S. Maest (eds.). Water-rock 
interaction-Proceedings of the 7th international symposium, WRI-7, Park City, Utah, 
13-18 July 1992. 1992. Volume I. Set of two volumes. 1730 pp .• Hfi. 325IUS$I90.00. 
Please order from: A. A. Balkema. Old Post Road. Brookfield. Vermont 05036 (telephone: 
802-276-3162; telefax: 802-276-3837). 

Many national programs plan to surround containers of their nuclear waste in a geologic repos
itory. with a backfill of compacted bentonite clay (Fig. 13.33). A chief function of the clay backfill 
is to adsorb radionuclides and so retard their release from the engineered barrier system. Conca 
(1992) measured the apparent diffusion coefficient (D a) and apparent distribution coefficient 
(Kd [mllg]) of some radionuclides in bentonite clay as a function of clay moisture content and com
paction density. Measurements were made for clay densities from 0.2 to 2.0 gtcm3• which correspond 
to porosities of93 to 25%, respectively. With decreasing porosity, Da values declined by roughly 10 
to 102-fold. However, for the same porosity reduction, Kd values were usually lowered by IO-fold 
and more, indicating less adsorption with compaction (Fig. 13.38). 

The retardation of radionuclides by backfill only slows their eventual release. Thus, actinides 
with Kd> 104 mllg are released from a I-m-thick backfill at times beyond 10,000 y (Langmuir and 
Apted 1992). This is sufficient time forthe decay of short-lived radioisotopes such as 9OSr, mCs, and 
241 Am, but not of long-lived 237Np, 99'fc, or 1291, for example. (Half-lives are given in Table 13.7. For 
1291, tl/2 = 1.7 X 107 y.) Further, I, Tc, and Np have Kd values in bentonite of roughly 10-1 to 1 mllg 
for 103, about 1 mllg for Tc04' and 102 to 103 mllg for Np(V) (Conca 1992); thus all would pre
sumably begin to escape from the backfill before 10,000 Y had passed. The extent of attenuation of 
radionuclide releases by adsorption increases in direct proportion to the distance of groundwater 
flow, but only with the square root of increasing Kd• This suggests that adsorption by the host rock 
is potentially more important to waste isolation than adsorption by a clay backfill (Langmuir and 
Apted 1992). 

As detailed above, the adsorption behavior of most actinides varies widely with solution pH, 
Eh, complexation, competitive adsorption and ionic strength, and the surface properties of sorbent 
phases. For this reason, many researchers have modeled actinide adsorption using surface complex
ation (SC) models that can quantitatively account for such variables. These models include the con
stant capacitance (CC), diffuse-layer (DL), and triple-layer (TL) models (Chap. 10). Much of the ra-
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Figure 13.38 Apparent distribution coefficients of some radionuclides in bentonite as a 
function of bentonite compaction density. Except for 237Np, adsorption of the radionuclides 
decreases with increasing compaction (decreasing porosity). After Conca (1992). 
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dionuclide adsorption work that has used SC models is critiqued and systematized by Kent et al. 
(1986) and by Turner (1991, 1993, 1995). These authors point out that the specific K inl values 
chosen to model-fit a set of empirical adsorption data are only valid when the aqueous solution model 
employed in their derivation is also used in their application. For example, Turner (1995) has de
rived CC, DL, and TL model Kinl values for U(VI) adsorption by HFO, assuming log K.ssoc = 17.7 
for U02(OH)2' from Grenthe et al. (1992). If, instead, log Kassoc = 16.0 or less for U02(OH)2' 
(Table AI3.!), with this revised constant a different set of Kim values would be derived from the ex
perimental adsorption data. 

Turner (1995) lists and reviews most of the published work on SC modeling of actinide cation 
adsorption. Further SC-modeling references include: Np(V) adsorption by a-FeOOH and Fe304 
(Fujita et al. 1995); Pu(IV) and Am(II1) adsorption by HFO, CaSi concrete, mortar, sandlbentonite, 
tuff, and sandstone (Baston et al. 1995a); and U(IV), U(VI), Tc(IV), and Tc(VII) adsorption by ben
tonite and tuff, silica, alumina, and goethite (Baston et al. 1995b). 

An advantage of the SC models is that they provide a mechanistic and scientifically defensi
ble approach for predicting adsorption behavior outside the range of laboratory conditions used to 
parameterize the models. The models are capable of relatively accurate predictions of actinide ad
sorption behavior in complex systems. By comparison, Kd values are largely restricted in application 
to systems similar to those used for the Kd measurement. Alternatively, highly conservative (often 
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unnecessarily conservative) Kd values may be selected to assure that the expected adsorption be
havior is bounded. 

As a disadvantage, the SC models require considerable experimental work to obtain the model 
parameters needed for their application to natural water/rock systems. However, because any of the 
SC models have been shown to fit the same adsorption data equally well in most cases (cf. Westall 
and Hohl 1980; Turner 1995), many recent workers have suggested that modeling efforts be limited 
to the DL model, which is the simplest model to parameterize and apply (Dzombak and Morel 1990). 
As a further simplification, Turner (1995) has shown that most actinide adsorption data can be mod
eled with reasonable accuracy assuming that adsorption is only of a single monodentate and mononu
clear surface complex, which is usually the same complex regardless of the model. For example, the 
data of Sanchez et al. (1985) for PU(V) adsorption by goethite is closely fit by DL, CC, and TL mod
els assuming a single-surface complex FeOHr Pu020H+ is formed by the adsorption reaction 

FeOH + PuO! + H20 = Fe OHr Pu020W (13.22) 

(Fig. 13.39). The accumulation of carefully measured empirical adsorption data and Kim values for 
actinide adsorption, have encouraged a number of researchers to estimate SC parameters for 
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Figure 13.39 Adsorption of Pu(V) by goethite as a function of pH in 0.1 M NaN03 solu
tions with tPu(V) = 1 x 10-11 M, and a sorbentlliquid ratio of 0.55 gIL. The experimental 
data (open circles) are from Sanchez et al. (1985). The various curves are model fits to the 
experimental data assuming that adsorption is as one of three possible mononuclear surface 
species. The best fit of the data with DL, CC, and TL models is obtained assuming that 
FeOH2-Pu020W is the adsorbed species. From Turner (1995). 
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water/rock systems from literature values for individual minerals and component oxides (cf. Baston 
et al. 1995a, 1995b). Such an approach is probably more reliable than using single K" values and may 
be sufficiently accurate for most applications. 

STUDY QUESTIONS 

1. Discuss factors governing the attainment of radioactive and chemical equilibrium in a water-rock system. 
What chemical and physical processes aid or hinder the attainment of radioactive (secular) equilibrium in 
a groundwater? 

2. The U.S. EPA is about to institute a primary drinking water standard for U. Discuss the merits of setting 
the limit in terms of radioactivity or mass-based concentration units given the following arguments: (I) the 
known adverse health effects of ingesting U derive from both its heavy-metal behavior (i.e., a mass
dependent effect) and its radioactivity; (2) it is much easier, faster, and cheaper to measure total U in mass 
units than to measure the radioactivity of individual U isotopes; and (3) the conversion from mass to radio
activity requires some assumptions (what are they'?), whereas the conversion the other way is direct (why?). 

3. Typically, 214Bi is measured in a solid sample as a proxy for mU. For example, airborne radiometric sur
veys use a gamma spectrometer that is calibrated for 214Bi. The resultant measured concentration of 214Bi 
is then converted to effective U concentration (eU). What assumptions make this conversion calculation 
possible? Under what conditions would these assumptions invalid? Suppose 222Rn emanation was very high 
for a particular soil. How would the measured eU compare to a direct measurement of U in such a sample? 

4. In this chapter we noted that about 10,000 y after high-level nuclear waste has been removed from a nu
clear reactor, the health risk from ingesting a given weight of the aged spent fuel is less than that from 
ingesting the same weight of ore from a high-grade uranium deposil. What design characteristics and con
ditions in a repository and surrounding rock might make the nuclear waste more dangerous than a particu
lar uranium ore deposit at later times? 

5. What geologic conditions lead to the formation of sedimentary uranium ore deposits and to their preserva
tion for geologic times? 

6. What are the important oxidation states of 1291, Tc, Am, Np, Pu, and U in the environment, and in what forms 
do these radioelements chiefly occur in natural waters? 

7. (a) What is the general order of increasing stability of actinide cation (An) complexes of different An oxi
dation states? 

(b) What is the general order of increasing tendency of actinide cations to be adsorbed by a given sorbent 
mineral? 

8. Which actinide cations form important organic complexes in natural waters and which do nol. Why? 

9. A wastewater contains 10-6 M each of dissolved Am, Np, and U. How could you separate these actinides 
from their mixture by adjustments in solution composition'! 

10. What are some characteristics of Pu that makes its behavior and mobility so difficult to understand and pre
dict in natural waters? 

11. What kinds of aqueous complexes make Tc and the actinide elements more soluble at high and low pH's 
than at intermediate pH values? 

12. Discuss some of the important similarities and differences in radionuclide behavior in uranium ore deposits 
and in geologic repositories for high level nuclear waste, as discussed in this chapter. 

13. Compare the application of the distribution coefficient (Kd) concept and surface complexation adsorption 
models for predicting the adsorption behavior of radionuclides. Discuss potential advantages and pitfalls 
of assuming bounding Kd values for a given radionuclide in groundwater. 

14. Examine some of the Eh-pH diagrams in this chapter and explain: 
(a) why there are breaks in slope of some of the stability boundaries, even though the predominant species 

on either side of the boundary are the same; and 
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(b) why some of the triple points are formed by the intersection of three nonverticallines, whereas in other 
cases one of the three lines is vertical. 

15. In groundwaters distant from the engineered portions of a high-level waste repository the mobilities of U 
and Th may be limited by adsorption at low U and Th concentrations and by the solubilities of U and Th 
solids at higher concentration. In the same groundwaters, the mobilities of Ra, I, Tc, Np, and Pu are more 
likely to be limited (if they are limited) by adsorption and/or by coprecipitation in the structures of major 
mineraI precipitates, or by the instability or filtration of colloids. Explain these statements and discuss the 
possible detailed behavior of each element. 

PROBLEMS 

1. From the information in Table 13.2 show the radioactive decay series for mU and 2:l2Th graphically, in a 
form analogous to that used in Fig. 13.2. 

2. It is often argued that after seven half-lives have passed the radioactivity of a radioisotope becomes in
significant (assuming no input of new material). 
(a) What is the significance of seven half-lives? 
(b) Suppose the original concentration of the radionuclide is 150 times the safety standard. Will the ra

dionuclide still present a health hazard after seven half-lives? 

3. The Oklo natural reactor in Gabon, Africa, is a high-grade sandstone-hosted U deposit. It was formed about 
1.2 billion years ago and reached sufficient U ore grade that nuclear fission occurred spontaneously in the 
deposit. Although there are a number of factors that control the spontaneity of fission reactions, an impor
tant control is the ratio of fissionable mU to nonfissionable 238U. The present-day atomic 235U/2'HU ratio is 
0.719/99.275. What was this ratio when the ore deposit formed? 

4. A granite rock sample contains 6 f.J.g/g (ppm) total U. Assuming that all daughters in the 238U decay series 
are in secular equilibrium in this sample, calculate the concentrations of 238U, 234U, and 226Ra, and express 
the results in terms of Bq/g and pCi/g. Speculate on the mineralogic location of the U in the rock and the 
geologic and hydrogeologic history of the sample. 

5. The radioactivity of 237Np leached from some spent nuclear fuel by an oxidized water ranges from 0.1 to 
0.5 pCi/m!. Calculate the concentration range of Np in mollL from this information, given that tIl2 = 2.14 
x 106 Y for 237Np, and in general for actinide An 

An (mollL) = 10-25.05 D (pCilL) . tl/2 

(Langmuir and Herman 1980), where D is the decay rate in pCi/L, and tIl2 is the half-life of the radionu
clide in seconds. 

6. Calcite (CaC03) and cristobalite (Si02) are common minerals in the host rock of the proposed repository 
at Yucca Mountain, Nevada. Assuming uranophane solubility will limit U(VI) concentrations in the sub
surface at Yucca Mountain, use MINTEQA2 to compute the pH and U(VI) concentration at equilibrium 
with all three minerals at 25°C. Before running the calculation, revise Keq for uranophane in the file type6.dbs 
to agree with its value given in this chapter. Assume Peo, = 10-20 bar and Na+ = HC03' = 10-2 M. 

7. In many high-level waste programs concrete will be used in repository underground tunnel construction, to 
fabricate containers for holding the nuclear wastes, and/or as backfill (Savage 1995). 
(a) Assume Na+ = CI- = 0.1 M in the groundwater. Also assume that portlandite [Ca(OHh( c) 1 in the con

crete and calcite in the rock control the pH and CO2 pressure near the high-level waste and that the 
groundwater Eh = -300 mY. Use the Turner (1996) version of MINTEQA2 with its thermodynamic 
data base for Tc, to compute the concentration of l:Tc(aq) as 9'Pfc in the groundwater, assuming it is con
trolled by the solubility of Tc02 . 2H20(s). 

(b) Rerun the calculation performed in part (a) after revising the stability constants and EO values for Tc 
in MINTEQA2, using the dG'l data for Tc given in Table A 13 .6. You will need to add several 
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Tc(IV) complexes to the MINTEQA2 data base. Compare your results to the results obtained in part (a) 
and discuss. 

(e) With the same assumptions and the revised thermodynamic data base for Tc from part (b), compute the 
solubility of TC02 . 2H20(s) in the groundwater out of contact with the portlandite. As before assume 
Eh = -300 mV and equilibrium with calcite, but with pH = 8.0. 

(d) Given the results of parts (b) and (c), explain the likely fate of dissolved Tc released from wastes in con
tact with concrete as the Tc moves away in low-Eh groundwaters. 

8. Borehole 8H12, adjacent to the Nopal I uranium deposit in Mexico, contains water with the composition 
tabulated here (Pearcy et al. 1994). The pH is 7.5. 

Concentration Concentration 
Species (mg/L) Species (mg/L) 

Al 0.17 Ca 57.7 
CI 3.0 Mg <1.0 
F 1.6 K 1.5 
NO] 2.5 Na 13.8 
S04 39 Si02 81 
HCO) 161.5 

Alteration ofuraninite IUOic) I in the deposit produces U(VI) oxyhydroxides and subsequently uranophane. 
The local geology is welded silicic tuffs, similar to the geology of Yucca Mountain, Nevada. Assuming 25°C 
and oxidizing conditions, and assuming that the solubility of uranophane limits U concentrations, what 
U(aq) concentration would you expect to tind in the borehole water'! 

9. (a) With the sweep option of MINTEQA2, separately compute the solubilities of NaNp02CO] . 3H20, 
Np(OHMam), and Np02(C) at 0.5 pH-unit increments from pH 4 to 9.5. Assume Pco, = 10-3 bar and 
that the water also contains Na+ = Cl- = 0.0 I M. Plot your results and compare the three solubility curves. 

(b) What aqueous complex or complexes increase the solubilities of Np(OHMs) and Np02(S) at pH values 
above those of their minimum solubilities'! 

(e) Would the computed solubilities of the Np(lV) solids have been greater or less than plotted if instead 
you had used the Np thermodynamic data from Table A 13.7 to determine the stabilities of the aqueous 
Np(lV) species? Explain. Estimate the solubilities of Np02(S) and Np(OH)is) above pH 5 using the 
I::.Gr data for Np species from Table A 13.7. 

10. Compute the adsorption of Am(lII) by 20 gIL of goethite (a-FeOOH) from pH 2 to 10 at 25°C using the 
constant capacitance (CC) model, given that EAm(lII) = 10-7 M and that the solution contains 0.1 M NaN03• 

Other assumptions are that 1C 1 = 1.06 F/m2, Ns = 3.0 X 10-> mol sites/m2, and SA = 45 m2/g. Intrinsic con
stant expressions required for the calculation are given here. Tabulate percent Am(I1I) adsorbed and total 
dissolved Am(IIl) values (moIlL) from pH 2 to 10, and discuss. Contrast the merits of presenting the ad
sorption results in percent adsorbed versus as the concentration of total dissolved Am(III). 

Adsorption reaction 

FeOH + H+ = FeOH+ s 2 
FeOH - Hi = FeO-
FeOH + Am3+ = H+ + FeOAm2, 

Intrinsic constant 

log K!nt = 7.31 
log K int = -8.80 
log K int = 4.02t 

t Assumed to be the same as for Am(lII) adsorption by y-AIP., with 
the CC model (Turner 1995). 
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11. Granitic rocks have a relatively high average U content of 4.4 mglkg (Table 13.1). Because rock surface 
permits Rn releases to soil gas or moisture, the ability of a mass of granite to release ~22Rn gas from 2\8U de
cay is proportional to the internal plus external surface area/mass (NM) ratio of the rock. The AIM ratio is 
thus proportional to the porosity and degree of fracturing and weathering of the rock. A polished surface 
exposes less area than an unpolished one. 

Would a polished granite countertop in your kitchen be a source of dangerous levels of Rn in your 
house? The worksheet below permits a calculation of the Rn released to household air by a granite coun
tertop. Follow the instructions in the second column and fill in the blank spaces on the right. Typical val
ues have been suggested in rows I b, 2a, and 2b. Assume the area of the countertop is 70 ft2 and that it is in 
a house of 3000 ft2 area with 8-foot-high ceilings. Compute the 222Rn (pCi/L) in household air assuming no 
exchange of indoor and outdoor air. (Indoor and outdoor air are exchanged 0.5 to 1.5 timeslhour in the av
erage house.) Compare your result to the U.S. EPA standard of 4 pCi/L, which is not to be exceeded in in
door air, and comment on the health risk posed by the granite countertop. (This calculation, which was sug
gested by Richard Wanty, is reproduced with permission from the Marble Institute of America, Columbus, 
OH (Langmuir 1995).) Eisenbud (1987) reports that the average contributions of radon from various 
sources to indoor air are 1.5 pCiIL from the soil under and around the house, 0.01 pCiIL from public water 
supplies, 0.4 pC ilL from private wells, 0.05 pCilL from building materials, and 0.2 pCi/L from outdoor air. 

I a Dimensions of countertop (sq ft). 

Ib Reactive thickness of countertop (in)." 

I c Multiply I a by I b, then multiply the result by 2360 to get the effective volume 
of the countertop in cm} (i.e .. the volume that can release Rn). 

Id Multiply Ic by 2.6 g/cm3 (the average density of granite) to get the total mass 
of the reactive portion of the countertop in grams. 

2a The average concentration of U in the countertop material in mg/kg. 

2b Multiply 2a by 1.47 to get the U concentration in pCi/g. 

3a Multiply ld by 2b to get the total number of pCi of U in the reactive thickness 
of the countertop. Assuming radioactive equilibrium in the rock (a good 
assumption),t this is also the total number of pCi or 222Rn produced within the 
reactive thickness of the countertop. 

3b Multiply 3a by the emanation coefficient-the proportion of Rn produced by 
the rock which escapes to the air. The highest possible value is I, the lowest O. 
For most dry rocks 0.2 is a good general figure.t,t 

4a Square footage of house in which countertop is installed. 

4b Average ceiling height in ft. 

4c Multiply 4a by 4b, then multiply that result by 28,32 to get the total volume of 
air in the house in liters, 

5 Divide 3b by 4c to get pCilL of Rn in the indoor air of the house, which is 
contributed by the countertop only. 

10-6 in 

4 mg/kg 

5.88 pCi/g 

Source: tEmanation of Rn is limited to an extremely thin veneer of about 30 to 40 nm or about 10-6 in from the external sur
face of the material (Flugge and Zimens 1939; Bossus 1984). tWanty et al. (1992), Thamer et al. (1981). 
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Comment on the importance of Rn emanation from the granite countertop versus amounts from these other 
Rn sources. 

CHAPTER 13 APPENDIX 

The tables in this section present thermodynamic data for uranium, americium, technecium, neptu
nium, plutonium, and auxiliary species. Also presented are chemical analyses of some groundwaters 
from uranium deposits and granites. 



TABLEA13.1 Gibbs free energy and enthalpy of formation from the elements at 25°C and 1 bar total pressure of some uranium aqueous species and 
UI solids of geochemical interest 
& 

flGl l!JIo 
f flGo 

'f 
l!JIo 

f 
Aqueous species or solid (kcaVrnol) (kcaVmol) Source Aqueous species or solid (kcaVmol) (kcaVmol) Source 

U4+ -126.45 -141.3 t.:j: (U02)2(Ofl)~+ -561.0 -614.7 :j: 

UOfl3+ -182.25 -198.4 t,:j: (U02)3(Ofl)I+ -893.5 :j: 

U(Ofl)~ -336.6 § (U02MOfl)t -945.2 -1049.0 :j: 

U02(am) -234.15 § (U02)iOfl):t -1277.5 :j: 

U02(c) uraninite -246.61 -259.3 :j: (U02MOfl)7 -1037.4 :j: 

P-U40 9(C) -1022.4 -1078.1 :j: y-U03(c) -273.8 -292.5 :j: 

p-U3O.,(c) -774.8 -818.8 :j: U03(am) gumrnite -270.1 -288.7 :j: 

U30 8(C) -805.35 -854.4 :j: p-U03 . 2f120(c) schoepite -391.1 -436.4 :j: 

USi04(am) coffinite -438.63 II U02C03' -367.03 -403.7 :j: 

USiOic) coffinite -450.76 # U02C03(C) rutherfordine -373.60 -403.8 :j: 
UFl+ -206.4 -222.8 :j: U02(C03~- -503.2 -561.9 :j: 

UF~+ -283.1 -302.4 :j: U02(C03)t -635.7 -736.8 :j: 

UFt -357.8 -381.6 :j: U02(C03)j -618.3 :j: 

UF3 -430.4 -462.6 :j: (U02hC03(Ofl)3" -750.4 :j: 

UPs -499.7 :j: U02F'" -301.9 -323.3 :j: 

~- -569.8 :j: U02F2 -374.0 -403.3 :j: 

UFic) -435.8 -457.5 :j: U02F3 -444.4 -483.4 :j: 

UF4 ·2.5f120(c) -583.2 -638.5 :j: U02FI- -512.8 -564.1 :j: 

UCIl+ -160.2 -185.8 :j: U02CI- -259.3 -281.6 :j: 

USOI+ -313.2 -356.7 :j: U02(CI)2 -288.9 -319.8 :j: • 

U(S04)2 -496.4 -568.2 :j: U02S0~ -409.8 -456.2 :j: 

U(flP04h . 4H20(c) -918.7 -1035.9 :j: UOZ<S(4)~- -589.0 -669.8 :j: 

CaU(P04h' 2H20(c) ningyoite -939.0 tt U02P04 -491.4 :j: 

U(C03)t -676.0 :j: (U02)3(P04}z(C) -1222.8 -1312.5 :j: 

U(C03)t -803.5 -953.0 :j: (U02h(P04)2 ·4H2O(c) -1467.3 -1610.7 :j: 

UO! -229.69 -245.0 :j: (U02h(P04)2 . 6f120(c) -1581.7 :j: 

UOi+ -227.68 -243.5 :j: U02f1P03 -500.1 :j: 

U02OH+ -277.25 -301.6 :j: U02f1P04· 4H20(c) H-autunite -732.5 -829.3 :j: 

U02(OH)2 -324.6 :j::j: U02H2POt -503.9 :j: 

U02(OH)3" -371.5 :j: U02(H2P04)2 -778.3 :j: 



t 

TABLEA13.1 (continued) 

t1Gl t1H0 
f 

Aqueous species or solid (kcaVrnol) (kcaVrnol) Source 

H2(UOzMP04Mc) H-autunite -1011.6 §§ 
Na2(UOzMP04h(c) Na-autunite -I 13S.7 1111 

KiUOzMP04h(c) K-autunite -1I4S.6 1111 

(NH4MUOzMP04h(c) uramphite -IOS4.3 ## 

Mg(UOzMP04h(c) saleeite -IllS.1 1111 

Ca(UOz)z(P04Mc) autunite -1138.6 1111 

Sr(UOZ)z(P04h(c) Sr-autunite -1140.1 1111 

Ba(UOzh(P04h(c) uranocircite -Il41 1111 

Fe(UOzh(P04h(c) bassetite -1028.7 1111 

Cu(UOZh(P04}z(c) torbernite -991.7 1111 

Pb(UOZh(P04}z(c) przhevalskite -1032.9 1111 

Note: l:J.GI and Mil values for U(IV) aqueous species and solids, attributed to Grenthe 
et al. (1992), have been adjusted as necessary to be consistent with l:J.GI(V4+) = 
-126.45 kcaVmol in the table from Giridhar and Langmuir (1991 ). 

Source: 'Based on P = 0.263 ± 0.004 V for the UOI+/U4+ couple. log K = -0.65 for the 
reaction V'+ + H20 = U(OH)3+ + H+ at 25°C and I bar pressure. (Giridhar and Langmuir 
1991). P = 0.2674 ± 0.0015 V (Grenthe et al. 1992) was obtained neglecting important 
U4+ complexing and is based on a faulty extrapolation to 1= O. 
+Grenthe et al. (1992). 

'Computed in this study from the VOiam) solubility measurements of Rai et al. (1990). 
See Table 13.4, footnote t. AGI[V(OH)~] =-347.18 kcallmol proposed by Grenthe et al. 
(1992) is in serious error (cf. Grenthe et al. 1995). 
"Based on the average maximum ion activity product of coffinite in three groundwaters 
from coffinite-bearing formations, which gives log K = 0.50 ± 0.03 for the reaction 
VSiO.(am) + 4H+ = V 4+ + H4SiO~. 
"Estimated by Hemingway (1982). 
"Computed from solubility data reported by Muto (1965), which makes ningyoite 
metastable relative to V02(c) by about 105 times and with a solubility roughly equal to 
that of V(HPO.lz· 4HzO(c). 

!tAGI = <:-327.0 kcallmol for VOz(OH)!' (Grenthe et al. 1992) is based on log K::>- 10.3 
for VOI+ + 2HzO = VOiOH)!' + 2W. Silva (1992) found that log K = -10.3 gave poor 
agreement between his predicted and measured schoepite solubility. Agreement was im· 
proved with log K ::>-11.5. Choppin and Mathur (1991) found log K = -12.43 in 0.1 M 
NaCI04 solution. Corrected to 1=0 this gives log K = -12.0, which is the basis for the 
tabulated AGI value. Fuger (1992) has proposed log K = -13.0 ± 0.25, making the 

t1Gl t1H0 
f 

Aqueous species or solid (kcallrnol) (kcallrnol) Source 

K2(UOZ)z(V04h(c) carnotite -1097 ttt 
Ca(U02)z(V04M c) tyuyarnunite -1090 :j::j::j: 

(UOzhSi04 . 2HzO(c) soddyite -873.47 §§§ 
Ca(H30MUOz}z(Si04h . 3H2O(c) -1483.18 §§§ 

uranophane 
Na(H30)(UOz)Si04 . HzO(c) <::-708.28 §§§ 

Na-boltwoodite 
Na2(U02h(SizOS)3 . 7HzO(c) -2170.64 §§§ 

Na-weeksite 
Ca(UOz}z(SizOsh . SHzO(c) >-2239.8 111111 

haiweeite 

complex even less important. §§Based on l:J.GI(VOzHP04 • 4H20, H-autunite) from this 
table and the assumption that l:J.G,o= 0 for the reaction 2[VOzHP04 . 4H20](c) = 
HZ(V02MP04Mc) + 8HzO· 
III1Most published solubility studies of the cation-uranyl phosphates are inconsistent and/or 
poorly documented (cf. Grenthe et al. 1992). To avoid dealing with the questionable 
solubility data, tabulated AGI values for the autunites are based on l:J.GI(H-autunite) 
from this table and AG,o for the general exchange reaction H2(V02h(P04)2 + Mn = 
Mn(VOZlz(P04lz + 2H+, where n = I and 2 for divalent and monovalent cations, respec
tively. The empirical ion exchange results are from Muto et al. (1968). 

"Based on results of the H-autuniteJuramphite exchange reaction (see footnote 1111) as re
ported by Vesely et al. (I %5). Other exchange reaction measurements by these authors 
lead to l:J.GI(Na-autunile) = -1137.6 kcallmol, and AGI(K-autunite) = -1149.4 kcallmol, 
in good agreement with the tabulated values. 
tt'Recomputed from the empirical solubility data in Hostetler and Garrels (1962) consi~
tent with the data in this table and with corrections for ion activities and complexes. 

Hll:J.GI computed assuming AG,o for the tyuyamunite!carnotite exchange reaction equals 
its value for the autunite!K-autunite exchange reaction. 
§§§Nguyen et al. (1991) measured the Keq values for the solution reactions listed in 
TableAI3.3. l:J.GI values for the minerals have been computed from the Keq values using 
AGI data in Tables A13.1 andAI3.2. 
1I111'AGI(haiweeile) estimated by Hemingway (1982) makes it more stable than uranophane 
in general, which is unlikely. The listed l:J.Gl value, which is probably a maximum sta
bility, is based upon the assumption that uranophane is more stable than haiweeite when 
H.SiO~ = 10-30 M. 
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TABLEA13.2 Thermochemical data for some auxiliary aqueous species and 
solids at 25°C and 1 bar total pressure 

Aqueous species llGl Mlo 
f SO 

or solid (kcal/mol) (kcal/mol) (cal/mol K) Source 

H2(g) 0 0 31.233 t 
°2(g) 0 0 49.033 t 
H2O(l) -56.678 -68.315 16.72 t 
OH- -37.57 -54.97 -2.605 t 
HFO -71.63 -77.23 21.03 t 
p- -67.28 -80.15 -3.30 t 
CI- -31.36 -39.94 13.53 t 
CO2(g) -94.26 -94.05 51.10 t 
H2COr -148.93 -167.10 45.3 t 
HCOj' -140.25 -164.9 23.5 t 
COj- -126.17 -161.4 -12.0 t 
H3PO. -274.7 -309.3 38.7 t 
H2PO;j -271.8 -311.3 22.1 t 
HPOi- -262.0 -310.5 -8.0 t 
POl- -245.08 -306.6 -51.6 t 
SiOz(c) quartz -204.66 -217.66 9.92 t 
Si02(am) -202.91 -215.33 1l.8 § 
H4SiO. -312.58 -348.30 45.1 § 
H3SiO;j -299.18 -342.18 20.7 II 
H2SiOi- -281.31 # 
HSO;j -180.52 -212.0 31.5 t 
SO~- -177.82 -217.3 4.42 t 
H4VOt -253.67 -291.9 23.3 § 
H3VO• -249.2 (-289.9) (44) § 
H2VO;j -244.0 -280.6 29 § 
HVOi- -233.0 -277.0 4 tt 
V01- -214.9 (-41) § 
V02+ -106.7 -116.3 -32 tt 
VOOW -155.65 § 
V3+ -57.8 § 
VOH2+ -1l1.41 § 
V(OH)! (-163.2) § 
V(OH)3' (-212.9) § 
Na+ -62.62 -57.44 14.0 t 
K+ -67.52 -60.26 24.2 t 
NHt -18.98 -31.85 26.6 t 
Mg2+ -108.8 -1l1.6 -32.7 t 
Ca2+ -132.12 -129.8 -13.4 t 
sr2+ -134.8 -131.7 -7.53 t 
Ba2+ -132.7 -127.3 2.01 t 
Fe2+ -18.85 -21.3 -32.9 tt 
Cu2+ 15.54 15.51 -23.4 t 
Pb2+ -5.78 0.22 4.42 t 

Note: Values in parentheses are estimates or have been computed using estimated values. 
Source: tCox et al. (1989). tCODATA (1976). *Langmuir (1978). DBusey and Mesmer (1977). 
'Baes and Mesmer (1976). ttWagman et al. (1982). 
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TABLE A13.3 Stability constants and flH; values for some reactions involving uranium aqueous species 
and solids of geochemical interest at 25°C and 1 bar total pressure 

Reaction 

U4+ + H20 == uoW+ + H+ 

U4+ + 4H20 == U(OH)4' + 4W 
UOi+ + H20 = U020H+ + H+ 

UO~+ + 2H20 == UOiOH)2' +2H' 

UO~· + 3H20 = UOiOH):j +3W 

2uoi' + 2HP = (U02h(OH)~+ + 2H+ 

3UOl+ + 5HP = (U02h(OHH + 5W 
3UO~t + 7H20 == (U02MOH)7 + 7W 
4uoi t + 7H20 == (U02)iOH)7 + 7W 

,,-UO) . 2Hp(e)(sehoepite) + 2W == UO~+ + 3H20 

UOiam) + 4W = U4+ + 2HP 

U02(e)(uraninite) + 4W == U4+ + 2H20 

USi04(am)(eoffinite) + 4W == U4+ + H4Si04' 

U4+ + l<~ == U F'+ 

U4+ + 2F == UF~+ 

U4+ + 3l<~ == UFt 

U4+ + 4F == UF4' 

U4. + 5F- == UF;; 

U4+ + 6F- == UFl.-

UO~+ + F = U02F' 

UO~+ + 2F- = U02F2' 

uoi+ + 3F == U02F:l 
UOi+ + 4F- == U02F~-

U4+ + CI- == UCI'+ 

UO~+ + CI . == U02C1+ 

UO~+ + 2CI- = UOpo 

U4+ + SO£- == USOi+ 

UOi+ + SOi- == U02S04' 

Uo~t + 2soi == UOiS04)~-

8.89 
(EO == 0.263 V) 

2.97 
(EO == 0.0879 V) 

-0.65 

-12.0 

-5.2 

-12.0 

-19.2 

-5.62 

-15.55 

-31.0 
-21.9 

5.20 

4.16 

-4.99 

0.50 

9.3 

16.22 

21.6 

25.5 
27J)1 

29.1 

5.09 

8.62 

10.9 

11.7 

1.72 

0.17 

-\.I 

6.58 
3.15 

4.14 

MI,O 
(keal/mol) 

-34.4 

-1.46 

-11.21 

-12.0 

-18.6 

-1.34 
-0.84 

0.12 
-0.87 

0.41 

0.50 
0.56 

0.07 

-4.50 

1.91 

3.59 

1.91 
4.66 

8.39 
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TABLE A13.3 (continued) 

Reaction 

uo~+ + PO~- = U02P04" 13.69 
UO~++HP01-=U02HP04' 7.71 
UO~+ + H3P04' = W + UOZH2POt 1.12 
UO~+ + H3P04' = U02H]pOl+ 0.76 
UO~+ + 2H3P04' = 2W + U02(H2P04)4' 0.S7 

UO~+ + H3P04' + 4H20 = 2W + U02HP04 · 4H20(c)(H-autunite) 2.50 
U4+ + 2H]P04' + 4H20 = 4W + U(HP04h . 4H20(c) 11.79 
3UO~+ + 2H3P04' + 4Hp = 6W + (U02h(P04h ·4H20(c) 6.0 
Ca2+ + 2UO~+ + 2PO~- = Ca(U02h(P04h(c)(autunite) 44.7 

2K+ + 2UO~+ + 2VO! + 4H20 = SW + K2(U02h(V04h(c)(camotite) -0.56 
2K+ + 2UO~+ + 2V01- = K2(U02h(V04h(c)(camotite) 56.3 
Ca2+ + 2UO~+ + 2VO! + 4H20 = SW + Ca(U02h<V04h(C)(tyuyamunite) 3.56 
Ca2+ + 2UO~+ + 2V01- = Ca(U02h(V04h(C)(tyuyamunite) 53.3 

UO~+ + CO~- = U02C03 
UO~+ + CO~- = U02C03(c)(rutherfordine) 
UO~+ + 2CO~- = U02(CO])~-
UO~+ + 3COJ- = U02(CO])~-

U4+ + 5COJ- = U(C03)t 
2UO~+ + CO2(g) + 4H20 ::; 5W + (U02hCOJ(OH)i 
2UO~+ + H4Si04' + 2H20 = 4W + (U02hSi04 • 2H20(c)(soddyite) 

Ca2+ + 2H4Si04' + 2UO~+ + 5H20 = 6W + 
Ca(Hl 0h(U02h<Si04h' 3H20(c)(uranophane) 

2Na+ + 2UO~+ + 6H4Si04' = 6W + 5HP + 
Na2(U02MSi20sh ·4H20(c)(Na-weeksite) 

Ca2+ + 2UO~+ + 6H4Si04' = 6W + 4H20 + 
Ca(U02MSi20sh . 5Hp(c)(haiweeite) 

9.67 
14.49 
17.0 
21.63 

33.9 
-19.0 
-5.74 

-9.42 

-\.50 

<2.60 
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MI,O 
(kcallmol) 

1.2 
1.1 

4.4 
-9.1 

-4.S 

Note: For the redox couples, loglo K = nE'IO.05916. Tabulated values have been computed using thermodynamic data in 
TablesAI3.l andAI3.2. 



TABLE A13.4 Chemical analyses and related information for some well waters from uranium deposits and two unmineralized granites (Aspo and Stripa, 
Sweden) 

Source 

2 3 4 5 6 7 8 9 10 II 

Species (mgIL) 

Na+ 2.70 28.9 1180 430 330 391 22.3 1.24 1.49 218 137 
K+ 1.23 8.5 6.3 31 19 4.3 1.2 11.8 34.2 0.44 2.8 
Mgz+ 0.94 3.4 30 29 21 4.6 4.4 0.3 3.0 0.03 1.9 
Caz+ 1.86 10.9 741 210 210 26.1 18.0 10.8 74 94 19 
Sr2+ 0.198 12.3 0.26 1.5 0.89 
SOi- 0.55 26.4 265 570 460 768 30.0 33.4 360 57 224 
F- 0.67 0.69 2.7 0.4 0.4 1.14 0.36 5.4 4.3 5.3 0.34 
C1- 1.23 38.8 3030 650 520 74.5 1.4 460 12 
Br- <0.01 0.56 15.9 4.5 
HCOj 12.3 31.1 69 275 289 61.0 85.4 31.4 18.4 22 128 
NO), <0.065 0.54 6.1 5.1 0.05 
Al <0.10 <0.15 0.6 2.5 0.009 0.41 
Fe(II) 9.96 53.4 
Fe (total) 0.62 <.012 0.33 0.03 0.06 <0.05 <0.05 10.6 53.5 0.02 
Mn(II) 0.05 0.08 0.31 0.09 0.07 2.95 12 0.005 
SiOz(aq) 18.6 9.4 4.1 45 48 7.8 9.6 37.3 18 

Species ("gIL) 

B <10 750 20 0.34 100 
Ba2+ 184 33 110 50 9.0 300 
Cd <I <I 0.8 5 
Cu <2 <2 <5 1.4 7.0 5 
Mo <6.5 150 2 2 <35 100 
Ni <15 <25 4.0 10 
Th <0.02 <0.02 0.13 0.06 
~U 0.36 7.8 0.459 0.4 0.2 11.0 25 0.105 215 
U(IV) 1.43 5.3 
UeVI) 0.11 185 
V <10 9 4 42 

c.n Zn 5.7 2.2 170 2020 40 
c.n w 
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TABLE A13.4 (continued) 

Source 

2 3 4 5 6 7 8 9 10 II 

Other Information 

TeC) 12.3 7.4 (25) (25) (25) (25) (25) 24 22 8.6 (25) 
pH 5.85 7.37 7.9 6.9 7.0 9.05 8.42 6.30 5.45 8.50 8.5 
Eh (mV) 130 -242 -280 (-200) (-223) -92 -55 155 420 (-400) (+600) 
DO (mg/L) 0.002 0.003 0.4 I.2 <0.008 <0.008 (0) 
SpC 3300 2650 
(,umhos/cm) 

TDS (mg/L) 78 158 452 
He (mg/L) 10.4 11.6 
Ra-226 0.59 4.28 6.1 0.80 2.81 5.2 
(8qlL) 

Rn-222 1630 92.2 87.2 20300 
(8qlL) 

Date 9-12-87 6-21-89 1991? 8-17-79 8-21-79 1992-93 1992-93 12-20-88 2-1-88 1983? 1978? 
collected 

Sample 423 to 427 432 to 440 334-343 ? ? 240 to 246 90 to 95 275 to 300 50 to 78 908 to 969 ? 
depth (m) 

Note: Values in parentheses are estimated or assumed. 

Source: (I) and (2) ore zone of Cigar Lake uranium deposit. Athabaska Sandstone Formation. Saskatchewan. Canada. Ore minerals: uraninite (UO~ to UO~,,) and coffinite. In (2). H~(acj') = 
1.4 mglL. (Cramer and SmelIie 1994). (3) Groundwater from granite at Aspo, Sweden. Water also contains 0.32 mglL NH! and 3.6 J.LgII.. P01- (Wikberg et aJ. 1991). (4) and (5) Oakville 
(fluvial sandstone) Formation. Texas. Ore minerals uraninite and coffinite. H2S > 10 mgII.. in both waters (Chatham et aJ. 1981; Wanty et al. 1987). (6) and (7) Pa1mottu uranium deposit 
in fractured crystalline rock. Finland (Ahonen et al. 1993; Ervanne et aJ. 1994). Ore is uraninite with 7 to 10% Th02 and 10 to 17% PbO by wI. Authors assume UO~ oxidation up to U233• 

(8) and (9) Osamu Utsumi Uranium Mine, Pocos de Caldas, Brazil (Nordstrom et al. 1990: Mieke1ey et al. 1991). Ore is pitchblende (relatively amorphous U02). (10) Well water from 
granite at Stripa, Sweden (Nordstrom et al. 1989; Andrews et aJ. 1989). The reported pH was 10.06, which makes the water supesaturated with calcite by more than 10-fold. Readjust
ment to calcite saturation gives pH = 8.50. (II) Well in Wasatch (fluvial) Formation. on property of the Irigaray Uranium Solution Mining Project, Wyoming, U.S.A. (NRC 1978). Ore 
is coffinite with lesser amounts of pitchblende (cf. Dahl and Hagmaier 1974). 
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TABLE A13.5 Thermodynamic data for selected aqueous species 
and solids of americium at 25'C and 1 bar total pressure 

Aqueous species t!.Gl 
or solid (kcal/moI) 

Am3+ -143.09 

Am203(C) -385.59 
AmOH2+ -191.04 

Am(OH)! -237.21 

Am(OHh(am) -287.54 

Am(OH)3' -278.06 
Am(OHh(c) -292.39 
AmF2+ -215.Q2 

AmF! -285.58 

AmFic) -363.oJ 
AmCI2+ -175.89 

AmS04 -326.17 

Am(S04)2 -506.10 
AmP04(am,hydr) -422.01 
AmH2POa+ -418.97 

AmCOt -279.90 

Am(CO,)2' -412.21 
Am(C03)j- -542.34 

Am(CO,)t -767.26 

Am2(C03h(C) -710.26 

AmOHCO,(c) -335.76 

Source: From Silva et al. (1995). 

Mil 
(kcal/mol) 

-147.39 
-404.02 

-379.54 

SO 
(cal/mol K) 

-48.04 
38.24 

30.50 

TABLE A 13.6 Gibbs free energies of formation of some aqueous 
species and solids of technetium of geochemical interest at 25°C 
and 1 bar total pressure 

Aqueous species or solid t!.Gl (kcallmol) Source 

TcO:! -148.45 t 
Tc02+ -24.04 t 
TcOOW -79.18 t 
TcO(OH)2 -132.89 1-
[TcO(OH)2h -274.67 t 
TC02 . 2H2O(s) -200.13 t 
TcO(OH)3' -174.08 § 

Tc(OHhCOj -228.04 § 

Tc(OHhCOj' -273.45 § 

Source: tRard (1983). IBased on EO = 0.747 V forthe reaction TcO;j +4W + 3e- = 
Te02' 2HP(s) (Meyer et al. 1989) and !:J.G'l (TeO:!) from this table. 'Based on 
measured stability constants for dissolution of Tc02 . 2HP(s) to form the com
plexes from Eriksen et al. (1993). 
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556 Actinides and Their Daughter and fission Products 

TABLE A13.7 Gibbs free energies of formation from the elements 
of some geochemically important aqueous species and solids of 
neptunium at 25°C and 1 bar total pressure 

Aqueous species or solid /lGl (kcallmol) Source 

NpOl+ -190.2 t 
NpOt -218.7 t 
Np020W -262.90 t 
Np02(OH)i -299.73 § 

Np02CO)' -338.19 II 

NpOz(C03H- -480.66 II 

NpOiC03)~- -607.22 # 

NaNp02C03(S) -423.26 tt 
Np020H(am) -269.60 tt 
NP205(S) -48 l.l 2 tt 
Np4+ -120.2 t 
NpOW+ -175.45 t 
Np(OH)~ -333.57 tt 
Np(OHMs) -344.87 §§ 

Np02(C) -244.06 §§ 

Np(OHhC03 -421.55 H 
Np(OH)4COj- -463.83 tt 
NpC032+ (-263.15) t 
Np(C03)2 (-404.39) t 
Np(C03H- (-539.64) t 
Np(C03)t (-669.90) t 
Npp3+ -199.32 t 
NpPi+ -276.18 t 
NpSO~+ -307.00 t 
Np(S04)2 -489.20 t 
Np(HP04}z(s) -784.24 tt 

Note: Values in parentheses are estimates. 
Source: tt1Gl values from Fuger and Oetting (1976). "Computed from stability 
constants given by Nitsche (1991). Nitsche (1991) gives estimated constants for 
Np(OHW, Np(OH)j, Np(OH)~, and NP(OH)5". Np(OH), has been discredited 
(cf. Lieser and Moh1enweg 1988), and Nitsche's stability for Np(OH)~ is entirely 
inconsistent with the measured solubility of NP(OHMs) (cf. Eriksen et al. 1993). 
Consistent with U4+ hydrolysis, this review limits the hydrolysis species to 
NpOH3+ and Np(OH)4' .• Computed from the average of stability constants given 
by Fujita et al. (1995) and Novak and Roberts (1995). I'Fuger et al. (1992). 'Com
puted from the stability constant given by Fujita et al. (1995). ttt1Gl based on 
Lemire (1984). Lemire (1984) gives K,p = 10-11.56 for NaNp02C03(S) (actually a 
hydrate of variable H20 content). In good agreement Novak and Roberts (1995) 
suggest Ksp = 10-11 .28. ;'Computed from stability constants given by Eriksen et aJ. 
(1993). When modeling Np4+ carbonate complexing, the assumption ofthese two 
hydroxyl-carbonate complexes should be made, or the assumption of the four 
Np*-carbonate complexes with estimated AGI values from Nitsche (l99Ib), but 
not both. §§Based on data given by Rai et al. (1987). 
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TABLEA13.8 Gibbs free energies and enthalpies of formation from 
the elements of some geochemically important aqueous species 
and solids of plutonium at 25°C and 1 bar total pressure 

Aqueous species tlG'I tlH° Data f 
or solid (kcallmoJ) (kcallmol) qualityt 

Pu3+ -138.29 -141.52 g 
Pu4+ -1\5.11 -128.22 g 

PuO! -203,15 -218,61 f 
PuO?+ -180,90 -196.48 f 
PUOH2+ -184,11 g 
puCor -276,74 s 

Pu(H2P04)2+ -411.81 g 
PuOH3+ -171.10 f 

Pu(OHW -225.31 f 

Pu(OH)j -277.96 f 
PU(OH)4 -329.35 -375,835 f 

PuCOj+ -259,02 S 
Pu(C03)t' -799,24 s 
Pu(HP04)2+ -393.16 f 

Pu(HP04)2' -668.26 -739.59 f 
Pu(HP04)j- -941.68 f 
PU(HP04)~- -1215.34 f 

Puopw -246.65 -270.39 f 

PU02COj -336.28 f 
PU02(C03H- -465.11 s 

(Pu02MOHW -463.91 f 

(Pu02h(OH)$ -796.61 f 

Puopw -229,90 f 

Pu02(OH)z -278,99 -313.21 f 

PuOz(OH)3' -322.04 f 

PU02C03 -319,62 -352.99 g 

PU02(C03)~- -453.43 g 

PU02(C03)t -583.15 g 

Pu02H2POt -456,50 g 

Pu02(OH)2HC03 -423.67 f 

,B-PU203( c) -380.98 f 
PU(OH)3(S) -277.72 f 
Puo2(c) -238.53 g 
Pu(OH)iam) -342.97 f 

Pu020H(am) -252.39 f 
Pu02(OH}z{c) -288.31 f 
PuOHC03(s) -332.06 s 
PU02COJ(S) -326,45 f 

Pu(HP04Mc) -673.52 f 
Pu02HP04(C) -458.41 f 

tg, f. and s denote good. fair. and speculative !:J.GJ andlor MlJ data. respectively. 
Source: Data from Puigdomenech and Bruno (1991). whose sources were chiefly 
Lemire and Tremaine (1980) and Lemire and Garisto (1989). 
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Geochemical 

Computer Models 

SOME EXAMPLE GEOCHEMICAL COMPUTER MODELSu 

Mass-Balance Models 

Examples: BALANCE (Parkhurst et at. 1982), NETPATH (Plummer et al. 1991, 1994). 
Purposes: Used to define net masses of minerals (or gases) dissolved and/or precipitated along 

a flow path between two wells. Also considers ion exchange and other user-definable mass transfer 
processes. Can account for the mixing of two waters to produce a third, final water. NETPATH can 
also be used to age-date groundwaters (using 14C) and can solve isotope evolution problems. 

User input: Two complete chemical analyses are required (or three in the case of a mixing 
problem). Isotopic (834S, 8 13C, 8180, 82H, 14C, 87SrJ86Sr, etc.) analyses are strongly recommended. 
Mineralogical information is recommended. Guesses of possible mass transfer reactions are required. 

Interpretation of results: Usually several plausible models are found. The user must apply his 
knowledge of aquifer mineralogy and of the isotopic compositions of the water and reacting phases, 
as well as his knowledge of the probability that given reactions could occur, to eliminate as many 
models as possible. 

Limitations and strengths: The models found are not dependent on thermodynamic data or on 
the assumption of thermodynamic equilibrium. The user must have the experience and judgment to 
be able to eliminate thermodynamically and kinetically unrealistic models. Some knowledge of 
aquifer/soil mineralogy between the two well points is required. The user must have knowledge of 
the hydrogeologic flow paths. A steady-state flow system is assumed. Dispersion of chemical con
stituents along the flow path is assumed insignificant or can be characterized as the mixing of two 
initial waters. 

tntis discussion is largely after Glynn et al. (1992). 
tFor a discussion and comparison of most of the codes described below and many other similar and/or related codes 

see Mangold and Tsang (1991) and van der Heijde and Elnawawy (1993). 
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Some Example Geochemical Computer Models • 559 

Observations: the mass-balance models can help the user to determine and quantify the geo
chemical processes that are most important to the chemical evolution of a water, whether natural or 
contaminated. With sufficient information (e.g., isotopic data) the models can provide information 
on the hydrogeology, including groundwater flow paths and velocities. If groundwater velocities are 
known, the models can determine reaction rates. Use of these models can help to identify critically 
needed data or measurements, such as identification of the mineralogy or isotopic compositions, etc. 

Speciation Models 

Examples: WATEQF (Plummer et at. 1984), WATEQ4F (Ball and Nordstrom 1991). 
Purposes: Can calculate the partitioning of an element between different aqueous species and 

complexes (inorganic and organic) and determine whether a water is supersaturated or undersatu
rated with respect to various minerals or gas phases (useful in testing mass-balance models). 

User input: Requires a complete chemical analysis of a water, including its pH, and some 
knowledge of pE or Eh (redox potential) or of the concentrations of redox couples (e.g., Fe3+lFe2+). 

Limitations and problems: For reliable results, the thermodynamic data base should be inter
nally consistent and of high quality (cf. Nordstrom and Munoz 1994). The data bases often differ 
among the different models. The aqueous species and minerals considered also differ among the dif
ferent models. The number of organic species considered is generally small. The models are usually 
limited to modeling speciation of dilute waters with ionic strengths less than seawater «0.7 M). 
Nonequilibrium conditions among redox couples or species forming aqueous complexes, etc., can
not be addressed. The quality of input water analyses is very important. An inaccurate water analy
sis, with a poor charge balance, for example, or with inaccurate pH or Eh values, can lead to mean
ingless model results. 

Observations: Speciation models are useful for determining the relative importance of indi
vidual aqueous complexes and the toxicity of contaminated waters. They can establish whether a 
water has the potential to precipitate or dissolve a mineral or gas phase and whether or not various 
mass transfer processes such as ion exchange have the potential to affect the concentrations of var
ious constituents. They are often used in conjunction with mass-balance models. 

Mass Transfer Codes 

Examples: PHREEQE (Parkhurst et at. 1990), PHREEQC (Parkhurst 1995), PHRQPITZ 
(Plummer et al. 1988), SOLMINEQ.88 (Kharaka et at. 1(88), MINTEQA2 (Allison et at. 1991), 
MINTEQ(4.00) (Eary and Jenne 1992), MINEQU (Schecher and McAvoy 1991), EQ3/6 (Wolery 
1992a, I 992b), Geochemist's Workbench (Bethke 1994, 1(96). 

Purposes: These models can speciate an aqueous solution, just as the speciation models do. 
They can also simulate changes in solution chemistry caused by mass transfer processes, such as 
dissolution/precipitation, ingassing/outgassing, ion exchange/adsorption, evaporation, boiling tem
perature and pressure changes, and mixing of two waters. 

Limitations and problems additional to those (~fthe speciation codes: The models do not con
sider solid-solution mass transfer and provide only limited information on ion exchange/adsorption 
mass transfer. All the programs except PHREEQE, PHRQPITZ, and MINTEQA2 keep track of 
water mass. Except for EQ3/6 and the Geochemist's Workbench, rate laws for mass transfer kinet
ics cannot be specified. Convergence problems occur more often than for the speciation codes. 



560 GeQchemical Computer Models 

Observations: The mass transfer models can predict the overall geochemical behavior of a con
taminant and whether reactions go to equilibrium within a system. They are often used in reaction 
path modeling. 

Chemical Mass Transport Codes 

Examples: PHREEQM-2D (Nienhuis et al. 1994), PHREEQC (Parkhurst 1995), CHMTRNS 
(Noorishad et al. 1987). 

Purposes: These codes can speciate an aqueous solution and allow for chemical mass transfer 
processes. They can also simulate hydrodynamic advection and dispersion of chemical constituents 
in a porous medium. 

Limitations and special properties: A system of partial differential equations has to be solved 
in addition to the system of algebraic chemical equations typical of speciation and mass transfer 
codes. The local equilibrium assumption is generally made. Problems of scale in using the advection
dispersion equation are generally ignored. Flow modeling is often kept simple, usually with steady
state I-D flow fields in homogeneous geological media and with simple boundary conditions. Nu
merical dispersion and other problems pertaining to the numerical approximation of the transport 
equations can be significant. 

Observations: The mass transport models can be used to predict "best-case" and "worst-case" 
scenarios of contaminant transport, but in most cases are not exact predictive tools. Both mass trans
fer and mass transport models are useful to help establish possible contaminant cleanup strategies 
and, more generally, to help understand the processes that affect the chemical evolution of ground
waters. 

OBTAINING GEOCHEMICAL SOFTWARE 

Software for current PC DOS versions of geochemical models supported by the U.S. Environmen
tal Protection Agency (EPA) and the software documentation may be obtained at no charge via the 
Internet. Go to: ftp://ftp.epa.gov/epa_ceamlwwwhtml/software.htm to obtain downloadable, 
compressed software programs; including MINTEQA2, CHEMFLO, MT3D (MODFLOW), and 
VLEACH. Alternatively, the software and documentation may be ordered from The Center for Ex
posure Assessment Modeling (CEAM), U.S. Environmental Protection Agency, Office of Research 
and Development, Environmental Research Laboratory, College Station Road, Athens, GA 
30613-0801. Telephone and ~-mail addresses are (706) 546-3549 and ceam@athens.ath.epa.gov. 

The latest UNIX versions of U.S. Geological Survey (USGS) geochemical software and 
the documentation manuals may be downloaded free of charge from the Internet address 
hUp:11h20.usgs.gov/software. PC DOS versions of the USGS software should be available from 
this same address in late 1996. Until then, the PC DOS versions may be downloaded by anonymous 
ftp from ftp://brrcrftp.cr.usgs.gov/geochem. The files for PHREEQC, for example, reside in 
/pc/phreeqc. PC DOS versions of other USGS geochemical software are similarly available for 
BALNINPT, NETPATH, PHREEQE, PHRQPITZ, and WATEQ4F. The software and documentation 
for these programs may also be purchased from U.S. Geological Survey, NWIS Program Office, 
437 National Center, Reston, VA 22092 (telephone 703-648-5695). For further information on 
USGS water resources applications software contact U.S. Geological Survey, Hydrologic Analysis 
Software Support Team, 437 National Center, Reston, VA 20192. The e-mail address is 
h20soft@usgs.gov. 
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A practical difficulty in using many of the USGS codes has been the unfriendly nature of their 
data entry files. The program CHEMFORM (Toran and Sjoreen 1996) simplifies this problem. 
CHEMFORM reads existing ASCII chemical data files and formats the data correctly for use by 
USGS programs, including NETPATH (Plummer et al. 1994), PHREEQE (Parkhurst et al. 1990), 
and WATEQ4F (Ball and Nordstrom 1991). CHEMFORM is available at no charge by anonymous 
ftp to ftp://ftp.esd.ornl.gov/pub. It can also be downloaded along with the USGS geochemical 
codes by anonymous ftp to ftp://brrcrftp.cr.usgs.gov/contrib. 

The thermodynamic data bases of most geochemical models are only occasionally corrected 
and updated. Updated data bases for the Geochemist's Workbench (Bethke 1994, 1996) and EQ3/6 
(Wolery 1992a, 1992b) may be obtained by anonymous ftpfromftp:/Is32.es.llnl.gov/jobnson where 
they are located in the files gwb and eq36. For further information contact Jim Johnson at his e-mail 
address jwjohnson@lInl.gov. 

The current version of MINEQL + (Schecher and McAvoy 1991) may be downloaded from the 
Internet at web site http://www.agate.netl-ersoftwr/mineql.html. For further information contact 
William Schecher at his e-mail address.ersoftwr@agate.net. 
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"A" factor, 62 polysulfide, 448; soft, complexes, 538; Irving- 165, 166; determination of, 
absolute rate theory, 65-68 103-104, 118, 119,289, Williams order, 107-108; 168,173-179; from weath-
acetate, 451 446; strong, 152; tempera- linear adsorptivity, model, ering, 166; immediate. 
acetic acid, 152; buffer ca- ture functions for equilib- 392; of Np(V), 537, 540; 165; of soils, 240 

pacity,l90 rium constants, 24, 38-45; percent versus concentra- alkalinity titration, 173-174 
acetone, 300 weak,27, 152, 162 tion adsorbed plots, 510; of Alligator River uranium de-
acetophenone, 300 actinide cations: actinide phosphate, 538; of Pu(IV), posit, Australia, 498 
acid-base reactions, 149-192 complexes, adsorption of, 537; of proton, 375; of allophane, 252, 324 
acid gases, 278 537; distribution coeffi- Ra2+ by kaolinite, 386; by alluvium, 236 
acid-mine drainage, 403; cients of, 536; stability of, sediments and soils, 352, lI'H,defined,155 

models for predicting, 474 522-524; stability of ana- 391; ofU(Vl) by hematite, alpha decay. 487, 492 
acid mine waters, 165, 167, log cations, 521-523; sta- 509 alpha radiolysis, 529, 531 

303, 411, 444, 446, 450, bility with humic-fulvic adsorption isotherm models, alpha recoil, 492-493 
453,456-474; chemical ligands, 524 353-365, 369; batch and aluminosilicate minerals, re-
analysis of, 484-485; Eh actinides 486-557. See also column experiments, 361 ; lationship between pH and 
and pH of, 411, 413, 465, adsorption; individual ele- in situ measurements, 361 ; dissolution rate. 77 
466,468; general controls ments; adsorption, limitations of. 369; in AI-hydroxy complexes, 253; 
on production, 457; neu- 536-543; complexes, for- MINTEQA2, 362, cumulative formation con-
tralization trends, 467-474; mation constants, 524; de- 364-365; number of ad- stants, 248-249; stability 
origin of, 464-467; oxida- fined, 486; oxidation states, justable parameters in, 363 as function of temperature, 
tion trends, 467-474; sec- 523; solubility limiting adsorption models: and cont- 121 
ondary minerals, 467-474 solids in groundwater, 532, aminant transport model- AI-organic complexes, 253 

acid neutralization capacity, 534; surface complexes, ing, 393-396; ion ex- aluminum: in acid mine 
of soil moisture, 258 542 change models, 365-369; drainage, 467, 469; as inert 

acid rain, 118,256,259, activated complex, 65-68 isotherm models, 353-356; tracer in soils, 234; and 
274-290; causes of, 278; activated surface complex, 76 selection criteria, 391-393; clay formation, 232; mo-
damage function for car- activation: enthalpy, entropy, surface complexation mod- bility in a soil, 253; role of 
bonate stone weathering 67,68; Gibbs free energy, els, 369-393, 540-542 fulvic acid in transport of, 
by, 311; dry deposition, 67 adsorption by goethite: of 162; speciation in soil 
311; effect on soils, 256 activation energy, 62, 71, 73, Am(lll), 545; of carbonate, moisture, 253 

acid solutions, neutralization 75, 79; typical range of 385; ofPb2+, 400; of ph os- aluminum oxyhydroxides: 
with calcium carbonate, values,62 phate, 399, 400; of U(VI), solubility as function of 
357 activities, of dissolved 509,537 pH, 248-255; solubility 

acid tailings solutions, 187, species, 123-124 adsorption by HFO: of ar- products of. 470 
188,190-192,401;rock activity coefficients, senic, 402, 477; of cad- aluminum sulfate minerals, 
paste titration with, 188; 123-148; of HC03 in sea- mium, 402; of copper, 402; 469,470 
from uranium ore, 40 I water, 141; of ions, 17, of lead, 402; of metal alunite, 167,368,469,472, 

acidification, 253, 256 123-143,146-148;mod- cations, 371, 477; of 473; saturation indices ver-
acidity, 165-166; of acid- els, applicability as func- nickel, 402; of oxyanions, sus pH, 472 

mine waters, 165; carbon tion of ionic strength, 143; 371; of U(VI), 370, 510, alunite-jarosite minerals, 468, 
dioxide, 170; determina- of molecular species, 17, 511 469 
tion, 165, 168-172, 144-145; rational, 12,366, adsorption by quartz: of Ra2+, alunogen, 469 
174-179; in dilute waters, 367; of silicic acid, 242 385; of Th(lV), 387, 388, Am(lII) hydroxyl and carbon-
165; example calculation, Adirondack, lake waters, 469 537; of Th-sulfate com- ate complexes, 524, 525 
172; immediate, 165; min- adsorbed ions, locations of, plexes, 388, 538 Am(Ill) sulfate complexing, 
eral, 170; titration, 376 aerobic (oxic) decay, 204. 524-525 
168-172; total, 170; and adsorption: of actinide com- 240 AmOHC03(C) solubility, 
weathering, 152 plexes, 537-538; of com- aerosols, 275, 278, 289 524,526 

acids: Bronsted-Lowry defin- plexes, 370; controls on ra- alkaline earth carbonate! americium, 519, 524-526, 
ition, 152; and conjugate dionuclide releases, bicarbonate complexes, 532, 534; colloids, 535 ; 
bases, 153; dissociation 536-543; edge, defined, Kdi"oc-temperature func- geochemistry, 524-526 ; 
constants, 152-153; hard, 370; effect of complexing, tions,25 maximum concentrations 
103-104,119,289,446; 83; in HFO dominated sys- alkaline lakes, 162 in granite well water, 545 ; 
Lewis definition, 90; in tems, 370, 371, 393, 402, alkalinity, 165-168, 170, oxidation state, 522 ; ther-
natural waters, 152, 153; 477,509; of humic acid 173-179,240; defined, modynamic data, 555 
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amino acids, 118, 451 
ammonia: Kd",oc-temperalUre 

function, 25; Nrammonia 
redox reaction, 413-419, 
424-426,428 

amorphous silica. See a/so 
silica polymorphs: dissolu
tion in water, 38; precipita
tion or, 63; solubility as a 
function of pH, 245, 246; 
solubility as a function of 
temperature, 243 

amphiprotic species, 152 
ampholytes, 152 
anaerobic (anoxic) decay, 70, 

240 
analine, 300--30 I 
anglesite, solubility in sea-

water, 120 
anhydrite, 21,22,472 
anion exchange capacity, 346 
anoxic environment, 421, 422 
anthracite coal deep mine 

waters: chemical analysis, 
465; Eh and pH, 466 

apatite, actinide adsorption 
by,538 

Appalachia, acid mine 
drainage, 469 

apparent diffusion coefficient, 
540 

apparent distribution coeffi
cient, 540; of radionuclides 
in bentonite as function of 
bentonite compaction den
sity, 541 

apparent H2(g) pressure in 
groundwater, 414, 466, 467 

aqueous complexes, tempera
ture functions for equilib
rium constants, 38 -45 

aqueous components, thresh
old values in ground
waters, 308 

aqueous electrons, compared 
to protons, 406 

aqueous versus surface com
plexes, 381 

aquocomplexes, 89, 98; iron, 
431 

aragonite, 193,211; occur
rence of, 193; solubility as 
function of temperature, 
205,206; stability of, 193 

aridisols, 240 
Arrhenius equation, 60, 62, 61\ 
Arrhenius plot, log k versus 

111',63 
arsenic, 476, 512; as gaseous 

metal,289 
artesian ground waters, 

271-273; chemistry com
pared to that of water-table 
groundwaters, 272, 273 

association constants: of hy
droxycomplexes of diva-

lent metal cations of first 
transition series, 108; of 
mctal cation-hydroxy com
plexes,l00 

atmospheric enrichment fac
tor for trace elements, 289, 
290 

atmospheric precipitation, 
274-290; chemical compo
sition of, 278 

attapulgite, surface charge as 
a function of particle size, 
348 

autunite, 498 

background water quality, 
defining, 304-306 

bacteria, 451 , 461-462 
bacterial activity, and Eh and 

pll,461 
barite, 21, 22 
barometric pumping of 0::>, 

421 
hasaluminite, 161\.469,472, 

473 
baseflow, 300 30 I 
bases; borderline, 104: Bron

sted-Lowry definition, 152; 
dissolved in natural waters, 
152, 153; hard, 103 -104, 
119,446; soft, 103-104, 
119,446; strong, 162 

Bateman equations, 491 
bauxite, 239 
becquercl, defincd, 488 
beidellite, 316, 318 
bentonite, 316, 540, 541 
bentonite clay backfill, 540: 

at nuclear waste reposito
ries, 535 

Berkshire syncline, U_K., 426 
Berner's redox classification, 

421-422 
{3-decay, 487 
bicarbonate complexes, 

Kdi5'oc--temperature func-
tions,25 

hinary cation exchange: cad
mium onto calcium mont
morillonite, 367, 369; lead 
onto calcium montmoril
lonite, 367, 369 

bioavailability, effect of com
plexing,83 

biochemical oxygen demand 
(BOD),421 

bioconcentration factor. of or
ganiC substances, 351\, 359, 
360 

biological activity, effect on 
reaction rates, 78 

biological uptake, 293 
biotite, 235, 256, 259, 318 
birnessite, 384, 391,477 
bisulfide metal complexes, 

447 

bituminous coal mining 
areas, Pennsylvania, 220 

bixbyite,477 
Bjerrum model, 109 
Boltzmann factor, 373, 374 
boric acid, 152 
breakthrough concentration, 

354 
brines, oilfield, 311,45 I 
broken or unsatisfied bonds, 

346,347 
bromide, 300 
Bronsted-Guggenheim

Scatchard specific ion in-
teraction theory (SIT), 
133 134 

brucite, 163,196; stability of, 
196 

brucite layers, 313 
buffcr capacity, 180-1 R7, 

190-192,422; acctic acid, 
190; acid tailings waste 
liquor, 190-192; carbonic 
acid, 183-185: 186; clays, 
187; of dissolved carbonatc 
species, 180; for equilib
riulTI hetwecn illite and 
kaolinite, 186; immediate. 
IllS, 190; irreversible, 190; 
long-term for mineral sys
tems, 185-186; polyprotic 
acids, 183; reversible, 186, 
190; at salUration with re
spectto calcite, 186; of 
water, 181-182; weak 
mOlloprotic acids. 182-183 

Bunsen adsorption coeffi
cients. 17 

cadmium: adsorption by 
HFO, 393; adsorption by 
montmorillonite, 363,364, 
398; Cd2~-Ca21 ion ex
change, 398; Cd2• -Ca::>+ 
regular solid solution, 14; 
Cd2+-Cl complexing, ex
amvle calculation of, 93; 
Cd-i_el complexes, 120, 
364; frequency distribution 
in sandstone groundwater, 
307; as gaseous mewl, 289 

calcite, 3, 34, 193. 195; char
acteristics of, 226; closed
system dissolution, 213, 
214; dissolution kinetics, 
73-74; dissolution kinetics 
as function of Peo, and pI-I, 
61; K,p-temperature func
tion, 23; lahoratory weath
ering rates of, 259; occur
rence of, 193; open-system 
dissolution, 211- 214; pre
cipitation kinetics, 73-74; 
rate law for dissolution and 
precipitation, 60: satura
tion, basalt and weathering, 

341; saturation index of, 
209,216; saturation in 
river water, 311; saturation 
in water, 203; solubility as 
function of pressure, 31 ; 
solubility as function of 
CO2 pressure, 197-202, 
205,207; solubility as 
function of pH, 199-20 I, 
202; solubility as function 
of Ca2+ concentration, 208; 
solubility as function of 
CO2(aq) concentration, 
208; SOlubility as function 
of temperature, 205, 206, 
207; solubility in mixed 
waters, 205-208; solubility 
in pure water, 230; solubil
ity in seawater, 87, 137, 
207; solubility in sewage
contaminated groundwater, 
230; stability of, 193; su
persaturation of. 207 

calcite-carbonic acid, buffer 
capacity, 185-186 

calcite compensation depth, 
207 

calcite dust, effect on rain pH, 
289-

calcite-portlandite reaction, 
195 

calcite-rhodocrosite equilih
rium, ITICa21 /mMn 21 ratio, 
219 

calcite saturation index, Slab 
Cabin Run, 225; in carbon
ate ground waters, 216, 227 

calcitc-siderite equilibrium, 
mCa 2+/mFe2+ ratio, 219 

calcite SOlubility, effect of 
complexing, 83 

Ca2+, isoconcentrations in at
mospheric precipitation of 
United States, 287 

Ca2+-Na+ exchange, on 
clays, 397 

Ca2+ -NpO:!, adsorption com
~etition, 537 

Ca-+ -Ra2 ", adsorption com
petition, 537 

calcium-magnesium carbon
ates, 193-197,210 

CaSi concrete, adsorption by, 
541 

calcrete, 239; deposits in 
Australia, 497 

caliche, 238, 239; defined, 
204 

capillary lOne, 358 
14C, 68-70; dating of, 79; for

mation of, 69 
carbon dioxide, 153-161; 

acidity, 170; apparent par
tial pressure in soils, 158; 
atmospheric, 223', carbon 
isotopic composition, 223; 
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carbon dioxide (continued) carnotite, 506; solubility of, layer model, 385 waters from Cigar Lake, 
consumption with ground- with pH. 500; uranium spe- chromate reduction, 430 508; saturation in ground-
water flow, 158; content of ciation solubility of, 501 chromium, in groundwater, waters from crystalline 
streams and lakes, 156; cation exchange capacity, 430 rocks, 507; thermodynamic 
controls of content in sur- 346-353; of natural materi- Cigar Lake uranium deposit, stability, 502, 504, 
face and groundwaters, als, 351-353; of organic Canada, 337, 504, 506, 548-549,551 
157; dissolution of, maller, 352; and sediment 508,514,535 coions, defined, 372 
202-204; effect on acid particle size, 352-353; of cigarette smoking, 493 colloidal filtration, 520, 535 
rain pH, 288; effect of soils, 352; of stream sedi- clay backfill, at nuclear waste colloidal Pu(OHMam), 
snow cover, 158; effect on ments versus soils, 353; ze- repository, 520 groundwater transport of, 
total carbonate in oceans, olites, 349 clay formation, 293 529 
309; effect on weathering cation export, rates of, 259 clay mineral phase diagrams, colloidal suspension." stabil-
rate, 261; exsolution of, cations: adsorbed, 352; be- 324-342; assumptions of, ity of. 343, 438-441 
202-204; from fossil fuels, havior in water, 95-99; di- 324-325; effect of temper- colluvium, 236 
309; increase since 1850, valent complexes, 106, ature, 333-334 common ion effect, 205 
275-276; at Mauna Loa, 108; electronegativity. clay mineral saturation. cal- compaction density. 540 
Hawaii. 276; from organic 99-103; entropy of dehy- culation. 342 complex composite rate law, 
maller, 158; production dration of, III; hard-acid, clay minerals, See also indi- 60 
with groundwater flow, 103-105; hydrolysis in I'idu£ll milleral sources: complex formation, extent of, 
160-161; respiratory coef- water, 95-99; ionic poten- crystal chemistry of, 312; 90 
ficient, 158; respired, 223 tials, 86; monovalent com- equilibrium concepts, complexation: mass balance 

carbon dioxide-acidity titra- pIe xes, 106; radii of, 86, 322-337; occurrence of, equation, 90-95; thermo-
tion, 171, 172 98; soft-acid, 103-106, 319-322; structure, 315: dynamics of, 111-112 

carbon dioxide pressure, 160, 118, 119; transition ele- thermodynamic stability complexes. aqueous, 82-122; 
225; trends in surface and ment, 106-109 of,337-339 divalent metal-sulfate, 87: 
groundwater. 160 celestite, 31,32; solubility of, clay moisture content, 540 inner-sphere, 84-88, 

carbon isotopic analyses, 32 clays, 509; base-poor, 241; 99-103; metal calion-lig-
Slab Cabin Run, 224 cerargyrite, 28 base-rich, 241; buffer ca- and relations in, 88-90; 

carbon isotopic composition, 135Cs, as nuclear fission prod- pacity, 187; formation of. outer-sphere, 84-SS; pre-
223, 224; typical values, uct,515 232; importance of small dicting stability of, 
223 mCs, 536; as nuclear fission amounts, 187; kinetics of 109-111 

carbonate complexes, Kdissoc- product, 515, 519 transformation, 324; components, defined, 2 
temperature functions, 25 chalcedony, 244; solubility as metastability, 322-324; Comprehensive Soil Classili-

carbonate mineral saturation a function of temperature, mixed-layer, 316; particle cation System, 239, 241 
state. 225-227, 228 244 size of, 312, 347; sequence compressibility, 32; isother-

carbonate mineral supersatu- Chalk (limestone) aquifer, of forming, 320; solubility mal. 38 
ration: explanation for, U.K., 425, 426 in river water, 339; surface computer models. See Jpe-
219-223 characteristic solid phases in charge, 346, 347, 348 cific models 

carbonate minerals; dissolu- redox environments, 421 climate, related to soil group concentrations versus stream 
tion rates, 60-61, 73-74, charge-balance equation, 3, formation, 240 discharge, 30 I, 302, 
78; effects on solubility of, 274,310 closed carbonate system, 303-305 
202-207; K,p-temperature charge densities, 86 211-216 concrete, 163; effect in repos-
functions, 26, 206; and charge-potential relation- closed system, 51, 174, 492; itories on technetium solu-
molar Ca2+/Mg2+ ratio, ships, 376 defined,I-2:andlow bility, 544 
208-211; solubility prod- chelation, entropy of, III groundwater velocities, congruent reaction, defined, 4 
ucts of, 194, 218; stability chemical equilibrium, I, 270 constant capacitance model. 
of Ca carbonates, 193-195; 50-56 coagulation, rate of, 439 371,372,374,376-381, 
stability of Mg carbonates, chemical oxygen demand coal deposits, 457 400, 509, 545; adsorption 
194-196; surface charge, (COD),421 coal leachate, pyrite ox ida- parameters, 381, 382; ap-
349; wind-blown, 283 chemical potential, 4,7-9, tion in, 476 plicable conditions for, 

carbonate speciation, Slab 123 coal mine drainage, 305 381; hydrolysis constants 
Cabin Run, 225 chemical tracers, 292 coal mines, flooded, 464 of metal cations versus in-

carbonate species: concentra- chemical wastewaters. 299 coal; carbon isotopic compo- trinsic surface complex 
tions as function of pH, chemical weathering, 97, sition, 223; eastern U.S., constants, 389; input val-
156,212,213 231-265,292. See also 467; high-sulfur, 277; of ues, 381; in MINTEQA2, 

carbonate stone, damage due weathering, weathering marine versus fresh water 399 
to acid rain, 286, 311 rates or~in. 457 coordination numbers, 89 

carbonic acid, 28; buffer ca- Chernobyl. Ukraine, 512 90Co +,27 copper: adsorption by organic 
pacity, 183-185,186; con- chloride, mass-balance caleu- cobalt oxidation, 430 matter, 393; frequency dis-
centrations of, 293; disso- lation, 257 CODATA key values, 521, tribution in shale ground-
ciation, 154; relation to pH chlorinated hydrocarbons, 550 water, 307 
in natural water, 155-161; 356,358-360,430 coefficients of variation, of core cations, charge of, 98 
and rock weathering, 153; CC in rain over United groundwater, 273 corundum, laboratory weath-
true concentration of, 154 States, 276, 280 coffinite, 495, 497, 502, 512, ering rates of, 259 

carbonic acid species, chlorite group minerals, 314 514; partial oxidation of, coulombic function. 98-99 
153-161 chromate competition, triple- 505; saturation in ground- counterions, defined, 372 
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coupled adsorption-transport 380; example calculation 211; reaction with calcite" 529; for S-OrH20 system, 

codes, 393 with HFO, 377; hydrolysis 209-211; sol ubility of, 450; for solids in U-02-
coupled redox reactions, 430 constants of metal cations 208-211; solubility as CO2-H20 system, 506; for 

covalency, 101 versus intrinsic surface function of C02, 205, 207; TC-02-C02-H20 system, 
cristobalite, 75, 243, 244 complex constants, 389; in solubility as function of 522; in waters from coal 
critical coagulation concen- MINTEQA2, 377, 379, temperature, 205, 206, strip-mined areas of Penn-

tration, 440 399; intrinsic constants for 207; weathering of, 310 sylvania, 468 
cumulative formation con- adsorption, 378; surface dolomite saturation index: in electrical double-layer theory, 

stants,92 species, 380; of U(VI) ad- carbonate groundwaters, 371-391 
cumulative probability plots, sorption by HFO, 511 227; in Slab Cabin Run, electrical potential, 373 

304 diffusion coeffIcients, of ions, 226; versus saturation electroacti ve redox pairs, 
cupric chloride solution, spe- 65 index of calcite, 216 411-412,415 

ciation as function of pH, diffusion control: on ion ex- Donnan exchange, 366-368 electrochemical cell, and acid 
120 change rate, 353; on reac- drinking water standards, mine waters, 464, 466 

cupric hydroxide complexes, tion rates, 64 304,306 electrochemical pyrite oxida-
120 dilution curves, theoretical, tion, 461 

curie, defined, 48K 302,303 Earth, heat of core and man- electrode kinetics, 412 
current flow, 412, 415 disproportionation of Pu, 452 tie, 487 electrode polarization curves, 
cyanide, 476 dissimilatory sulfale reduc- Edinburgh, Scotland, water 415 
cysteine, 451 tion, 451 departments, 430 electrolytes, strong, 126-127 

dissolution rates, 64-65, 71, EDTA (ethylenediaminete- electron reference level 
damage function, theoretical, 73-78. See also weathering traacetate), 27, 90, 114 (ERL),422 

311 rates; aluminosilicate min- effective ionic strength, 135, electronegativity, 99-103 
Darcy's law, 270 era Is, 63, 75-78, 233, 234; 136-137 electroneutrality equation, 3 
Davies equation, 129, 132, carbonate minerals com- Eh: comparison of measured electronicity, 109 

133-134,142,143 pared to silicate minerals, and computed, 411, 413, electrostatic adsorption mod-
Dcbye-HUckel equation, 78; effect of complexing 414; computed from els, 369-393, 540-542; ap-

127-129,136,138-139, ligands on, 77; as function species concentrations in plied to adsorption by ben-
310; assumptions, of pH, 76-77, 78; of sili- redox couples. 412, 413, tonite and tuff, 541; . 
128-129; extended, 131, cate rocks, 63; of SiOb 63, 429.476; of fcrric/ferrous applied to adsorption by 
134, 142, 143; ion silc pa- 74-75 iron reaction, 442; mea- concrete and mortar, 541 ; 
rameters, 97, 130; limiting dissolved organic carbon sured, 425; values, in nal- applied to natural systems, 
law, 66, 129, 142,143; (DOC), in groundwater, ural waters, 410 391-393; limitations of, 
used to compute ion-activ- 421 Eh-pH buffering, of mine 542; measuring param-
ity coefficients as function distribution coeflicient, tailings waters, 470 cters, 371; model as-
of ionic strength, 131 353-365,366,380,394, Eh-pH data, deep acid mine sumptions, 373; for Pu(V) 

Debye-Hiickd ion-activity 396; for adsorption of ac- waters, 464, 465 adsorption, comparison 
coefficients, 129, 147; tinides, 520, 536; bounding Eh-pH diagram; for aqueous of, 542; for U(Vl) ad-
sample calculation of, 146 values, 394; calculation of, species in Fe-OrH20, 442; sorption, comparison of, 

decay. See also aerobic 397; effect of humic acid for aqueous species in 5- 509 
decay; anaerobic decay: on adsorption of radionu- Oz-H20 system, 453; for electrostatic bonding, 99 
radioactive, 68-70 elides, 539; in silll versus aqueous species in U-02- electrostatic function, 100 

deep-well injection, 29; into lab Kd's, 356; limitations COz-H20 system, 505, electrostatic model for ion 
saline groundwater, 299 of values, 541; lumped- 506; for aqueous spedes in pairs, 109 

dehydration of cations, en- process, 356, 357; for U-0z-H20 system, 504; elementary reactions, 361 
tropy of, III Np(V), 537, 538; of phos- equilibria and equations for Elliot Lake Uranium District, 

deposition of HNO
" 

conse- phate, 400; pH-dependence constructing Fe-Oz-COz- 471 
quences of, 311 of, 356, 537; in transport H20 diagram, 481-482; emission controls, 277 

deposition of 502, conse- codes, 539 for Fe-K-S-COz-H2O-02 endothermic reaction,S, 25 
quences of, 311 divalent aquocations, proper- system, 471; for Fe-02- energy: activation, 71. 73, 75; 

deprotonated mineral surface ties, 107 CO2-H20 system, ligand field stabilization, 
sites, 78 divalent cation complexes, 441-444,445,446; in Fe- 108 

diagenesis, 319 stability of, 105 0z-COz-S-H20 system, engineered barrier system, for 
diamond, free energy of, 34 divalent metal carbonate 455-457; for FC-02-S-H20 high-level nuclear waste, 
diatoms, 244, 245, 329 complexes, stability con- system, 456; for ground- 535 
dielectric constant: of sorbing stants, 110 waters in Palmottu ura- enrichment factor, 355 

minerals, 389; of water, 95, divalent metal cations, of first nium deposit, 507; involv- enthalpy, 4-5, 10; of activa-
97 transition series, 108 Ing iron solids, 443; for tion, 67; defined, 4; of re-

diffuse layer model, 371, 372, dolomite, 193; characteristics K-U-V-0z-C02-H20 sys- action, 4, 21, 27, 46-49 
374,376-381,400,477, of, 226; closed-system dis- tern, 508; for Mn-02-HZO- entropy, 4-7, 10; of act iva-
509,542; adsfJfptIOn by solution, 214; crystal struc- CO2 system, 477; for tion, 67; of dissolved 
HFO, 377, 378; adsprption ture of, 208; disordered, Np-02-F-S04-C02-H20 species, 6, 10; of mixing, 
of zinc onto HPO;379, 208, 228; dissolution of, system, 528; for Np-Oz- 12 
380, 399; data base in 208; open-system dissolu- H20 system, 527; for Pu- entropy changes, role in for-
MINTEQA2, 377, 379: tion, 214; ordered, 205, 02-C02-H20 system, 530; mation and stability of 
distribution coefficient, 228; precipitation kinetics, for Pu-Oz-H20 system, complexes, III 
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Environmental Protection gas law. 15 fined. 426: western Aus,- hydrogen bonding. 95 
Agency. 493. 494 gas reactant,. 30 tralia.429 hydrogen electrode, 150 

enzymes. 118 gaseous metals. sources of, gypsum: dissolution of, 205; hydrogen sulfide, 37.427, 
equilibrium: chemical. I. 289 dissolution kinetics, 71; 450, 451; first dissociation 

50-56.410; models, 50; Gay-Lussac-Ostwald step solubility in mine waters, constant, 446: second dis-
partial. 53; radioactive. rule. 324 472,474,476; solubility in sociation constant, 447 
491-492; redox. 410. 415; geochemical codes. 338-339 pure water. 136 hydrol0gic cycle. 266. 269 
secular. 488. 492. 494, 544 geochemical computer mod- hydromagnesite. 196, 211 

equilibrium constant, 4. 7; ef- els. See specific models half-life. 488; of reaction. 51. hydrostatic pressure. 30 
fect of temperature on, 75: geochemical mobility. 492 Sl'e also half-time hydroxyl complexing. 112 
pressure dependence of, geological repositories for half-reaction, general, 403 
19-20. 28-32; of reactions, disposal of nuclear waste. half-time. of reaction. 51, 53, ideal solid solution, 12.35 
46-49; related to reaction 486,49R.518,531 54,55 illite. 316-322. 324,330, 
rate constants. 57; temper- Gibbs phase rule, 2 halite-saturated brine, 18, 148 337,352; equilibrium with 
ature dependence of, gibbsite. 252, 32 L 329. 337. halloysite, 252. 321; satura- kaolinite. 186; reaction 
19-28,31-32; temperature 473; layers, 313; saturation tion of, 254; solubility with kaolinite, 187; surface 
functions for, 38-45 of, 254; solubility as a product of, 253 charge as a function of par-

essential trace elements, 118 function of pH. 250, 252 hard sphere cations. 103 tic1e size, 348 
evaporative basins and lakes, glass electrode, 150. 151 hausmanite,477 illite/smectite clays, 318. 319, 

204 glassy carbon indicator elec- Healing Spring calcite- 331-332 
evapotranspiration, 290, 296. trode, 408 siderite equilibrium, exam- immediate acidity, 165 

310 goethite, 254, 436,437.444, pIe calculation, 219 immediate alkalinity, 165 
EXAFS spectroscopy. 509 446,476,510; adsorption health risk, of high-level nu- incongruency. of silicate min-
exchange equilibrium expres- by, 385, 400, 541. 542, clear wastes in geologic eral dissolution, 76 

sion, general, 366 545; solubility of, 438; sol- repository, 517-519 incongruent reaction. defined. 
exchangeable ions in clays, ubility as a function of pH, heat capacity, 6, 10; of reac- 4 

316 255 tion, 20-21 indifferent electrolyte. de-
exothermic reaction, 5, 25 goethite-hematite reaction, heavy metal concentrations. fined, 351 
exsolution of CO2• 202-204 436 versus stream discharge, industrialization, and acid 

goethite solid solutions, 254 305 rain, 283 
fayalite, 419 gold, mining of. 476 heavy metals, 300, 304 inert tracers, 256 
feldspars gold-cyanide leaching, 476 hematite, 254, 436,437; total infiltration rate, 231 
ferricrete, 239 Goldich weatherability se- surface area, 344 ingrowth, defined, 49:! 
ferrihydrite (HFO), 254, 436, quence, 233-234 hematite AI-solid solutions, inner-sphere complexes. 84, 

471,475 ; charged surface Gouy-Chapman theory. 377. 254 87-88, 119; examples of, 
species as function of pH, 386 hematite suspensions, 88; stabilities of, 99- 103, 
349; solubility of, 121 granite. S02; well waters 439-440; stability ratio 107 

ferroselite, 419 from, 553-554 of, 440, 441: stability ratio inorganic ligands, 115; for-
ferrosic hydroxide, 443-444 granite weathering products, as function of added mati on of metal cation 
filters, pore sizes of. 344 example calculation, 235 electrolyte concentration, complexes. 104-109; 
filtration, by soils, 239-240 granitic gneiss weathering, 441 geometry of, 89-90 
fission products, 515 Baltimore County, Mary- Henry's law, IO-I I. 16-17, instability constant, 92 
flooded coal mines. 358,464 land. 342 35,154 interflow, 300-30 I 
flooded soils, 424 graphite. free energy of, 34 heterogeneous reaction, 3, 53 intrinsic adsorption constants. 
Floridan aquifer, 160. 16 I. greenalite, 419 high pH waters, 152 373-376.378,382,384. 

206 greigite, 454 high-sulfur coal, 277 387-391,511-512 
flow rate, of groundwater. 64, groundwater, 269: acidifica- homogeneous reaction, 53; iodine; behavior in 1291. 520; 

71 tion of, 256: average veloc- defined,3 lOIn- redox reaction. 426. 
forested soil, profile of, 238 ity, 270; chemical proper- humic acid, 90,161,359, 520; 1291, solubility, 536; 
formic acid, 152, 300 ties of, 273-274, 293-296; 440, 441 ; adsorption of 1291, as fission product, 519 
fractionation, isotopic. 462, concentrations of con- complexes, 538; effect on ion-activity coefficients, 

463,464 stituents, 293, 294; con- distribution coefficient. 124-143,225; comparison 
free-energy minimization, 9 fined, 426: contaminated 539 of models, 140; computa-
freshwater sponges. 245 by organic-rich waste, 428: humic acid ligands, 523-524 tion of, 135; effect of ionic 
Freundlich adsorption major and trace elements humic substances, 161. 352 strength on, 129, 131, 134; 

isotherm model, 354-360, in, 295; mixed with humin, 161 effect of temperature on, 
362,364,397 sewage. 207; mixing with huntite, 196. 211 129: for Fe2+. 148; in a 

frost wedging, defined, 236 seawater, 206; order of hydraulic conductivity, com- halite-saturated brine, 148: 
fulvic acid. 90, 161-162.359. abundance of major pared to porosity of com- mean, 124-127; measure-

440,441 species in. 294; physical mon rocks, 270. 271 ment of, 124; obtaining in-
fulvic acid ligands, 523-524 properties of. 273-274; hydrocarbons, chlorinated. dividual from mean values, 
Fuoss model, 109 rate of flow, 64. 71,493; 358 126; in Pitzer model, 138; 

residence time, 270; hydrocerrusite, 364, 429; sol- of uranyl ion, 147 

" y-decay, 487 sewage-contaminated,425; ubi lity of, 430 ion-activity coefficient 
gas, 10, 15-17; perfect, 15; shallow, 293; TDS of con- H, dissolved, 414, 467 (mean); for KCI, 147; for 

solubility of, 16-17, 25 stituents in. 294; lIncon- H; gas-W ion couple. 407 U02CI!,147 
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ion exchange, See also cation 
exchange capacity: by clay 
minerals, 293, 397; ellect 
of dilution on, 397; equi
librium constants for, 368; 
general equilibrium ex
pression, 366; limitations 
of models, 369; models, 
365-369; rate, 353; reac
tions, 365-366 

ion interaction parameters, 
134 

ion pairs, 84-87, 127 
ion size parameter, 128; for 

uranyl ion, 147 
ionic potential, 88, 95-99 
ionic radii, 88 
ionic species. "salting in" be

havior of, 145 
ionic strength, 71,129; de

fined, 123; effect on ion
activity coefficient, 129, 
131; effect on second-order 
rate constant, 66, 67; effec
tive, 135, 136-137; exam
ple calculations of, 
123-124,136-138; high, 
138-142; intermediate, 
129-135; related to applic
ability of activity coeffi
cient models, 143; sample 
calculation of, 146; stoi
chiometric or total, 
135-137 

ionicity, IO I 
ions, 10; activity coefficients 

of, 124-143; diffusion co
efficients of, 65; molar vol
ume of, 3D, 31 

iron, 293; aggregation, as a 
function of salinity, 439; 
geochemistry of, 431-444; 
metallic, 430; role of fulvic 
acid in transport of, 162; in 
seawater, 440-441; sources 
in hydrosphere, 431; ther
modynamic data, 479-480 

iron metal barrier, 430 
iron-sulfur redox chemistry, 

453-474 
Fe(ll): abiotic oxidation rate, 

71-73,458,461; adsorp
tion, 352; complexes sta
bility, 432-435; Fe2+ con
centration as function of 
Eh, 443; oxidation rate 
with bacteria, 80, 461-463, 
476; oxidation reactions, 
458,481-482; sulfides, 
metastable, 453-454, 455; 
sulfides, occurrence of, 

~, 453-455; sulfate minerals, 
\ 468-473 
Fe(III): complexes, stability 

of, 254, 432-435; Fe)+, 
concentrations as function 

of Eh, 443; FeCI+' Kassoc
temperature function, 37; 
Huoride complexing, 435; 
hydroxy-salts, 437; 
polynuclear-OH com
plexes, 434 

Fe(ll!) oxyhydroxides. See 
also ferrihydrite (HFO): 
adsorption by, see under 
adsorption; colloidal stabil
ity, 431, 438-441, 464; oc
currence. 435-438; path
ways of formation. 436', 
particle size and solubility, 
437; solubility. 254. 255, 
435-438.475; thermody
namic stability, 437. 
479-480 

FeS: amorphous, 454. 457; in 
Baltic Sea. 455; in situ sol
ubility of. 455 

FeS2 oxidation. See also 
pyrite; marcasite: acid pro
duction, 457-458; in coal 
leachate, 476; electrochem
ical. 461; Hrformation, 
464-467; oxygen isotope 
fractionation. 462-464, 
467 

FeS2 oxidation rate: as func
tion of Eh and pH. 460; as 
function of FeS2 particle 
size, 457; half-time for ox
idati ve destruction of, 460; 
oxygen diffusion, 476; 
moisture content, 476; oxi
dation by Fe3+, 73, 
458-461, 459; oxidation 
by °2, 458-461, 459; oxi
dation by O2 and Fe3+, 
458-461, 459 

FeSO; complex. formation 
rate of. 68 

irreversible reaction. defined. 
3 

Irving-Williams order, 
107-108,390 

isocoulombic approach. 21. 
22.32 

isoelectric point (lEP), 350 
isomorphous substitution in 

clays, 346 
isothermal compressibility, 

38 
isotope fractionation. 223, 

462 

1-13 well. Yucca Mountain, 
533, 534; composition of 
water from, 499; speciation 
of uranium in groundwater, 
500 

jarosite, 167,470.471; Na 
and H, 472; trace metal. 
468 

jurbanite, 472, 473 

K-capturc, 487 
kaolinite. 35, 321, 323. 329, 

330,331.337,346,352, 
467; effect of sulfate on 
solubility of. 265; equilib
rium with illite, 186; lead 
adsorption by, 363, 364; 
range of stability, 327; re
action with illite, 187; sol
ubility of. 248-255; struc
ture of. 314; surface charge 
as function of particle size, 
348 

kaolinite group, 313-315 
kaolinite-Fe3+ solid solutions. 

255 
Kdissoc-temperature func

tions. aqueous species. 24, 
25 

Keg-temperature functions, 
23-26,39-45 

kinetics, chemical, 50-81 
Ksp-temperature functions. 

23-26 
Ksp values for carbonate min

erals. 194,218 

Lacnor tailings, Canada. 471 
lactic acid, 451 
lakes: alkaline. 162; evapora

tive, 204 
landfill leachate. 422, 425. 

428,444,447 
Langmuir adsorption 

isotherm, 360, 362. 397; 
competitive, 361-363 

lansfordite, 196 
laterites, 239 
latosols, 239 
lattice im perfections or de

fects.346 
Le Chatelier's principle, 5, 29 
lead: adsorption of. 398; ad

sorption by HFO, 393. 
402; adsorption by kaolin
ite. 363, 364; in drinking 
water, 429, 430; as gaseous 
metal. 289; plumbing, 429; 
speciation in seawater, 120 

lead-calcium exchange, 398 
lead phosphate. 122 
lepidocrocite, 436, 437 
Leviathan mine, California-

Nevada. 469 
Lewis acids and bases, 99. 

103 
LFSE,I09 
lifetimes of aluminosilicate 

minerals. 233 
ligand field stabilization en

ergy, 108 
ligand number. average. 90, 

91 
ligands: bonding nature in 

complexes. 91; defined, 82; 
displacing OH. 112; inor-

ganic.89-90, 104-109; 
monodentate, 90; multi
dentate. 90 

lignite deposits, 457 
Lincolnshire Limestone 

aquifer. U.K .• 425. 427 
linear free energy plots. 

389-391 
liquid-junction potential, 

150-151 
lithostatic pressure, 30 
local equilibrium assumption, 

50 
loess, 236 
log([Ca2+]/[W)2) versus log 

[H4Si04') diagram, 341 
10g([K+)/[Wj) versus log 

[H4Si04') diagram. 325, 
326,327,328,332,333, 
334.335,337,341,342; 
chemical reaction paths, 
334. 335, 336; equilibrium 
constants, 325, 326, 327; 
illite stability estimate, 342 

log([Mn+j\[w]n) versus 
log[H4Si04'] diagram, 337. 
338 

10g([Na+)/[W)) versus. 
log[H4Si04'] diagram, 330, 
340 

Macinnes convention. 126, 
133. 147 

mackinawite. 454, 455 
macronutrients. plant, 

117-118 
macropore soil waters. 253 
maghemite, 436, 437 
magnesian calcite, 35. 36, 

193 
magnesite, 193-196 
magnetite, 446 
manganese: Eh-pH diagram 

for Mn-02-C02-H20 sys
tem. 477-478; Mn2+ ad
sorption. 352; Mn2+ oxida
tion, 462; Mn2+ reduction, 
430; Mn oxide-trace metal 
relationship, 430; Mn oxy
hydroxides, 509; in natural 
waters, 293-296; separa
tion from Fe2+. 478 

manganite,477 
manganoan calcite, 35 
marcasite, 73. 453. 454. 457 
mass transport control on re-

action rates. 64 
maximum-coordination num

bers.89 
mean ion-activity coeffi-

cients. 124-127 
mean salt approach, 134 
melanterite, 476 
mercury: as gaseous metal. 

289; aquocomplexes. 104. 
105; toxicity, 118 
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metal cation adsorption affin- of volume ratios, 298-301; hazard at Yucca Mountain open system, 52-53, 492; de-
ity, 390 carbonate waters, 205-208; repository, 535; thermodY- fined, 1-2; and high 

metal cation complexes, in coastal regions, 206; ex- namic data, 556 groundwater velocities, 
104-109,112-114 ample calculation, 311; in- Nernst factor, 150, 405 270 

metal cation-hydroxy com- jectate and groundwater, Nernst's law, 12 organic acids, contribution to 
plexes, 100, 122 30 I; with seawater, 225 nesquehonite, 196, 211 weathering rate, 261 

metal loads, versus stream- modeling limitations, 397 NETPATH, 257 organic carbon, dissolved, 
flow, 474 models. See specific models neutralization: of acid tailings 359 

metal oxyhydroxides, solubil- molal concentrations, 17 solutions, 187, 188; of acid organic contamination, 444 
ity as their neutral OH molar compressibility, 29 uranium mill tailings, 40 I; organic ligands, 115 
complexes, 265 molar concentrations, 17 by carbonates, 187; by organic matter, 352, 392, 420, 

metals: anomalously high molar volume, 29-31 clays, 187 509; oxidation rate of, 
concentrations in ground- mole fractions, 17, 18 neutron capture, by 238U, 488 70-71,80; reactive, in 
water, 296, 304; gaseous, molecular species, 17; "salt- NH 3 neutralization, and acid groundwaters, 424-425; 
289; role offul vic acid in ing out" behavior of, 145 rain, 286 recalcitrant, 70; in soils, 
transport of, 162 mollisols, 240 NHt adsorption, 352 451 

methanogenesis, 420, 421, molybdenum, 512 nickel, 393, 419 organic-rich wastes, 425; in 
422,424 monodentate ligands, 90 nitrate, 418, 425 groundwater, 299-301, 428 

methionine, 451 monomethylmercury ion N02, oxidation of, 278 organic solutes, aqueous solu-
mica minerals. 315-318 (CH3Hg+), \05 NO), as fertilizer, 277; in at- bility. 358; bioconcentra-
micropore soil waters. 253 mononuclear complexes, mospheric precipitation in tion factor, 360; octanol-
micropores. defined. 344 stepwise formation con- United States, 276, 282; in water partition coefficient, 
mine tailings waters, Eh-pH stants of. 92 Europe, 277 359 

buffering of, 470 monovalent metal cation N2, dissolved. 293 organic sulfur, 457 
mineral exploration and back- complexes. stability of, nonhumic substances, 161 Ostwald step rule, 252, 324 

ground concentrations, 304 106 nontronite, 348 otavite, 14, 393 
mineral mixtures and adsorp- montmorillonite, 316, 318, Nopal I uranium deposit, outer-sphere complexes. 

tion, 392 330, 331. 398; cadmium Mexico,545 84-88. See also ion pairs 
mineral precipitation. See in- adsorption by. 363, 364; Nordic Main tailings, overall formation constants. 

dividua1 minerals structure of, 317 Canada, 471 92 
mineral precipitation rate: multiple sorbents, 391, 392 Nordic West Arm tailings, overland flow, 300-301 

calcite. 73-74; feldspars, mUltiple sorption sites, 392 Canada, 471 oxalate, divalent metal com-
75-78; mass transport con- muscovite. 317, 318, 324 NO. emissions in United plexes, stability constants, 
trol. 64; silicates, 75-78; States, 283 110 
Si02,81 nahcolite, 162, 163 Nuclear Energy Agency, 496, oxic environment, 70. 421, 

mineral solubility, effect of natron, 162-I 63 521 422 
complexing, 82 natural background levels, nuclear fission, 515, 544 oxidation, of reduced sulfur 

minerals: acid-base proper- 304 nuclear fuel: composition of, species to sulfate. 452 
ties, 167-168; molar com- natural environments, posi- 515-517; heat output com- oxidation states: of actinide 
pressibilities of, 30; molar tion in terms of Eh and pH, pared to that of coal, 515; cations and their adsorp-
volumes of, 30; supersatu- 411 spent, 495, 515; 235U en- tion behavior, 536; of ac-
ration, explained, 219-223; neptunium, 527-528; adsorp- richment in. 515 tinides in natural systems, 
surface sites of, 78; tem- tion by sediments, apparent nuclear fuel cycle, 486 522; of elements in natural 
perature functions for equi- Kd versus Eh, 538; carbon- nuclear instability, 487 systems, 403, 404; of nep-
Iibrium constants, 38-45; ate complexes. 527, 528; nuclear wastes. 114. 488; dis- tunium, 527-528; overall 
wetted surface of. 260 complexes. 545; concentra- posal, 419, 496; geological of a system, 4 14; of pluto-

MINTEQA2, 18.22.120, tion in J -13 groundwater, disposal of. 498; high- nium, 527-531 
121,136.174,190-192. 534; fluoride complexes, level, 515-518; radioactiv- oxidative capacity. 415. 
346,362.364-365,371, 527,528; hydroxide com- ity as a function of time, 421-423.429 
374-375,381,382.393. plexes, 527, 528; from 515; reprocessing of, 515; oxidative strength, 423 
397,431.474,475.532, leaching of spent fuel, 533; toxicity hazard, 518-520 oxides, surface charge, 349, 
535; capabilities of, 376, maximum concentration in nuclear-weapons testing, 488 389 
392; comparison of para- granite groundwaters, 545; nucleation. 221 oxidizing agent. 405 
meters required by. 389; NaNpQ?C03·3H2Osolu- oxisols, 240 
constant capacitance model bility; 2 3Np. as actinide. ocean, reactions in deep, 29 oxyanion complexes, stability 
in, 399; diffuse-layer model 519; 237Np. leached from ocean water bicarbonate, car- related to electronegativity 
in, 399; diffuse-layer spent nuclear fuel, 544; bon isotopic composition, of cation, 102 
model data base in. 377. Np(OHMam) colloid, 537; 223 oxygen: depletion by reduc-
379; radionuclide thermo- Np(OHMam) solubility, octanol-water partition coeffi- tant species, 420; diffusion 
dynamic data base in. 496; 527.534.545; Np02(C) cient, 358, 359 coefficient. 421; dissolved. 
sweep option of, 112, 120, solubility, 527, 545; NP(V) oil-field brines, 311,451 17,293,409,414,421; as 
121. 379,400. 545; triple- adsorption by y-AI20 3, Oklo natural reactor, Gabon, oxidant, 458; replenish-
layer model in, 400 536; Np(V) adsorption by Africa, 544 ment rate, 420, 421; solu-

mixed potential, 409. 412. minerals. 540, NpO! solu- opaline silica, 244 bility in water, 27, 420 
415,476 bility. 533; oxidation open carbonate system, oxygen-hydrogen peroxide 

mixing of waters: calculation states, 522, 527; possible 211-216 reaction, 410, 412 
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oxygen isotopic fractionation, phosphate, 440; adsorption portlandite, 34, 163, 195 suring, 494-495; units of, 
in mine tailings, 462-464 of, 399, 538; concentra- postoxic environment, 421, 487-488 

tions, 475; surface charge, 422 radioelements, 532, 534; con-
Palmottu uranium deposit, 349 potable water, frequency dis- centrations in groundwater, 

Finland, 504, 506, 507 phosphorus, in stream sedi- tribution of constituents in, 534 
parent-daughter relationship, ment, 300 295 radiolaria, 244 

radioactive pair, 492 photosynthesis, 157, 163, potassium-specific ion clec- radionuclides, 486; adsorp-
parent radionuclides, 493 204; aquatic vegetation, trode, 353 tion of, 539, 540; adsorp-
partial equilibrium, 53 204; removal of CO2 by, power exchange function, tion controls on releases, 
partial pressure, of gases in 207 366-368,369 536-543; controls on trans-

air, 15-16 phreatic water. See ground- prairie soil, profile of, 237 port in groundwater, 519; 
particle size: of clays and sur- water precipitation. See add rain; conversion between mass-

face charge, 347-348; ef- PHREEQC, 174,298,477 rain; rainfall based and radioactivity-
fect on solubility, 221, 437; PHREEQE, 133, 136, 174 precipitation dominance, 296, based concentrations, 
and filter pore size, 344; of PHRQPITZ, 136, 174 298 494-495; coprecipitation 
natural sorbent materials, phyllosilicates, 312-342 pressure, 16; elTect of of trace, 531; disparities in 
343-344; and surface area, phytotoxicity, 118 changes on equilibrium thermodynamic data, 531; 
344 picocurie, defined, 488 constant, 19-20,28-32; geochemistry of, 519-542; 

pE,405 pit lakes, 476-477 hydrostatic, 30; litho static, in geological repository, 
Pearson's classification of pit wall runoff, 477 30; partial (gas), 15 519-542; half-lives of, 

cations and ligands, pitchblende, 495, 512, 514; pressure gradients, 30 540; methods of analysis, 
103-109 partial oxidation of, 505 prevalent chemical character, 494; predicting maximum 

pedalfers, 239 Pitzer model, 138-142,143, 294 concentrations, 531; pre-
pedocals, 239 148 pristine point of zero charge diction of adsorption, 539; 
Pena Blanca deposit, Mexico, plant macronutrients, (PPZC),350 retardation in backfill, 540; 

513 117·-118 PROFILE computed weather- solubility controls on re-
perched aquifer, 268 plant respiration, carbon iso- ing rates, 257-25H, 260, leases in repository 
pesticides, 354, 356, topic composition, 223 262-264 groundwater, 531, 532 

358-360,396 platinum electrode, 408 protodolomite, 208, 228 radionuclides in spent nuclear 
pH: of acetic acid solution, plutonium, 527-531; car- proton condition, 164, 174, fuel: importance as func-

190; buffers, ISO, 151, bonate complexes, 527, 181 tion of time in a repository, 
180; compared to Eh and 529; colloids, 529, 531, pyrite, 417, 453-467. See 519; radioactivity as func-
pE, 406; controls in surface 535; Eh-pH diagrams, 527, also FeS2; coal storage tion of fuel age, 517; 
and ground waters, 157; 529; Eh-pH triple points, piles, 467; equilibrium of water-dilution volumes as 
defined, 149; electrode, 527,529; hydroxide com- groundwater with, 464; function of decay time, 
150, 151; of evaporating plexes, 520, 527; maxi- mechanisms of oxidation, 518,519 
lake, 163-164; of ground- mum concentrations in 462; in mine tailings and radium, 3, 532, 536; adsorp-
waters from carbonate granite groundwater, 545; refuse piles, 467; occur- tion by HFO, 402; adsorp-
rocks, 215; inverse rela- natural, 488; oxidation rence of, 453 tion by kaolinite, 386 
tionship to PeQ " 158; states, 520, 522, 527; pyrolusite, 417,430,477 radium migration in ground-
major controls In natural 239pu, production of, SIS, pyrophyllite, 316 water, example calculation, 
waters, 163; measurement 516; Pu(lV) polymer, 529; pyruvic acid, 451 394 
of, 149-151; of Na2C03 Pu(IV), adsorption of, 537; PZNPC: estimated, 351; pH radius ratios, 89 
solution, 190; of natural Pu(lV), crystallization of of,349,351,374,375, radon: emanation, 492-494; 
waters, 162-164; of ox ida- colloids, 531; Pu(V), ad- 379,399,438 in groundwater, 80, 493; 
tion reactions, 71, 72; plot- sorption of, 542; species and human health, 
ted versus added volume of disproportionation, 529; quartz, 36; a;-f3 transition, 493-494; in indoor air, 80, 
acid titrant, 179; plolted solubility limiting solids in 243-244; dissolution of, 494; 222Rn decay, 80, 
versus butfer capacity of groundwater, 532, 534; 242; as inert tracer, 256, 490-49 I; release from 
carbonic acid, 184; plotted thermodynamic data for, 265; precipitation/dissocia- granite countertop, 546; in 
versus HC03", 215; of pre- 557 tion kinetics, 63,}4, 242; soil gas, 494; solubility 
cipitation in Canada, 284; podzols, 239 solubility of, 36, 241-245, with temperature, 80 
of precipitation in United point of zero charge (PZC), 246 raffinate, defined, 190 
States, 284, 285; relation to 350 rain. See also acid rain: pH 
dissolution rate of silicate point of zero net proton radioactive 35S, 452 due to CO2, 274-275; 
minerals, 77; significance charge. See PZNPC radioactive decay, 3, 68-70 sources of individual ions 
of, 149-151; of sodium polynuclear complexes, 93 radioactive decal series, in, 276, 277; trace cle-
cyanide solution, 190; of polyprotic acids: buffer ca- 489-491; for 32Th,49), ments in, 289-290 
surface and ground waters, pacity, 183 544; for mU, 491,544; for rainfall: chemistry of, 329; 
294; values of soil, 237; polysulfide acids, stepwise 238U, 490, 49) effect on soil pH, 322; pH 
versus frequency of occur- dissociation constants for, radioactive equilibrium, of, 278, 284, 285; related 
renee, )63 448 491-492 to depth to top of carbonate 

phase, defined, 2 polysulfides, 447, 449, 452, radioactive isotopes, 4g7; in mineral accumulation, 238 
phase rule, 3 454 high-level nuclear waste as Raoult's law, 10-12,35 
phenol, 299, 300 polythionates, 452, 454 a function of time,S] 5 rate constant: effect of ionic 
phlogopite, 318 pore sizes, of filters, 344 radioactivity, 487-495; mea- strength on, 66, 67; 
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rate constant (continued) reduced sulfur species, oxida- other carbonates, 220; of rates of, 63 
temperature dependence tion of, 451-453 carbonate minerals, 2 f7; of siliceous sponges, 244 
of, 60--64 reducing agent, 405 dolomite, 227, 228; as silicic acid: activity coeffi-

rate laws, 57-60 reductant species, 420, 421 function of pH, 472; of cient of, 242; dissociation 
rational activity coefficient, reduction: of goethite to FeS, well water in dolomite, 229 constants of, 244 

12,367 455; of HFO to FeS, 455; schoepite, 497,506,513; 501- simple ion exchange, 
reaction; affinity, 8; congru- of U(Vl), 509 ubility of, 499, 503 367-368 

ent, 4, 232; elementary, 50, reduction capacity, 415 Schwartzenbach's classifica- SIT model, 133-134, 138, 
56,57,73,361; endother- reduction reaction, general, tion of cations, 103-109 140, 142-143; parameters, 
mic, 5, 25; exothermic, 5, 403 sea salts, 275, 290, 296 134 
25; extent of, 9; half-life reduction titration curve, seawater, 18, 87; chemical size ranges: of filter types, 
of, 51, see also half-time; computed, 422 analysis of, 227, 228, 21)9; 343, 344; natural particu-
half-time of, 51, 53, 54, 55; reductive capacity (ROC), compared to river water, late materials, 344 
heterogeneous, 3, 53; ho- 421-423 296-297; free ions in, 137; Slab Cabin Run, 158, 159, 
mogeneous, 3, 53; incon- reference electrode, 150, 151 ion pairs in, 137; mixing 160,223-225,226 
gruent, 4, 232; irreversible, regular solid solutions, 12-15 with groundwater, 206; smectite clays, 314, 316, 
3; overall, 56, 73; progress, repositories, geology of pro- residence times of species, 318-322,324,346,352 
9; quotient, 8 posed,517 299; state of saturation smectite to illite reaction, 

reaction rate: comparison of reprocessed nuclear waste, with respect to calcite and 320,321 
laboratory and field, 56; ef- toxicity hazard as function dolomite, 137, 227 Na+, in atmospheric precipi-
fect of biological activity of time, 518 seawater sulfate, 457 tation over United States, 
on, 78; effect of tempera- reservoir residence time, secular equilibrium, 488, 492, 276,279 
ture on, 60--64; first-order, 266-267; and pollution, 494,544 Na2C03 solution, pH of, 190 
57,60; laws of, 57-60, see 267 selectivity coefficient (ad- sodium cyanide solution, pH 
also rate laws; between residence time, 266-267, sorption), 366 of, 190 
minerals and groundwater, 292; and reaction rates, selenium, 418, 512; as soil: acidification of, 253, 
56; pseudo first-order, 60, 51-56 gaseous metal, 289 256; alkalinity of, 240; 
79;second-orde~57,60; residual soil, 236 serpentine mineral groups, cation exchange capacities 
third order, 57; zeroth- respiration, 157,204 structure of, 314 of, 352; classification, 
order, 59 respiratory coefficient, 158 Setchenow equation, 144. 236-240; groups, 239,240; 

reaction-thermodynamic retardation factor, 394 242 horizons, 236, 237, 241, 
properties, summation of, rhodocrosite, 35, 217, 477 sewage-contaminated 352; humic substances, 
18-19 river water: chemical analysis groundwater, 225, 230; 161; immature (young) and 

reactive surface area, mea- of, 299, 310; compared to Otis Air Force Base. Mass- mature, 236; moisture 
sure of, 393 seawater, 296-297, 299; achusetts, 425 chemistry, 290-293, 392; 

redox barrier. See redox inter- residence times of species, sewage sludge, breakdown moisture saturation, 260; 
face 299 of, 80 orders, 241; with organic 

redox boundary. See redox in- rock matrix, diffusion into, siderite, 217, 368, 431, 436, matter, 241; organic matter 
terface 353 443,446,456,471 carbon isotopic composi-

redox capacity. 414,415,422 rock-dominated chemistry, . silcrete, 239 tion, 223; organiclbiologi-
redox disequilibrium 429 162,271,296,298,329, silica gel, charged surface cal activity, 231; pH val-
redox element, major, 403 336,337 species as function of pH, ues, 237; processes, 
redox eqUilibrium, 410, 415 rock paste, titration with acid 349 236-241; profile of, 237, 
redox front, 424. See also tailings solution, 188 silica polymorphs, 241-245; 238; residual. 236; size 

redox interface rocks: acid-base properties, dissolutiOn/precipitation ranges of, 261; sorptive ca-
redox interface, 424-425, 167-168; porosity of, 493; rates, 63, 74-75; Ksp-tem- pacity of, 240; surface 

426,427,452,512 uranium content versus sil- perature functions, 26, area, 260; waterlogged, 
redox ladders, 416-420, 422 ica content, 489; water- 242-244; Si02(am), 352; zonal, 239 
redox pairs, 429 bearing properties, 271 241-245; Si02(am)-quartz solar radiation analyses, Slab 
redox potential, measured roll-front uranium deposit, transition, 243; solubility Cabin Run, 224 

versus theoretical, 409-415 512,513 of,241-245 solid solution, 12-15,35, 
redox reaction sequences, rutile, as inert tracer, 256 silica in water: aqueous 254; ideal, 12,35; mixing 

416-420 species, 244-245; ground- terms, 12-13; regular, 
redox reactions: balancing of, salicylate, 435 water concentrations of, 12-15 

406; coupled, 430; general, salt bridge, 150 247,248; in hot spring wa- SOLMINEQ.88, 23, 133, 
403-406; irreversible, 409, salting in effect. 145 ters, 80; in natural waters, 136,174.179,225,342, 
411,445; overall, 405, 406 salting out coefficient, 144 245-248; in seawater, 242; 477 

redox reservoirs, 420 salting out effect, 144, 145 in soil moisture, 245, 247; solubility. See illdividual ele-
redox-sensitive elements, salts, 162, 167 in streams, 245 mellts and minerals 

425,512 saponite, surface charge as a silicate minerals: dissolution solum, defined, 236 
redox state, general controls function of particle size, rates, 75-78, 233-256, solute concentrations, versus 

in natural waters, 420-421 348 259-263; precipitation streamflow, 474 
redox titration curve, of saturation index, 8; of calcite, rates, 75-78; relationship solutes, 17 

groundwater system, 423 209,227,228; of calcite between pH and dissolll- solution complexation, versus 
redox zones, sequence of, versus dolomite, 216; of tion rate, 77-78 intrinsic surface constants, 

428 calcite versus index of silicate rocks, dissolution 387-390 
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solvent water, I g 
sorbent materials. propertics 

of. 343-353: 
sorption: edge, delincd. 370: 

isotherms, 353-365: of or
ganic substances, 356: 
sites, computation of towl, 
365 

specific activity, 494, 495 
specific ion interaction (SIT) 

model, 134, 140, 142, 143 
specific wetted surface, 75, 

365 
speciflcally adsorbed species, 

374.376 
spodosols, 240 
sponges, 244. 245 
spontaneous nucleation, 221 
stabilities of complexes. 

109-111 
stability constants. See cumu

lative formation constants: 
il1dividual e/emel1ts 

stability field or water, as 
function of Eh and pH, 
408,409 

stability ratio: of colloidal 
suspensions, 439: of 
hematite suspensions, 440, 
441 

standard hydrogen electrode, 
407-408 

standard potential: of redox 
couples, 419: related to re
action free energy, 405 

standard states, 10 
stationary-state of open sys

tem, 52 
steady-state conditions, 

52-53,259; in radioactive 
decay, 491-492 

stepwise formation constants, 
of mononuclear com
plexes,92 

stream chemistry, predicted 
with PROFILE, 258 

stream discharge versus 
stream chemistry, 
300-305: dissolved silica, 
302; heavy metals, 305: 
phosphorus, 302; specific 
conductance, 303 

streams: acidification or, 256: 
brine-contaminated. 311; 
chemistry of effluent, 293 

strengite,475 
strip mining, 304 
strong electrolytes, 126- 127 
90Sr, 536: as fission product, 

515,519 
suboxic environment, 421, 

422 
subsurface water, controls on 

composition of, 270 
suction Iysimeters, 292, 310, 

444 

sulfate, 34, 293 
sulfate minerals, solubility 

produCh of, 26, 49. 470 
sulfate reduction, 70,418, 

425,451 
sulfide electrode, 451 
sulfide sulfur. 457, 457 
sulfidic environment, 421. 

422 
sulfite, 452 
sulfite complexes, 446 
SO:!' 276, 278: dry deposition 

of. 276,311 
SO:! emissions. 2M3 
SO:!(g), effect on rain pH, 288 
SO.T-, 276; in atmospheri(: 

precipitation in United 
States, 281: in Europe, 
277: global, 276 

sulfur: abiotic o~idation 
kinetics of, 458 461; ele
mental. 447, 451 ; geo
chemistry of, 445-453: na
tive, 418: organic, 457: 
ox idizing bacteria, 451 
452: thermodynamic data, 
445,483 

sulfur isotopes, 462-464 
sulfur species: acid-base reac

tions. 445-447: metastable, 
448: o~idation of reduced, 
451-453: redox reactions, 
449; ver'>lls pll in lI:!S
S(colloid)-H:!O-NaCI sys
tcm, 449 

surface areas of solids, 344, 
345. 346: geologi(:almute
rials, 345; reactive, 393 

surface bonding, 381 
surface capacitance, 376 
surface characterization of 

geological materials, 392 
surface (:harge, 373, 374, 376, 

438; carbonates, 349: 
clays, 346. 347; hydrox
ides. 349; oxides, 349: 
oxyhydroxides, 350: per
manent, 346; phosphates, 
349; silicates, 349 

surface (:harge density, 97, 
377. 439 

surface complexation models. 
See electrostatic adsorption 
models 

surface concentration, 374 
surface potential. 374 
surface properties of sorbent 

materials, 343-344: con
version factors, 346 

surface protonation reaction, 
374 

surface-reaction control, 64 
surl'ace-site density, 345, 365; 

sorbent materials, 344351 
surface speciation. of HI'O, 

399 

surface specics, 349, 509; dis; 
tribution on goethite, 388 

surface-waters: chemistry of, 
293 296; concentrations of 
cOllstituents. 293, 294; 
global. 297, 298; order of 
abundance of major 
species in, 294; pH of con
stituents in, 294: processes 
controlling the chemistry 
of. 298: TDS or con
stituents in, 294: total dis
solved solids versus 
Nal/(Na' 4- Ca:!'), 297 

system: dosed, 1--2,5 I, 178, 
179,492; (kilned, I: open, 
1,2. 52-53,492; open 
groundwater, 52; station
my-state open. 52; steady
state open. 52; well-poised 
(Eh). 414 

taifings waters, chemical 
analysis of, 484-485 

tak,316 
technetium, 418, 419, 

521-523,532,534: Eh· pH 
diagram for, 521-522: 
maximum concentrations 
in groundwater, 532, 534: 
sulfate complexing, 521; 
TeO:! . 211:!O(s) solubility, 
521,523,545: 99,],C, 536; 
99,IC, as nuclear fission 
product, 515: thennody
namic data for, 555 

temperature: effect on ba(:ter
ial activity, 451; effect on 
equilibrium constant, 
19 28, 31 J2, 3945, 75; 
effect on gas solubility, 16, 
25: effect on reaction rate, 
60·64 

temperature compensation 
dial, on pll meter, 150 

terminal electron-accepting 
process (TEAP), 425 

tetrathionate, 452 
thermodynumic data. See a/so 

il1dil'idua/ elements: ade
quacy, 221, 533; for auxil
iary aqueous species and 
solids, 550: consistency of, 
34,221: disparities in, 338, 
531 

thermodynamic stability of 
day mioerals. determina
tion of, 337-339 

thiobacteria, 73, 461,463, 
467 

thiosulfate, 447, 452, 454 
thiosulfate complexes, 446 
third-law entropy, 5 
thoriallite, 114,116 
2.12Th de(:HY series, 489, 490, 

491 

Th(lV): adsorption by quartz, 
387,388,537; adsorption 
of Th-sulfate complexes, 
538; citrate complex, 
114-116; concentrations in 
rocks, 489; concentrations 
in water, 489; distribution 
of complexes versus pH, 
113, 115; EDTA complex, 
/14-116; hydroxyl com
plexes. /12-114; maxi
mum concentration in 
granite groundwater, 545; 
organic complexes, 
114-116; phosphate com
plexes, /14-116; solubility 
limiting solids in ground
water, 532, 534 

Three Mile Island nuclear 
power plant, Pennsylvania, 
512 

till, 236 
titanium, 422; oxyhydrox

ides, 509 
titration. See also acidity; al

kalinity: acid uranium mill
tailings solution with stan
dard NaOH solution, 171; 
calculations assumil'rg con
stant volume, 176; of con
stant total carbonate, 170; 
of strong acid, 174-176; of 
weak acid, 176; of weak 
base, 176 

titration curve, 184; calcula
tion for acid determination, 
174; calculation for base 
determination, 174; of car
bonate alkalinity with a 
strong acid, 176; strong 
acid, 169, 170; strong base, 
169,170; total carbonate 
with volume correction, 
179 

titration mass balance, 168 
thallium complexes, stability 

of, 106 
todorokite,477 
total ligand equation, 91-92 
total metal cation equation, 

91-92 
total organic carbon (TOC), 

421 
toxic metal-organic waste 

sites, 452 
toxic organi(:s, 70, 299-301, 

356,358-360 
toxic substance, defined, 114 
toxicant, (Jellned, 114 
toxicity: effect of complex-

ing, 83; of high-level nu
clear waste compared to 
uranium ore and other ore 
deposits, 520; plants, 
117; role of soft-acid 
metal cations, 114-118; 
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toxicity (continued) chloride complexes, 148; prospecting for, 507; roll dolomite, 310; effect of 
of spent nuclear fuel com- complexes, 496-501; ef- front, 512,523; sandstone: oxygen on, 232; effect of 
pared to uranium ore and feet of carbonate complex- hosted deposits, 497 temperature on, 232; effect 
other ore deposits, 518, ing on adsorption, 510, uranophane, 533; solubility of water on, 232; of 
520 511; effect of carbonate of, 544, 545 feldspars, 76, 232, 235; of 

toxicity hazard, 518 complexing on oxidation, VSi04, See coffinite ferrous sulfide (FeS2), 162; 
toxicological chemistry, 114 505; hydroxyl complexes, of gneiss (example calcula-
trace-element concentrations, 496-501; reduction, 509; vanadium, 512 tion), 234-235; of horn-

in streams versus permissi- speciation in J-13 ground- van't Hoff equation, 20--22, blende, 235; mass balance 
ble concentrations in water water, 500; VO?+ ion ac- 25,27-28,36,37; inte- calculation, 256, 257,259; 
supplies, 117 tivity coefficient, 147; grated, 21,62 of mica. 76; mineral area 

trace elements, essential, 118 U02(OH)2' complex, sta- vaterite, 193 exposed to, 257; of miner-
tracer elements, in soil weath- bility of, 496, 548-549 vegetation, aquatic, 204 als in greenstone, 258; of 

ering, 234 V(OH)4' complex, stability vermiculite, 314, 316-322, olivine, 232; physical, 231; 
tracers in water, inert, of, 496,501-503. 324,346,394 of rock-forming minerals, 

299-300, 310 54S-549,551 virial (;oefficients (Pitzer 233 
transient equilibrium, 492 V02(am) solubility, 501-503 model), sources of values weathering products. granitic-
transition element cations, V02 saturation in groundwa- of. 139 type rock, 235 

106-109 ters, 507, 508 volcanic lakes. 452 weathering rates. See also 
transition state theory, 65-68 uraninite, 419, 495, 497, volume ratios, 301 dissolution rates: carbonate 
transport control, on reaction 501-508,512,514; partial stone by acid rain, 311 ; 

rates, 64 oxidation of, 505; solubil- waste glass, radionuclide- catchment area versus min-
transport models, 393-395 ity of, 50 1,502; solubility containing, 531, 533 eral surface areas, 257; 
transuranic elements, 515, of amorphous versus crys- waste-rock piles. 457 contributions of minerals 

516 talline, S02; thermody- wastewater: cadmium-conta- as function of soil depth, 
trethionate, 452 namic stability of, 502, minated, 398; chemical 262; effect of pH on rate. 
tridymite, 243. 244 548-549,551 analysis of tailings, 261 ; effect of wetted min-
triple-layer model, 381-385; uranium, 418. 532, 534, 536; 484-485; chemical or- eral surface area, 71, 75, 

electrolyte ion adsorption, aqueous geochemistry of, ganic,299 81; field compared to labo-
385; intrinsic constants, 495-512; associated ra- WATEQ4F,22,136 ratory, 256-257; historical, 
384; ionic strength depen- dionuclides, 495; concen- water: dielectric constant of. 256; laboratory rates, 259; 
dence, 381; in trations in waters, 95.97, 128; dissociation mass-balance calculations 
MINTEQA2, 381, 400; 495-496; drinking water constant of, 34, 39; Eh-pH of, 256-258; order of min-
specific adsorption, 374, standard of, 495; isotopic diagram for, 408; in hy- eral rates. 233-234,259, 
383; structure of double composition of natural, drosphere, 267-270; in in- 262; PROFILE model cal-
layer, 383 SIS; leaching, 495; maxi- terlayer spaces, 316; culated, 257-263; proto-

triple-layer model, adsorp- mum concentrations in potable, 295; quality ver- nated mineral surface sites, 
tion; of anions and cations, granite well water, 545; sus quantity, 298-304; res- 78; sample calculation, 
384; by birnessite, 384; of natural, 488, 489, 515; Nu- idence times in hydrologic 261; silicate minerals, 233, 
carbonate by goethite, 385; clear Energy Agency's data cycle, 266-267; solvent, 18 234; total, 260. 262 
chromate competition, 385; base for, 496; oxidation water-bearing formations, de- weathering reaction path-
by ferric oxyhydroxide states, 495, 522; thermody- fined,267 ways, 334-337. 341 
solids, 383,384; of Ra2+ namic data for, 496, 520, water budget equation, 268 weathering sequence, of pri-
by kaolinite, 386; of Ra2+ 548-549,551-552; versus water-dominated chemistry. mary minerals, 320 
by quartz, 385; of Th(IV) silica content of rocks, 489 162,329,336,337 West Shasta Mining District, 
by quartz, 387; of Th-sul- 235U; decay series, 489, 490, water molecule. 84-85, 95 California, 472 
fate complexes, 384 544; enrichment in nuclear water quality, versus stream 

triple point of water, 2 fuel, 515; and nuclear fis- flow, 300-304 Yucca Mountain repository. 
trivalent cation transition sion. 515, 516; and 239pu water-table groundwater, Nevada,498,513,519, 

metal complexes, 109 fission, 515 chemical and isotopic 532, 533, 535, 544; refer-
Truesdell-Jones (TJ) model, uranium mill tailings, 171, properties, 273-274 ence groundwater, 533 

129,133,134,140,142, 401,495; leachates, 495; water vapor, partial pressure, 
143,147,225 solution analysis, 402; so- 16, 18 zeolites. 346. 347-349. 509 

tuff, adsorption by, 541 lution speciation of well waters, definitions of kinds in zero point of charge (ZPC), 
Turner, D, R., radionuclide water, 121 hydrosphere, 267-270 350 

data base of, 496 uranium ore deposits: chemi- waters of ion hydration, zinc: adsorption by HFO, 
tyuyamunite, 497, 50 I, 506 cal analysis of well waters 85-86 393, 399; adsorption on 

from, 553-554; Cigar Lake WATSTORE data base, 306 suspended stream sedi-
V(VI): adsorption by deposit, 514; Eliot Lake weathering, 296; alkalinity ments, 397; as gaseous 

goethite, 509, 537; adsorp- district, 471; as geologic caused by, 166; of biotite, metal,289 
tion by hematite, 509; ad- analogs for nuclear waste 235; of Ca-feldspar, 232; zircon, as inert tracer, 256 
sorption by HFO, 355, 396, repository, 507, 512-514; chemical,97, 162, zonal soils, 239 
50S-512, 537; carbonate in situ leaching, 507; Pena 231-265.292,341: chemi-
complexes, 497-501,512; Blanca deposit, 513; cal models, 256-264; of 
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The international units 

Physical Quantity Derived Units 

Unit Symbol Unit Symbol 

Length meter m Force Newton N == kg m/s2 

Mass kilogram kg Energy, work, heat joule J == N m 
Time second s Pressure pascal Pa == N/m2 

Electric current ampere A Power watt W == lIs 
Temperature kelvin K Electric charge coulomb C==As 
Luminous intensity candela cd Electric potential volt V == W/A 
Amount of material mole mol Electric capacitance farad F==AsN 

Electric resistance ohm n == VIA 
Frequency hertz Hz == s 1 

Conductance siemens S =AlV 
Amount of photons einstein einstein 
Dipole moment de bye D 

Weight-based Concentrations Volume-based Concentrations 

Unit 

micrograms per kilogram = 
parts per billion 

milligrams per kilogram == 
parts per mi Ilion 

milliequivalents per kilogram == 
equivalents per million 

equivalents per kilogram 

moles per kilogram = molal 

Physical and chemical constants 

Avogadro's numbcr 
Boltzmann's constant 
Electron mass 
Elementary charge 

Symbol 

tLg/kg == ppb 

mg/kg == ppm 

meq/kg = epm 

eq/kg 

mol/kg = m 

Unit 

micrograms per liter 

milligrams per liter 

micromoles per liter 

millimoles per liter 

moles per liter 

NA == 6.022045 x 1023/moi 
kB == 1.3805 X 10-23 11K 
me == 9.109 x 10 31 kg 
e == I 60219 X 10-19 C o . 

F == 23.061 kcalN g eq == 9.64846 X 104 C/mol 

Symbol 

mg/L 

tLmollL or tLM 

mmollL or mM 

mollLor M 

Faraday constant (F == eoNA) 

Gas constant (R == kIf/A) 
Ice point 

R == 1.987165 cal/mol K = 8.31441 Ilmol K = 0.08206 L atm/mol K 
273.15 K 

Molar volume of an ideal gas 
at 273.15 K, 1 atm 

Planck constant 

22.4138 Llmol 

h = 6.626 X 10-34 J s 

Mathematical constants and other numbers 

1T = 3.1415927 
e == 2.7182818 

In x == 2.302585 log x 
RT29HI5 K == 2.4789 kJ/mol = 0.59247 kcal/mol 

Nernst factor at 25°C (2.302585RT/F)298 15 == 0.059157 V 



Useful conversion factors 

Energy/Heat/Force/Power 

IJ:=IVC:=INm 
:= 1 W s := 2.7778 X 10-7 kW h 
:= 101 erg := 9.9 X 10-3 L atm 
:= 0.23901 calorie (cal):= 1.0364 X 10-5 V F 
:= 6.242 X 1018 electron volt (eV) 
:= 9.484 X 10-4 British thennal unit (BTU) 

1 cal := 4.184 J (exactly) 
1 kcal := 4.184 kJ (exactly) 

1 eV := 1.60219 X 10-19 J 
1 N:= 105 dyne 
1 W := 1 kg m2/ s3 

1 kW h = 3.610 X 106 J 

Radioactivity and Dosage 

I becquerel (Bq) := 1.000 disintegrations 
per second (dps) 

I curie (Ci) = 3.7 x 1010 dps 
1 pCi:= 10-12 Ci = 0.037 Bq 
1 roentgen (r) (exposure) = 2.58 x 10-4 Cilkg 
I rad (absorbed dose) = 10-2 J/kg 

Specific Conductance 

I microsiemen per centimeter (p,S/cm):= 1 micromho per centimeter(p,mho/cm) 

Pressure 

I atmosphere (atm):= 760 Torr (exactly) = 760 mm Hg = 1.01325 bars = 1.01325 x 105 Pa = 14.69595 Ib/in2 

I Pa = 10-5 bar 
1 bar:= 105 Pa = 0.986923 atm = 106 dyne/em = 750.062 mm Hg 

Distance/Length 

Ikm=103 m 
1 cm = 1O-2 m 
1 mm:= 10-3 m 
1 p,m = 10-6 m 
Inm=IO-9 m 
1 angstrom (A) = 10-10 m := 10-8 cm 
1 statute mile (mi) = 5280 ft 
1 mi:= 1609.344 m 
1 in = 25.4 mm (defined) = 2.54 cm 

1 L = 10-3 m3:= 103 em} 
1 milliliter (m}):= 10-3 L 
1 gal (U.S.) := 3.785 L 
1 gal (Imperial) := 4.545 L 
1 quart (U.S.):= 0.9463 L 

Mass/Weight 

1 atomic mass unit (amu):= 1.661 X 10-27 kg 
} kg = 1Q3 g 
1 mg:= 10-3 g 
1 p,g:= 10-6 g 
I ng:= 10-9 g 
I pg:= 10-12 g 
} tonne (metric) == 103 kg 
} short ton := 2000 Ib := 907. I 84 kg 
I long ton = 1016.0469 kg 
I Ib (avoirdupois) = 453.59237 g 
I oz (troy) = 31.103486 g 

VolumelFlow 

1 acre-foot = 3.2585 x)OS gal (U.S.) = 43,560 ft3 = 1233.5 m3 

1 ft3:= 0.028317 m3 

1 gallon per minute (gpm) := 0.06308 Us 
1 cubic foot per second (cfs) = 28.32 Us:= 0.0283 m3/s = 448.8 gal/min (gpm) 

Useful equations 

IlG 0 := -RT In K 
IlG:o = -1.36422iog Keq (kcaUmol) = -5.70790 log Keq (kJ/mol) at 298.15 K (25°C) 
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