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Aqueous Solutions6
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FIGURE 6-1 Two representations of the neutral water molecule showing the distribution of charge in the
molecule.

Because of its ubiquity and importance in sustaining life, the chemistry of wa-
ter and aqueous solutions has been studied extensively. Water, H2O, is preva-
lent in the atmosphere, exists in fractures and pores in rocks at depth, is bound
in minerals like micas and clays, and is, of course, the predominate constituent
of seawater, rivers, and lakes. With the valence of oxygen of −2 and that of
hydrogen of +1, the structure of a water molecule can be depicted as shown
in Figure 6-1.

The O–H bonding distance in a water molecule is 0.97 Å (1.0 Å = 10−8

cm) with an H–O–H bond angle of 105º, close to the tetrahedral angle of
109.5º. The O–H bonding electron orbitals produce, on average, a negative
charge near the oxygen atom and a net positive charge in the vicinity of the two
hydrogens. H2O can, therefore, be modeled as an electric dipole (with a mo-
ment of 5.7 × 10−7 C m) having a separate positive and negative charge, al-
though the entire molecule is neutrally charged as shown in Figure 6-2a. The
electrical moment gives the charge times distance of separation. If considered
in more detail, because the positive charge on the water molecule is contributed
by two separate hydrogen atoms, H2O has some quadrupole characteristics,
as shown schematically in Figure 6-2b.

The nearly tetrahedral nature of the bonding orbitals causes solid H2O
(ice) to exist in an open, tetrahedral-like, framework structure. On heating to
0ºC at 1 bar ice (density of 0.9168 g ml−1) melts to liquid water of 9% greater
density (0.999987 g ml−1) as the open tetrahedral-like structure is replaced by
a more densely packed coordination in the liquid. This is why ice floats on liq-
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uid water when typically the solid of a compound sinks in its liquid. The high
melting point of ice (0ºC) relative to other hydrogen bonded compounds sug-
gests that a kind of quasi-tetrahedral framework is retained in the liquid. The
density of liquid water increases as temperature is raised from 0ºC to 4ºC as
the open structure in the liquid is destroyed. Above this temperature, the den-
sity begins to decrease as the water molecules separate to greater distances be-
cause of increased vibrational energy as temperature is increased. Water has
its greatest density, therefore, at 4ºC. The high boiling point of liquid H2O,
100ºC at 1 bar, relative to other hydrogen bonded liquids suggests strong in-
termolecular hydrogen bonding forces continue to exist in the liquid state.

The dipolar nature of liquid H2O is important for stabilizing charged species
like Na+ and Cl− in solution. To help understand this, consider the force of 
attraction, Fa, between two oppositely charged particles in a vacuum as given
by Coulomb’s law,

[6.1]

where q is the charge of the superscripted positive and negative species and d
is their distance of separation. The constant that relates the charge to its force
is typically written as 4πPo, where Po is termed the permittivity constant (8.8542
× 10−12 C2 N−1 m−2), which gives the polarizability in a vacuum.

If a substance is put between the charges rather than having a vacuum, 
Fa decreases. To account for this behavior, a relative polarizability, called the
dielectric constant, ε, is defined as

[6.2]e º
P
Po

Fa =
1

4pPo

q+ q-

d 2

Aqueous Solutions 187

+
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q−

q+
q−

q+

FIGURE 6-2 Water molecule represented with (a) a dipole charge showing the separation of + and −
changes in the molecule and (b) quadrupole charge where q+ denotes hydrogens and q− represents the
free orbitals containing electron lone pairs in the oxygen atom.

(a) (b)
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188 Aqueous Solutions

ε Substance

1.0 Vacuum

1.00054 Dry air (25ºC)

Non-hydrogen-bonded

1.6 CO2 (0ºC)

2.2 CCl4 (25ºC)

2.3 Benzene, C6H6 (25ºC)

Hydrogen-bonded

16.9 NH3 (25ºC)

84 HF (0ºC)

78.3 H2O (25ºC)

77.9 D2O (25ºC)

87.9 H2O (0ºC and 1 bar) liquid

80.4 H2O (20ºC and 1 bar)

55.5 H2O (100ºC and 1 bar)

25.5 H2O (300ºC and 1 kbar)

19.9 H2O (400ºC and 2 kbar)

17.6 H2O (500ºC and 4 kbar)

Solids

5.4–7.0 Mica (25ºC)

4.3 Quartz (25ºC)

5.7 Diamond

6.1 NaCl (25ºC)

Dielectric constant, ε, of the indicated substanceTable 6-1

where P is the value of the polarizability constant with a substance, termed
the dielectric, between the charges. As a ratio of polarizabilities, ε is a dimen-
sionless quantity. With a dielectric present, Coulomb’s law can be written as

[6.3]

Table 6-1 presents the values of ε for some substances. The relatively high value
of ε for H2O decreases somewhat with increasing temperature. It is clear from
an examination of Equation 6.3 that increasing ε would cause the force of at-
traction between two oppositely charged species in water to decrease; there-
fore, rather than combining to form a precipitate, a high ε in water stabilizes
the separated charged species, keeping them dissolved in solution.

The ions Na+ and Cl− with attractive force, Fa, between them in an aque-
ous solution are shown schematically in Figure 6-3. The water dipoles orient

Fa =
1

4pPo

q+ q-

ed 2
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FIGURE 6-3 Schematic diagram showing orientated water dipoles between Na+ and Cl− that decrease the
net force of attraction between these ions.

Name Formula

Ammonium NH4
+

Bicarbonate HCO3
−

Carbonate CO3
2−

Chromate CrO4
2−

Dichromate Cr2O7
2−

Phosphate PO4
3−

Sulfate SO4
2−

Sulfite SO3
2−

Some simple polyatomic ions common in aqueous solutionsTable 6-2

themselves so that on average the positively charged ends tend to face Cl− and
the negatively charged ends face toward the Na+ because of the coulombic at-
tractions between opposite charges. Thermal motion of the water molecules
keeps the dipoles from becoming perfectly aligned. The dipole alignment, how-
ever, produces a force operating in the opposite direction of that between Na+

and Cl− because the charges on the dipoles are orientated oppositely to the 
charge direction between Na+ and Cl−. The net force between Na+ and Cl−,
therefore, decreases. As a result, the dielectric, H2O, lowers the energy of at-
traction between the charged species, stabilizing Na+ and Cl− in solution. In 
other words, they are kept apart by the dielectric H2O so that they do not com-
bine to form NaCl. With higher temperature, thermal agitation causes less ori-
entation to occur and the dielectric constant of H2O, εH2O decreases.

Although many elements exist as single ions in aqueous solutions, certain
combinations of elements have particular stability in a single species. These
polyatomic ions are held together by covalent bonds. The names of some com-
mon polyatomic ions are given in Table 6-2. Sometimes hydrogen is also bonded
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to the ion, and the name is modified by the prefix word hydrogen for a single hy-
drogen atom and dihydrogen for two hydrogens, in the name. One, therefore,
has hydrogen phosphate, HPO4

2−, and dihydrogen phosphate, H2PO4
−, ions.

Acids, Bases, and pH

An acid is a substance that dissociates in water giving free protons, that is H+,
to solution. Although often written as H+, it is sometimes written as H3O+ be-
cause the free proton tends to form a cluster with H2O molecules. When con-
sideration of the clustering is important, H+ is probably better characterized
with tetrahedral coordination of H2O as H+•(H2O)4; however, in most situa-
tions, the representation as H+ is sufficient.

H2O undergoes some self-dissociation to produce H+ and OH− by the re-
action

H2O = H+ + OH− [6.4]

Consider a standard state for H2O of pure H2O at the pressure and tempera-
ture of interest together with a standard state for H+ and OH− of a 1 molal so-
lution but with the species behaving as though they are in an infinite sea of
H2O solution at the pressure and temperature of interest. The equilibrium con-
stant for Reaction 6.4 can then be written as

[6.5]

Remember from what has been discussed in Chapter 4 on the law of mass ac-
tion that the equilibrium constant for a reaction can be calculated from

[6.6]

where ΔGR
o is the standard state Gibbs energy of reaction. The standard state

Gibbs energies of the species found in SUPCRT92 (see Appendix F) at 25ºC
(298.15 K) and 1 bar allow the equilibrium constant of Reaction 6.4 to be cal-
culated, giving

[6.7]

so that KH2O = 10−13.995. This implies that very little self-dissociation occurs, and
the solution remains predominately H2O dipoles. With the standard state cho-
sen for H2O, aH2O can be taken as unity so that at 25ºC and 1 bar

[6.8]aH+ aOH- = 10-13.995

log KH2O =
(0.0 cal mol -1) + (- 37,595 cal mol -1) - (- 56,688 cal mol -1)

- 2.3026 ´ 1.9873 cal mol -1K -1 ´ 298.15 K
= -13.995

log K =
DGo

R
-2.3026 RT

KH2O =
aH+ aOH-

aH2O

190 Aqueous Solutions
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Acids, Bases, and PH 191

The molal activity coefficients of the charged species, H+ and OH−, can also 
be taken as unity because these species are at such low concentration in pure
H2O that they approximate the conditions of an infinitely dilute solution where
γi = 1. The sum of charges in the entire solution must be zero. With H+ and
OH− as the only charged species in pure H2O, it is clear that mH+ = mOH− and
with unit activity coefficients, aH+ = aOH−. As a result, Equation 6.8 can be 
written as

(aH+)2 = 10−13.995 [6.9]

or

aH+ = 10−6.997 [6.10]

at 25ºC and 1 bar. pH is defined as the negative of the base-10 logarithm of
the hydrogen ion activity of a solution. For pure H2O at 1 bar and 25ºC, this
gives pH = 6.997. Because pHs are typically only determined to two decimal
places, the pH of pure H2O is taken as 7.00. A solution that has a greater ac-
tivity of H+ than pure H2O (pH < 7) is termed an acid solution.

A base is a substance yielding an OH− species on dissolving in water. The
term basic solution is not used, but rather, solutions with OH− concentrations
greater than pure H2O are termed alkaline solutions. The alkali elements—H,
Li, Na, K, Rb, and Cs—readily form solid compounds such as NaOH and
KOH, which are bases when added to water. These are then alkaline solutions
because they contain significant quantities of alkalis as well as OH−. When
OH− is increased in solution, Reaction 6.4 proceeds to the left and H+ is con-
sumed until a new equilibrium is reached. Alkaline solutions therefore have a
pH > 7 at 1 bar and 25ºC.

When the acid HCl is added to an aqueous solution, the reaction

HCl = H+ + Cl− [6.11]

occurs with an equilibrium constant expression at 25ºC and 1 bar, which can
be written as

[6.12]

In this solution, associated HCl is virtually undetectable as nearly all of the
acid exists as H+ and Cl−. This can be demonstrated for a 1.0 m HCl solution.
For the purposes of this calculation, assume the activity coefficients are near
unity so that aH+ = mH+. Before adding 1.0 mole of HCl to 1000 g of H2O, the
H+ concentration is 10−7. Ignoring this insignificant amount of H+, after ad-
dition of the HCl

KHCl =
aH+ aCl-

aHCl
= 106.5
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192 Aqueous Solutions

1.0 = mHCl + mH+ or mHCl = 1.0 − mH+ [6.13]

Charge balance in the solution requires mH+ = mCl− + mOH−. With the mOH−

small relative to mCl− in this acid solution, mCl− = mH+ is a reasonable approxi-
mation. The equilibrium constant in Equation 6.12 can, therefore, be written
as

[6.14]

Solving for mH+, the value mH+ = 0.9999998 is obtained. The 1 m HCl is, 
therefore, considered “completely” disassociated, although about 0.0000002 m
of associated HCl is calculated to exist in the solution.

The strength of an acid or base can be specified in terms of its normality.
Consider a 1.0 N (normal) acid solution. 1.0 N acid is the quantity of acid
necessary to produce 1 mole of H + per liter of solution; therefore, 1.0 M HCl
solutions are 1.0 N, whereas 1.0 M H2SO4 solutions are 2.0 N as 2 moles of
H+ are released into solution for each mole of H2SO4 added. Because a 1.0 N
acid solution has mH+ = 1.0 = 100.0, the pH of this solution is 0.0 if activity 
coefficients are near unity. A 10 N acid solution would have a pH = −1.0. A
1.0 N base has an OH− concentration equal to 1.0 M (~1.0 m). Because aH+

× aOH− = 10−14, aH+ must equal about 10−14 or the solution has a pH of 14.0.
Acids such as HCl and H2SO4 are termed strong acids because they disas-

sociate almost completely in H2O. There are many acids where a significant
amount of the acid remains as the associated neutrally charged species in so-
lution. These are referred to as weak acids. Probably the most important weak
acid in understanding earth processes is carbonic acid. It can be denoted as
CO2(aq) but is often also written with an explicit water molecule included as the
species H2CO3. In this latter formulation, the standard molal Gibbs energy of
H2CO3 is equivalent to the sum of that of CO2(aq) plus an H2O molecule.

In water, carbonic acid disassociates by the reaction

[6.15]

with an equilibrium constant at 25ºC and 1 bar that can be calculated from
the Gibbs energies in SUPCRT92 for H2O and the aqueous species by consid-
ering Equation 6.6. This gives

[6.16]

so that

log KCO2(aq) =
(-140, 282 + 0.0) - (- 56, 688 + - 92,250) cal mol -1

- 2. 3026 ´ 1.9873 cal mol -1 K -1 ´ 298.15K
= - 6.34

H2O + CO2(aq) = HCO-
3 + H+

KHCl =
m2

H+

1.0 - mH+
= 106.5
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Acids, Bases, and PH 193

[6.17]

The HCO3
− produced by Reaction 6.15, termed bicarbonate, can disassociate

to produce acid and carbonate, CO3
2−, by the reaction

[6.18]

The equilibrium constant of this bicarbonate disassociation reaction at 25ºC
and 1 bar is

[6.19]

so that

[6.20]

The equilibrium constant expressions are related by the activity of H+.
Under what pH conditions are each of the three carbonate species, CO2(aq),
HCO3

−, and CO3
2− dominant? Equation 6.17 with aH2O = 1 can be written as

[6.21]

and Equation 6.20 as

[6.22]

If the activity coefficient ratios in Equations 6.21 and 6.22 are taken as unity,
these equations imply CO2(aq) dominates when pH < 6.34, whereas between a
pH of 6.34 and 10.33, HCO3

− dominates, and at pH > 10.33, CO3
2− domi-

nates. The calculated percentages of each species at a particular pH are shown
in Figure 6-4. With changes in activity coefficients as the ionic strength of the so-
lution changes, the concentration of carbonate in solution at a particular pH
will also change so that the lines in Figure 6-4 can shift somewhat.

To determine the concentration of species in solution where activity coef-
ficient effects are important, activity coefficient expressions need to be incor-
porated into the calculation. In the pure carbonate system, there are three
possible carbon-containing species, CO2(aq), HCO3

−, and CO3
2−, as well as three

hydrogen-containing species H+, OH−, and H2O. Six equations are needed 
to solve for the distribution of species in this solution. These include the two

gCO2-
3

gHCO-
3

mCO2-
3

mHCO-
3

=
10 -10.33

aH+

gHCO-
3

gCO2(aq)

mHCO-
3

mCO2(aq)

=
10-6.34

aH+

KHCO-
3

=
aCO2-

3
aH+

aHCO-
3

= 10-10.33

log KHCO-
3

=
(-126, 191 + 0.0) - (-140, 282) cal mol -1

-2.3026 ´ 1.9873 cal mol -1 K -1 ´ 298.15 K
= -10.33

HCO -
3 = CO2-

3 + H+

KCO2(aq) =
aHCO-

3
aH+

aH2O
aCO2(aq)

= 10 -6.34
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FIGURE 6-4 Relative abundance of carbonate species in water at 25ºC and 1 bar as a function of pH.

equilibrium constant expressions between carbon-containing species given in
Equations 6.17 and 6.20 as well as the equation for water disassociation in
Equation 6.5. A fourth equation comes from knowledge of the total inorganic
carbon contributed by species to the solution, CO2 total, of

[6.23]

Because the solution must be charge balanced, a fifth relationship is

[6.24]

The sixth constraint is that the mole fractions of all the i species in the solu-
tion, Xi, sum to unity:

[6.25]

With these six equations together with expressions to relate the activities of
species to their concentrations, such as the Debye-Hückel activity coefficient
expression for charged species and the Setchénow equation for neutral species
as discussed in Chapter 4, a more precise determination of the concentrations
of all of the species in solution can be made.

Problems occur in solving the set of equations when the concentration of
solutes in solution increases. Consider seawater, which to a first approxima-
tion is a 0.5 m NaCl + 0.05 m MgSO4 solution. With complete disassociation
of NaCl and MgSO4 in the solution, there are 1.1 moles of solute species (i.e.,
Na+, Cl−, Mg2+, and SO4

2−) per 1000 g of water. With the molecular weight of
H2O of 18.015 g mol−1, there are 55.51 moles of H2O in 1000 g of water or

XCO2(aq)
+ XHCO-

3
+ XCO2-

3
+ XOH- + XH+ + XH2O = 1.0

mH+ = mHCO-
3

+ 2mCO2-
3

+ mOH-

CO2total = mCO2(aq)
+ mHCO-

3
+ mCO 2-

3
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Acids, Bases, and PH 195

about 50 H2O molecules around each ion. Considering the three-dimensional
nature of the interactions, it is probable that significant interaction between 
oppositely charged ions produces species of lower charge in solution. That is,
in seawater at 25ºC, there are significant concentrations of species such as
MgCl+, NaSO4

−, and MgSO4
0. These species are called aqueous complexes be-

cause they involve the complexing together of the simple cations, Mg2+ and Na+,
with the anions, Cl− and SO4

2−. From an energetic standpoint, this occurs be-
cause the coulombic attraction of the oppositely charged ions is stronger than
the attraction of simple ions to water dipoles. Formation of complexes contain-
ing elements in a mineral structure leads to greater solubility of the mineral in
solution.

Consider the solubility of halite in seawater, a common mineral in evap-
orite deposits:

NaCl = Na+ + Cl− [6.26]

halite

Formation of species like NaSO4
− and MgCl+ from SO4

2− and Mg2+ in seawater
will lower the concentration of the Na+ and Cl− species in solution. This causes
Reaction 6.26 to proceed to the right, increasing the solubility of halite. To
solve for the distribution of all of the species in such solutions, the equilibrium
constant expressions for the formation of these aqueous complexes as given
in the reactions

[6.27]

and

[6.28]

need to be considered. A calculation of the distribution of species in solution
can often become very complex with the presence of aqueous complexes and
the need to consider activity coefficient effects. Other than for the simplest
cases, the number of equations gets large, and a numerical solution by com-
puter calculation is typically done. Some of the codes used for this purpose
are given in Table 6-3.

Shown in Figure 6-5 is the distribution of carbonate species at 25ºC and 1 bar
as a function of pH where the dissolved inorganic carbon in solution totals 
2 × 10−3 moles. The solid lines are values in pure water where activity coeffi-
cients are taken as unity. The dashed lines are for seawater with a salinity of

Mg2+ + Cl- = MgCl+ K (6.28) =
aMgCl+

aMg2+ aCl-

Na+ + SO2-
4 = NaSO-

4 K(6.27) =
aNaSO-

4

aNa+ aSO2-
4
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196 Aqueous Solutions

EQ3NR written and maintained by Tom Wolery (1992) at Lawrence Livermore Nat. Lab. See
EQ3NR, A Computer Program for Geochemical Aqueous Speciation-Solubility Calculations:
Theoretical Manual, User’s Guide, and Related Documentation. Version 7.0. UCRL-MA-110662 
PT III. http://geosciences.llnl.gov/esd/geochem/EQ36manuals/eq3nr.pdf.

MINEQL was developed by Westall et al. in 1976 after an earlier REDEQLO model of Morel and
Morgan. A later modification is MINTEQA2 (Allison, G. D., Brown, D. S. and Novo-Gradac, K. J.,
1990, MINTEQA2/PRODEFA2, A Geochemical Assessment Model for Environmental Systems.
Version 3. User’s manual. Environmental Research Lab, U.S. Environmental Protection Agency,
Athens, Georgia, USA). Scientific Software Group, P.O. Box 708188, Sandy, Utah 84070. 
Visual MINTEQ ver. 2.12, is an interface for Windows 95 or later operating systems at
http://www.lwr.kth.se/english/OurSoftware/Vminteq/.

PHREEQE program and its derivatives were developed by the U.S. Geological Survey with an eye
toward groundwater chemistry. The current version is PHREEQC (Version 2) by David Parkhurst of
the U.S.G.S. http://water.usgs.gov/software/geochemical.html. A web-based version WEB-PHREEQ

by Bernhardt Saini-Eidukat is also available at http://www.ndsu.nodak.edu/webphreeq/. 

SOLVEQ written and maintained by Mark Reed (U. Oregon); see Reed, M. II. (1998). Calculation
of simultaneous chemical equilibria in aqueous–mineral–gas systems and its application to
modeling hydrothermal processes. In Richards J., Larson P. (eds.), Techniques in Hydrothermal
Ore Deposits Geology. Reviews in Econ. Geol., vol. 10, pp. 109–124.

The Geochemist’s Workbench® Release 4. A commercial product offered by C. Bethke. See
Bethke (1996). Geochemical Reaction Modeling, Concepts and Applications. Oxford Univ. Press
or http://www.geology.uiuc.edn/Hydrogeology/GWBUsersGuide.pdf.

WATEQ4F, first developed by Truesdell and Jones (1974); see Ball, J. W. and Nordstrom, D. K.,
1991, User’s Manual for WATEQ4F, With Revised Thermodynamic Database and Test Cases for
Calculating Speciation of Major, Tracc, and Redox Elements in Natural Waters. U.S. Geological
Survey Open-File Report 91-183,189 p. Available at http://water.usgs.gov/software/wateq4f.html.

Some available distribution of species calculation softwareTable 6-3

35 g per 1000 g of solution where the effects of all of the species, including boric
acid, are considered. CO2(aq) is less stable in salt solutions depressing its con-
centration over that of pure H2O. Also, CO3

2− has a higher concentration than
the other carbonate species at pH > 8.9 in seawater at 25ºC and 1 bar but only
above a pH of 10.3 in the pure water system. This indicates that CO3

2− is a sig-
nificant carbonate species in surface seawater (pH = 8.1 to 8.35). This would
not be the conclusion from considering the pure water system where, as indi-
cated in Figure 6-5, an insignificant amount of CO3

2− is present at these pHs.
The reason that CO3

2− increases its stability relative to HCO3
− in seawater is that 

activity coefficients of charged species decrease with the square of charge of the
species (see Figure 4-13). As a doubly charged species, CO3

2− decreases its ac-
tivity coefficient to a greater extent than HCO3

−. Decreased activity coefficients
then decrease the species activity, lowering its Gibbs energy and make it more
stable.
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FIGURE 6-5 Concentrations of carbonate species where the total inorganic carbon in solution is 2
millimoles. Solid lines are for pure H2O, and dashed lines for seawater at 25ºC and 1 bar as a function of
pH. (Adapted from Zeebe and Wolf-Gladrow, 2001.)

pH Buffers

Consider a small amount of acid, say 10−3 moles of HCl, added to 1000 g of
pure H2O. Using Equation 6.12, the pH is calculated to change from 7 to ap-
proximately 3. Now consider the input of water to the oceans that comes pre-
dominately from rain and river water. These waters are acidic solutions generally
with a pH between 4.5 and 6.5. Ocean water, on the other hand, is alkaline
with a pH between 7.7 and 8.35. Why does ocean water not become increas-
ingly acidic with continued addition of this acidic water?

To answer this question, consider a simplified artificial “seawater” made
by adding 0.01 moles of the salt Na2CO3 (sodium carbonate) and 0.01 moles
of the salt NaHCO3 (sodium bicarbonate) to 1000 g of H2O. Both Na2CO3 and
NaHCO3 dissolve completely, producing a solution that contains 0.03 m of Na+,
0.01 m of CO3

2−, and 0.01 m of HCO3
−. The pH of this solution with equal CO3

2−

and HCO3
− is ~10.33, as indicated in Figure 6-4 or calculated from Equation

6.22 if one assumes γHCO3
− = γCO3

2− at the low ionic strength of the solution. 
Now consider what happens if 10−3 moles of HCl are added to 1000 g of this
solution. After addition of the acid, the reaction

[6.29]

proceeds to the right. Most of the 0.001 moles of acid added are consumed by
the carbonate ion to produce bicarbonate, increasing mHCO3

− to about 0.011
and decreasing mCO3

2− to nearly 0.009. From Equation 6.22

H+ + CO2-
3 = HCO-

3
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198 Aqueous Solutions

[6.30]

or a pH of 10.24 is produced. The addition of the acid, therefore, has 
only changed the pH of the solution from 10.33 to ~10.24 rather than to a
pH = 3, as is the case with pure H2O.

What if 10−3 moles of base is added to the solution instead? In this case,
the reaction

[6.31]

proceeds to the right. Again the ratio of HCO3
− to CO3

2− remains nearly con-
stant so that the pH changes little. A solution that keeps the pH nearly con-
stant when acid or base is added is called a pH buffer. pH buffering occurs
when a weak acid (e.g., HCO3

−) and the salt of the acid (e.g., CO3
2−) are pres-

ent at significant concentrations in a solution.
The pH buffering of ocean water to keep the pH between 7.7 and 8.35 is

more complicated than just the reactions given above and depends to some
extent on reactions that are rate dependent. The range of values of pH occurs
because of small differences in temperature, ionic strength, and total CO2.
Calcite plays a part in buffering pH where it is present. In Chapter 7, pH buffer-
ing in seawater is discussed in more detail.

Alkalinity

To determine the amount of CO2(aq), HCO3
−, and CO3

2− in a solution, alkalin-
ity and carbonate titration curves need to be understood. As indicated above,
depending on pH, CO2 in an aqueous solution can exist as any of the three
different species: carbonic acid, CO2(aq), bicarbonate, HCO3

−, or carbonate ion,
CO3

2−. How much of each of these species exists in surface water in equilib-
rium with atmospheric CO2?

With a concentration of CO2 gas in the atmosphere, CO2(g), an equilibrium
is set up with dissolved CO2(aq), carbonic acid, in surface water that can be
written as

CO2(g) = CO2(aq) [6.32]

The equilibrium constant for this reaction at 25ºC and 1 bar as calculated
from SUPCRT92 data is

[6.33]log KCO2(g) =
(-92,250) - ( -94,254) cal mol -1

- 2.3026 ´ 1.9873 cal mol-1 K -1 ´ 298.15K
= -1.47

OH- + HCO-
3 = H2O + CO2-

3

aH+ =
mHCO-

3

mCO2 -
3

KHCO-
3

=
0.011
0.009

10-10.33 = 10-10.24
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Alkalinity 199

The equilibrium constant for this reaction is then

[6.34]

The CO2 gas, at its low concentration in the atmosphere, behaves nearly ide-
ally so that fCO2 = PCO2. This allows Equation 6.34 to be written as

aCO2(aq)
QQQQ = KCO2(g)

QQQQ2222PCO2
22222222 [6.35]

The relationship between carbonic acid and bicarbonate has already been con-
sidered in Reaction 6.15 for which the equilibrium constant expression is given
in Equation 6.17. Combining Equations 6.17 and 6.35 results in

[6.36]

At constant PCO2, therefore, H+ is inversely related to HCO3
− concentration.

Because a solution is always charge balanced

[6.37]

where the left-hand side of the equation tallies the charges on all of the cations
in solution and the right-hand side all the anions. Ions such as Na+, K+, Ca2+,
Cl− are conservative in that their molalities are generally unaffected by changes
in P, T, or pH. Clearly, at elevated P and T when aqueous complexes form or
at extremes of pH where species such as Ca(OH)2(aq) become stable these aque-
ous species would not be conservative; however, in normal waters near the
earth’s surface where the concept is relevant, they are conservative. Equation
6.37 can therefore be rewritten as

[6.38]

where the summations are taken in charge equivalents. The right-hand side of
Equation 6.38, which tallies the species affected by pH, is termed the total al-
kalinity. In natural water, often the only nonconservative species important in
determining alkalinity are HCO3

− and CO3
2−. In seawater, however, the species

B(OH)4
− is approximately 3% of total alkalinity.

The species OH− and H+ as well as other charged nonconservative species
generally become significant in the summation only at very high or low pH. In
somewhat acid to somewhat alkaline solutions, the total alkalinity is, therefore,
often equal to the carbonate alkalinity given by mHCO3

− + 2mCO3
2−. Under these

conditions, carbonate alkalinity is equal to the summation of the conservative

åconservative cations - åconservative anions =
mHCO-

3
+ 2mCO2-

3
+ mOH - - mH+ + mH3SiO-

4
+ mB(OH)-

4
+ mHS - + morganic anions

mNa+ + mK+ + 2mCa2+ . . . = mCl- + mHCO-
3

+ 2mCO2 -
3

. . .

aH+ aHCO-
3

= KCO2(aq)
KCO2(g)

PCO2

KCO2(g) =
aCO2(aq)

fCO2(g)

= 10-1.47
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200 Aqueous Solutions

species and is therefore also conservative. Carbonate alkalinity is independent
of PCO2

because PCO2
is not directly involved in charge balance. For instance,

increasing PCO2
increases mHCO3

−. The reaction that occurs can be written as

CO2(g) + H2O + CO2−
3 = 2 HCO3

− [6.39]

or

CO2(g) + H2O = H+ + HCO3
− [6.40]

In Reaction 6.39, the alkalinity gained by mHCO3
− is balanced by loss of mCO3

2−.
In Reaction 6.40, alkalinity gained by mHCO3

− is balanced by increase of mH+.
Also, if a solution does not exchange with a CO2 reservoir like the atmosphere,
the total dissolved carbonate, ∑CO2, can also be considered to be conserved
because the sum of the concentrations of species CO2(aq), HCO3

−, and CO3
2− de-

fines the total inorganic carbon in solution. The concentrations of bicarbon-
ate and carbonate ion needed to calculate the alkalinity are determined by
titrating the solution with acid and determining the amount of acid necessary
to change pH of the solution to a pH near 4.3 (see below). This is reported as
total alkalinity or as carbonate alkalinity if carbonate species are the only non-
conservative species that are important.

Alkalinity Titration

Consider titrating 1 liter of 5 × 10−3 m Na2CO3 with 1 molar HCl in a vessel
where no gas phase is present. How does pH vary when adding increments of
HCl to the solution? Assume for this exercise that activity coefficients as well
as the activity of H2O are unity. To start with

[6.41]

in the solution where

[6.42]

Charge balance in the solution before the addition of acid implies

[6.43]

Also, before HCl is added mH+ is negligible in this alkaline solution; therefore,
Equation 6.43 simplifies to

mNa+ = mHCO-
3

+ 2mCO2-
3

+ mOH- - mH+

åCO2 = mCO2(aq)
+ mHCO-

3
+ mCO2-

3

mNa+ = 10-2m and åCO2 = 5 ´ 10-3m
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Alkalinity Titration 201

[6.44]

With an alkaline solution, mCO2(aq) is also small so that Equation 6.42 can be
written as

[6.45]

Multiplying Equation 6.45 by 2 and subtracting it from Equation 6.44 results in

[6.46]

Remember that mNa+ = 2∑CO2 because of the 1:2 ratio of Na and CO2 in
Na2CO3. Equation 6.46 can, therefore, be written as

mHCO3
− = mOH− [6.47]

From Equation 6.5 with aH2O = 1 and making the substitution for mOH− given
in Equation 6.47 results in

[6.48]

The CO3
2− can be determined by considering the disassociation of bicar-

bonate, Reaction 6.18, with an equilibrium constant expression given in
Equation 6.20. Substituting Equation 6.48 into Equation 6.20 gives

[6.49]

Substituting Equations 6.48, 6.49, and 6.5 into Equation 6.44 produces

[6.50]

Using the 25ºC and 1 bar values of KH2O = 10−14.00 and KHCO3
− = 10−10.33 toge-

ther with mNa+ = 10−2 m and multiplying both sides by (mH+)2, Equation 6.50 be-
comes

10−????2(mH+)2 = 2 × 10????−111114 mH+ + 2 × 10????−????24.33 [6.51]

Solving for mH+ by using the quadratic equation, mH+ = 10−10.97; therefore, 
the pH = 10.97 before the 1 molar HCl is added to the solution. With addi-
tion of HCl, the charge balance in solution becomes

mNa+ =
KH2O

mH+
+ 2

KHCO-
3
KH2O

m2
H+

+
KH2O

mH+

mCO2-
3

=
KHCO-

3
KH2O

m2
H+

mHCO-
3

=
KH2O

mH+

mNa+ - 2åCO2 = - mHCO-
3

+ mOH-

åCO2 = mHCO-
3

+ mCO2-
3

mNa+ = mHCO-
3

+ 2mCO2-
3

+ mOH-
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202 Aqueous Solutions

[6.52]

With x ml of HCl added and with 10−2 m of the conservative ion Na+ in so-
lution, Equation 6.52 can be written as

10
−2 − 10

−3 x = mHCO3
− + 2mCO2−

3
+ mOH− − mH+ [6.53]

Combining Equations 6.7 and 6.20 gives

[6.54]

By substituting Equations 6.17, 6.54, and 6.5 into Equation 6.53,

[6.55]

Substituting values given in Equations 6.17 and 6.53 into the expression for
total inorganic carbon in solution, Equation 6.42, becomes

[6.56]

Combining Equations 6.55 and 6.56 results in

[6.57]

Values of x can be input into Equation 6.57, and the pH can be calculated.
This produces the heavy solid curve shown in Figure 6-6. The curve contains two
inflection points (endpoints) at 5 ml of HCl (point B), where pH = 8.35, and
at 10 ml of HCl (point D), where pH = 4.32. With the alkaline solution start-
ing at point A, acid is added to convert all CO3

2− to HCO3
−. This occurs at end-

point B where there are equivalent molalities of CO3
2− and CO2(aq). At this 

point, these molalities are two orders of magnitude below mHCO3
− so that vir-

tually all of the CO3
2− has been converted to HCO3

−. For each mole of acid
added, 1 mole of CO3

2− is converted to HCO3
− so that the moles of acid used 

to change the pH from point A to point B (5 × 10−3 moles) give the molality 
of CO3

2− in the 1000 g solution. With continued titration of acid, all of the 
carbonate in solution is converted into CO2(aq) at point D. This equivalence
point is when mH+ = mHCO3

−, but again, this is two orders of magnitude below
the concentration of CO2(aq) in solution. The amount of acid titrated to point D 

10-3 x = 10- 2 -
5 ´ 10-3 KCO2(aq)

(1 +2KHCO-
3

/mH+)

mH+ + KCO2(aq)
+ KCO2(aq)

KHCO-
3

/mH+
- 10-14

mH+
+ mH+

5 ´ 10
-3 = mCO2(aq) +

KCO2(aq)
mCO2(aq)

mH+
+ 2

KHCO-
3
KCO2(aq)

mCO2(aq)

m2
H+

10-2 - 10-3 x =
KCO2(aq)mCO2(aq)

mH+
+ 2

KHCO-
3

KCO2(aq) mCO2(aq)

m2
H+

+
KH2O

mH+
- mH+

mCO2-
3

=
KHCO-

3
KCO2(aq)

mCO2(aq)

m2
H+

mNa+ - mCl- = mHCO-
3

+ 2mCO2-
3

+ mOH- - mH+
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FIGURE 6-6 Acid titration of a 1000-ml alkaline carbonate solution of pH 11 shown as the heavy solid line.
The short dash lines give the log concentration of the indicated species in solution as a function of pH as
given on the left vertical axis. Beginning at point A, the volume of acid added is given on the right scale,
and the resultant change in pH to a pH below 3 is shown. Note the change in the slope of the curve at
points B and D where a small addition of acid changes the pH rapidly. At these points, only one carbon-
containing species is significant, and thus, the solution does not buffer the pH with addition of acid.
(Adapted from Drever, 1988.)

(1 × 10−2 moles) is then equal to the carbonate alkalinity (mHCO3
− + 2mCO3

2−)
of 1 × 10−2 m; therefore, CO3

2− is the only inorganic carbon containing species
in the original pH = 10.97 solution, as indicated by the species concentrations
given by the short dash lines in Figure 6-6. At the endpoints, pH changes so
rapidly with addition of a small amount of acid that knowledge of the exact
pH is not so important.

Alkalinity of water is the capacity of species in solution to act as a base by
reacting with protons. An alkalinity titration is a useful analytical procedure
that provides information on the distribution of negatively charged species in
solution, their pH buffering ability, and therefore, the stability of the pH of the
solution. For instance, such a titration done on lake water can be used to help
predict the effect of a particular extent of acid rain on the lake’s pH.

Mineral Solubility

With an understanding of the effects of changes in pH on the concentration of
species in solution, mineral solubility controls on solution composition can be
investigated. Consider first the mineral brucite (Brc) dissolving in H2O:
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204 Aqueous Solutions

Mg(OH)2 = Mg2+ + 2OH−
−−−−

[6.58]

Brc

The equilibrium constant expression for this reaction is

[6.59]

This is related to the standard state Gibbs energy of reaction, ΔGR
o, by

[6.60]

A standard state for brucite of the pure mineral at the pressure and tempera-
ture of interest and for the aqueous species, a 1 molal solution whose proper-
ties are those of infinite dilution in H2O at the pressure and temperature of
interest can be used. ΔGR

o for the brucite solubility Reaction 6.58 can then be
computed at 25ºC and 1 bar from values of the Gibbs energies of the species
with SUPCRT92 data. This gives

[6.61]

or

KBrc = 2.0 × 10−12 [6.62]

If brucite is pure, so that there is no nonstandard state contribution to its
Gibbs energy, aBrc = 1. The concentrations of Mg2+ and OH− are low, being
near the infinite dilution standard state for the aqueous species. Under these
conditions, the approximation of γ = 1 for the aqueous species can be made 
so that KBrc in Equation 6.59 is given by

[6.63]

The subscript sp indicates that Ksp
Brc is the molal solubility product of brucite.

A molal solubility product is equal to the product of the species molalities
raised to their stoichiometric coefficients in the solubility reaction. Ksp of a
solid is equal to the equilibrium constant, K, when the activity of the solid is
unity and activity coefficients of the aqueous species can also be taken as 1. At
25ºC and 1 bar, K sp

Brc is then KBrc = 2.0 × 10−12. Often in the literature, the two
terms are equated. This is reasonable for dilute aqueous solutions; however,
for concentrated solutions such as seawater, activity is significantly different
from molal concentration.

For brucite solubility in pure H2O, the only significant magnesium species
in solution is Mg2+. Each mole of brucite dissolved per 1000 g of water releases

KBrc
sp = mMg2+ m2

OH-

log KBrc =
(-108, 505 + 2(-37, 595)) - (-199, 646 ) cal mol -1)

- 2.3026 ´ 1.9873 cal mol-1 K-1 ´ 298.15 K
= - 11.7

log KBrc = -
DGo

R
2.303RT

KBrc =
aMg2+ a2

OH-

aBrc
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Solubility of Carbonate Minerals 205

1 mole of Mg2+ and 2 moles of OH− to solution. The moles of Mg2+ added to
1000 g of H2O, therefore, equal the solubility of brucite, s, in terms of molal-
ity. The moles of OH− per 1000 g of H2O equal 2s and

K sp
Brc = mMg2+ m 2

OH− = s × (2s)2 = 2.0 × 10−12 [6.64]

so that

4s3 = 2.0 × 10−12 [6.65]

or the amount of brucite dissolved per kg of H2O is 7.9 × 10−5 m. Now con-
sider brucite solubility in a 0.1 m MgCl2 solution, and assume that activity co-
efficients are unity. Before addition of the brucite, the solution has 0.1 mole of
Mg2+. The solubility product of brucite in this solution can be written as

K sp
Brc = mMg2+ m 2

OH− = (0.1 + s) (2s)2 = 2.0 × 10−12 [6.66]

resulting in

4s3 + 0.2s2 = 2.0 × 10−12 [6.67]

Because s is a small number, 4s3 is small compared with 0.2s2. It can be ignored,
and s is calculated to be 3.2 × 10−6 m. This indicates a decrease in the solubility
of brucite in a MgCl2 solution over that in pure water. This is what is called 
the common ion effect. That is, the solubility of a mineral decreases relative to
its value in pure H2O in a solution where any ions that occur in the ion solubil-
ity reaction for the mineral are also present in solution. Remember, however,
that whenever aqueous complexes are present, they tend to mitigate this effect.

Often, it is important to know whether a solution is saturated, supersatu-
rated, or undersaturated with respect to a particular mineral. To make this de-
termination an ion activity product, Kiap, is calculated given by the product of
the measured molalities of the species in solution raised to their stoichiomet-
ric coefficients in the solubility reaction. If Kiap/Ksp = 1, the solution is satu-
rated; if greater than 1, it is supersaturated, and if less than 1, it is undersaturated
relative to equilibrium with the mineral.

Solubility of Carbonate Minerals

As an example of the solubility of a carbonate mineral, consider calcite in pure
water. Because surface waters are typically in equilibrium with CO2 in the at-
mosphere, it is appropriate to calculate the solubility for a fixed partial pressure
of CO2. In this case, fCO2 ~ PCO2 = 10−3.5. From Equation 6.34, this implies
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206 Aqueous Solutions

aCO2(aq) = 10
−1.47 10

−3.5 = 10
−4.97 [6.68]

Equation 6.17 becomes

aH+ aHCO3
− = 10−6.34 10−4.97 = 10−11.31 [6.69]

or

[6.70]

Equation 6.20 can be written as

[6.71]

or considering Equation 6.70

[6.72]

Equation 6.8 can be solved for aOH− to give

[6.73]

The solubility reaction for calcite is

CaCO3 = Ca2+ + CO3
2−

[6.74]

The equilibrium constant for Reaction 6.74 with calcite as the CaCO3 phase,
KCal, at 25ºC and 1 bar from the SUPCRT92 data is computed to be

[6.75]

The equilibrium constant expression for Reaction 6.74 becomes

[6.76]

and substituting from Equation 6.72 gives

aCa2+ = 1013.16(aH+)2 [6.77]

aCa2+ = 10-8.48

aCO2-
3

log KCal =
(-132, 120 + -126, 191) - (-269, 880) cal mol -1

-2.3026 ´ 1.9873 cal mol-1 K -1 ´ 298.15 K
= - 8.48

aOH- =
10-14.0

aH+

aCO2-
3

=
10-21.64

(aH+)2

aCO2-
3

= 10-10.33
aHCO-

3

aH+

aHCO-
3

= 10-11.31

aH+
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Solubility of Silicate Minerals 207

Because of charge balance in solution, with calcite dissolution in pure H2O

2mCa2+ + mH+ = 2mCO2
3

− + mHCO3
− + mOH− [6.78]

Assuming activity coefficients are unity so that the values in Equations
6.70, 6.72, 6.73, and 6.77 can be substituted into Equation 6.78 gives

[6.79]

After multiplying both sides by m 2
H+ this can be rewritten as

[6.80]

Solving this equation for mH+ by noting that the second term on the left is 
unimportant results in mH+ = 10−8.26 or the solution pH = 8.26. Using this 
value from Equation 6.77, mCa 2+ = 10−3.36 or 4.4 × 10−4 mCa2+ and from 
Equation 6.70, 10−3.05 = 8.9 × 10−4 mHCO3

−. Calcite solubility in equilibrium with
CO2 in the atmosphere results in a concentration of dissolved CO2 greater
than Ca in solution.

Solubility of Silicate Minerals

Consider the solubility of silica polymorphs at earth surface conditions. As
pointed out in Chapter 5 on mineral chemistry, there are a number of com-
mon SiO2 polymorphs. The most soluble form of SiO2 is amorphous silica
(AmSi). Its solubility reaction can be written as

SiO2(AmSi) = SiO2(aq) [6.81]

The equilibrium constant expression at 25ºC and 1 bar for Reaction 6.81 from
SUPCRT92 data is

[6.82]

The least soluble SiO2 polymorph and, therefore, the thermodynamically most
stable Si mineral at 25ºC and 1 bar is quartz (Qtz) with a solubility reaction of

SiO2(Qtz) = SiO2(aq) [6.83]

and an equilibrium constant at 25ºC and 1 bar of

log K(AmSi) =
(-199, 190 cal mol -1) - (- 202,892 cal mol -1 )

- 2.3026 ´ 1.9873 cal mol -1 K-1 ´ 298.15 K
= - 2.71

1013.46m4
H+ + m3

H+ - 10-11.31 mH+ = 10-21.34

2 ´ 1013.16(mH+)2 + mH+  = 2 ´
10-21.64

(mH+) 2 +
10-11.31

mH+
+

10-14.0

mH+
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FIGURE 6-7 Solubility of quartz (thick solid line) and amorphous silica (thick dash line) as a function of pH
at 25ºC and 1 bar. The short dash lines show the contributions of the indicated species to the total quartz
solubility. The long dash vertical lines divide the pH scale into regions where SiO2(aq), H3SiO4

−, and H2SiO4
2−

are the dominant Si aqueous species in the solution.

[6.84]

The neutrally charged Si aqueous species in solution, SiO2(aq), is often also writ-
ten as H4SiO4

o and called silicic acid. From a thermodynamic standpoint, these
species are equivalent in pure H2O as the reaction

SiO2(aq) + 2H2O = H4SiO4º [6.85]

is considered to have a ΔGR
o = 0.0 at all pressures and temperatures. The mo-

lar Gibbs energy of SiO2(aq) and H4SiO4
o at any pressure and temperature, there-

fore, differs only by the Gibbs energy of 2 moles of water molecules.
H4SiO4

o is a very weak acid that dissociates in alkaline solutions, giving up
H+. The reaction can be written as

H4SiO4º = H3SiO4
− + H+ [6.86]

with a molal equilibrium constant at 25ºC and 1 bar of K(6.86) = 10−9.82 (Baes
and Mesmer, 1976). In other words, the concentration of H3SiO4

− increases
with pH. At a pH of 9.82, there are equal activities of H4SiO4

o and H3SiO4
−,

and at higher pH, the concentration of H3SiO4
− is greater than H4SiO4

o. The re-
lationships are outlined in Figure 6-7.

log K(Qtz) =
(- 199, 190 cal mol -1) - (- 204,646 cal mol-1)

- 2.3026 ´ 1.9873 cal mol-1 K-1 ´ 298.15 K
= - 4.00
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Solubility of Al-Containing Minerals 209

At even more alkaline conditions, H3SiO4
− disassociates by the reaction

H3SiO4
− = H2SiO4

2−
+ H+ [6.87]

with a molal equilibrium constant at 25ºC and 1 bar of K(6.87) = 10−13.10 (Baes
and Mesmer, 1976). At a pH = 13.1, there is, therefore, an equal activity of
H3SiO4

− and H2SiO4
2− in solution. Because most waters of interest have a pH

< 9, where H4SiO4
o (i.e., SiO2(aq)) is dominant, this species is often considered 

to be the only Si species in solution; however, at very alkaline conditions, other
silica species become stable, and these solutions in equilibrium with silicate
minerals can have very high concentrations of dissolved Si.

Solubility of Al-Containing Minerals

Another important constituent of minerals in the earth’s crust is Al. Al-rich
phases are not very soluble in H2O at 25ºC. The stable Al phase at 25ºC and
1 bar in aqueous solutions is gibbsite (Gbs), Al(OH)3. The solubility of gibb-
site is complicated by the fact that in equilibrium with H2O there are five im-
portant aqueous Al species whose concentrations are pH dependent. These
can be represented as Al3+, AlOH2+, Al(OH)2

+, Al(OH)3
o, and Al(OH)4

−, al-
though Al3+ likely exists in aqueous solutions dominantly as octahedral
Al(H2O)6

3+.
To determine the solubility of gibbsite, the solubility reaction to each of these

species can be summed. Generally, it is reasonable to assume gibbsite and H2O
are pure so their activities can be taken as unity. In this case, the solubility re-
actions and the logarithm of their equilibrium constants are

3H+ + Al(OH)3(Gbs) = Al3+ + 3H2O [6.88]

[6.89]

2H+ + Al(OH)3(Gbs) = AlOH2+ + 2H2O [6.90]

log K(6.90) = log aAlOH2+ - 2 log aH+

=
((- 166,425  + (2 ´ (- 56,688 )) - (- 276,168) - (2 ´ 0.0)) cal mol-1

- 2.3026 ´ 1.9873 cal mol -1 K-1 ´ 298.15 K
= 2.66

)

log K(6.88) = log aAl3+ - 3 log aH+

=
((- 116,510) + (3 ´ (- 56,688 )) - (- 276,168) - (3 ´ 0.0)) cal mol-1

- 2.3026 ´ 1.9873 cal mol-1 K-1 ´ 298.15 K
= 7.63

[6.91]

59223_CH06_Walther v_7.qxd  9/17/08  2:13 AM  Page 209

© Jones and Bartlett Publishers, LLC.  NOT FOR SALE OR DISTRIBUTION.



210 Aqueous Solutions

–10

–8

–6

–4

–2

0

2

2 4 6 8 10 12

–9.42

L
og

 o
f 

to
ta

l A
l m

ol
al

ity

Gibbsite
25oC  1 bar

Al3+Al(OH)4
−

Al(OH)3
o

Al(OH)2
+

Al(OH) 2+

FIGURE 6-8 Solubility of gibbsite as a function of pH at 25ºC and 1 bar. The dashed lines show the
concentrations of the indicated Al aqueous species in solution. The solid line represents the sums of these
contributions to produce the overall solubility of gibbsite.

H+ + Al(OH)3(Gbs) = Al(OH)2
+ + H2O [6.92]

[6.93]

[6.94]

[6.95]

and

[6.96]

[6.97]

In Figure 6-8, plotted against pH are the log molalities of Al species in solution at
25ºC and 1 bar calculated from Equations 6.88 to 6.97 assuming activity coef-
ficients are unity. Unlike quartz solubility, gibbsite solubility increases both at

log K(6.96) = log aAl(OH)-
4

+ log aH+

= ((- 312,087 - (- 56,688)0.0) - (- 276,168)) cal mol -1

- 2.3026 ´ 1.9873 cal mol-1 K-1 ´ 298.15 K
= - 15.22

) (+

H2O + Al(OH)3(Gbs) = Al(OH)-
4 + H+

log K(6.94) = log aAl(OH)o
3

=
((- 263,321 ) - (- )) cal mol- 1

- 2.3026 ´ 1.9873 cal mol-1K-1 ´ 298.15 K
= - 9.42

276,168

Al(OH)3(Gbs) = Al(OH)o
3

log K(6.92) = log aAl(OH)+
2

- log aH+

=
(( - 214,987) + ( - 56,688) - (- 276,168) -

-
(2 ´ 0.0)) cal mol -1

- 2.3026 ´ 1.9873 cal mol-1 K-1 ´ 298.15 K
= 3.29
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log KKln = 2 log (aAl3+ / a3
H+ ) + 2 log aSiO2(aq)

+ 5 log aH2O - aKln

=
- 6 ´ (0.0))cal mol -1

- 2.3026 ´ 1.9873 cal mol-1K-1 ´ 298.15 K

(2 (- 116, 510) + 2 (- 199, 190) + 5 (- 56, 688) - (- 905,614)´ ´ ´

Solubility of Al-Containing Minerals 211

Mineral Abbreviation Formula

Quartz Qtz SiO2

Amorphous silica AmSi SiO2

Corundum Crn Al2O3

Diaspore Dsp AlO(OH)

Boehmite Bhm AlO(OH)

Gibbsite Gbs Al(OH)3

Andalusite And Al2SiO5

Kyanite Ky Al2SiO5

Sillimanite Sil Al2SiO5

Kaolinite Kln Al2Si2O5(OH)4

Pyrophyllite Prl Al2Si4O10(OH)2

Names, abbreviations, and formulas for mineral phases 
in the system SiO2−Al2O3−H2OTable 6-4

low and high pH relative to near neutral pH. This occurs because positively and
negatively charged Al species can be stable in solution. Gibbsite solubility is over
two orders of magnitude lower than quartz solubility at near neutral pH but be-
comes greater than quartz solubility at pH below about 4 at 25ºC and 1 bar.

The results for the Al2O3–H2O and SiO2–H2O systems can be combined and
mineral–fluid equilibria in the system SiO2–Al2O3–H2O considered. This sys-
tem contains the possible mineral phases given in Table 6-4 that are plotted on
a triangular concentration diagram with apices of Al2O3, SiO2, and H2O in
Figure 6-9. The phases that are not stable at 25ºC and 1 bar are given in paren-
theses. The tie lines indicate that with H2O present, equilibrium exists between
gibbsite (Gbs), kaolinite (Kln), and H2O or between quartz (Qtz), kaolinite
(Kln), and H2O at 25ºC and 1 bar. Additionally, amorphous silica (AmSi) is some-
times present as a metastable phase with kaolinite and H2O. The solubility re-
action for kaolinite can be written as

Al2Si2O5(OH)4 + 6H+ = 2Al3+ + 2SiO2(aq) + 5H2O [6.98]

with an equilibrium constant at 25ºC and 1 bar from SUPCRT92 data of

[6.99]

so that log KKln = 6.76.
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(amorpho

o
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FIGURE 6-9 Triangular diagram for the system Al2O3–SiO2–H2O showing the phase relations at earth
surface conditions. Phases in parentheses are not stable at 25ºC.

The solubility reactions for quartz, amorphous silica, and gibbsite as well
as kaolinite can be used to consider the stability of these minerals in equilib-
rium with H2O in the system Al2O3–SiO2–H2O. With the activities of the min-
erals and H2O taken as unity so that a standard state of a pure phase at the
pressure and temperature of interest is used for mineral and water, the set of
equilibrium constant equations above can be cast in terms of the two vari-
ables, log (aAl3+ /a3

H+) and log aSiO2(aq)
, as

(Gbs)        log (aAl3+ (aH+)3) = 7.63 [6.100]

(Kln)        log (aAl3+ (aH+)3) + log aSiO2(aq)
= 6.76/2.0 = 3.38 [6.101]

(Qtz)        log aSiO2(aq)
= −4.00 [6.102]

and

(AmSi)        log aSiO2(aq)
= −2.71 [6.103]

Figure 6-10 shows stability lines for equilibrium with the indicated phase in
terms of aSiO2(aq)2222 and aAl3+/(aH+)3 as given by Equations 6.100 to 6.103. This type
of diagram drawn at constant pressure and temperature is termed an 
activity–activity diagram. These lines then limit the range of values of the in-
dicated variables for a particular phase. If the value for a solution plots at
greater values than those given by the solution field, then it would be super-
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FIGURE 6-10 Log (activity of Al3+/(activity of H+)3) versus the log (activity of SiO2(aq)) at 25ºC and 1 bar
showing the solubility of gibbsite, kaolinite, and quartz as solid lines. The light dash lines are metastable
extensions of the equilibrium. Also shown in dark gray is the solution undersaturated with metastable
amorphous silica rather than quartz.

saturated relative to the indicated phase. As in Figure 6-9, the activity−
activity diagram in Figure 6-10 shows that gibbsite and kaolinite can reach
solubility equilibrium with the solution as given by point A or with kaolinite
and quartz as given by point B. If a solution is supersaturated with quartz but
maintains equilibrium with kaolinite and amorphous silica, it would have a com-
position given by point C.

Knowing that

log (aAl3+ (aH+)3) = log aAl3+ + 3 pH [6.104]

and because generally

log aSiO2(aq) = log mSiO2(aq)
)))) [6.105]

the compositions of solutions can be plotted on this diagram if the total mo-
lality of Al, Si, and pH can be measured and the pH is at or below 5 where Al3+

is the dominant species (Figure 6-8). If the pH is above 5, then the amount of
Al in solution that is contributed by Al3+ must also be determined to plot its
composition on Figure 6-10.

By adding the oxide component KO0.5, the system expands to AlO1.5–SiO2–
KO0.5–H2O. In this system, the phases K-feldspar (Kfs), KAlSi3O8, and muscovite
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KO1/2

SiO2AlO1.5
gibbsite

kaolinite (amorphous silica)
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kaolinite
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+ H2O

K-feldspar
muscovite

FIGURE 6-11 Triangular diagrams for the system AlO1.5–SiO2–KO0.5–H2O showing the relative stability of
the phases with quartz (left side) and with metastable amorphous silica (right side) at 25ºC and 1 bar.

(Ms), KAl3Si3O10(OH)2, are present, as well as the phases already considered.
The phase relations can be displayed in a triangular diagram if the value of
one of the four components is fixed. If it is stipulated that all of the phases are
in equilibrium with H2O with aH2O = 1, then at 25ºC and 1 bar, the phase re-
lations that occur with quartz as well as meta-stable amorphous silica as the
SiO2 solid phase are shown in Figure 6-11.

The solubility reactions and the equilibrium constant expressions for the
two additional minerals are

KAlSi3O8 + 4H+ = Al3+ + K+ + 3SiO2(aq) + 2H2O [6.106]

with

log K(6.106) = log(aAl3+/a3
H+) + log(aK+/aH+) + 3log aSiO2(aq)

+ 2log aH2O − log aKfs [6.107]

and

KAl3Si3O10(OH)2 + 10H+ = 3Al3+ + K+ + 3SiO2(aq) + 5H2O [6.108]

with

log K(6.106) = 3 log(aAl3+/a3
H+) + log(aK+/aH+) + 3log aSiO2(aq)

))))+ 5log aH2O − log aMu [6.109]

Again, with the activity of the minerals aKfs and aMu as well as H2O equal to 1,
there are now three variables to consider: log(aK+/aH+), (log(aAl3+/a3

H+), and log
aSiO2(aq). These can be portrayed in terms of two variables by “balancing” on
the third. For instance, to consider the equilibrium between muscovite and K-
feldspar, the solution can be considered to be saturated with both these phases
so that both equilibrium constant expressions 6.107 and 6.109 hold. This re-
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FIGURE 6-12 Stability of minerals in the system K2O–Al2O3–SiO2–H2O at 25ºC and 1 bar with aH2O = 1.0 in
terms of the logarithm of the activity of K+ over the activity of H+ versus the logarithm of the activity of
SiO2(aq) in solution.

sults in two equations and three unknowns. With aH2O = aKfs = aMu = 1, three
times Equation 6.107 becomes

3log K(6.106) = 3log(aAl3+/a3
H+) + 3log(aK+/aH+) + 9log aSiO2(aq)

[6.110]

Subtracting Equation 6.109 from Equation 6.110 results in an expression that
no longer contains the variable log(aAl3+/a3

H
+) given as

3log K(6.106) − log K(6.108) = 2 log(aK+/aH+) + 6 log aSiO2(aq)
[6.111]

This procedure has balanced on Al (i.e., (aAl3+/a3
H

+). Clearly, (aK+/aH+) or aSiO2(aq)

could be eliminated from the two equations rather than (aAl3+/a3
H

+) by balanc-
ing on K or SiO2 instead. Typically, reactions between minerals are balanced
on Al, which implies Al is conserved between the mineral phases. This is done
because the typically low concentration of Al in most aqueous solutions indi-
cates it is generally conserved in reactions between solid phases.

Equation 6.111 plots as a straight line of slope −3 as given by the line be-
tween point A and B in Figure 6-12. Boundaries with other phases can be deter-
mined in a similar manner. In this four-component system at constant
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216 Aqueous Solutions

temperature and pressure with the activity of H2O fixed, a mineral is stable
over a range of (aK+/aH+) and aSiO2(aq); therefore, minerals that contain Al plot
as fields on the diagram. The dashed lines labeled quartz and amorphous sil-
ica indicate where the solutions become saturated with these phases. They plot
as vertical lines independent of log(aK+/aH+) because these phases contain no
K+ or Al3+ and thus their stability does not depend on log(aAl3+/a3

H
+) or 

log(aK+/aH+). The presence of these solid SiO2 phases, therefore, fixes the ac-
tivity of SiO2(aq) in solution to the indicated value.

These activity−activity diagrams can be constructed for other systems and
are useful in determining the extent of alteration in natural systems. These di-
agrams are a simplification of natural systems, and this needs to be kept in
mind. For instance, a di-octrahedral illite is the stable phase in the natural sys-
tem rather than muscovite. The properties of the illite are, however, similar to
those of the muscovite phase shown. The importance of activity − activity di-
agrams stems from the fact that at earth surface conditions changes in tem-
perature and pressure typically are small and therefore other thermodynamic
variables control the stability of the minerals and fluids present. Their activi-
ties on the diagram can then be directly related to solution compositions mea-
sured in the field and the reaction path toward equilibrium determined.

Reaction Path Calculations

Besides determining the equilibrium distribution of species in a system that in-
cludes minerals, it is also important to understand how aqueous solution con-
centrations change with the extent of a reaction when minerals dissolve in or
precipitate from a solution. This requires modeling a nonequilibrium system
containing minerals as well as a fluid phase during the time frame it reacts be-
fore it comes to equilibrium. Many different kinds of reaction can occur in
this system. These include reactions occurring solely in the fluid phase, reac-
tions solely in the solid phase, and those that occur at the interface between
the minerals and the fluid phase. Consider first reactions in the fluid phase.
These are reactions between aqueous species such as

H2O + Al3+ = Al(OH)2+ + H+
[6.112]

They typically come to equilibrium in a matter of seconds or less, even at 25ºC.
Fluids can, therefore, be considered to be in local internal homogeneous equi-
librium. This, however, does not preclude concentration gradients in the fluid
with distance. As a function of time, however, these gradients are being re-
duced by diffusion and flow processes. As a reasonable approximation, in most
cases, fluids in sediments and rocks can be considered to have uniform concen-
tration between enclosing grains over cm distances on time frames of a year. 

59223_CH06_Walther v_7.qxd  9/17/08  2:13 AM  Page 216

© Jones and Bartlett Publishers, LLC.  NOT FOR SALE OR DISTRIBUTION.



Reaction Path Calculations 217

Constant Pressure & Temperature

Mass of reactant
 minerals added in
 increments of dξ

Buffers controlling
 solution composition

Solution with 
1000 g H2O

Precipitated solid
 phases in equilibrium

 with solution
Precipitating 

solids

Aqueous 
solution

Reacting 
  solids

Reactions within solids slow.
They are considered to react

Reactions in fluid
so rapid

equilibrium assumed

Reactions with produced solids
retain equilibrium with fluid

Dissolution process
rate-limiting

Equilibrium assumed

with con

with constant composition

FIGURE 6-13 The model of dissolution of reactant minerals and precipitation of secondary minerals in a
solution as a function of dξ that is discussed in the text.

This is not true of concentration gradients, however, that occur in mineral
grains. Diffusion in solid phases is typically very slow except at magmatic tem-
peratures (>800ºC), so gradients are preserved. For instance, compositional
zoning in a plagioclase produced when it crystallizes from a magma can be
preserved for millions of years at earth surface conditions. Reactions in solids
are, therefore, typically very slow relative to the time frames of interest at earth
surface conditions. 

Reactions at the interface between minerals and aqueous solutions occupy
a middle time frame. Minerals can dissolve or precipitate over time frames of
years to thousands of years at 25ºC; however, in deep crustal rocks where tem-
peratures are significantly higher, surface reactions become more rapid than solute
diffusion and flow. Under these conditions, solute diffusion and flow occur at
the slowest rate. (This situation is discussed in Chapter 9, where metamorphic
reactions are considered.) At the earth’s surface, however, to help understand
reactions among minerals and fluid, they can be modeled assuming diffusion
in the solids is so slow that it is not important and assuming the fluid phase re-
actions are so fast that they maintain equilibrium no matter how rapidly ma-
terial is added. The rate, therefore, of dissolution or precipitation of mineral
phases at their surfaces is rate controlling. These reactions are most often of
greatest interest when considering the approach toward equilibrium between
minerals and solutions at the earth’s surface.

The model system that is typically used is displayed in Figure 6-13. Consider
a fixed concentration of components in an aqueous fluid. Given a sufficient
number of constraints, the equilibrium aqueous species distribution in this
fluid can be calculated. These constraints are the pressure, temperature, con-
centration of elements, buffered activities of aqueous species (e.g., pH and sol-
ubility constraints), and the equilibrium constants for reactions between aqueous
species as given by reactions like Equation 6.112.
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Consider a solution of interest with 1000 g of H2O. The first consideration
is whether the solution itself is stable or will mineral phases precipitate out of
it with time? Whether this initial solution is supersaturated with any mineral
phases can be determined. If it is, there are two possible choices for the calcu-
lation. The precipitation of the minerals can be suppressed so that they are
not allowed to precipitate out of solution. For instance, the precipitation of quartz
can be suppressed to allow the solution to reach concentrations of Si as high
as saturation with amorphous silica. The second possibility is to remove enough
solutes from the solution so that it is no longer supersaturated with any min-
erals. That is, material is subtracted from the solution to precipitate enough
of the supersaturated mineral to produce a solution that is saturated. In either
case, after the problems with supersaturation are handled, a distribution of
speciation calculation of the initial solution is done.

To this initial solution, a small amount, stipulated as dξ, of reactant min-
eral is dissolved. That is, the mass of the reactant mineral components of the
amount dξ is added to the solution, and with its new composition, a new dis-
tribution of species calculation is done. Any phases that saturate with this
added material can be determined and their mass subtracted from the solu-
tion to bring it into equilibrium with the supersaturated phases. This proce-
dure is repeated adding (titrating) small masses of reactant of dξ to the solution.
The progress of the reaction is then characterized in terms of dξ, with the
amounts of precipitated minerals and changes in solution composition as a
function of dξ determined. Eventually, as the concentration of species in solu-
tion increases with the addition of reactant mineral material, saturation with
the reactant minerals occurs, and the entire system comes to equilibrium. When
this occurs, the reactant material of dξ added to solution precipitates out the
same amount of reactant mineral, leaving the solution composition the same.
In some codes (e.g., PHREEQE), the opposite approach is taken, and you have
to explicitly designate what phases should precipitate rather than suppressing
those that should not appear.

As an example, consider K-feldspar dissolution at 25ºC and 1 bar (Figure 6-14).
What happens when increments of K-feldspar of dξ are added to pure H2O?
As determined by looking at the dashed lines in Figure 6-8 for the solubility
of gibbsite, the dominant Al species produced at neutral pH would be Al(OH)4

−. 
The initial feldspar dissolution reaction can, therefore, be written as

[6.113]

Ksp

The Al(OH)4
− produced would react with the small amount of H+ in pure wa-

ter according to the reaction

[6.114]Al(OH)-
4 + H+ ® Al(OH)o3 + H2O

2H2O + KAlSi3O8 ® K+ + Al(OH)-
4 + 3SiO2(aq)
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FIGURE 6-14 Log activity diagram at 25ºC and 1 bar in the system K2O–Al2O3–SiO2–H2O. Shown are reaction
paths of K-feldspar dissolution in distilled water. One path precipitates quartz at its saturation, and in the other,
the solution becomes supersaturated with quartz before the solution reaches equilibrium with K-feldspar.

This would make the solution slightly alkaline. As the feldspar dissolves increas-
ing dξ, it contributes Al to solution. Because of the low solubility of Al in so-
lution at some dξ, the solution would saturate with gibbsite. The dissolution
reaction then becomes

[6.115]
Ksp                            Gbs

The production of OH−, K+, and SiO2(aq) would cause the solution to move
along the path shown with an arrow toward A in Figure 6-14. At point A, the
SiO2(aq) released from the feldspar would react with the gibbsite to form kaolin-
ite according to the reaction

[6.116]
Gbs                                        Kln

Reaction 6.116 buffers the concentration of SiO2(aq) in solution. With further
dissolution, the K+ added to solution moves the composition from A to B. At
this point, with increased addition of SiO2(aq) to solution from the feldspar, all
of the Al(OH)3 produced by Reaction 6.115 will have reacted by Reaction
6.116 going to the right. The concentration of SiO2(aq) is no longer buffered in
solution by this equilibrium.

2Al(OH)3 + 2SiO2(aq) ® Al2Si2O5(OH)4 + H2O

KAlSi3O8 + 2H2O ® Al(OH)3 + K+ + OH- + 3SiO2(aq)
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EQ3/6 written and maintained by Tom Wolery (1992) at Lawrence Livermore Nat. Lab. A Software
Package for Geochemical Modeling of Aqueous Systems: Package Overview and Installation
Guide. Version 7.0. http://geosciences.llnl.gov/esd/geochem/EQ3manuals/eq36pkg.pdf.

SOLVEQ written and maintained by Mark Reed (Univ. Oregon); see Reed, M. H. (1998).
Calculation of simultaneous chemical equilibria in aqueous-mineral-gas systems and its application
to modeling hydrothermal processes. In: Richards, J. and Larson, P. (eds.) Techniques in
Hydrothermal Ore Deposits Geology. Reviews in Econ. Geol., v. 10, pp. 109–124.

The Geochemist’s Workbench®. Release 4. A commercial product offered by Craig Bethke. See
Bethke, C. M. (1996). Geochemical Reaction Modeling, Concepts and Applications. Oxford Univ.
Press, 397 pp.

Mass transfer softwareTable 6-5

The continued dissolution of feldspar increases SiO2(aq) in solution as well
as K+ as the solution changes composition along the path from B to C. At point
C, the solution becomes saturated with quartz, and quartz starts to precipitate.
Continued feldspar dissolution changes the solution composition along the
line from C to D. At D, the solution has a high enough concentration of K+ that
kaolinite reacts with the solution and precipitates muscovite by the reaction

[6.117]

Kln                                          Mus

When the kaolinite is exhausted, the solution composition changes along the
path from D to E where it reaches equilibrium with K-feldspar. At this point,
no further reaction takes place, and the final assemblage is K-feldspar, muscovite,
and quartz with the solution species activities given by point E.

If quartz did not precipitate (a common situation at 25ºC), then the solu-
tion would continue past C until composition F is reached. At this point,
Reaction 6.117 occurs because K+ is supplied from the dissolving feldspar un-
til the kaolinite is depleted at point G. The solution is no longer buffered to a
constant log(aK+/aH+) by the presence of both kaolinite and muscovite and
changes composition to point H where it comes to equilibrium with K-feldspar.
At point H, the final assemblage contains K-feldspar and muscovite along with
a fluid with the indicated activities of species in solution.

Computer codes have been written to do the calculations described here and
can be used to analyze more complicated situations. A number of these are pre-
sented in Table 6-5. Each of these has its own set of thermodynamic properties of
minerals, gases, and solution species, as well as models for handling the changes
in energetics of solid solutions and activity coefficients in aqueous solutions.

3Al2Si2O5(OH)4 + 2K+ ® 2KAl3Si3O10(OH)2 + 2H+ + 3H2O
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Summary
Because of its structure with O−H bonds at 105º, the water molecule can be
modeled as an electric dipole. The dipole properties of water stabilize charged
species, that is, ions in solution. The concentration of ions depends on the so-
lution’s pH. Water undergoes some self-ionization, which at 25ºC and 1 bar
is given by mH+ mOH− = 10−14; therefore, because the activity coefficient of H+

in pure H2O is unity, aH+ = 10−7 or pH = 7. Solutions in which aH+ > 10−7 are
termed acids, and when aH+ < 10−7, solutions are alkaline. Acids are substances
that produce H+ when added to water. They are considered strong if they dis-
associate almost completely in water and weak if a significant amount of the
acid remains un-ionized in solution. Carbonic acid, CO2(aq), is the most impor-
tant weak acid on the earth. It disassociates to produce bicarbonate, HCO3

−,
and carbonate, CO3

2−.
To determine the distribution of species in a complicated solution, a large

set of simultaneous equations need to be solved. These include equilibrium
constant expressions for the aqueous species in solution, activity coefficient
expression, and element mass and charge balance. One of the problems is that
significant aqueous complexes can form in concentrated solutions, and their
equilibrium constant expressions need to be evaluated.

Some solutions, including alkaline seawater, act as pH buffers to keep the
pH nearly constant when acids or bases are added to the solution. pH buffer-
ing occurs when a weak acid and the salt of the weak acid are present. The to-
tal alkalinity of a solution gives the ability of a solution to neutralize H+. It can 
be determined by titrating the solution with acid.

Solution compositions are often controlled by mineral solubility reactions.
Solubility products of minerals are given by the product of molalities of all of
the species in the solubility reaction raised to the power of their coefficients in
the reaction. It can be shown that if a reaction species already exists in a solu-
tion, the solubility of the mineral is lower than if the mineral dissolves in pure
water. This is called the common ion effect.

The last part of the chapter considers the solubility of minerals in aqueous
solutions, demonstrating that SiO2 polymorph solubility at 25ºC and 1 bar is
independent of pH at pH < 8. Gibbsite, Al(OH)3, in contrast, has high solu-
bility at both high and low pH relative to pH ~ 6.5. Activity−activity diagrams
can be constructed to consider relationships between fluids and minerals in
systems where temperature and pressure are less important. These diagrams
can be used to map paths of dissolving reactant minerals in solution and cal-
culate the extent of changes in solution composition and the precipitation of
any secondary minerals as the solution comes to equilibrium with the miner-
als that were reacted.
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222 Aqueous Solutions

Some basic concepts necessary to understand chemical equilibrium in aque-
ous solutions have been introduced in this chapter. With these concepts in
mind, the controls on the chemistry of natural waters discussed in the next
chapter can be understood.

Key Terms Introduced
acid
activity−activity diagram
alkaline solutions
alkalinity
bicarbonate
carbonate
carbonate alkalinity
carbonate ion
carbonic acid
common ion effect
complexes
conservative
dielectric constant

electric dipole
electrical moment
ion activity product 
normality
permittivity
pH
pH buffer
polarizability
quadrupole 
solubility product
strong acid
total alkalinity
weak acid

Questions
1. What is pH? A dipole? An alkaline solution?
2. Why are charged species typically more stable than uncharged species

in water?
3. Why is neutral pH equal to 7 at earth surface conditions?
4. What makes an acid strong as opposed to weak? Give an example of

each.
5. How does carbonate differ from bicarbonate?
6. What is an aqueous complex?
7. Why is the pH of ocean water alkaline when the water added from

rivers is acidic?
8. What is a pH buffer? Carbonate alkalinity?
9. How is the solubility of a mineral added to a solution containing one

of the constituents of the mineral different than the mineral’s solubility
in pure H2O?

10. Why does solid amorphous silica have a greater solubility in solution
than quartz?

11. Why does gibbsite solubility increase at both acid and alkaline pH rela-
tive to near neutral pH, whereas quartz solubility only increases at al-
kaline pH?

59223_CH06_Walther v_7.qxd  9/17/08  2:13 AM  Page 222

© Jones and Bartlett Publishers, LLC.  NOT FOR SALE OR DISTRIBUTION.



Problems 223

12. Explain how an activity−activity diagram at constant pressure and tem-
perature is constructed.

13. Explain how the solution changes as a function of time when 
K-feldspar is dissolved in H2O. Describe the equilibrium state.

Problems
1. What is the pH of a solution if the OH− = 1.59 × 10−11 m?
2. (a) Calculate the pH of a 25ºC and 1 bar solution that contains 3 ×

10−5 m of hydroxyl ion. (b) If a solution has a pH = −0.1 what is the
molality of hydrogen ion in solution?

3. As a strong base, what is the pH of a 0.03 m NaOH solution?
4. At standard conditions, calculate the pH of a solution of 0.00010 mol

of Si in 1 kg of pure water.
5. Give the equilibrium constant expression and calculate the equilib-

rium constants at 25ºC and 1 bar for the following reaction with both
disordered and ordered dolomite from the values in the back of the
book.

CaMg(CO3)2 + Ca2+ = 2CaCO3 + Mg2+

dolomite calcite

If most ground waters have greater concentrations of Ca2+ than Mg2+,
is disordered or ordered dolomite more stable in solution?

6. Using the values in Appendix F5, calculate the disassociation constant
of acetic acid (CH3COOH) at standard conditions. What is the pH of a
10−1.25 m solution of acetic acid?

7. The concentration of a saturated solution of BaSO4 is 3.90 × 10−5 m.
Calculate the solubility product (Ksp) for barium sulfate at 25ºC.

8. Using the equilibrium constant in Equation 6.12 and the Gibbs ener-
gies of the ions in the back of the book, calculate the standard state
Gibbs energy of HCl at 25ºC.

9. Calculate the H+ concentration and the pH of a solution of 0.0001 m
total CO2 at 25ºC, and calculate also what fraction of CO2(aq) has dis-
sociated. You can assume no appreciable CO3

2− and activity coefficients
as well as the activity of H2O are unity.

10. What is the pH of pure water in equilibrium with atmospheric PCO2
(10−3.5 atm) at 25ºC? Assume activity coefficients and the activity of
H2O are unity. Because the solution is acidic, OH− and CO3

2− concentra-
tions are significantly below others in solution.

11. The following waters were sampled from dunites and peridotites
(Barnes, I. and O’Neil, J. R., 1969.)
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224 Aqueous Solutions

Sample Burro Mtn Cazadero A John Day Adobe Canyon Blackbird

Monterey Co, Sonoma Co, Warm Spring Stanislaus Co, Valley Santa

CA CA Grant Co, OR CA Clara Co, CA

pH 11.54 11.77 11.25 11.78 12.01

T ºC 20 18 31 15.6 10.6

Ca+2 (total) mg 1−1 40 53 35 48 51

Mg+2 (total) mg l−1 0.3 0.3 0.1 0.4 0.06

a. What is the saturation state of the water sampled at Burro Mtn rela-
tive to brucite? (At 20ºC the log (aMg2+ a2

H+) = 16.63 in equilibrium
with brucite.) Assume activity coefficients are unity. If this water 
is in equilibrium with pure brucite, calculate the percent of Mg in
solution that would be Mg2+.

b. Calculate the log (mCa2+ a2
H+) for each of the waters above and plot

them as a function of temperature to estimate a 25ºC value of log
(mCa2+ a2

H+).
c. Use the Gibbs energy values in the back of the book (or SUPCRT92)

to calculate log (aCa2+ a2
H+) in equilibrium with pure diopside, antig-

orite, and tremolite. 
d. If all of the phases are pure except diopside, what is its activity so

that log (mCa2+ a2
H+) in the water sample is equal to the calculated

log (aCa2+ a2
H+) for this assemblage.

12. The solubility of amorphous silica in pure water is about 120 ppm of
SiO2 at 25ºC. The solution contains silicic acid, H4SiO4, whose first
dissociation constant is 10−9.9. What is the pH of a solution saturated
with amorphous silica? Assume that activity coefficients and the activ-
ity of H2O are unity.

13. Calculate the pH of an aqueous solution at 25ºC that contains 1.0 m
acetic acid (CH3COOH) if the acetic acid is 5% ionized. Assume that
activity coefficients are unity.

14. It has been proposed to sequester carbon dioxide emitted from fossil-
fuel power plants in the ocean. One method is to take the exhaust gas,
which typically has partial pressures of CO2 of about 0.15 bar and re-
act it with seawater + calcite before adding it to the ocean. Using the
procedure outlined in the book, calculate
a. pH of this solution
b. Amount of calcite dissolved 
c. Total moles of CO2 in solution per mole of CaCO3 dissolved
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For the calculations, assume standard conditions and that the solution
is initially pure water with unit activity coefficients. Compare with val-
ues for seawater given in Caldeira, K. and Rau, G. H. (2000).

Problems Making Use of SUPCRT92
15. What is neutral pH at

a. 5ºC and 1 bar?
b. 95ºC and 1 bar?

16. Construct a pH versus temperature diagram between 0ºC and 350ºC at
H2O saturation showing the boundary where CO2(aq) HCO3

− and CO3
2−

are the dominant species. Assume the activity coefficients of the species
are unity. Also, plot neutral pH as a function of temperature on the di-
agram. Which species becomes dominant at neutral pH as temperature
increases?
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