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The Hydrologic Cycle 
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FIGURE 1-1 The hydrologic cycle. (From Principles of Geology, 4th ed., by James Gilluly. Aaron C. Walters, 

and A. 0. Woodford. W. H. Freeman and Company. Copyright© 1975.) 

Chapter 1 

ceased completely and the input continued. the response time would represent the time required 
for the amount of the substance in the reservoir to double. The response time indicates the time 

scale on which the amount of a substance in a reservoir will change in response to a change in 
the rate of input or output. 

The simple box model illustrated here has been used to budget the cycles of many sub­
stances in nature and for predicting the consequences of human inputs into natural systems 
(see. e.g., Garrels et al., 1975). In general, if the anthropogenic (human-caused) flux of a sub­
stance is comparable in magnitude to the natural flux. significant changes in the natural system 
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Equilibrium Thermodynamics 

11Go
log K = ___ R at 25 °C where !1G 0 is in kcaVmol eq 1.364 ' R 

21 

The equilibrium constant can thus be calculated directly if the free energy of reaction is 
known. 

Appendix II lists the standard.free energies offomiation (11GJ) of various species-solid 
phases, liquids, gases, and solutes. These represent the free energy change when 1 mole of the 
species in its standard state is formed from the elements of which it is composed, the elements 
all being in their standard states. Thus the standard free energy of fonnation of calcite (CaCO) 
(-1129.07 kJ/mole) represents the energy change when J mole of calcite at 25 °C and 1 atm. is 
formed from l mole of metallic calcium, 1 mole of graphite, and 1.5 moles of 02 , all of them at 
25 °C and I atm. The standard free energy of formation of calcite is negative, indicating that 
energy is released when calcite is formed from its elements. By convention, the standard free 
energies of formation of elements in their standard states are zero. The definition of the standard 
free energy of formation of ions in solution is based on the convention (Chapter 7) that the stan­
dard free energy of formation of a hydrogen ion in solution is zero. Standard enthalpies off or­

mation (AHJ) are defined in an analogous way: they represent the enthalpy (heat) change when 
l mole of a species is formed from its constituent elements, everything being in its standard state.
The standard entropy (S0

) is defined on a slightly different convention. Instead of the entropy of
elements in their standard states being zero, the entropy of perfectly crystalline solids at 0°K is
taken to be zero (the third law of thermodynamics).

Standard free energies of reaction, standard enthalpies of reaction, and standard en­

tropies o.f reaction are all calculated in the same way. Let us use the reaction between hematite 
and magnetite plus oxygen as an example. First, a balanced chemical reaction is written 

hematite magnetite 

The standard free energy (enthalpy, entropy) of reaction is the standard free energy (enthalpy, 
entropy) of the products (species appearing on the right of the equation) minus that of the reac­
tants (species appearing on the left of the equation). The free energy (enthalpy, entropy) asso­
ciated with each species is its standard free energy (enthalpy, entropy) offonnation multiplied 
by its coefficient in the chemical equation. For the reaction, we are considering 

8-Gj AHO 
f 

so 

(kJ/mol) (kJ/mol) (kJ/mol.K) 
hematite -742.8 -824.7 87.7 X 10-3 

magnetite -1012.9 -111 6.1 146.1 X 10-3 

oxygen 0 0 205.0 X 10-3 

8-Gi = 4 x (-1012.9) + 0 - 6 x (-742.8) = +405.2 kJ/mole 

AHt = 4 X (-11 16.l) + 0 - 6 X (-824.7) = +483.8 kJ/mole 

Aft= 4 x (146.1 x 10-3
) + 205.0 x 10- 3 

- 6 x (87.7 x 10-3
) = 263.2 x 10 3 kJ/mole.K 

Note that llGt = AH� -- rnsi. where T = 298.15 K (25°C). 























32 Chemical Background Chapter 2 

The single-ion activity coefficient/ion-pair solution model is widely used for waters less 
concentrated than seawater because it is convenient, the necessary data are generally avail­
able, and it is sufficiently accurate. It is not able, however, to predict accurately activity­
concentration relations in brines. 

Example7 

The ion pair CaSO� (an uncharged dissolved species) has a stability constant of 10230 . What will 
be the concentration of this species in the water of Example 5? How does the existence of this 
complex affect the state of saturation with respect to gypsum? 

The activity of the complex is given by 

Ocaso'.: = I0230Oca''Oso; 

If we assume the activity of CaSO� is equal to its concentration (it is an uncharged species) and, 
as an initial approximation. use the total concentrations of Ca2+ and So!- and the activity coeffi­
cients from Example 5, then 

mc,soJ = 10 2 •30[(2.72 X 10-3) X 0.591 X (2.48 X 10-3) X 0.591]

= 4.70 X 10-,, 

This is not the final answer, because the formation of CaSO� will decrease the concentrations of 
free Ca'+ and s01- in solution, and will also decrease the ionic strength and change the activity 
coefficients. 

= 2.n x Hr-3 - 4.7o x 10· 4 

= 2.25 X JQ-l 

= 2.48 X J0-3 - 4.70 X J0 4 

= 2.01 X J0-3 

The new ionic fuength. calculated using these revised Ca2+ and So!- numbers inst�ad �f the orig­
inal (total) values gives 

I= 8.51 x 10-1 

-y = 0.604 for both Ca2+ and sot 

With the new values for free Ca2 ' and s01- concentrations, and the new activity coefficients, 

mcaso1 = 10230 [(2.25 X 10 3) X 0.604 X (2.01 X 10-3) X 0.604]

= 3.29 X J0-4

lnca'·rree = 2.72 X 10··3 - 3.29 X 10-4 = 2.39 X 10-3

11l
so; free = 2.48 X 10··.J _ 3.29 X J0-4 

= 2.15 X J0-3

ln principle we should use these new values to calculate a new ionic strength and new activity 
coefficients. but the differences from the values calculated on the first iteration are trivial. We 
can see that 12 percent of the calcium and 13 percent of the sulfate is present in the form of the 
CaSO� complex. 





















42 The Carbonate System and pH Control Chapter 3 

For every P co
2, 

there is a corresponding OH2
co

3
, and for every OH2

co
3

, there is a corresponding 
P co,· ln the literature. it is quite common to report a

H
,CO· as the corresponding P co,, even 

when no gas phase is present. Keo, is often referred to as-a Henry's law constant; Henry's law 
states that the concentration of a dissolved gas is proportional to its pressure in the gas phase. 

H
2
C0

3 
is an acid, so it will tend to dissociate into hydrogen and bicarbonate ions: 

H
2
C0

3 
= H+ + Hco;

An equilibrium constant can be written for this reaction: 

Bicarbonate ion itself dissociates also: 

K = <:ll:!-0!:lc;Q:,_l 0 H,co,

HC0
3
- = H + + co�

Numerical values for Kc0,,, K1, and K2 are listed in Table 3-1. 

(3-3) 

(3-4) 

From Eqs. (3-3) and (3-4). the ratios aH
,co/Om:o; and OH

co/Oco; depend on the pH 
of the solution. When we talk about pH as an independent variable, we are no longer talking 
about the system C02-H20. To obtain a pH above 7, for example, it is necessary to introduce 
some cation other than H+. If we consider a solution containing a total activity of dissolved 
carbonate species of 10-2 (which implies that the solution cannot exchange CO2 with a gas 
phase), we can calculate the activity of each individual species as a function of pH: 

10- 2 = aH,CO, + OHco; + 0co1 
From Eq. (3-3) and Table 3- I: 

OH,CO; = Ow = 10+6.35 Ow at 25oCaHco, K1

Ignoring co�- for the moment and rounding the value of K1 to l o-6
.4, at a pH of 6.4 the activity 

of H
2
C0

3 
will equal that of HC03. 

TABLE 3-1 Equilibrium Constants• for the Carbonate System 
(pK = -log

10
1<) [after Plummer and Busenberg, 1982] 

T(°C) pKco pK I pK, pKca l pKarag PKc,Hco; 
b pKc,CO� pKw 

0 1.1 l 6.58 10.63 8.38 8.22 -0.82 -31.3 14.94 
5 1.19 6.52 I0.55 8.39 8.24 -0.90 -3.13 14.73 

10 1.27 6.46 10.49 8.41 8.26 -0.97 -3.13 14.53 
15 1.34 6.42 10.43 8.43 8.28 -1.02 -3.15 14.35 
20 1.41 6.38 10.38 8.45 8.31 -l.07 -3.18 14.17 
25 1.47 6.35 10.33 8.48 8.34 -1.11 -3.22 14.00 
30 1.52 6.33 10.29 8.51 8.37 -l.14 -3.27 13.83 
45 J.67 6.29 10.20 8.62 8.49 -l.19 -3.45 13.40 
60 1.78 6.29 10.14 8.76 8.64 -l.23 -3.65 13.02 

'based on the infinite dilution standard state 
hKcaHCOi = Ocmco/(Oca !-OHco-;) 
cKc:ieo� = Ocaco/(Oca:•Or.ol) 















Alkalinity and Titration Curves 
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FIGURE 3-2 Titration curve (heavy line .",BCD) for 5 x 10"3 m Na2CO! with acid, and Bjem1m plot for ICO2 = 
5 x 10-3 m. B is the carbonate end poim, C is a region of strong buffering, and D is the bicarbonate end point.

The titration curve contains two inflections, or end points, at pH values of 8.35 and 4.32. 
The corresponding volumes of acid are 5 and 10 ml. At the first end point, we have added just 
enough acid to convert all of the co�- to HCO3, and at the second end point, we have con­
verted all of the HCO3 (derived from cot) to H2CO3 The expression "converted all the co�­
to HCO3" is confusing at first, as some co;- remains at all pH values. The actual equivalence 
condition is that 

m co', = m H,co", 

In tenns of proton balance, 1 unit of cot plus 1 unit of H2CO3 is equivalent to 2 units of HCO3, 
so that, at the equivalence point, all the dissolved carbonate species are effectively HCO3. Note 
that in Fig. 3-2 the inflection point on the titration curve corresponds to the point on the 
Bjerrum plot where mco 1- = mH ,co3· By similar reasoning, the second end point corresponds to
the condition mw = mnco3

, so all the dissolved carbonate species are effectively H
2
CO

_1
, 

For purposes of chemical analysis, the carbonate concentration and alkalinity can be 
determined by titration to the two end points. At the end points, the pH changes rapidly with 
small additions of acid so that determination of the exact equivalence pH is not critical unless a 
high degree of accuracy is required. Traditionally, the carbonate concentration has been mea­
sured by titration to the point where the indicator phenolphthalein changes color (pH approxi­
mately 9), and alkalinity by titration to the methyl orange end point (pH approximately 4). 
More accurate analyses use a pH electrode rather than indicators, and either the titration curve 
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is closed to CO2 exchange). In the particular example given, P
co2 

would increase from about 
10- 14 atm in the pure Na2CO3 solution to about 0.15 atm at the end point. If the titration was
done in contact with the atmosphere (Pco, = 10-3

-5), CO2 would have entered the solution from
the atmosphere at the beginning of the titration and would have diffused out of the solution into
the atmosphere at the end of the titration. Alkalinity can be measured whether the solution is
open or closed to C01 exchange, but I.CO2 can be measured only if the system is closed. 

At a pH of about 6.4 (Fig. 3-2), the pH of the solution changes very slowly as acid is 
added. In this region the solution is strongly buffered with respect to pH change. Buffering 
occurs when a protonated species (here H2CO3) and an unprotonated species (here HCO3) are 
both present in significant concentrations. When acid is added, the protons combine with 
HCO3 to form H2CO3, and the net change in pH is small. Similar buffering by the HCO3/
co�- pair occurs around pH l 0.3. 

In deriving Eq. (3-18) and Fig. 3-2, we assumed that activities and concentrations were 
equal, which is obviously not true. Eq. (3-18) is correct in this regard, however, if the K values 
represent apparent equilibrium constants (Chapter 2) rather than thermodynamic constants. 
The titration curve can thus be used to determine apparent constants in natural waters, 
although the apparent constants may be slightly changed by the addition of HCI. The change 
is likely to be significant only if carbonate species are the major anions in solution. This infor­
mation is important in determining the stabilities of various complexes and in determining the 
state of saturation of a water with respect to carbonate minerals. Eq. (3-18) can be modified 
to include the change in total volume as acid is added. 

Organic anions present both conceptual and practical problems for the definition of alka­
linity. If the co1Tesponding organic acid had the same pK. value as H2CO3 (6.35), there would 
be no problem, and the measured alkalinity would be the sum of the carbonate alkalinity and 
the concentration of the organic anion. Most organic acids, however, have pK. values around 4 
or 5 (Table 6-1). At the pH of the bicarbonate end point (about 4.5), some fraction of the 
organic anions will be converted to undissociated acid, and some will remain as anions. If the 
concen­tration of organic anions is much less than that of bicarbonate, the titration curve will 
show an inflection at the bicarbonate end point, and the measured alkalinity (defined by the 
bicarbonate end point) will equal the sum of carbonate alkalinity and that fraction of the 
organic anions that has been titrated by the pH of the carbonate end point. As the 
concentration of organic anions increases relative to carbonate species. the inflection at the 
bicarbonate end point gradually dis­appears and cannot be used to define the pH 
con-esponding to zero alkalinity. One approach is to define a certain pH (say 5.0) arbitrarily 
as the zero point of alkalinity; the alkalinity would then be the amount of acid required to 
bring the sample to that pH. This definition is conve­nient, but the alkalinity so defined is 
not conservative. Another approach is to include all organic anions in the definition of 
alkalinity. The problem wih this approach is that some 
organic acids are quite strong (e.g., oxalic acid has a pKa of 1.2, which makes it a stronger 
acid than HSO4). It is impossible to measure anions of such strong ''weak" acids by acid-base 
titra­tions; thus, although alkalinity so defined is conservative, it is not directly measurable. 

Acidity (equivalent to the terms mineral acidity or strong acidity of other authors) can 
be defined as the negative of alkalinity, that is, as the amount of base required to raise the 
pH of the sample to the bicarbonate end point. If acidity is positive, 

111H' > 111Hco, + 2mco}- + 111ow 

which means, from charge balance considerations, that an anion of an acid stronger than car­
bonic acid must be present. In nature, the anion is commonly sulfate. 
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These three examples cover all of the possibilities in common natural-water systems. 
The general charge balance equation is 

This can be rewritten as (ignoring minor species): 

mNa+ + ,nK  + 2mMg' - mc - - 2rnso;· + 2mca'' = mHco; + 2mco� 

Af 

If the expression Mis positive, then Mis exactly analogous to Na+ in Example 5, and M can 
be substituted for mN0+ in Eq. (3-34). If Mis negative, then M will be analogous to c1- in
Example 6, and M may be substituted for mo- in Eq. (3-35). Seawater is a good example of a 
water in which M is negative. 

Some general relationships among species in the carbonate system are shown in Fig. 3-7. 
In constructing Fig. 3-7, it was assumed that, when 2mca2• was less than alkalinity, the differ­
ence was made up by Na+ : when 2mc.i+ was greater than alkalinity, the difference was made
up by Cr. 

DOLOMITE 

Dolomite has a chemical formula CaMg(CO3)2 and a crystallographic structure similar to that of 
calcite, except that the Ca and Mg atoms are arranged in separate planes. The ordc1ing of the Ca 
and Mg atoms distinguishes dolomite from a high-magnesium calcite of the same composition. 
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the Ca2+ concentration in the water) depends on the initial CO2 concentration and on the extent 
to which the CO2 in the water can be replenished by exchanging with a gas phase. If CO2 is not 
replenished (the system is closed to exchange of CO2 gas), the amount of calcite that a water can 
dissolve is essentially limited by the amount of CO2 present initially, since dissolution follows 
the equation: 

CaC03 + H 20 +CO2
= Ca2+ + 2HC03

If the system is open to CO2, the Pco
2 

of the water will remain constant, and CO2 will be trans­
ferred from the gas phase to replace the CO2 consumed by dissolution of calcite. In this case,
the dissolution of calcite is not limited by the availability of CO2; more calcite will dissolve 
under open-system conditions than under closed-system conditions. 

Example 7 
Pure water at 25 °C is in equilibrium with CO2 at a partial pressure of 10···2 atrn. How much calcite
can the water dissolve, assuming (a) a closed system (no exchange of CO2 with a gas phase); (b) 
an open system (Pco. remains constant)? In case (a), what will be the final Pco. of the system•) 
Assume that all activlty coefficients are unity. 

The equilibrium equations for the carbonate system are: 

The charge balance equation is 

K 
= aH,cQ_, 

co, 
Pco, 

Kcal 

0w 01ico; 
OH,CO, 

0w9coJ.::_ 
011co; 

mw + 2mc,,·+ = n-li-rco, + 2mcoi- + mo11-

(3-37) 

(3-38) 

(3-39) 

(3-40) 

ff the final pH is less than about 9, m H m0H , and mcof will all be small compared to 2mca '' and 
m11co�- Assuming that these terms can be neglected, and introducing the assumption a= m, the 
charge balance equation becomes 

(3-41) 

We now have five equations in six unknowns. The other equation necessary to solve the system in 
case (b) is sirnpl y 

Pco. constant = 10-2 

In case (a) the condition is conservation of carbonate species; that is 

IC02 = ICOz initial + IC02 from dissolution of CaCO, 

(3-42) 

where ( )initial means before any CaCO3 dissolves (10-2 x 10-1.47 m), and mca2· come& from the fact
that each mole of CaCO3 that dissolves adds I mo! of Ca2+ and I mole of ICO2 . If mco,- can be 
neglected in the expression of ICO2, Eq. (3-42) becomes 

+
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Surface Complexation 95 

Eqs. (5-3) and (5-4) can thus be rewritten as 

K��tr = l=:
S

[=;H�:;;buit exp(-zFr:�rfa��}) (5-7) 

and 

(5-8) 

where [H+] bulk represents the hydrogen ion activity in the bulk solution. K��tr and K�;tr are
intrinsic constants. The intrinsic constant is the value of the equilibrium constant written in 
terms of concentrations at the surface rather than in bulk solution. It is a function of the nature 
of the solid surface and adsorbing ion only and is not a function of the charge on the surface. 
K�;u· reflects only the chemical energy involved in an adsorption reaction, whereas K. 1, written
in terms of activities in bulk solution, 

[ =c:S-OH] [H
+

]bulk K =---- ---
ai [=S-oH;J 

includes both chemical and electrostatic effects. 
Substitution of [=S-OH;J = [=S-0-] and q, = 0 (the definition of the ZPNPC; when

the charge is zero the potential is zero) into Eqs. (5-7) and (5-8) gives 

pHzpNPC =.c 0.5(pK��t + pK��t)

Surface Titrations. The quantities [=S-oH;J and [=S-0-] and hence the 
intrinsic acidity constants, can be measured by what are called swface titrations. In a surface 
titration, a stirred suspension of the solid in a solution containing (usually) a supporting elec­
trolyte (a solution of a salt whose ions do not interact strongly with the surface, commonly 
NaNO3 or NaClO4) is titrated by addition of a strong acid (commonly HNO3 or HCI) or strong 
base ( commonly NaOH). Of the added H+ or OH- ions, some are adsorbed by the surface and
some accumulate in solution. If the amount of acid added is CA and the amount of base C8 (in 
units of moles per liter of the solution being titrated), then 

CA - CB + moH - mH , = f=S-oH;J - l=S-0-] 

where m0w·and mw are concentrations present in solution, and [=S-OH;J and [=S---O-] 
are also in units of moles per liter of solution. Titration curves for y-Al 2O3 are shown in 
Fig. 5-6. The curves show the pH of the solution as a function of the amount of acid or base 
added. The curves corresponding to different supporting electrolyte concentrations inter­
sect at a single pH and diverge away from that pH in either direction. The reason for the 
divergence is the electrostatic term in Eqs. (5-7) and (5-8). The distribution of charge and 
hence '¥ close to the surface is a function of the ionic strength of the solution. At the ZPC 
of the surface, however, the charge is zero,'¥ is zero, and the titration curves intersect. This 
represents one way of identifying the ZPC of the surface. If it is assumed that at a pH less 
than the ZPC the concentration off =S--O-] is small compared to that of [ =S-OH; J, then 
titration of the surface with acid yields 

CA - mw = [=S-OH!J (below ZPC) 

[≡
[≡



















104 Adsorption Chapter 5 

lfthe total concentration of sites is [=SOHh(= [=S-OH] + [=S-OH • M]), then Eq. (5-11) 
can be rewritten in the more familiar Langmuir form: 

The input data required to implement the activity Langmuir model are numerical values for 
Kl��g for each species of interest and a numerical value for [=SOHh. Because the number of 
sites is fixed. there is competition among solutes. Adsorption of solute A will tend to decrease 
the adso rption of solute B.

3. The Activity Freundlich Model. This model is similar to the activity K" model, with
the addition of an exponent n. The concentration/activity of unreacted sites is assumed con­
stant and equal to I . 

l=S-OH • M] = K}��una� 

The required inputs are K}��un and n (somewhat confusingly, MINTEQA2 asks for 1/n rather 
than n). As with the K" model, there is no interaction among solutes. 

4. Ion Exchange Model. This model uses selectivity coefficients, as discussed in
Chapter 4. For ions of the same charge, 

[=S-OH • M i ] + M2 = [=S-OH • M2] + M 1 

mN [=S-OH • M ] 
K,x. ( = KM M in the terminologv of Chapter 4) =

1 2 
1' 2 • mM, [=S-OH • M i ]

The calculation uses concentrations of free ions (calculated from activity divided by activity 
coefficient) rather than activities for solutes. The required inputs are a cation exchange 
capacity and a selectivity coefficient for each pair of ions to be modeled. For ions of different 
charge, the model implements the Gaines-Thomas equation (Eq. 4-7) discussed in Chapter 4. 

5. Constant Capacitance Model, Diffuse-Layer Model, and Triple-Layer Model. The 
implementation of these models follows the theory outlined above. The necessary inputs are 
surface area(s) of the solid(s), surface site densities, and intrinsic constants for all species of 
interest, and a capacitance or capacitances for the double (triple) layers. Five different surfaces 
(which would cmTespond to different mineral phases) and can be modeled simultaneously by 
MINTEQA2, and each surface may have up to two different sites. It is not often that people 
model more than one surface at a time. There is interaction among solutes both because of 
competition for a fixed number of sites and because adsorption of any ion affects the electric 
charge of the surface. MINTEQA2 normally comes with the Dzombak and Morel (1990) data 
base for calculating adsorption on hydrous ferric oxides with the diffuse double layer model. 

REVIEW QUESTIONS 

The adsorption properties of ammonium in an aquifer were evaluated by mixing l g of an ammonium-satu­
rated sediment with different volumes of ammonium-free groundwater fromthe aquifer. and the 
concentra­tion of ammonium in the groundwater was measured. The cation exchange capacity of the 
sediment was 20 meq/kg. 

ml soln/g sediment 0.5 I 2 5 JO 20 50 100 200 500 1000 

Cone in solution (mM) 6.8 5.0 3.5 2.0 l.3 0.75 0.35 0.186 0.0963 0.03938 0.01984 





























































134 Redox Equilibria Chapter 7 

The expression for Eh for this reaction is (at 25 °C) 

Eh= Eo + 2:.2??log(Oso�-�i?+
)

8 °H,s0H,o+ 

E0 can be calculated from Eq. (7-6) and the free energy values in Appendix II: 

0 -l O O 0 E = --(AGH s + 4AGH O - AG so') 

Use of pe as a Variable 

nF ,, , , ' 

-1
8 X 96.48 

(-232•3) 

= +0.30V 

(7-8) 

The formalism for pe is similar to that for Eh but simpler because pe is an "activity" unit and 
we do not have the conversion between volts and activities. Consider the ferrous-ferric system 

(7-9) 
(When pe is used as a variable, it does not matter on which side electrons appear in the reaction.) 

(7-10) 

and hence, 

Ke
q 

is the equilibrium constant for Eq. (7-9). It can be calculated from the standard free ener­
gies in Appendix II: 

-RTlnKeq 
= LiG�e2' - LiG�e'· (AG�- is zero)

= -74.3 kJ/mol 

log K,,q 
= J 3.0 

In general, for the reaction 

Oxidized species + ne - = reduced species 

1 1 (
activity product of oxidized species

)pe = -IogKe + ;;log -------------n q activity product of reduced species 















pe-pH and Eh-pH Diagrams 141 

Fe2+ 
= Fe3+ + e log Keq(B) 

= -13.02 (7-17) 

Multiplying Eq. (7-17) by 2 and subtracting from Eq. (7-16) gives 

which is identical to Eq. (7-14) above. The equilibrium constant for this reaction is given by 

log Keq 
= log Keq(A) 

- 2 log K,qfB) = 22.03

When reactions are added or subtracted, the logarithms of the equilibrium constants can be added 
or subtracted in the same way. This can readily be derived algebraically or from the fact that 
log Keq 

is proportional to t..G�. 
From Fig. 7-4 we would conclude that Fe3+ is likely to be a major species only under 

unusually acidic oxidizing conditions, such as acid mine drainage. At alkaline pH values, iron 
should be insoluble at all pe values; at nearly neutral and mildly acidic pH values, iron should be 
insoluble under oxidizing conditions and soluble (as Fe2+) under reducing conditions. 

Example 2 

If ferrihydrite (Fe(OH) 3) rather than Fez03 is considered as the ferric oxide mineral and Fe(OHh 
is considered instead of Fe 304 , how will the diagram be changed? (Ferrihydrite is a poorly crys­
talline hydrous ferric oxide; it is roughly equivalent to amorphous Fe(OH)3 in older literature.) 

The equations for the various boundaries involving Fe(OH)3 will be essentially the same as 
those involving Fep3 , but the K09 

values will be different, reflecting the lesser stability of 
Fe(OH)

3
' These boundaries will have the same slopes as in Fig. 7-4. but different intercepts. 

Consider the boundary Fe(OH)3-Fe3 ': 

Fe(OHh + 3H + = Fe3+ + 3H2O 

QFe'' 
Keq = 

at.
j 

pH = 3 (log Keq 
- log a Fe'.)

From the free-energy values in Appendix II, and substituting arc'-= 10-6: 

pH = 3.63 

This boundary (Fig. 7-5) is about 2 pH units higher than the corresponding boundary for hematite, 
reflecting the lesser stability and hence greater solubility of ferrihydrite. Fig. 7-5 and subsequent 
diagrams are shown for the pH range 2 to l2 rather than Oto 14. Few natural waters are more acid 
than pH 2 or more alkaline than pH 12. 

The boundary Fe(OH)3-Fe2+ is given by 

Fe(OH)3 + 3H + 
+ e- = Fe2+ + 3Hz0 

log Ke
q 

= log aFe'· + pe + 3pH 

pe = log Keq 
- 3pH - log aFe'·

Substituting log Keq 
= 17.9 (from data in Appendix II) and log Ore'·= -6, 

pe = 23.9 - 3pH 

Note that this line passes through the intersection of the Fe(OH)
3
-Fe 3+ line calculated above and 

the Fe3+-Fe2+ boundary, which is unchanged from Fig. 7-4. 
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Equilibrium Solubility Control 

FIGURE 9-7 Contours of dissolved 
iron as a function of pe and pH, as­
smning P

co
, = 10-2 atm. total activity

of sulfur species = I 0-2
• The solid 

lines in lower part of diagram are 
drawn for pyrite (FeS2

) as the iron 
sulfide mineral. Dashed lines are 
drawn for mackinawite (FeS) as the 
iron sulfide mineral. In experiments 
(and presumably in nature), macki­
nawite or an amorphous equivalent is 
normally the first iron sulfide formed 
at approximately neutral pH values; at 
pH values below 6.5, pyrite. usually 
mixed with mackinawite, is the first 
sulfide to form (Bemer, 1964: Roberts 
et al., 1969). 

pH 

183 

1.0 

0.5 

0 

Eh 

{V) 

-0.5 

that equilibrium solubilities are important controls. Following are two examples of the use of 

such diagrams. Eh-pH diagrams for many elements of geochemical interest are presented and 

discussed by Garrels and Christ (1965) and Brookins (1988). 

The solubilities of some iron minerals are shown as a function of pe and pH in Figs. 9-7 

and 9-8. In oxygenated waters, we would expect dissolved iron concentrations to be low under 

neutral and alkaline conditions (in the absence of photochemical reduction), but high under 

strongly acid conditions. Over the common pH range of natural waters (5 to 9), as redox con­

ditions become reducing we would expect iron concentrations to increase until the redox level 

is reached where sulfate reduction occurs. Under strongly reducing conditions, if dissolved 

sulfur species are present, we would expect low dissolved iron concentrations at all normal pH 

values; if sulfur is absent, we would expect iron concentrations to be controlled by the solu­

bility of FeC0
3 

At high pH values. concentrations should be low; at low pH values, they 

should be high (Fig. 9-8). 

The following sequence would thus be expected in a dilute water reacting 

progressively with a sediment containing organic matter: initial iron concentrations should be 

low; the iron concentration should increase progressively until the onset of sulfate reduction; 

it should then drop to a low value; if all sulfate is consumed making iron sulfides, the iron 

concentration should again increase to the value corresponding to equilibrium with FeC03 , 

This sequence could occur through time at a single location. as. for example, trapped 

interstitial water reacts with its enclosing sediment, or it could occur as a function of location 

as initially oxygenated water moves through an aquifer containing organic matter. 

Qualitatively, iron behaves very much according to these predictions, even though we 

are not sure which ferric oxide/hydroxide to use in calculations, and the sulfide fonned 

ini­tially is rarely pyrite alone. The most common exceptions occur when iron is complexed 

by organic molecules, or when colloidal iron oxide is erroneously assumed to be dissolved. 

The geochemistry of iron is exceptionally well suited to interpretation in terms of 

pe­pH diagrams. The important phases containing iron do not generally contain large 

amounts of any other metal to complicate solubility calculations, and iron oxides or sulfides 

are almost ubiquitous in sediments and rocks. 















































206 Stability Relationships and Silicate Equilibria Chapter 10 

applies to all the curves in Fig. 10-4: whenever a solid phase that is more soluble (meaning here 
has a higher equilibrium dissolved Al activity) converts at constant H4SiO4 to one that is less 
soluble, there is a net release of free energy. Equilibrium is the state of minimum free energy, 
and hence the least soluble phase is the most stable. Another conclusion from Figs. 10-4 and 
10-5 is that a solution with any particular silica activity can be in equilibrium with any of the
aluminum hydroxides or silicates. provided that the dissolved aluminum activity is appro­
priate. The equilibrium will be metastable if the solid phase is not the most stable one at that
silica activity.

A similar approach can be used for minerals containing cations in addition to alu­
minum and silicon. Consider, for example, reactions between pairs of minerals in the system 
K2O-Alp3-SiO2-H2O: 

2KA1 3Si3O IO(OH)z + 2H 1 + 3Hp = 3Al2Si:P5(OH)4 + 2K+ 

muscovite kaolinite 

a�"K = ---
eq a�. 

2KA1Si3O8 + 2H+ + 9H2O = Al2Sip5(OH)4 + 2K+ 
+ 4H4SiO4 

K-feldspar kaolinite 
a2 a 4 

K = ___ K' H,SiO_, 
�q a�. 

3KA1Si3O8 + 2H+ + l2H2O = KA13Si3O IO(OH)2 + 2K+ + 6H4SiO4 
K-feldspar muscovite 

_ 0k·0ts;o,K --- -----------------
a�. 

QK. 3 
Kbp-mu = _a ___ aH4SiQ, 

H' 

KA1 3Si3O l0(OHh + H+ 
+ 9H2O = 3Al(OH)., + K+ 

+ 3H4SiO4 

muscovite gibbsite 

OK . 3 
Kmu-eib = ------- Oj1 SiO ~ 

OH, 4 ' 

(10-17) 

(10-18) 

(10-19) 

(10-20) 

As with the solubility lines for Mg-silicates discussed earlier in this chapter, all these equilib­
rium constant expressions [Eqs. (10-17) through (10-20)) can be displayed as straight lines on 
a graph with log ( OK+/Ow) and log aH,Si04 

as axes (Fig. 10-6). The slopes of the lines are deter­
mined by the stoichiometry of the reactions. Ignoring water and normalizing to 1 Al in both 
reactant and product, we can write the general reaction (a, b, c, x, and y need not be integers): 







Incongruent Solution and Stability Diagrams 209 

Only solutions whose compositions plot on the quartz line are in equilibrium with quartz. 
Solutions that plot to the right of the quartz line are supersaturated with respect to quartz, and 
compositions that plot to the left are undersaturated. In theory, all solution compositions that 
plot to the right of the quartz line are metastable, but in practice, quartz is kinetically unreactive 
at low temperatures and rarely precipitates or dissolves at a significant rate. Amorphous silica. 
on the other hand, precipitates and dissolves relatively rapidly, so the solubility of amorphous 
silica is generally the upper limit for H

4
SiO

4 
activities in natural waters. 

As an alternative to the graphical approach. one can construct disequilibrium indices

based on Eqs. (10-16) through (10-19) (Paces, 1972; see also Chapter 12). Consider, for 
example, the reaction between K-feldspar and kaolinite: 

KA1Si
3
O

8 
+ H + + 4.5 HzO = 0.5Al

2
Si

2
O

5
(OH)4 + K+ + 2H

4
SiO

4 

The activity product Q for the reaction is (Chapter 2) 
OK. � 

Q = a�� aH4SiO, 

and the disequilibrium index is defined as log (Q/K), where K is the equilibrium constant for 
the reaction. If kaolinite and K-feldspar are equally stable in the solution (i.e., the solution 
composition would plot on the K-feldspar-kaolinite boundary or its metastable extension in 
Fig. 10-6), the disequilibrium index will be zero. If the solution would plot to the left of that 
boundary in Fig. !0-6, the index would be negative (kaolinite more stable than K-feldspar), 
and if it would plot to the right of the K-feldspar-kaolinite boundary. the disequilibrium index 
would be positive (K-feldspar more stable than kaolinite). The disequilibrium index approach 
has two advantages: it gives a quantitative measure of how far a given solution composition is 
from the equilibrium boundary, and it can be used in a system of any number of components. 
since the result does not have to be displayed graphically. 

Analogous stability diagrams can be constructed for the systems Na2O-Al
2
O

3
-SiO

2
-

H
2
O (Fig. 10-8) and CaO-Al2

O
3
-SiO

2-Hz0 (Fig. 10-9). These diagrams are less well estab­
lished than those for the potassium system. Smectite (montmorillonite) is an irnpmtant phase 
in nature. but natural smectites generally contain Mg and Fe, and the free energies of the pure 
Ca and Na-beidellite end members are somewhat conjectural. Also. a variety of sodium and 
calcium zeolites appear to be stable at 25 °C. The compositions of the zeolites are variable, and 
their free energies are not well known, so it is difficult to plot their stability fields quantita­
tively. Qualitatively, the stability fields of zeolites would replace those of albite and laumon­
tite in the upper part of the diagrams. 

The solubility of calcite is an upper limit to the permitted Oc
0
,./a�. ratio in natural 

waters. From Chapter 3, 

Substituting for O
co;- using Eqs. (3-2), (3-3), and (3-4) (Chapter 3) gives 

Kca,K,KzPco., 
Oco� = 2 

Combining these gives 

. 
0

1-1
,

/aCa2+















































































































































































296 Acid Waters Chapter 1 3 

Conversely, if there is a loss of nitrogen from the biomass due to nitrification, the release of 
nitrate will generate equivalent acidity. 

Processes Affecting Sulfate Mobility 

Anion Exchange. As discussed in Chapter 5, the smface charge on oxide surfaces 
is a function of pH. At low pH, aluminum and iron oxide surfaces tend to be positively 
charged and to exhibit anion exchange. The B-horizons of spodosols, the common type of 
soil in northern temperate forests, contain hydrated aluminum and iron oxides. As with 
cations, divalent anions are strongly favored on adsorption sites over monovalent anions in 
dilute solution, and sulfate is preferentially adsorbed over nitrate and chloride; adsorption of 
these two is negligible in the presence of sulfate. Phosphate species are much more strongly 
adsorbed than sulfate, but phosphate concentrations are generally too low to be of any sig­
nificance in the overall anion balance. The stoichiometry of anion exchange can be regarded 
in several ways: 

1. At a single preexisting positive site,

=Fe-OH; x- +so!-+ M + = :Fe-OH; -Sol- M-f- + x­

---represents association by electrostatic adsorption, and M+ represents a cation (H+, 1/3Ai3+ , 

l/2Ca2+
, Na+ , etc). Since the dominant adsorbed cation in acid soils is Al3+ and the dominant 

cations in solution are likely to be H+ and Al3+ adsorption of sulfate will result in a decrease 
, 

in acidity. The net effect on acidity will depend on whether there is significant uptake of a 
nonacidic cation (i.e., Ca2+) and the nature of x-, the anion displaced. Assuming adsorption of 

Ca2+ is negligible, if x- is a mobile anion, the loss of acidity will equal half the loss of sulfate; 

if X- is bicarbonate or hydroxide, the loss in acidity will equal the loss of sulfate. If x- is an 
organic anion, the net effect on acidity will depend on the subsequent fate of the anion. If it is 
adsorbed or decomposed, the corresponding acidity will be removed from solution. 
Experimental work by Wiklander ( 1980) with sulfate salts suggests that adsorption at a single 
preexisting positive site describes sulfate uptake by natural hydrous oxides.

 2. Adsorption by generation of a new positively charged site:

=Fe-OH+ Soi-+ H + + M+ = =Fe-OH;-- SO!- - -M t 

Here it could be argued that new sites would be fanned either by protonation of surface sites 
or specific adsorption of sulfate. If M+ represents H+ and/or l/3Al3+, the net effect is removal 
of acidity from solution equal to the amount of sulfate removed. 

Several other mechanisms can be postulated, but the net effect of any can be estimated from 
charge-balance considerations. If an anion is removed from solution, either equivalent cations 
(most probably protons or A13+ and hence acidity in acid soils) are removed with it, or 
equiv­alent anions are released to solution. The only plausible anions are OH- from the oxide 
sur­face (which is equivalent to an uptake of protons) or organic anions, as discussed 
above. Overall, adsorption of sulfate in acid soils results in a decrease in solution acidity, 
although there may not be a 1: 1 relationship between sulfate loss and acidity loss. 

Biological Mechanisms. Sulfate is an essential nutrient and is taken up by plants. 
Uptake of sulfate results in a corresponding loss of acidity, as discussed for nitrate above. 





















































































































354 

X 

For advection: 

For diffusion: 

Transport and Reaction Modeling Chapter 16 

Fluid velocity v 

X + OX 

Distance x __. 

JouT = VCx = x+ox 

J, 
OUT=

-o(ac 
ax

'
) x=x+ox

:FIGURE 16-1 One-dimensional advection and diffusion on the scale of an elementary volume. 

the composition varies with distance (oC/ox). The diffusion tem1 can be understood in a sim­
ilar way: The rate of change of mass (and hence in concentration) with time in the elementary 
volume (dC/dt) is equal to the difference between the amount that diffuses into the volume 
from the left and the amount that diffuses out on the right. Diffusion (see below) is governed 
by what are called Fick's laws. The first law is given by (in one dimension) 

ac 
J = -D -···· (16-2) 

ax 

J is the flux (the mass moving across a unit area in unit time), Dis a diffusion coefficient, and 
<JCl<Jx is the concentration gradient. The units of the diffusion coefficient can be deduced from 
dimensional analysis of Eq. ( 16-2). J has dimensions ML -2

r
1
; <JC/<Jx has dimensions ML -4, 

which gives D dimensions L2T' 1
. The common units for diffusion coefficients are cm2/sec or 

m2/sec. Fick's first law simply states that the flux is proportional to the concentration gradient 
the constant of proportionality is the diffusion coefficient. The - sign reflects the fact that the 
flux is in the opposite direction to the concentration gradient: solutes diffuse from regions of 
high concentration to regions of low concentration. 

Returning to the elementary volume in Fig. 16-1, the diffusional t1ux into the volume 
from the left is given by 
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Intuitively, an error function is a reasonable solution, since diffusion is essentially random 
motion. A simple solution to Eq. (16-10) can be obtained by defining (Freeze and Cherrv 
1979) a "characteristic length" for diffusion: 

• • 

06-! l) 
In Fig. 16-2, Ldiff represents approximately the distance to which a solute will diffuse in time 
t. To be more precise, the distance at which C/C

0 
= 0.5 is approximately 0.95 Ldiff; the distance

at which C/C
0 

= 0.01 is about 4 LJiff• Also, the total mass that has diffused into the porous
medium is 1.13 C

0
Ldiff• Some representative diffusion distances are shown in Table 16-1. They

are on the order of IO to 20 cm in 1 year, or 1 m in about a century.
We can compare this with a similar ''scale length'' for advection. which will simply be 

Ladvec = Vt

The relative importance of the two processes in any situation can be evaluated from the ratio 
of the two scale lengths: 

o

.s �::�' = v(o:J

Squaring this and substituting Ladvea = vt,                    .          

(½��-��c)2 = v 2 rL� = i::.;
The quantity DvL is the non-dimensional Peele/ number. The Peclet number is a dimen-

eff 
sionless number like the more familiar Reynolds number for laminar vs. turbulent flow. If it is 
much less than l, diffusion dominates and advection is negligible. If it is much greater than 1, 
advection dominates and diffusion is negligible. The significance of the scale length, L, in the 
Peclet number depends on the exact process being considered. If we are comparing diffusion 
and advcction, as here, L represents the scale length of diffusion or advection. If the compar­
ison is between molecular diffusion and hydrodynamic dispersion (see below), the appropriate 
scale length is generally taken to be the grain diameter of the porous medium. 

As an overall generalization, diffusion is the dominant transport process in Recent sed­
iments (marine and lake), and in unfractured low-permeability rocks--claystones, igneous 
rocks, etc. In permeable rocks, molecular diffusion is generally negligible compared to advec­
tion/dispersion. In fractured rock, diffusion may be negligible within the fractures, but be the 
dominant process in the adjacent matrix. 

TABLE 16-1 Approximate Diffusion
Length (see text for discussion] for 

Non-Steady State Diffusion of a 
Solute with a Dett of 5 x 10-5 cm2/sec 

Time (_v) Distance (m) 

1 0.13 

10 0.4 

100 1.3 

l000 4 
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Example 1 

In a lake sediment the concentration of Mn2+ in the interstitial water increases linearly from 0. l ppm at 
the sediment-water interface to 2 ppm at a depth of 50 cm. Assuming a sedimentation rate of zero and 
constant porosity, what is the flux of Mn2+ to the sediment-water interface (in units of g/crri2/y )? Assume 
a diffusion coefficient for Mn2+ in water of 5 x 10-·ti cm2/sec, a porosity of 0.7, a tortuosity of l .3. 

First, we need to convert the diffusion coefficient for pure water to a diffusion coefficient 
in the sediment. Substituting the numbers in Eq. (16-8) gives 

6 0.7 6 0 D . = 5 x 10- x ---- = 2.07 x 10-- cnr/sec sedtm 1 _32 

The concentration gradient needs to be expressed in appropriate units for the problem. The units 
we are using here arc g and cm, so 

ac (2-0.l)xl0-3xl0-3
1 -- - --------------g/cm/cm

ax 50 

= 3.8 x 10-s g/cm3/cm 

Substituting these numbers into Fick's first law (Eq. J 6-2): 

ac 
J = - D,cdim ;--

OX 

= -2.07 X 10-6 X 3.8 X 10-8

= -7.87 x 10-14 g/cm2/sec

= -2.48 x 10-0 g/cm2/y

111e minus sign simply indicates that the flux is upwards, the direction of decreasing x. Note that 
the flux is a rather small number. This reflects part.ly the fact that diffusional flux depends on the 
absolute concentration gradient and not the relative concentration gradient. Although the concen­
tration gradient represents a 95 percent decrease over 50 cm, it is the absolute decrease, 1.9 ppm, 
that determines the flux. 

Example 2 
Suppose an organic pollutant species with the same diffusion coefficient as Mn2+ were introduced 
into the lake. How long would it take for the pollutant to reach a depth of 50 cm in the sediment, 
assuming no adsorption is taking place? Define what is meant by reach.

Fick's second law for a sediment is given by Eq. (16-9): 

a� - D,edim i:.l2C 
iJt 

The value of D,ectim/<1> = D
eff

• from the numbers given in Example 1, is 2.96 x 10-·6 cm2/s.
lf we define reach as the time it takes for a concentration of about 0.5 times the original to 

reach 50 cm: 

o.9s(Jr
)°5 

= 50 

t = 9.36 x 108 sec 

= 29.5 y 
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species would, but with a velocity 1/R times that of the unadsorbed species. The factor 
[(I - (j))/(j)]pg, typically has a value between 4 and 10, so retardation will be highly significant 
for finite values of K

d
. For many cations of interest for the disposal of radioactive waste, K

d 

values lie between 10 and 100, which means that the species are almost immobile. 
The retardation factor is also commonly expressed in terms of the dry bulk density 

(Pbulk) 

and so 

R = ( 1 + P;lk K
d
) 

Occasionally one comes across the dimensionless distribution coefficient (K), which is the 
ratio of the concentration on the solid to the concentration in solution where both concentra­
tions are expressed in units of mass per unit volume of solution. In this case 

and 

R={l+K) 

This dimensionless form is mathematically convenient for modeling. 

Diffusion: Consider again our elementary volume. The change in mass (Om) of the 
species of interest in the volume in time Otis equal to the flux in minus the flux out 

;fc 
Om = (Flux in -- Flux out) = D or (16-10) 

dx2 

As in the case of advection, the change in mass in an elementary volume with unit dimensions 
is equal to the change of mass in solution plus the change of mass on the solid phase: 

Om = <j>OC + (l - (j) )Pgroc ads 

where Pgr is the grain density. Again, cads= Kd
C, so 

Om = <j>OC + ( 1 - <j> )pg,Kdoc 

Om = <pOC( 1 + fJ_�_<l>2pg,R'."d)

Substituting this in the Eq. (16-10), 

<j>oc(1 + Q_-_::_<1>2p A)= D�-
2
<;:dt , <j) g d cJ.x2 

(16-12) 

Substituting R (retardation factor) for the expression in parentheses, remTanging, and substi­
tuting differentials for the finite time-step gives 

ac D a
2
c

dt QR a.x2 













































































































Equilibrium Constants at 25°C and Enthalpies

Reaction 

Mg3Si 2O5 (OH)4 ,trrotile + 6H+ = 3Mg2+ + 2H4SiO1 + H 2O 
Mg,Si_,O 1 ..(OH), rn1c + 4Hp + 6H+ = 3Mg2

' + 4H4SiO� 
Mg,Si;07 ;C.m • 3Hp + 0.5Hp + 4W = 2Mg 2+ + 3H4SiO� 

sepiolite(c) 
Mg2Sip 7 _,OH • 3H,0 + 0.5Hp + 4W = 2Mg 2+ + 3H4SiO'.; 

sepiolite(d) 
Mg,SiO4 fmienre + 4H+ = 2Mg2+ + H4 SiO� 
MgSiO, ,iinoeos:"tite + H2O + 2H+ = Mg2+ + H4SiO1 
Fe 1Si 2O_;(OH)4 """'10, + 6H+ = 3Fe'+ + 2H4SiO� + H1O 
Mg2• + Hco;,;, MgHco; 
Mg2+ + co� = MgCO� 
Mg2+ + SO; = MgSO� 
MnCO, rh,xJochr,,si<e(c) = Mnl+ + co;­
l\1lnCO3 rhododuO,\Ht:!<lJ = Mn2 .. + co�­
Mn(OHJ, p,c,,hruite + 2H• =Mn'•+ 2H,O 

Mn,O _, h"u,m.mnite + 81-I' + 2e- = 3Mn2•• + 4H,O 
MnOOH "'"nganite + 3H+ + e- =Mn'++ 2H2O 
MnO2 r-,rnl o ,ii, + 4H' + 2e- = ](fo'' + 2H 2O 
MnO, b'loeSsite + 4H + + 2e· = Mn'' + 2H,O
Mn2+ = Mn 3+ + e· 
Mn"+ + 4 H2O = M nOi- +8W + 4e­
MnS green+ H. = Mn 2+ + Hs-­
NaHCO1 nahcoli,,• =Na+ + HCO3 
NaHCO, • Na2CO, • 2H,0 = 3Na+ +cot+ HCO1 + 2Hz0 

trona 
NaCl halite = Na++ er·
NaAlSi,O, ,!hlie + 4H,O + 4H+ =Na+ + Al'++ 3H_,SiO� 
NaAISi,06 • HP,oaldie +4H'+ H,O = Na+ +Al'+ + 2H4SiO� 
NaSi,0 1_1(OH), • 3H2O + H+ + 9Hp =Na+ + 7H _,SiO� 

magadiite 

Nai1_3_1Al, _ _13Si,_,_,o l()(Ol·fh Na---h<,dellite + 7.33H' + 2.68 H i) 
= 0.33Na' + 2.33 Al·'++ 3.67H4SiO� 

Na+ + cot= NaC0-3 

Na'+ HCO1 = NaHCO� 
Na++ sot;,, NaSO� 
SiO2 quan, + 2H:O = H,SiOi 
SiO:? anmrpllou, + 2H 20 = H4

Si0� 
H4SiO� = W +- H3SiO4 
H4SiO� = 2W + H2SiOt 
H3SiO� = W + H2SiO:-

SrCO; ,trnn11anit1: == Sr2" + cot 

SrSO, cclestHe = Sr2+ +- sot
HSO;=SO! +W 
sot+ !OW+ 8e- = H2S0 + 4H,0 
S ,nlid + 2H- + 2e· = H2S0 

H,S0 = W + HS-
1-1s-=W+s2-
As2O3,"'""11" +- 3H,O = 2H_,AsO� 
As2 S3 n,pimcnt + 6H/) = 2H 3 AsO'; + 3HS- + 3H+ 

AsS re,i,u, + 3H2O = H3AsO� + Hs-· + 2H++ e·· FeAsO4 • 

2H2O scoroo,,c = Fe3+ + Aso�-- + 2H2O 
As ,oliu + 3�,0 = H3As0� + 3H+ + 3e

32.20 
21.40 
15.76 

[8.66 

28.31 
11.342 
20.8! 

1.07 
2.98 
2.37 

-11.43 
-10.39

15.2
61.03
25.34
41.38 
43.60 

-25.51
-127.82

3.8 
-0.548
-0.795 

1.582
4.70 

10.0
14.30

7.7

1.27
-0.25 

0.70
-3.98 
-2.71
-9.83

-23.0 
-13.17
-9.27
-6.63 
-1.988 
40.644 
4.88

-6.994
-12.92 
-1.40 

-60.97 
-19.75
-20.25 
-\2.17 

421 

Af1i(kJ/mol) 

-195.8 
-193.94 

-203.25
-83.9

3.31
l l.35
19.04
-5.98

--42 I.I 

-272.4 

108 
739
-24.23

15.56 
75.J 

3.84 
-68.7 

-100.8 

-160.5 

37.3 

4.69 
25.06 
14.0 
25.61 
73.6 

-l.68 
-4.34 

-16.11
273.8 
-39.75

22.18
50.6 
30.0 

346.8 
127.8

(Cominued j 
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the free ion. These numbers illustrate that the complexes become more important as the 
concentration of the ligand increases, and that as the concentration of the ligand 
increases, the concentrations of complexes containing two (or more) ligands become 
progressively more important compared to the complex containing only one ligand. 

6. Appendix II: K,p = 10 - 1101
, Solubility (a= m) = 10 550 m = 0.73 mg BaSO/1

The activity correction increases the solubility by l .6 percent. 

Appendix HI: K,p = 10-997, Solubility {a= m) = 10-499 m = 2.42 mg BaSO/!
The activity correction increases the solubility by 3.0 percent. 

7. Total cations= 26.39 meq/kg, total anions= 26.10 meq/kg; charge balance error [ 100 x
(Ications - I,anions)/(Ications +I.anions)= 0.6 percent. This represents good balance
between cations and anions. considering analytical uncertainty.
The activity coefficients are both 0.469.

Using Ksrso
4 

= 10-663 (Appendix III), log (IAPIK) = -1.00, IAPIK = 0.10, Saturation
ratio = 0.32.

Chapter 3 

1. 3.91
2. 5.93, 6.45 X 10-3 (I o-219) m
3. J.31 X 10-3 ( J0-2 88) m

4. (a) 0.36 x 10-3 mol/kg; (b) 0.052 x 10-3 mol/kg, 7.35, 10-� 13 atm. Note that much less
calcite is precipitated in the closed system case, and the final P

co 2 
is a factor of 2.3

higher in the closed system.
5. 32 ppm, pH 6.88

6. pH 7.58, mHclr = 0.18 x 10-3 

7. pH 8.32
8. 1.63 mm/100 y
9. l.75 mm/100 y (Note how little difference the "acid" makes in this calculation.)

10. Pco
2 

= 5.31 x I0-4 (10-327
) atm; IAP/K = 0.58 (SR= 0.76), log (IAPIK) =-0.23.

Chapter 4 

Smectite. dioctahedral
18 rneq/100 g (based on structural formula)

4. 50.2 to 100 meq/100 g

5. Na+ = 15.7 ppm; K+ = 0.33 ppm

Chapter 6 

1. (a) 5 x 10-2
; (b) 1. 0 ppm; (c) 1.0 ppm

2. 1.20, 10 to 30 for porosity 25 to 10 percent

3. 63 !

1.
3.
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Chapter 7 

1. (a) 12.4l;(b) 10.4l;(c)-5.05

Chapter 8 

1. 4.0y
2. 6.75 moles/m2 

3. 9.8 µmoll!

Chapter 10 

1. 6.8. 13.7, 97 ppm (using dissociation constants from the chapter)
2. 1.46 x 10-3 c 10-2•

84
) 

3. 10-540 

4. 6.91 (Appendix II); 6.90 (c), 7.63 (d) (Appendix III)
5. 2.27 ppm (Appendix Il); 2.21 ppm (c), 20.5 ppm (d) (Appendix III)
6. 10-8 15 (Appendix H); 10-soi (Appendix IU)
7. 10- 7 o3 (Appendix (II); 10-451 (Appendix Ill) kaolinite (less soluble)

Chapter 11 

4. 3.44 X 107 y. 9.55 X 105 y, 5.83 X 105 y, 107 y
5. A factor of 2.85. This suggests a strong temperature dependem:e.

Chapter 12 

1. Gmrels and Mackenzie (1971, pp. 170-173) suggested the atmosphere, halite, gypsum.
limestone/dolomite, Na and K feldspars altering to smectite.

Chapter 13 

1. (a) 4.5 to 4.6; (b) 4.4. Yes.
2. About 140 µeq//(based on a pH of 4.2)
3. ]80y

Chapter 16 

1. 23 days.
2. This can tie rationalized in various ways. You could say the mass to be diffused is only 

half as much as in the previous example, but the mean concentration gradient will be a 
bit less, so the required time will be a bit more than half that calculated in problem l. A 
reasonable guess would be anything between 0.5 and I times the value in example I ( 12 
to 30 days). A numerical model gives 1.48 x 106 sec= 17.1 days. Time scales as (crack 
thickness)2 , so decreasing the crack by a factor of 10 decreases the time by a factor of

100. to about 4 hours.






























