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The science of thermodynamics originally
evolved from a variety of observational evidence
indicating that mechanical energy is trans-
formable into heat. For example, Benjamin
Thompson (1753-1814) of Woburn, Massachu-
setts, better known as Count Rumford of the
Holy Roman Empire, was impressed by the
amount of heat generated during the boring of
cannon at the arsenal in Munich. In 1798 he pro-
posed that the heat was formed by conversion of
the mechanical energy expended by the boring
and actually calculated the amount of heat gener-
ated by one horse turning the borer for one hour.
Count Rumford’s ideas about the equivalence of
work and heat were supported by Sir Humphry
Davy (1778-1829), who demonstrated in 1799
that two pieces of ice could be made to melt by
rubbing them together by a clockwork mecha-
nism in a vacuum. Nevertheless, the scientific
community did not accept this idea for nearly 50
years until James P. Joule (1818-1889), working in
his father’s brewery in Manchester, England,
carefully measured the rise in temperature
caused by stirring water with a mechanical paddle
wheel. His research between 1840 and 1849 clear-
ly demonstrated that the expenditure of a certain
amount of work always produced the same
amount of heat (Moore, 1955).

The observation that work is transformable
into heat is an extension of the principle of con-
servation of energy. It can be restated by saying
that whenever work is done, heat encrgy is con-
sumed, implying that one must always pay a price
by the expenditure of energy if work is to be
accomplished.

Thermodynamics is founded on three basic
principles, which arise from common experience

Thermodynamics

but cannot be proved or disproved. They must be
accepted as articles of faith. The science of ther-
modynamics has evolved from these so-called
laws by careful deductive reasoning aided by
mathematics.

11.1  Definitions

Thermodynamics describes the world the way it
appears to an observer in terms of certain mea-
surable properties of matter, such as volume, pres-
sure, temperature, and chemical composition.
Matter is regarded as continuous and indivisible.
In this regard thermodynamics is the opposite of
statistical mechanics in which matter is treated as
a collection of particles in motion. In order to
enter the world of thermodynamics we must first
become familiar with certain definitions and con-
ventions that may differ from common usage.

The basic entity for consideration in thermo-
dynamics is the system, which is that part of the
universe whose properties are under considera-
tion. The system is separated from the rest of the
universe, known as the surroundings, by a bound-
ary whose properties can be defined. A system is
said to be open when matter can pass across the
boundary and closed when matter is prevented
from entering or leaving the system. The bound-
ary may prevent not only matter but also heat
and any other form of energy from passing
through it. Systems that have such impervious
boundaries are said to be isolated. The investiga-
tor must identify the system to be studied and
specify the properties of its boundary.

The properties of a system are classified as
being either intensive or extensive. Intensive
properties, such as pressure, temperature, and
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density, are independent of the amount of matter
that is present, whereas the extensive properties,
such as volume and mass, depend on the mass and
are therefore additive. When the properties of a
system are changed, it experiences a change in its
state. For example, when a quantity of gas in a
cylinder is Ccmpres§ed by moving a frictionless
piston, the system undergoes a change in state.

The chemical composition of thermodynamic
systems is expressed in terms of components and
phases. Nordstrom and Munoz (1986, p. 67)
defined a phase as “a uniform, homogeneous,
physically distinct, and mechanically separable
portion of a system.” When the system under con-
sideration is a rock, the minerals of which the rock
is composed are the phases. Phases need not be
solids, but can also be liquids or gases. For exam-
ple, a system containing ice, water, and water
vapor has three phases (solid, liquid, and gas). The
aqueous phase in such a system may also contain
a number of ionic or molecular species in solution.

The components of a system are the chemical
constituents by means of which the chemical
compositions of the phases of a system can be
completely described. The choice of components
is arbitrary. For example, the chemical composi-
tion of a rock specimen can be expressed in terms
of oxides or in terms of chemical elements.
However, the number of components required to
describe the compositions of all of the phases pre-
sent in a system at equilibrium is constrained by
the Gibbs phase rule.

The number of variables that must be speci-
fied in order to define the state of a system is
equal to the number of components plus the
number of intensive properties, such as pressure
and temperature. The state of the system is com-
pletely defined when the number of variables is
equal to the number of independent relations
between them. If the number of independent
equations is less than the number of variables. the
system has variance or degrees of freedom. In this
case, the state of the system cannot be complete-
ly constrained. When the number of variables
exceeds the number of independent equations by
one, the system is univariant and has one degree
of freedom. Univariant systems can be con-

strained by specifying the value of one of the
variables. When the number of variables exceeds
the number of equations by two, the system is
divariant, and so on.

When a chemical system is at equilibrium,
the number of phases (p), the number of compo-
nents (c), and the number of degrees of freedom
(f) must satisfy the Gibbs phase rule (Nordstrom
and Munoz, 1986):

pH+f=c+2 (11.1)

Therefore, systems in which the number of phases
is equal to the number of components have two
degrees of freedom. In other words, pressure and
temperature must be specified in this case in
order to completely define the state of the system.

All systems contain a certain amount of hea,
which is defined as that which flows across the
boundary of a closed system during a change in its
state by virtue of a difference mn temperature
between the system and its surroundings. More-
over, heat always flows from a point of higher to a
point of lower temperature. Thermodynamics
defines heat as though it were an invisible fluid
whose direction of flow is indicated by its algebraic
sign. Heat is positive when it flows from the sur-
roundings to the system and negative when it flows
from the system to the surroundings. We can
remember this important convention by recogniz-
ing that systems are “selfish.” When a system gains
heat, the added heat has a positive sign,and when it
loses heat the sign is negative.

Work is defined in mechanics as the product of
force times distance, whereas in thermodynamics
work is defined as a quantity that flows across the
boundary of a system during a change in its state
and is completely convertible into the lifting of a
weight in the surroundings. Work, like heat, is an
algebraic quantity, but the sign convention of work
is opposite to that of heat. When work flows to the
surroundings it has a positive sign,and when it flows
to the system it has a negative sign. Another way to
visualize the sign convention for work is to say that
when the system does work. the work is positive, but
when the surroundings do it, the work is negative.

With these definitions and conventions we
have now set the stage to introduce the first law of




thermodynamics. The presentation will be selec-
tive and based on plausibility rather than mathe-
matical rigor. More complete and rigorous
presentations can be found in college level text-
books on physical chemistry. Thermodynamics for
use by geologists is presented in books by Kern
and Weisbrod (1967), Wood and Fraser (1976),
Fraser (1977), Nordstrom and Munoz (1986), and
Anderson (1996).

11.2 The First Law

Every system whose state has been defined by
specifying the numerical values of its properties
contains a certain amount of energy. This energy
arises from the heat content of the system as well
as from other internal sources such as gravitation-
al, electrical, magnetic, molecular, atomic, and
even nuclear phenomena. The amount of internal
energy (E) of a particular system is difficult to
determine. However, its magnitude depends on
the state of the system. When a system undergoes
a change in its state in a reversible manner, its
internal energy also changes. The magnitude of
the change in the internal energy AE of a system
that undergoes a reversible change in state from
state 1 to state 2 is given by:

AE=E, — E

where F, and E, are the internal energies of the
system in states 2 and 1, respectively. It makes no
difference how the change in state is carried out,
provided that it is reversible, which requires that
the system is never far from being in equilibrium.
If the system is returned to its original state, the
net change in its internal energy is zero. We con-
clude therefore that the change in the internal
energy of a system undergoing a change in state
along a circular path is zero:

AE = (Ez - El) + (El - Ez) =0

(11.2)

(11.3)

The first law of thermodynamics states that the
increase in the internal energy of a system during
a reversible change in its state is equal to the heat
that flows across its boundary from the surround-
ings (g) minus the work done by the system (w).
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Therefore, the net change in the internal energy
of the system is:

(11.4)

The first law of thermodynamics implies that
work and heat are related and that some of the
heat that flows into the system during a change in
state is converted into work and therefore does
not augment the internal energy.

We can imagine that a reversible change in
state can be carried out in small incremental steps
such that the internal energy changes by small
amounts designed by dE. Now we can restate the
first law in differential form:

dE = dg — dw

AE=¢qg —w

(11.5)

where dg and dw are very small increments of
heat and work, respectively. The most common
form of work a system can do during a change in
its state is to expand against the constant pressure
of the surroundings. Thus we can specify that:

dw = PdV (11.6)

where P is the external pressure and dV is an
incremental change in the volume of the system.
A simple demonstration indicates that PdV does
have the dimensions of work (force X distance):

force x (distance)’

: > = force X distance
(distance)?

(11.7)

Therefore, we can express the first law by the
equation:

PdV =

dE = dq ~ PdV (11.8)

11.3 Enthalpy

The statement of the first law represented by
equation 11.8 enables us to predict the change in
the internal energy of a system during a change in
its state. The equation indicates that the increase
in the internal energy of the system is equal to the
heat absorbed from the surroundings minus the
work done by the expansion of the system against
the pressure exerted by the surroundings. We can
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carry out such a change in state by integrating
equation 11.8 from state 1 to state 2:

2 2 2 ’
de:jdq - Pj v (11.9)
1 1 1
The integration yields:
E,—E=(q-q)-PV,-V) (1110)

We simplify this result by replacing g, — g, by g,
which is an amount of heat added at constant
pressure. In addition, we multiply the PV terms:

E, = E =gp— PV, + PV} [1111)
By rearranging the terms of this equation we obtain:
(E, + PV,) — (E, + PV = g, (11.12)

It is advantageous at this point to define a new
kind of energy called the enthalpy (H):
H=E+ PV (11.13)

The enthalpy is a function of the state of the sys-
tem, as is the internal energy. Therefore, the
enthalpy of the system in states 1 and 2 is:

H, = E + PV,
H, = E, + PV,

(11.14)
(11.15)

Substituting equations 11.14 and 11.15 into equa-
tion 11.12 yields:

Hy— H =qp,=AH (11.16)

In other words, the change in the enthalpy of a sys-
tem (AH) during a reversible change in its state at
constant pressure is equal to the heat absorbed by
the system during that change in state.

This is a very important and concrete result
because gp is a measurable quantity. For example,
when a chemical reaction is carried out in a well-
insulated vessel called a calorimeter, the heat
evolved or consumed is indicated by the change
in temperature inside the calorimeter. Therefore,
equation 11.16 enables us to measure the change
in the enthalpy of a system as a result of a chemi-
cal reaction, but we still do not know the amount
of enthalpy the system contains.

In order to establish a scale for enthalpy we now
define a reference state for chemical elements and

their compounds. The reference state is defined in
terms of certain standard properties that define the
so-called standard state. The temperature of the
standard state is equal to 25°C (298.15 K), the pres-
sure is 1 atm (recently redefined as 1 bar, which is
equal to 10° dyne/cm?, or 0.987 atm, 29.53 in. Hg),
and the activity of ions and molecules in aqueous
solution is equal to one. In addition, we specify that
the enthalpies of the pure elements in their stable
state of aggregation in the standard state are equal
to zero. Thus we have the definition:

The enthalpy of formation of compounds and
their ions and molecules in aqueous solution is the
heat absorbed or given off by chemical reactions
in which the compounds, ions, and molecules form
from the elements in the standard state.

We represent this important thermodynamic
parameter by the symbol H, where the super-
script ° identifies the standard state and the sub-
script f symbolizes “formation.”

The standard enthalpies of formation and
other thermodynamic constants of many com-
pounds, ions, and molecules have been measured
experimentally and are tabulated in the CRC
Handbook of Chemistry and Physics (Weast et al.,
1986), in Technical Notes of the National Bureau
of Standards, and in compilations by Kelley (1962).
Robie et al. (1978), Barin et al. (1989). and Woods
and Garrels (1987). However, it is important to
remember that standard enthalpies of formation
and other thermodynamic constants are measure-
ments and are subject to experimental errors.
Consequently, the values reported by different
investigators for a given cornpound commonly dif-
fer from each other by amounts that may or may
not be within the error of the measurements. Such
discrepancies in thermodynamic constants affect
the results of calculations in which they are used
and cause internal inconsistencies. Some of the
standard enthalpies of formation listed in
Appendix B are average values of two or more
determinations that appear to be compatible with-
in the errors of measurement. However, no assur-
ance can be given that these values are accurate to
within the stated number of significant figures or
that the listed values are internally consistent.




11.4 Heats of Reaction

When two compounds or elements, A and B, react
to form a product A,B, by the reaction:

2A + 3B - A;B; (11.17)

a certain amount of heat is either used up or given
off. We can now calculate the amount of this heat
(gp) from the enthalpy change of the system when
the reaction takes place in the standard state. In
other words, we treat the reaction as a change in
state and calculate the difference in the enthalpy
(AH%) between the final state (A,B;) and the ini-
tial state (2 A + 3 B). Therefore, the change in
enthalpy of the reaction in the standard state is:

AH% = H(A,B;) — [2HHA) + 3H5(B)]

(11.18)
where AH¢ is the heat of the reaction in the stan-
dard state and H? is the standard enthalpy of for-
mation of A,B,, A, and B, respectively. Note that
the heat is evolved or absorbed as a result of, or
during, the reaction and nor when the reaction is at
equilibrium. After a reaction has reached equilibri-
um, the heat of the reaction (AHy) is zero because
the rates of the forward and backward reactions are
exactly equal. Thus, we can state that at equilibrium
AH, = 0. However, the reference state is a defined
condition in which equlibrium does not occur.
Therefore AH7 is never zero. In general, AHY, is
calculated by summing the standard enthalpies of
the products and by subtracting the enthalpies of
the reactants:

AHS, =, nHo (products) - > n 5 (reactants)
(11.19)

'3

where n is the molar coeflicient of each reactant
and product taken from a balanced equation rep-
resenting the reaction and 7 identifies the com-
pounds or ions that participate in the reaction.
Standard enthalpies are expressed in units of
kilocalorie per mole (kcal/mol), where the nor-
mal calorie is defined as the amount of heat
required to raise the temperature of 1 g of water
from 14.5 to 13.5°C. The caloric 1s equivalent to
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4.1840 joules (J) so that 1 kcal/mol is equal to
4.1840 kJ/mol. At the present time both units are
in use.

When AH%, of a reaction is positive, the reac-
tion is endothermic, which means that heat flows
from the surroundings to the system. Conversely,
when AH¢ is negative, the reaction is exothermic
and heat flows from the system to the surround-
ings. Endothermic reactions consume heat,
whereas exothermic reactions produce heat.

In order to illustrate how heats of reaction
are calculated, we choose the reaction between
hydrogen and oxygen to form water in the
gaseous state, symbolized by (g):

2 Hz(g) + Oz(g) -2 HZO(g) (11.20)

The amount of heat absorbed or given off when
this reaction occurs at 1 atm and 25°Cis given by:

AH%, = 2H5(H,0(g))
- [ZHC}(Hz(g)) + Héf(oz(g))]
The standard enthalpies of H, and O, are both
equal to zero by definition, so that in this case:
AH% = 2H%(H,0(g)) (11.22)
The standard enthalpy of formation of water vapor
is —57.80 kcal/mol (Appendix B). Therefore:
AHS = 2(—57.80) = —115.6 kcal {11 23]

We conclude that this reaction is strongly exother-
mic. In fact, this reaction is commonly used to
demonstrate the explosive nature of some chemi-
cal reactions. Note that the reaction is endothermic
when equation 11.20 is reversed.

Heat effects are also associated with the dis-
sociation of salts into ions, with phase transforma-
tions, and with mixing or dilution of solutions. For
example, heat is absorbed from the surroundings
when water evaporates to form water vapor:

H,O(1) — H,O(g) (11.24)

When the evaporation occurs in the standard state:

AHY = HY(H,0(g)) — H3(H,O(1))  (11.25)
From Appendix B:

AHS, = (—57.80) — (—68.32) = +10.52 kcal
(11.26)

(11.21)
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Evidently, the evaporation of water at 25°C and
1 atm pressure is an endothermic process that
removes heat from the surroundings and thereby
causes the temperature to decrease. The heat
required to evaporate one mole of a liquid is called
the latent heat of evaporation. When the vapor con-
denses to form the liquid, the heat given off is
called the latent heat of condensation. In other
words, evaporation is endothermic, whereas con-
densation of water vapor is exothermic, and the
latent heat of evaporation is equal in magnitude to
the heat of condensation. Similarly, fusion or melt-
ing of solids is endothermic, whereas crystalliza-
tion of liquids is exothermic, and the latent heat of
fusion 1s equal to the latent heat of crystallization.

Note that we are unable to calculate the
latent heat of fusion or crystallization of water
because it takes place at 0°C rather than at 25°C.
Therefore, in order to calculate the latent heat of
fusion of wa.er, we must first extrapolate the
enthalpies of formation from 25 to 0°C. In gener-
al, chemical reactions on the surface of the Earth
occur at temperatures between 0 and 100°C, and
their heats of reaction therefore commonly differ
from those calculated at 25°C.

The response of a reaction at equilibrium to a
change in temperature can be predicted on the
basis of Le Chatelier’s principle. If the forward
reaction is exothermic, an increase in the tempera-
ture favors the backward reaction because it con-
sumes heat and therefore counteracts the increase
in the temperature. Consequently, the equilibrium
will shift to the left making the equilibrium con-
stant smaller. Similarly, a decrease in temperature
applied to a reaction at equilibrium in which the
forward reaction is exothermic causes the equilib-
rium to shift to the right and increases the value of
the equilibrium constant. Evidently, the enthalpy
change of a chemical reaction is related to the way
in which the numerical value of the equilibrium
constant varies with temperature. This relation-
ship is formally expressed by the van’t Hoff equa-
tion, which will be derived in Section 11.10.

We may also expect that exothermic reactions
take place spontaneously because they do not
require heat from the surroundings. However, this
generalization is not correct. It turns out that not

all of the heat that enters a system during a
reversible change in its state is available to do
work. Similarly, the direction in which a reaction
proceeds spontaneously is not determined solely
by the enthalpy change because systems have an
additional property called entropy. We return to
this phenomenon in Section 11.6.

11.5 Heat Capacity

When heat is added to a solid, a liquid, or a gas,
the temperature of the substance increases. This
familiar observation can be stated as an equation:

dg = CdT (11.27)

where dg is an increment of heat added, C is a
constant known as the heat capacity, and dT is the
corresponding incremental increase in the tem-
perature expressed in kelvins (K). In thermody-
namics, temperatures are always expressed on the
“absolute” or Kelvin scale, which has its zero
point at —273.15°C, when all molecular motion
stops and the heat content of pure crystalline
materials becomes equal to zero.

The heat capacily is a characteristic property
of chemical elements and their compounds that
must be measured experimentally. It turns out
that heat capacities actually vary with tempera-
ture and that it makes a difference whether the
heat is added at constant pressure or at constant
volume. On the surface of the Earth pressure is
constant, and we therefore work with the “heat
capacity at constant pressure” symbolized by Cp.
Consequently, we restate equation 11.27 as:

dqp = CpdT (11.28)

We now recall that the heat added to a closed
system during a reversible change in its state at
constant pressure is equal to the increase in the
enthalpy of the system. This conclusion was
expressed by equation 11.16, which we now
restate in terms of differentials:

dqp = dH (11.29)
Substituting equation 11.29 into 11.28 yields:

dH = CpdT (11.30)
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This equation can be integrated between appro-
priate temperature limits and therefore enables
us to extrapolate enthalpies of formation of com-
pounds from the standard temperature (7°) to
some other temperature (7) above or below it:

T T
LdH = C,,J dT (11.31)
A

T

By carrying out the integration we obtain:

Hy—~Hp=C(T-T7°) . (11.32)

Equation 11.32 enables us to calculate the
enthalpy of formation of a compound at tempera-
ture 7 if we know its standard enthalpy and its
heat capacity, provided the temperature depen-
dence of C, can be neglected.

In reality, use of equation 11.32 to extrapo-
late enthalpies is limited because the heat capac-
ity is in fact a function of the temperature and
therefore cannot be treated as a constant in the
integration. Moreover, the range of tempera-
tures over which the integration is carried out
must not include phase transformations, such as
boiling or freezing, which cause a discontinuity
in the heat capacity and involve their own
enthalpy changes. These restrictions generally
are not severe provided the environmental con-
ditions remain between 0 and 100°C at 1 atm
pressure. Therefore, the most straightforward
procedure is to recalculate the enthalpies of for-
mation of reactants and products to the desired
temperature (between 0 and 100°C) and then to
calculate the enthalpy change of the reaction at
that temperature.

A more accurate and elegant procedure is
based on equations that express the variation of
Cp as a function of temperature in the form:

Co=a+ (b x 10T + (¢ x 10°97* (11.33)

where a,b. and ¢ are constants derived by fitting an
algebraic equation to experimentally determined
data in coordinates of Cpand 7. Substituting equa-
tion (11.33) into equation 11.31 yields:

E T T
J dH = czf dT + b X 10‘3J 1dT
T8 7 r
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+c¢ X 10‘6LiTsz (11.34)
By integrating this equation we obtain:
H,— Hp.=a(T - T°) + bXTW[TZ —(7°)}]
%ﬁ [T - (T°)] (11.35)

Equation 11.35 can be applied to the reactants
and products of a chemical reaction as specified
by equation 11.19. As a result, we calculate Aa,
Ab, and Ac for the reaction and then evaluate the
enthalpy change of the reaction at temperature
T (AHy ;) from the equation:

AHy 7 — AHS = Aa(T — T°) (11.36)
Ab X 1077
N i i
VX =6
3 Ac 3)10 [7° — (1°)]

The relationship between Cp and T is some-
times expressed in ways that differ from equa-
tion 11.33, but the application of these equations
is limited by the availability of experimental
data.

11.6 The Second Law

[n the 19th century much work was done by means
of steam engines in which hot steam expands in a
cylinder and pushes a piston. The steam cools as it
expands and is returned to the reservoir at a lower
temperature. An important scientific problem of
that time was to understand the factors that limit
the efficiency of steam engines. This problem was
solved in 1824 by the French engineer Sadi Carnot
(1796-1832). Without going into the details, we
can say that the efficiency of steam engines can
never be 100% because some of the heat added to
the system must be discharged when the expanded
steam returns to the reservoir.

The work of Carnot was a very important
contribution to thermodynamics and from it
arose a new principle known as the second law of
thermodynamics. The essence of the second law is
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that all systems possess a property called entropy,
named by the German physicist Rudolf Clausius
(1822-1888). One way to explain entropy is to say
that a certain fraction of the enthalpy of a system
is not convertible into work because it is con-
sumed by an increase in the entropy. Another way
to explain the meaning of entropy is to compare it
to the property of “randomness” recognized in
statistical mechanics. When one tries to predict
the behavior of a collection of particles, one
comes to the conclusion that they will most prob-
ably assume a condition of maximum random-
ness. This conclusion leads to the generalization
that every system that is left to itself will, on the
average, change toward a condition of maximum
randomness. The implication of this statement is
that the entropy of a system increases sponta-
neously and that energy must be spent to reverse
this tendency.

When .ntropy is thought of as randomness, it
can be recognized in many natural phenomena.
We have all learned from the common experi-
ences of life that work must be done to counteract
the natural tendency toward disorder. Many pop-
ular science books have been written about
entropy and its manifestations in everyday life
including one by Rifkin (1980) who claimed that
“entropy is the supreme law of nature and gov-
erns everything we do.”

The second law introduces entropy by the
statement:

In any reversible process the change in the
entropy of the system (dS) is equal to the heat
received by the system (dg) divided by the
absolute temperature (7):

dq

d8 = e (reversible process)  (11.37)

[n any spontaneous irreversible process the
change in entropy is greater than this amount:

dq :

ds > 1 (irreversible process) (11.38)

Entropy, like internal energy and enthalpy, is a
property whose magnitude depends on the state

of the system. However, unlike internal energy
and enthalpy, the absolute value of the entropy of
a system can be determined by virtue of the third
law of thermodynamics.

Measurements indicate that the heat capaci-
ties of pure crystalline materials decrease with
decreasing temperature and approach zero at
absolute zero. This evidence has been elevated
into the third law of thermodynamics, which states:

The heat capacities of pure crystalline substances
become zero at absolute zero.

Since dgq = CdT - (equation 11.28) and
dS = dq/T (equation 11.37), it follows that:

is - D)

7 (11.39)

If the heat capacity is equal to zero at absolute zero,
then dS = 0. Therefore, when a system composed of
pure crystalline substances undergoes a reversible
change in state at absolute zero, the entropy change
AS is equal to zero. The German physicist Walther
Hermann Nernst (1864-1941) expressed these
insights by stating that at absolute zero the molar
entropies of pure crystalline solids are equal to
zero. Therefore, the third law enables us to calculate
entropies by integrating equation 11.39 from
absolute zero to some higher temperature (7):

g T dr
d8i= j C(‘—)
fu 0 T,

In order to calculate the entropy of an element or
compound in the standard state from equa-
tion 11.40, the temperature dependence of its heat
capacity must be determined experimentally. The
standard molar entropies of many elements and
compounds have been determined and are listed in
reference books including the CRC Handbook of
Chemistry and Physics (Weast et al., 1986). Molar
entropies are expressed in “entropy units” or calo-
ries per degree (cal/deg). When the standard molar
entropies of the reactants and products of a chemi-
cal reaction are known, the change in the entropy
(AS%) of a chemical reaction or phase transforma-
tion can be calculated from the statement:

(11.40)
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> n.S2(products) — > n,8%(reactants)
(11.41)

When AS% is positive, the entropy of the system
increases as a result of the change in state, where-
as when ASY, is negative, it decreases. For exam-
ple, when liquid water evaporates in the standard
state to form water vapor:

H,0(1) — H,0(g)
the change in entropy is (Krauskopf, 1979):

AS% = 45.10 — 1671 = +28.39 cal/deg
(11.43)

A5S =

(11.42)

The increase in the entropy is consistent with our
expectation that water molecules in the gas phase
are more randomly distributed than molecules of
liquid water. Similarly, when solid NaCl dissoci-
ates to form ions:

NaCl(s) —» Na* + CI~ (11.44)

the change in entropy is (Krauskopf, 1979):

AS% = 140 + 13.5 — 17.2 = +10.3 cal/deg
(11.45)

Evidently, the entropy increases when NaCl dis-
solves to form ions in aqueous solution because
the ions occupy fixed lattice positions in the crys-
tal whereas the ions in the solution are mobile.
However, for other reactions AS%, may be nega-
tive, which implies a reduction in the entropy of
the system.

11.7  Gibbs Free Energy

The second law of thermodynamics implies that
the increase in the enthalpy of a system during a
reversible change in its state at constant tempera-
ture is diminished because a certain amount of the
enthalpy is consumed by an increase in the entropy
of the system. This insight was used by J. Willard
Gibbs (1839-1903) to define a new form of energy.
now known as the Gibbs free energy (G):

G=H-TS (11.46)
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where H is the enthalpy and S is the entropy. The
change in the Gibbs free energy of a chemical

reaction in the standard state is:

AGSE = AHY — TAS% (11.47)
The Gibbs free energy is a function of the state of
the system like the internal energy and the
enthalpy. It is therefore subject to the same con-
ventions regarding the standard state as enthalpy
and is measured in kilocalories per mole:

The standard Gibbs free energy of formation of a
compound (G"f) is the change in the free energy
of the reaction by which it forms from the ele-
ments in the standard state.

Numerical values of G% for compounds and ions
in aqueous solution are listed in Appendix B
together with values of H¢%. The value of AGY, for
a reaction is calculated by summing the values of
G% of the products, each multiplied by its molar
coefficient, and by subtracting from it the sum of
the G values of the reactants:

AG% =2, n,G%(products) =, n,G%(reactants)
(11.48)

The algebraic sign and magnitude of AGY
depend on the sign and magnitude of AH% and
AS% in equation 11.47. If the forward reaction is
exothermic (A/{% is negative) and the entropy
increases (AS% is positive ), then the two terms of
equation 11.47 combine to make AGY negative.
If, however, the entropy decreases (AS% is nega-
tive), then TAS% in equation 11.47 is positive. If
AH% is negative, AG% will be less negative than
AH% and may even become positive if TAS > AH.
Note that TAS is in fact a form of enthalpy
because AS = Af{/T at constant pressure and
temperature  (equations 11.16 and 11.37).
Therefore, TAS has the dimensions of A#{ and the
two terms can be added or subtracted from each
other.

When AG5 of a reaction is negative, the for-
ward reaction has excess energy when it occurs in
the standard state. When AGY, is positive, there is
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a deficiency of energy for the forward reaction in
the standard state and the reaction will therefore
run in the backward direction. In general, AG% is
a measure of the driving force of a chemical reac-
tion such as equation 11.17:

2A +3B > A,B,

If AG% of this reaction is negative, the reaction pro-
ceeds as written from left to right in the standard
state. When the reaction ultimately reaches equilib-
rium, the product is more abundant than the reac-
tants so that the equilibrium constant K is large:
[A, By]

P K

[AF [B
If,however, AGY, for reaction 11.17 in the standard
state is positive, the reaction runs the other way:

2A +3B« A,B, (11.50)

Therefove, the equilibrium constant is small
because the reactants are more abundant than the
product. Evidently, the sign and magnitude of AG%,
of a reaction can be used to predict both the direc-
tion in which a reaction runs in the standard state
and the magnitude of the equilibrium constant.

In conclusion. we calculate AG*, for the famil-
iar reaction:

CaCoO; —» Ca’* + CO_%‘
calcite

(11.49)

(11.51)

using the data in Appendix B:
[(-1323) + (-126.17)] — [(—269.9)]
(11.52)

Since AGY, is positive, the reaction runs from right
to left in the standard state and calcite precipi-
tates. The equilibrium constant for reaction 11.51
should therefore be a small number, as we know it
to be. It is not surprising that the reaction (equa-
tion 11.51) runs to the left in the standard state
because the activities of the ions in the standard
state are each equal to one and the ion activity
product is therefore much larger than the equilib-
rium constant.

A,
+11.43 kcal

Il

We can also calculate AHS, and AS%, for reac- ;
tion 11.51 using values of HY from Appendix B
and of §% from Krauskopf (1979): ]

AHG = [(-129.7) + (—161.84)] — [(—283.6)] |

= —2.94 kcal (11.53) |
ASg = [(-127) + (-136)] - [(+222)] =
= —48.5 cal/deg (11.54) |

Note that AS% for the dissociation of calcite into i,
lons is negative, implying a decrease in the
entropy. Note also that the entropy change is
expressed in calories per degree (cal/deg) rather
than in kilocalories (kcal). We can now combine
AH% and AS% for reaction 11.51 and calculate
AG#%, thereby testing the internal consistency of
the thermodynamic data:

298.15(—48.5)
1000

where 298.15 is the temperature of the standard

state and we divide the TAS term by 1000 in order

to convert calories to kilocalories.
The result is:

AG% = +11.5 kcal

AGS = —2.94 — (11.55)

i mmnw-a;:s. "

(11.56)

which is in satisfactory agreement with AGY =
+11.43 kcal calculated from equation 11.52. Note
that AG% for the dissociation of calcite into ions is
positive even though the reaction is exothermic,
that is, AH% is negative. This occurs because more
heat energy is consumed to decrease the entropy
than is produced by the dissociation. Therefore, in
this case AHY, is not a rekable predictor of the
direction in which the reaction runs in the stan-
dard state.

‘The sign of AHY, does, however, enable us to
use Le Chételier’s principle to predict how the
equilibrium constant of reaction 11.51 varies with
temperature. Since the reaction is exothermic as
written, it produces heat which increases the tem-
perature. Therefore, if reaction 11.51 is at equilibri-
um and the temperature is decreased, the reaction
moves to the right because that tends to increase
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the temperature. When equilibrium is reestablished
at a lower temperature, the equilibrium constant is
larger than it was before. Therefore, the solubility-
product constant of calcite increases with decreas-
ing temperature and calcite becomes more soluble.
As we discussed in Section 10.4, thermodynamics
provides a rational explanation for the temperature
dependence of the'solubility of calcite and allows us
to predict the course of other chemical reactions
provided the necessary data are available.

11.8 Derivation of the Law of
Mass Action

Because the Gibbs free energy is defined in
terms of both the first and second laws of ther-
modynamics, we can express it in terms of direct-
ly measurable properties. We can replace H in
equation 11.46 by equation 11.13 and obtain:

G=E+PV-TS (11.57)

For an infinitesimal change in state at constant
temperature d7 = 0 and therefore:

dG = dE + PdV + VAP — TdS (11.58)

Substituting equation 11.8 for dF yields:

dG = dq — PdV + PAV + VAP — TdS
(11.59)

Since dS = dq/T, dq = TdS and equation 11.59
therefore reduces to:

dG = VdP (11.60)

We can use equation 11.60 to calculate the change
in the Gibbs free energy of one mole of an ideal
gas as a function of pressure at constant tempera-
ture. Since the volume of gases varies with pres-
sure, we must express the volume in equation
11.60 by an equation that relates volume to pres-
sure. According to the ideal gas law, for one mole
of gas:

_RT

p

where R is the gas constant.

v (11.61)

Substituting into equation 11.60 yields:

dG = RT(CE)

= (11.62)

Integrating from the standard pressure (P°) to
some other pressure (P):

P P
dpP
f dG = RT P=7)_

a

(11.63)

yields:

Gp— G°=RT(In P — In P°) (11.64)

Since P° =1 atm, In P° = 0. Therefore, equation
11.64 reduces to:

Gp— G° = RTIn P (11.65)

where G, is the molar free energy of the ideal gas
at pressure P, G° is the molar free energy in the
standard state, and 7 is the temperature of the
standard state in kelvins. The molar free energy is
also called the chemical potential (u), and equa-
tion 11.65 can be written as:

w=u°+RTIP (11.66)

The free energy of n moles of an ideal gas can
be calculated by multiplying equation 11.65 by n:

nGy — AG° = HRTn P (11.67)

According to Dalton’s law, the total pressure of a
mixture of ideal gases is the sum of the partial
pressures exerted by each gas in the mixture.
Therefore, for a mixture of i ideal gases:

2 nG, — 2 nG) = RTE n ln P,

Next, we assume that the mixture of ideal gases is
the result of a chemical reaction and specify that
the molar coefficients (n) of the products are pos-
itive and those of the reactants are negative. The
provision is not new or arbitrary but goes back to
the convention regarding the algebraic sign of
heat. If we choose to represent the chemical reac-
tion by the equation:

(11.68)

aA+bB—-cC+dD (11.69)
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then we can evaluate what equation 11.68 tells us
to do. For example, 2n,G; means:

> n,G,(products) — > n,G(reactants) = AG,
(11.70)

Similarly, 2 n,GG} means:

> n,G(products) = n,G(reactants) = AGE,
(11.71)

and RT Zn,In P, means:

RI(clnPc +dInPy —alnP, — bln Py)

= RT(In PEPE — In P2PL
(In FEP5 = In PLPY) (11.72)

PEPY
= RTIn (LQ) =RTInQ
Pi B
where Q is the reaction quotient. Therefore, we
now restate equation 11.68 as:

AGy —AGR=RTIhQ  (11.73)

which is valid for a reacting mixture of ideal gases.

The reaction quotient (Q) varies continu-
ously as the reaction proceeds until the reaction
reaches a state of equilibrium. After equilibri-
um has been established, the partial pressures
of the reactant and product gases become con-
stant because the forward and backward reac-
tions are occurring at the same rate. Therefore,
at equilibrium the reaction quotient becomes
constant and is known to us as the equilibrium
constant.

Next, we consider a very important point: the
free energy change of a chemical reaction ar equi-
librium is equal to zero. This statement becomes
obvious if we recall that AG, is regarded as the
driving force of a chemical reaction. When a reac-
tion is in equilibrium, there is no driving force
pushing it one way or the other. However, note
that AGY, is not zero because it is the change in
the Gibbs free energy when the reaction takes
place in the standard state. Therefore, AGYL is a
constant, whercas AG g varies as the reaction pro-
ceeds from the standard state toward equilibrium.

When the reaction reaches equilibrium, AG,—0,
but AG% remains the same. F
Returning to equation 11.73 we can now state .
that for a mixture of ideal gases at equilibrium
AGp = 0 and therefore: r

AGY = ~RTIn K (11.74)

where K is the equilibrium constant at the standard
temperature. This remarkable equation establishes |
the functional relationship that exists between AGS
and K, both of which are constants that apply to
chemical reactions in the standard state and at
equilibrium, respectively. In the process of derivin g
this relationship we have also proved the validity of
the Law of Mass Action for reactions among ideal
gases. These two results are among the most impor- =
tant contributions thermodynamics has made to
science. Equation 11.74 allows us to calculate the
numerical values of equilibrium constants at 25°C
for all chemical reactions for which we can calcu-
late AG% from existing measurements of the stan-
dard free energies of formation.

We reduce equation 11.74 to a formula by
converting the equation to logarithms to the base
10 and by substituting R = 1.987 cal/deg - mol
and T'= 298.15 K:

2.3025 X 1.987 x 298.15
1000
~1.364 log K (11.76)

The right side of equation 11.75 must be divided by
1000 because R is expressed in calories, whereas
AGY% is in kilocalories. Therefore, the equilibrium
constant K'is related to AG% by the formula:

(11.77)

e
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AGS, = log K (11.75)

B g
el
£

K = 10—_\(;‘;/1.36-1

This is a very useful result, but it applies only to
reactions among ideal gases unless we take steps
to make it applicable to real gases and to ions and
molecules in aqueous solutions.

SR L i el e i
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11.9

In order to make equations 11.74 and 11.77
applicable to reactions among real gases we
define the fugacity as the partial pressure a real

Fugacity and Activity




gas would have if it were ideal. Therefore, fugaci-
ties satisfy equation 11.74. In order to apply equa-
tion 11.74 to real solutions of any kind we define
the activity (a) of a solute as:

f
o A

e (11.78)
where fis the fugatity of the solute in the solution
and f° is its fugacity when the vapor is in equilib-
rium with the pure substance in the standard
state. Since fugacities are measured in atmos-
pheres or other units of pressure, the activity as
defined by equation 11.78 is a dimensionless
number. It also follows from equation 11.78 that
for a pure substance:

a=10 (11.79)

because the fugacity f of a pure substance is
equal to f°.

Binary mixtures of two nonelectrolytes A and
B obey Raoult’s law, which states that the fugaci-
ty of component A is given by:

fa = faNy (11.80)
where N, is the mole fraction of A defined as:
A
aA) (11.81)

A7 (A + n(B)

where n(A) and n(B) are the numbers of moles of
A and B, respectively. When the solution is dilute,
that is, n(A) << n(B), the vapor obeys Henry’s
law:

fi = kN, (11.82)

By dividing both sides of equation 11.82 by f%,,
we obtain:

fa _ Kk

= =—N, =g

N
Next, we note that for a dilute solution of solute A
in solvent B the number of moles of A is much
smaller than the number of moles of B. Therefore,
if n(A) << n(B), equation 11.81 can be restated
to a very good approximation as:

a(d)
*  na(B)

(11.83)

(11.84)
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The mole fraction of A in a dilute solution can be
transformed into the molal concentration of
A (m,) by converting n(B) to kilograms of B:

n(A) x 1000
My =

~ n(B) x MW(B) (11.85)

where MW(B) is the gram-molecular weight of B.
Since n(A)/n(B) = N, indilute solutions of A in B:

N, % 1000
My = =
AT T MW(B)

and k' is a constant equal to 1000/ MW(B). When
we substitute equation 11.86 into equation 11.83,
we obtain: .

= Nk (11.86)

5 _i _kmy,
AT T

(11.87)

By combining the three constants in equation 11.87
we obtain:

(11.88)

Ap = YAy

where v, is the activity coefficient.

This relationship applies to all solutions
regardless of the vapor pressures of the solutes or
of the solvent. If the solution is a mixture of
volatile nonelectrolytes such as acetone dissolved
in water, we have no difficulty detecting the pres-
ence of acetone vapor and the definition of the
activity of acetone in the solution given by equa-
tion 11.78 makes sense. lons produced by the dis-
sociation of salts, acids, and bases in water also
produce vapors, but their partial pressures or
fugacities are so low that they may be unde-
tectable. However, this experimental difficulty
does not alter the validity of relationships derived
by consideration of vapors in equilibrium with
solutes and solvents regardless of whether they
are electrolytes or nonelectrolytes.

The concept of activity presented above is
quite different from that discussed in Sections 9.2
and 11.3 We can reconcile the two representations
by saying that activities are introduced in thermo-
dynamics in order to extend the Law of Mass
Action from reacting mixtures of ideal gases to
chemical reactions among molecules and ions in
nonideal aqueous solutions. This is accomplished
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by means of activity coefficients that convert
molal concentrations of ions and molecules into
activities. When activity coefficients are regarded
as dimensionless conversion factors, then activi-
ties have the same units as concentrations.

11.10 The van’t Hoff Equation

Thermodynamics enables us to calculate the equi-
librium constants of chemical reactions at 25°C.
In order to extrapolate the equilibrium constant
from the standard temperature to other tempera-
tures between 0 and 100°C, we return briefly to
equation 11.74:

AGR = —-RThh K
By solving this equation for In K we obtain:
AG%
RT

Next, we differentiate equation 11.89 with
respect to Tt

InK=- (11.89)

dink /(1 'AG‘}Q/T)
= (R)d( 5] (1.90)
Since AGY, = AHS, — TASS, it follows that:
AGJ HC}
L .
- T T - A (11.91)
and:

AGY/T _ AHY
dT T2

Substituting into equation 11.90 vields:

d

-0 (11.92)

din K _l)( AHE _\H° .
dr ‘( R\ 17 } Les
Multiplying by dT gives:
AHWN\(dT ,
dinK = (TR)('T’) (11.94)

We integrate equation 11.94 from the standard
temperature (7°°) to some other temperature (7),
which may be higher or lower than 7

AHG | dT
! 4 ( gl
J; dInK = R J'[ T‘)

(11.93)

The result of the integration is:

AH;)(L 1

anranTa:(— - ?_F) (11.96)

Equation 11.96 is the important van’t Hoff equa-
tion, which we now restate in terms of logarithms
to the base 10:

log K70 —

AHG (1 1
log K; = ( )

9, 3025R\T 298.15
(11.97)

Note that equation 11.97 can be used to calculate
K at any temperature between 0 and 100°C if we
know the value of K at the standard temperature.
However, if the reference temperature differs
from 25°C, then AH, must be evaluated at that
temperature by means of heat capacities, as
shown in equation 11.32 or 11.33.

We have now completed this selective pre-
sentation of thermodynamics, which has ¢nabled
us to prove the validity of the Law of Mass Action
and to calculate equilibrium constants of chemi-
cal reactions not only at the standard temperature
but also at other temperatures between 0 and
100°C.

11.11  Solubility of Amorphous

Silica between 0 and 100°C

At the end of Chapter 9 we calculated the solubil-
ity of amorphous silica in water as a function of
pH at 25°C. We are now in a position to investi-
gate how the solubility of amorphous silica varies
as a function of temperature at different values of
the pH. The thermodynamic constants required
for this calculation are listed in Appendix B.

Amorphous silica reacts with water to form
silicic acid:

SiO,(amorph.) + 2 H,O(l) — H,SiO%  (11.98)

The change in Gibbs free energy of this reaction
in the standard state is:

AGS = [(—312.66)] — [(—203.33)
= +4.044 kcal

+ 2(—356.687)]
(11:99)

e

=




and the equilibrium constant K ;. is:
KTo = 107{'4‘044“'36“ — ]0-_2,96 (11 100)
The change in enthalpy in the standard state is:

—-349.1 — [-215.94 + 2(—68.315)]
= +3.47 kcal (11.101)

AHS,

The reaction is endothermic, suggesting that its
equilibrium constant increases with temperature.
From the van’t Hoff equation (11.97):

log Ky =

347 X100 (1 1
2.3025°% 1.987\T 29815

~2.96 — ) (11.102)

where R = 1.987 cal/deg- mol. Note that AH%
must be converted to calories in order to be com-
patible with R. Eguation 11.102 reduces to:

log Ky = —2.96 — 758‘4(%, - 0.00335)
(11.103)

When 7> 298.15 K, /T — 0.003 35 is negative
and the algebraic sign of the second term in equa-
tion 11.103 changes to plus. Therefore, at
T=27315 K (0°C) equation 11.103 yields
K; =107 whereas at 373.15 K (100°C)
K, = 107**. Evidently, the equilibrium constant
of reaction 11.98 increases with increasing temper-
ature as predicted.

The first dissociation of silicic acid forms
H,SiO; and H":

H,SiO, » H,Si0; + H*  (11.104)

The standard free energy change is AG% =

+13.24 kcal, and the standard enthalpy change is
AH% = +7.0keal. Note that the G5 and H of
H" are both equal to zero. The equilibrium con-
stant of reaction 11.104 at 25°Cis K = 10 *"' and
varies with temperature in accordance with the
van’t Holt equation:

: ,
log K; = —9.71 — 1530.03( = 0_00335)
(11.105)
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Consequently at 0°C, K, = 107", whereas at
100°C, K = 107%%, Once again, the equilibrium
constant increases with rising temperature
because reaction 11.104 is endothermic.

These calculations illustrate the point that
thermodynamics not only confirms our qualitative
predictions based on Le Chitelier’s principle but
actually permits us to determine the numerical
values of the equilibrium constants of all kinds of
chemical reactions between temperatures of 0 and
100°C or other appropriate temperature limits.

Although this is a very important advance in
geochemistry, the calculations can become quite
tedious. Therefore, it is helpful to summarize the
results of thermodynamic calculations by means
of suitable diagrams. In the case at hand, we want
to depict the concentration of SiO, in saturated
solutions of amorphous silica at different values
of the pH and temperature. We therefore carry
out the calculations first made in Section 9.6 at a
series of temperatures for selected pH values and
plot the results in Figure 11.1 as a set of curves in
coordinates of the concentration of SiO, and tem-
perature. The diagram depicts the increase in the
solubility of amorphous SiO, with increasing tem-
perature at specified values of the pH. Such dia-
grammatic representations of chemical reactions
are widely used in geochemistry and therefore are
the subject of Chapter 12.

11.12  Summary

Thermodynamics is based -on three statements
regarding the relationship between heat and other
forms of energy that do not require proof because
they are self-evident. Starting from these basic
premises, thermodynamics has grown into a large
body of knowledge by rigorous deductive reason-
ing aided by mathematics. The products of this
development include the concepts of enthalpy and
Gibbs free energy and a proof of the Law of Mass
Action for reacting mixtures of ideal gases.

These results of thermodynamics have great
practical value in geochemistry because they per-
mit us to calculate the equilibrium constants of
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chemical reactions at any desired temperature,
limited only by the availability of the necessary 240 - pH
thermodynamic parameters and constrained by
the stabilities of the reactants and products.
Consequently, we can now explore the behavior 220 —
of chemical reactions on the surface of the Earth
and use the results to specify the stability limits of
the common rock-forming minerals. Many of the 200 —
reactions that take place in the natural environ-
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ment can be studied in the laboratory only with =
great difficulty because these reactions are so %e 180 —
slow. Thermodynamics enables us to make predic- - |
tions about the outcome of these reactions that Q
can be tested by evidence in the field. & 160
S}
- .
e
® 140
£ -
Q
g
o 120 —
O
Figure 11.1 Solubility of amorphous silica as a func-
tion of temperature at different pH values. The equilib- 0 =
rium constants at 25°C were calculated from equation -
11.77 using the standard free energies of formation
80 —

from Appendix B. Equilibrium constants at other tem-
peratures were derived from the van’t Hoff equation
(11.97) based on K and AH%. The activity coefficients
of all ions and molecules were assumed to be equal to 60
one. The resulting curves indicate that the concentra-

tion of S10, in milligrams per liter in saturated solu-

tions of amorphous silica in water increases both with

increasing temperature and pH.
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Problems
L. Calculate the enthalpy change when fluorite 5. Calculate K. for the reaction between albite
(CaF.) dissolves in water in the standard state. (NaAlSi;O,), water, and H™ to form kaolinite
: ; Al1,S1,04(OH),) and silicic acid.
2. Based on the result in Problem 1, predict how the (ALSHOOH),) °
solubility of fluorite varies with temperature. 6. Apply the Law of Mass Action to the reaction in
) Problem 3, take logarithms to the base 10, and express
3. Calculate the standard free energy change of the . .o - . +p
. : I the resulting equation in terms of log [Na*|/[H"] and
reaction by which fluorite dissociates into ions. s
’ log [H,SiO,].
4. Ca : S ilit ite in wa ] 1 B S B (5
| C ilcglatc the solubility Of‘ﬂHOi’l[t in w iter at 10 7. The water of the Mississippi River at Baton
20, and 30°C and express each in terms of the concen- ) . ) . . . e
Rouge, Louisiana, has the following chemical composi-

tration of Ca®* in mg/L. (Assume y = 1 for all species.) tionat pH = 7.2




bpm ppm
HCO; 101 Mg?" 7.6
SO 41 Na~ 11
Cl™ 15 K" 3.1
NO; 1.9 Si0, 5.9
Ca** 34

Calculate log [Na*]/[H*] and log [H,SiO,] for this
water using the necessary activity coefficients.

8. Use the results of Problems 6 and 7 to determine

the direction of the reaction in Problem 5 in the
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Mississippi River at Baton Rouge; that is, determine
whether albite or kaolinite is produced.

9. Make the necessary calculation (assuming
T' = 25°C) to determine whether the Mississippi River
at Baton Rouge is saturated or undersaturated with
respect to (a) calcite, (b) gypsum, (¢) amorphous silica,
(d) quartz, and (e) dolomite.

10. Calculate the value of G for BaF, given that the
concentration of Ba*" in a saturated solution at 25°C,
having an ionic strength of 0.01, is 1.12 X 1072 m/L.
Assume that Ba®* and F~ are derived entirely from
BaF, and that hydrolysis is negligible.
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- Mineral Stability
Diagrams

When minerals participate in chemical reactions
as reactants or products, they are either con-
sumed or produced depending on the direction
in which the reaction is moving. We can there-
fore say that reactant minerals are unstable,
whereas product minerals are stable while the
reaction is in progress. If the reaction ultimately
reaches equilibrium, both reactant and product
minerals become stable. Thus, we can investigate
the stability of minerals under two kinds of con-
ditions:

1. We can determine the environmental
conditions necessary for minerals to coex-
ist at equilibrium.

We can determine which minerals are sta-
ble and which are unstable in a particular
geochemical environment.

!\)

The theoretical basis for these kinds of studies is
provided by the Law of Mass Action and by the
relationship between the standard free energy
change of a chemical reaction and its equilibrium
constant at 25°C.

The activity diagrams we want to construct
are based on the incongruent solution of certain
aluminosilicate minerals in igneous and high-
grade metamorphic rocks. The reactions on
which the diagrams are based contribute to
chemical weathering and result in the formation
of oxides. hydroxides, clay minerals, or zeolites,
depending on the geochemical environment.
Transformations among minerals that form only
at elevated temperature and pressure are inap-
propriate activity diagrams drawn at the tem-
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perature and pressure of the Earth’s surface.
However, the stability of minerals can also be
defined by equations arising from their congru-
ent solution in dilute aqueous solutions. Both
kinds of activity diagrams present complex
chemical interactions in a form that is especially
appropriate for geologists accustomed to using
phase diagrams in igneous petrology.

12.1  Chemical Weathering of
Feldspars

The feldspars in igneous rocks crystallize from
silicate melts at high temperature, but can also
form on the surface of the Earth by reactions of
aqueous solutions with other aluminosilicates
such as the clay minerals. In Section 10.6 we dis-
cussed how to construct the equations that rep-
resent the reactions among aluminosilicates, but
we were unable to proceed because we did not
know the equilibrium constants of the reactions
we wanted to investigate.

Now we can restate the equation for the con-
version of microcline to kaolinite:

2 KAISi;Op + 9 H,O + 2 Ht =
ALSI,O{(OH), + 2K* + 4 H,Si0, (12.1)

Using the standard free energies of formation
from Appendix B we obtain:

AGS, = [-(906.84) + 2(—67.70) + 4(—312.66)]
~[2(-894.9) + 9(—356.687)]
= +7.103 kcal (12.2)
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Therefore, the equilibrium constant of the reac-
tion at 25°C is:

K = 10-0103/136) — 1-521 (12.3)

Applying the Law of Mass Action when the reac-
tion is at equilibrium gives:
[HSiO K]
[H]
where the square brackets signify activities or
fugacities of reactants and products. Next, we
take logarithms of equation 12.4:
4 log [H,SiO,] + 2 log [K*] — 2 log [H]
= -521 (12.35)

= 1073 (12.4)

Collecting terms:
4 log [H,Si0,] + 2(log [K"] — log [H'])

= =521 (12.6)
from which it follows that:
410g [H,S K]_
og[H4S[O4]+2i0g[H+] = =521 (12.7)
and:
LS 2on o
og[[_r] = —2log [H,Si0,] — 2.60 (12.8)

Equation 12.8 is a straight line, shown in Fig-
ure 12.1, along which log [K']/[H*] and
log [H,SiO,] have the values required for equilib-
rium between microcline and kaolinite. If the two
parameters have values that place the environ-
ment off the line, the reaction is not at equilibri-
um. In that case, we can determine the direction
in which the reaction proceeds by applying
Le Chitelier’s principle to equation 12.1. If
log [H,Si0,] of the environment is greater than
required for equilibrium at a particular value of
log [K*]/[H"]. reaction 12.1 moves to the left,
thereby converting kaolinite into microcline.
Therefore, microcline is stable under these condi-
tions, whereas kaolinite 1s unstable. The same rea-
soning indicates that if log [H,Si0,] is less than
required for equilibrium, kaolinite is stable and
microcline is unstable at 25°C.
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We might have chosen to write an equation for
the conversion of microcline to gibbsite instead of
kaolinite. The resulting line plots to the left of the
microcline-kaolinite equilibrium in Figure 12.1.
This means that microcline is reacting to form
gibbsite under conditions in which kaolinite, not
microcline, is stable. Consequently, the transforma-
tion of microcline to gibbsite is metastable and
must be excluded from the diagram.

When reaction 12.1 occurs in a closed envi-
ronment having a small water/rock ratio,
log [H,SiO,] and log [K*]/[H*] may change as
the reaction progresses until equilibrium is
established. In that case, kaolinite and microcline
coexist in equilibrium with the aqueous solution,
provided the temperature remains constant and
the activities of the ions and molecules remain
unchanged. On the other hand, if the environ-
ment is open or the water/rock ratio is large, the
reaction may not achieve equilibrium because it
is unable to change the activity of H,SiO, and the
[K*]/[H] ratio of the environment enough to
make them compatible with equation 12.8. In this
case, the reaction continues until either kaolinite
or microcline is used up, depending on the direc-
tion in which it is moving; that is, the reaction
goes to completion.

We can investigate the effect of a tempera-
ture change on reaction 12.1 by calculating AH:

AHY = [(—983.5) + 2(—60.32) + 4(—348.3)]
—[2(—948.7) + 9(68.315)]

= +14.895 kcal (12.9)

We see that the reaction is endothermic when it
occurs in the standard state, which means that it
consumes heat in the forward direction.
Therefore, an increase in temperature favors the
conversion of microcline to kaolinite and causes
the equilibrium constant to increase. The rela-
tionship between K. and K is given by the van’t
Hoff equation:

Ly 0.003 35

AH X 103(
—~ R T
(12.10)

log: &7 =108 Krs ~ 7558
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Figure 12.1 Stabilities of microcline, muscovite (proxy for illite), kaolinite, gibbsite, and amorphous silica in
equilibrium with K*, H", and H,SiO, in aqueous solution at 25°C and 1 atm pressure. The equations for the
stability boundaries are based on the standard free energy values from Appendix B and are listed in

"Table 12.1. Note that K-smectite, pyrophyllite, and quartz are omitted from the diagram in order to keep it
simple. Note also that the diagram lies in the upper left quadrant of the coordinate system. The reaction path
was adapted from Steinmann et al. (1994).
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Since Kp. = 1072, AHj = +14.895 kcal, and if
T = 308.15 K (35°C):
14,895

(). s | _ : 4‘ Fag
T (0.003 24 — 0.003 35)

log K, = —521 —

K(35°C) = 10748 (12.11)

Since 10755 > 10752L the equilibrium does shift
to the right in favor of kaolinite with increasing
temperature, as predicted.

When reaction 12.1 proceeds from left to
right as written, it produces K* ions and H,SiO,
molecules while consuming H™ and H,O. There-
fore, if the system is closed, the chemical compo-
sition of the water changes in such a way that
log [H,SiO,] and log [K*]/[H*] become more
compatible with the values required for equilibri-
um. Therefore, chemical weathering alters the
chemical composition of water and hence its
quality as a natural resource. Moreover, reactions
such as 12.1 take place not only on the surface of
the Earth but also below the surface where
groundwater is in contact with minerals that are
unstable in the presence of water. Chemical
“weathering” is nof restricted to places that are
exposed to the weather, but occurs at varying
depth below the surface depending on the loca-
tion of the water table and the porosity and per-
meability of the rocks.

We can now complete the construction of the
stability diagram for microcline (Figure 12.1) by
adding other crystalline or amorphous com-
pounds that can occur in the system composed of
Si0,~-ALO;-K,0-HCI-H,0. These include gibb-
site, muscovite (proxy for illite), K-smectite, pyro-
phyllite, and amorphous silica. Note that “HCI”
serves as a source of hydrogen ions and is not
actually present in natural environments. Note
also that the stability fields of K-smectite and
pyrophyllite are not shown in Figure 12.1, but they
do occur between kaolinite and microcline. The
equations required to define the stability limits of
the solid phases in this system are derivable by the
same procedure we demonstrated above for reac-
tion 12.1 and are therefore listed in Table 12.1.

The boundaries in Figure 12.1 are the loci of
points whose coordinates have the values required
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for equilibrium between the solids in adjoining
fields. Each field is labeled to indicate which solid is
stable within its boundaries. The solids are stable
only within their stability fields. When they are
exposed to an environment that lies outside their
own stability ficld, they are converted into the solid
that is stable in that environment. For example, if a
grain of microcline is placed into an environment
within the stability field of kaolinite, reaction 12.1
will run from left to right and convert the micro-
cline into kaolinite, provided enough time is avail-
able to allow the reaction to run to completion.
Similarly, if kaolinite is placed into an environment
within the stability field of microcline, it forms sec-
ondary K-feldspar known as adularia (Kastner, 1971;
Kastner and Siever, 1979; Mensing and Faure, 1983).

Most natural waters plot within the stability
field of kaolinite in Figure 12.1, whereas seawater
straddles the boundary between muscovite (illite)
and microcline. Therefore, microcline and other
feldspars in igneous and metamorphic rocks on
the continents weather to form clay minerals
(kaolinite and smectite). When these clay miner-
als are deposited in the oceans, they tend to take
up K" and may be converted into illite (repre-
sented by muscovite in Figure 12.1) or low-tem-
perature feldspar, given sufficient time.

The evolution of the chemical composition of
water as a result of chemical weathering of min-
erals such as microcline can be predicted by
numerical modeling (Helgeson et al., 1969). The
progress of such reactions produces curved reac-
tion paths on activity diagrams. An example of
such a path is shown in Figure 12.1 based on mod-
eling by Steinmann et al. {1994). Their calcula-
tions were based on the assumptions that:

1. The system is closed and the water/rock
ratio is small.

2. The secondary minerals are in equilibrium
with ions in the solution even though the
primary minerals are not in equilibrium.

]

Temperature and pressure remain constant.

Aluminum is conserved in the reactions.

o

The solutions remain dilute such that all
activity coefficients are close to unity.
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Table 12.1 Stability Relations Among Microcline, Kaolinite,
Gibbsite, and Amorphous Silica in the Presence of Water at 25°C

and 1 atm pressure®

Microclhine—kaolinite

2 KAISi;Oq + 9 H,0 + 2 H' = ALSi,O(OH), + 2K* + 4 H,SiO,
' AGS = +7.103kcal K = 10752
K] _
log ol -2 log [H,Si0,] — 2.60

Kaolinite—gibbsite

ALSi,0(OH), + 5 H,0= 2 AI(OH), + 2 HSiO,
AG% = +12.755kcal K =107%%
log [H,Si0,] = —4.68

Microcline-muscovite

3KAISi;0; + 1ZHO +2H = KAljsgolO(OH)2 +2K* + 6 HSIO,
AG, = +16.184 keal K = 10711865

Ki
tog% = —3log [H,Si0,] — 5.93

Muscovite-kaolinite

2 KALS{HO,(OH), + 3H,0 + 2 H* = 3 A1,Si,0,(OH), + 2K*
AGS = —11.039 kecal K = 10+81L

K+
log % = +4.05

Muscovite—gibbsite

. KAI}Si_]OlU(OH)_] e ()f‘lgo + H =23 )‘M(OH)3 +K' +3 H,SiO,
AG% = +13.603 keal K =10
(K] |
log [H"'] = =3 log {H4Sl€)4] — 997

Solubility limit of amorphous silica

SiO,(amorph.) + 2 H,0 = H,SiO,
AG, = +3.604 kecal K= 10264
log [H,SiO,] = —2.64

(1)

)

(4)

(6)

“Based on the thermodynamic data in Appendix B.

e}
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When microcline is exposed to an environ-
ment represented by the coordinates of point A in
Figure 12.1 (ie. log [HSiO,] = —6.0, log [K7]/
[H*] = —2.0,pH = 4), it will react to form gibbsite:

KAISi;O5 + 7H,0 + H* — AI(OH),
+,3 H,SiO, + K* (12.12)

As a result, the [K*]/[H"] ratio and [H,SiO,] of
the water both increase because the system is
assumed to be closed and the water/rock ratio is
small. Therefore, the chemical composition of the
aqueous phase changes along the reaction path
from A to B.

When the chemical composition of the aque-
ous phase reaches point B, kaolinite becomes the
stable phase. Therefore, the previously formed
gibbsite reacts with silicic acid in the water to
form kaolinite:

2 AI(OH); + 2H,SIO, —
ALSi,0s(OH), + 5 H,0

(12.13)

This reaction consumes silicic acid, but does not
affect the [K*]/[H"] ratio of the water. At the
same time, microcline continues to dissolve
incongruently to form kaolinite (equation 1,
Table 12.1):

2 KAISi; O, + 9H,0 + 2H'

(12.14)
AL Si,O4(OH), + 2K* + 4 H, SiO,

This reaction releases silicic acid and also causes
the [K*]/[H"] ratio of the water to increase. [f
equilibrium between gibbsite and kaolinite is
maintained, the concentration of silicic acid in the
water must remain constant until all of the previ-
ously formed gibbsite has been converted to
kaolinite. Under these conditions, the reactions at
point B in Figure 12.1 can be represented by one
equation written in such a way that Si is con-
served (Steinmann et al., 1994):

KAISi;O4 + 2 AI(OH); -+ H' —
1.5 ALSi,O; (OH), + K* + 05 H,0

(12.15)

This equation can be constructed by multiplying
equation 12.14 by 1/2 and adding it to 12.13. The
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reactions represented by equation 12.15 cause
the [K*]/[H"] ratio of the water to rise along the
gibbsite-kaolinite boundary from point B to
point C, which is reached when all of the gibbsite
has been converted to kaolinite.

Subsequently, microcline reacts with ions in
the water to form kaolinite in accordance with
equation 12.14. As a result, the [K*]/[H"] ratio
as well as [H,SiO,] both increase along the reac-
tion path between points C and .D, provided
that enough microcline is available to allow
reaction 12.14 to continue. ;

If the chemical composition of the water
reaches the stability boundary between kaolinite
and muscovite (illite), kaolinite becomes unstable
and reacts with the ions in the water to form mus-
covite (equation 4, Table 12.1):

3 ALSLO(OH), + 2K* —
2 KALSi;,0,,(OH), + 3H,0 + 2H'

(12.16)

This reaction causes a decrease of the [K*]/[H"]

ratio of the water without affecting the activity

of [H,SiO,]. However, if microcline is still avail-

able, it will now form muscovite (equation 3,
Table 12.1):

3KAIS;;Oy + 12H,0 + 2H™ —

‘ ’ (12.17)

KALSiL,O, (OH), + 2K*' + 6 H,SiO,

%
Z

This reaction increases both the [K*]/[H"] ratio
and [H,Si0,]. Since the composition of the water
must remain on the stability boundary between
kaolinite and muscovite until all of the previous-
ly formed kaolinite has been converted to mus-
covite, the [K*]/[H"] ratio of the solution must
remain constant. Therefore, equations 12.16 and
12.17 can be combined to yield:

KAISi,0 + ALSI,O, (OH), + 3 H,0 —

KALSi,0,, (OH), + 2 H,SiO, (12.18)

This reaction increases [H,SiO,] without affect-
ing the [K™|/[H"] ratio of the water. Therefore,
the chemical composition of the water moves
along the kaolinite-muscovite boundary in
Figure 12.1 from point D toward point £
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If sufficient microcline is available to drive
reaction 12.18 until the chemical composition of
the water reaches point E, all three minerals
(microcline, kaolinite, and muscovite) coexist in
equilibrium with the ions in the solution.
Consequently, the chemical weathering reactions
stop at point £ provided that the temperature
remains constant and the system remains closed.

The reaction path shown in Figure 12.1 is
one of an infinite number of possible paths
whose course depends on the initial chemical
composition and pH of the water. The work of
Steinmann et al. (1994) indicated that the shape
of reaction paths in Figure 12.1 is especially sen-
sitive to the initial pH of the water. If pH > 5, the
reaction paths proceed from point A to the gibb-
site—muscovite boundary without entering the
kaolinite field.

The purpose of this discourse is to emphasize
that the reactions between microcline (or anoth-
er mineral) and acidified water not only cause
transformations among the solid phases but also
affect the chemical composition of the water.
These reactions therefore contribute significantly
to the chemical evolution of water both on the
surface and below the surface of the Earth.
Therefore, activity diagrams like Figure 12.1 pro-
vide useful information about several geochemi-
cal questions:

1. What environmental conditions are required
to allow a particular mineral to form?

2. What minerals are stable in a given geo-
chemical environment?

3. What ions or molecules are consumed or
produced when an unstable mineral reacts
in a given geochemical environment?

4. How does the water evolve chemically
when reactions occur in a closed system
with a small water/rock ratio?

The answers to these kinds of questions provide
information that is useful in hydrogeology, sedi-
mentary petrology, soil science, geochemical
prospecting, economic geology, clay mineralogy,
and other important applications of inorganic
aqueous geochemistry. A large number of activity

diagrams for many different systems at different
temperatures and pressures was published by
Bowers ct al. (1984).

The stability limits of albite (NaAlSi;Oy) and
anorthite (CaAl,Si,Oy) are shown in Figure 12.2,
and the relevant equations are listed in Table 12.2.
These diagrams can be interpreted in the same
way as the microcline diagram. They are, in fact,
complementary to Figure 12.1 because they not
only introduce Na* and Ca’", respectively, but
also involve H* and H,SiO,. In most natural envi-
ronments all three minerals are likely to be pre-
sent. Therefore, the activities of H" and H,SiO, of
natural solutions reflect the progress of all three
chemical reactions occurring simultaneously. In
addition, other reactions may be taking place
involving other silicate minerals, as well as car-
bonates, phosphates, sulfides, or sulfates. As a
result, predictions about the progress of one par-
ticular reaction occurring in such complex natural
environments may be affected by the other reac-
tions that are occurring simultaneously.

The stability diagram of albite in Figure 12.2A
includes the Na-mica paragonite and therefore 1s
similar to that of microcline. The solubility limit
of magadiite (Surdam and Eugster, 1976) is listed
in Table 12.2 but is not shown in Figure 12.2A.
The stability of analcime is discussed in Sec-
tion 12.2 with other zeolite minerals, whereas
reactions among the clay minerals are discussed
in Chapter 13.

The stability field of the Ca-mica margarite is
not shown in Figure 12.2B because it is a rare
mineral and its standard free energy of forma-
tion is not well known. In addition, the activity of
Ca’* in aqueous solutions reacting with anor-
thite is limited by the solubility of calcite, which
depends on the fugacity of CO, of the environ-
ment and on the H' activity. The equation that
governs the solubility limit of calcite can be con-
structed as follows. We know that calcite dis-
solves to form Ca’" and HCOj; at pH values
between 6.4 and 10.3 (Section 9.5). However, the
bicarbonate ion is also in equilibrium with mole-
cular H,COY, which equilibrates with CO,(g) +
H,O. Therefore, we express the solubility of cal-
cite in terms of Ca’' and CO,(g) because we

£i1 i

s
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Ab + Si

log [Na*]/[H]

Figure 12.2 Stability of albite (A)
and anorthite (B) in the presence of acidi-
fied water at 25°C and 1 atm pressure
based on equations listed in Table 12.2.
Ab = albite, K = kaolinite, G = gibbsite,
Pa = paragonite, Py = pyrophyllite,
Si = amorphous silica, An = anorthite,
C = calcite. Na- and Ca-smectite and the
solubility limits of quartz and magadiite
are not shown, but the magadiite solubility
limit is given by equation 9 in Table 12.2A.
The solubility limit of calcite (equation 7,
Table 12.2B) in B is based on a fugacity of
CO, = 3 X 107" atm. The solubility limits
of amorphous silica and calcite restrict the
compositions of natural solutions to the
lower left corner of B. Point P in that area
represents an environment in which anor-
thite alters to gibbsite, a reaction that can
cause the composition of the water to
473 change. When the reaction path reaches

T line 5 (Table 12.2B), calcite begins to pre-
cipitate and the path turns to the right but
does not advance beyond the
gibbsite-kaolinite border (equation 2,
- Table 12.2B). Because of the way in which
Silica the solubility limit of calcite restricts the

+14

log [Ca?*]/[H"]2

i ; I . : . ] , I [Ca>*]/[H' ] ratio of water. authigenic
i3 3 _g —6 g = 0 anorthite cannot form by reactions of nat-
= . ural solutions with gibbsite, kaolinite, or
log [H,SiO,] pyrophyllite at 25°C.
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Table 12.2 Stability Relations for Albite and Anorthite in
Contact with Aqueous Solutions at 25°C and 1 atm pressure®

A. Albite

Albite-kaolinite

2 NaAlSi,O, + 9 H,O + 2 H' = ALSi,O,(OH), + 2 Na* + 4 H,SiO,

log [FI;]] = —2log [H,SiO,] — 0.19 (1)

Kaolinite—gibbsite

ALSi,0,(OH), + 5 H,0=2 AI(OH), + 2 H,SiO, _
log [H,SiO,] = —4.68 : (2)

Albite—paragonite

3 NaAlSi;04 + 12 H,0 + 2 H'= NaALSi,0,,(OH), + 2Na* + 6 H,SiO,

log [ﬁ‘[{af]] = ~3log [H,Si0,] — 4.10 (3)

Paragonite-kaolinite

2 NaAl,Si;0,(OH), + 3 H,0 + 2 H" =3 AL,Si,O;(OH), + 2 Na”

log [[T;i:j] = +7.63 (4)

Paragonite-gibbsite

NaALSi;0,,(OH), + 9 H,0 + H*=3 AI(OH), + Na* + 3 H,SiO,

[Na*]

] = —3log [H,SiO,] — 6.40 (5)

log

Albite-pyrophyllite

2 NaAlSi,Oy + 4 H,0 + 2 H' = ALSi,0,,(OH), + 2Na* + 2 H,SiO,

log [[1\;:':]] = ~log [HSiO,] + 2.48 (6)

Pyrophyllite-Kaolinite

ALSi,0,,(OH), + 5 H,0= Al,Si,0;(OH), + 2 H,SiO,
] log [H,Si0,] = —2.67 (7)
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Table 12.2 (continued)

Solubility limit of amorphous silica

SiO,(amorph.) + 2 H,0= H,SiO,
log [H,Si0,] = —2.64 (8)

Sofubility limit of magadiite

NaSi,O(OH), + 12 H,0 + H"=Na* + 7 H,SiO,
AG% = +1888kcal K =10713¥

Iog[[l;;—a:]—] = —7log [H,Si0,] — 13.84 (9)

B. Anorthite

Anorthite-kaolinite

CaAl,S8i,0; + H,O + 2 H*= ALSi,0,(0OH), + Ca®*
(Ca®']

Kaolinite—gibbsite

ALSi,O;(OH), + 5 H,0=2 AI{OH), + 2 H,SiO,
log [H,SiO,] = —4.68 (2)

Anorthite—gibbsite

CaALSLO, + 6 H,O + 2 H'=2 AI(OH), + Ca?* + 2 H SiO,
[Ca®"]

Iogw = —2log [H,Si0,] + 6.82 (3)

Anorthite-pyrophyllite

CaALSi,0, + 2H,Si0, + 2 H"= ALSi,0,,(OH), + Ca’* + 4 H,0

-

[og[[%'l;]z;]- = 2log [H,SiO,] + 21.50 Y

Solubility limit of calcite

CaCO, + 2H *=Ca** + CO, + H,0

lCam] _ 338 it [CO,l =3 X 107 atm (5)

[T

log

*Based on the thermodynamic data in Appendix B.
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thereby avoid having to introduce the bicarbon-
ate ion into the equations:.

CaCO,(s) + 2 H' = Ca* + CO,(g) + H,0(1)
(12.19)

In the standard state, AG% = —13.441 kecal and
hence K = 10°®.If [CO,] =3 x 10™*

[Ca2+] B 109‘85
[H+]2 3 x 10—4

and log [Ca®"]/[H*]* = 13.38. Therefore, calcite
precipitates when log [Ca®*]/[H*]* > 13.88.
Consequently, the decomposition of anorthite
can result in the formation of gibbsite + calcite,
kaolinite + calcite, or kaolinite + calcite + amor-
phous silica, depending on the environment to
which anorthite is exposed. For example, if anor-
thite is placed into an environment represented by
point P in the stability field of gibbsite, anorthite
is converted to gibbsite in accordance with reac-
tion 3 in Table 12.2B. If the system is closed and
the water/rock ratio is small, the composition of
the water changes because Ca’* and H,SiO, are
released. If the fugacity of CO, is 3 X 107* atm
calcite begins to precipitate when the reaction
path reaches the solubility boundary of calcite. As
a result, the reaction path moves along the solu-
bility boundary of calcite (line 5 in Figure 12.2B)
because the activity of H,SiO, increases as anor-
thite continues to be converted to gibbsite.

When the reaction path reaches the stability
boundary between gibbsite and kaolinite (line 2
in Figure 12.2B), the remaining anorthite reacts
to form kaolinite by reaction 1 in Table 12.2B.
This reaction tends to increase the [Ca*"]/[H']
ratio of the solution and therefore causes more
calcite to precipitate. The reaction path does not
advance beyond the gibbsite~kaolinite boundary
because the conversion of anorthite to kaolinite
does not increase the activity of H,SiO, of the
solution and because the [Ca’ |/[H'|" activity
ratio cannot exceed the solubility limit of calcite.
Therefore, the solubility limits of calcite and
amorphous silica in Figure 12.2B restrict the com-
positions of natural waters to the lower left cor-
ner of the diagram.

=108%  (12.20)

oy
|
Another consequence of the calcite 5olub;hty
limit is that neither gibbsite nor kaolinite can b«‘
converted into anorthite because log [Ca*"]/[H *]|
of the solution cannot rise above 13.38. Therefore,¢
the reactions between acidified water and anorr .
thite that produce either kaolinite or gibbsite ar¢
not reversible at 25°C. If the fugacity of CO, isr
increased by a factor of 10 to 3 x 107} atme*,
log [Ca®*|/[H*]* = 12.38 (equation 12.20), whick
causes calcite to precipitate at even lower values~
of the [Ca?*]/[H"]" ratio. Therefore, anorthite isi
not formed from clay minerals or aluminun
hydroxide at Earth-surface temperatures, whereas;—.
albite and K-feldspar do form because their car
bonates, oxides, and hydroxides are much more
soluble than those of Ca or Mg and therefore dc'):
not impose limits on the activities of their ions in&
aqueous solutions.

S

12.2

The zeolites are a large and highly diversified
group of aluminosilicates that occur in certain_
igneous, metamorphic, and sedimentary rocks;
(Gottardi and Galli, 1985). They can form by
direct precipitation from aqueous solution in vesi-
cles and fractures of lava flow. However, zeolites
also form in sedimentary rocks by reactions
between volcanic glass, feldspars, feldspathoids,
and other silicate minerals with saline solutions of
high pH (Lisitzina and Butuzova, 1982; Petzing
and Chester, 1979). The zeolites contain water of
hydration, which is-gradually forced out by'm
increases in pressure and temperature. Hence,
zeolites have been used to determine the depth ofl
burial of lava flows and of volcaniclastic scdimen-%
tary rocks (Coombs et al., 1959; Walker, 1960;
Sutherland, 1977). The crystal structures of zeo-|
lites contain channels and cavities that make these[™
minerals useful as molecular sieves. Therefore,[
zeolites are used in the purification of water and|
other liquids and gases, for chemical separations, i
and for decontamination of radioactive waste|
(Barrer. 1978). Because of their many industrial|
uses, zeolites are synthesized for specific applica-r=

Formation of Zeolites
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tions, but natural materials recovered from large
sedimentary deposits are also used (Hay, 1966).

Zeolites are tektosilicates (Section 8.3) com-
posed of silica tetrahedra linked at the corners by
sharing oxygen atoms so that the ratio of Si to O is
1:2. The replacement of some Si atoms by Al
atoms creates a deficiency of positive charge in the
lattice because Al is trivalent whereas Si is tetrava-
lent. The resulting excess negative charge is neutral-
ized by incorporation of Na* or Ca®* and, more
rarely, of K*, Ba®*, and Sr®* ions. The zeolites have
a more open lattice than other tektosilicates, such
as the feldspars and feldspathoids, which allows
them to contain water and makes them useful as
molecular sieves. Some zeolites (chabazite) can be
dehydrated by heating without permanently dam-
aging the crystal lattice. Dehydrated chabazite can
reabsorb the same amount of water it contained
originally. Other zeolites (phillipsite and gismon-
dine) experience major structural changes during
dehydration below 200°C.

The chemical compositions of zeolites range
widely because of variations in the number of Si
atoms that are replaced by Al atoms, because the
resulting charge deficiency is neutralized by vary-
ing proportions of Na*, K*, Ca’*, Ba’*, and Sr*",
and because the amount of water may vary
depending on _pressure and temperature.
Nevertheless, the chemical formulas of zeolites
can be rationalized by normalizing the Al to two
atoms, regardless of the numbers of SiO, “units”
or water molecules. For example, the formula of
stilbite (CaALSi;O - 6 H,0) can be understood
in terms of coupled substitution:

8(8i0,) + 2 AP* — ALSiO}; + 2Si** (12.21)
ALSiOf; + Ca’* + 6 H,0 —

CaAlSiO, 6 H,0  (12.22)

The composition of zeolites in sedimentary
rocks may change continuously in response to
changes in the physical and chemical state of
their environment. The complexity of the chemi-
cal compositions of zeolites and their sensitivity
to environmental change make it difficult to
determine their standard free energies of forma-
tion (Johnson et al.. 1982; Hemingway and Robic,
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1984). Hence, thermodynamic constants of only a
few zeolites (analcime, wairakite, laumontite, and
leonhardite) are listed in Appendix B.

We begin by modifying the stability diagram
of albite (Figure 12.2A) by including the zeolite
analcime (NaAlSi,Oq - H,0). The reaction by
which albite is transformed into analcime is easi-
ly constructed:

NaAlSi,0; + 3 H,0 =

NaAlSi,O4- H,O + H,Si0, (12.23)
AGY = +5741 keal K= 107%¥
log [H,SiO,] = —4.21 (12.24)

When equation 12.24 is plotted as line 1 in Fig-
ure 12.3A, it becomes apparent that analcime
must also react to form paragonite. Therefore, we
construct the equation to represent this reaction:

3 NaAISi,O, - H,0 + 3 H,0 + 2 H' =
NaALSi,0,,(OH), + 2 Na* + 3 H,SiO, (12.25)
AGy = —6.045 kcal K = 104
[Na*]

log (1]
The remainder of Figure 12.3A is identical to
Figure 122A. We see that analcime is stable in
environments having high activities of Na* but low
activities of H", which is typical of saline brines
formed by evaporative concentration of surface
waler. Therefore, analcime commonly occurs in
playa-lake deposits and in soils and volcaniclastic
sediment in arid regions of the world. It occurs in
very small crystals ranging from 5 to 100 wm but
can be detected by x-ray diffraction (Hay, 1966).

Next, we consider the Ca-zeolites:
CaAl8i 0, 2H,0
wairakite

CaALSi,0, 3.5H,0

—~15log [H,SiO,] + 222 (12.26)

leonhardite

CaAlSi, O, -4H,0

laumontite
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Figure 12.3 Stability of albite (A) and
anorthite (B) with respect to analcime and
laumontite, respectively. in the presence of
acidified water at 25°C at 1 atm pressure.
Ab = albite, Ac = analcime, Pa = parago-
nite, K = kaolinite, G_= gihbsite, Si = amor-
phous silica, An = anorthite, L = laumontite. &
The equations for the numbered boundaries "
are given in the text and the others are the
same as in Figure 12.2. Analcime can form
when any of the solids in Figure [2.3A reacts
with Na-rich brines of high pH. However, the
brine compositions required to form laumon :
tite at 25°C are restricted by the solubility
limits of calcite and amorphous silica to the
small area in Figure 12.3B labeled L.

b,

e



all of which have identical molar Si/Al ratios of
2 -1 but differ in the number of water molecules
they contain. Therefore, we choose laumontite to
represent these minerals on the stability diagram in
Figure 12.3B because it forms in near-surface envi-
ronments and may subsequently convert to leon-
hardite or wairakite. Leonhardite forms by
dehydration of laumontite upon exposure to the
atmosphere, whereas wairakite becomes stable
between 150 and 300°C at 1 atm pressure (Bowers
et al., 1984). The transformation of anorthite to lau-
montite proceeds as follows (line 1, Figure 12.3B):

CaALSi,O; + 2 H,Si0,= CaALSi,0,, - 4H,0
(12.27)

AGS = —11.32keal K = 10%%

log [H,SiO,] = —4.15 (12.28)

The decomposition of laumontite to kaolinite is
represented by the equation:

CaAl,8i,0,; 4H,0 + H,0 + 2 H*=
ALSi,04(OH), + Ca’* + 2 H,Si0, (12.29)

AG% = —10.73 kcal K = 10"
Ca2* (12.30)
log [[f;]l] = —2 log [H,Si0,] + 7.87

Equation 12.30 has been plotted as line 2 in
Figure 12.3B. Finally, the laumontite-pyrophyllite
equilibrium is represented by:

CaALSi,0,, 4H,0 + 2H' =
ALS,0,,(OH), + Ca’* + 4H,0 (12.31)
AG%, = —18.00kecal K = 10*13%0

C 2
iug% = +13.20

(12:32)
Equation 12.32 forms line 3 in Figure 12.3B. All
other boundaries are the same as in Figure 12.2B.

We see that laumontite has a large stability
field in Figure 12.3B, but only a very small part
of it lies within the compositional range of nat-
ural solutions. Therefore, anorthite, or any other
Al-bearing compound, can alter to laumontite at
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25°C only in those environments that lie within
the small triangular field labeled “L.” In addi-
tion, the conversion of anorthite to laumontite is
irreversible because the calcite solubility bound-
ary at atmospheric values of the fugacity of CO,
prevents the [Ca**]/[H*]’ ratio of natural solu-
tions from increasing to values within the anor-
thite field.

We can combine the stability diagrams of
analcime and laumontite (Figure 12.3) by specify-
ing that the solutions are saturated with respect
to amorphous silica. This presents no problem for
laumontite, which can be in equilibrium with such
a solution. However, analcime, paragonite, and
gibbsite are not stable in contact with silica-satu-
rated solutions. Therefore, we anticipate that
kaolinite is the stable phase in silica-saturated
solutions having low activities of Na* and Ca®*
and that kaolinite can coexist in equilibrium with
albite and laumontite as the activities of Na" and
Ca’" in the solution increase. Actually, pyrophyl-
lite forms from kaolinite just below the silica-sat-
uration limit (Figure 12.2). However, we prefer
kaolinite because it is far more abundant as a
weathering product of aluminosilicate minerals
than pyrophyllite. Accordingly, we begin the con-
struction of this diagram with the conversion of
kaolinite to albite in a silica-saturated solution:

ALSi,O4(OH), + 2 Na* + 4 SiO,(amorph.)=
2 NaAISi,O, + H,O + 2H"  (12.33)
AG% = +13.899kcal K =10""""

Na*
g [[Hi]]

= +5.09 (line 1, Figure 12.4) (12.34)

The reaction of kaolinite with Ca®" to form lau-
montite is represented by:

ALSi,O4(OH), + Ca’" + 2 SiO,(amorph.)
+ 3 H,0= CaALSi,0,, 4H,0 + 2 H* (12.35)

AG%, = +17941 keal K = 107BP

| [Ca®*]
og 5
2 [Hi]_

= +13.15 (line 2, Figure 12.4) (12.36)
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Figure 12.4 Stability diagram for albite (Ab), kaolin-
ite (K), laumontite (L), and calcite (C) in contact with
solutions saturated with respect to amorphous SiO,
(Si) at 25°C. Analcime, paragonite, anorthite, and gibb-
site were excluded from this diagram because they are
unstable in silica-saturated solutions as shown in
Figure 12.3. However, pyrophyllite is probably stable,
but was excluded because kaolinite is more abundant
as a weathering product of Al-silicates than pyrophyl-
lite. The calcite-saturation limit is based on

[CO,] = 3 x 10" atm (Table 12.2B, equation 5). The
numbered lines (1,2, and 3) were derived from equa-
tions 12.33,12.35, and 12.37, respectively.

Equilibrium between albite and laumontite in sil-
ica-saturated solutions is based on:

2 NaAlSi;O4 + Ca’* + 4 H,0=
CaAl,Si,0,, - 4H,0 + 2 Na*

+ 2Si0,(amorph.)
AGY = +4.042 kcal K = 1072%

(12.37)

We note that reaction 12.37 is independent of the
pH and therefore must be modified before it can
be plotted in the coordinates of Figure 12.4.

Applying the Law of Mass Action to equa-

tion 12.37 yields: !
[Na*]? r
:

— 10-29% 123

o (1238 ¢
|

We now divide the [Na®]* and [Ca’'| in equa- |
tion 12.38 by [H*]% 8
7.}‘
[Na'P/[H'P _ s [
W =10 (12.39) \ﬂ

Taking logarithms of equation 12.39 yields the rg
desired equation: i

Nat 2+
2 log [[Hi]] - log[[(;{—aﬂz—] = ~2.96 (1240) |
and hence:
+ 2+
log [[I:;lql =05 log%z—] — 1.48

(line 3, Figure 12.4) (12.41)

The three lines derived from reactions 12.33, :5

12.35, and 12.37 have been plotted in Figure 12.4 §
together with the solubility limit of calcite &
(Table 12.2B, equation 5) for [CO,] =3 x 10™*
atm. The resulting diagram delineates the con-
ditions under which albite decomposes to kaoli-
nite + silica or laumontite + silica. Its virtue
lies in the fact that the environmental condi-
tions are described in terms of both Na® and
Ca’*, but it is limited by the instability of cer-
tain solids in the presence of silica-saturated
solutions. ‘

12.3  Magnesium Silicates

Magnesium forms a variety of silicate minerals,
some of which include Al (phlogopite, cordierite,
vermiculite, chlorite, and Mg-smectite), whereas .
others lack Al (forsterite, enstatite, serpentine, talc,
and sepiolite). Some Mg silicates contain other
cations, such as K™ (phlogopite), Fe’", Ca’*, and 4
K" (vermiculite), and Fe** (Mg-montmorillonite).
Thereflore, these minerals can be shown only on
diagrams that assume a specified activity of silicic



acid or require other assumptions. For this reason,
Figure 12.5A includes the stability fields only of
chlorite (Ct) together with pyrophyllite (Py),
kaolinite (K), gibbsite (G), amorphous silica (Si).
and magnesite (Ms). Brucite and periclase have
solubility limits of log [Mg*']/[H*]* = 16.71 and
log [Mg”*]/[H*]> = 21.59, respectively, and are
unstable in Figuré 12.5A. Therefore, magnesite
effectively limits the [Mg?"]/[H* ]’ ratio of natural
solutions to values less than 10"2, assuming that
[CO,] =3 x 10" atm. The equations for these
reactions are listed in Table 12.3A.

The Al-bearing silicates of Mg dissolve incon-
gruently because gibbsite, kaolinite, and pyrophyl-
lite are highly insoluble. This situation does not
occur when the Mg silicates that lack Al dissolve in
acidified water. These minerals therefore dissolve
congruently and form Mg** and H,SiO,.
Consequently, the stabilities of the Mg-silicates are
limited by the activities of Mg**, H", and H,SiO,
of the solution with which they come in contact.
The equations defining the solubilities of the Mg
silicates in coordinates of log [Mg**|/[H*JF and log
[H,SiO,] are listed in Table 12.3B and have been
plotted as dashed lines in Figure 12.5B.

The solubilities of magnesite, serpentine,
sepiolite, and amorphous silica outline a region
in Figure 12.5B in which all of the minerals are
soluble and are therefore wunstable. When the
activity ratio [Mg*']/[H"]” and/or [H,SiO,] of
solutions in that region increase, either magne-
site, serpentine, sepiolite, or amorphous silica
precipitates, depending on which solubility line is
contacted. The composition of a solution may
change either because a soluble Mg silicate such
as forsterite, talc, enstatite, or anthophyllite is
dissolving in the water in a closed system with a
small water/rock ratio, or because of evaporative
concentration of surface water, or both. For
example, if enstatite dissolves in acidified water
represented by the point P in Figure 12.5B, the
reaction path intersects the serpentine solubility
line. Therefore, serpentine precipitates from the
solution as enstatite dissolves. In effect. serpen-
tine replaces enstatite by the reactions:
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MgSiO; + H,0 + 2 H"= Mg® + H,SiO, (12.42)
3Mg’* + 2 H,8i0, + H,0=

(12.43)
Mg, Si,O(OH), + 6 H"

If Mg*" is conserved by multiplying equa-

tion 12.42 by 3 before adding it to equation 12.43,

the net result is:

3 MgSi0; + 4 H,0=

(12.44)
Mg,Si,05(OH), + H,SiO,

Therefore, the conversion of enstatite to serpen-
tine increases the activity of silicic acid. If ensta-
tite continues to dissolve, the activity of silicic
acid may increase until the solubility limit of
sepiolite is reached. Continued solution of ensta-
tite causes sepiolite to precipitate, and so on,
until the solution becomes saturated with amor-
phous silica. However, the suggested sequence
of events depends on assumptions about the
reactions (i.e., Mg is conserved, enstatite contin-
ues to dissolve, no other reactions are taking
place) and about the environment (closed, with
small water/rock ratio, stable with respect to
erosion, constant temperature) that are rarely
satisfied in nature.

The replacement of enstatite by serpentine in
reaction 12.44 can, in principle, achieve equilibri-
um at a specific value of log [H,SiO,]. Since
AG% = —2.63 kcal and K = 10", equilibrium
between enstatite and serpentine occurs at
log [H,Si0,] = 1.93. This value exceeds the solu-
bility limit of amorphous silica, which means that
enstatite and serpentine cannot coexist in equi-
librium in contact with natural solutions at 25°C.
This is true also of enstatite—talc, serpentine-talc,
forsterite—talc, serpentine-anthophyllite, and
anthophyllite—talc because, in each case, the activity
of H,SiO, required for equilibrium is greater than
that of a saturated solution of amorphous silica.
Similarly, forsterite cannot coexist in equilibrium
with enstatite, sepiolite, or anthophyllite because
the [Mg*"]/[H | ratios required for equilibrium in
each case exceed the solubility limit of magnesite.
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Figure 12.5 A: Stability diagram of
Mg chlorite (Ct) (aluminosilicate)
with respect to gibbsite (G),

kaolinite (K), pyrophyllite (Py), amor-
phous silica (Si), and magnesite (Ms)
at [CO,] = 3 x 107 atm in the pres-
ence of acidified water at 25°C.

B: Solubility limits of pure
Mg-silicates in acidified water at 25°C,
based on equations in Table 12.3. Each
of the minerals shown here dissolves
in solutions whose [Mg**]/[H"]* ratios
and H,SiO, activities are less than
those of their respective solubility
lines. Conversely, when these parame-
ters increase in a solution in the lower
left corner of the diagram, magnesite,
serpentine, sepiolite, or amorphous sil-
ica precipitates, depending on which
solubility line is reached by the solu-
tion. Consequently, these are the only
stable minerals in contact with natural
solutions on the surface of the Earth.
The combination of solution and
reprecipitation causes the replace-
ment of forsterite, enstatite, talc, and
anthophyllite by magnesite, serpen-
tine, sepiolite, or amorphous silica. If
amorphous silica precipitates first, and
if one of the more soluble Mg silicates
continues to dissolve, the [Mg®']/[H'J’
of the solution rises until sepiolite
coprecipitates with silica. Similarly, the
initial precipitation of magnesite may
eventually result in the formation of
serpentine, provided the activity of
H,SiO, increases sufficiently.
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Table 12.3 Stability Relations among Mg Silicates in the Presence of
Acidified Water at 25°C and 1 atm pressure®

A. Mg-Al Silicates

Kaolinite—hlorite

ALSI;O(OH), + 5 Mg** + H,SiO, + 5§ H,0= Mg,AL,Si;O,(OH), + 10 H"
AG% = +85235kcal K =107%%

log[—[%g;];—] = -0.2 log [H,Si0,] + 12.50 (1)

Gibbsite—chlorite
2 Al(OH), + 5Mg** + 3 H,Si0,= Mg,Al,Si,0,,(OH), + 10 H*

AGy = +7248kcal K =107

[F:[gf];] = —0.6 log [H,Si0,] + 10.62 (2)

log

Pyrophyllite—chlorite

ALSI,0,,(OH), + S Mg + 10 H,0= Mg,ALSi,0,(OH); + HSiO, + 10 H*
AG% = +9251kcal K = 1079%
[Mg2+]

log " = +02log [H,Si0,] + 13.56 (3)

Solubility limit of brucite

Mg(OH)Z:Mgh- +20H"
AGY = +1540keal K = 1071¥
[Mg“]

1
Og {HJr]Z

= +16.71 (4)

Solubility limit of periclase
MgO + 2 H = Mg** + H,0
AGY = —2945kcal K = 10°%

log [F:ﬁz];] = +21.59 (5)

We conclude that the Mg-silicates whose the solutions may rise until they reach the solu-
solutibilities are shown as dashed lines in Fig-  bility limits of magnesite, serpentine, sepiolite,
ure 12.5B are unstable in the presence of acidi- or amorphous silica, which are the only stable
fied water and therefore dissolve in it. As a  phases that can coexist with natural solutions at
result, the [Mg*']/[H"']” and [H,SiO,] values of  25°C.

e Svh
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Table 12.3 (continued)

B. Solubility of Mg Silicates

Forsterite
Mg,SiO, + 4 H =2 Mg + H,SiO,
' AG%, = —38.76 kcal K = 1034
M 2+
log [[H%.]ZI = —0.5log [H,Si0,] + 142 (1)
Enstatite
MgSiO; + H,0 + 2 H*= Mg + H,SiO,
AG% = —1531 kcal K = 104%
Mg?*
log [[Hg;]z] = —log [H,Si0,] + 11.23 )
Serpentine

Mg;Si,05(OH), + 6 H" =3 Mg?* + 2 HSiO, + H,0

AGg = —433l kcal K = 107
M 2+
log [[LHgT]_z] = —0.67 log [H48104] +10.58 (_;}

Anthophyllite

Mg;Siz05,(0H), + 8 H,O + 14 H =7 Mg** + 8 H,SiO,

AG% = —9395kcal K = 10%%8
M 2+
log [[Hg; F] = —1.14 log [H,SiO,] + 9.84 @

Talc

Mg;Si,0,,(OH), + 4 H,0 + 6 H* =3 Mg?* + 4 H,Si0,

AG% = —-2991 kcal K = 10%%
M 2+
log [[Hg;}z] = 2 log [H,Si0,] + 10.96 6)

12.4 Solubility Diagrams

All minerals dissolve congruently when placed in
pure water. For example, microcline dissolves
congruently in pure water until the activities of

AP’" ions in the solution increase sufficiently to
stabilize gibbsite. Subsequently, microcline dis-
solves incongruently to form gibbsite plus K* and
H,S10,. We therefore need to know how gibbsite
dissolves and under what conditions it is stable
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Sepiolite (see Appendix B)

(a) Mg,Si0,5(0OH), - 6H,0 + H,0 + 8 H =4 Mg>* + 6 H,SiO,

AGS = —4328 kcal K = 10°'7
M 2+
; 10gL[ng+—]2j = —1.5log [H,SiO,] + 7.93 (6)
(b) Mg,Si;04(OH), + 2H,0 + 4 H* =2 Mg>* + 3 H,SiO,
AGS = —21.26 kcal K = 10
M 2+
log{[Tf;]ﬂzl = —15log [H,SiO,] + 7.79 )

*Based on the thermodynamic data in Appendix B.

with respect to the different Al ions that can form
in an aqueous solution.

a. Gibbsite
Since gibbsite is the insoluble hydroxide of Al, we
recall the discussion of the dissociation of bases
and their amphoteric character from Section 9.4.
At that stage in our discussion we were restricted
to known dissociation constants, whereas we can
now calculate them from values of AGY for any
reaction we wish to study. The Appendix B con-
tains G values for AP, AI(OH)**, AI(OH)3,
AI(OH), AI(OH)}, and AI(OH)Z", all of which
can form when an Al-bearing mineral dissolves
congruently at different pH values. The reactions by
which these ions form {rom gibbsite and their equi-
librium constants at 25°C are listed in Table 12.4.
The equations derived in this way outline the
stability field of gibbsite in Figure 12.6. Outside
this area, gibbsite dissolves congruently to form
ions whose relative abundances become equal at
certain pH values corresponding to the points of
intersection of the solubility lines. For example,
AP* is the dominant ion at pH < 4.65, and
Al(OH"), dominates at pH values from 4.65 to
5.7, as shown in Figure 12.6. The solubility of
gibbsite at a specified pH is the sum of the con-
centrations of all Al-bearing species that exist in
a saturated solution in equilibrium with gibb-

site. The solubility of this mineral has a mini-
mum at pH from 6 to 8 and rises at pH >8
and <6 in accordance with the amphoteric
character of Al

When microcline dissolves congruently in
very dilute solutions having a pH <4.65, it releas-
es K" AP*, and H,SiO, according to the reaction:

KAISi,Oq + 4H,0 + 4H =

K* + AP* + 3 H,SiO, (12.45)

When microcline dissolves congruently in water
of composition P in Figure 12.6, both the activity
of AI’" and the pH rise along the reaction path. If
the system is closed and its water/rock ratio is
small, the solution may become saturated with
respect to gibbsite, which then precipitates:

AP* + 3H,0= Al(OH), + 3H" (12.46)

The net result, obtained by adding equations 12.435
and 12.46, is that microcline then dissolves incon-
gruently to form gibbsite plus K™ and H,SiO:

KAISi,Oq + 7H,0 + H' =

Al(OH), + K™ + 3H,Si0, (12.47)

[f microcline continues to dissolve. the composi-
tion of the solution moves across the gibbsite sta-
bility field in Figure 12.1 until it reaches the
gibbsite-kaolinite boundary (line 2). At that
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Chapter 14, where we review some basic princi-
ples of clectrochemistry and apply them to the
construction of the so-called Eh—pH diagrams.

In Section 14.5 we take up the construction
of fugacity diagrams based on equilibria between
solid compounds and certain gases, including O,,
CO,, and S,. The sqlid—-gas equilibria of both Fe
and Cu include possible changes in their oxida-
tion states, but the reactions are quite uncompli-
cated. Thus we can present fugacity diagrams
here rather than in Chapter 14.

12.5 Fugacity Diagrams

The oxides, carbonates, and sulfides of metals can
be considered to be in equilibrium with gaseous
0,, CO,, and S,, respectively. For example, the
fugacity of O, ranges from about 2 X 107" atm in
air at the surface of the Earth to much lower val-
ues in certain anoxic environments such as peat
bogs, stagnant basins, and deep-sea trenches.
Therefore, the first question we need to consider
is the range of fugacities of O, that can occur on
the surface of the Earth.

a. Stability Limits of Water

We know that liquid water dissociates into H
and OH " ions and that the ton activity product of
water at 25°C is about 1 X 107" However, water
must also maintain an equilibrium with the gases
O, and H,:

2H,0(1) = O,(g) + 2 H,(g) (12.50)

The standard free energy change of this reaction
is AG% = +113.374 kcal and its equilibrium con-
stant at 25°C is K = 107%!, Therefore, at equi-
librium:

[O,][H,]* = 1075 (12.51)

The total pressure of all gases occurring naturally
on the surface of the Earth must be 1 atm or less.
[f the pressure of gases rises to higher values, they
expand against the atmosphere, which means that
bubbles form in water exposed to the atmosphere

and the gases escape. Therefore, the fugacities of

0O, and H, must each remain <<1.0 atm if liquid
water is to be stable at sea level on the surface of
the Earth. If the fugacity of H, alone is 1.0 atm,
then the fugacity of O, must be as low as it can
get in the presence of liquid water. Setting
[H,] = 1.0 in equation 12.51 yields:

[0,] = 107¥1atm (12.52)
Therefore, the fugacity of O, in the presence of
liquid water may vary from 1.0 to 107! atm.
Similarly, the fugacity of H, can vary from 1.0 to
107*% atm, based on equation 12.51.

b. Oxides and Carbonates of Iron
Metallic Fe exposed to the air is known to form
the oxides wiistite (FeO), magnetite (Fe,0,), and
hematite (Fe,0O,). Therefore, we can represent
the oxidation of m.tallic Fe by a series of equa-
tions starting with the formation of wiistite:

Fe (metallic) + 3 O,=FeO  (12.53)

For this reaction, AG% = —58.7 kcal and K =

10"#Y Therefore, at equilibrium:
1

R 10*0 (12.54)
and [O,] = 107%. Evidently, wiistite can coexist
in equilibrium with metallic Fe only when the
fugacity of O, is less than is permitted in normal
terrestrial environments.

We can continue either by considering the
transformation of wiistite ta magnetite, which is a
mixed oxide (FeO - Fe,0,), or by relating mag-
netite directly to metallic Fe. The latter is prefer-
able because wiistite does not occur in terrestrial
rocks. Therefore, we consider the reaction:

3 Fe (metallic) + 2 O, =FeO - Fe,0,

- (12.55)
AG% = —242.6 kcal K = 10"77%

It follows that at equilibrium the fugacity of O,

must be 1073 atm, which is also less than the

lowest fugacity of O, in equilibrium with liquid




water. Therefore, metallic Fe cannot be stable on
the surface of the Earth, where the fugacity of O,
must be >10"%! atm. However, magnetite does
occur in surface environments and, therefore, is
stable at O, fugacities that are compatible with
liquid water.

We consider pext the reaction between mag-
netite and hematite in the hope that this equilibri-
um will provide a stability limit for magnetite that
is within the range of permissible O, fugacities:

2 FeO+Fe, 0, + §0;==3Fe,0,

12.56)
K = 1034.89

AG% = —47.6 kcal

Thus, magnetite and hematite are in equilibrium
at [O,] = 107%* atm, which is within the permis-
sible range of O, fugacities. Hematite is the most
O-rich oxide of Fe and can coexist with water at
O, fugacities from 107% to 1.0 atm.

Next, we add siderite (FeCO;) to the system
by reacting magnetite and hematite with CO, gas.
Since Fe in siderite is divalent, we start with mag-
netite because it also contains divalent Fe. We
construct the desired equation with magnetite as
the reactant and siderite as the product. Then we
add CO, to the reactant side to balance the C in
siderite. Finally, we complets the equation by
adding O, as needed for balance:

FeO - Fe,0, + 3 CO,= FeCO, + 10, (12.57)

Note that this is an oxidation-reduction reaction
and that the equations cannot be balanced in
terms of mass only, as we just did. In this case, two
of the three divalent Fe ions in siderite give up
one electron each for a total of two. These elec-
trons are accepted by one atom of O, gas, which
becomes one of the O*  ions in the magnetite.
Equation 12.57 is reversed because we have treat-
ed magnetite as the reactant rather than as the
product. The standard free energy change of reac-
tion 12.57 is AG% = +44.48 kcal and k = 107320!,
Therefore, at equilibrium:

12
}(C)éI ]3 s 10 —-32.61

(12.58)
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Taking logarithms to the base 10:
3 log [0,] - 3log[CO,] = —32.61 (12.59)
log [0,] = 6log [CO,] — 65.22 (12.60)

Similarly, hematite reacts with CO, to form
siderite according to:

Fe,0; + 2 CO,=2FeCO, + 1 O,

o oy (126D

AG% = +45.52 keal

and:

log [0,] = 4log [CO,] — 66.74  (12.62)
The equations representing solid—gas equilibria
derived above have been plotted in Figure 12.8
in coordinates of log [O,] and log [CO,]. The
result is a fugacity diagram for the oxides and
carbonates of Fe that indicates the fugacities of
the two gases that are required to stabilize each
of the minerals we have considered. The dia-
gram also predicts the direction of solid-gas
reactions that occur when a particular mineral is
placed in an environment in which another min-
eral is stable.

For example, so-called ironstone concretions
composed of siderite may be exposed to the
atmosphere as a result of erosion of the enclosing
sedimentary rocks. Figure 12.8 indicates that
hematite is stable in contact with the atmosphere.
Therefore, siderite is transformed into hematite
in accordance with equation 12.61. At equilibri-
um between siderite and hematite:

(O] ¢

2 = 1073}37

Co.T (12.63)

=)

However, in the atmosphere [O,] =2 % 10" atm
and [CO,] =3 x 10™* atm. Therefore, siderite
can coexist in equilibrium with hematite in con-
tact with the atmosphere only when:

l'[oz]]/z]l/z B [(02)1/2 T-’:
K - 1073337

[CO,]

= 10'" atm (12.64)
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Figure 12.8 Fugacity diagram for the oxides and car-
bonate of Fe in terms of the fugacities of O, and CO,,
where Mt = magnetite, H = hematite,and S = siderite.
Note that siderite and magnetite are not stable in con-
tact with the atmosphere, where [O,] = 2 x 107" atm
and [CO,] = 3 X 10 * atm. Therefore, when siderite or
magnetite is exposed to the atmosphere, it converts to
hematite. The diagram is based on equations 12.52
(stability limit of water) and 12.56,12.58, and 12.61.
Point P represents conditions when siderite is stable in
contact with O, of the atmosphere.

which is identified by point 7 in the diagram.
Since the fugacity of CO, in the atmosphere is
only 3 X 107" atm, reaction 12.62 is not in equilib-
rium in contact with the atmosphere but runs to
the left, thereby converting siderite to hematite.
Therefore, ironstone concretions should weather
to hematite upon exposure to the air. This predic-
tion is confirmed by the presence of a hematite
rind around ironstone concretions where the
thickness of the rind depends on the rate of the
reaction and the duration of the exposure.

0 H,O unstable
1 Ten
7
R 5]
s o7
= Cup 4
B0
L T—1
Cu 3 Chal - 6 Cov
—807
H,0 unstable
T i T r T ' T
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Figure 12.9 Fugacity diagram for the oxides and sul-
fides of Cu. Cu = metallic Cu, Cup = cuprite {Cu,0),
Ten = tenorite (CuQ), Chal = chalcocite (Cu,S),

and Cov = covellite (CuS), based on equations in
Table 12.5. Metallic Cu is stable in the presence of
water, but when it is exposed to the atmosphere, it
reacts to form tenorite. Note that G7 of S,(g) is not
zero because the stable form of S in the standard
state is the rhombic solid.

c. Oxides and Sulfides of Copper
Copper forms the oxides cuprite (Cu,0) and
tenorite (CuO) and the sulfides chalcocite (Cu,S)
and covellite (CuS). Note that Cu is univalent in
cuprite and chalcocite and divalent in tenorite
and covellite. Therefore, when metallic Cu forms
Cu* and when Cu* forms Cu’*, electrons are
transferred either to O, or to S,, depending on
the compound that is produced. The equations
required to construct the fugacity diagram for Cu
in Figure 12.9 are listed in Table 12.5.

We see that native Cu is stable in the pres-
ence of water, whereas native Fe is not. However,




Table 12.5 Fugacity Diagram of Copper
Oxides and Sulfides at 25°C*

2 Cu (metal) + ; O,=Cu,0
AG% = —35.1kcal K = 1057
log [0,] = —51.5 )
Cu,0 + ;0,=2 Cu0
]
AG% = —263kcal K =103
log [0,] = -38.6 @)
2 Cu (metal) + ;S,=Cu,S
AG% = —30.08 kcal K = 102%
log [Szl = —44.1 (3)
Cu,0 +38,=Cu,S +10,
AG% = +5.02kecal K =1073%
log [0,] = log[S,] — 74 @
2Cu0 +38,=Cu,S + O,
AGS% = +3132keal K = 1072%
log [0,] = 0.5log [S,] — 23.0 (5)
Cu,S +;8,==2 CuS
AGS = —1448kecal K = 100%
log [S,] = -21.2 )
CuQ + 38,=CuS + 10,
AG% = +842kcal K =10"%"
log [0,] = tog [S,] — 12.34 )

“Based on the thermodynamic data in Appendix B.

when metallic Cu is exposed to O, at fugaci-
ties >107°"7 atm, it forms the oxide cuprite
(Cu,0) or tenorite (CuO), depending on the O,
fugacity. Similarly, Cu reacts with S, to form the
sulfides chalcocite (Cu,S) and covellite (Cu$).
Copper also forms mixed sulfides with Fe includ-
ing chalcopyrite (CuFeS,), cubanite (CuFe,S,),
and bornite (Cu;FeS,).

Fugacity diagrams of different metals can be
superimposed on each other to form composite
diagrams that indicate the stability limits of the
compounds of both metals. Such a diagram has
been constructed in Figure 12.10 for the oxides
and carbonates of Fe and Cu. The diagram
defines the fugacities of O, and CO, that permit
certain assemblages of these minerals to coexist
in equilibrium in the presence of water.
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Figure 12.10 Combined fugacity diagram for

Fe and Cu and their oxides and carbonates.

H = hematite (Fe,0,): Mt = magnetite (Fe,O,);

S = siderite (FeCO;); Cu = native Cu; Cup = cuprite
(Cu,0); Ten = tenorite (CuO); Mal = malachite
[CuCO, - Cu(OH),]; A = azurite [2CuCO,- Cu(OH),].
The boundaries between tenorite and malachite and
between malachite and azurite were drawn after
Garrels and Christ (1965). This diagram indicates the
environmental conditions under which certain assem-
blages of Fe and Cu minerals can occur together.

For example, the diagram indicates that the
carbonates of Cu (malachite and azurite) form at
lower fugacities of CO, than siderite and there-
tore can coexist in equilibrium with hematite and
tenorite. Consequently, malachite, azurite, tenorite,
and hematite are common weathering products
of Fe-Cu sulfide minerals and occur in the oxi-
dized part of sulfide ore bodies (gossans), where-
as siderite is unstable at the surface of the Earth
(see also Section 21.2). Figure 12.10 also points
out that native Cu has a large stability field in the
absence of S and can coexist with magnetite,
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hematite, and siderite, provided the fugacity of O,
is low enough. When native Cu is exposed to the
atmosphere, it farnishes by forming a layer of
tenorite or malachite or both, depending on the
fugacity of CO,.

12.6 Sumr'nary

When the silicate minerals of igneous and meta-
morphic rocks are exposed to acidified water,
they may dissolve incongruently to produce clay
minerals and zeolites as well as insoluble oxides
and hydroxides, depending on the environmental
conditions. The chemical reactions that take place
during these transformations can be used to
define the conditions required for equilibrium

~when both reactants and products are stable.

Therefore, equations can be derived from the
Law of Mass Action, which specify the conditions
required for equilibrium between the solids.

The resulting mineral stability diagrams
define the environmental conditions in which
each of the solids in a given compositional sys-
tem is stable. In addition, the diagrams predict
what happens to a mineral when it is exposed to
conditions outside of its own stability field. The
reactions that occur in such cases not only cause
transformations among the solids but also affect
the chemical composition, or quality, of water
both above and below the surface of the Earth.
When the reactions occur in closed systems with
small water/rock ratios, the chemical COMmMposi-
tion of the water may evolve along curved reac-
tion paths. Such conditions exist in the pore
spaces or fractures of rocks in subsurface where
reactions between minerals and water not only
contribute to the chemical evolution of the
water but also cause the deposition of mineral
cements.

‘The solubility limits of certain compounds,
including calcite, magnesite, amorphous silica,
and others, which can precipitate from natural
solutions, significantly restrict the chemical com-
positions of aqueous solutions in nature.

Therefore, certain minerals cannot be in equilib-
rium in the presence of water and also cannot
form by transformation from other minerals,
This phenomenon is exemplified by anorthite,
which does not form as an authigenic mineral at
Earth-surface temperatures, whereas albite and
K-feldspar do occur in places where alkali-rich
brines can react with volcanic glass, clay miner-
als, or other kinds of solids.

The conditions required for stability of min-
erals can also be expressed by their congruent
solution or by their interaction with gases such as
0,, CO,, and S,. For example, the non-aluminous
Mg silicates dissolve congruently to form Mg**
and HSi0,, which may precipitate as a different
Mg silicate whose solubility is exceeded. The
combination of congruent solution of a “primary”
Mg silicate and the precipitation of a “secondary”
mineral results in the replacement of one miner-
al by another. rhe apparent conversion of ensta-
tite to serpentine is an example of such paired
reactions.

The equilibrium between water and its con-
stituent gases, O, and H,, defines the stability
range of water within which all reactions on the
surface of the Earth take place. Solid oxides, car-
bonates, and sulfides must similarly remain in
equilibrium with their constituent gases O,,
CO,, and S,, respectively. These solid-gas reac-
tions can be used to construct fugacity diagrams
that contain the stability fields of the solids
appropriate to a particular system. The fugacity
diagrams of different metals can be superim-
posed on each other to form combination dia-
grams. These diagrams effectively subdivide the
stability field of water into environments in
which suites of minerals of different elements
can coexist in equilibrium.

The virtue of activity and fugacity diagrams is
that they depict the relationships between miner-
als and aqueous solutions or gases in a readily
usable form. As a result, idle speculation is
replaced by understanding and progress is made
in understanding the chemical reactions that con-
tribute to geological processes.
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Problems

1. Construct the equations necessary to introduce
pyrophyllite into the activity diagram for microcline in
Figure 12.1.

2. Construct the equations necessary to intro-
duce Na-smectité (Nagy;Al, 338i;6,0,,(0H),, Gre=
—1277.76 kcal /mol) into the activity diagram for
albite in Figure 12.2.

3. Construct a solubility diagram for goethite
(FeOOH) as a function of pH.

4. What are the environmental conditions in terms
of [Mg?*]/[H*]? and [H,SiO,] at which enstatite and
forsterite coexist in equilibrium?

5. Is equilibrium possible between enstatite and
forsterite in the presence of aqueous solutions in nature?

6. What mineral precipitates first when forsterite
dissolves congruently in water having the composition
of point P in Figure 12.57

7. Construct a fugacity diagram for the sulfides and
carbonates of Pb.

8. Construct a fugacity diagram for the sulfides and
carbonates of Zn.

9. Combine the two diagrams for Zn and Pb.

10. What are the fugacities of O, and CO, at which
native Cu, cuprite, and a;urile coexist in equilibrium?

11. Can hematite and siderite both join that assem-
blage in equilibrium with each other?
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13

. Clay Minerals

Clay minerals form one of the largest and most
highly diversified groups of minerals known. The
majority of clay minerals are aluminosilicates
and they crystallize as phyllosilicates. However,

some clay minerals are Mg-silicates or Fe-sili-

cates, others are not crystalline, or they are not
phyllosilicates. The property common to all clay
minerals is the small size of their crystals or
grains with diameters less than 2 micrometers
(um). As a result, sediment in that size range is
sometimes referred to as the clay-size fraction or
even as clay. This usage is incorrect in geochem-
istry because clay minerals are defined on the
basis of their crystal structure and chemical com-
position and not by the size of their crystals or
grains. Moreover, the clay-size fraction of sedi-
ment frequently includes small grains of other
minerals (quartz, feldspar, calcite, etc.), as well as
grains of insoluble oxides or hydroxides of Fe, Al,
Mn, and so on, which may be partly or complete-
ly amorphous. Nevertheless, clay minerals are
typically fine grained and therefore cannot be
identified solely by their physical or optical prop-
erties. Instead, the classification of clay minerals
relies heavily on their crystallographic and cer-
tain physical properties that are revealed by
x-ray diffraction.

Clay mineralogy has evolved into an impor-
tant field with applications in geology, agrono-
my, ceramic engineering, soil mechanics, and
geochemistry. We will be concerned primarily
with the classification of clay minerals, with
their stability in different geochemical environ-
ments, with ion exchange phenomena, and with
the use of clay minerals for dating sedimentary
rocks. The presence of clay minerals in natural
environments frequently makes a significant
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difference to the geochemical processes that
may be occurring. Since we encountered the
clay minerals kaolinite, pyrophyllite, and smec-
tite in Chapter 12, it is now necessary for us to
examine these minerals in more detail.

13.1  Crystal Structure

Clay minerals are divided into three groups based
on their crystallographic properties: (1) platy
clay minerals (phyllosilicates), (2) fibrous clay
minerals, and (3) amorphous clay. The platy clay
minerals are much more abundant than the other
two groups and include most of the minerals that
traditionally make up the clay minerals. The
fibrous clays sepiolite and palygorskite (also
known as attapulgite), though not as common as
the platy clays, do occur in many different kinds
of depositional environments, including marine
and lacustrine sediment, hydrothermal deposits,
and soils of arid regions (Singer and Galan,
1984). So-called amorphous clay, referred to as
allophane, is an aluminosilicate of variable chem-
ical composition that is amorphous to x-rays in
most cases but does diffract_electrons. It may be
an intermediate product in the formation of
phyllosilicate clays from various kinds of materi-
als, but its abundance is not well documented
because it is not directly detectable by x-ray dif-
fraction (Carroll, 1970).

Clay minerals are described in many text-
books on mineralogy and in numerous specialized
books, including those by Grim (1968), Millot
(1970), Weaver and Pollard (1973), Velde (1977).
Sudo and Shimoda (1978), Sudo et al. (1981), and
Cairns-Smith and Hartman (1987). In addition,
several scientific journals are devoted to clay min-

(B
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eralogy, including Clays and Clay Minerals, Clay
Minerals Bulletin, Clay Science, and Clays and
Clay Technology. Articles on clay mineralogy are
also published in the American Mineralogist, the
Journal of the Soil Science Society of America, and
the Journal of Sedimentary Petrology.

The phyllosikicate clay minerals consist of two
kinds of layers of different chemical composition
and coordination. One of these is the tetrahedral
layer (T), which is composed of silica tetrahedra.
The second layer consists of Al hydroxide with AI**
ions located in the centers of octahedra and is there-
fore known as the octahedral layer (O). In some clay
minerals, such as serpentine and talc, the octahedral
layer is composed of Mg hydroxide, which forms the
mineral brucite. Therefore, the octahedral layer is
also referred to as the brucite layer or the gibbsite
layer, depending on its composition.

When AI** occurs in the octahedral layer,
only two of every three available sites are filled.
Therefore, such clays are said to be dioctahedral.
When AF" is replaced by Fe** or by other triva-
lent ions, the minerals remain dioctahedral.
However, when the two AI** ions are replaced by
three divalent ions of Fe?™, Mg?*, Zn?*, etc., then
all positions in the octahedral layer are filled and
the clay is trioctahedral. Based on these distinc-
tions we conclude that kaolinite is dioctahedral,
whereas serpentine is trioctahedral.

The tetrahedral layer consists of silica tetrahe-
dra that are linked together by sharing O atoms at
three of the four corners. The linkages occur only
at the bases of the tetrahedra, thus forming a sheet
with the unshared O atoms all pointing in the same
direction. If a/l four O atoms of silica tetrahedra
are shared (as in feldspar), then each Si atom con-
trols only one half of its O atoms. Therefore, the
Si/O ratio in feldspar and other tektosilicates is
1: 2 (Section 8.3). Since in phyllosilicates only the
three basal O atoms are shared, the Si/O ratio is
1 :1.5. When the unshared O atom is counted with
the basal ones, the Si/O ratio becomes 1 : 2.5.

The octahedral layer has six hydroxyl ions
located at the corners of an octahedron.
Therefore. the ratio of Al to hydroxyl ions is basi-
cally 1 : 6. However, the octahedra that make up
the gibbsite sheet are linked at the corners by
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sharing hydroxyl ions and have an Al/OH ratio of
1:3 mstead of 1 : 6.

The tetrahedral and octahedral layers are
joined to form two-layer clays (T-O), three-layer
clays (T-O-T), or mixed-layer clays that are mix-
tures of different two-layer and three-layer clays.
The linking of the octahedral and tetrahedral
sheets in T-O clay minerals takes place by sharing
of O atoms and hydroxyl radicals, which reduces
the number of hydroxyls by one each time such a
link is established. Therefore, two-layer clays, such
as kaolinite, are composed of Si, Al, O,and OH in
the proportions SiO, ;Al(OH),. We multiply the
formula by two in order to clear the decimal frac-
tion and obtain the formula of kaolinite and its
polymorphs:

ALSL,O(OH), (13.1)
Similarly, the formula of three-layer clays
(T-O-T), such as pyrophyllite, is 2(SiO, ;) Al(OH)
or Si,O;AI(OH). Again, we multiply by two and
obtain:

ALSi,0,,(OH), (13.2)
The structures of two- and three-layer clays are
illustrated in Figure 13.1.

The phyllosilicate clay minerals have widely
varying chemical compositions because the Al
ion in the octahedral layers can be wholly or part-
ly replaced by Fe’*, Cr'*, Fe**, Mg?*, Zn’", Li",
and many other ions. In addition, some of the Si**
ions in the tetrahedral layer are replaced by AP*,
This results in an excess of negative charge, which
is neutralized by the adsorption of cations to the
outer surfaces of the tetrahedral layers of adjoin-
ing clay units. The substitutions within the layers
are constrained by the requirement for electrical
neutrality, which is met when the cations in the
octahedral layer have a combined charge of +6
and the tetrahedral lavers contain four moles of
Si + Al per formula weight. The two-layer clays
permit very little substitution of either Al or Si,
whereas the three-layer clays, with the exception
of pyrophvllite, are characterized by extensive
substitutions in either the octahedral layer or the
tetrahedral layer, or in both.
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(a) Two-layer clay: AlSiO, s(OH),

Yy, 4% £ Tetrahedral layer

Octahedral layer

(b) Three-layer clay: AlSi,O,(OH)

Tetrahedral
Octahedral
Tetrahedral
(c) Smectites (e) Ulite
3 Cations K+
or
! water
(d) Vermiculite (f) Chlorite
b .
Mg Brucite
A

Figure 13.1 Schematic diagrams of the structures of
two-layer and three-layer clay minerals.

13.2 Classification and Chemical
Composition

The classification of clay minerals is based on
their crystal structure and chemical composi-
tion. In practice, clay minerals are identified by
x-ray diffraction combined with treatment pro-
cedures that together serve to identify certain
mineral species. [n other words, some clay min-
erals are defined by the procedure that is used
to identify them.

a. Two-Layer Clays

The phyllosilicate clays are subdivided into the
two-layer, three-layer, and mixed-layer clays. The
two-layer clays consist of two subgroups, each of
which contains a number of mineral species, as
listed in Table 13.1.

1. KAOLINAGTE The minerals in the kaolinite
subgroup all have the familiar formula
ALSi,O4(OH), and include kaolinite, dickite,
nacrite, and halloysite. These minerals differ from
kaolinite only by having different crystal
structures. For example, halloysite forms tubular
crystals, whereas kaolinite crystals are platy, but
all members of the kaolinite subgroup have
identical chemical compositions. Therefore,
halloysite and the other mineral species in the
kaolinite subgroup are polymorphs of kaolinite
but occur in certain geochemical environments in
preference to kaolinite.

2. SERPENTINE AND GREENALITE  Serpentine
is a two-layer phyllosilicate like kaolinite in
which the gibbsite layer is replaced by brucite.
Consequently, the formula of serpentine
[Mg;Si,O5(OH),] contains Si and O in the
characteristic proportion of the tetrahedral
layer, and the octahedral layer contains a
positive charge of +6 as a result of the
replacement of two AI’" by three Mg**. The
mineral species in that group are chrysotile,
lizardite, and antigorite, all of which are
polymorphs of serpentine. Greenalite |[Fe3i”
Si,05(OH),| is a two-layer clay in which three
Fe’" ions take the place of two AI'" ions.




13.2  CLASSIFICATION AND CHEMICAL COMPOSITION 203

Table 13.1 Classification of Clay Minerals

Table 13.1 (continued)

Group Subgroup Species Group Subgroup Species
A.Two-Layer Clays C. Mixed-Layer Clays
Kaolinite kaolinite kaolinite Complex interstratified two-layer and three-laver
(dioctahedral) dickite clay minerals following either a regular or a
’ nacrite random pattern.
halloysite D. Fibrous Clay Minerals
Kaolinite serpentine chrysotile palygorskite
(trioctahedral) lizardite (attapulgite)
antigorile Sepio[itc
greenalite

B. Three-Layer Clays

Pyrophyllite

Smectite

Smectite

Vermiculite

Mica

Mica

Brittle mica

Chlorite

dioctahedral
trioctahedral
dioctahedral
dioctahedral

trioctahedral

dioctahedral
trioctahedral

dioctahedral

trioctahedral

dioctahedral
trioctahedral

dioctahedral
trioctahedral

pyrophyllite
tale
minnesotaite
montmorillonite
beidellite
nontronite
saponite
hectorite
sauconite
vermiculite
vermiculite
illite
muscovite
paragonite
glauconite
biotite
phlogopite
lepidomelane
margarite
seybertite
xanthophyllite
brandisite
cookeite (?)
Fe-rich varieties
thuringite
chamosite
Mg-rich varieties
clinochlore
penninite

Adapted from Grim (1968) and Carroll (1970).

b. Three-Layer Clays

The three-layer clays can be divided into the
pyrophyllite, smectite, vermiculite, mica, brittle
mica, and chlorite groups. All of the minerals
included here have the basic three-layer structure
of pyrophyllite but differ from it in chemical com-
position and physical properties.

1. PYROPHYLLITE AND TALC Pyrophyliite
itself (ALSi,O,(OH),) is the prototype of all
three-layer clays and permits no substitutions in
the octahedral or tetrahedral layers.

Talc is related to pyrophyllite in the same
way that serpentine is™ related to kaolinite
because in talc the octahedral layer is composed
of brucite instead of gibbsite. Consequently, talc
has the formula Mg,Si,0,,(OH),, where three
Mg?* ions replace two AI’* and the Si/O ratio is
derived from the presence of two tetrahedral
layers. Minnesotaite 1s the Fe member in this
group in which the octahedral layer contains
Fe” instead of A, Consequently, its formula is
Fei”$i,0,4(OH),.

2. SMECTITES The smectite group conlains a
large number of mineral species that differ in
chemical composition because of the complete or
partial replacement of AI’" in the octahedral
layer and the partial replacement of Si'" in the
tetrahedral layer.

The smectite group is divided into dioctahedral
and trioctahedral subgroups each of which contains
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mineral species that differ from each other in chem-
ical composition. For example, montmorillonite is a
promment member of the dioctahedral subgroup of
smectites in which Mg?" occurs in the octahedral
layer, but the replacement of Si*" by AI'" in the
tetrahedral layer is quite limited. For example, a
sample of montmorillonite from Germany has the
formula (Carroll, 1970, Table 6):

[(All_ﬂFeSB_wMgozo)(Si3.74A10 ?_6)0 w(OH)z]

(octahedral)  (tetrahedral)

Cay g - Nag g7 - Mg,
(exchangeable)

This formula can be readily interpreted in terms
of the three-layer model if we determine the elec-
trical charges in each of the layers. The octahedral
layer contains 1.77 A" + 0.03 Fe** + 0.20 Mg™",
which adds up to +5.8 electronic charges. Since
the octahedral layer is supposed to contain six
positive charges, there is a deficiency of 0.2 posi-
tive charge, which is equivalent to an excess of
0.2 negative charge. In the tetrahedral layer
replacement of some Si** by AP" causes a defi-
ciency of positive charge equivalent to a charge
of —0.26. Evidently, the substitutions in the two
kinds of layers have caused a total charge of
—~0.2 + (—0.26) = —0.46. In the example before
us, the negative charges are neutralized by
adsorption of 0.16 Ca> + 0.07 Na™ + 0.04 Mg™",
which together provide 0.47 positive charge. The
agreement between the negative charges in the
layers (—0.46) and the positive charges of the addi-
tional ions (+0.47) is well within the uncertainty of
the chemical analysis of this mineral. The overall
charge distribution for this montmorillonite 1s
given by adding up the ionic charges of all ele-
ments that make up this mineral:

L77(AB?) + 0.03(F*") + 020(Mg™)
+ 3.74(Si'") + 0.26(A1")
+ 0.16(Ca’>") + 0.07(Na™)
+ 0.04(Mg*") = 10(0*7) = 2(OH ")
= +0.0l (13.4)

(13.3) |

The additional cations, which neutralize the
negative charges caused by imperfect substitu-
tions within the layers, are adsorbed on the sur-
faces of the mineral grains and on the
tetrahedral layers of the clay units. Therefore,
they are partly or completely exchangeable and
can be replaced by other cations or by the polar
molecules of water in the environment. The
adsorbed ions located on the outer surfaces of
the tetrahedral layers bond the structural units
together. When the bonding involves the cations
of metals, the interlayer distances between adja-
cent structural units are short. However, when
certain clay minerals are immersed in water, the
interlayer cations are replaced by molecules of
water, which have much smaller net positive
charges than metal ions. Consequently, a larger
number of water molecules is required to neu-
tralize excess negative charges generated within
the layers. As a resuit, the interlayer distances
increase as water molecules crowd in and the
clay expands.

The swelling of clay minerals in the smectite
group is a characteristic property that is used to
identify them. For example, when natural mont-
morillonite is heated at 300°C for an hour or
more, the interlayer distance decreases from
about 15 angstroms (A) to about 9 A because
adsorbed water molecules are expelled. When the
clay is subsequently exposed to the vapor of eth-
ylene glycol (HOCH,CH,OH) for several hours, L
the interlayer distance expands to 17 or 18 A.

Montmorillonite commonly forms by alter-
ation of volcanic ash and therefore is the principal
mineral of bentonite beds, which form by alter-
ation of volcanic ash deposits. The well-known
swelling of bentonite, when it is placed in water, is
actually caused by the expansion of the interlayer
distances of montmorillonite. The mineral also
occurs in soils of arid regions where leaching is
limited by lack of water and the pH is above 7.

Beidellite is a dioctahedral smectite contain-
ing little if any Fe** or Mg"™ and in which nega-
tive charges originate primarily by replacement
of Si** by AI* in the tetrahedral layer. According
to Grim (1968). its formula can be written as:
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[(Alz.17)(813.17%\10‘83)0;(](OH)z] “Nay 3,

Note that the replacement of Si*' by A" in the
tetrahedral layer has caused a net charge of —(.83,
which is partly compensated by the positive charge
(+0.51) generated by an excess of 0.17 AI'* in the
octahedral layer. The remaining excess negative
charge (—0.83 + 0.51 = —0.32) is neutralized by
adsorption of 0.33 moles of Na* per formula
weight of beidellite.

Nontronite, the third dioctahedral smectite in
Table 13.1, contains Fe’* in the octahedral layer
in place of AP’* with minor amount of Fe?* and
Mg?*. The net charge imbalance arises from sub-
stitutions of Si*' by AI’" in the tetrahedral layer.
Therefore, the formula of nontronite is:

[(Fey)(Siz.e'iAlo,n)Om(OH)z] " Nag 5,

(13.5)

(13.6)

As in beidellite, the negative charge generated in
the tetrahedral layer may be partly compensated
by the presence of additional Fe'*, Fe?*, or Mg?*
in the octahedral layer. When AI** in the octahe-
dral layer is replaced by Cr*", the resulting dioc-
tahedral smectite is known as volkhonskoite.

The trioctahedral smectites include the miner-
al species saponite, hectorite, and sauconite. In
saponite, the octahedral layer is composed pri-
marily of Mg?" in place of AP’* with minor
amounts of Fe’* and Fe?*. Negative charges arise
in the tetrahedral layer by replacement of Si** by
AP’" and may be partly compensated by addition-
al cations in the octahedral layer. The formula of
saponite according to Grim (1968) is:

[(Mgz(sis.mAloas)Om(OH)z] " Nay;; (13.7)

Hectorite is a Li-bearing smectite in which
Mg** and Li* occur together in the octahedral
layer, but no substitutions occur in the tetrahedral
layer. Thus the formula for hectorite is:

[(Mgz,e7Li0.33)(Si4)Om(OH)z]

The smectite mineral stevensite is similar to hec-
torite because it is Mg-rich and lacks Al in the
tetrahedral layer. However, stevensite also lacks
Liin the octahedral layer.

(13.8)

The smectite mineral sauconite is character-
ized by the presence of Zn”* in the octahedral
layer and by limited replacement of Si** by A**
in the tetrahedral layer. Carroll (1970) recalculat-
ed a chemical analysis of sauconite to obtain the
following formula:

[(Z“zgoMga,lsAluvzzF 33:7)
(Si3,47Alo.53)010(0 H)z] i (13-9)

The charge imbalance in the octahedral layer of
this clay mineral is +0.33, that of the tetrahedral
layer is —0.53 for a net charge of —0.20, which is
neutralized by the adsorption of exchangeable
cations in interlayer sites.

The word vermiculite is derived from the
Latin verb vermiculari, which means to breed
worms. The clay mineral vermiculite occurs
both in dioctahedral and trioctahedral varieties
with other clay minerals and as an alteration
product of micas. According to Gruner (1934),
vermiculite from Bare Hills, Maryland, has the
formula:

[(Fcé_& Mg, 4 Fef; 34 Nio.m)
(Siz.nAll.za)O10(OH)z]Mgu.sscan,m (13.10)

Evidently, Mg** dominates in the octahedral layer,
and the Si*" in the tetrahedral layer is extensively
replaced by AI’*. The octahedral layer has an
excess positive charge of +0.22, which partly com-
pensates for the strong negative charge of —1.30 in
the tetrahedral layer. The remaining negative
charge of —1.08 is neutralized by adsorbed Mg’*
and Ca’" in the interlayer position. Vermiculite
characteristically contains both Mg?* and water
molecules in the interlayer sites. The water can be
expelled by heating at 500°C, which causes the
interlayer distance to decrease from about 14 A to
about 9 A. After heating at 500°C or less, vermi-
culite rehydrates spontaneously; however, heating
at 700°C causes irreversible dehydration. In addi-
tion, when vermiculite is treated with a solution of
KCl, the interlayer Mg’* ions are replaced by K™,
and it becomes nonexpandable. Vermiculite dif-
fers from smectites by having a higher charge in
the tetrahedral laver, by commonly containing
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Mg?* in the exchangeable interlayer sites, and by
being less expandable.

3. ILLITE The power of K" ions to stabilize clay
minerals is well illustrated by illite, which is
listed in Table 13.1 with the mica minerals.
Actually, illite could also be regarded as a special
member of the smectite group. However, it
differs from typical smectites by having a
nonexpandable lattice because of the presence of
K* ions in interlayer sites. Illite was named by
Grim et al. (1937) after the state of Illinois in the
United States. They intended it to represent
mica-like clay minerals as a group, rather than a
specific clay mineral, and expressed the formula
of illite as:

[(AL,, Fe,, Mg,, Mgs)(SinA[x)Olo(OH)z(] ) Kx)

‘ 13,1

The formula indicates that the octahedral layer
may contain Al, Fe, or Mg and that illites may be
dioctahedral (2 AP* or 2 Fe’*) or trioctahedral
(3 Mg?*). The value of x is less than one and usu-
ally varies between 0.5 and 0.75. The negative
charge generated in the tetrahedral layer is com-
pensated by K™ ions, which fit into hexagonal
holes formed by the silica tetrahedra of the tetra-
hedral layers. As a result, the K* ions are not
exchangeable, the spacing of the interlayers is
fixed, and the mineral is not expandable.
However, illites may be interlayered with mont-
morillonite or other clay minerals that are
expandable.

[llite is a common weathering product of
muscovite and differs from it primarily by the
extent of substitution of Si** by AI’" in the tetra-
hedral layer. Muscovite and its Na-analog parago-
nite are dioctahedral and have the formula:

[(AL)(Si;AO,,(OH),]K, Na (13.12)

The charge deficiency in the tetrahedral layer of
—lisneutralized by K™ in muscovite and by Na* in
paragonite. The stacking of adjacent mica units in
muscovite can oceur in different ways, giving rise to
polymorphs designated as IM, IMd, 2M,2M,, and
3T (Smith and Yoder, 1936). Illite in the smallest
grain-size fraction (</0.2 um) of sediment or soil is
of the 1Md or 1M type. Larger grains consist of the

2M polymorphs and are derived by mechanical
weathering of igneous and metamorphic rocks.
Therefore, the 2M illite in sedimentary rocks is
detrital in origin, whereas the 1Md or 1M poly-
morphs may consist of aurhigenic illite. The x-ray
diffraction spectra of the different muscovite poly-
morphs in the clay fraction of sedimentary materi-
als were worked out by Yoder and Eugster (1955).

4. GLAUCONITE OR GLAUCONY  Glauconite
is a dioctahedral clay mineral in which Fe** Fe®*,
and Mg®" replace A" in the octahedral layer.
Negative charges in the octahedral and tetrahedral
layers are neutralized by interlayer K*, Ca**, and
Na®. The concentration of K* in glauconite is
variable and increases with time depending on the
availability of K in the environment. Johnston and
Cardile (1987) reported that glauconite from Point
Jackson, Francosia, Wisconsin, has the formula:

[(FeﬁmA!0.849Mgo,442Tio.{}03M“0.001)
(Silﬁl 1 AlOJs‘J)O 10(0 H)Z]K 0.725 Can,n% (13- 13)

In this sample of glauconite, Fe’* dominates in
the octahedral layer, and the deficiency of posi-
tive charges in both the octahedral and tetrahe-
dral layers is largely compensated by interlayer
K" and Ca*” ions.

Glauconite is an authigenic clay mineral that
forms in the marine environment by transforma-
tion from other kinds of material (McRae, 1972).
It commonly occurs as greenish pellets about
1-2 mm in diameter comprised of aggregates of
platy glauconite crystallites about 10m in diam-
eter. Glauconite has been used for dating
unmetamorphosed sedimentary rocks by the
K-Ar and Rb-Sr methods (Chapter 16) because
it contains both K and Rb and because it is authi-
genic in origin.

The status of glauconite as a discrete mineral
species has become controversial, partly because of
its importance for dating sedimentary rocks and the
hoped-for refinement of the geological time scale.
Burst (1958) and Hower (1961) regarded glauconite
as an Fe-rich illite with variable K content that
occurs in pure form as the IMd or IM polymorph.
However, this definition included poorly crystal-
lized materials with low K concentrations that are

Ienicd ‘_

3
!
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unsuitable for dating by isotopic methods.
Therefore, Odin and Matter (1981) proposed the
word “glaucony” for a spectrum of Fe-rich clay min-
erals with varying K concentrations that form the
characteristic green pellets in sedimentary rocks of
marine origin. Glaucony therefore represents clay
minerals that are infermediate between Fe-rich and
K-poor smectite and Fe-rich K-mica. As the K con-
centration of glaucony increases, the material
becomes less expandable and more retentive with
respect to the radiogenic daughters of K and Rb.

5. MICAS The trioctahedral micas in igneous
and metamorphic rocks include biotite and
phlogopite. These differ from muscovite by the
chemical composition of the octahedral layer, but
both replace one Si'" by one AP* in the
tetrahedral layer. Actually, biotite is intermediate
between phlogopite:

[(Mg))(S;,ADO,(OH),] - K
and annite or lepidomelane:
[(Fe3")(Si; ADO,(OH),] - K

Therefore, the general formula for biotite can be
written as:

[(Mg, Fe?);(S,ADO,,(OH),] - K (13.14)

Biotite is considerably more susceptible to chem-
ical weathering than muscovite because the Fe’*
can oxidize to Fe" in the presence of an electron
acceptor. As a result, the charge balance of the
lattice is disturbed and the mineral alters to other
aluminosilicates and ferric oxide, depending on
environmental conditions.

The so-called brittle micas in Table 13.1 include
the dioctahedral species margarite and other rare
trioctahedral phyllosilicates listed by Grim (1968).

6. CHLORITE The chlorite group contains pri-
marily trioctahedral species composed of three-
layer clay units bonded to brucite sheets. The
chemical compositions of chlorite range from
Mg-rich to Fe-rich varieties, but all contain
varying amounts of Al, which replaces Si in the
tetrahedral layers.

The only dioctahedral chlorite is an Al-rich
variety known as cookeite described by Brown

and Bailey (1962) and by Eggleston and Bailey
(1967). Dioctahedral chlorite has been identified
in soil samples with pH <5.5 and may also crys-
tallize metastably in sedimentary environments
as an authigenic mineral (Carroll, 1970).

The trioctahedral chlorites have been classi-
fied on the basis of their chemical compositions by
Hey (1954) and by Foster (1962). The latter speci-
fied compositional limits for eight varieties of
chlorite including the Fe-rich species thuringite
and chamosite and the Mg-rich species clinochlore
and penninite.

The structural formula of trioctahedral chlo-
rites includes the mica unit (Mg, Fe**);(Si,
Al,0,,(OH),, which carries a negative charge
because of the replacement of up to 1.6 Si*' by
AP’* in the tetrahedral layer. The negative charge
is neutralized by a brucite sheet that carries a pos-
itive charge caused by replacement of Mg”* by
Al'*: (Mg, Al);(OH),. The brucite layer occupies
an interlayer position and bonds two mica units
together as K* ions do in illite (Figure 13.1). The
complete structural formula of chlorite is obtained
by combining the components of the mica and
brucite units:

[(MS- FCH)A(SL Al)J.Om(OH)z](Mg- A1)3(OH)6
(13.15)

In addition, chlorites may contain Fe’" ions,
which replace A" in the brucite layer.

Chamosite, one of the Fe-rich chlorites, is an
important constituent of Fe-rich sedimentary
rocks of marine origin described by James (1966).
Another Fe-rich phyllosilicate called berthierine
has a I : 1 kaolinite-type lattice, but has also been
called “chamosite” (Brindley, 1961, Brindley et al.,
1968). This mineral has the formula:

(Fey—! Mg)z,z(F33+, A[)[L?Sil 4A10.005(OH)4
(13.16)

and is structurally related to kaolinite but compo-
sitionally similar to serpentine. However, it differs
from serpentine by containing Fe in the octahe-
dral layer and by limited substitution of Si*" by
A" in the tetrahedral layer.

Both chamosite and berthierine are authi-
genic minerals that form in the ocean and may
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recrystallize during low-grade regional metamor-
phism to the Fe-chlorite thuringite.

c. Mixed-Layer Clays

The clay minerals we have described occur as
interstratified layers in the so-called mixed-layer
clays, which are very eommon in soils and in about
70% of clay-rich sedimentary rocks (Weaver,
1956). To some extent the principal types of
mixed-layer clays depend on climatic factors that
affect the environment within which chemical
weathering occurs. Under moist and tropical con-
ditions the stratification in mixed-layer clays is
‘montmorillonite-halloysite-kaolinite, whereas in
humid temperature regions the mixed-layer clays
consist of montmorillonite—chlorite-mica or
mica-intermediate products-illite (Carroll, 1970).
The crystallographic properties of mixed-layers
clays have been discussed by Zen (1967),
Reynolds (1967, 1980), and Corbaté and
Tettenhorst (1987).

d. Fibrous Clay Minerals
The fibrous clay minerals palygorskite and sepio-
lite are composed of double chains of silica tetra-
hedra with an Si/O ratio of 4: 11. The channel
between the double chains is occupied by water
molecules that are lost stepwise during heating up
to 850°C, at which temperature the structure is
destroyed. Neither palygorskite nor sepiolite
expand when treated with organic liquids.
Palygorskite is a Mg-silicate with some
replacement of Mg** and Si*™ by AI’*. Its struc-
ture was worked out by Bradley (1940), who
reported the formula:

Mg;Si0,(OH),(OH,), - 4H,0  (13.17)

where OH, is bound water and H,O is water in
channels like that of zeolites. The structure pre-
sented above is electrically neutral but may con-
tain exchangeable Ca’" to compensate charge
imbalances caused by limited substitutions in this
structure. Palygorskite is called artapulgite in the
United States after an occurrence of this clay in
Attapulegus, Georgia.

Palygorskite is an authigenic mineral that
occurs in alkaline, unleached soils and as a product

of hydrothermal alteration of pyroxene and amphi-
bole. One of the largest accumulations is in the
Hawthorn Formation of Miocene age in Georgia
and Florida, which was deposited in fresh to brack-
ish water lagoons.

Sepiolite is also composed of chains of silica
tetrahedra but it differs from palygorskite in spe-
cific details. Grim (1968) reported two different &
structural formulas for this mineral based on a 3
review of the literature available at the time. The
formulas currently in use (see Appendix B) are
Mg,Si;0,(OH), and Mg,Si;O,(OH), - 6H,0.
Carroll (1970) reported that a chemical analysis
of sepiolite from Little Cottonwood, Utah, yields
the formula:

[(Mg7 mMno =13 o 0 (Slu s1Aly 24 FeS.Eg)OJQJCuo 15

(13.18)

+

Evidently, Mg** is partly replaced by Mn’* and
Fe'', whereas Si*" is replaced by AI* and Fe¥'. |
The structure has a net charge of —0.37, which is
largely neutralized by exchangeable Cu*”

13.3 Gibbs Free Energies of
Formation

The thermodynamic properties of the three-layer
and mixed-layer clay minerals are difficult to : 3
establish because of their highly variable chemi- -
cal compositions. As a result, standard free ener-
gies or enthalpies of formation are available only
in certain specific cases or apply only to idealized .
compositions that do not reflect the true chemical |
diversity of real clay minerals.
In order to overcome this problem, Tardy and
Garrels (1974), Chen (1975),and Nriagu (1975) pro-
posed empirical methods for estimating standard §
free energies of formation of clay minerals. Tardy -
and Garrels (1976,1977), Tardy and Gartner (1977), 3
Tardy and Vieillard (1977), and Tardy (1979) subse-
quently generalized this approach to estimate the 3
standard free energies of formation of other kinds 3
of compounds and their ions in aqueous solution. 3
The method of Tardy and Garrels (1974) is £
based on the premise that the standard free ener- i"
gy of a phyllosilicate can be treated as the sum of

i

ks
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the free energies of its oxide and hydroxide com-
ponents. The numerical values of the free energies
of the components must reflect the fact that they
exist in a silicate lattice and not in free form.
Therefore, they must first be determined from
phyllosilicate minerals whose standard free ener-
gies of formation are known from experimental
determinations. Thé first step toward that end is
to restate the structural formulas of phyllosili-
cates in terms of oxide components, except that
Mg is converted to the hydroxide until all of the
hydroxyl ion in the formula has been assigned to
Mg(OH),. For example, serpentine is rewritten:

MgSi,04(OH), = 2Mg(OH), - MgO - 2Si0,
(13.19)

Similarly, talc becomes:

Mg,Si,0,,(OH), = Mg(OH), - 2MgO - 4Si0O,
(13.20)

and sepiolite, which is not a phyllosilicate, never-
theless is recast into the form:

Mg,Si,O,(OH), = 2Mg(OH), - 3Si0,  (13.21)

The three Mg-silicates are composed of Mg(OH),,
MgO, and SiO,, whose standard free energies in
the silicate lattice are to be determined. This is
done by assuming that the known standard free
energies of the three minerals can be expressed as
the sums of the unknown standard free energies of
the components in the silicate lattice. Therefore,
we can write appropriate equations for each of the
three minerals. For serpentine:

2G(M(OH);) + G;(MgO?) + 2G3(SiO3)

= —965.1 kcal/mol (13.20)
For tale:
GH(Mg(OH);) + 2GUMgO’) + 4G(Si03)
= —1320.38 kcal/mol (13.23)

And for sepiolite:
2G5 (Mg(OH)3) + 3GHSi03)

= —1020.95 kcal/mol (13.24)
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Equations 13.22-13.24 can be solved by sub-
stitution and yield the standard free energies
of formation in the silicate lattice of the three
components listed in Table 13.2. Other compo-
nents can be added by considering the Al sili-
cates kaolinite, pyrophyllite, and muscovite,
which yield values for G3(Al,05), G3(H,0%),
and G$(K,0%).Tardy and Garrels (1974) also
determined the standard free energies of forma-
tion in the silicate lattice of exchangeable
cations and water. These values are listed in
Table 13.2.

In order to illustrate their method of estimat-
ing standard free energies of formation of a real

Table 13.2 Standard Free Energies of
Formation of Oxide and Hydroxide
Components in the Lattice of Phyllosilicate
Minerals at 25°C

Component G (silicated), kcal/mol
K,O ~188.0
Nat,0 ~162.8
MgO ~149.2
FeO —64.1
Fe,0, ~ITLH
ALO, ~382.4
Sio, ~204.6
H,0 ~59.2
Mg(OH), ~203.3
AI(OH), ~280.0
FeOOH —| T%.0
KOH =123.6
NaOH —111.0

Exchangeable lons Expressed as Oxides

K,0 —188.0
CaO -182.8
Na,O —1754
MgO —139.5
H,0 —358.6
Li, -190.6

soURCE: Tardy and Garrels (1974).
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clay mineral, Tardy and Garrels (1974) chose a
typical montmorillonite:

[(AII.SFeSE Mgo.z)(Sis_iAloAs)Om(OH’)z] “Mg,
(13.25)

The formula is electrically neutral, which is
important because ,the exchangeable cations do
contribute to the free energy of the mineral and
therefore cannot be omitted. In Table 13.3 the for-
mula for this montmorillonite has been recast in
terms of molar amounts of the oxide components.
These are then multiplied by their respective G7
(silicated) values from Table 13.2 and the products
are summed. The result is —1282.5 kcal/mol,
which is a reasonable value for the standard free
energy of formation of montmorillonite. For
example, Appendix B contains a value of
—1258.84 kcal/mol listed by Lindsay (1979) for a
Mg-montmorillonite.

More specific comparisons between free
energies of formation, estimated by the method
of Tardy and Garrels (1974), and experimentally
determined values are presented in Table 13.4.
The experimental determinations were made by

Table 13.3 Estimate of the Standard Free
~ Energy of Formation of a Typical
Montmorillonite with the Formula Stated in

Equation 13.25

1 2 3
Component, G (silicated), %2
moles keal/mol keal
1.0 ALO, ~3824 —3824
0.1 Fe,0, T 137
0.3 Mg(OH), ~203.3 —60.99
3.5 Si0, ~204.6 ~716.1
0.7 0" ~59.2 —41.44
0.4 MgO(exch.) ~159.5 ~63.8

Sum —1282.5 kcal

0.3 Mg(OH), uses up 0.6 hydrogen atom, leaving 1.4 hvdro-
gen atoms to make 0.7 mole of H,O.
sOURCE: Tardy and Garrels (1974).

Table 13.4 Standard Free Energies of
Formation of Clay Minerals Based on
Experimental Determinations and Estimates
by the Method of Tardy and Garrels (1974)

G Gy
Mineral or (measured),  (estimated),
locality kcal/mol kcal/mol
Illite
Fithian —=1277.2% -1278.8
Beavers Bend —-1274.7° -1276.2
Goose Lake —1272:18 —12734
Montmorillonite 2
Aberdeen —1230.6° —1228.3
Belle Fourche —1240.6° —1236.4
Colony, Wyoming T 124159 —1240.6
Other Phyllosilicates
Annite (1) —1149.3 —1150.2
Annite (2) ~1151.7 —1149.1
Clinochlore -1961.8 —1958.7
Phlogopite —1410.9 —1400.7
Greenalite - -720.0
Minnesotaite — —1055.0

Ulite formulas
Fithian,
[(Al1,54F33,;9Mgu.:v)(5i3.51Alo -uJ)Om(OH):]Kom
Beavers Bend,
[(All.hﬁFea,gﬂMgﬂ13)(Si3.(12AI1J.35)0lt)(OH)EIKU.SS
Goose Lake,
[(All,ssFCaﬁaMgn.15)(Si3,ﬁsAlu.3s)Om(OH)JIK:» 39
Montmorillonite formulas
Aberdeen, ' '
[(All.zoFe&;ﬁMgo,us)(Sia.s:mo,19)Om(OH)z}Ku.us
Belle Fourche,
[(AL 515Fe)505Me; 2)(Sis o351, uﬁi.)ow(OH.):]Hc: L)
Colony.
[(AlI.SIFCSEEMgU,EQ)(SiS,b‘lA[t],l‘))OIU(OH)llKu,-lU
“Routson and Kittrick (1971).
PKittrick (1971a).
“Kittrick (1971b).
Weaver et al. (1971).




dissolving the minerals and by analyzing the
resulting saturated solutions. For example,
Weaver et al. (1971) dissolved a sample of mont-
morillonite from Colony, Wyoming:

[(All.izF33.§2M80.29)(Si3.81Alo.19)010(OH)2]MgU,20
+ 6.10.H+ + 3.57 H,O0=
1.71 AP + 3.81 H,SiO,

+ 0.11 Fe,0,(s) + 0.49 Mg>*

(13.26)

At equilibrium in a saturated solution the Law of
Mass Action applies:
[Mgl+]0.49[H4Si04}3.81[A13+][,71
[H

=
(13.27)

where Fe,0,(s) and H,O(l) were given activities
of one. The value of the equilibrium constant, cal-
culated from equation 13.27 using the measured
activities of the ions and molecules, was found to
be K = 10°%°%. Since log K = —AG%/1.364, it fol-
lows that AG% = —1.352 kcal. The standard free
energy change that takes place during the disso-
ciation of the montmorillonite from Colony,
Wyoming, in accordance with equation 13.26 can
be expressed as:

AG% = LT1GHAPY) + 381 GH(H,SIO,)
+ 0.11 G}(Fe,0,) + 049 GH(Mg**)
— 3.57 GYH,0) - 6.10GS(H") — G3(mont.)
(13.28)

Since AGY, for this reaction is known from the
measured equilibrium constant, G7 of the mont-
morillonite can be calculated from the G values
of the other constituents. Tardy and Garrels
(1974) obtained a value of G} = —1241.5 kcal
per mole for the Colony montmorillonite from
the solubility data, whereas their own method
yields G = —1240.6 kcal per mole. The agree-
ment is excellent. However, Weaver et al. (1971)
obtained G¢(mont.) = ~1255.8 + 0.6 kcal/mol
for the Mg-substituted montmorillonite. The
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other direct comparisons in Table 13.4 are also
impressive.

13.4 Stability Diagrams

The three-layer clays are more sensitive to the
geochemical environment in which they exist
than most other minerals because of the pres-
ence of exchangeable ions and molecules. Their
approach to equilibrium takes place by exchange
of the adsorbed ions with ions or molecules from
the environment, by transformations involving
the chemical composition of the layers and their
stacking, and perhaps even by the formation of
mixed-layer clays. Although ion exchange is
rapid, reactions that require adjustments in the
chemical compositions of the octahedral and
tetrahedral layers, and in the bonding between
individual clay units, are slow. Consequently, nat-
ural materials commonly contain mixtures of
several clay minerals that cannot be in equilibri-
um with each other under one set of environ-
mental conditions. For this reason, we now turn
to the construction and use of activity diagrams
for clay minerals in order to identify the stable
phases and to indicate the direction of reactions
among the clay minerals in a given geochemical
environment.

a. Aluminosilicate Clay Minerals

In order to simplify the construction of stability
diagrams, we restrict ourselves to a suite of mont-
morillonites in which negative charges in the
tetrahedral layers are compensated by different
adsorbed cations, whereas fhe octahedral layers
consist of unaltered gibbsite sheets. These ideal-
ized montmortllonites and their standard free
energies of formation were proposed by Helgeson
(1969) and Helgeson et al. (1978), and are listed in
Table 13.5 together with a standardized illite.
These data permit us to explore the stabilities of
montmorillonites in the same coordinates we used
in Chapter 12 to depict the stability fields of other
aluminosilicate minerals. Real montmorillonites
and other smectites should react similarly after
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Table 13.5 Formulas and Standard Free Energies of
Formation of Standardized Montmorillonites and Illite

Formula G, kcal{mol

Montmorillonite

[(AL0)(Si3 AL 32)0,(OH), | Cag 17 ~1279.24

[(Alz,oo)(si3_57Alﬂ.33)01@(OH)z]N30.33 —1277.76

[(Al,0)(Siy 57A13) 0, (OH), Ky 55 —1279.60

[( AL g)(Sis 57l 33)O4o(OH), Mgy 167 ~1275.34
Illite

[(AlleUMgﬁ 25)(Sis.ioAlojo)Om(OH)z]Ka.33 —1300.98

(—1307.485)

“Estimated by the method of Tardy and Garrels (1974).
soURCE: Helgeson (1969).

allowance is made for their more complex chemi-
cal compositions. i
Based on the stability diagrams we derived in

Chapter 12, we can say that kaolinite is the stable 16 —
aluminosilicate clay mineral in environments
where product ions are removed by leaching. If
the activity of H,SiO, is less than 107" mol/L,
even kaolinite breaks down to form -gibbsite.
Therefore, we can reverse the decomposition of
aluminosilicate minerals and inquire how mont-
morillonite and illite might form from kaolinite
when the activities of their ions increase in solu- K > Na-mont.
tions that are saturated with respect to amor- 10
phous silica. Figure 13.2 is an example of such a
stability diagram in coordinates of log [K*]/[H"]
and log [Na®]/[H"], assuming saturation with : ; : |
respect to amorphous silica. The equations for the 1’0 :2 - ]]4 1I6
boundaries are based on the thermodynamic data y y

in Table 13.5 and in Appendix B. The reaction to log Inzrl/ i
form K-montmorillonite from kaolinite is easily
constructed based on the conservation of Al:

K-mont.

log [K*]/[H"]

Figure 13.2 Stability of kaolinite, K-montmorillonite,
and Na-montmorillonite in the presence of amorphous

7 AIZSizoi(OH)4 +88i0, + 2K'= silica based on data in Table 13.5 and Appendix B.
6[(AL ,)(Si; mAiu.sa)Om(OH)z]Kuas
9] +
T @t il (13.29) to the left side of the equation to balance Si and 2

[f we multiply kaolinite by 7 and K-montmorillonite moles of K™ to balance K. Finally, we need 7 moles
by 6, we can balance Al to a good approximation. As  of H,O on the right side to balance O and 2 moles of
a result, we must add 8 moles of SiO, (amorphous) ~ H® to balance H. Equation 1329 yields §




AG% = +35.511 kcal and K = 10729, From the
Law of Mass Action:

[H'P _ a0
p (13.30)
and therefore (line 1, Figure 13.2):
LSy
l = 13.02
og (0] 3.0 (13.31)

Equation 13.29 indicates that K-montmorillonite
is favored over kaolinite in environments where
[H*]is low and [K*] is high. Such conditions occur
in poorly drained soils under arid climatic condi-
tions or in the oceans where seawater provides a
source of K* at a pH of about 8.2. The formation
of Na-montmorillonite from kaolinite takes place
by a reaction that is analogous to equation 13.29
(line 2, Figure 13.2,log [Na*]/[H*] = 13.32).

The direct conversion of K-montmorillonite
to Na-montmorillonite involves only an exchange
of the two elements:

3[(AL, 00)(Sis AL 33)0,(OH), K 33 + Na* =
3[(A12,00)(Si3.67A10.33)Ow(OH)z.lNao.33 + K*

(13.32)
AGS = +0413kcal K = 1079
Therefore, at equilibrium:
% = 10~03% (13.33)
and hence (line 3, Figure 13.2):
(K'] [Na]

log (1] = log ] 030 (13.34)

We can also construct a stability diagram in
coordinates of log [K*]/[H"] and log [Mg**]/[H"]",
which includes kaolinite, illite, muscovite, micro-
cline, phlogopite, and chlorite in contact with
amorphous silica. The equations for such a dia-
gram are listed in Table 13.6 and have been plotted
in Figure [3.3.

During the construction of Figure [3.3 we
encountered difficulties caused by the lack of
internal consistency of some of the thermodynam-
ic data. A difference of 1.364 kcal in the calculated
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Figure 13.3 Stability of selected minerals in the sys-
tem K,0-MgO-ALO;-Si0,-H,0-HCl at 25°C at

1 atm pressure in the presence of amorphous silica. The
positions of the lines were adjusted as indicated in the
footnotes to Table 13.6 to overcome internal inconsis-
tencies in the thermodynamic data. Nevertheless, the
diagram shows that the clay minerals kaolinite (K),
illite (1), montmorillonite (Mg-mont.), and chlorite (Ct)
can form as weathering products of microcline (Mi),
muscovite (Mu), and phlogopite (Ph), which crystallize
from cooling magma or grow by metamorphic recrys-
tallization of clay minerals at elevated temperatures
and pressures.

value of AG% of a reaction changes its equilibrium
constant by a factor of 10 and displaces the corre-
sponding stability boundary in the activity dia-
gram. In order to avoid some of the resulting
inconsistencies, the standard free energy of forma-
tion of illite of Helgeson (1969) in Table 13.5 was
recalculated by the method of Tardy and Garrels
(1974), which increased it from —1300.98 to
—1307.49 kcal/mol. In addition, the value of G? of
Mg-montmorillonite was changed from —1275.34
to —1279.61 kcal/mol. These and other adjust-
ments are listed at the bottom of Table 13.6.

The resulting stability diagram in Figure 13.3
indicates that in acidic low-K environments phlo-
gopite (or biotite) alters to chlorite, Mg-montmo-
rillonite, or kaolinite, depending on the activity of
Mg’". Although phlogopite may be transformed
directly into each of the alteration products, sys-
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Table 13.6 Equations for Mineral Stability Diagram (Figure 13.3) in the System
K,0-MgO-AL,0,-S10,-HCI-H,0O at 25°C, 1 atm Pressure, and in Equilibrium
with Amorphous Silica '

Kaolinite-muscovite
3 ALSi,04(0OH), + 2 K*=2 KALSi,AlO,((OH), + 3H,0 + 2H"
' AGS = +10959 kcal K = 107803
[K*]
log =07 = 4.02 (1)
[H"]
I[llite—muscovite
1.3 [(AL goMgy25)(Siy 59Aly 5p)O01o(OH), Ky + 022 K* + 043 H' = ,
KALSi;AlO,,(OH), + 1.55 SiO,(amorph.) + 0.325 Mg*>* + 0.5 H,0
AG% = —1.658"kcal K = 10"

[K*]

2+]
l()g F} = 148 lOg

[Mg

HE 55 (2)

Kaolinite—Mg-montmorillonite
7 ALSi,O,(OH), + 8 SiO, (amorph.) + Mg** =
6 [(Al, 00)(Si3 67Al33)01o(OH), Mg, 1, + 7H,0 + 2 H”
AGS = +875%keal K = 107%%

[llite-Mg-montmorillonite
LO13[( Al Mgy ,5)(Sis50Aly50) O o(OH), K o + 0.1245 SiO,(amorph.) + 0.781 H' =
[(AL 00)(Si; ;AL )0, (OH), Mg, ¢, + 0.608 K* + 0.086 Mg>* + 0.405 H,O
AGyR = —328""kcal K = 10**

K] M) :
log = = —0.14 log ‘=== + 3.96° 4)
¢ 1) ST (

Mg-montmorillonite-chlorite

[(AL40)(Siy AL )0 (OH), Mg, i, + 5658 Mg?™ + 9.32 H,0=
1.165 Mg;ALSi,0,,(OH)g + 0.175 SiO,(amorph.) + 11.316 H”
AGS = +87.67kcal K =10"%%
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Table 13.6 (continued)

Chlorite—phlogopite

MesALSi;0(OH); + Mg™" + 3 Si0,(amorph.) + 2 K' =2 KMg;Si,AlO,,(OH), + 4 H*
AGy = +26.60°keal K = 10719%

(K] [Mg*] %
' log try = —0.5 log 'r-2 + 9.75
“[H'] e

(6)
Phlogopite-illite

2.30 KMg,Si,Al0,,(OH), + 15.0H F=[(Al gMgg,s)(Siy 50Aly )0, (OH), K, 4,

+ L70K" + 6.65 Mg’" + 3.40 SiO,(amorph.) + 8.8 H,0
AGS = —113.98kcal K = 10*%¥

5 2+
log g_(l} = —3.91 log [?;[{%]2' +49.15

(7)

Microline—illite

2.3 KAISi;Op +025Mg*" +04H,0 + 12H =

[(Al oMy 29)(Siy 5oAly )0 (OH), Ky gy + 1.7 K* + 3.4 SiO,(amorph.)
AG% = —14.67 kcal K = 1071076

K-b— M 2+ )
log {[H*} = 0.147 log [[H‘%],] + 633

Muscovite-microcline

KALSi;ALO ,(OH), + 6 8iO,(amorph.) + 2 K* =3 KAISi,O, + 2 H"
AGy = +1443kecal K =10""%*

K] _ 559

log 1] - (9)

L

Microcline-phlogopite

KAISi,O, + 3Mg™* + 4 H,0=KMg,Si,Al0,(OH), + 6 H"
AG% = +44948keal K =107
[Mg*]

log 10.98

TGk (10)

*Based on G7 (illite) = —1307.485 kcal/mol, according to Tardy and Garrels (1974).
°Gi7 (Mg-montmorillonite) =

—1279.61 keal/mol adjusted so that the kaolinite-Mg-montmorillonite line goes
through log [K']/[H"] = 4.02 and log [Mg>*|/[H*|* = 6.42.

“Increased intercept 10 4.86 to force line through log [K'|/[H"| = 4.02 and log [Mg** |/[H' ] = 6.42.
d(};(chlorite) = —1974.0 kcal/mol (Zen. 1972)

“(7{phlogopite) = —1400.7 keal/mol (Tardy and Garrels, 1974).
'‘Reduced to 9.0 to improve the fit.

215
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tematic variations in the chemical composition of
the fluid in the immediate vicinity of a mineral
grain may cause a sequence of reactions to occur
such that phlogopite first alters to chlorite, which
changes to Mg-montmorillonite, which ultimately
decomposes to kaolinite or even gibbsite.
Similarly, illite may form either microcline or
muscovite by a reduction of [K*] or decrease in
pH. Depending on the existence of the appropri-
ate chemical gradients, muscovite flakes may alter
to kaolinite or illite, which may transform into
illite—montmorillonite or illite-kaolinite mixed-
layer clays. However, predictions of reaction
products based on thermodynamics alone are not
always reliable because unfavorable kinetics may
prevent the reactions from reaching equilibrium
or from going to completion.

b. Solubility of Ferrous Silicates
The ferrous silicates include fayalite (Fe,SiO,),
ferrosilite (FeSiO;), and the two-layer phyllosili-
cate greenalite. In addition, the carbonate mineral
siderite (FeCO;) and the hydroxide [Fe(OH)2]
may form. We assume that Fe is predominantly in
the divalent state and that minerals containing
Fe’" do not occur in the system.

The ferrous silicates dissolve congruently much
like the Mg-silicates we discussed in Chapter 12
(Figure 12.5). The solution of the ferrous silicates is
expressed by the equation in Table 13.7, which have
been plotted in Figure 134 in coordinates of log
[Fe’*]/[H'} and log [H,SiO,]. The lines are the
boundaries between solutions that are undersatu-
rated or supersaturated with respect to each miner-
al. For example, fayalite dissolves in solutions
represented by points lying to the left of the equilib-
rium line (equation 1, Table 13.7). Evidently,
greenalite (equation 3, Table 13.7) is less soluble,
and therefore more stable, than either fayalite or
ferrosilite in contact with water at 25°C. However,
the composition of natural solutions in contact with
the atmosphere is restricted by the solubility
boundaries of siderite (equation 4, Table 13.7) and
amorphous  silica (equation 6. Table 13.73.
Therefore, even greenalite dissolves in natural solu-
tions and precipitates only from solutions that have
low bicarbonate ion activities.

Table 13.7 Solubility Equations of Pure Fe-
Silicate Minerals in Pure Water at 25°C*

Fayalite
Fe,S510, + 4
AG% = —20.76 kcal

[Fe**]
2

t=2 Fe?' + H,SIO,
K = 1082

= —0.5 log [H,Si0,] + 7.61

Ferrosilite

FeSiO, + H,O + 2H'=Fe’" + HSIO,

AGS = —7.663kecal K = 10°7

2+

log [[1;;3+]2] = —log [H,Si0,] + 5.62
Greenalite

Fe,Si,Os(OH), + 6 H'=

3Fe!* + 2 H,Si0, + H,0

AG% = —18577keal K = 10°%

[Fe**]
T
Siderite
FeCO, + 2 H"=Fe?* + CO, + H,0O
AG% = +0.509 kcal K =107%Y

= —0.67 log [H,Si0,] + 0.53

Fe?”
log [[H.ﬂ] =3.15at[CO,} =3 x 107" atm
Ferrous hydroxide 2
Fe(OH),(s) + 2H =Fe?" + 2H,0

AGS = —15924 keal K = 107
[Fe?7]
- = 11.67
log [H‘]* 1

Amorphous silica
Si0,(amorph.) + 2H,0=H,SIiO,
AGS, = +4044kecal K = 0%
log [H,SiO,] = —2.96

*Based on thermodynamic constants in Appendix B.

The solubility data in Figure 13.4 indicate that
greenalite could precipitate in place of siderite if
log [Fe**]/[H']’ is greater than about 7. The
fugacity of CO, that would permit this can be cal-
culated from the solubility equation for siderite in
Table 13.7:
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Figure 13.4 Solubility of ferrous silicates in pure
walter at 25°C. Greenalite, which is a two-layer clay
analogous to kaolinite and serpentine, is soluble in
natural solutions open to the atmosphere. It can pre-
cipitate at 25°C, only when [COZ] = 107" atm or less,
from solutions that are nearly saturated with respect
to amorphous silica. Greenalite is the most abundant
primary Fe-silicate in the Gunflint Iron Formation of
Proterozoic age in western Ontario, Canada, and its
absence from the siderite facies implies that the
siderite facies was deposited where the fugacity of
CO, was greater than 107 7% atm.

[Fez+1 _ 10—0.373 _ lO?(,

[H] [co,

which yields [CO,| = 1077 atm. In other words,
greenalite can precipitate only from solutions
that have very low carbonate ion concentrations
and are close to being saturated with respect to
amorphous silica. Such selutions may be dis-
charged by volcanic hotsprings in shallow marine
basins where cherty iron formations were
deposited in Precambrian time. For example,
Goodwin (1956) reported that greenalite is the

(13.35)
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most common iron silicate mineral in unaltered
parts of the Gunflint Formation in western
Ontario, Canada. It occurs as light green to olive
green granules up to 3 mm in diameter, except in
the banded chert-siderite and tuffaceous shale
facies. The absence of greenalite from siderite-
bearing rocks is explained by the difference in
their solubilities when the solutions are in contact
with CO, of the atmosphere. Hydrothermal solu-
tions discharged into the Gunflint basin could
precipitate greenalite and amorphous silica if
they had sufficiently low carbonate ion concen-
trations to prevent siderite from forming.

Minnesotaite is common in the Fe-silicate
facies of the Biwabik Iron Formation of northern
Minnesota, but is absent from the Gunflint
Formation. James (1966) pointed out that this dif-
ference between the two iron formations may be
related to the fact that the Biwabik Formation was
intruded by the Embarras Granite over much of its
length, whereas the Gunflint Formation was not
intruded by granite. Consequently, he agreed with
Tyler (1949) that minnesotaite is a product of meta-
morphism, which made the Biwabik Formation
more susceptible to chemical weathering than the
Gunflint Formation and resulted in the formation
of hematite ore bodies in Minnesota.

13.5 Colloidal Suspensions and
lon Exchange

When clay minerals and other small particles with
diameters of <1 wm are dispersed in pure walter,
they form a colloidal suspension called a sol.
Suspensions of small droplets of a liquid that is
immiscible in another liquid are known as emul-
sions, and solid particles or liquid droplets dis-
persed in a gaseous medium form aerosols. Such
colloidal suspensions may appear to be homoge-
neous, and the particles do not settle out under
the influence of gravity. Some kinds of particles in
sols attract water molecules to themselves and are
therefore said to be hydrophilic, whereas others
lack this tendency and are classified as hvdropho-
bic. A sol composed of hydrophilic particles may
set to form a translucent or transparent gel. Some



218 CLAY MINERALS

gels can be dispersed again into a sol, whereas in
others the process of gel formation is irreversible.
For example, concentrated solutions of silic acid
can polymerize to form amorphous silica parti-
cles, and the resulting colloidal suspension can set
to form a gel. However, the silica gel does not
redisperse spontanepusly, but slowly loses water
as it crystallizes to form quartz (variety chal-
cedony) with opal as an intermediate product
(see Section 9.6).

The properties of colloidal suspensions arise
from electrical charges on the surface of the par-
ticles. The presence of electrical charges on col-
loidal particles is related to their small size and
resultant large surface area. The atoms on the sur-
faces of solid particles of all kinds of materials are
incompletely bonded because they are not sur-
rounded by ions of the opposite charge.
Therefore, such particles attract ions from the
solution in which they are suspended and thereby
acquire a characteristic charge. When clay miner-
als are suspended in water, some of the adsorbed
interlayer ions may be lost, leaving the individual
particles with a negatively charged surface. In
addition, clay particles also have surface ions with
unsatisfied charges and hence become charged
not only because of internal crystallographic rea-
sons but also because of the surface effects that
occur in all small particles.

The surfaces of silicate, oxide, or hydroxide
particles expose atoms of Si, Al, Fe, Mn, etc.,
which are bonded to O°" or OH ™ radicals within
the solid. However, OH™ radicals on the surface
exert an attractive force on positively charged
ions in the solution, including H*. Therefore, such
particles acquire a positive charge in strongly
acidic solutions by virtue of the reaction:

Al—OH") + H* > AI—OHY"’ (13.36)

where the parentheses indicate “net” positive or
negative charges that are not necessarily equal to
one electronic unit. In strongly basic solutions the
OH ™ radicals may release H", thereby causing a
net negative charge at the surface:

Al—OH" > AlI—O0“") + HY  (13.37)

Similar reactions may take place with atoms of Si,
Fe, Mn, etc., on the surface of colloidal particles
that contribute to their total electrical charges.

The presence of electrical charges on the sur-
face of colloidal particles overcomes their ten-
dency to settle out and keeps them in suspension
indefinitely unless the charges are neutralized by
the addition of an electrolyte or the passage of an
electrical current. In general, colloidal suspen-
sions are stabilized in dilute electrolyte solutions
because ions from the solution are needed to
build up the surface charge. However, at high
electrolyte concentrations the surface charges of
the particles are neutralized and the suspension
coagulates, that is, the particles settle out.

The polarity of the surface charge of colloidal
particles depends on the activity of H" in the
water. Consequently, we define the isoelectric
point as the pH of the aqueous medium at which
the surface charge of particles of a specific mater-
ial is equal to zero. If the pH is less than the iso-
electric point, the charge is positive by virtue of
equation 13.36; whereas if the pH is greater than
the isoelectric points the charge is negative
according to equation 13.37.The isoelectric points
of different kinds of materials in Table 13.8 range
from pH = 1.0 (amorphous silica) to pH = 9.1
(Al,0,, corundum). The isoelectric points can be
used to deduce the polarity of the surface charge
of colloidal particles of each material in acid and
basic media. The data in Table 13.8 indicate that
colloidal particles composed of amorphous silica,
quartz, Mn-dioxide, montmorillonite, and kaolin-
ite have a negative surface charge, except in high-
ly acidic environments caused, for example, by
local discharge of acid mine waters. The oxides of
Fe form particles whose surface charges may
change from positive to negative between pH val-
ues 5 and 7. However, Fe-oxide or hydroxide and
TiO, particles in the oceans (pH = 8.2) have neg-
ative charges. The oxides and hydroxides of Al
stand out from the others in Table 13.8 because
they form positively charged particles in all but
highly basic environments.

It turns out that the presence of electrolytes
in a colloidal suspension affects the development
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Table 13.8 Isoelectric Points of Various Natural Materials When
Suspended in Water of Varying Acidity but Lacking Dissolved

Electrolytes
Polarity in Polarity in
Material pH acid medium basic medium
SiOy(amorph.) 1.0-2.5 ~2 =
Quartz 2.0 - -
MnO, (different forms) 2.0-4.5 = —
Albite 2.0 = =
Montmorillonite 2.5 = o
Kaolinite 4.6 = =
Hematite 5-9 =z +
commonly 6-7

Magnetite 6.5 +

Goethite 6-7 * +
Limonite (Fe,0;-nH,0) 6-9 + +
Anatase (TiO,) 7.2 + =
Gibbsite ~9 + 4
Corundum 9.1 + +
Periclase (MgO) 12.4 + +

*The polarity changes from negative to positive at pH values less than the isoelectric point.
Thus, the charge is negative if the pH is greater than the isoelectric point. Acid and basic

are defined relative to pH = 7.0 at 25°C.

After Drever (1982), Table 4.2; Stumm and Morgan (1970).

of surface charges of the particles. Therefore, the
pH at which surface charges of colloidal particles
become equal to zero in the presence of elec-
trolytes differs from the isoelectic point in ways
that depend on the composition of the particles
and the charges of the 1ons of the electrolyte. The
pH at which the surface charge of colloidal parti-
cles in the presence of electrolytes is equal to zero
is known as the zero point of charge (ZPC). The
numerical values of the ZPC depend not only on
the composition of the colloidal particles but also
on the composition of the electrolytes in the sus-
pension.

The charges of colloidal particles of different
compositions affect geochemical processes in the
oceans, in soils, and in the deposition of sediment
because negatively charged particles, of colloidal

size or larger, adsorb cations (metals), whereas
positively charged particles adsorb anions (non-
metals). Particles of all kinds that sink in the
oceans scavenge metal ions from seawater and
transfer them to the sediment accumulating at the
bottom of the oceans. Consequently, deep-sea
sediment is enriched in many metals compared to
normal marine sediment, which is dominated by
detrital sediment derived from nearby continen-
tal areas (Section 4.5).

Colloidal particles in soils act as temporary
repositories of ions released by chemical weather-
ing or by the addition of fertilizers. The resulting
capacity of soils to store plant nutrients enhances
their fertility. In addition, the fixation of ions in soils
and sediment enhances the solubility of minerals
and results in the purification of groundwater.
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When clay minerals or other particles of col-
loidal or larger size are dispersed in water, their
surfaces become charged and attract ions of the
opposite charge, which are adsorbed by means of
electrostatic bonds. With a few exceptions, miner-
al surfaces are not particularly selective and
attract ions of different elements without much
discrimination. This means that the adsorbed ions
are exchangeable for others in the solution
depending primarily on their activity. The result-
ing phenomenon of ion exchange can be repre-
sented by a simple exchange reaction:

AX + B*=BX + A* (13.38)

which indicated that ion A* on the adsorber is
exchanged forion B" in the solution.Such exchange
reactions reach equilibrium very rapidly and are
then subject to the Law of Mass Action; that is:

BxJA]
[AX][BT] K

where K, is the exchange constant. If the exchang-
er accepts A" and B" with equal ease, then
K., = 1.0. However, in general this is not the case
because A* and B' do not have the same
charge/radius ratio and their hydrated ions have
different radii. Moreover, divalent or trivalent ions
form stronger electrostatic bonds than univalent
1ons and may therefore be adsorbed preferentially.
Equation 13.39 can be restated in the form:

[At] _  [(AX)Y
5 Kéx(m) (13.40)

where (AX) and (BX) are the molar concentra-
tions of A and B on the exchanger and # is an
exponent with values between 0.8 and 2.0
(Berner, 1971; Garrels and Christ, 1965) . These
equations explain why the activities of ions in the
aqueous phase of colloidal suspension are con-
trolled by ion exchange. For example, if A" is
added to a colloidal solution containing A" and
B7 in ion exchange equilibrium with clay miner-
als in suspension, A" will displace B from
exchange sites and thereby reestablish equilibri-
um in accordance with Le Chételier’s principle.

(13.39)

The capacity of clay minerals to act as ion
exchangers varies widely, depending at least in part
on the charge imbalances that originate within the
crystal lattice. For example, kaolinite commonly
has a low cation exchange capacity (CEC), whereas
montmorillonite and vermiculite have large CECs,
The CEC of a sample of clay is determined by
means of a standard procedure: 100 g of dry clay is
repeatedly placed into NaCl solutions at pH = 7.0
until all exchangeable cations are replaced by Na*.
The Na-saturated clay is then added to concen-
trated KCl solutions and the amount of Na*
released by the clay at pH = 7.0 is determined by
analysis and is expressed in units of milliequiva-
lents per 100 g of dry clay. The CEC values of clay
minerals are related to their chemical composi- ~
tions and therefore vary widely. However, the val-
ues in Table 13.9 are fairly typical of the respective
clay minerals.

The CEC of a clay mineral can be estimated
from the net negative charge of its structural for-
mula. For example, the montmorillonite repre-
sented by formula 13.3 has a charge of —0.46
electronic units per formula weight which is neu-
tralized by exchangeable Ca’>*, Mg’*, and Na™.
The CEC of this mineral caused only by the
charge in the layers is:

Table 13.9 Cation Exchange Capacity
(CEC) of Various Clay Minerals

CEC, meq/100g

Mineral i arpll =7.0
Kaolinite 3-15
Chlorite 10-40?
[llite 10-40
Glauconite 11-20+
Palygorskite 20-30
Allophane ~70
Smectite (montmorillonite) 70-100

Vermiculite 100-150

source: Garrels and Christ (1963).



0.46 x 100 x 1000
360.25

= 127.7 meq/100 g
(13.41)

This value is probably an underestimate because it
does not include charges caused by broken bonds.
Nevertheless, the result indicates that 100 g of this
clay can adsorb 64.6 mmol of Ca**, which amounts
t0 40.08 X 64.6/1000 = 2.59 g of Ca or 2.97 g of Na.
These amounts are not only substantial, but the
presence of Na*,Ca®*, or other cations has a signifi-
gant effect on the mechanical properties of the clay.

The presence of Na™ in exchangeable positions
increases the plasticity of clay and can make soil
containing such clay unsuitable for agriculture. The
best soils contain clay minerals having a mixture of
Ca’", H", Mg?*, and K* as exchangeable cations.
However, in the ceramic industry, where plasticity
is a desirable property,clay may be converted to the
Na-form by suitable treatment prior to its use.

Smectite clays expand when water molecules
replace exchangeable ions, and slurries of smec-
tite may set to form a solid that can revert to a liq-
uid when it is disturbed. This property. called
thixotropy, characterizes bentonite, which is com-
posed largely of smectite clay minerals, and makes
it useful as a sealant of building foundations and
as a drilling mud in the petroleum industry.

CEC =

13.6 Dating of Clay Minerals

One of the primary tasks in the Earth Sciences is
to establish an accurate chronology of the history
of the Earth, which is recorded in the sedimenta-
ry rocks that have survived to the Present. This
has turned out to be a very difficult task because
sedimentary rocks are generally not datable by
methods based on radioactivity. One of several
reasons for this difficulty is that sedimentary
rocks are composed primarily of detrital particles
of minerals that crystallized to form igneous or
metamorphic rocks long before they were incor-
porated into clastic sedimentary rocks, such as
sandstones or shales. One can make a virtue of
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this circumstance by dating detrital minerals such
as muscovite, feldspar, or zircon to determine
their provenance by identifying their source by its
age (Faure and Taylor, 1981). However, the age of
sedimentary rocks can be determined only by dat-
ing minerals that formed at the time of deposition
(Clauer and Chaudhuri, 1995).

Unfortunately, most of the authigenic miner-
als in sedimentary rocks are not suitable for dat-
ing by isotopic methods because they do not
contain radioactive parent elements in sufficient
concentration or because they do not retain the
radiogenic daughter isotope quantitatively. These
shortcomings effectively eliminate several authin-
genic minerals that commonly occur in sedimen-
tary rocks, including calcite, dolomite, quartz,
gypsum, anhydrite, hematite, magnetite, pyrite,
pyrolusite, halite, sylvite, and other evaporite min-
erals. However, certain clay minerals are authi-
genic and do contain K and Rb, which make them
potentially datable by the K-Ar and Rb-Sr meth-
ods described in Chapter 16.

Glauconite and illite are best suited for dat-
ing of sedimentary rocks, but only under narrow-
ly defined circumstances. For example, glaucony
in the form of greenish pellets and encrustations
in marine sedimentary rocks contains varying
amounts of K, which stabilizes the lattice by
strengthening the bonds between clay units. As a
result, the retentivity of glaucony with respect to
radiogenic “’Ar improves with increasing K con-
tent and the mineral becomes closed to *'Ar
when K,0 > 6.0% (Odin and Matter, 1981).
Therefore, only glauconitic micas with the
required K concentration can yield reliable dates
by the K-Ar method. The selection criteria for
dating glaucony by the Rb-Sr method are not as
well defined, partly because radiogenic ¥'Sr is less
mobile than **Ar. However, both methods are
also sensitive to gain or loss of the radioactive
parent element so that well-crystallized glau-
conitic mica is also preferable for dating by the
Rb-Sr method. However, even well-crystallized
glauconies may be appreciably altered by ther-
mal metamorphism, tectonic deformation, and
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ion exchange with brines in the subsurface.
Therefore, glauconies that remember their age
are valuable exceptions rather than the rule
(Odin, 1982).

The application of the Rb-Sr method to
dating clay-rich sedimentary rocks has been
summarized by Clauer (1982). The whole-rock
isochron method sometimes yields useful results
(Cordani et al., 1985), especially in unfossilifer-
ous shales of Precambrian age containing large
amounts of accumulated radiogenic *Sr. In gen-
eral, however, it is better to use methods that
rely on the properties of a specific authigenic
mineral, such as illite. Morton (1985) demon-
strated that coarse-grained illite (1-2 um) in
Upper Devonian black shales of Texas is com-
posed of the 2M polymorph of detrital origin
and yielded a “provenance date™ by the Rb-Sr
method that predates the time of deposition.
However, 1Md illite in the <0.2-um fraction in
this case dated the time of diagenetic alteration
of the illite by migrating brines. The fit of data
points to a Rb-Sr isochron was dramatically
improved by treating fine-grained 1Md illites
with ammonium acetate, which removed Rb*
and Sr’* from exchangeable sites.

13.7 Summary

Clay minerals are classified according to their
crystal structure into platy clays, fibrous clays, and
x-ray amorphous clays. The platy clays are com-
posed of sheets of silica tetrahedra joined at their
bases (tetrahedral layer, T) and Al hydroxide
octahedra joined by sharing hydroxyl ions at the
corners (octahedral layer, O). The phyllosilicate
clays are made up of two-layer (T-O) and three-
layer (T-O-T) packages. The chemical diversity
of clay minerals results from complete or partial
replacement of A" in the octahedral layer and
of Si'" in the tetrahedral layer.

In the octahedral layer, A" can be replaced
by Fe'" Fe?",Mg’", Zn’" Li*, and Cr’*, whereas

in the tetrahedral layer Si** is partially replaced
by AP’. The charge imbalance that results from
this substitution in the tetrahedral layer may be
partly compensated by additional cations in the
octahedral layer. However, the net negative
charge arising from either the tetrahedral or the
octahedral layer, or both layers, is neutralized by
cations that are adsorbed to the outer surfaces of
the terahedral layer and thereby bond individual
clay units to each other. Potassium ions are espe-
cially effective in this regard because they fit into
the hexagonal rings of silica tetrahedra that make
up the tetrahedral layer. Consequently, K-bearing
clays like illite have short interlayer spacings and do
not expand in water. Clays that have adsorbed Na*,
Ca®™, or Mg*" ions have wider interlayer spacings
than K-clays and expand in water because the inter-
layer cations are displaced by water molecules.
The chemical diversity of clay minerals makes
it difficult to ascertain their thermodynamic prop-
erties. Several empirical schemes have been pro-
posed to overcome this difficulty, including one by
Tardy and Garrels (1974). Their method for esti-
mating standard free energies is based on the

oxides and hydroxides that make up the layers of &

two- or three-layer clays and on the adsorbed ions,
including H'. However, in order to construct min-
eral stability diagrams of general validity, stan-
dardized smectite-type clay minerals are used. The
results indicate that primary mica minerals (mus-

covite, biotite, and phlogopite) alter to a variety of 3

clay minerals depending on environmental condi-
tions. Mineral stability diagrams can be used to
understand natural geochemical processes such as
the formation of greenalite in cherty iron forma-
tions and the incompatibility of greenalite and
siderite.

Clay minerals and other small particles can
form colloidal suspensions in dilute electrolyte
solutions because of electrical charges on their
surfaces. Such suspensions may be stable for long
periods of time but are coagulated by an increase
in the concentration of electrolytes. The polarity
of the electrical charges of colloidal particles of
different compositions depends on the pH of the
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solution. Clay minerals, quartz, feldspar, and Mn
oxides are negatively charged except in strongly
acidic environments with pH < 2.0. The various
oxides and hydroxides of Fe can have positive or
negative surface charges in the pH range from 5
to 9, whereas Al oxides and hydroxide particles
have positive charges except at pH > 9.

Cations that are adsorbed on the charged
surfaces of small particles in contact with dilute
electrolyte solutions are exchangeable for ions
in the solution. These cation exchange reactions
can achieve a state of equilibrium that causes
water—particle mixtures to respond to changes in
water compositions in accordance with Le
Chatelier’s principle. The ability of small parti-
cles of different minerals to adsorb exchange-
able ions is expressed by its cation exchange
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capacity (CEC), which can be measured by
means of a standardized procedure. The physical
properties of clays are strongly affected by the
kinds of adsorbed cations.

Certain authigenic K-bearing clay minerals
are dateable by the K~Ar and Rb-Sr methods and
therefore provide rare opportunities to determine
the ages of sedimentary rocks. However, only clay
samples whose chemical composition, crystallinity,
or grain size has been evaluated should be used,
and the resulting dates may be affected by thermal
metamorphism, structural deformation, or ion
exchange with circulating brines. Dating of sedi-
mentary rocks by means of clay minerals requires
a thorough understanding of clay mineralogy as
well as of geochemistry.

Problems

1. Determine the electrical charges of the octahedral
and tetrahedral layers and check whether the exchange-
able ions balance the charge in the following clay mineral.

[(Fe 53451\/ Igu.susM“u.mu)
(SiE.S_\()AIUJ lee?}le)O;u(OH)zJ Ky 770Cag 076

2. A glauconite from Point Jackson, Francosia,
Wisconsin, has the following chemical composition
(Johnston and Cardile, 1987).

Element Moles Element Moles
Si 3.611 Mn 0.001
Al 1.238 Ca 0.096
Fel* 1.097 K 0.725
Mg 0.442 H 2.000
Ti 0.003 O 12.000

Rewrite this analysis in the form of a structural formula
for a three-layer clay and test it for electrical neutrality.

3. Recalculate the chemical analysis of an impure
clay mineral from Macon. Georgia, into a structural
formula for a two-layer clay (Grim, 1968).

Component % Component %o
Si0, 45.20 K,O 0.49
AlLO, 37.02 Na,O 0.36
Fe, 0, 0.27 TiO, .26
FeO 0.06 H,0— 1:35*
MgO 0.47 H,O+ 13.27
CaO 0.52 Sum 100.47

*H,0— is water removed at 105 °C, whereas H,O+ is lost
only at high temperature.

4. Recalculate the chemical analysis of a clay miner-
al from Montmorillon, France, into a structural formu-
la for a three-layer clay (Grini, 1968).

Component %o Component %
Si0, 51.14 K,O 0.11
AlLO; 19.76 Na,O 0.04
Fe,O, 0.83 Tio, —
FeO - H,O - 14.81
MgO 3.22 H,O+ 7.99
CaO 1.62 Sum 99.52
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5. Recalculate the chemical analysis of a chlorite
mineral from Schmiedefeld, Thuringia, into a structural
formula (Grim, 1968).

Component Y Component Yo
Si0, 20.82 MgO 4.15
Al O, 17.64 H,0+ 10.30
Fe,0, 8.70 Sum 99.57
FeO 37.96

6. Estimate the standard free energy of formation of
“average” montmorillonite by the method of Tardy and
Garrels (1974) based on the formula

[(Al1 50M80 34 Fe}i;Feio.)
(Sil&!Al(J,l?)OIO(OH):} K(H()

7. Estimate the standard free energy of formation of
“pure” illite by the method of Tardy and Garrels (1974)
based on the formula

(AL 5sMgy34Fe; 1, Feg o)
(Siz Al 57)01o(OH), Ky
8. Calculate the solubility product constant for hec-

torite at 25°C, assuming congruent solution based on
the formula

[(Mgz.mu 0,33)(Si4)010(OH)z]Na(}.ss
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Oxidation—-Reduction
Reactions

We now return to a subject we first considered in
Chapter 7 and mentioned again in connection with
fugacity diagrams in Section 12.5. In Chapter 7 we
divided the elements of the periodic table into the
electron donors (metals) and electron acceptors
(nonmetals) based on their electron configura-
tions. Metals are electron donors because their
available orbitals are largely empty, whereas those
of nonmetals are almost filled to capacity. As a
result, the atoms of metals give up electrons from
partially filled orbitals to form cations, whereas
atoms of nonmetals form anions by attracting elec-
trons to themselves until their available orbitals
are filled. These tendencies of the elements are
expressed numerically by means of the electroneg-
ativity, which is defined as the ability of an atom in
a molecule to attract electrons to itself.

Some elements always give up or accept the
same number of electrons and therefore have
fixed valences. For example, the alkali metals and
alkaline earths give up one or two e¢lectrons,
respectively, whereas the halogens accept one
electron under natural conditions. Other ele-
ments, such as Fe, Cu, and U can lose varying
numbers of electrons depending on the strength
of the electron acceptor they are interacting
with. Similarly, nonmetals such as S, N,and C can
take up varying numbers of electrons depending
on their availability in the environment.

These concepts come into play in chemical
reactions in which the valences of some of the par-
ticipating elements change. The loss of electrons by
the electron donor is called oxidation and the gain
of eclectrons by the electron acceptor is called
reduction. Oxidation must be accompanied by
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reduction because the number of electrons
released by the donor must equal the number of
electrons gained by the acceptor. As a result of the
transfer of electrons in an oxidation-reduction
reaction the electron donor is oxidized and the
electron acceptor is reduced. Evidently, the elec-
tron donor is the reducing agent and the electron
acceptor is the oxidizing agent. Since the atoms of
metals are electron donors, we can say that metals
are reducing agents and that nonmetals are oxidiz-
ing agents.

14.1 Balancing Equations
of Oxidation—Reduction
Reactions

In order to balance oxidation-reduction reac-
tions correctly, it is helpful to make use of the
valence number (also known as the oxidation
number), which is defined as the electrical charge
an atom would acquire if it formed ions in aque-
ous solution (Hogness and Johnson, 1954, p. 90).
This definition presents no difficulty in assigning
valence numbers to atoms in ionically bonded
compounds. However, molecules with predomi-
nantly covalent bonds do not dissociate in water
and the valence numbers assigned to elements in
covalently bonded compounds are therefore
somewhat fictitious. We avoid these difficulties
by adopting additional conventions regarding
the assignment of valence numbers.

1. The valence number of all elements in
pure form is equal to zero.
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2. The valence number of H is +1, except in
metal hydrides (e.g., LiH) in which it is — 1.

3. The valence number of O is —2, except in
peroxides (e.g., H,0,) in which it is —1.

4. Valence numbers are assigned to elements
in molecules or complex ions in such a
way that tHe algebraic sum of the valence
numbers of the atoms of a neutral mole-
cule is zero, or equals the charge of the
complex ions.

The application of these rules is illustrated in
Table 14.1. The examples listed there show that S
can have valence numbers of +6, +4, 0, and —2.
The valence numbers of C can be +4,0, -2, and
—4, those of Mn can be +7,+4, +3 and +2,and N
can have valence numbers of +5 or —3. These val-
ues are derived from the chosen compounds or
ions by the rules listed above, but do not neces-
sarily represent all of the valence numbers these
elements can assume.

The first step in balancing an equation repre-
senting an oxidation-reduction reaction is to
assign valence numbers to all of the elements that
are involved. For example, Cl, gas reacts with
metallic Fe in the presence of water to form Cl~
and Fe*" ions:

Fe + Cl, = Fe’* + ClI” (14.1)

The valence numbers of metallic Fe and Cl, are
zero in accordance with the convention, whereas
those of the ions are equal to their charges.
Evidently, Fe gives up three electrons per atom to
form Fe’*, whereas Cl, accepts two clectrons per
molecule to form 2 Cl™. The loss and gain of elec-
trons is conveniently indicated by arrows:

Fe + Cl, —» Fe’™ + 2C1- (14.2)
l T
3e” 2e”

where an arrow pointing down means loss and an
arrow pointing up means gain. In order to balance
the loss and gain of electrons, we cross multiply:

2Fe +3Cl, —» Fe** + CI° (14.3)

The Fe now gives up 2 X 3 = 6 electrons and the
Cl, gains 3 X 2 = 6 electrons. Therefore, the elec-
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Table 14.1 Assignment of Valence Numbers
of Atoms in Chemical Compounds

Formula Compound Valence numbers
H,S0, sulfuric acid H=+1
0=-2
S=+6
SO, sulfur dioxide 0=-2
S=+4
H,S hydrogen sulfide H=+1
S=-2
S, sulfur gas §=0
CaCo, calcium carbonate 0=-2
Ca=+2
C=+4
CO, carbon dioxide O0=-2
C=+4
CcO carbon monoxide 0=-2
C=+2
CH, methane H=+1
C=-4
C graphite C=0
FeCr,O, chromite O0=-2
Fe = +2
Cr=+3
MnO, permanganate ion 0=-2
Mn = +7
MnO, pyrolusite 0=-2
Mn = +4
Mn,O, hausmannite 0=-2
Mn = +3
Mn = +2
HNO, nitric acid 0=-2
H=+1
N=+5
NH; ammonia H=+1
N=-3
NH; ammonium H=+1
N=-3

trons are in balance. and we can proceed with the
mass balance of this equation:

2Fe +3Cl, > 2Fe* + 6ClI-  (144)

Note that the equation is electrically balanced as
it must be. Equation 14.4 represents an oxida-
tion-reduction reaction because both oxidation
and reduction take place. The metallic Fe loses
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three electrons and is thereby oxidized, whereas
the Cl,(g) gains two electrons and is reduced. The
electrons picked up by Cl, originate from the Fe,
which acts as the reducing agent. The Cl,(g) picks
up the electrons given up by Fe and thereby acts
as the oxidizing agent.

In general, metals are reducing agents (elec-
tron donors) and nonmetals are oxidizing agents
(electron acceptors). However, the anions of non-
metals can also act as electron donors (reducing
agents) because they may give up the electrons
they acquired during their formation. Similarly,
the cations of metals can be electron acceptors
(oxidizing agents) to make up for the loss of elec-
trons that occurred during their formation. These
relationships are summarized in Table 14.2.

The oxidation-reduction reaction represent-
ed by equation 14.4 can be divided into two com-
plementary half-reactions:

2Fe - 2Fe’ +6e” (14.5)

and

3CL+6e" —=6CI0 (14.6)
Equation 14.5 is the electron-donor (oxidation)
half-reaction and equation 14.6 is the electron-
acceptor (reduction) half-reaction. When the two
half-reactions are added, the electrons cancel
and we obtain equation 14.4 for the complete
oxidation-reduction reaction.

Table 14.2 Schematic Representation of the
Properties of Elements in Oxidation—
Reduction Reactions

Electron Electron
donors,  acceptors,
reducing  oxidizing
Elements agents agents
Metals X
Cations of metals X
Nonmetals x
Antons of nonmetals X

Nonmetals in complex anions

(NO5, 508, B 5
Nonmetals in complex

cations (NH ) X

An important oxidation-reduction reaction
in nature is the conversion of pyrite (FeS,) into a
precipitate of Fe(OH); and SO~ ions in solution.
In order to construct the equation for this reac-
tion we treat FeS, as a reactant and Fe(OH), and
SO;™ as products:

FeS, - Fe(OH), + SOZ~ (14.7)

Equation 14.7 indicates that Fe experiences a
change in its valence number from +2 in pyrite
to +3 in ferric hydroxide. Therefore, the reaction
liberates electrons that must be taken up by an
electron acceptor (oxidizing agent). Natural

environments may contain several different elec- 3

tron acceptors, which may be nonmetals like
O,(g) of the atmosphere, or cations such as Fe®*,
or complex ions containing oxidized forms of
nonmetals like NOj3, SO}, or PO; . Some of
these potential electron acceptors may not be
“strong” enough to take an electron away from
Fe’", but we leave that question for later consid-
eration.

Diatomic O, molecules are the most common
oxidizing agents in all natural environments in
contact with the atmosphere. Therefore, we add
O, as a reactant to equation 14.7:

FeS, + O, - Fe(OH), + SO}~ (14.8)

Next, we assign valence numbers and determine
the number of electrons released and taken up in
the reaction.

Compound Element Valence number
FeSs; Fe . +2

S —1
O, 8] 0
Fe(OH) 5 Fe +3

(0] —2

H +1
Nohn S +6

O —2

Note that the valence number of S in pyrite is — 1,
whereas in the SO}~ ion it is +6. Therefore, the S
in the pyrite is an electron donor and provides

ol



seven electrons per atom. The transformation of
Fe’* to Fe'" provides an additional electron per
atom of Fe. Therefore, the conversion of one mole
of pyrite into Fe(OH); and SO?™ ions releases
(7 X 2) + 1 = 15 moles of electrons. The O, mol-
ecules accept four electrons per molecule because
each O atom can take two electrons, which fill
vacancies in its 2p orbital. The resulting electronic
configuration of 0%~ is 1s%25%2p° which is identi-
cal to that of Ne (Chapter 5). The electrons given
off and accepted are indicated by means of arrows:

FeS, + O, — Fe(OH), + SOZ-
& i

15 4e”

(14.9)

In order to balance the transfer of electrons, we
cross multiply.

4 FeS, + 150, —» Fe(OH), + SO}~ (14.10)
Next, we balance Fe and S:
4 FeS, + 150, > 4 Fe(OH), + §S02~ (14.11)

In order to balance O, we add 14 H,O to the left
side:

4FeS, + 150, + 14 H,0 —

4 Fe(OH), + 8SO2"

In order to balance H, we add 16 H" to the right
side:
4FeS, + 150, + 14 H,0 —

(14.12)

4Fe(OH), + 880} + 16 H™ (14.13)

Equation 14.13 indicates that the conversion
of one mole of pyrite into solid ferric hydroxide
and sulfate ion releases four moles of H* into the
environment. The reaction occurs naturally when
pyrite weathers by exposure to oxygenated water
at or near the surface of the Earth. This process is
greatly accelerated when pyrite-bearing rocks are
exposed to weathering as a result of mining or
quarrying. Pyrite occurs not only in sulfide ores
associated with igneous and metamorphic rocks
but also in shales that may be interbedded with
coal seams, especially those that formed in marine
coastal swamps. Stripmining of such coal seams
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commonly causes acidification of local surface
and groundwater because of the oxidation of
pyrite (or its polymorph marcasite) by exposure
to oxygenated water. The uncontrolled discharge
of acid mine waters into streams or lakes is harm-
ful to plant and animal life and may be accompa-
nied by deposition of ferric hydroxide and even
gypsum (CaSO, - 2H,0) where sufficient Ca*" is
present.

Even a complicated oxidation-reduction
reaction like 14.13 can be divided into two com-
plementary half-reactions representing oxidation
and reduction, respectively:

4 FeS, + 44 H,0 — 4Fe(OH), + 8 SO~
+ 76 H" + 60e” (14.14)
150, + 60H" + 60e” — 30 H,0 (14.15)

The Fe** and S'~ of pyrite are the electron donors
(reducing agents) and are themselves oxidized to
Fe'* and S$°*. The O, is the electron acceptor (oxi-
dizing agent) and is reduced to O*".

An oxidation-reduction reaction can, of
course, achieve a state of chemical equilibrium, in
which case it obeys the Law of Mass Action. The
value of the equilibrium constant can be calculat-
ed from the standard free energy change of the
reaction using data from Appendix B. However,
in reality the oxidation of pyrite commonly does
not reach equilibrium at or near the surface of the
Earth because SO;  and H™ are lost from the sys-
tem by the movement of water. Moreover, the
amount of O, available to the reaction is com-
monly unlimited, allowing the reaction to contin-
ue until all of the available_pyrite is consumed.

14.2 The Electromotive Series

In the preceding section we alluded to the fact
that an oxidizing agent (electron acceptor) may
not be strong enough to remove electrons from a
particular reducing agent (electron donor). The
ability of elements to act as electron donors or
electron acceptors arises basically from the extent
to which their orbitals are filled with electrons.
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More specifically, this property depends on the
decrease in the energy of the atoms that results
from having only completely filled orbitals.
Metallic elements empty partially filled orbitals,
whereas nonmetals add electrons to orbitals that
are nearly filled. For example, Na™ and F~ both
have the same electronic structure as Ne, but Na
achieves this condition by losing an electron,
whereas F must gain an electron.

Thermodynamics enables us to rank the ele-
ments in terms of their strengths as reducing
agents or oxidizing agents. In order to maintain a
consistent point of view in this presentation, we
consider all elements to be reducing agents of
varying strengths. Since metals have a natural ten-
dency to be reducing agents, we consider how
metals interact with each other. For example, sup-
pose we place metallic Zn into a solution contain-
ing Fe?":

Zn + Fe?* — Zn’* + Fe (14.16)

If the reaction proceeds as written, Zn atoms are
able to force Fe’™ to accept two electrons.
Consequently Zn atoms dissolve as Zn** and the
Fe’* ions precipitate as metallic Fe. However, the
reaction could also run in the opposite direction,
in which case metallic Fe could displace Zn**
from the solution. We resolve the question by cal-
culating AG§ = —16.29 kcal for reaction 14.16 as
written. Since free energy is released by this reac-
tion, we conclude that in the standard state Zn is
astronger reducing agent than Fe because it is able
to force Fe’* to accept its two electrons.
Next, we consider the reaction:

Fe + Cu’* — Fe’* + Cu (14.17)

and find that AG% = —34.51 kcal. Evidently, Fe
displaces Cu’" ions from solution in the standard
state. Therefore Fe is a stronger reducing agent
than Cu. Finally, we add metallic Cu to a solution
containing Ag™:

Cu+2Ag" - Cu*" +2Ag (14.18)

In this case, two Ag" ions are needed to take the
two electrons that Cu atoms can give up. For this
~O

reaction, AG%, = —21.21 keal, which means that
Cu is a stronger reducing agent than Ag,

OXIDATION-REDUCTION REACTIONS

The displacement reactions we have consid-
ered (14.16-14.18) permit us to rank the metals in
order of decreasing strength as reducing agents in
the so-called electromotive series:

Zn — Zn’* + 2e”  (strongest reducing agent)

Fe — Fe?t +2e”
Cu — Cu*t +2e”

Ag —» Ag" +e”  (weakest reducing agent)

Zinc is the strongest reducing agent in this group
of metals and displaces the ions of all metals
located below it in the electromotive series. Silver
is the weakest reducing agent in this group of ele-
ments, but it does displace ions of elements below
it in the electromotive series. Conversely, because
Ag atoms are the weakest reducing agent in the
series of metals listed, Ag™ is the strongest oxidiz-
ing agent among the ions we are considering.
The displacement reactions 14.16-14.18 are
oxidation-reduction reactions involving the
transfer of electrons from an electron donor to an
electron acceptor and can be expressed as two
complementary half-reactions. For example,
when metallic Zn displaces Cu’* from solution:

Zn + Cu** - Zn*" + Cu  (14.19)

the reaction can be divided into "two half-
reactions:

(14.20)
(14.21)

Zn — Zn*t +2e¢”
Cu’ +2e = Cu

These half-reactions can be separated from each
other in an experimental setup called an electro-
chemical cell, which, in this case, consists of a Zn
electrode and a Cu electrode dipping into an elec-
trolyte solution containing Cu’*" ions. Figure 14.1
shows that the two electrodes are connected by a
conducting wire through a voltmeter, which mea-
sures the electrical potential or voltage difference
between the two electrodes. The voltage arises
because electrons are produced at the Zn electrode
according to equation 14.20, whereas electrons are
consumed at the Cu electrode as shown by equa-
tion 14.21. The electrical potential generated by the
half-reactions is called the electromotive force
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Figure 14.1 Schematic diagram of a Zn-Cu electro-
chemical cell. The two metal electrodes dip into solu-
tions of ZnSO, and CuSO,, which are prevented from
mixing by a porous partition. Metallic Zn gives up two
electrons per atom and dissolves as Zn®*. The elec-
trons flow to the Cu electrode where Cu®* ions pick
up two electrons each and plate out as metallic Cu.
Sulfate ions migrate through the porous partition to
maintain the electrical neutrality of the solutions. As
electrons flow from the Zn electrode to the Cu elec-
trode, the activity of Zn®" increases, whereas that of
Cu’* decreases until equilibrium is achieved at which
time the flow of electrons stops.

(emf). The magnitude of the emf varies with time as
the oxidation—reduction reaction composed of the
two complementary electrode half-reactions
approaches equilibrium. When the reaction is in the
standard state ([Zn?*] = [Cu?*] = 1.0, T = 25°C
P = 1 atm) the value of the em[ is fixed by the def-
inition of the standard state. When the reaction pro-
ceeds from the standard state toward equilibrium,
the emf decreases and becomes equal to zero when
equilibrium is achieved.

At equilibrium the Zn-Cu electrochemical
cell obeys the Law of Mass Action and:

[Zn*']
[Cu?']

The magnitude of the equilibrium constant (K)
can be calculated from the standard free energy

== (14.22)
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change of the reaction. In this case, AGY =
—50.8 keal and K = 10°™*, Evidently, when most
of the Cu** ions have been driven out of the solu-
tion such that [Zn?*]/[Cu®*] = 10*"%, the emf of
the Zn-Cu cell becomes equal to zero. Note that
at equilibrium the free energy change of the reac-
tion is also equal to zero and that both AGy and
the emf change from fixed values in the standard
state to zero at equilibrium.

The relationship between AG, of an oxidation—
reduction reaction in any state and the corre-
sponding emf (E) is given by:

AGy = nFE (14.23)

where ¥ is the Faraday constant and n is the num-
ber of electrons transferred in the reaction. The
value of F is 96,489 + 20 coulombs per mole or
23.06 kcal per volt per gram equivalent. Since we
can calculate the free energy change of an oxida-
tion-reduction reaction in the standard state, we
can use equation 14.23 to determine the corre-
sponding standard emf (E°). For the Zn-Cu cell,
AG% = —50.8 kcal and therefore:

AGS  -50.8
= = = —1. Y,
= e g = ~L10velts (V)
(14.24)

E*

The minus sign originates from the sign of AGY
and contains information about the electrical
polarity of the electrodes.

The relationship between AG% and £° can be
used to rank the elements and their ions in terms
of their strengths as reducing agents. In order to
establish such a ranking, the emf generated by the
dissociation of H, gas into H' in the standard
state is arbitrarily set equal to zero:

Hy(g) 5 2H" +2e  E° =000V (14.25)

If £° =000V, then AGY% for this half-reaction
must also be zero, which requires that we adopt
the convention that the standard free energies of

formation H' and e~ are equal to zero:
G_‘,?(H*) = G?(e') = 0.00 (14.26)

The standard hydrogen electrode can be connect-
ed to any metal electrode in the standard state to
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form an electrochemical cell represented by an
oxidation-reduction reaction that is obtained by
adding the half-reactions. For example,if Zn is the
metal electrode:

Zn — Zn** +2e”  (1427)
2H" +2g” - H, (14.28)
Zn+2H" ->Zn*" + H, (14.29)

Equation 14.29 represents a displacement reac-
tion and implies that Zn atoms can displace H"
from solution and force it to form bubbles of H,
gas. The value of AG% of equation 14.29 is calcu-
lated in the conventional manner:

AG% = GH(Zn™") + GY(H,)
- GY{(Zn) = 2GH(H") (14.30)
However, G‘}(Hz) aad G}(H*) are both equal to
zero by convention, so that AG%, of reaction 14.29

arises entirely from the standard free energy
change of the Zn electrode:

AGY = GAZn**) — GY(Zn)
~35.14 — 0 = —35.14 keal (1431)

Il

Hence, the emf generated by the Zn-H, cellin the
standard state is based oniy on the magnitude of
the standard free energy change of the Zn elec-
trode:

AGS 35.14
T onF 2x2306 076V

E® (14.32)

The emf generated by an electrode in the standard
state relative to the H, electrode in the standard
state is called the standard electrode potential. The
standard electrode potential of the Zn electrode is
—0.76 V, where the minus sign originates from the
sign of AG?% of the half-reaction. It indicates that
when the Zn electrode is connected to the H, elec-
trode in the standard state, the reaction proceeds
in the direction indicated by the arrow in equa-
tion 14.29. In other words, Zn atoms force H' to
accept its electrons; thus Zn is the stronger reducing
agent and lies above H, in the electromotive series.

When the Cu electrode is connected to the H,
electrode in the standard state:

Cu— Cu®* +2e (1433)

2H" +2e” > H, (14.34)
Cu+ 2H' - Cu** + H, (14.35)
AG% = G3(Cu?*) = +15.66 keal (14.36)

The positive sign indicates that reaction 14.35
actually proceeds in the opposite direction, that is,
from right to left. Therefore, equation 14.35
should be reversed:

Cu** + H, —SCu+2H*

This means that H, is a stronger reducing agent
than Cu because it forces Cu** from solution in
the standard state. Therefore, the Cu electrode lies
below the hydrogen electrode in the electromotive
series. The standard electrode potential of the Cu
electrode is calculated from the value of AG% of
equation 14.35 by means of equation 14.23:
+15.66

E°=———=+4034V

T 2% 23.06 (14:38)

Note again that the H, electrode is “inert” and
does not enter into the calculation. We can now
recombine the Zn and Cu electrodes knowing
that Zn is a stronger reducing agent than Cu:

Zn - Zn* +2e  ES, = —0.76V (14.39)
Cu?* +2¢” - Cu  E% = —034V (14.40)

Zn + Cu*' - Zn*" + Cu  (1441)

2o+ B2, = —0.76 + (—0.34)

0 =
Za+Cu Zn

=-110V (14.42)

Note that we change the sign of E¢, when we
inverted the Cu electrode half-reaction because it
acts as the electron acceptor in this case.

The manipulation of electrode half-reactions,
illustrated above, indicates that the electromotive
series can be derived from standard free energy
changes of the half-reactions, provided these are
written with the electrons on the right side. When
this convention is obeyed, the algebraic sign of

(1437)

@
£
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Table 14.3 Electromotive Series Presented
as Electrode Half-reactions in Order of
Decreasing Strengths as Reducing Agents®

AGY, indicates the position of the electrode above
or below the H, electrode in the electromotive
series. A minus sign means that the electrode is a

stronger reducing agent than H,, whereas a posi-

tive sign indicates that it is weaker than the hydro- ~ Reducing  Oxidizing Standard electrode
gen electrode as a reducing agent. The numerical o Skl potential, V
values of E° of the electrode half-reactions then st e ~3.03
permit us to rank elements such that the strongest Li =3 Ti* +e” -3.04
reducing agent is at the top and the weakest K - K" +e” ~2.94
reducing agent is at the bottom of the electromo-  Ba — Ba’” t2e” —291
tive series. Sr - Sr” +2le” —2.90
The electromotive seriesin Table 143 is a list- &2 =% O™ the ~RB7
. : ; Na — Na’ +e o WA |
ing of electrode half-reactions in order of decreas- Rb  Rb* te- —260
ing strength of the reducing agents in the standard o Y3t B —2.40
state. All of the reducing agents above the H, elec- Mg — Mg** +2e” —2.36
trode are stronger than H,, and their half-reac-  La - La’” +3e” —~2.36
tions have negative standard electrode potentials. ~ Ce - Ce’’ +3e” —232
Those below the H, electrode are weaker reduc- ¢ - Sc’t tae —2.03
: et I Be — Be?* +2e” -1.97
ing agents than H,. The algebraic sign and magni- = L TH o 183
tude of the standard electrode potentials of the Al 5 AP +3e- ~170
electrodes are derived from the sign and magni- S U Hooll ™ ~138
tude of AG%. Note that the alkali metals and alka- Mn — Mn? +2e” -1.18
fine earths are all strong reducing agents because  Nb — Nb** +3e” -1.10
these metals are good electron donors. Some V - V¥ +3e” —0.87
members of the transition groups are moderate to 40 S +2e” —0.76
weak reducing agents compared to H, (Zn, Cr, Fe, Czr_ - Cr rie _812
Ni, and Pb), whereas others are actually weaker ? - IS; 2+ r2e iy
: e — Fe +2e 0.41
than H, (Bi, Cu, Hg, Ag, and Pt). cd ot 26 —0.40
The electrodes with positive standard elec- Co — Co*" -9 e" -0.28
trode potentials act as electron acceptors in the Ni — Ni2* 20 —0.24
standard state and therefore are oxidizing Mo — Mo’ +3e —0.20
agents. For example, the standard electrode  Sn - S“N t2e” *U'lf
potential of the fluorine electrode in Table 14.3 i el oy R
is +2.88 V. The positive sign and large value indi- H, —2H' +26° 0.00
cate that F~ has only a weak tendency to give u ‘ -
electrons to form Fzygas whereas I, Ifas agstrong - ~ Bit o o
' “ S O — Cu*’ +2e +0.34
tendency to act as an electron acceptor or oxi- Cii — Ci* +e- +0.52
dizing agent: 11 sy I N +0.53
Se?” - Se +2e” +067
F,+2e —=2F (14.43) Ag S Ag ™ +0.80
Hg — Hg*" +e +0.85
Evidently, the standard electrode potentials — Pd — Pd™ e +0.92
reflect the same property of the elements as elec- 2 BT = BE{ = il
tronegativities (Section 7.2), and both arise from E))l” i : El[ igt :]1132
the tcndgncms of atoms 1o have comp!etgly o 5 AG s +1.69
filled orbitals by either giving up or accepting  p, Pt P +2.64
electrons. OF- - F, 49 +2.88
‘Based on | values in Appendix B.
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14.3 The Emf of
Electrochemical Cells

The relationship between the free energy change
of a chemical reaction and the activities of the
reactants and products is given by an equation
derived in Section 11.8 (equation 11.73):

AGp — AGS, =RTInQ  (14.44)

where AGy is the free energy change of the
reaction in any state, AG% is the free energy
change in the standard state, R is the gas con-
stant, T is the standard temperature in kelvins,
and Q is the reaction quotient. We now convert
AG values to emf by substituting equation 14.23
into equation 14.44. After rearranging terms
and converting to logarithms to the base 10, we
have!:

2.303RT

" = % 1 e
E=E ——log Q0 (14.45)

Since R = 1.987x 102 kcal/deg'mol, T = 298.15
K, % = 23.06 kcal/V - number of electrons trans-
ferred:

5 2.303 X (1..987 X ]«073) x 298.15
n X 23.00

E=FE° log O

(14.46)

0.05916
n

=K+ log O (14.47)
Equation 14.47 provides a relationship between
the activities of the reactants and products of an
oxidation-reduction reaction, expressed by Q,and
the emf that would be generated by the reaction if
it were split into two half-reactions in an electro-
chemical cell. When the reaction achieves equilib-
rium,AGg, = 0, £ = 0,and Q = K where K is the
equilibrium constant. Therefore, at equilibrium:

0.05916
E° = - o log K

(14.48)

Equation 1448 relates the emf of an
oxidation-reduction reaction in the standard
state to the equilibrium constant of that reaction.

We can apply these relationships to the
Zn—Cu electrochemical cell represented by equa-
tion 14.41. When this reaction is neither in the
standard state nor at equilibrium, the emf it gen-
erates is given by:

05916 i
g o + 20006, J20 7]

5 g [Cu2+] (14-49)

where E° is the emf generated by the Zn—Cu cell
in the standard state, which has a value of —1.10V
as calculated in equation 14.24. Therefore, when
the reaction is proceeding toward equilibrium,
the emf is:

[Zn?*]
[Cu**]

E = —1.10 + 0.02958 log (14.50)

In the standard state, [Zn?*] = [Cu?"] = 1.0 and
therefore log [Zn*"]/[Cu®*"] = 0. Consequently,
in the standard state the emf is:

E=FE*=-110V (14.51)

Atequilibrium, [Zn?" ] /[Cu®*] = 107# (equa-
tion 14.22). Therefore, at equilibrium:

E = —1.10 + 0.02958 x 37.24 = 0.00 V (14.52)

The progress of the reaction in the Zn-Cu
cell is illustrated by plotting equation 14.50 in
Figure 142 in coordinates of E and log
[Zn?*]/[Cu®"]. The straight line indicates how E
changes from —1.10 V in the standard state
(log [Zn?*]/[Cu**] = 0) to 0.00 V at equilibrium
(log [Zn?*]/[Cu*"] = 37.24). When an external
voltage is applied to the Zn-Cu cell, the
[Zn?*]/[Cu?*] ratio changes until it is compatible
with the applied voltage.

These concepts seem fairly removed from
oxidation—reduction reactions in natural environ-
ments. However, they enable us to define a spe-
cial kind of emf known as the Eh. The Eh is the
emf generated between an electrode in any state
and the H, electrode in the standard state. Since
the H, electrode is in the standard state, it does
not affect the magnitude of the Eh and acts only
as a reference. We illustrate the usefulness of this
concept by considering an electrode at which Fe**
is oxidized to Fe’*: '
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log [ZnT2]/[Cu™t?]
o 5 10 15 20 25 30 35

1 1 1 1 1

£ = 0.00 volt
Equilibrium

EF= —1.10volt
Standard state

Figure 14.2 Variation of the emf of a Zn-Cu electro-
chemical cell as the oxidation-reduction reaction on
which it is based progresses from the standard state
when [Zn?*] = [Cu**] = 1.0mol/L,and E° = —1.10
V toward equilibrium when [Zn?*]/[Cu®*] = 107 and
E =0.00V.

Fe’* - Fe'* + e~ (14.53)

The complete oxidation-reduction reaction, when
this electrode is combined with the H, electrode in
the standard state, is obtained by adding the H,
half-reaction:

H +e —iH, (14.54)
to equation 14.53, which yields:
Fe’* + H* - Fe** +3H, (1455

Since the H, electrode is in the standard state,
[H"] = [H,] = L.0. Therefore, the reaction quo-
tient of reaction 14.55 is:

3+
g =l

C = (Fer] (14.56)

The Eh generated by the Fe'* electrode is given
by equation 14.47. When both electrodes are in
the standard state, the change in free energy of
equation 14.35 is

AG% = [G(Fe?) + 3G5(H,)]

— [GYH") + GY(Fe?™)]  (14.57)

Since G(H,) and G3(H") are both equal to zero,
AG% of equation 14.55 depends entirely on the
Fe?* electrode. Therefore, we can calculate it
directly from the electrode half-reaction. In this
case, AG% = +17.75 kcal and the standard elec-
trode potential E° = +0.769 V.The Eh generated
by the Fe’" electrode is related to the ratio of the
activities of Fe’* and Fe** by the equation:

0.05916 [Fe*t]
Eh = 0.769 +
1 9 1 log [Fe?']

The equation establishes the relationship between
the emf generated by the Fe?* electrode connect-
ed to the H, electrode in the standard state for dif-
ferent values of the [Fe*"]/[Fe?*| activity ratio.

In natural systems the Eh, like pH, is an envi-
ronmental parameter whose value reflects the
ability of the natural system to be an electron
donor or acceptor relative to the standard H,
electrode. Therefore, equation 14.58 leads to the
important conclusion that the [Fe“]/[Fe“] ratio
of a natural geochemical system depends on the
Eh of the environment. This example suggests
that the concepts of electrochemistry presented
in Section 14.2 are indeed applicable to natural
systems.

(14.58)

14.4 Stability Limits of Water in
Terms of Eh and pH

We showed in Section 12.5 that liquid water must
maintain an equilibrium with O, and H, gas:

H,0(1) =1 0,(g) + Hy(g)  (14.59)

We used this equation to set limits on the fugacity
of O, required for stability of liquid water on the
surface of the Earth. Now we want to determine
the stability limits of water in terms of Eh and pH.
At first glance, this may appear to be a pretty
hopeless proposition until we recall that we are
dealing here with electrode half-reactions.
Therefore, we invent the warter electrode:

H,O(1) 5 2H" +3;0, +2e”  (14.60)

In this electrode the O in the water molecule
gives up two electrons and thereby changes its
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valence number from —2 to 0. Equation 14.60
therefore is an electron-donor half-reaction that
can generate an Eh when it is connected to the
hydrogen reference clectrode, which is maintained
in the standard state. It does not matter whether an
H,O-H, electrochemical cell can actually be con-
structed. Moreover,,we do not need to complete
the oxidation-reduction reaction by adding the
standard H, electrode reaction to equation 14.60
because the Eh is generated entirely by the water
electrode. Therefore, we can express the Eh of the
water electrode by the equation:

0.05916
2

Eh = E° + log ([O,]"[H'])  (14.61)

We determine F£° by calculating AGS for the
water electrode as written in equation 14.60:

AG% = 2G5(H*) + 3G0,) + 2G3(e7)]
- [G3(H,0())](14.62)
Since
$(H') = GHO,) = Gj(e7) =0,
AG% = —GY(H,0(1)) = +56.687 kcal (14.63)
and hence:
56.687
0 = _— 2
E +2 T +1.23V  (14.64)

Therefore, the Eh generated by the water elec-
trode is:

, 0.05 916
Eh = 1.23 + —2 10 ([0,]"AH']) (14.65)
0.05916 (1
Eh =123 + 5 <§) ng[OzI
0.05916 X (2) .
+ f()[og[Hﬂ (14.66)
Eh = 1.23 + 0.01479 log[O,] — 0.05916 pH
(14.67)

Equation 14.67 is very important because it estab-
lishes the relationship between the Eh and pH of
a geochemical environment and the correspond-
ing fugacity of O-.

We can also use equation 14.67 to state the
stability limits of liquid water on the surface of
the Earth. According to the discussion in
Section 12.5, the fugacity of O, in equilibrium
with liquid water can vary between 1.0 and 1071 |
atm. When we apply these limits to equation 3
14.67, we obtain for O, = 1.0 atm: 5

Eh = 1.23 — 0.05916 pH
and for O, = 1071 atm
Eh = 1.23 + 0.01479(—83.1) — 0.05916 pH
(14.69)

Eh = —0.05916 pH (14.70)

Equations 14.68 and 14.70 are straight lines in
coordinates of Eh and pH, which define the stabil-
ity field of liquid water in Figure 14.3. All natural
chemical reactions that take place in the presence 238
of water at 25°C and 1 atm pressure are restricted 3%
to that region of the diagram. 3

(14.68)

Hinhe)

4.8

+0.6

Eh, V

+0.4

+0.2

0

—{2

-0.4

j=a
L
Wk

Figure 14.3 Stability field of liquid water at the sur-
face of the Earth at 25°C and | atm pressure in coor-
dinates of Eh and pH. The contours of O, fugacity are
based on equation 14.67 and arise from the dissocia-
tion of liquid water into O,. H ", and electrons.
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The stability field of liquid water in Figure 14.3
contains environments having positive as well as
negative Eh values. A positive Eh implies that the
environment is a weaker reducing agent than the
standard H, electrode. Therefore, such environ-
ments actually function as electron acceptors (oxi-
dizing agents) relative to the standard H,
electrode. Hence, stich environments are said to be
oxidizing environments, meaning that they have
the ability to accept electrons from electron
donors.

Environments having negative Eh values are
stronger reducing agents than the standard H,
electrode. Therefore, such environments function
as electron donors (reducing agents) and are said
to be reducing environments.

An oxidizing environment contains elements
or compounds that are capable of accepting elec-
trons in case an electron donor becomes exposed
to it. The most common oxidizing agent at or near
the surface of the Earth is atmospheric molecular
oxygen, which dissolves in water and may be
transported by the movement of water to envi-
ronments that are not directly exposed to the
atmosphere. In addition, the equilibrium of water
with O, and H, requires the presence of both
gases wherever water is preserit on the Earth.
Consequently, some O, is present even in envi-
ronments described as anoxic. However, the
fugacity of O, in anoxic environments may be
much less than is required to sustain life, although
certain kinds of bacteria thrive in such environ-
ments.

The relationship of Eh, pH, and O,, expressed
by equation 14.67, enables us to calculate the
fugacity of O, from the Eh and pH of an environ-
ment. Equation 14.67 can also be used to derive a
series of contours for selected values of the O,
fugacity, as shown in Figure 14.3. These contours
reflect the fact that the O, fugacity of natural
environments can vary over an extremely wide
range from 1 to 107%" atm. Even environments
classified as oxidizing in Figure 14.3 may contain
only very small amounts of O,.

Consider an environment with pH = 7.0 and
Eh = +0.6 V. Equation 14.67 indicates that in
this environment [O,] = 10~"® atm. The gaseous

O, is in equilibrium with O, molecules dissolved
in water:

0,(g) = 0,(aq) (14.71)
At equilibrium 25°C (Stumm and Morgan, 1996,
p.215):

[Oz(g)]

Therefore, [O,(aq)] = 1077 mol/L, which is
equivalent to about 1 X 10~ Pug/mL of dissolved
O,. Most fish require more than one million times
more O,. Nevertheless, the environment is classi-
fied as being oxidizing.

The Eh of an environment can be measured
directly as the voltage between a shiny Pt elec-
trode inserted into the solution to be tested and a
reference electrode. The reference electrode
used most frequently is the calomel electrode in
which Hg reacts with CI™ to form Hg,Cl, plus
electrons:

M_] = (29 (14.72)

2Hg +2Cl” - Hg,Cl, + 2e~ (14.73)

The emf of this electrode is stabilized by main-
taining the activity of Cl™ at a constant value by
immersing it in a saturated solution of KCL
However, in practice, Eh measurements are diffi-
cult to make because the insertion of the elec-
trode may disturb the environment, or because
the evironment is inaccessible, and for other rea-
sons discussed by Garrels and Christ (1965) and
by Stumm and Morgan (1996). Nevertheless, suf-
fictent Eh measurements exist to characterize
common geological environments in terms of the
range of Eh and pH values (Baas-Becking et al.,
1960). A schematic representation of these data in
Figure 14.4 indicates that environments in contact
with the atmosphere (rainwater, streams, oceans,
and mine waters) have positive Eh values, where-
as environments that are isolated from the atmos-
phere (waterlogged soils, euxenic marine basins,
and organic-rich brines) have negative Eh values.
However, many environments are transitional
between these extremes and have intermediate
Eh values.
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+1.0
+0.8 A
+0.6
+0.4 H

>
£\+0.2 -

Figure 14.4 Range of Eh and pH conditions in natur-
al environments based on data by Baas-Becking et al.
(1960) and modified after Garrels and Christ (1965).

14.5 Stability of Iron Compounds

The stability of solid compounds of elements hav-
ing different oxidation states can be represented in
terms of Eh and pH when they participate in elec-
trode half-reactions. We therefore demonstrate the
construction of such Eh-pH stability diagrams by
using the naturally occurring compounds of Fe as
an example. Such diagrams were originally adapted
by Garrels (1960) from electrochemical theory
used in the study of the corrosion of metals
(Pourbaix, 1949). Eh-pH diagrams are widely used
in geochemistry to study the formation and weath-
ering of ore deposits (Garrels and Christ, 1965),
environmental geochemistry, and nuclear waste dis-
posal (Brookins, 1978). A book devoted exclusively
to this subject was published by Brookins (1988).

a. Oxides of Iron

‘The naturally occurring oxides of Fe include mag-
netite (Fe;04) and hematite (a-Fe,0,). Other
oxides such as maghemite (y-Fe,0,) and oxvhy-

droxides goethite (a-FeOOH) and lepidocrocite
(y-FeOOH) occur metastably and, in time, recrys-
tallize to hematite. Nevertheless, their stability in
coordinates of Eh and pH can be delineated by
the same methods that apply to hematite and
magnetite.

We begin the presentation with the oxidation
of metallic Fe to magnetite, which we express as
an electrode half-reaction:

3Fe — Fe;0, + 8¢~ (14.74)

Note that magnetite is a mixed oxide composed
of FeO and Fe,O,. Therefore, one of the metal-
lic Fe atoms loses two -electrons to form FeQ
while the other two atoms lose three electrons
each to form Fe,0,. Therefore, the three moles
of Fe required to make one mole of magnetite
give up a total of eight moles of electrons. In
order to account for the O of magnetite we add
four moles of H,O to the left side of the equa-
tion, which requires the appearance of eight
moles of H' on the right side:

3Fe + 4H,0 - Fe;O, + 8H" + 8¢~ (14.75):

This electrode generates an emf when it is con- &
nected to the standard H, electrode:

0.05916
8

i

Eh = E° + (14.76) 4

log[H*J}

Since AG¢% for this electrode is —15.85 keal,
E° = —0.086 V. By substituting this value into .
equation 14.76 and after converting to pH, we
obtain:

e

Eh = —0.086 — 0.0592pH  (14.77)

The straight line represented by this equation |
relates the Eh of the Fe-Fe,0, electrode to the 3
activity of H™. If the Eh is fixed by the envi- &
ronment, [H"] is uniquely determined by equa
tion (14.77) in terms of the corresponding pH :
value. If the [H"] of the environment is greater :
than required by equation 14.77, the electrode ;
half-reaction reduces magnetite to metallic Fe -
in accordance with equation 14.75. Therefore,
metallic Fe is the stable phase under conditions
represented by all points located left of the
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Eh-pH line for the Fe-Fe,0, electrode. If [H"]
of the environment having a fixed Eh value is
less than that required by the electrode (equa-
tion 14.75), metallic Fe is converted to Fe,0,.
Theretore, magnetite is the stable phase in envi-
ronments represented by points located to the
right of the Eh—pP'I line for the Fe-Fe,0, elec-
trode. However, metallic Fe is not stable on the
surface of the earth because its stability ficld
lies outside the stability limits of water. We
reached the same conclusion during the con-
struction of the fugacity diagram for Fe oxides
in Section 12.5b.

The conversion of magnetite to hematite can

be expressed as an electrode half-reaction:
2Fe;04 - 3Fe,0; +2e~  (14.78)

We require one mole of H,O on the left side to
balance O and then obtain 2 H" on the right:

2Fe;0, + HO - 3Fe,0;, + 2H" + 2¢~
AG% = +9.087 kcal E°=+020V (14.79)
Therefore, the Eh generated by this electrode as a

function of pH is:

Eh = 0.20 +

0.05916
7 log [H']* (14.80)

which reduces to:

Eh = 0.20 — 0.0592 pH (14.81)

Equations 14.77 and 14.81 define the stability lim-
its of metallic Fe, magnetite, and hematite in
Figure 14.5. Magnetite is stable and can precipi-
tate from aqueous solution primarily in reducing
environments having Eh < 0.0 V. Hematite is sta-
ble under oxidizing conditions, but its stability
field does extend into reducing environments
having pH > 4.6.

b. Solubility of Iron Oxides
Both magnetite and hematite are slightly soluble
in water depending on the pH (Section 12.5b,

_ Figure 12.7). Several different ionic and molecu-

lar species can form, but Fe>* and Fe’" dominate
at low pH. The solubility of Fe-oxides limits their
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Fe; 0, + H;0

Figure 14.5 Stability limits of metallic Fe, magnetite,
and hematite in the presence of water at 25°C in coor-
dinates of Eh and pH. Note that the pH scale starts at
2 rather than 0.

stability in natural environments because they
may be removed by the movement of acidic solu-
tions in the course of geologic time.

We consider first the solubility of magnetite
and hematite with respect to Fe?*. The solution of
magnetite to form Fe?* involves a change in the
valence number of the trivalent Fe and therefore
can be expressed as an electrode half-reaction:

Fe,O, + 2e™ — 3 Fe?* (14.82)

We must reverse this equation in order to keep
the electrons on the right side and, by adding H,0
and H" as required, we obtain:

3Fe’* + 4H,0 - Fe,0, + 8H' + 2¢"

AGY = +40.698 kcal E°=+0.88V (14.83)

Therefore,

) (14.84)

.0591¢ H'J?
Bl = 088 4 20 ’ior([[ }

3 g : FCQF]'!
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which reduces to:

0.05916 x 8
—2—— lo

Eh = 0.88 + g[H']

005916 % 3
2

Eh = 0.88 — 0.237 pH — 0.089 log [Fe>*] (14.86)

log [Fe?*] (14.85)

Equation 14.86 represents a family of parallel
lines in coordinates of Eh and pH corresponding
to selected values of [Fe?*]. These lines express
the solubility of magnertite in the Eh—pH plane
and therefore are valid only within the stability
field of magnetite.

The solubility of hematite with respect to Fe*"
involves a change in the valence number of Fe
from +3 to +2 and therefore can be written as an
electrode half-reaction with the electrons on the
right side:

2Fe** + 3H,0 — Fe,0; + 6 H" +2¢” (14.87)

AGS = +30.161 kcal E°=+065V

_0.05916 [H*] )
h =065+ 1 :
E 0.65 > 0 ([F62+]2 (14.88)
Eh = 0.65 — 0.177 pH — 0.0592 log [Fe*"]
(14.89)

Equations 14.86 and 14.89 have been used to
draw contours across the stability fields of mag-
netite and hematite in Figure 14.6 at activities of
Fe2t = 107, 107% and 107% mol/L. Evidently, the
solubility of both oxides increases with decreas-
ing environmental pH and Eh. Therefore, when
hematite and magnetite are exposed to acidic
environments with low Eh values, equivalent to
low O, fugacities, they become unstable and go
into solution.

Conversely, when a solution containing Fe*
is neutralized (pH increases), or acrated (Eh
increases), or both, hematite or magnetite may
precipitate. For example, a solution containing
[Fe?"| = 107" mol/L (5.6 ng/mL), whose Eh and
pH are the coordinates of point P in Figure 14.6,
is undersaturated with respect to hematite. If the
environmental Eh and pH change along the

+1.2

]
+1.0 A
+0.8 4

+0.6 A (Fe2*] = 1078

+0.4 Fe,O3 + HO

Eh, V

+0.2 4
0+ - [F82+3 = 10—8
L
_0_4 —
T T T T T T T
2 4 6 8 10
pH

Figure 14.6 Solubility of hematite and magnetite
with respect to Fe*" represented by equations 14.89
and 14.86, respectively. An activity of 107° mol/L of
ions is regarded as an effective limit on the stability
of a solid phase because when [Fe*] > 107 mol/L,
the minerals can be removed from rocks by the
movement of groundwater in the course of geologic
time.

arrow in Figure 14.6, the solution becomes satu-
rated with respect to hematite when the path
reaches the 10~ contour. If Eh and pH continue
to change in the direction of the arrow, hematite
precipitates continuously as the activity of Fe™*
decreases to 10°° mol/L (0.056 ug/mL) and
1078 mol/L (0.00056 pg/mL). The amount of
hematite that precipitates during this process is
0.44 g/L as [Fe’"] in the solution decreases from
107 to 10°° mol/L. If the environmental condi-
tions continue to change in the direction of the
arrow, the activity of Fe’" in the solution decreas-
es from 107° to 10°® mol/L, but the amount of
hematite that precipitates is only 0.0044 g/L.
These figures justify the convention that an activ-
itv of 107 mol/L of ionic species is an effective
limit on the stability of solids,

The solubility of hematite with respect to
Fe'* does not require a change in the valence




number of Fe. Therefore, we can construct the
desired equation purely on the basis of mass bal-
ance:

Fe,0; + 6 H' — 2Fe’* + 3 H,0 (14.90)

AGY% = +5.339 kcal K =g
[[%;}—f = 1073 (14.91)
2 log [Fe’*] — 6 log [H'] = =3.91 (14.92)
log [Fe’"] +3pH = —1.96  (14.93)
If
[Fe3'] = 107 mol/L,
pH = 1.35 (14.94)

Evidently, the solubility of hematite with respect
to Fe’* is independent of Eh because it does not
require an oxidation or reduction.

The solution of magnetite to form Fe* does
require the oxidation of one divalent Fe* to the
trivalent state and therefore must be expressed as
an electrode half-reaction:

Fe;O, + 8H" - 3Fe’ + 4H,0 + e~ (14.95)

AG% = +12.552 keal E° = +054V

_.0.03916 [Fe* ]
Eh = 0.54 + T ([H*]S) (14.96)
0.05916 x
Eh = 0.54 + j———310}_3, [Fe'*]
0.05916

= —1J X 8 log [H*] (14.97)
Eh = 0.54 + 0.177 log [Fe’ "] + 0.473 pH (14.98)
If [Fe**] = 107 mol/L,

Eh = ~0.52 + 0473pH  (14.99)

Equations 14.94 and 14.99 have been plotted
in Figure 14.7A by superimposing them on
Figure 14.6. The results reveal a discrepancy.
Equation 1494 (log [Fe'"] = 107 mol/L)
cuts off a corner of the hematite field in the upper
left corner of the diagram and intersects the
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i A

Fe,O,

Eh, V

Figure 14.7 A: Solubility of hematite and magnetite
at 25°C with respect to Fe’ ™ based on equations 14.94
and 14.98 drawn at [Fe’"] = 107" mol/L. The results
indicate that [Fe’ | => [Fe’*]. except under acidic
and strongly oxidizing conditions in the stability field
of hematite.

B: Completed Eh-pH diagram for the oxides of Fe
and their dominant ions at an activity of 107° mol/L
and 25°C. Equation 14.102 fixes the boundary where
[Fe'] = [Fe* | in equilibrium with hematite. Note that
the pH scale has been shifted compared to Figure 14.6.
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[Fe?*] = 107° mol/L solubility contour at a point
whose coordinates are pH = 1.35, Eh = +0.77 V.
At the point of intersection, the activities of Fe*
and Fe?* are both equal to 107 mol/L. However,
at lower Eh values the line (equation 14.94) enters
the region of the diagram where [Fe**]>>
10~¢ mol/L, whereas,[Fe’*] remains at 10 mol/L.
Therefore, the solubility of hematite with respect to
Fe2* is much greater than its solubility to form Fe**
in all environments where Eh < +0.77 V.

The solubility of magnetite in its own stability
field also favors Fe** over Fe’*. Equation 14.99
(for log [Fe**] = 107° mol/L) plots far to the left
of the Fe* solubility boundary at 107 mol/L.
Therefore, Fe’ " is much less abundant than Fe’* in
equilibrium with hematite, exceptif pH < 1.35and
Eh > 0.77 V, and it does not become dominant
over Fe’ in equilibrium with magnetite under any
Eh-pH conditions.

The boundary along which [Fe’7] is equal to
[Fe?*] in equilibrium with hematite can be drawn
graphically by plotting contours at different activ-
ities and by connecting the points of intersection.
A more elegant method is to write the electrode
half-reaction (14.53):

(14.100)
Since AG§ = +17.75keal and E° = 0.77V,

Fe?t > Fe*t +e”

0.05916 ; (’[Fe-”]

1 og [Fe“]) (14.101)

Eh = 0.77 +

We are interested in environments where [Fe’ "] =
[Fe’*], and log([Fe*']/[Fe**] = 0. Therefore, the
boundary along which this condition occurs is
given by:

Eh =077V (14.102)

We see in Figure 14.7B that Fe'" is the dominant
ion under narrowly defined conditions (pH < 1.35
and Eh > 0.77 V) encountered only in some acid
mine-waters.

c. Stability of Ferrous Carbonate
The dominance of Fe*™ over Fe’™ in most envi-
ronments on the surface of the Earth is reflected

in the fact that siderite (FeCO;) rather than
Fe,(CO;); is the common carbonate of Fe.
Siderite may precipitate from saturated solutions
which are in equilibrium with CO, gas or contain
a fixed amount of carbonate ions as a result of
prior interactions with rocks or minerals.

When a solution is in equilibrium with CO,
gas in the stability field of magnetite, siderite
may form from magnetite by an electrode half-
reaction:

Fe,0, + 2e~ - 3FeCO, (14.103)

The two Fe’* ions in magnetite must each accept
one electron to convert them to the divalent -
state. This puts the electrons in equation 14.104 8
on the wrong side. Therefore, we reverse the -
equation and add CO,, H,0, and H" as required
for balance:
3 FeCO, + H,0 — Fe;0, + 3 CO, :
+2H" +2e”  (14.104) |
AG§ = +12225kcal E° = + 0265V

0.05916

Eh = 0.265 + log ([H*[CO,)°)

(14.105)

Eh = 0265 — 0.05916 pH + 0.0887 log [CO,]
(14.106)

If [CO,] =3 x 10* atm (composition of the
atmosphere):

Eh = —0.048 — 0.0392 pH  (14.107)

Evidently, the siderite-magnetite boundary plots
slightly below the stability limit of water when the
solution is in contact with the atmosphere.
Therefore, siderite is not expected to precipitate 4
unless the fugacity of CO, is greater than 3 X 107 3
atm. If [CO,] = 10" ° atm, equation 14.106 yields:

Eh = +0.0876 — 0.0592pH  (14.108)

Under these conditions, siderite does have a small 3
stability field and may precipitate under strongly 3
reducing conditions from basic solutions as indi-
cated in Figure 14.8
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Figure 14.8 Stability of siderite, magnetite, and
hematite in contact with water at 25°C in coordinates
of Eh and pH assuming a fugacity of CO, = 10™? atm
and activities of 107® mol/L for Fe** and Fe’*.

However, the stability of siderite is restrict-
ed by its solubility in water under reducing con-
ditions:

FeCO; + 2H"=Fe’* + CO, + H,0 (14.109)

Since no oxidation or reduction takes place, equa-
tion 14.109 is based only on mass-balance consid-
erations. At equilibrium:

[C—([)I-{]“;;J =K (14.110)

Since AG; = —9.491 kcal and K = 10%%%,

log [CO,] + log [Fe?'] — 2 log [H'] = 6.958
(14.111)

and

2pH = 6.958 — log [CO,] — log[Fe*]
(14.112)

I[[CO,] = 10> mol/L and [Fe*] = 10 ° mol/L,
pH = 7.48 (14.113)
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Equation 14.113 limits the stability field of siderite
in Figure 14.8, which also depicts the stability lim-
its of hematite and magnetite in coordinates of Eh
and pH at 25°C and a fugacity of CO, = 1072 atm.
If a solution contains carbonate ions, but is
not actually in contact with CO, gas, we must take
into consideration the way in which the abun-
dances of the carbonate species vary with the pH
of the solution. Molecular carbonic acid domi-
nates at pH < 6.335, bicarbonate dominates at
pH = 6.35-10.3, and the carbonate ion dominates
at pH > 10.3 (Section 9.5, Table 9.3). Therefore, if
the total carbonate content of a solution is
107 mol/L, [H,CO,] = 1072 mol/L at pH < 6.35,
[HCO3] = 107 at pH 6.35-10.3, and [CO?7]
=10"? mol/L at pH > 10.3. The formation of
siderite from magnetite in the different pH inter-
vals can be expressed by electrode half-reactions
modeled after equation 14.104. At pH < 6.35:

3 FeCO, + 4 H,0 — Fe,0, + 3 H,CO,
+2H" +2e"  (14.114)
At pH 6.35-10.3:
3 FeCO; + 4 H,0 - Fe,0, + 3HCO;

+5H" +2e” (14.115)
AtpH > lQ.B:
3 FeCO; + 4 H,O - Fe 0, + 3 CO%~
@ H™ + 2e” (14.116)

Similarly, the electrode half-reactions involving
the conversion of siderite to hematite in the spec-
ified pH intervals are:

(PH<635):  2FeCO, + 3 H,0 — Fe,0,

+2H,CO, +2H" +2e”
(14.117)

2 FeCO,; + 3 H,O — Fe, 0,
+2HCOZ 4+ 4H + 28

(pH 6.35-10.3):

(14.118)
(pH > 10.3):  2FeCO, + 3 H,0 — Fe,0,
+2CO} +6H" +2e

(14.119)
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Table 14.4 Eh—pH Equations for the
Conversion of Siderite to Magnetite and
Hematite at Specified pH Intervals in
Solutions Having a Total Carbonate
Content of 10~ mol/L Without Being in
Contact with CO, Gas

A. Siderite to Magnetite

pH < 6.35 (equation 14.114)
Eh = 0.217 — 0.0592 pH (metastable) (1)
pH 6.35-10.3 (equation 14.115)

Eh = 0.782 — 0.148 pH (2)
pH > 10.3 (equation 14.116)

Eh = 1.70 — 0.236 pH (metastable)  (3)
B. Siderite to Hematite
pH < 6.35 (equation 14.117)

Eh = 0.211 — 0.0592 pH (4)
H 6.35-10.3 (equation 14.118)

Eh = 0.587 — 0.118 pH (5)
pH > 10.3 (equation 14.119)

Eh = 1.20 — 0.177 pH (metastable) ~ (6)

The corresponding Eh-pH equations are listed in
Table 14.4.

A comparison of equations 1 and 4 in
Table 14.4 indicates that they have identical
slopes but different intercepts, namely, 0.217
(siderite — magnetite) and 0.211 (siderite —
hematite). This means that the conversion of
siderite to magnetite (equation 1) is metastable
because it occurs within the stability field of
hematite where magnetite is not stable. For this rea-
son, equation 4 in Table 14.4 forms the boundary
between siderite and hematite at pH << 6.35 in
Figure 14.9.

Above pH =635, the transformation of
siderite to hematite is represented by equation 5
in Table 14.4 until the boundary enters the mag-
netite field where equation 2 is valid. The siderite
field delineated in this way actually pinches out at
pH < 10.3 when equation 2 intersects the lower
stability limit of water. Therefore, the reactions
represented by equations 3 and 6 (valid at
pH > 10.3) are also metastable and are not
shown in Figure 14.9.

Eh, V

pH

Figure 14.9 Stability of siderite in a solution con-
taining 1072 mol/L of dissolved carbonate 1on at
25°C without being in contact with CO, gas. The
dashed lines are extensions of equations 2,4 and 5
in Table 14.4, which represent metastable transfor-
mations because at pH < 7.48 the solubility of
siderite is greater than 107¢ mol/L.

The stability field of siderite delineated by -
these equations is restricted by the solubility of
siderite with respect to Fe*" expressed by equa
tion 14.109. When the limit is taken to be ;
[Fe’*] = 107® mol/L, the boundary between E
siderite and Fe' lies at pH =7.48 (equation 73
14.113). The stability field of siderite expands as 5
the total carbonate content of the system increas
es. but it decreases with increasing pH because the
activity of CO3™ rises up to a pH value of about
10.5 and remains constant at higher pH values.
When the system is in contact with CO,, the sta
bility field of siderite increases with increasing
fugacity of CO, and does not shrink as the pH -
rises (Figure 14.8) because, in this case, the activi
ty of CO? increases with increasing pH. (See
Problem 3 at the end of this chapter.) However, 3
regardless of which case we consider (fixed car- E
bonate content or CO, gas), siderite precipitates
only when the carbonate content or the fugacity .




of CO, are greater than is consistent with the pre-
sent atmosphere of the Earth.

d. Stability of Sulfur Species
The dominant S-bearing ions and molecules in
natural solutions are SO; , HSO;, $*~, HS ", and
H,S". The abundal}ces of these ions in solutions
containing a fixed amount of dissolved S depend
both on pH and Eh because the transformation of
sulfide to sulfate species requires a change in
valence number from -2 to +6. In addition,
native S (valence number = 0) may precipitate
when the amount of S in the system exceeds its
solubility.

The boundary between SO;~ and HSO; can
be calculated from the equilibrium:

SO + H'= HSO,
AGy = —294kcal K = 10215

(14.120)

Therefore, when [HSO,] =[SOZ"], [H'] =
107" mol/L and pH = 2.16. The boundaries
between H,S”, HS ™, and $?~ are also independent
of Eh and occur at pH = 7.0 ([H,S] = [HS]) and
pH = 12.9 ([HS"] = [$*"]) as shown in Figure 9.3
(Section 9.5). Therefore, H,S can be oxidized to
HSOj atpH < 2.16 and to SO}~ at pH > 2.16 but
<7.0. In basic environments (pH > 7.0 but
< 12.9) HS is oxidized to SO}, but S~ becomes
dominant only in extremely basic environments,
which are rare in nature.

The electrode half-reactions that establish
the boundaries between H,S-HSO;, H,S-SO} ",
and HS"-SO; " are listed in Table 14.5A and have
been plotted in Figure 14.10. The boundaries are
drawn where the activities of reacting S species
are equal to each other and are therefore inde-
pendent of the total S content of the system.

Native S can precipitate from aqueous solu-
tion when the total S content of the system exceeds
its solubility. This process is Eh-dependent because
the valence numbers of S change from —2 to 0 and
from +6 to 0 during the transformation of sulfide
and sulfate to native S, respectively. Therefore, we
establish the stability field of native S by a series of
electrode half-reactions written for the Eh-pH
conditions in which H,S", HS™, HSO ,, and SO~
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Figure 14.10 Abundance of aqueous S-species and
stability field of native S (rhombic) in a system con-
taining 10" mol/L of total S. The stability field of
native S is based on the assumption that the aqueous
species have activities of 107" mol/L in the Eh—pH
fields in which they are the dominant ion or molecule.

dominate. Moreover, we specify that the total S
content of the system is 107" mol/L in order to
assure that the stability field of native S occupies
a significant area in the diagram. The relevant
equations are listed in Table 14.5B and have been
used to draw the stability field of native S in
Figure 14.10.

The diagram indicates that SO} and HSO,
are the dominant stable S species in well-oxy-
genated surface water, whereas H,S” and HS~
predominate under reducing conditions corre-
sponding to low O, fugacities. Native S has a
wedge-shaped stability field that expands with
the increasing total-S content of the system but
disappears when =S < 1075 mol/L.

e. Stability of Ferrous Sulfides

A comparison of Figures 14.7B and 14.10 indi-
cates that the Eh—-pH area in which Fe’" is the
dominant Fe ion in equilibrium with hematite
and magnetite overlaps the fields of H;S",
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Table 14.5 Electrode Half-reactions Among Dissolved Molecular
and lonic S Species in Aqueous Solution at 25°C

A. Ionic and Molecular Species in Solution

H,S" + 4H,0 — HSO, + 9H' + 8e”

AGy = +52718 kcal  E°= +0285V
¢+ Eh = 0.285 — 0.0665 pH when [H,S"] = [HSO;] (1)
H,S$" + 4H,0 - SOZ” + I0H" + 8¢~
AGS = +55658 kcal  E° = +0302V
Eh = 0.302 - 0.0739 pH when [H,S°] = [SO? ] (2)

HS™ +4H,0 - SO +9H" + 8¢~
AGG = +46.068 kcal E°= +0249V

Eh = 0.249 — 0.0665 pH when [HS™] = [SO?7] (3)

B. Solubility of Native Sulfur (£S = 10 ' mol/L)

H,S" — S (rhombic) + 2H" + 2e”
AGy + 6.66keal E° = +0.144V

Eh = 0.174 — 0.0592 pH when [H,S°] = 10" mol/L (4)

HS — S(rhombic) + H' + 2e~
AGy = —293kcal E° = —0.0635V

Eh = 0.034 — 0.0296 pH

when [HS 7] = 10! mol/L (5)

S (rhombic) + 4 H,0 — HSO, + 7TH" + 6e "

AGH = + 46058 kecal E° = +0.333V

Eh = 0.323 - 0.0690 pH when [HSO,] = 10" mol/L (6)
S (rhombic) + 4 H,0 — SO} + 8H' + 6e”

AGp = +48998kcal E° = +00354V

Eh = 0.344 - 0.0789 pH when [SO] | = 10" mol/L (7)

HSO,, and SO? . Therefore, ferrous sulfides
may be stable under a wide range of Eh and pH
conditions, whereas ferric sulfides cannot form
because Fe’* is dominant only under highly oxi-
dizing and acidic conditions in the area of
HSO} dominance.

The ferrous sulfides that may form include
FeS (amorphous), pyrrhotite, mackinawite, troilite,
pyrite, and marcasite. However, only pyrrhotite
(Feg45S) and pyrite (FeS,) are stable and need to
be considered here. The others may form as inter-
mediate metastable products that recrystallize to
form either pyrrhotite or pyrite in the course of
geologic time.

In order to introduce ferrous sulfides into the
Eh-pH diagram for the oxides of Fe, we guess
that pyrite can occur with hematite in the SO}~
field. The transformation of pyrite into hematite
plus SO;~ requires changes in the valence num-
bers of both Fe and S and therefore can be
expressed as an electrode half-reaction:

2 FeS, + 19 H,0 — Fe,0, + 4802"
+38H' +30e”

In this electrode, the valence numbers of
change from —1 in pyrite to +6 in sulfate, which 3

Bes

causes the release of 28 electrons. In addition, §

(14.121) 4

frh



each of the Fe’" ions in pyrite gives up one elec-
tron for a total of 30 electrons. For this reaction
AGZ = +266.453 kcal and £° = +0.385 V. If we
set [SO37| = 107" mol/L, the Eh—pH boundary
equation is:

Eh = +0377 — 0.0749 pH (14.122)

This line establishés the boundary between pyrite
and hematite in that part of the stability field of
hematite where SO?~ is dominant.

The further development of this Eh—pH dia-
gram is best done by plotting each new line on
Figure 14.11, which already contains the stability
fields of the Fe-oxides as well as the distribution
of S species. The pyrite-hematite boundary inter-
sects the magnetite-hematite boundary, which
implies that pyrite and magnetite can also coexist.
Therefore, we construct a pyrite—magnetite elec-
trode reaction in which the S appears as SO3™:

3 FeS, + 28 H,0 — Fe;0, + 6 S0%"
+56H" + 44e”

(14.123)

AGp = +395.136kcal E° = +0389V

Eh = 0.381 — 0.0753 pH

([SO; ] = 107" mol/L) (14.124)
By plotting equation 14.124 in Figure 14.11 we
find that magnetite retains a small stability field
in strongly reducing (Eh < —0.30 V) and basic
(pH > 11.5) environments where it can precipi-

tate from sulfate-dominated solutions.
The pyrite—hematite boundary continues into

the HSO, field by virtue of the electrode half-
reaction and the corresponding Eh-pH equation:

2 Fe§, + 19 H,0 = Fe,0, + 4 HS0
+ 34 H" +30e” (14.125)
AG§+254.693 keal  E° = +0.368 V
Eh = +0.360 — 0.0670 pH
([HSO3] = 10 "mol/L) (14.126)

Equation 14.126 extends the pyrite-hematite
boundary from SO; -dominated environments
into HSO7 -dominated environments with only
a slight change in slope. However, we do not

14.
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plot equation 14.126 because we have entered
the field where hematite is soluble with respect
to Fe’*.

Therefore, we must now consider the solubil-
ity of pyrite with respect to Fe*" and the various S
species. In the SO; -dominated Eh-pH region,
the electrode-half reaction is:

FeS, + 8 H,0 — Fe** + 2803

F16H + 14e”  (14.127)
AGY = +118.146 keal  E° = +0.366 V
EF = 0,366 &
14
X log ([H*]'S[SO; P[Fe**])  (14.128)

By converting [H"] to pH, setting [SO;7] = 107!
mol/L and [Fe*"| = 107° mol/L, equation 14.128
reduces to:

Eh = 0322 - 0.067pH  (14.129)

In the HSO}-dominated field the electrode half-
reaction is:

FeS, + 8 H,0 — Fe’* + 2 HSO;

+ 14 H* + l4e” (14.130)
AGS = 112266 kcal E° = +0.348 V
Eh = 0316 — 0.0592pH  (14.131)

where [HSO;] = 107" mol/L and [Fe®"]
107° mol/L.

Because this line (equation 14.131) enters the
stability field of native S at a very low angle we
must consider the solubility of pyrite with respect
to Fe’" and native S.

FeS, » Fe?* + 28 +2e~  (14.132)
AGy = +20.15kcal E°= +0437V
0.05916 .
Eh = +0437 + —— log [Fe**] (14.133)

If[Fe’"] = 10 °*mol/L,Eh = 0.259 V.
The construction of Figure 14.11 indicates
that pyrite is stable in the Eh—pH region lying
below the boundaries based on equations 14.122.
14.124, 14.129, 14.131, and 14.133. Therefore,
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pyrite occurs in the area where H,S’ is dominant
and could be soluble with respect to Fe’* and
H,S". The relevant electrode half-reaction is:

2 H,S® + Fe** > FeS, + 4H' + 2¢"

(14.134)
AGS = —6.83 keal E°=-0.148V
Eh = +0088 — 0.118 pH  (14.135)

where [H,S°] = 107! mol/L and [Fe?'] =
10 ¢ mol/L.

Since pyrite also occurs where HS™ is the
dominant S species, we write the electrode half-

reaction:

2HS™ + Fe’* - FeS, + 2H" +2e”
(14.136)

E° = -0564V
(14.137)

AGR=26.01 kcal
Eh = —0.327 — 0.0591 pH

where [HS|=10"! mol/L and [Fe’*] =
10 mol/L. Evidently this line lies outside the
stability field of water, which implies that pyrite is
not appreciably soluble with respect to Fe*" under
conditions where HS™ is the dominant S species.
Finally, we consider the relationship between
pyrite and pyrrhotite, which does require a
change in the valence number of S from —1 in
pyrite to —2 in pyrrhotite. The relevant electrode
reaction in the HS"-dominated Eh-pH region is:

FeS + HS™ - FeS, + H" +2¢~ (14.138)
AGS = —1793kecal E° = -0389V
Eh = —0.359 — 0.0296 pH
([HS"] = 10 'mol/L) (14.139)

Note that the formula for pyrrhotite in equa-
tion 14.138 is given as FeS for the sake of sim-
plicity even though its standard free energy
value in Appendix B is for Fe;,S. Equa-
tion 14.139 delineates a small stability field for
pyrrhotite under extremely basic (pH > 12) and
reducing (Eh < —0.52 V) conditions, which
explains why this mineral is rarely, if ever, found
as an authigenic mineral in sedimentary rocks.
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Figure 14.11 contains a great deal of infor-
mation about the geochemistry of Fe on the sur-
face of the Earth. [t identifies the environments
in which hematite, magnetite, pyrite, pyrrhotite,
and native S are stable in the presence of water
containing 10™" mol/L of S species. In addition,
the diagram delineates environmental condi-
tions that cause the Fe-minerals to dissolve sig-
nificantly to form Fe?* or Fe®" and which
therefore favor the transport of Fe in aqueous
solutions at 25°C. In general, we see that Fe is
mobile primarily under acidic and oxidizing con-
ditions and that it becomes immobile when Fe-
bearing solutions are neutralized or enter
reducing environments containing dissolved 8.
The minerals that form by precipitation from
aqueous solutions depend on the Eh and pH
conditions as shown in Figure 14.11. However,
intermediate compounds may form initially,
which may subsequently recrystallize to form
the stable phases having the lowest standard free
energies of formation.

All natural solutions contain not only Fe and
S but also carbonate ions. Therefore, natural sys-
tems may precipitate siderite, which is not shown
in Figure 14.11 in order to avoid overcrowding.
An Eh-pH diagram including the oxides, sul-
fides, and the carbonate of Fe was worked out
by Garrels and Christ (1965, Fig. 7.21) for a sys-
tem at 25°C containing =S = 107° mol/L and
2 carbonates = [ mol/L.

The methods illustrated here can be used to
develop Eh—pH diagrams for all elements in the
periodic table with the exception of the noble
gases, which do not change. their oxidation state.
Such diagrams are useful in the study of metallic
mineral deposits, in geochemical prospecting, and
in environmental geochemistry. The most com-
prehensive treatment of this subject is by
Brookins (1988).

14.6 Summary

The elements and their ions can be ranked by
their tendency to give up electrons as expressed
in displacement reactions that involve the trans-
fer of electrons from the electron donor (reducing
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agent) to the electron acceptor (oxidizing agent).
The resulting oxidation-reduction reactions must
be balanced by use of valence numbers to assure
that the number of electrons given up by the
reducing agent is equal to the number of elec-
trons gained by the oxidizing agent.

Oxidation-reduction reactions can be divid-
ed into two complementary half-reactions that
may be separated physically to form an electro-
chemical cell. The electromotive force (emf)
exerted by such a cell is measurable as a voltage
between the electrodes dipping into an elec-
trolyte solution. The emf of an electrochemical
cell in the standard state is related to the standard
free energy change of the reaction by Faraday’s
constant. When the cell is not in the standard
state, the emtf is related to the reaction quotient
and decreases to zero as the oxidation-reduction
reaction approaches equilibrium.

A systematic scale of emf values is created by
arbitrarily assigning a value of zero to the emf of
the H, electrode in the standard state. This is
accomplished by setting the standard free ener-
gies of formation of H" and e~ equal to zero. The
standard electrode potentials of all other elec-
trodes can be calculated from their standard free
energy change alone when they are connected to
the standard H, electrode. When the electrode
half-reactions are written with the electrons on
the right side of the equation, the algebraic sign
and magnitude of their standard electrode poten-
tials become the basis for ranking them relative to
the standard H, electrode. Such a ranked list of
electrode half-reactions is called the electromo-
tive series. A negative sign of the standard elec-
trode potential indicates that the half-reaction is a
stronger electron donor (reducing agent) than the
standard H, electrode, whereas a positive sign
indicates that the electrode is a weaker reducing
agent and is therefore a stronger oxidizing agent
than the standard H, electrode.

As expected from their electronic configura-
tions, the alkali metals and alkaline carths are
strong reducing agents, whereas the halogens and
other nonmetallic elements are strong oxidizing
agents. However, the cations of a metal can act as

electron acceptors (oxidizing agents) and the
anions of a nonmetal can function as electron
donors (reducing agents).

In order to facilitate the application of elec-
trochemistry to natural environments a special
emf is defined as the voltage generated by any
electrode in any state relative to the H, electrode
in the standard state (Eh). Natural environments
on the surface of the Earth are restricted to a
range of Eh and pH conditions determined by the
dissociation of liquid water into H" and O,, which
releases electrons and therefore constitutes an
electrode half-reaction. The limits on the stability
of water result from the requirement that the
fugacity of O, in an environment open to the
atmosphere must be less than 1.0 but greater than
107! atm. The Eh and pH values of natural envi-
ronments depend on their chemical compositions
and on the reactions that are taking place within
them. Therefore, the Eh and the pH are both envi-
ronmental parameters that are imposed on any
specific reaction occurring in the environment.

The algebraic sign of measured environmental
Eh values gives meaning to the widely used concept
of oxidizing and reducing conditions. Oxidizing
environments have positive Eh values, so they are
weaker reducing agents than the standard H, elec-
trode. Reducing environments have negative Eh
values and are therefore stronger reducing agents
than the standard H, electrode. The capacity of an
environment to be a reducing agent results from
the presence of potential electron donors that can
force the standard H, electrode to accept electrons.
Organic compounds of biological origin containing
reduced forms of C,such asCH,, where the C has a
valence number of —4, are a common source of
electrons in natural environments. Similarly, the
oxidizing character of an environment results from
the presence of potential electron acceptors or oxi-
dizing agents. A common oxidizing agent in natural
environments is molecular O,, which can accept
four electrons per molecule. However, many other
compounds and ions have an effect on the Eh of a
particular environment.

The Eh and pH of natural environments can
be used to define relationships between solids,



between solids and ions, and among ions in aque-
ous solution of elements that can have different
valence numbers. The Eh—pH stability diagrams of
Fe compounds, including oxides, carbonates, and
sulfides, are constructed from appropriate elec-
trode half-reactions that define compatible rela-
tionships between Eh and pH for these electrodes.
The resulting diagrams can be used to understand
the geochemistry of Fe and S and to predict the
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effect of environmental changes on the com-
pounds and ions of these elements. Such diagrams
have been constructed for most of the elements.
The Eh-pH diagrams are useful in studying the
origin of metallic mineral deposits and the subse-
quent dispersal of metals during chemical weather-
ing. For this reason they are relevant also in
hydrogeology, environmental geochemistry, and
soil chemistry.

Problems

1. Write electronic formulas for 87, Ti**, P>, Zr**,
and CI’*. Note the tendency of these elements to
achieve the electronic configuration of noble gases.

2. . Balance the following oxidation-reduction reac-
tions.
(a) MnO, + Cl" —» Mn** + Cl,
(b) As,S; + NO; — HAsO, + S + NO
(¢) Cr,O; +1 >Cr* +1,
(d) CrO; + ClO™ - CrO}” + CI”
(e) CHY + SO} — HCOj; +HS~

3. Calculate the abundance of CO3™ in moles per
liter at pH = 9, 10, 11 in two different systems.

(a) Having a fixed total carbonate content of

102 mol/L.

(b) In equilibrium with CO, gas at a fugacity of

1072 atm.

4. Complete the following electrode half-reactions
in the conventional form and calculate their standard
clectrode potentials.

(a) PbO (red)—PbO,
(b) Cu,0-Cu

(¢) U0 = U*

(d) Cr’" = Cr,02"
(e) Si— SiF;

5. Combine the Ag and Cu electrode half-reactions
and calculate the emf when [Cu®"]/[Ag ) = 107°

6. Combine the Al and Ni ¢lectrodes and calculate
the emf when [Ni*"J/[AF ] = 1072,

7. Manganese forms the following oxide minerals:
manganite (MnOOH), manganosite (MnQ), pyrolusite
(Mn0Q,), and hausmannite (Mn,0,). Determine the
valence numbers of Mn in each compound and order
them in terms of increasing valence number of Mn.

8.(a) Derive Eh—pH cquations based on the pro-
gressive oxidation of Mn to form oxides starting with
metallic Mn.

(b) Plot these equations in coordinates of Eh and
pH using a full sheet of graph paper, add the stabili-
ty himits of water, and label all fields.

(¢) Is metallic Mn stable at the surface of the
Earth?

9.(a) Derive equations in terms of Eh and pH for
the solution of the oxide minerals of Mn to form Mn?*.
(b) Plot the equations for [Mn®*] = 107° mol/L

on the diagram constructed in Problem 8b.

10. What is the fugacity of O, of an environment
having pH = 7.0 and Eh = +0.2V?

11. A solution containing 10 ° mol/L of Fe’* and
Mn?* at Eh = +0.2 V is neutralized such that its pH
changes from 4 to 6. What effect will this have on the
concentrations of Fe?* and Mn*" in the solution? Refer
to the appropriate Eh—pH diagrams.

12. Based on the insight gained above, explain why
Fe-oxide deposits in near shore marine environments
have low Mn concentrations and speculate about the
fate of Mn in the oceans.
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15

Rates of Geochemical
Processes

The progress of chemical reactions depends on
their rates, which are controlled by a variety of
factors, including the temperature, the concen-
trations of reactants and products, and the rate
of mass transfer into and out of a fixed reaction
site. In some cases, the transformation that we
observe is the end product of several intermedi-
ate reactions each of which proceeds at its own
rate. As a result, the rate of the complete reac-
tion may be controlled by the slowest of the
intermediate reactions, which becomes the rate-
determining step. Therefore, the study of the
kinetics of chemical reactions leads to insights
about what really happens during such familiar
processes as the formation of a crystalline pre-
cipitate in aqueous solution, the incongruent
solution of minerals, or the formation of con-
cretions during diagenesis of sediment. The
explanations of reaction mechanisms and the
mathematical descriptions of the rates of chem-
ical transformations are often complex and are,
iIn many cases, not as well understood as the
thermodynamic treatment of chemical reac-
tions. In general, thermodynamics allows us to
predict what should happen, whereas kinetics
determines whether it actually does occur in a
reasonable interval of time.

15.1 Rates of Chemical
Reactions

The first quantitative study of chemical kinetics

was undertaken by L. Wilhelmy in 1850. It was

followed in 1863 by the important work of

Guldberg and Waage, who derived the Law of
Mass Action from the concept that at equilibri-
um the rate of the forward reaction is equal to
the rate of the backward reaction. The principles
of chemical kinetics and other rate-dependent
processes such as diffusion and advection have
been combined with thermodynamics only
recently in comprehensive mathematical descrip-
tions of the rates of geochemical processes
(Berner, 1971, 1980; Hofmann et al., 1974;
Lerman, 1979; Lasaga and Kirkpatrick, 1981).

The rate of a chemical reaction can be
expressed in terms of the consumption of one of
the reactants or in terms of the formation of one
of the products. Whatever method is used, the
rates of chemical reactions decline with time
from some initial value until they become virtu-
ally equal to zero as the reaction is either reach-
ing equilibrium or is going to completion. We first
encountered this idea in Section 9.1, where we
described the dissolution of NaCl(s) in water asa
function of time (Figure 9.1).

a. Order of the Reaction

The rate of change of the concentration of a reac-
tant or product of a chemical reaction generally
varies as some power of its concentration. For
example, in the reaction:

XsY+2Z (15.1)

the rate of consumption of reactant X is given by
an equation of the form:
d(X)

(X)" 15,2
i k(X) (15.2)

253
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where (X) is the concentration of reactant X at
any time f, n is a number whose value indicates
the order of the reaction, & is the specific rate con-
stant, and the minus sign is needed to indicate
that the rate decreases with time. The numerical
values of n and k for a specific reaction must be
determined experimentally. If n = 1.0, the reac-
tion is said to be a first-order reaction, and so on.
The value of n may also be a fraction like ; in
which case the order is one half.

The order of the reaction represented by
equation 15.1 can be determined by measuring
how the initial rate of the reaction (RY) varies
with the initial concentration of reactant X rep-
resented by (X),. For this purpose we rewrite
equation 15.2 as:

R} = constant X ((X),)" (15.3)
which we linearize in the form:
log Rf = log constant + n log(X), (15.4)

‘Therefore, a plot of log R} versus log (X), vields a
straight line whose slope is equal to n.
The rate equation of reactions such as:

2X-5Y+ 27 {15.5)
may take the form:
(X
-2 2[) = k(X)? (15.6)

which makes it a second-order reaction. If the
reaction is:

X+Y->Z (15.7)
the rate equation may take the form:
(X
= Eﬂ) = k(X)'(Y)! (15.8)

This is also a second-order reaction. but it is said
to be first order with respect to X, first order with
respect to Y, and second order overall. In general,
the rate equation of a chemical reaction:

aX+bY >cZ (15.9)

may be expressed as:

-9 _ omvy

- (15.10) 4§

and the order of such a reaction is 1y + n,. Note

that the exponents of the rate equation do nor :
necessarily agree with the molar coefficients of :
the balanced equation of the reaction.

b. Rate Constant
The value of the specific rate constant (k) must =
also be determined experimentally by measuring
the concentration of reactant X at known inter-
vals of time as the reaction runs its course. For this
purpose we rearrange equation 15.2 for a first:
order reaction:

d(X)
— ——L = kdt 15.11
(X) ( )
which we can integrate: 1
d(X) j
—= = —k|dt 15.12
In(X) = —kt + constant of integration (15.13)

If 1 = 0, the integration constant is In (X), where
(X), 1s the initial concentration of X. Therefore,

In(X) = In (X), — kt (15.14) S
(X) _
!“(Y); = —kt (15.15)

(X) = (X)ge* (15.16) 8

Equation 15.14 is a straight line in coordinates
of In (X) and ¢ whose slope is negative because
the concentration of reactant X decreases with %
time. The absolute value of the slope is the spe-
cific rate constant (k) of the reaction. Equation
15.16 has the same form as equation 16.9 in
Chapter 16. which expresses the law of radioac- ?_
tive decay. 4 =

The rate of decay of a radioactive nuclide can 4
be stated in terms of the half-life, which is the
time required for one half of an initial number of 3
radioactive atoms to decay. We therefore define
the reaction half-life (1, ;) in a similar manner and

i




can show (see Chapter 16) that for a first-order
reaction:
In 2
By = (15.17)
k
When time is measured in seconds and con-
centrations are expressed in moles/liter, the
units of the rate constant (k) of a first-order
reaction are:

d(X)/dt mol/L
k = = = -1 2
(X) mol/L X sec — ALl
For second-order reactions the units of k are:
d(X)dt mol/L
ke = 5 7
(X) (mol/L)? X sec
I - A
= ———=Lmol 'sec! (15.19)
mol X sec

The rate of a first-order reaction may also be
expressed in terms of the increase of the concen-
tration of one of the products. For example, for
the reaction represented by equation 15.1 the
rate of formation of product Y can be expressed
as follows. If x moles of reactant X have reacted
at time ¢, the concentration of products Y and Z
is equal to x and the concentration of reactant
Xis (X), — x. Therefore, the rate of formation
of Y is:

LX), - 4]

2
= (15.20)

By rearranging this equation and by integration
we obtain:
~In [(X), = x] = k¢ + constant (15.21)

If £ = 0, then x = 0, and the constant of integra-
tion is —In (X),. Therefore:

(X)y 1\ _

" ((X),_—\) =i (15.22)
—Q(—)U— = ki : .
X), -« ° (15.23)
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(X)D - X —kt

W =18 (15.24)

and thus
= (X)y(1 — e™)

Equation 15.22 is a straight line in coordinates of
In (X),/[(X), — x] and ¢ whose slope is equal to k.

Equation 15.25 has the same form as equa-
tion 16.19 for the growth of a stable radiogenic
daughter. Therefore, the consumption of a reac-
tant and the formation of a product in a first-
order chemical reaction are governed by the same
equations as the decay of a radioactive parent
nuclide and the resulting growth of a radiogenic
daughter. Both are illustrated in Figure 15.1 for a
hypothetical reaction whose rate constant
k = 0.0693 sec”!, which corresponds to a reaction
half-life of 10 sec.

(15.25)

c. Temperature Dependence of Rate

Constants
Before a reaction of the form:

X+YosZ (15.26)

can take place, the atoms or molecules of the
reactants X and Y must collide with sufficient
energy to allow them to form a bond. The mini-
mum energy required for two atoms or mole-
cules to react is called the activation energy.
When X and Y are molecules, the chemical
bonds they contain may have to break before
the atoms can recombine to form an intermedi-
ate activated complex, ~which subsequently
decomposes to from the product. The activation
energy (E,) acts as a barrier, illustrated in
Figure 15.2, between the reactants and products
that must be overcome before the reactants can
form the desired product. The rates of chemical
reaction ultimately depend on the frequency
with which atoms or molecules of the reactants
acquire the necessary activation energy that
enables them to form bonds. Therefore, the rates
of chemical reactions increase with increasing
temperature because the fraction of atomic or
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Figure 15.1 Kinetics of a hypothetical first-order
chemical reaction represented by X—Y + Z.The
consumption of reactant X follows equation 15.16
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where the specific rate constant & = 0.0693 sec ™,

corresponding o a reaction half-life of 10 sec. The
formation of products Y and Z is given by equa-
tion 15.25. The graph shows that the rate of con-
sumption of reactant X and the rate of formation
of product Y both decrease with time from their
initial values at ¢ = 0. In this example the concen-
tration of reactant X apporaches zero, indicating
that the reaction is going to completion. If a finite
amount of X remains when the reaction rates
approach zero, then the reaction is in equilibrium,
Note that both curves represent the forward reac-
tion. The consumption of a reactant and the for-
mation of a product in a first-order chemical
reaction are governed by the same equations as
the decay of a radioactive parent nuclide to a sta-
ble radiogenic daughter discussed in Chapter 16.

molecular collisions that are sufficiently ener-
getic to provide the activation energy increases
with temperature.

The relationship between the specific rate
constant (k) of a chemical reaction, the tempera-
ture (T) in kelvins, and the activation energy (E,)
in kilocalories is given by an equation derived by
Svante Arrhenius in 1889 (Moore, 1955):

k = Ae™E/RT (15.27)

where A is a constant that has a characteristic
value for each reaction, and R is the gas constant.
The constant A is called the frequency factor and
e 5/RT is known as the Boltzmann factor, which
is the fraction of atoms or molecules that man-
ages to acquire the necessary activation energy
from the energy liberated by collisions. By taking
base 10 logarithms of equation 15.27 we can
transform it into a straight line in coordinates of
log k and 1/T

E /1
a B T 7)
2.303R (T) (15.28)

A plot of experimentally determined values of
the rate constant of a chemical reaction at differ-

loghk =logA —

ent temperatures should therefore yield a straight
line whose slope is equal to:

£, (15.29)

" T 5303R

from which the activation energy of the reaction
can be calculated. The intercept on the log k axis is
equal to the logarithm of the frequency factor A.
The activation energy is itself slightly dependent
on temperature, but the slope of equation 15.28 is
not perceptibly changed by this effect.

The formation of the activated complex and
its deactivation to form the product of a chemical
reaction each have their own rate constants. As a
result, even a straightforward first-order reaction
involves internal mechanisms that are difficult to
express mathematically. The problem can be
solved only for the condition of steady state when
the rate of formation of the activated complex is =
equal to the rate of its deactivation and the num-
ber of activated complexes remains constant.
Although the concept of the activated complex
was initially developed for reactions in the gas
phase, it also applies to reactions among ions in
aqueous solution. ‘

Gl ¢ [

e
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Figure 15.2 Schematic representation of the activa-
tion energy (£,) that must be acquired by the reactants
of a chemical reaction to form the activated complex,
which subsequently decomposes to form the products.

15.2 Transport of Matter:
Advection

The equations describing the rates of chemical
reactions discussed above apply to stationary sys-
tems such as a cylinder of gas or an aqueous elec-
trolyte solution in a beaker. However, chemical
reactions in nature commonly require the move-
ment of reactants or products and therefore
depend on the applicable transport mechanism.

Transport of a solute in a solution can occur
primarily by advection or by diffusion. Advection
involves the displacement of matter in response
to the action of a force. Examples of advection
include the flow of water in the channel of a
stream or in subsurface in response to a hydraulic
gradient. In addition, rain falling from a cloud,
sediment settling out of water, and the movement
of lithospheric plates on the surface of the Earth
are all examples of advection.

The displacement of matter produces a
flux(F), which is the product of the density of the
material (d) and its velocity (v):
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F=dv (15.30)

When the density is expressed in grams per cubic
centimeter and the velocity in centimeters per
second, the units of the flux are:

g X cm
cm’® X sec

=gem?sec”! (15.31)

If

units of flux (F)

When the material in motion contains another
substance X in solution at a concentration (X)
expressed in grams per cubic centimeter, then the
flux of X is:

By = (X

In general, typical velocities of advective trans-
port processes are (Lerman, 1979):

gecm ?sec”! (15.32)

Meters per year

Particles settling in water 3% 10%to 3 x 10*
Groundwater flow 1-100

Upwelling in the oceans 1-2
Sedimentation in oceans 3IxX10 %01 x107°

and lakes

The flow of water through the pore spaces of
sediment or rocks in the subsurface (i.e., an
aquifer) is an important advective transport
mechanism that affects chemical reactions occur-
ring within the aquifer because the water may
supply some of the reactants or remove some of
the products. The movement of water, or of
another liquid such as petroleum, through a
porous medium is governed by a law that was
stated by Henry Darcy in 1856. Darcy’s law
expresses the flux of water (F) flowing through
unit area (a) of an aquifer in unit time as a func-
tion of the hydrostatic pressure difference, which
is equivalent to the hydraulic gradient (S):

F=KS (15.33)

where K is the coefficient of hydraulic conductivi-
ty whose dimensions are centimeters per second.
The flux F has the dimensions of volume/unit
area/unit time (¢cm® cm?sec '), which reduces to
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centimeter per second and is therefore equivalent
to the velocity of the water. The hydraulic gradi-
ent § is given by: :

_ Ak
L

where Ah is the difference in elevation between
two points within the aquifer and L is the dis-
tance between these points measured along the
flow path. Equation 15.33 can be modified to
yield the discharge (D) in units of cubic centime-
ters per second:

s (15.34)

D = KSa = Fa (15.35)

where a is the cross-sectional area of the aquifer
shown schematically in Figure 15.3. When the
dip of the aquifer is zero (Ah = 0), flow occurs
only when a pressure difference is imposed on
the aquifer.

The hydraulic conductivity (K) is related to
the coefficient of hydraulic permeability (k) by the
equation:

kdg
n

K= (15.36)
where g is the acceleration due to gravity and 7 is
the viscosity of the fluid. For water at 20°C, 5 =
0.01 gem ™ 'sec™!,d = 1.0 g/cm’, and since g = 980
cm/sec’:

K = 10°k (15.37)

The coefficient of hydraulic permeability has the
dimension of length squared and is related to the

Flux F = KX$§ - AreaA

Gradient S = Ah/L

Discharge
D=FXa

porosity of the aquifer and to the radius of the
particles of which it is composed (Lerman, 1979).
Values of k range over 12 orders of magnitude
from 1073 cm? for clean gravel to 107 cm? for
granite and unweathered clay. The hydraulic con-
ductivity (K) varies similarly. Good aquifers com-
posed of clean sand or sand-gravel mixtures
characteristically have K = 107! cm/sec and
k = 107® cm? (Lerman, 1979).

We can now consider an aquifer within which
a chemical reaction is occurring (Moore, 1955,
p- 544). A solution containing reactant X at con-
centration (X) mol/L flows through a volume
element dV (the reactor) of the aquifer with a dis-
charge rate D (L/sec) and leaves the reactor with
a concentration (X) — d(X). If no mixing occurs, -
then the net change in the number of moles of X
with time in the reactor is the sum of two terms.
One of these is the effect of the chemical reaction
in the reactor, and the other is the difference in
the concentration of X between the inflow and
outflow. Hence:

dn,

= RV Dd(X) (15.38)

where R is the reaction rate per unit volume. For
a first-order reaction with respect to reactant X:

-R = k(X) (15.39)

After the system has operated for some time, it
achieves a steady state such that:

dan
— =0 15.40

Figure 15.3 Schematic representation of a
volume increment of a porous bed (aquifer)
in subsurface. The movement of water
through the aquifer is governed by Darcy’s
law expressed by equation 15.33 in terms of
the flux £ and the gradient S. The flux has
units of mass (or volume) per unit area per
unit time, which reduce to cm/sec. The flux F
times the area a yields the discharge D, which
is the volume of water leaving the system in
unit time. :
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Under conditions of steady state and after substi-
tuting the rate equation for R, equation 15.38
becomes: '

—k(X)dV = Dd(X) (15.41)
which can be integrated between the inlet and
outlet of the reactpr (4V):

_ﬁj"dv_f”'@
D J, x, (X)

where (X), and (X), are the molar concentrations
of X at the entrance and exit of volume dV,
respectively. The result is:

k30

D~ "X),

Note that V/D has the dimensions of time called
the contact time:

(15.42)

(15.43)

V' volume X time

= time  (15.44)

D volume
and therefore represents the average time mole-
cule of X spends in the reactor. If we let V/D =1,
equation 15.43 becomes:

(X), _
m(?)l = —kt (15.45)
(X), = (X),e (15.46)

Thus, equation 15.43 reduces to a first-order rate
equation when it is applied to a static system.

15.3 Transport of Matter:
Diffusion

Molecules or ions of a solute in a solution tend to
disperse throughout a stationary solvent by a
process known as diffusion. If the medium is itself
in turbulent motion, then the dispersion of the
solute is called turbulent or eddy diffusion. The
flux (F) of ions or molecules diffusing through a
stationary medium is proportional to the concen-
tration gradient (dc/dx):

de
F=-D{— 54
(dx) (15.47)
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where D here represents the diffusion coefficient
and the minus sign indicates that the concentra-
tion gradient has a negative slope; that is, the ions
and molecules move from points of high concen-
tration toward points of low concentration within
the medium. Equation 15.47 was formulated by
the German chemist Adolf Fick in the 1850s and
is known as Fick’s first law. The diffusion coeffi-
cient for ions and molecules in water are of the
order of 107> cm?/sec, whereas for diffusion of
ions in solids at temperatures around 1000°C, D
has values around 10! cm?/sec. Diffusion coeffi-
cients for selected ions in dilute aqueous solutions
are listed in Table 15.1.

In case a solute is transported both by advec-
tion and by diffusion, the total flux (F) of an ion
or molecule X is the sum of the advective flux (£,)
and the diffusive flux (F,) (Lerman, 1979, p. 58):

F=F, +F, (15.48)
If the solvent moves with velocity » and the con-

centration of component X is (X), the advective

flux according to equation 15.32 is:
F, = (X (15.49)

Table 15. 1 Diffusion Coefficients for Ions
in Dilute Aqueous Solutions at 25°C

Cation D, cm’/sec Anion D, cm’/sec
Lit 103 X 107° F~ 14.6 X 10°°
Na* 13,5 %108 oS 2003 »x 1070
K* 19.6 x 10°¢ Br 0.4 =i
Rb* 20.6 X 107° I 300 x 16°°
Mg?*  7.05 % 107¢ HS™ 17.3 x 107
Ca** 7.93 x 107° HSO, 153 5107
Sr¥ 7.94 % 1078 SOOI 107 x i
Ba’* 848 x 107" NO; 19.0 x 10°°
Mn®* 688 x10°° HCO, 11.8 x 107°
Fe?* 7.19 x 107 ceg 9.55 X 1078
Co®" 699 x10°¢ HE0, 8.46 x 107°
Ni? 6.79 X 107° HPO;™ 734 x 107"
Cu®’ 7.38 ¢ 1078 PO;" 6.12x10°
Zn*® 715x107° MoO; 991 X 10"

SOURCE: Lerman (1979). Table 3.1.
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The diffusive flux is given by equation 15.47.
Therefore, the total flux of component X is:
d(X)
Fy = (X)) — D——
X (X)w e
We may want to compare the fluxes caused
by advection and by diffusion. For that purpose
we define the advective transport distance (L,) by
the equation:

(15.50)

Since the diffusion coefficient (D) has the dimen-
sions of square centimeters per second, D¢ has the
dimensions of square centimeters and (Dr)"/? has
dimensions of length only. Therefore, the diffu-
sional transport distance (L,) is:

L, =t

L; = (Be)'~? (15.51)
and the ratio of transport distances is:
L, w  {t\hin
L, A‘—‘(D[)l.’z = U(D) (15.52)

Evidently, for fixed values of » and D the ratio
L./L, increases with the square root of time.
The time required to make the respective trans-
port distances equal to each other is obtained by
solving equation 15.52 for ¢ in the case that

L,/L,= 1.00:
P\1/2
v(—) = 1.00

t = (15.54)

(15.53)

~For example, let D =1x10" cm’/sec and
v = 1.0 m/yr, which is fairly typical for the move-
ment of groundwater through an aquifer. Con-
verting the velocity to centimeters per second:

v = LLI0) =32 X 10" cm/
T 1(365.25)24)(60)(60) Ry
(15.55)
and from equation 15.54 for the case that L, = L
(= X7 g x 10%sec
G2x 109 s
= 11.3 days (15.56)

Evidently, after 11.3 days advection (based on a
velocity of 1.0 m/yr) can transport the solute as
far as diffusion could alone. Therefore, trans-
port of solute in this case is primarily by advec-
tion rather than by diffusion. However, in a
case where the velocity of the water is only
v = 1 em/1000 yr, which is representative of the
rate of sediment deposition in the oceans, then
v = 1/1000(365.25)(24)(60)(60) = 3.16 X
107" cm/sec and:

-5
= ——wjﬂ— = 1.00 X 10" sec
(3.16 x 10711)2
=320 X 10°yr (15.57)

In this case, it takes a long time before transport
by advection becomes equivalent to diffusion.
This means that diffusion is the dominant trans-
port mechanism in deep-sea sediment.

Fick’s first law relates the flux of component
X to the concentration gradient of X but does not
indicate how the concentration of X varies with
time. We therefore consider a volume increment
having a unit cross section and a length dx
extending from x to x + dx. The change in the
concentration of X with time in this volume incre-
ment is the difference between the flux entering
at x and leaving at x + dx, divided by dx. This is
dimensionally correct because:

flux g B g
length ~ (cm?)(cm)(sec)  (em?®)(sec)

concentration

15.58
time ( )
Therefore, based on Fick’s first law (equa-
tion 15.47):

dc 1 dc dc
—=—|-D|—] + D|— 15.39) -
dt dx l: (ax).r (aX)[+dL:| ( 22 )

where the equation is written in terms of partial 3
derivatives because we are differentiating only &
with respect to the x-direction while holding the
other two directions, y and z, constant. The out-
going flux at x + dx has a positive sign because
it is being subtracted from the flux entering
at x. Since:
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d ‘o d {0
(—C) =(i) +_r—(c)dx (15.60)
0X/ v+dx ax, x dx \dx

we substitute into equation 15.59 (Moore, 1955,
p. 448) and obtain:

dc D (é‘c) D
— = +

ar - E dx d—x
dc a fac\
X|{=] +=(= i
[(ax)_‘ ax (()x)dx" (15 6l

which reduces to:

/92
- of2)
ot ax
Equation 15.62 is Fick’s second law, which states
that the rate of change of the concentration of a
component X is equal to the second derivative of
the linear concentration gradient multiplied by
the diffusion coefficient. Equation 15.62 has the
same form as the equation that governs heat con-
duction and has been solved for many different
boundary conditions (Crank, 1975).

The application of Fick’s second law is illus-
trated by the case where a thin layer of the diffus-
ing substance is placed between two layers of a
stationary medium. According to Crank (1975),
the solution of equation 15.62 is:

(15.62)

£ (WD[)kl_,fzc—x‘,lw;

¢y
When the concentration ¢ is plotted as a function
of distance x for different values of ¢ using an
appropriate value of the diffusion coefficient (D),
a series of Gaussian error curves is obtained that
show how the diffusing substance spreads out as
time increases (Moore, 1955, p. 449). Three such
curves are shown in Figure 15.4, where the diffu-
sion takes place both in the +x and in the —x
direction and the concentration must therefore
be divided by 2 because diffusion occurs in two
directions.

Equation 15.63 can be used to evaluate diffu-

sion data. If we take natural logarithms of equa-
tion 15.63, we obtain:

(15.63)

(15.64)
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Figure 15.4 Schematic representation of the distrib-
ution of a diffusing substance that starts as a thin film
in a stationary medium. The distribution of the diffus-
ing substance at different times (¢) is governed by
Fick’s second law expressed by equation 15.63.

which is a straight line in coordinates of In (¢/c;)
and x* Therefore, measurements of the concen-
tration of an ion in a body of water through which
the ion is diffusing define a straight line in this
coordinate system. The slope of this line is:

1

= - — 15.65
SR (1563)

and its intercept on the y-axis is:
b=— ln(_wDr) (15.66)

An example of diffusion of ions occurs
Lake Vanda in Wright Valley, southern Victoria
Land, Antarctica. This lake contains a layer of
dense brine from which ions have diffused into an
overlying layer of less saline water. Green and
Canfield (1984) explained the variation in the
chemical composition of water taken at different
depths in Lake Vanda in terms of diffusion of
ions. The variation of the concentration of Ca**
ions with depth is illustrated in Figure 15.5, which
also contains a plot of In Ca®"/Caj" versus x°.
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Figure 15.5 A: Variation of the concentration of
Ca’" as a function of depth in Lake Vanda, Wright
Valley, southern Victoria Land, Antarctica. The
increase of Ca’™ and other ions is caused by the pres-
ence of a layer of dense brine whose temperature is
about 25°C, although Lake Vanda has a permanent ice
cover that is 4 m thick (Green and Canfield, 1984).

B: Plot of Ca®" concentrations in Lake Vanda in
accordance with equation 15.64, which is based on
Fick’s second law of diffusion. The data points define
a straight line whose slope was used in equation 15.68
to calculate an age of 1290 years for the dilute layer
above the brine.

where x is the distance in centimeters from the
bottom of the lake to each analyzed sample. The
data points below a depth of 45 m in the lake fit a
straight line whose slope is m = —0.090 96 x 10",
Since the water temperature increases with depth
from ~10°C at 45 m to ~25°C at the bottom, the
diffusion coefficient of Ca’* was taken to be
D = 6.73 X 107 cm*/sec at an average tempera-

ture of 18°C (Li and Gregory, 1974). We can now
solve equation 15.65 for time in years. Since:

1

= 009096 X 10 15,
4Dt L5577
10.99 % 10°
- = 129
' 2673 X 10°9)(3.155 X 10)) Qg
(15.68)

This result indicates that the observed distribu-
tion of Ca’" concentrations in Lake Vanda
below a depth of ~45 m is attributable to ionic
diffusion from the dense brine layer in the past
1290 years.

When diffusion involves the movement of
charged particles, electrical neutrality through-
out the system must be maintained either by the
movement of positively and negatively charged
species in the same direction or by the move-
ment of charged particles in the opposite direc-
tion. Moreover, the magnitude of the diffusion
coefficient of an ionic species is affected by elec-
trostatic interactions with other ions depending
on its ionic potential, that is, the charge-to-radius
ratio (Lasaga, 1979). Therefore, the magnitudes
of diffusion coefficients depend to some extent
on the composition of the environment in which
diffusion is taking place. In general, several dif-
ferent kinds of diffusion coefficients have been
defined that apply to specific types of diffusion
(Crank, 1975).

The magnitudes of diffusion coefficients are
also strongly dependent on the temperature. The
temperature dependence of D is expressed by the
Arrhenius equation:

b= Dye G8E 15.69)
8]

where D, is the frequency factor, E_ is the activa-
tion energy, R is the gas constant, and T'is the tem-
perature in kelvins. In this context, £, is a measure
of the energy required to start the movement of
the diffusing substance or ion. We can linearize
equation 15.69 by taking natural logarithms:

E
InD =lnD,— 2 (15.70)

RT

Adndt)

o
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This is the equation of a straight line in coordi-
nates of In D and the reciprocal of the tempera-
ture whose slope is:

Ea

m=-- (15.71)
Since the slope i§ negative, In D increases with
decreasing values of 1/7T, that is, with increasing
temperature. The temperature dependence of dif-
fusion coefficients is especially important in
igneous petrology because it affects the distribu-
tion of cations in minerals that form at elevated
temperatures by crystallization of silicate melts.
Values of relevant diffusion coefficients of ions in
melts and in minerals at 1000°C were compiled
by Henderson (1982, Tables 8.1 and 82).
Diffusion coefficients of ions and molecules
through solids at 25°C are listed in Table 15.2.

15.4 Growth of Concretions
During Diagenesis

Diagenesis includes all of the chemical, physical,
and biological processes that take place in sediment
after it was deposited. The chemical processes may
include dissolution of mineral particles in the pore
water; precipitation of insoluble compounds from
the pore water, and ion exchange reactions
between aqueous species and the surfaces of solids.
Biological activity may stir up the sediment (biotur-
bation), and bacteria can bring about chemical
changes, such as the reduction of sulfate to bisulfide
ions. In addition, the presence of certain kinds of
biogenic compounds may inhibit dissolution of
mineral grains by coating their surfaces or enhance
it by adsorbing some of the ions that are released.
The chemical reactions and biological activity take
place in an environment controlled by physical
processes, including the deposition of sediment and
its compaction as well as the flow of pore water in
response to pressure gradients.

The description of these processes can be
approached in three different ways all of which are
useful in the study of diagenesis (Berner, 1980):
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1. Observations regarding changes in the
chemical composition of the pore water
and the sediment with depth and hence
with time,

2. Experimentation in the laboratory or ther-
modynamic calculations both of which
may permit qualitative predictions about
changes that should occur with depth as a
result of diagenesis.

3. A combination of transport mechanisms
(advection and diffusion) and measured
rates of chemical reactions from which a
transport-dependent reaction model of
diagenesis can be developed.

Such a model was presented by Berner (1980)
to describe the growth of a concretion during
diagenesis.

Minerals that precipitate from the pore
water of sediment may either form within the
pore spaces as a cement or replace preexisting
minerals that dissolve. Both processes may cause
the formation of “localized mineral segregations”
called concretions (Berner, 1980, p. 108). The
reactants required to form a mineral cement may
originate by dissolution of other minerals within
the sediment by a process called diagenetic redis-
tribution, or they may be transported to the site
of deposition from distant sources. Similarly, the
ions released by dissolution of the preexisting
minerals may participate in the formation of the
authigenic minerals at the same site (replace-
ment), or they may be transported away.

After nucleation of an authigenic mineral has
occurred, the continued_ growth of crystals
depends on (1) the transport of ions to the surface
of the crystal; (2) surface reactions such as
adsorption, dehydration, and ion exchange; and
(3) removal of the products of chemical reactions.
The rate of growth of the crystals may be con-
trolled by each of the three processes or by com-
binations of them. For the sake of simplicity, we
consider only transport and surface chemistry as
the rate-controlling processes of crystal growth.

In case crystal growth is controlled primarily
by transport mechanisms, the concentrations of
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Table 15.2 Diffusion Coefficients and Activation Energies of lons in Solids at 25°C

Matrix Species D, (25°C) em®/sec E, kcal/imol Direction or composition
Quartz Na LIx1075 20.2 parallel to ¢-axis
Quartz Na 1.8 x 107 41 90° to c-axis
Quartz Ca 14 X 107% 68
Na,Si0, glass ' Na 82x107Y 18.5
K,Si0, glass K A e 17.5
Si0, glass 1% 5 A4 108 11.3
Obsidian H,0 Ldiné 10 13 H,O =0 wt.%
Obsidian H,O 8.0 x 10716 13 H,O =05 wt.%
Obsidian H,0 Lox 107" 13 H,0 = 6.0 wt.%
Feldspar K 1w 19742 68 orthoclase, Ory,
Feldspar Na 2.1 x 1073 53 orthoclase, Org,
Feldspar CAr 3.6 x 107 43.1 orthoclase, Org,
Feldspar 0, 56x107%8 29.6 microcline, Ory,
Feldspar 0, L1x107% 29.6 adularia, Oryg
Feldspar 0, 7.7 %1077 25.6 adularia, Oryg
Feldspar 0, 5.6 x 1075 21.3 albite, Abg; g
Feldspar 0, 8.7 x 1077 26.2 anorthite, Ang,
Mica Ar 1.7 %1079 57.9 phlogopite, 4% annite, P = 2 kbar
Mica Ar 14 x 1072 23.3 phlogopite in vacuum
Zeolite H,0 10701078 heulandite, parallel to structure
Zeolite H,0 1p~H heulandite, perpendicular to structure
Zeolite H,0 71 s T8 Ca-heulandite
Zeolite H,O0 1.3 %1077 Ca-chabazite
Zeolite H,O 20x 107" Na-analcime
Zeolite H,O 1L5x 107" Na-analcime
Zeolite Na 10 %to 107" analcime, chabazite
Zeolite Cs 10741075 analcime, chabazite
Zeolite Ca 4x107% chabazite
Calcite coy 1.4 x 107% 58.0 CaCo; = 99.5% -

MgCO; = 0.5%
FeCO; = trace

SOURCE: Lerman (1979), Table 3.9.

the reactants in the solution adjacent to the crys-
tal are maintained at levels required for equilibri-
um and the crystals grow as rapidly as the
reactants arrive at the surface of the crystal by
advection or diffusion. If the rate of crystal
growth is dominated by surface reactions, then

the concentrations of the reactants in the solution
adjacent to the crystal may be in excess of equi-
librium values and may remain uniform through-
out the aqueous phase. In reality, both processes
may affect the growth rate of crystals in sediment
during diagenesis, but rapid growth of authigenic
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crystals is generally associated with transport-
controlled reactions.

The rate of dissolution of minerals is similar-
ly controlled by the transport mechanism, by sur-
face chemistry, or by a combination of the two. If
dissolution of preexisting minerals and simultane-
ous precipitation of authigenic minerals are both
transport controlled, then a zone of depletion
develops around each growing crystal. In this
process of diagenetic redistribution the thickness
of the depleted zone around each crystal depends
on the abundance of the dissolving mineral in the
sediment and on the radius of the crystal as
required by mass balance. If, on the other hand,
the rate of dissolution and crystal growth are both
entirely controlled by surface processes, then dis-
solution of preexisting minerals is selective—that
is, smaller crystals dissolve faster than larger ones
because they have more surface area—and grow-
ing crystals are surrcunded only by a poorly
defined zone of depletion whose thickness cannot
be predicted by a mass-balance calculation.

Therefore, the presence of a well-defined zone
of depletion in the sediment around a concretion
indicates that it formed as a result of local diagenet-
ic redistribution by a transport-dominated process.
In this case, it is possible to determine how much
time was required for the concretion to form.

We assume that a concretion is forming, as
shown in Figure 15.6, by dissolution of minerals in
the sediment at the outer edge of a spherical zone
of depletion whose width is L and that the trans-
port of reactants to the surface of the concretion
is entirely by diffusion. Under these conditions
Fick’s first law (equation 15.47) applies, and the
flux (F) of reactants arriving on the surface of the
spherical concretion is (Berner, 1980; Nielsen,
1961; Frank 1950):

F. = - % (cq - c,) (15.72)
where ¢ is the molar concentration of the materi-
al in the pore water in equilibrium with the solid
that is dissolving (d) or precipitating (p) in the
zone of depletion and on the surface of the con-
cretion, respectively. Therefore, (¢, — ¢,)/ L is the
concentration gradient across the zone of deple-
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Figure 15.6 Growth of a concretion having a radius
of r, by diagenetic redistribution caused by dissolution
of a mineral in the sediment, diffusion of the resulting
ions to the surface of the concretion, and precipitation
of a new mineral in the pore spaces of the sediment.
The process is assumed to be transport dominated and
therefore causes the formation of a depleted zone hav-
ing a radius of r, and a width L. In addition, V is the
molar volume of the dissolving or precipitating miner-
als, ¢ is the porosity of the sediment, D is the diffusion
coefficient, fis the volume fraction of the dissolving or
precipitating mineral, and Fis the flux of ions to the
surface of the concretion and leaving the outer surface
ol the depleted zone. The model discussed here was
presented by Berner (1980).

tion. We can simplify equation 15.72 by replacing
cq — ¢, by Ac:

Fo 4DAC
£,
The flux due to diffusion is diminished by a factor
¢, which is the porosity of the sediment defined as
the fraction of a unit volume of sediment that
consists of water-filled pore spaces.
The concretion grows as a function of time by
the addition of a certain amount of mass (dM,) to
its surface: '

(15.73)
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aM, ey

—L = - r

dt _

where 47r? is the surface area of the spherical

concretion of radius r, and F, is the flux of mater-

jal being delivered to the surface of the concre-

tion by diffusion  alone. Equation 15.74 is
dimensionally correct because:

(15.74)

4 °F length? X mass _ mass
ir = = —
¢ 7¢  length? X time  time

(15.75)

In addition, the minus sign is required because
dM /dr must remain positive when equation 15.73
is substituted for F, in equation 15.74.

The mass increment (dM) added to the con-
cretion is also given by:

M, = 47r(r)fd

(15.76)

where f, is the volume fl’dC[lOn of the precipitat-
ing materlal in the concretion and V is the molar
volume of the precipitation material. Molar vol-
umes of common minerals are listed in Table 15.3.
The dimensions of equation 15.76 are in terms of
mass because fis a dimensionless number and:

length X length
length?/mass

—( ot mass (15.77)
l
We now substitute equation 15.73 for F,_ and equa-

tion 15.76 for dM,, into equation 15.74. The result is:

4”5’;3(‘;) am(r)on( T )( 5.78)

which reduces to:

dr, ¢VPD(AC)
dt fo \L
Unfortunately, we cannot integrate this equation
because the width (L) of the depleted zone also
increases with time as the concretion grows.
Therefore, we must express L as a function of time
before we can use equation 15.79 to derive a rela-
tionship between the radius of a concretion and
the time required for it to grow to a given size.

The thickness (L) of the zone of depletion
increases with time at a rate that depends on the
rate of growth of the concretion:

(15.79)

Table 15.3 Molar Volumes of Common
Minerals in Sedimentary Rocks

Molar
volume,
Mineral Formula cm’
Troilite (hex.) FeS 18.20
Pyrrhotite (hex.) Feg oS 18.11
Alabandite (cubic) Mn$S 21.457
Pyrite (cubic) FeS, 23.940
Marcasite (orth.) FeS, 24.579
Boehmite (orth.) AlO(OH) 19.535
Diaspore (orth.) AIO(OH) 17.760
Gibbsite (mon.) AI(OH), 31.956
Hematite (hex.) Fe,0, 30.274
Magnetite (cubic) Fe,0, 44.524
Goethite (orth.) a-FeO(OH) 20.82
Manganosite (cubic) MnO 13.221
Pyrolusite (tet.) MnO, 16.61
Bixbyite (cubic) Mn, 04 31.37
Hausmannite (tet.) Mn;0, 46.95
Quartz (@) (hex.) Sio, 22.688
Quartz () (hex.) Si0, 23.718
Cristobalite («) (tet.) Sio, 25.739
Cristobalite (8) (cubic)  SiO, 27.381
Tridymite (8) (hex.) Si0, 27.414
Uraninite {cubic) uo, 24.618
Calcite (hex.) CaCO; 36.934
Aragonite (orth.) CaCO, 34.15
Siderite (hex.) FeCO, 29.378
Magnesite (hex.) MgCO, 28.018
Rhodochrosite (hex.) MnCO, 31.073
Dolomite (hex.) MgCa(CO;), 64.341
Barite (orth.) BaSO, 52.10
Anhydrite (orth.) CaSO0, 45.94
Gypsum (mon.) CaSO, - 2H,0 74.69
SOURCE: Weast et al. (1986).
bl 56 Lk (15.80)

—(; Cdt dt

where the subscripts identify the zone of deple-
tion (d) and the concretion (c) as before and r, is
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the radius of the depleted zone. The mass of the
dissolving material is:
%%=4ﬂ@w;

The rate of dissolution (dM,/dr) in equation 15.81
is a negative quantity because the material is lost
from the system. Therefore, the two minus signs
associated with F and with the loss of material
cancel each other.

The amount of material lost from the zone of
depletion is also expressible by an equation that is
similar to 15.76:

(15.81)

dM, = — %T(rd)zﬁjdrd (15.82)
d

where f is the volume fraction of the dissolving

mineral in the sediment and V, is the molar vol-

ume of the dissolving material. We can now sub-

stitute equation 15.82 for dM, and equation 15.73

for F, in equation 15.81. The result is:

(5 - ~an(r 0[] (158

which reduces to:

iy ST [
O B

Next, we substitute the rate of growth of the con-
cretion (equation 15.79) and the rate of growth of
the depleted zone (equation 15.84) into equa-
tion 15.80, which expresses the rate of change of
the width (L) of the depleted zone:

aL _ ¢V,D ﬁ) B ‘WPD(éE
e fy h. £OAE

(15.84)

)(m%)
which yields:

Equation 15.85 can be integrated in the form:
f LdL = constant Jr dt (15.87)

If L =0 when (=0, the result is {1 = con-
stant X ¢ from which it follows that:
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) /2
L= [quDAc (ﬁ - EHI" (15.88)
i f

We are now able to integrate equation 15.79
and thereby obtain the desired relationship
between the radius of the growing concretion (r,)
and time by substituting equation 15.88 into
equation 15.79. In order to simplify the algebra

we write equation 15.88 as:

L = e (15.89)
and equation 15.79 as:
dr, H
s 15.90
gt L ( )

where G and H are constants defined by equa-
tions 15.88 and 15.79, respectively. Therefore:

(15.91)

By integrating equation 15.91 for the condition
that r, = 0 when ¢ = 0, we obtain:

= (G‘/l) 172 (15.92)

or
T\ G A
- (5) H’ L)

The ratio of the constant G/H* can now be sim-
plified:

G : 2¢pDA(Vy/fy — Vp/.fu)frz) (15.94)
Iz FVIDIAC "
G _2WValfs = V1)1
H $ViDAC
= 2(Vd.f? B Vr’fd)fi-‘ (‘15_95)
¢V, DACS, f,

Next, we assume that the precipitating mineral
fills the available pore spaces in the sediment
(f, = ¢) and that the molar volumes of the dis-
solving and precipitating minerals are approxi-
mately equal (V, = V,):

G - (d’ 7f;s)
H*  V,F,DAc

(15.96)
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Therefore, equation 15.93 becomes:

:rg(qf'*fd): re (f_
2V, fuDAc 2V, DAc \fy

This equation, derived by Berner (1980), is
applicable to the growth of calcite concretions by
dissolution of araggnite crystals disseminated
throughout a body of sediment. If transport of
ions is by diffusion and if D =2 X 107° ecm*/sec,
¢ = f,=0.60, and V (calcite) = V (aragonite) =
35 cm®/mol, then equation 15.97 can be solved for
¢ for selected values of the abundance of aragonite
crystals in the sediment (f). The concentration
gradient (Ac) is the difference in the equilibrium
concentrations of Ca’* or COj™ ions at the sur-
faces of aragonite and calcite crystals. At 25°C this
difference is about 1.0 X 107> mol/kg or 1 x 107
mol/g, based on the solubility product constants in
Table 10.1. Therefore, if the aragonite content of
the sediment is 15% (f, = 0.15), a calcite concre-
tion having a radius of 5.0 cm will form in:

B (5.0)%(0.60/0.15 — 1)
2X35x2x10°x1x1078

= (0.5357 % 10" sec

1) (15.97)

(15.98)
Since 1 yr = 3.155 x 10’ se,

05357 x 104

W =1.7X 106 yr (15.99)

!

We see from this result that a calcite concre-
tion the size of a small cannonball can grow in
~1.7 million years, which is quite fast on a geologi-
cal time scale. In general, the rate of growth of con-
cretions increases with the abundance of the
dissolving mineral in the sediment. The relation-
ship between the radius of a concretion and time,
expressed by equation 15.97, is shown graphically
in Figure 15.7 for the case where the aragonite
content of the sediment is 5, 10, and 20% by vol-
ume (i.e., f; = 0.03, 0.10, and 0.20). The resulting
curves can be used to determine the time when a
particular layer within a concretion was deposited.
Therefore, we can regard carbonate concretions as
geochemical recorders that have preserved a
record of changes in the environment in which
they formed. Concretions can reveal not only the

o
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Figure 15.7 Growth of calcite concretions by disso-
lution of aragonite during diagenesis of sediment con-
taining varying initial concentrations of aragonite (see
equation 15.97 after Berner, 1980). Transport of iot.s is
by diffusion, the concentration gradient across the
zone of depletion is 1 X 10° mol/kg, the diffusion
coefficient D = 2 X 107% cm’/sec, the porosity of the
sediment in the depleted zone is 60%, which is
assumed to be equal to the abundance of calcite in the
concretions, and the molar volumes of calcite and
aragonite are both taken to be 35 cm’/mol. The curves
indicate that the size of calcite concretions that grow
in unit time increases with increasing abundance of
aragonite in the sediment. ’

sequence of geochemical changes but also the
length of the time intervals between them based
on equation 19.97. Since concretions form soon
after deposition of the sedimeént, they can provide - SS88-
a time scale for geochemical events that may have e
affected their mineral compositions, their growth
rate. trace element concentrations, and the isotope -
compositions of O, C, Sr, Pb, and Nd they contain.

LERLE

15.5 Growth of Monomineralic : &
Layers

PR

The sediment that is accumulating in deep-sea
basins and in some lakes becomes anoxic because 3
0, is consumed by organisms and by the oxidation 3
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of organic matter. As a result, the solubility of the
oxides in Fe and Mn increases as the environmental
Eh decreases, as shown in Figures 14.6 and 14.7B.
(The stability of Mn oxides in terms of Eh and pH
is the subject of Problems 7-9 in Chapter 14.)
Therefore, a concentration gradient of Fe?* and
Mn’* ions may develop, which causes these ions to
diffuse upward toward the sediment-water inter-
face. When the ions return to the more oxygenated
environment, they precipitate as oxyhydroxides of
Fe’* and Mn'* because of the decrease in the solu-
bilities of these compounds at the higher Eh (and
pH) conditions in the water above the sediment. As
aresult, a layer of Fe and Mn oxides and hydroxides
accumulates at the sediment-water interface, pro-
vided that the process is not terminated premature-
ly by burial caused by rapid sedimentation. The
dissolution of scattered particles of Fe- and Mn-
bearing minerals and the precipitation of authi-
genic oxides at the sediment-water interface is an
example of diffusion-controlled diagenetic redistri-
bution. The rate of growth of the monomineralic
layer at the sediment—water interface can therefore
be expressed by the equations derived in the pre-
ceding section for the growth of concretions.

The flux (F) at the sediment-water interface
is given by Fick’s first law (Berner, 1980):
B

F=—¢D (15.100)

where ¢4 and ¢, are the concentrations of Fe’*
and Mn”" in the water in equilibrium with the dis-
solving mineral grains (c,) and in equilibrium
with the authigenic minerals at the sediment—
water interface (cp). Since L is the thickness of the
depleted zone shown in Figure 15.8 (¢, — c,)/Lis
the concentration gradient across the depleted
zone. In addition, ¢ is the porosity and D is the
diffusion coefficient defined as in Section 15 4.

In order to constrain the model to the sim-
plest set of circumstances we specify that:

L. The authigenic minerals form within the
oxygenated water on top of the sediment.

2. Transport of ions by advection is negligible.

3. The ions are not adsorbed on the surfaces
of particles in the sediment.
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Figure 15.8 Formation of a layer of minerals at the
sediment-water interface by diffusion of ions such as
Fe’* and Mn®* from the sediment. The ions form by
dissolution of particles in the sediment, which is
anoxic compared to the water above: that is, it has a
lower Eh. The ions precipitate when they reach the
sediment-water interface to form a layer whose
thickness (k) increases with time in accordance with
equation 15.110. The thickness of the depleted laver
(L) also increases with time {equation 15.104).
However, calculations show that a layer of Fe or Mn
oxyhydroxides can accumulate only when the rate of
deposition of detrital sediment is virtually zero.

4. Sediment deposition from above is negli-
gible.
By analogy with equation 15.79, the rate of growth
of the monomineralic layer of thickness # is:
dh VD (g)

15.101
e f, \L (13.101)
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where V; is the molar volume of the precipitating
phase and f, is its volume fraction in the layer.
Similarly, the rate of growth of the zone of deple-
tion is given by equation 15.84 because the mono-
mineralic layer is not expanding into the zone of
depletion but is growing away from it. Therefore:

Ea JET )
di fa \L
Integration of this equation for the case that
L = 0 when ¢ = 0 yields:
VyDAct
12 = (—M L C)
fa

(15.102)

(15.103)

and therefore:

2¢V,DAc
L= [T
™

By substituting equation 15.104 in the form
L = G'Y%'2 into equation 15.101 in the form
dh/dr = H'/L, we obtain:

dh  H'1
d_f - GJI/Z

which we integrate for the condition that 2 = 0
when ¢ = 0. The result is: - :

1/2
) 12 (15.104)

(15.105)

2H |,
k= 72 (15.106)
or
h\ G’

which is similar to equation 15.93. Next, we evalu-
ate the ratio of the constant terms:

& WUy, | 2l (15.108)
H?  fid’ViDNAc)®  fidViDAc ~
It V, =V, we obtain:
G 2/ )
i Js6V DAC (15.109)
and therefore equation 15.107 becomes:
hl 2
T (15.110)

[ = ———
2f, ¢V, DAc

Note that in this case the volume fraction of the
precipitating phase (f,) is not equal to the porosi-
ty (¢) of the underlying sediment because the
layer is forming in the water above the sediment.

Berner (1980) evaluated equation 15.110
for the case that & = 1 cm, f, = 0.2 (flocculant
precipitate), ¢ = 0.8, V, =V, =20 cm’/mol,
D =3 x 107° em?/sec or 100 cm®/yr. According
to equation 15.110, the time required to form a
monomineralic layer of specified thickness
increases with decreasing abundance (f}) of the
dissolving mineral in the sediment and with
decreasing concentration gradient (Ac). If
f;=0002 (02% by volume) and Ac=10""*
mol/kg, equation 15.110 yields:

. (1)%(0.2)%(10%)
2(0.002)(0.8)(20)(100)(107%)

40 x 10*
64

= 62,500 yr (15.111) -

The time required to form such a mono-
mineralic layer is apparently quite long com-
pared to normal sedimentation rates in the
oceans or in lakes. Even on the abyssal plains of
the oceans the sedimentation rate is of the order
of 0.1 cm/1000 yr. Therefore, the layer of derrital
sediment deposited in 62,500 yr is more than six
times thicker than the 1-cm monomineralic layer; 5
thus such a layer cannot form under normal cir-
cumstances in the oceans or in lakes. The exis-
tence of such monomineralic layers of Fe and Mn
oxides in sediment therefore requires either that 3
a period of sediment starvation occurred at the &
site, or that the upward diffusive flux of ions was =
augmented by an advective flux caused by the
movement of water, or both.

The mathematical approach to the study of 3
geochemical processes involving transport of &
reactants in different kinds of environments on
the surface of the Earth is presented in the text- &
books by Berner (1971, 1980) and by Lerman 3
(1979). These books combine elegant mathemati-
cal descriptions of complex geological processes
with analytical measurements and with under-
standing based on thermodynamics. [n this way
we can actually achieve the high level of under-

ki eracs




standing of geochemical processes, which is the
principal objective of the science of geochemistry.
The grandeur of the processes that convert sedi-
ment at the bottom of the oceans into sedimenta-
ry rocks was appreciated more than 100 years ago
by the geologist K. von Giimbel (1888), who
wrote (freely translated):

¥

There is no doubt that magnificent chemical
processes are taking place on the bottom of the
ocean. They explain the partial reconstitution (dia-
genesis) and solidification of sediment by the forma-
tion of cements as exemplified by the marine
deposits of the geologic past. (From a quotation in
Berner, 1980.)

15.6 Summary

Geochemical processes, such as weathering or
diagenesis, consist of sequences of chemical reac-
tions, which are commonly dependent on the
transport of reactants and products. The chemical
reactions themselves involve complex mecha-
nisms, each of which takes place at a characteris-
tic rate. As a result, the rates of geochemical
processes depend both on the rates of the chemi-
cal reactions and on the rates and methods of
transport that contribute reactants and remove
products from the reaction site.
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Geochemical processes can be studied by
three methods. The first consists of analyzing
appropriately chosen samples representing differ-
ent stages or aspects of the process. Second, pre-
dictions about the outcome of geochemical
processes can be made from thermodynamic con-
siderations using various graphical representa-
tions or computations. In the third method, the
entire process may be expressed in the form of
equations that combine information about reac-
tion mechanisms and their rates with appropriate
transport models.

All three methods of study need to be
employed because without analytical data and
without a sense of direction provided by thermo-
dynamics, mathematical modeling of geochemical
processes cannot succeed. However, when done
correctly, mathematical representations of geo-
chemical processes achieve the highest level of
understanding because they provide not only an
explanation of what has already happened, but
also permit predictions of what may happen in
the future.

Geochemistry acquires a special importance
among the sciences because it helps us to under-
stand the world we live in and to make use of
the resources it contains. The understanding we
have of the environment we live in today per-
mits us to anticipate how it may respond in the
future to various anthropogenic perturbations.

Problems

1. Determine the order and write the rate equation
of the reaction between ammonium ion and nitrite ion
in aqueous solution at 30°C based on the following
information about the initial rates of this reaction
(Brown, 1968).

NHj + NO; - N, + 2H,0
The concentration of NH} is kept constant so that

the initial rates of the reaction depend only on the con-
centration of the nitrite ion.

[nitial rate,

Concentration of NO5
-1

mol/L mol L1 sec
2.4 107 18 x 1078
49 % 107° 33%x 1078
10.0 x 1073 65 % 107°
249 x 1077 156 x 107%
507 x 1073 338 % 1078
94.0 x 1073 643 x 1073

(Answer:n = 1)
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2. The decomposition of gaseous nitrogen pentox-
ide (N,O;) is a first-order reaction where the concen-
tration of N,O; remaining is measurable by its pressure
(Moore, 1955). Given the data below, determine the
rate constant of this reaction.

Pressure of N,Os, mm Time, sec
348.4 0
247 600
185 1200
140 1800
105 2400
78 3000
58 3600
44 4200
33 4800
24 5400
18 6000
10 7200
5 8400
3 9600

3. Calculate the reaction half-life of the decomposi-
tion of N,O; based on the data in Problem 2.

4. The rate constants for the formation of hydrogen
iodide (H, + I,—2 HI) vary with temperature in the
following manner (Moore, 1955).

k, sec™! T.°C
316.2 473
100 441
31.6 412
14.1 394
3.16 362
2.20 352
0.316 320
0.251 als
0.0354 282

Determine the activation energy ( £,) of this reaction.

5. A major artesian aquifer in Florida has a vertical
drop of 10 m over a map distance of 100 km. The
hydraulic conductivity of -this aquifer is K=
10~ cm/sec (Lerman, 1979).

(a) Calculate the rate of flow of water in this
aquifer in centimeters per year.

(b) Calculate the residence time of water in this
aquifer, that is, the time required for a “particle” of
water to traverse the entire aquifer. F

6. The chloride concentrations of Lake Vanda, Wright
Valley, southern Victoria Land, Antarctica, varies with
depth as shown below (Green and Canfield, 1984).

Depth, m Cl~, mmol/L
5 8.26
15 10.04
23 13.91
33 14.39
45 29.34
48 43.72
51 231.88
54 496.5
37 846.26
60 1390.7
65 1900.2
67 2268.0

[nterpret these data as in Figure 15.5 to determine the
age of the dilute layer, assuming that D = 17.1 X
107¢ em?/sec for C1™ at 18°C.

7. Calculate the time required for a calcite concre;
tion to grow by dissolution of disseminated aragonite
and diffusion of the resulting Ca** ions at 10°C, based
on the following information. The radius of the conere-
tion is 80 cm. the diffusion coefficient of Ca’" is
5.4 % 1075 cm?/sec, the porosity of the sediment is 0.75,
the volume fraction of aragonite in the sediment is0.15,
the difference in equilibrium concentration of Ca*" n
the pore water on the surfaces of calcite and aragonite
crystalsis 2.0 X 107 mol/kg, the molar volume of calcite
is 36.934 cm®/mol. and the volume fraction of the authi-
genic calcite is equal to the porosity of the sediment.

" (Answer: 1.0 x 10°yr)

8. What is the width of the depleted zone around the
concretion described in Problem 7?7 Obtain the molar

volume of aragonite from Table 15.3. ;
(Answer: 30 cm);

9. Calculate the time required for a siderite concre-,
tion to grow and the width of the depleted zone around
it given the following information: r, = 50 cm;
Ac=24x10"7 mol/g, &=f,=085 D (Fe*™) =
7.2 % 10°° em®/sec, Vy = V,, = 30 cm’/mol. fg = 0.30.

(Answer: ¢ = 2.5 X 10°yr, L = 120 cm);
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ISOTOPE GEOCHEMISTRY
AND MIXING

The decay of long-lived radioactive isotopes of certain elements generates heat in
the crust and mantle of the Earth and enables us to measure the ages of rocks and min-
erals. In addition, the fractionation of the stable isotopes of certain elements of low
atomic number provides useful information about processes occurring in the hydros-
phere, biosphere, and lithosphere. The isotope compositions of certain elements and
the chemical compositions of water and rocks are also being altered by mixing of two,
three, or more components. The chapters in Part IV deal with all of these subjects
because they are important aspects of geochemistry.
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[sotopic

Geochronometers

The discovery of the radioactivity of uranium
salts by Henry Becquerel in 1896 started a revo-
lution in physics. Important advances soon
resulted from the pioneering work of Maric
Sklodowska-Curie and her husband Pierre in
Paris and by the studies of Ernest Rutherford
and Frederick Soddy in Montreal. By 1902
radioactivity was recognized as a process associ-
ated with several elements, some of which were
newly discovered. It was also recognized that
the process results in the emission of alpha and
beta particles and of gamma radiation. The rate
of emission is proportional to the number of
radioactive atoms remaining and therefore
decreases exponentially with time. These are
the roots of atomic physics that, in the course of
the 20th century, led to nuclear physics and to
the inquiry into the most primitive forms of
matter (Romer, 1971).

The importance of radioactivity to geology
became apparent after Curie and Laborde
(1903) reported that radioactivity is an exother-
mic process. This fact invalidated Lord Kelvin’s
calculations of the age of the Earth, which were
based on the assumption that the Earth had
cooled from its original molten state and does
not have a source of heat of its own (Burchfield,
1975). By 1905 Rutherford was using the amount
of He (alpha particles) in U ore to calculate geo-
logic ages of the order of 500 million vears, which
were far in excess of Lord Kelvin's estimates of
the age of the Earth (Rutherford, 1906; Thomson,
1899). The rest, as they say, is history. In 1909
John Joly summarized his measurements of the
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radioactivity of rocks in a small book in which he -
also calculated the resulting rate of heat produc- -

tion. In 1911 Arthur Holmes published the first
of his many papers on the dating of rocks based
on the decay of U to Pb, In 1913 he published a
book entitled The Age of the Earth, which con-
tained the first geologic time scale based on age
determinations of rocks and minerals.

These are the beginnings of a new discipline
in the Earth Sciences called Isorope Geology,
which seeks to use natural variations in the abun-
dances of the isotopes of certain elements to
study geological processes. The growth of this dis-
cipline has been closely linked to the design and
subsequent improvement of analytical equip-
ment, such as mass spectrometers and sensitive
detectors of ionizing radiation. The entire subject
has been presented in a textbook by Faure (1986).
In addition, many earth science journals now
publish papers based on or containing informa-
tion derived from isotopic data. For this reason,
we will briefly review the principles of isotope
geology so that we can refer to them later as we
take up different topics in geochemistry.

16.1 Decay Modes

The nucleosynthesis process in the ancestral stars

(Chapter 2) produced more than 2200 nuclides,
most of which were unstable and decomposed
spontaneously in a short time. Only those

nuclides that are stable or decay slowly have sur- &
vived to the present. In addition, certain short-




lived radioactive nuclides (radionuclides) exist
naturally because:

1. They are the short-lived daughters of U
and Th, both of which consist of long-lived
radioactive isotopes.

2. They are produced by nuclear reactions
between cosmic rays and atoms in the
atmosphere, as well as in rocks exposed at
the surface.

A third group of radionuclides now exists on
the Earth because of nuclear reactions caused by
humans. The reactions consist primarily of induced
fission of U in nuclear reactors, but also include
the detonation of fission and fusion devices in the
atmosphere and in the subsurface. The anthro-
pogenic radioactive contaminants produced by
these activities include a very large number of
radionuclides: jH (tritium), '¢C,53Sr, "51, 31Cs,
and many others. The containment of this radioac-
tive waste has become a serious problem in environ-
mental geochemistry to be discussed in Chapter 24.

The large number of nuclides, whether stable
or unstable, can be accommodated on a diagram
called the chart of the nuclides (Chapter 2). This
diagram is a plot of the atomic number (Z) versus
the neutron number (N) and consists of squares,
each of which is identified by the values of its N
and Z coordinates. Figure 16.1 is such a chart for
elements of low atomic number starting with
hydrogen.The stable isotopes of each element are
shaded and form a band that extends diagonally
across the diagram. The short-lived radioactive
isotopes are unshaded and form horizontal rows
on either side of the stable isotopes. The ratio of
neutrons to protons of the stable isotopes is
approximately equal to one, but rises to three
with increasing atomic number. The unstable iso-
topes of each element that lie to the left of the sta-
ble isotopes are deficient in neutrons, whereas
those on the right side of the band of stable iso-
topes have an excess of neutrons. The existence of
an excess or deficiency of neutrons in the nuclei of
unstable atoms is reflected in the way they decay.

The phenomenon known to us as radioactivity
consists of spontancous nuclear transformations
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that change the number of protons and neutrons in
the nucleus. The process continues until a stable
daughter is produced whose values of Z and N
place it within the band of stable nuclides. The
transformations are accompanied by the emission
of alpha and beta particles and of gamma rays from
the nucleus. Some isotopes of the light elements in
Figure 16.1 actually disintegrate into alpha particles
or emit protons or neutrons. Most radionuclides
undergo beta decay, a much smaller number are
subject to alpha decay, and a few of the heaviest iso-
topes decay by spontaneous nuclear fission.

a. Beta Decay

Beta decay can take place in three different ways,
depending on whether the radionuclide has an
excess or deficiency of neutrons. Radionuclides
having an excess of neutrons emit a negatively
charged beta particle from the nucleus. This has
the effect of reducing the number of neutrons and
increasing the number of protons:

(16.1)

where B is a negatively charged beta particle,
which is identical to an extranuclear electron, and
7 is an antineutrino. The decay energy takes the
form of kinetic energies of the beta particle and
the antineutrino. The kinetic energy of the beta
particle is complementary to that of the associat-
ed antineutrino, such that their sum is equal to the
total decay energy. The product nuclide is the 1so-
tope of a different element because its atomic
number differs from that of the parent. The nucle-
us of the product nuclide may have excess energy,
which is emitted in the form of a gamma ray hav-
ing a discrete energy. In some cases, the product
nuclide may have two or more different excited
states, which enables it to emit several gamma
rays. If the product nuclide is unstable, it decays to
form a second daughter by emitting another g~
particle, and so on, until at last a stable nuclide is
formed. Each of the radionuclides in such a decay
series emits B~ particles and antineutrinos with
complementary kinetic energies equal to the total
decay energy. In addition, each transition from
one successive daughter to the next may be

neutron — proton + 8~ + v
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Figure 16.1 A segment of the chart of the nuclides. The stable isotopes of the elements are shaded and form a
diagonal band across the diagram. The unstable isotopes are unshaded. Tritium (*H) and "C are unstable but occur
naturally because they are produced continuously in the atmosphere by cosmic rays Nuclides having an excess of
neutrons decay by 8~ emission, whereas those with a deficiency of neutrons decay by 87 emission or electron (e)
capture. Some of the nuclides disintegrate into one or two alpha particles (@), neutrons (n), and protons (p).

accompanied by the emission of gamma rays. The
energies of the g particles and the gamma rays
arc dissipated by collisions with neighboring
atoms and electrons and are thereby converted
into thermal energy. The antineutrinos interact
sparingly with matter and carry their kinetic ener-
gies with them into the universe. Their ultimate
fate 1s still unknown.

Radionuclides located on the left side of the
band of stable nuclides in Figure 16.1 are deficient
in neutrons and decay by position emission (8”)
or by electron capture. These forms of beta decay
increase the number of neutrons and decrease the

number of protons. In positron decay a proton is -
converted into a neutron by the transformation:

proton — neutron + 8° + v (16.2)
The same result is achieved when the nucleus cap-
tures an extranuclear electron:

proton + ¢~ — neutron + v (16.3) 4
The positrons cmitted by the nucleus are slowed .
by collisions until they come to rest next to an ¢
electron. Both are then annihilated in the mat-
ter-antimatter reaction, which converts their rest @



masses into two gamma rays with a combined
energy of 1.02 million electron volts (MeV). The
neutrinos produced during positron decay have a
range of kinetic energies complementary to those
of the positrons, whereas those emitted during
electron-capture decay are monoenergetic. Both
escape into the uqiverse and carry their energy
with them.

A few radionuclides can decay by all three
kinds of beta decay and, therefore, give rise to two
different daughter products. For example, {JK
decays by positron decay and electron capture to
stable {SAr and also decays by 8~ (negatron)
decay to stable 50Ca. Such branched decay also
occurs among the unstable daughters of U and
Th, some of which can decay both by 8~ emission
and by alpha decay.

b. Alpha Decay

Since the aloha particle is composed of two pro-
tons and two neutrons, it is identical to the nucle-
us of jHe. The emission of an alpha particle
lowers both the proton number and the neutron
number of the product nucleus by two:

4P > 43D + iHe + Q

where P is the parent nuclide, D is the daughter,
and Q is the total decay energy. Alpha decay may
be followed by emission of gamma rays, which
reduces the product nucleus to the ground state.
Some of the kinetic energy of the alpha particles
is imparted to the product nucleus as recoil ener-
gy, which may displace the nucleus from its posi-
tion in the crystal lattice. The alpha particles are
slowed by collisions and their energies are there-
by converted into heat. These collisions also cause
radiation damage in crystals containing alpha
emitters.

Alpha decay is available to a large group of
radionuclides having atomic numbers >58 and to
a few nuclides of low atomic number, including
He, 3Li, {Be, and others shown in Figure 16.1.
The naturally occurring radioactive isotopes of U
(*;U and %35U) and Th (3Th) decay to stable iso-
topes of Pb through series of short-lived radioac-
tive daughters that form chains linked by alpha

and beta decays. The decay chain of 25U is illus-

(16.4)
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trated in Figure 16.2. It contains 18 intermediate
nuclides, all of which ultimately form stable 25Pb,
regardless of the sequence of decay events. The
isotopes 33U and %Th each give rise to decay
chains ending with 23JPb and 233Pb, respectively.
All of the intermediate daughters of U and Th
are short-lived radioactive nuclides that occur in
the solar system only because they are continuous-
ly produced by decay of their long-lived parents.
Some chemical elements including Po, At, Rn, Ra,
and Pa occur only because their isotopes are mem-
bers of these decay chains. The occurrence of Rn
can be a hazard when it is inhaled since the alpha

particles it emits can damage lung tissue.

¢. Nuclear Fission

Some of the isotopes of U and of the transurani-
um elements decay by spontaneous fission. In
this process the nucleus breaks into two frag-
ments of unequal weight, which form the nuclei
of two fission-product nuclides. These nuclides
have an excess of neutrons, and therefore decay
by emitting 8~ particles and gamma rays until a
stable nuclide is produced. Spontaneous fission
liberates large amounts of energy and results in
the emission of neutrons, alpha particles, and
other fragments of nuclear material. The large
amount of energy liberated by the spontaneous
fission of *3U in U-bearing minerals causes
damage in the form of tracks about 10 um in
length. The tracks can be made visible by etch-
ing, so that they can be counted with a micro-
scope, and are used to determine the ages and
thermal histories of U-bearing minerals. The
resulting fission-track method of dating has been
described by Faure (1986).

Nuclear fission can also be induced when the
nuclei of certain isotopes of U and Pu (plutoni-
um) absorb neutrons or other nuclear particles.
Induced fission of *;U results in the release of
neutrons, which can cause additional nuclei of
233U to fission in a self-sustaining chain reaction
that can liberate very large amounts of energy. In
nuclear fission reactors such a chain reaction is
maintained under controlled conditions and the
heat generated by the reaction is used to generate
electricity by means of conventional generators.
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The fission products accumulate in the fuel rods,
which must be replaced when most of the *3,U has
been consumed. The spent fuel rods are extreme-
ly radioactive because of the emission of 8~ parti-
cles and gamma rays by the fission-product
nuclides and their radioactive daughters. In addi-
tion, the spent fuel rods contain isotopes of Np
(neptumum) and Pu (plutonium), that form from
23U by neutron capture and subsequent beta
decay leading to the formation of %;Pu and %})Pu.
These isotopes are fissionable and are used in the
manufacture of nuclear weapons. Plutonium is
also poisonous, and its dispersal creates an envi-
ronmental health hazard (Chapter 24).

16.2

The law of radioactivity was discovered by
Rutherford and Soddy (1902) and is expressed by
the statement that the rate of decay of a radioac-
tive nuclide is proportional to the number of
atoms of that nuclide remaining at any time. If N
is the number of atoms remaining, then:

Law of Radioactivity

~dN

= AN 2
o (16.5)

where A is a proportionality constant known as
the decay constant and the minus sign indicates
that the rate of decay decreases with time. By
integrating, we obtain:

InN=-\+C (16.6)

where In is the logarithm to the base e and C is the
constant of integration. When r =0, C = In N,
where N is the number of radioactive atoms at
t = (). Therefore, the integrated form of the equa-
tion is:

InN = -\ + InN, (16.7)
N

In (—) = -\t (16.8)
Ny,

N = Nge™ (16.9)

It is convenient to define the half-life (T ,) as
the time required for one half of a given number of
radioactive atoms to decay. Therefore, if ¢ = T,
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then N = N,/2. Substituting into equation 16.9,
we obtain:

N,

—2—0 = Nag 4T (16.10)

In2 = AT, (16.12)
In2

Tip =" (16.13)

Every radionuclide has a characteristic decay
constant that must be determined experimentally.
This can be done by measuring its rate of decay at
intervals over a period of time and by plotting the
resulting decay curve. According to equation 16.5,
the rate of disintegration (A) is equal to AN.
Therefore, we can restate the law of radioactivity
in terms of disintegration rates by multiplying
both sides of equation 16.9 by A:

AN = ANge™ (16.14)
Since A = AN, we obtain:
A= Age™ (16.15)
Taking logarithms to the base e gives:
InA=InA;, — A& (16.16)

Equation 16.16 is the equation of a straight line
in the slope-intercept form where In A, is the
intercept on the ordinate and —A is the slope.
Evidently, the decay constant of a radionuclide
can be determined from the slope of the
straight line fitted to measurements of the dis-
integration rate at known mtervals of time. The
decay curve can also be plotted in terms of the
number of radionuclides remaining (N) versus
time measured in multiples of the half-life.
Both forms of the decay curve are illustrated in
Figure 16.3.

If the decay of a radionuclide gives rise to a
stable daughter nuclide, we can say that the num-
ber of radiogenic daughter nuclides (D*) that have
accumulated at any time is equal to the number of
parent nuclides that have decayed. Therefore,

D*=N,— N (16.17)
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where N, is the number of parent atoms at t = 0
and N is the number of parent atoms remaining at
any time t. Substituting equation 16.9 yields:

D* =N, — Ne™ (16.18)

lives have elapsed.

D* = N(1 — eV (16.19) §

Equation 16.19 is the growth curve in Figure 16.3B,
which relates the number of radiogenic daughters
to the time that has elapsed and to the number of 3




parent atoms that were present initially when r was
equal to zero. Notice that the decay curve of the
parent and the growth curve of the stable daughter
are complementary. This condition arises from
equation 16.17, which is based on the assumption
that the numbers of parent and daughter atoms
change only as a result of decay and that no daugh-
ter or parent atoms are gained or lost by any other
process.

The relationship between the radiogenic
daughter and remaining parent atoms can also be
expressed by replacing N, in equation 16.17 by:

N, = Ne'* (16.20)

which we obtain from equation 16.9. Hence:

D* = Ne* — N (16.21)
D* = N(e™ - 1) (16.22)
This is a2 more useful relationship than

equation 16.19 because it relates the number of
radiogenic daughter atoms (D*) to the number
of parent atoms (N) remaining, where both are
measurable quantities. Therefore, equation 16.22
is the geochronometry equation used to deter-
mine the age of a mineral or rock that contains a
long-lived naturally occurring radionuclide. The
total number of radiogenic daughters (D) per
unit weight of rock or mineral is:

D =Dy + D* (16.23)
where D is the number of daughters that entered
a unit weight of mineral or rock at the time of its
formation and D* is the number of radiogenic
daughters that formed by decay of the parent in
the same unit weight of mineral or rock. A com-
plete description of the number of daughter
atoms is obtained by combining equations 16.22
and 16.23:

D =D, + NV - 1) (16.24)
Notice again that D and N are measurable quan-
tities expressed in terms of numbers of atoms per
unit weight of mineral or rock, Dy is the number
of daughters present initially, and ¢ is the time
elapsed since a sample of mineral or rock came
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into existence. In other words, 7 is the age of the
mineral or rock provided D and N changed only
because of decay of the parent to the radiogenic
daughter D*.

In order to date a rock or mineral by means
of equation 16.24, the measured concentrations of
the parent and daughter elements must be recal-
culated into numbers of atoms of the appropriate
isotopes by converting weights to numbers of
moles and by using Avogadro’s number and the
abundances of the appropriate isotopes. These
matters were discussed in Sections 6.3 and 6.4,
However, in order to solve equation 16.24 for r we
must also know the decay constant A and the
value of D, The decay constants of the radionu-
clides have been measured and accurate values
are available for most of them. However, how do
we determine the value of D,?

The number of daughter atoms present ini-
tially is determined in one of two ways. The least
desirable but simplest method is to assume a
value whose magnitude depends on the particu-
lar decay scheme and on the circumstances. For
example, in the K-Ar method of dating we may
assume that Dy = 0 because Ar is a noble gas
that is not likely to enter K-bearing minerals
crystallizing from a magma. In the Rb-Sr
method we may select a value for D, based on
the assumption that the Sr originated from the
mantle of the Earth and had an isotopic compo-
sition similar to that of Sr in midocean ridge
basalt (MORB). The error caused by this
assumption depends on the magnitude of the
term N(e™ — 1) in equation 16.24. If that term is
much larger than D, then the calculated date is
not sensitive to the choice of D. Therefore, as a
rule, old Rb-rich minerals such as muscovite or
biotite can be reliably dated using an assumed
value of D,

The preferred procedure is based on the
analysis of several samples from the same body of
rock such that all samples have the same age (1)
and the same initial daughter content (D). For
such a suite of samples D, and ¢ are constants and
equation 16.24 is a straight line in coordinates of
D and N. This straight line is called an isochron
because it is the locus of all points representing
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mineral or rock samples that have the same age
(1) and the same initial abundance of the daughter
nuclide (D,). The slope and intercept of the
isochron are determined by the least-squares
method using the analytical data from at least
three cogenetic samples. The slope (m) of the
isochron is related to the common age of the suite
of cogenetic samples by:

(16.25)

m=eV —1

and the age ¢ is:

1
# = Xln(m +1) (16.26)
The date so calculated is the age of the rocks, pro-
vided the assumptions implied by the calculation
are actually satisfied:

L. The number of parent and daughter atoms
per unit weight of mineral or rock changed
only by decay of the parent to the daughter.

2. The isotopic composition of the parent ele-
ment was not altered by fractionation of
isotopes at the time of formation of the
mineral.

Table 16.1 Physical Constants Required for Dating Based on Naturally Occurring

Long-Lived Radioactive Nuclides

3. The decay constant of the parent is known
accurately.

4. The isochron is not a mixing line.

5. The analytical data are accurate.

The units of time used in geochronology are
years (a), thousands of years (ka), millions of
years (Ma), or billions of years (Ga). In the ideal
case described by these assumptions, the
isochron technique yields not only the age of
the samples but also indicates the abundance of
the daughter isotope at the time of their forma-
tion (D). This value is of great interest because
it contains information about the previous his-
tory of the daughter element before it was
incorporated into the rocks in which it now
resides (Dickin, 1995).

16.3 Methods of Dating

The Earth contains several naturally occurring
long-lived radioactive isotopes, which are being
used for dating by the methods outlined above. The
parents and their daughters are listed in Table 16.1,

Lin® A2 Isotopic abundance
Parent Daughter a a™! of parent, %
K Ar 1.19 x 10" 0.581 x 1071 0.01167
UK W4 1.40 x 10 4.962 X 1071 0.01167
il “Ar + ¥Ca 1.250 x 10° 5543 x 107" 0.01167
Y Rb $sr 48.8 x 10’ 142 %107 27.8346
HSm 43Nd 1.06 x 10" 0.654 X 1071 15.0
g U7 138 Ce 2.70 x 10" 257 x 10741 0.09
la 13882 , 1.51 x 10" 459 x 10 ° 0.09
6 18Ce + 'Ba 96.8 x 10° 7.16 X 1074 0.09
o UCHS 35.7 x 10° 1.94 x 1071 2.600
¥7Re W0 45.6 % 10° 1.52 % 107 M 62.602
2 2Ph - 4.468 % 10° 1.55125 x 10710 99.2743
v =14 P 0.7038 x 10’ 0.8485 x 1071 0.7200
RITh “BPb 14.010 x 10" 4.9475 x 107! 100.00

*a = year, derived from Latin word annum.




which also contains information about their decay
constants, half-lives, and relevant isotopic abun-
dances (Steiger and Jéger, 1977). Each method is
applicable to those minerals and rocks that contain
the parent element in significant concentrations
and that retain the parent and daughter isotopes
quantitatively. The, applicability of the different
dating methods is therefore governed, at least in
part, by geochemical considerations.

a. The K-Ar Method

The positron and electron capture decay of
radioactive {gK to stable {SAr in K-bearing miner-
als causes the abundance of the radiogenic daugh-
ter to increase as a function of time in accordance
with equation 16.24:

OAr = VAL + (/\fi) “K(eM - 1) (16.27)

where “Ar and “K are the numbers of atoms of
these isotopes per unit sample weight, A, is the
decay constant for electron capture and
positron decay (A, = 0.581 X 107" a™!), and A is
the total decay constant of K (A = 5.543 x 101°
a ). Note that ®Ar, = 0 and that the factor A,/A
1s needed to identify the fraction of *°K atoms that
decay to PAr.

The decay of 1)K to *Ca by B~ decay having
a decay constant A, is expressed by a complemen-
tary equation:

A
“Ca = *Ca, + (7’3) YK(eM — 1) (16.28)

- This method of dating is rarely used because *°Ca
is the most abundant isotope of Ca (96.94%) and
because its isotopic composition is difficult to
measure by mass spectrometry.

The K-Ar method is widely used to date
K-bearing minerals that retain **Ar quantitatively
such as muscovite, biotite, and hornblende in
igneous and metamorphic rocks. The dates calcu-
lated from equation 16.27 represent the time
clapsed since the mineral being dated cooled
through its blocking temperature below which
“Ar is quantitatively retained. Therefore, K—Ar
dates of slowly cooled minerals underestimate
their ages. The K-Ar method has also been used

16.3  METHODS OF DATING 285

to date authigenic glauconite and illite in sedi-
mentary rocks (Section 13.6) as well as whole-
rock samples of glassy basalt. However, such
applications require very careful selection of sam-
ples and are certainly not routine.

The “Ar/*Ar method is a variation of the
K-Ar method in which stable $3K is partially con-
verted to unstable but long-lived JAr
(T, = 269 a) by irradiating the sample with neu-
trons in a nuclear reactor. The sample is then heat-
ed stepwise and the “’Ar/**Ar ratio of Ar, released
at each step, is used to calculate a date. The result-
ing spectrum of dates provides information about
the cooling age of the sample as well as about the
distribution of K and Ar within the mineral grains
(Dalrymple and Lanphere, 1969).

b. The Rb-Sr Method

The B~ decay of naturally occurring $7Rb to sta-
ble §{Sr is the basis for the Rb-Sr method of dat-
ing. The geochronometry equation is written in
terms of the isotopic ratio ¥'Sr/**Sr, which is con-
veniently measured by mass spectrometry:

87 87 87
Sr«( Sr) oD (M 1) (16.29)
0

Hay 863 86Sr

The Rb-Sr method is used to date Rb-rich miner-
als such as muscovite, biotite, and K-feldspar in
igneous and metamorphic rocks based on
assumed values of the initial ¥Sr/*®Sr ratio, that
is, 0.704 = 0.001, which is representative of Sr in
the source regions of oceanic basalt. The resulting
dates may indicate the time elapsed since the
minerals cooled through their respective blocking
temperatures for radiogenic *’Sr, which lie above
those for radiogenic “*Ar. Therefore, Rb-Sr dates
of slowly cooled minerals tend to be older than
their K-Ar dates and are better estimates of their
crystallization ages.

The Rb-Sr method is most often used to date
suites of cogenetic igneous and high-grade meta-
morphic rocks by means of the isochron tech-
nique illustrated in Figure 16.4. Whole-rock
samples of igneous and metamorphic rocks may
retain Rb and Sr quantitatively even though radi-
ogenic ¥Sr may have been redistributed among
their constituent minerals by diffusion during
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Figure 16.4 Rb-Sr isochron diagram for three whole-rock samples of igneous rocks (R1, R2, and R3)
and two minerals (M1 and M2) of rock R3.The two axes in this diagram have equal scale to enhance the
clarity of this illustration. Initially, all rock and mineral samples lie on isochron A1, which has a slope of
zero and an intercept equal to b,. As time passes, all rocks and minerals on Al move along straight lines
indicated by arrows and, at some time after crystallization, they form isochron A2. The slope of A2 is a
measure of the amount of time that has passed since crystallization, but the intercept is still at b.. The iso-
topic compositions of Sr in minerals M1 and M2 are changed at this time by diffusion of radiogenic *'Sr
caused by thermal metamorphism so that both minerals and R3 have the same ¥Sr/*Sr ratio equal to b,
at the end of this episode. As a result, the rock R3 and its constituent minerals M1 and M2 now lie on
isochron B1, but rock R3 also lies on isochron A2. After the passage of additional time, the whole-rock
samples form isochron A3 whose slope is a function of the time elapsed since crystallization and whose
intercept is still equal to b,. However, minerals M1 and M2 now form isochron B2 whose slope is less than
that of isochron A3 and measures the time elapsed since their isotopic reequilibration. The intercept of
isochron B2 at b, is greater than b, because it is the ¥’Sr/*Sr ratio of R3 and its constituent minerals after
isotopic reequilibration. This hypothetical example suggests that whole-rock Rb-Sr isochrons can vield the
crystallization age of igneous and high-grade metamorphic rocks, whereas their constituent minerals form
isochrons that indicate the time elapsed since the last episode of isotopic reequilibration.
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thermal metamorphism. The date derived from
the slope of a whole-rock isochron is therefore
regarded as a reliable indicator of the crystalliza-
tion age of igneous and metamorphic rocks. The
intercept is the initial ¥’Sr/*Sr ratio, which
reflects the geochemical history of the Sr before it
was incorporated |into the rocks that form the
isochron. The initial ¥Sr/%Sr is, therefore, an
important parameter for the study of the petroge-
nesis of igneous rocks and of the geochemical dif-
ferentiation of the continental crust from the
underlying mantle (Faure and Powell, 1972).

c. The Sm-Nd, La—Ce, and Lu-Hf
Methods
These rare earth geochronometers are useful for
dating Ca-rich igneous and high-grade metamor-
phic rocks of Precambrian age. The relevant equa-
tions (equations 16.30-16.32), follow directly
from equation 16.24 and are written in terms of
isotopic ratios:

1-13Nd 143Nd 147Sln

NG (144Nd)0 + NG (e™~1) (16.30)
1380 138Ce AN g [

HCe (ﬂ‘oEg)O o (f)mnce (¥ — 1) (16.31)
176Hf i?éHf l?ﬁLu

TTHE (‘”Hf)o e Y (16.32)

All three methods are used to construct isochrons
by analysis of suites of cogenetic mafic or even
ultramafic rocks. These geochronometers can be
used to date rocks that are not datable by the K-Ar
and Rb-Sr methods. In addition, the initial isotope
ratios are important for studies of the petrogenesis
of igneous rocks and of crustal evolution.

d. The Re-Os Method

The Re-Os method has become easier to use
because of improvements in the isotopic analysis
of Os (Creaser et al., 1991). The average concen-
trations of Re and Os in rocks are very low and
amount to only fractions of parts per billion. Both
elements are siderophile and are strongly concen-
trated in the Fe-Ni phases of meteorites. In addi-
tion, Re occurs in molybdenite (MoS,), whereas
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Os 1s concentrated with other Pt-group metals in
the naturally occurring alloy osmiridium.
The geochronometry equation takes the form:

18?05 B (IS?OS) . 187]{e
186OS 18605 i ISGOS

It is used to construct isochrons for dating of
meteorites, ultramafic rocks, and molybdenite-
bearing ore samples. An advantage of the Re-Os
decay scheme is that crustal rocks have high
Re/Os ratios. For example, the average Re/Os
ratio of tholeiite basalts is 28 and that of granites
is about 10. This means that crustal rocks of
Precambrian age have high Q0s/'®0s ratios,
which is useful to igneous petrologists who study
the contamination of basalt magma by assimila-
tion of crustal rocks.

e. The U, Th-Pb Methods

The decay of **U, **U, and *Th runs through sep-
arate series of intermediate radioactive daughters
to stable isotopes of Pb. These decay chains can
achieve a condition of secular equilibrium when
the rates of decay of the parents are imposed on
all of their intermediate daughters. Under these
conditions the geochronometry equations are:

(e* — 1)(16.33)

206Pb 206Pb 238U )

WPy (”“Pb)[, tappe D (1634)
gk PRy | S )
Wipy, ~ (me)o t gy @ 1) (16.39)
Z(iSPb ZUSPb EEZTh

Wipp (2‘“%)0 t g (€0 =D (1636)

The three decay schemes can yield three inde-
pendent age determinations of minerals or rocks
containing both U and Th, provided they did not
gain or lose U, Th, or Pb after the date of their
formation. In most cases, however, the dates indi-
cated by these geochronometers do nor agree
with each other and are said to be discordant.
Most commonly, the discordance results from
loss of Pb or of intermediate daughters. The loss
of daughter nuclides from U, Th-bearing minerals
is caused in part by the radiation damage result-
ing from the energy released during alpha decay.
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In such cases, a fourth date can be calculated by
combining equations 16.34 and 16.35 for the
U-Pb geochronometers:

207Pb '2(}7Pb
2W4py, B (204Pb)0 235U[6A2r —1
Zt}ﬁpb (Zﬂépb) = 238U\€AII s
—
0

) (16.37)

204py, - 204pyp,

This equation represents a family of straight
lines in coordinates of *’Pb/**Pb (y) and
2Ph/*™Pb (x) that intersect in a point whose
coordinates are the initial ’Pb/*™Pb and
206ph /29Ph ratios. Therefore, the left side of
equation 16.37 is the slope of these straight lines,
which are known as Pb-Pb isochrons:

2(]7Pb (207Pb)
0

204pp, - 204pp, 207pp \ .
206pp, 206pp = (206 Pb) = slope (16.38)
W4py, - (2o4pb)u

where the asterisk (*) indicates that the slope of
the Pb-Pb isochrons is the ratio of the radiogenic
Pb isotopes. Equation 16.37 relates the ratio of
the radiogenic Pb isotopes to the age ¢ of the rock
or mineral based only on the isotopic composition
of Pb. However, the equation is transcendental
and cannot be solved for t by ordinary algebraic
methods. Solutions can be obtained most conve-
niently by interpolating in a table of calculated
(*"Pb/*™Pb)* ratios and ¢ (Faure, 1986, Table 18.3,
p-290). In cases where equations 16.34-16.36 yield
discordant dates, the 207/206 date derived from
equation 16.37 is commonly older than the U-Pb
and Th-Pb dates because the Pb-Pb date is not
alfected by recent Pb loss that does not change the
isotopic composition of the remaining Pb.
Although the number of known U- and
Th-bearing minerals is very large, only a few are
suitable for dating by the U, Th-Pb methods
because they retain radiogenic Pb and because
they are comunon. Zircon (ZrSiO,) meets these
criteria better than all other minerals, although
monazite (rare earth phosphate) and apatite (Ca
phosphate) are used occasionally. Zircon permits
the replacement of Zr'** by U** and Th*" in accor-
dance with Goldschmidt’s first rule (Table 7.3 and

Section 8.1) because their radii in sixfold coordi-
nated sites are similar (Zr*' =080 A,
U** =097 A, and Th*" = 1.08 A). However, zir-
con strongly excludes Pb, which can form both
Pb** (1.26 A) and Pb** (0.86 A) ions. Since Pb is
excluded from zircon, it must occur as Pb**, which
cannot replace Zr'" because it is too large and its
charge differs too much from that of Zr'*.
Therefore, Goldschmidt’s rules help to explain
why zircon crystals exclude Pb but accept U and
Th, thereby making zircon one of the most useful
geological chronometers.

However, not even zircon is perfectly reten-
tive and, in most cases, U, Th-Pb dates of zircons
are discordant. This problem was solved brilliant-
ly by Wetherill (1956) by means of the concordia
diagram, which is constructed by calculating the
206pb* /28U and Pb*/**U ratios of U-Pb sys-
tems that yield concordant dates. From equa-
tion 16.34 we have:

206Pb (?_Oépb

204 - 204Pb) 206pyy *
eb ¢ = =eM—1 (16.39)

238 RREETY
204pp,
Similarly,
lUTPb*
ES Tl re e | (16.40)

Compatible sets of *Pb*/**U and **’Pb*/*U
ratios, calculated from equations 16.39 and 16.40
for selected values of ¢, are the coordinates of
points that form the concordia curve. In other
words, the concordia curve is the locus of all
points representing U-Pb systems that yield con-
cordant U-Pb dates. Any U-bearing rock or min-
eral that does not plot on concordia vyields
discordant U-Pb dates.

Zircon crystals or other U-Pb systems that
remain closed to U and Pb, and to the intermedi-
ate daughters, move along the concordia curve in
Figure 16.5 as they age. When they lose Pb as a
result of an episode of thermal metamorphism,
they leave concordia and move along a straight
line toward the origin. When all accumulated
radiogenic Pb is lost. the *™Pb/**U and
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Figure 16.5 Concordia diagram used in dating minerals such as zircon, monazite, apatite, and others by the
U-Pb method. The coordinates of points on concordia are generated by solving equations 16.38 and 16.39 for
selected values of t. During episodic Pb loss or U gain, minerals are displaced from concordia and move along
the discordia line toward the origin. Zircons, or other U-bearing minerals, which yield discordant U-Pb dates
by solution of equations 16.33 and 16.34, are represented by points that define discordia. The upper point of
intersection of discordia with concordia is the crystallization age of the zircons that define discordia. Loss of U
causes U-Pb minerals to be represented by points on discordia above concordia. The effect of Pb gain is not
predictable unless the isotopic composition of the added Pb is known. U-Th-Pb concordias are possible but
have been rarely used because differences in the geochemical properties of U and Th may produce discordias

that do not pass through the origin.

*"Pb/*U ratios approach zero along a chord
directed toward the origin. When only a fraction of
Pb is lost from zircons, they are represented by
points on the straight line. Such U-Pb systems
yield discordant dates. which is why the chord is
called discordia.

When zircon crystals from a large sample of
granitic rock are sorted according to their color,
magnetic properties. or shape prior to analysis,
they commonly form points that define a straight
line on the concordia diagram. The upper point of
intersection of this discordia line with concordia

yields the time eclapsed since crystallization
because, if the zircons had not lost Pb, they would
have resided on concordia at that point. The
lower point of intersection may be the time
elapsed since the end of episodic Pb loss, because
this is where zircon crystals would now be located
on concordia if they had lost all of the accumulat-
ed Pb during the episode of thermal metamor-
phism (see Section 19.5).

The significance of the lower point of inter-
section of discordia with concordia is uncertain
because Pb loss may be continuous rather than
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episodic, or it may be caused by the relaxation
of lithostatic pressure as a result of erosion of
the overlying rocks following crustat uplift. In
addition, zircon crystals and other U-bearing
minerals may suffer not only loss of Pb but may
also lose or gain U. Gain of U has the same
effect on U-Pb systems as loss of Pb, whereas
loss of U causes them to move away from the
origin and places them on discordias above con-
cordia. This kind of behavior is sometimes seen
in monazite and other U-bearing phosphate
minerals. In such cases, the age of the minerals is
indicated by the upper point of intersection as
before, but the lower point of intersection does
not have a unique interpretation.

Use of highly selected and purified samples
consisting of only a small number of zircon crys-
tals (or fragments of a single crystal) can reduce
the statistical error of ages determined by this
method to +2 million years (Ma) for zircons
whose age is 2700 Ma (Krogh, 1982a,b).

The decay of U and Th to stable isotopes of
Pb permits still more elaborate interpretations
that go beyond the limits of this book. We have
already mentioned the fission-track method of
dating, which arises from the spontaneous fission
decay of %5U. In addition, the growth of radi-
ogenic Pb in the Earth is the subject of plumbolo-
gy, which seeks to interpret the isotopic
composition of Pb in Pb-bearing minerals that do
not contain U or Th. Therefore, plumbology s
concerned with the study of Pb in ore deposits
containing galena (PbS) and minerals of other
metals (Stacey and Kramers, 1975). Before we
leave this subject, however, we consider briefly
the so-called U-series disequilibrium methods of
dating.

f. The lonium (**°Th) Methods

The daughters of **U, shown in Figure 16.2, form
a decay chain that can be broken by geological
processes because the dauglhiters of U are isotopes
of different elements and therefore have different
geochemical properties. Two different situations
may arise:

1. A member of the decay chain is separated
from its parent and therefore “dies” at a
rate determined by its half-life.

2. A member of the decay chain is separated
from its daughter and subsequently regen-
erates its own daughter.

Both conditions occur between U and its
daughter 2°Th (ionium) in the decay series of **U.
Uranium can assume valences of +4 and +6,
whereas Th has only one valence of +4.The rea-
son for this difference is that U atoms (Z = 92)
have two more electrons than Th atoms (Z = 90).
Their electron configurations (Table 5.2) are:

U:  [Rn]5/%6d'7s* — +4,+6
Th: [Rn]5f%d?*7s* — +4

The tetravalent (+4) ions of U and Th form com-
pounds that are insoluble in water. In addition, their
high ionic potentials (charge-to-radius ratio) cause
them to be strongly adsorbed on the charged sur-
face of small particles. However, in the presence of
molecular O at or near the surface of the Earth, U
is oxidized to the hexavalent state (+6) and forms
the uranyl ion (UO3"), which has a smaller ionic
potential than U*" and therefore is not scavenged
from aqueous solutions by small particles as is Th**.
Therefore, when U-bearing minerals decompose as
a result of chemical weathering, **U forms the
uranyl ion and remains in solution, whereas 2Th
forms a tetravalent ion and is strongly adsorbed on
sedimentary particles. As a result, 20Th (ionium) is
separated from its parent by being concentrated in
sediment deposited in the oceans or in lakes.

After deposition of the sediment, the adsorbed
“excess” “*Th decays by emitting alpha particles
with its characteristic half-life (77, = 7.52 X 10" a,
X = 9217 X 10%a™") in accordance with the law of
radioactivity. The number of 0Th atoms remaining
in a unit weight of dry sediment is measured by
observing the rate of disintegration (A) using an
alpha spectrometer of known efficiency. When sam-
ples are taken from a piston core, the “*Th activity
(**Th), of a particular sample is related to its
age () by equation 16.15:




(P°Th), = *Th)je™ (16.41)

where (P°Th)§ is the activity of *Th at the top of
the core. For practical reasons, the activity of °Th
is divided by the activity of adsorbed *2Th, whose
activity is virtually independent of time because
of its long half-life,(Table 16.1). When the rate of
sedimentation s is defined as:

h
§=-

t (16.42)

where 4 is the depth below the top of the core,
t = h/s, and the ratio of the activities of the Th
isotopes is:

(16.43)

ZSOTh _ Zﬁﬂvrh 0 ol
2oy, 2y, Ae

We linearize the equation by taking natural log-
arithms:

230Th ZBOTh 0 A\h
In (-BZT[’I)A = In (ﬁﬁ),{ —: ? (1644)

Figure 16.6 illustrates how sediment samples
taken at different depths from a core generate an
array of points in coordinates of In (**Th/**Th)
and A to which a straight line can be fitted. The
intercept of that line with the In (**Th/*?Th) , (y)
axis is the 2°Th/*Th activity ratio at the sedi-
ment-water interface and the slope of the line is:

(16.45)

Since the slope also has a negative value, it fol-
lows that the sedimentation rate is:
A

§=—
M

(16.46)

This method of dating works best when it is
applied to sediment samples taken from known
depths below the sediment—water interface. It can
yield not only the ages of individual samples
based on the extrapolated value of (**Th/**Th)!
but also indicates sedimentation rates. The
method is limited by the eventual regrowth of
*Th from small amounts of U adsorbed on the
sediment particles, which causes data points to
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Figure 16.6 Decay of excess °Th in a core of detri-
tal sediment at increasing depths below the water—
sediment interface according to equation 16.44. The
slope of the line fitted to the hypothetical data points
is m = —0.0355. According to equation 16.46, the sed-
imentation rate is s = A/m = (9.217 x 107%)/0.0355 =
2.60 X 107* cm/a or 2.60 mm/10? yr. This value is fair-
ly typical of the rate of deposition of detrital sediment
in the oceans.

deviate from the linear relationship required by
equation 16.44.

The differences in geochemical properties of
U and Th come into play in yet another way. The
water-soluble uranyl ion (UO2*) may enter cal-
cite or aragonite by replacement of Ca’>", whereas
Th*" is strongly excluded. Therefore, freshly
deposited calcium carbonate contains U that
has been separated from its daughter **Th. The
daughter is then regenerated in the calcite or
aragonite at a rate determined by the difference
between the rate of decay of its parent and its
own decay rate. The differential equation govern-
ing the decay of a radionuclide to a radioactive
daughter was solved by Bateman (1910). When
the solution of that equation is adapted to the
decay of **Th that is forming by decay of U, we
obtain (Faure, 1986, ch. 21, sec. 3):

(P'Th), = (*U) (1 — e =) (16.47)

This equation is similar to equation 16.19, which
relates the number of daughters to the number of
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parent atoms present initially. In equation 16.47
the parent is U, which is assumed to be in secu-
lar equilibrium with its daughter *U. Since 2**U
has a very long half-life (7, = 4.468 x 10° a,
Table 16.2), its activity is virtually constant on a
time scale of 1 million years. Therefore, the growth
curve of the activity of *°Th in calcium carbonate
in Figure 16.7 has the same shape as the one in
Figure 16.3B, which is a plot of equation 16.19.
The **U-*"Th method of dating is useful for
dating calcium carbonate deposited in the oceans
in the past 150,000 years or less. It has been used
to date coral reefs related to sea-level fluctua-
tions and the results have supported the
Milankovitch hypothesis that the global climate is
affected by periodic variations in the amount and

timing of solar radiation received by the Earth

it e =
[=} o0 &
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Figure 16.7 Growth of **Th by decay of 2*U, which is
in secular radioactive equilibrium with #**U, in accor-
dance with equation 16.47. During the formation of cal-
cium carbonate from aqueous solution U is admitted as
the uranyl ion (UO3 "), whereas Th is excluded. There-
fore, the decay chain of **U is thereby broken and U
in the carbonate regenerates the daughter **Th until
their activity ratio reaches a value of one and secular
equilibrium is reestablished. The diagram assumes that
U is in equilibrium with U, but in reality the oceans
and water on the continents contain excess >**U because
it is leached preferentially from U-bearing minerals. A
derivation of the equation representing cases where
(P*U/78U), > | was given by Faure (1986, pp. 370-371).

~unstable daughters has permitted the develop-

because of the dynamics of its orbit around the
Sun (Broecker et al., 1968).

Equation 16.47 is inexact because **U is
actually not in secular equilibrium with **U in
water on the surface of the Earth. The reason is
that **U is leached preferentially from U-bearing
minerals because it resides in lattice sites that
were damaged by the decay of 2*U and of the two
daughters that precede **U (Figure 16.2). As a
result, the disintegration rate of **U in the oceans
is 15% greater than that of >*U. The discrepancy is
even greater in groundwater, where the activity
ratio 2*U/?**U may be as high as 10. A complete
description of the growth of #*Th in systems con-
taining excess **U can be found in Faure (1986,
p. 370) and in the references cited therein.

The decay of **U and **U through chains of

ment of several other geochronometers. All of
them are used to study the rates of sedimentation
and other geological processes on the surface of -
the Earth. These applications of radiochemistry to
geology have grown into a large subdivision of
isotope geochemistry. :

16.4 Cosmogenic Radionuclides

A large group of radionuclides is produced by
nuclear reactions between cosmic rays and the
stable atoms of the atmosphere and in rocks
exposed at the surface of the Earth. Cosmic rays
originate primarily from the Sun and consist pre-
dominantly of highly energetic protons. The prod-
ucts of these nuclear reactions may be removed
from the atmosphere by méteoric precipitation or
they may remain in the atmosphere for long peri-
ods of time, depending on their chemical proper-
ties. Many of the product nuclides have half-lives
measured in hours or days and therefore are not
useful for geologic research. However, a surpris-
ingly large number of these nuclides decay suffi-
ciently slowly to be of interest in geology.

The radionuclides listed in Table 16.2 are
becoming increasingly useful because of dramatic
improvements in the equipment used to detect
them. The traditional measurement technique is
low-level counting using heavily shielded radia-



Table 16.2 Physical Constants of Some
Cosmogenic Radionuclides

Nuclide Tp.a Aa!

tH (tritium) 12.26 5.653 x 102
Be LE% 10 0.462 X 107°
e §730 0.1209 x 1073
2Al 0.716 x 10° 0.968 x 10°°
oosi 276 0.251.% 1072
5Ct 0.308 x 10° 225 % 10°°

EN 269 D257 % W02
33Mn 3.7 X 10° 0.187 x 10°°
SeNi 8 x 10* 0.086 x 107*
Sier 0.213 % 108 3.25x 1078

tion detectors. In recent years, ultrasensitive high-
energy tandem mass spectrometers, which literally
count ions, have greatly improved the sensitivity
with which cosmogenic radionuclides can be
detected.

The atmospheric inventories of the cosmo-
genic radionuclides depend on the rates at which
they are produced and on the rates at which they
decay or are removed from the atmosphere by
meteoric precipitation or by other processes.
Once a particular radionuclide has been removed
from its atmospheric reservoir, decay becomes
the dominant process and its activity declines
with time in accordance with equation 16.15. The
measured disintegration rate of a particular cos-
mogenic radionuclide in a geological sample can
be used to solve equation 16.15 for ¢, provided the
initial disintegration rate is known or can be
derived from a set of data.

a. The Carbon-14 Method

The carbon-14 method of dating was developed
in the late 1940s by a group of scientists working
at the University of Chicago. The group included
W. E. Libby, J. R. Arnold, E. C. Anderson, and
A. V. Grosse, who successfully demonstrated
the presence of "C in methane from a sewage-
trcatment plant. The first age determinations of
archaeological objects of known age were made by
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Arnold and Libby (1949). Two years later,
Anderson and Libby (1951) reported that the spe-
cific disintegration rate of '*C in modern plants is
constant worldwide and has an average value of
153 £ 0.5 disintegrations per minute per gram
(dpm/g) of carbon. This value was later revised to
13.56 £ 0.07 dpm/g of carbon. These measure-
ments therefore established the feasibility of the
“C method of dating, which Libby described in a
book published in 1952. The method was widely
acclaimed and earned W. F. Libby the Nobel Prize
in chemistry in 1960. In 1959 a journal was found-
ed called Radiocarbon in which all age determi-
nations and many research papers dealing with
the distribution of “C continue to be published
(Mook, 1980).

The dominant nuclear reaction producing “C
in the atmosphere involves the interaction of neu-
trons, derived from cosmic rays, with stable "IN:

neutron + 3N — “C + proton (16.48)

The radioactive “C so produced is incorporated
into CO, molecules and is rapidly mixed through-
out the atmosphere. From there it is absorbed by
green plants during photosynthesis and enters cel-
lulose and other carbon compounds manufactured
by them. It is transmitted further up the food chain
by herbivorous and carnivorous animals so that
virtually all living organisms contain "“C at about
the same specific concentration expressed in terms
of disintegrations per minute per gram of carbon.

As long as a plant is alive, it continues to
absorb *C from the atmosphere. However, when
it dies, the concentration of "*C in its tissue begins
to decline at a rate dependent on the half-life of
HC as shown in Figure 16.8. The decay of C takes
place by B~ emission to stable '3N:

HCSUN+B +v+Q
where the symbols have the same meaning as in
equation 16.1. The half-life of "C is 5730 years.
However, "C dates are based on a value of 5568
years for the decay constant.

The basic principle and measurement tech-
nique of the carbon-14 method of dating are quite
simple. The specific activity of *C in a sample con-
taining biogenic carbon is measured by converting

(16.49)
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Figure 16.8 Decay curve of "*C in accordance with
equation 16.15. The initial decay rate of “Cis

13.56 + 0.07 dpm/g of C.The "C date is calculated
from equation 16.50 based on the measured disinte-
gration rate of the remaining *C. This method can be
used to date plant remains and calcium carbonate
formed in equilibrium with CO, of the atmosphere.
The limit of the technique based on radiation detec-
tors is about 35,000 years but can be doubled by using
ultrasensitive mass spectrometers. Although the car-
bon-14 dating method is simple in principle, it is com-
plex in reality because the initial activity of "*C has
varied with time in the past and because of fractiona-
tion of the isotopes of C.

the carbon to CO,, or another carbon compound,
and by counting it in a well-shielded ionization
chamber or scintillation counter. The measured
activity (A) is substituted into equation 16.15,
which is solved for ¢ using the assumed initial
activity of "C (A4,):
1 A, _
( /\ln 1 (16.30)
The materials suitable for dating include char-
coal and wood, seeds and nuts, grasses, cotton
cloth, paper. leather, and peat. In addition, calcium
carbonate in mollusk shells and in marine or lacus-
trine sediment can be dated because such deposits

contain CO, derived partly from the atmosphere.
The initial activity of “C in calcium carbonate
samples, however, is likely to be different from
that observed in plant material. Therefore, it must
be evaluated at each locality.

The limit of the carbon-14 method based on
standard counting techniques is about 35,000 years,
Use of ultrasensitive mass spectrometers can
more than double this limit. Dates are sometimes
expressed in terms of years before present (B.p),
where the present is taken to be 1952. Historical -
dates are also referred to the Christian calendar by
subtracting 1952 years from dates adjusted to that
point of reference. Thus a date of 2000 years B.p.
becomes 48 B.C. (before Christ), whereas a date of
1500 years B.p. is equivalent to 452 A.D. (anno
domini).

Although the principles of the *C method of
dating appear to be straightforward, many com-
plications dv, in fact, occur. These arise from three
main sources:

1. Variations in the production rate of "“C
caused by fluctuations in the cosmic-ray flux
and by changes in the magnetic field of the
Earth, which interacts with the cosmic rays.

2. Variations of the "“C content of plant
materials and calcium carbonate caused
by isotope fractionation and other local
environmental effects.

3. Lowering of the '"*C content of the atmos-
phere by dilution with CO, derived by
combustion of fossil fuel and increases
caused by the explosion of nuclear devices
and the operation of-nuclear reactors.

The changes in the *C content of the atmos-
phere since the start of the industrial revolution

around 1860 are so profound that the carbon-14 2

method of dating is no longer applicable to sam-
ples formed since that time.

b. The °Be and *°Al Methods
Although the presence of '"Be in rainwater has
been known since 1953, its use in geological

research was retarded by the technical difficulties 3

in measuring its decay rate with radiation detec-




tors. The same is true for °Al, **Cl, and most of
the other cosmogenic radionuclides listed in
Table 16.2. All this changed dramatically in the
late 1970s when ultrasensitive mass spectrome-
ters were developed by means of which the abun-
dances of these nuclides can now be measured
accurately (Purser,et al., 1982).

Both '"Be and %Al are produced in the
atmosphere by highly energetic cosmic rays that
fragment stable isotopes of O and N in spallation
reactions. Both isotopes are rapidly removed
from the atmosphere in the form of rain and
snow. When they enter the oceans, both radionu-
clides are scavenged from the water by adsorp-
tion on inorganic and organic sediment particles
that carry them down to the bottom of the oceans.
After deposition, the concentrations (or disinte-
gration rates) of ""Be and %Al decrease with time
as they decay with their characteristic half-lives
(Table 16.2). The same is true when '°Be and %Al
are deposited on the continental ice sheets of
Greenland and Antarctica. In addition, these
and other radionuclides are produced in mete-
orites and in rocks on other planets exposed to
cosmic rays. After meteorites fall to the Earth,
the production of cosmogenic radionuclides vir-
tually stops. This makes it possible to determine
their terrestrial residence ages by measuring the
remaining concentrations or activities of '“Be
and “°Al

The decay of ""Be to stable 1B by beta (87)
decay obeys the law of radioactivity expressed by
equation 16.9:

YBe = 'Beg,e> (16.51)

This equation can be solved for r based on mea-
surements of ""Be and '"Be,. When samples are
taken from a core of sediment or ice, f can be
expressed in terms of depth (4) and the sedimen-
tation rate (s) as in equation 16.42. When data
points are plotted in coordinates of In '°Be and
h, they define a straight line whose slope yields
the sedimentation rate (s) and whose intercept is
In '"Be,, as exemplified by equation 16.44.

[n principle, the same suite of samples can be
analyzed for both "’Be and *°Al, which act as inde-
pendent chronometers. On the other hand, the two
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radionuclides can be combined by taking the ratio

of their concentrations or disintegration rates:

26 26 At
wBA; = (mBAé)O j-a,,e: (16.52)
Equation 16.52 can be reduced to:
26 26
. (%)D e (1653)
where
A=Ay Age
= (0.968 — 0.462) x 10°%a™! (16.54)

=0.506 X 102" 7,,, = 1.37 X 10°a

According to equation 16.53, the ®Al/'°Be ratio
decreases with depth in a sediment or ice core at
a rate that depends on the rate of deposition. By
substituting ¢ = A/s and by taking natural loga-
rithms of equation 16.53 we obtain:

1 Al Al Ak
(5 ) = (5B, =

This is the equation of a straight line in coordi-
nates of In(**Al/'""Be) and h whose slope
m = —\'/s and whose intercept is In(*Al/°Be),. A
limited number of data reviewed by Faure (1986)

suggest that the initial *°Al/'"°Be ratio may be a
constant equal to about 0.018 = 0.010.

(16.55)

c. Exposure Dating of Rock Surfaces
High-energy neutrons associated with cosmic
rays produce radionuclides by nuclear spallation
reactions involving atoms in rocks and soils
exposed at the surface of the Earth (Lal, 1988).
The products of these nuclear reactions include
SHe, 'IBe, '3C, }iNe, 28Al, and 35CIl, which accu-
mulate in the target rocks as a function of time.
The decay constants and half-lives of the radionu-
clides are included in Table 16.2, except for 3He
and {}Ne, which are stable.

Although nuclear spallation reactions occur
in all rocks and minerals that are exposed to cos-
mic rays, quartz is an especially favorable target
for the production of '"Be and *°Al because of its
simple chemical composition (Si0,), its resistance
to mechanical and chemical weathering, and its
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abundance in different kinds of rocks and because
cosmogenic radionuclides deposited by meteoric
precipitation can be eliminated by a chemical clean-
ing procedure (Lal and Arnold, 1985; Nishiizumi
et al, 1986). In addition, in-situ-produced cosmo-
genic *°Cl has been used successfully to determine
exposure ages of lacustrine sediment and glacial
deposits of Pleistocene age (Phillips et al., 1986;
Phillips et al., 1990; Jannik et al., 1991).

The accumulation of a radionuclide formed
by a nuclear reaction is governed by an equation
derivable from the law of radioactivity (Faure,
1986, Section 4.4):

P %(1 — e X) (16.56)
where P = number of product atoms per gram;
R = production rate of the product nuclide in
atoms per gram per year; A = decay constant of
the product in reciprocal years; and ¢ = duration
of the irradiation in years. The production rates of
"Be and Al in quartz at sea level and at geo-
magnetic latitude >50° have been determined
by Nishiizumi et al. (1989) who reported rates of
6.0 atoms g 'y~ for ’Be and 36.8 atoms g ' y~!
for *Al The production rates rise with increasing
altitude above sea level because of decreased
atmospheric shielding and also vary with geomag-
netic latitude.

When equation 16.56 is used to determine the
exposure age of quartz based on the measured
concentrations of “Be or *Al, several assump-
tions must be made:

L. The quartz in the target rock did not con-
tain residual cosmogenic radionuclides left
over from a previous exposure.

2. The target rock was not shielded from cos-
mic rays by nearby topographic features.

3. The target rock was irradiated continuous-
ly since its initial exposure to cosmic rays.

4. The rate of erosion of the target rock was
negligibly low.

These assumptions cannot be evaluated in most
cases and therefore introduce uncertainty into the
exposure dates calculated from equation 16.36.

The erosion rate of the target rock can be {
taken into consideration provided it remained >
constant during the exposure. The relevant equa- J
tion was derived by Lal (1991): ri

. & 3
A+ pe/A

(1 - e(A+ps/:\)[) g
where & = erosion rate of the target in centime- f‘*
|

(16.57)

ters per year; p = density of the target mineral in
grams per cubic centimeters; A = absorption
mean free path of neutrons in the target rock.
Nishiizumi et al. (1991) used a value of 165 g/cm?
for this parameter. Note that the decay constant
of the product nuclide in equation 16.57 has been
increased by the term pe/A and that the apparent
half-life has therefore been shortened. In other
words, the effett of erosion is to make the product
nuclide appear to decay more rapidly than it actu-
ally does. Therefore, a longer exposure time is
requirec to achieve the observed concentration
of the cosmogenic radionuclide, meaning that the
exposure age calculated from equation 16.57
increases with increasing erosion rate.

Equation 16.57 can be used to calculate a
minimum exposure date and a maximum erosion
rate based on the measurced concentrations of
""Be or Al in a sample of quartz that was
exposed to cosmic rays. If the erosion rate is
assumed to be negligibly small, equation 16.57 "
approaches the form of equation 16.56 and yields
a minimum exposure age. However, at higher ero-
sion rates the corresponding exposure ages calcu-
lated from equation 16.57 rapidly approach
infinity as the erosion rate reaches a maximum.
Therefore, the cosmic-ray-exposure date calculat-
ed from equation 16.56 is an underestimate of the
true exposure age.

The discrepancy between the calculated min-
imum date and the true exposure age rises with
increasing values of the erosion rate of the target
and with the duration of the exposure. In addi-
tion, the sensitivity of this method of dating
decreases as the concentration of the product
nuclide approaches equilibrium when the rate of
production of the radionuclide is equal to its rate
of decay. This condition is achieved when the irra-
diation time is equal to about four half-lives of the




product nuclide. Since "“Be has a half-life of
1.5 X 10° years, equilibrium is reached in about
6 million years, assuming that the erosion rate of
the target is negligible. This means that a calculated
exposure date of that magnitude may actually be
older by amounts of time that cannot be specified.
However, exposure ages of less than about one mil-
lion years, calculated from in-situ-produced “Be in
quartz, are reliable, provided that the erosion rates
are low (i.e. less than about 107° cm/year) and that
the other assumptions listed above are satisfied.
Therefore, the most desirable material for expo-
sure dating are quartz crystals, vein quartz, chert,
quartz concretions or agate geodes, quartzite, or
well-cemented quartz arenites.

Age determinations based on in-situ-produced
1.OBe in quartz have been reported by Nishiizumi
(1991a,b), Brook et al. (1993), Gosse et al. (1995).

16.5 Summary

The discovery of the radioactivity of the salts of U
in 1896 has had a profound effect on geology
because radioactivity liberates heat and because
it provides clocks that tell geologic time. These
geochronometers are based on the slow rate of
decay of long-lived radioactive isotopes of K, Rb,
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Sm, La, Lu, Re, U, and Th. The interpretation of
the measurements is based on the law of radioac-
tivity, which yields information not only about
time but also about the past histories of the
daughter elements within the Earth. Therefore,
isotopic methods of dating based on long-lived
radioactive isotopes provide information not only
about the history of the Earth but also about the
origin of igneous rocks and the chemical differen-
tiation of the crust and mantle.

The short-lived radioactive daughters of **U
and U enable us to determine sedimentation
rates and ages of minerals that formed within 1 mil-
lion years of the present. The study of geologic
processes of the recent past is especially important
because it contributes to our understanding of
the terrestrial environment, including variations
in climate.

Cosmogenic radionuclides are becoming
increasingly important for dating events on the
surface of the Earth within the past million years.
The nuclides include not only the well-known *C
but also '’Be, *Al, and **Cl produced by exposure
of rocks and minerals to cosmic rays. The increas-
ing emphasis on dating events that occurred in
the recent past reflects the growing conviction
that we must understand the recent history of the
Earth in order to predict its future.

Problems*

‘Problems 2-10 are based on data from Baadsgaard et al. (1976), and
Problems 11 and 12 are from Baadsgaard (1973) concerning the geologic
history of the Amitsoq gneiss of Greenland, which is one of the oldest

rocks known on Earth.

1. Calculate the atomic *Rb/¥Sr ratio of a rock
sample containing Rb = 125 ug/g and Sr = 275 ug/e.
Atomic weights: Rb = 85.46, Sr = 87.62; isotopic abun-
dances: *Rb = 27.83%,%Sr = 9.90%.

(Answer: 1.31)

2. Calculate a K-Ar date for a sample of biotite
from the Amitsoq gneiss containing K,O =9.00%,
“Ar = 2.424 pg/¢ Decay constants: A, = 0.581 x 1071
a”l, A=5543x 107" a’% isotopic abundance of
YK = 0.01167%: atomic weights: K =39.098, O =

15.999, “Ar = 39.96.
(Answer: 2308 x 10%a)

3. Calculate a Rb-Sr date for the same sample of
biotite from the Amitsoq gneiss given that
STRb/*Sr = 107.1, ¥'Sr/%Sr = 3.093. Decay constant:
A =142 x 107" a4 (¥Sr/*8r), = 0.7030.

(Answer: 1554 % 10°a)

4. Calculate the slope and intercept of a Rb-Sr
isochron by the method of least squares using data for
micas from the Amitsoq gneiss. '



298 ISOTOPIC GEOCHRONOMETERS

Samples ¥Rb,/*Sr S5/
la 763 17:337
1b 41.52 1.739
2 107.12 3.093
3 166.7 4.543
4 v 1387 3.858
5 330.7 8.057
6 82.7 2.741

Use the slope to calculate a date for these samples
(A=1.42%107Ha"Y,

(Answer: intercept = 0.8806, slope = 0.021 59,

t = 1504 x 10°% a)

5. Calculate the Rb-Sr isochron age and initial
Sr/*Sr ratio of a suite of whole-rock samples from
the Amitsoq gneiss near Godthaab, Greenland, based
on the following data (A = 1.42 x 10 ''a™).

Sample 8"Rb/%Sr B%t/%8r
1 2.098 0.8245
2 0.198 0.7096
3 1.173 0.7668
4 2.033 0.8191
5 1.364 07791
6 0.319 0.7163

[Answer: (¥Sr/*Sr), = 0.6971, slope = 0.0060 22,
t = 4119 x 10° a. For a discussion of these results
consult the paper by Baadsgaard et al. (1976)]

6. Calculate a Rb-Sr date from the following analy-
ses of a whole rock and its constituent minerals
(A =142 x 107" a).

Sample 8"Rb /%Sy ¥5r/%8r
Whole rock 1.173 0.7668
Biotite 116.7 4.543
K-feldspar 0.6437 0.7822
Plagioclase 0.0633 0.7344

Note that the whole rock is sample 3 in Problem 5 and
the biotite is sample 3 in Problem 4.

[Answer: (*St/%Sr) = 0.7468, slope = 0.022 77,

1= 1586 X 10°a)]

7. Plot the whole-rock isochron from Problem 5 and
the mineral isochron from Problem 6 and use the dia-
gram to interpret the dates obtained in Problem 5 and 6.

8. Calculate U-Pb and Th-Pb dates for a sample of
sphene from the Amitsoq gneiss in Green-
land.  2Pb/*™Pb = 53.90, 27pb/2%Pb = 2076,
208ph/2%Pb = 36.94, 2®U/*Pb = 88.746, **U /U =
137.88, “Th/*Pb = 5538, (**Pb/®Pb), = 1297,
(*Pb/*™Pb), = 14.17, (*®Pb/*™Pb), = 33.90, A, =
155125 X 1070 a™!, A, = 9.8485x 107 a™!, ), =
4.9475 x 107" a™t.

(Answer: Ly = 2445 X 106 a, 1,5, = 2456 X 100 3,
tys = 1080 X 10°a)

9. Calculate the U/Th concentration ratio of the
sphene in Problem 8 given that **U/**Pb = 88.746
and 2?Th/*™Pb = 55.38. Atomic weights: U = 238.029,
Th = 232.038. Abundance of 2*U = 99.28%. .

(Answer: U/Th = 1.655) .

10. Calculate the 207/206 date of sphene from the -
Amitsoq gneiss given that **Pb/*Pb = 14038, °
07ph /209pp = 35.36, {(*Pb /Pt = 12.97,
(*’Pb/*™Pb), = 14.17.

(Answer: tyy05 = 2512 X 10° a)

11. Plot a concordia curve for values of ¢ from
3.0 X 10°t0 3.7 % 10° a.

12. Determine the age of zircons from the Amitsogq
gneiss by plotting the data given below on the diagram =
constructed above (Baadsgaard, 1973).

Sample 206Pb*/238U ZO?Pb*/ZJSU

1 0.732 32.25

2 0.713 32.25

3 0.714 31.75 |
4 0.673 . 29.75
3 0.643 27.50 '
6 0.625 27.00 2 J
7 0.600 25.50 E E
8 0.595 25.60

9 0.500 20.00

Ay =155125%x107%a A, =9.8485 x 107 %a™L,
(Answer: discordia intercept = 0.1324, 3 .
slope = 0.018 30, intercept with concordia: 3 g
Wpp* 250U = 33.74, *Pb* /28U = 0.754, 3
t = 3622 x 10°a) 3




13. Review the answers to Problems 2-6, 8, 10, and
12, all of which pertain to the Amitsoq gneisses.

(a) Why is the K-Ar date of biotite (Problem 2)
older than the Rb-Sr date of the same biotite
(Problem 3)?

(b) What is the significance of the fact that micas
from different whole-rock samples of the Amitsoq
gneisses all fit the jame isochron (Problem 4)?

(c) What is the meaning of the whole-rock
isochron date of the Amitsoq gneisses (Problem 5)?

(d) Why does the whole-rock sample (3) in
Problem 5 also fit the isochron in Problem 62

(e) What is the significance of the U-Pb dates of
sphene from the Amitsoq gneisses in Problems 8
and 10?

(f) Suggest a reason for the low Th-Pb date
(Problem 8) and the low U/Th ratio (Problem 9) of
the sphenes from the Amitsoq gneisses.

(g) What is the significance of the concordia date
of the zircons from the Amitsoq gneisses?

(h) What is the significance of the date of the
lower point of intersection of discordia with concor-
dia at ~950 x 10°a? (Baadsgaard, 1973.)
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(i) Why is the whole-rock Rb-Sr isochron date of
the Amitsoq gneisses older than the concordia U-Pb
date of the zircons?

14. Calculate the average growth rate of a man-
ganese nodule from the following information.

Depth, mm (¥Th/**Th) ,, dpm/g
0-0.3 43.7
0.3-0.5 26.2
0.5-0.85 10.4

A=9217x10%a"L,
(Answer:3.2 mm/10° yr)

15. A sample of wood from an archeological site
was found to be 6367 years old when it was analyzed in
1986. What is its age (a) in years B.r.? (b) in reference to
the Christian calendar?

[Answer: (a) 6333 years B.p; (b) 4381 B.C)]
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17

Isotope Fractionation

Several elements of low atomic number are com-
posed of two or more stable isotopes. Therefore,
when these clements react to form compounds,
the molecules that are produced differ from each
other by the particular isotopes they contain. For
example, there are nine different isotopic vari-
eties of H,O and ten isotopic varieties of co,
whose molecular weights differ significantly
from each other. The differences in the molecular
weights affect the way these molecules respond
to certain kinds of physical processes that are
mass dependent. Moreover, the strengths of
covalent bonds in molecules or ions depend on
the masses of the atoms. Therefore, certain iso-
topic varieties of a particular molecule or com-
plex ion are more stable than others because the
bonds they contain are stronger than those of
other isotopic varieties of the same molecule.
The study of these subtle effects has become very
important in the Earth Sciences because they
enhance our understanding of geochemical
processes occurring on the surface of the Earth.

17.1  Principles of lsotope
Fractionation

The isotope compositions of certain elements of
low atomic number are variable and depend on
the compound in which the element resides as
well as on the origin of that compound. For
example, the isotopic composition of oxygen in
rainwater varies widely depending on the lati-
tude and other geographic and climatic factors of
the collecting site. Similarly, seawater, marine
mollusk shells, and quartz grains on a beach all
contain oxygen of different isotope composi-

tions. The observed differences in the isotope
compositions of oxygen and other elements of
low atomic number are caused by processes
referred to as isotope fractionation.

The magnitude of isotope fractionation
depends on differences in the masses of the iso-
topes, on the temperature of formation of the
compounds in which they occur, on the character
of the chemical bonds they form, and on other
factors. The elements whose isotopes are com-
monly fractionated include H, C,N, O, and S (see
Table 17.1). In addition, isotope fractionation has
been observed in Li, B, and Si. However, isotope
fractionation is not possible for Be, F, Na, Al, and
P because these elements have only one stable
isotope.

Variations in the isotopic compositions of H,
C,N, O, and S are important in the study of natural
processes because they are among the most abun-
dant elements in the crust of the Earth, because
they form a wide variety of solid, liquid, and
gaseous compounds, and because they occur in the
crust and mantle of the Earth, as well as in its bios-
phere, hydrosphere, and atmosphere. Therefore,
these elements participate in virtually all geochem-
ical processes that take place on the surface of the
Earth. As a result of the fractionation of their iso-
topes by these processes, the elements preserve a
record of the environmental conditions under
which their compounds formed. The growing
importance of isotope fractionation in the study of
sedimentary rocks and natural environments is
reflected in books by Faure (1986), Hoefs (1996),
Arthur et al. (1983), Fritz and Fontes (1980a, 1986),
Rundel el al. (1988), and Ding et al. (1996).

[sotope fractionation is caused by isotope
exchange reactions and by mass-dependent
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Table 17.1 Abundances and Masses of Stable Isotopes of Elements Subject to

I[sotope Fractionation

Element Stable isotopes ' Mass, amu Average abundance, %  Mass® difference, 7%
Hydrogen 'H 1.007825 99.985 99.8 i
H (D) 2.0140 0.015
Carbon S @ 12.000 000 98.90 8.36
T 13.003355 1.10
Nitrogen BN 14.003074 99.63 712
BN 15.000108 037
Oxygen o 15.994915 99.762 125
Yo 16.999131 0.038
(8 17.999 160 0.200
Sulfur 2 31.972070 95.02 g4 18— ¥15)
1S 32.971456 0.75
13 33.967 866 421
s 35.967080 0.02

*The mass difference is expressed as (my — my )/m, % 10%, where my and m_are the masses of molecules con-

taining the heavy and light isotopes, respectively.
*Deuterium symbolized by D.
SOURCE: Weast et al. (1986).

differences in the rates of certain chemical reac-
tions and physical processes. For example, an
important exchange reaction involving two iso-
topic molecules of CO, and H,0 is:

co, + HP0 =1 C"0; + H,°0

In this reaction O and 'O are exchanged
between the two molecules and the factor of 5 is
needed to reduce the number of O atoms in CO,
to one. Isotope exchange reactions progress from
some initial state toward equilibrium much like
ordinary chemical reactions. At equilibrium the
Law of Mass Action applies:

(Clsoz)l’;z (H,"0)
(C'°0,)"*(H, ®0)

where K is the equilibrium constant. The amounts
of reactants and products are expressed in terms
of molar concentrations rather than activities
because the activity coefficients of isotopic vari-
eties of a molecule cancel in equations like 17.2. If

(17.1)

b3l

=K (17.2)

CO, and H,0 molecules accept 'O and "*O with-
out discrimination, then K = 1.00 and no isotope
fractionation takes place. In fact, the equilibrium 3
constant of reaction 17.1 at 25°C is K = 1.0412,
which implies that the molecules do favor one of 7§
the O isotopes over the other.

The standard free energy change of isotope
exchange reactions is of the order of —0.020 kcal,
which is quite low compared to free energy
changes of chemical reactions (Valley et al,
1986). Nevertheless, isotope exchange reactions
can achieve equilibrium in spite of the low driving 2
force, and the existence of isotopic equilibrium A
generally implies that the chemical reactions are
also in equilibrium.

The equilibrium constant of the 1sotope =
exchange reaction represented by equation 17.1 38
differs from unity at 25°C because '*O forms a-
stronger covalent bond with C than O does. The
explanation for this fact arises from the quantum
mechanical treatment of the energy of a diatomic §

G2
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molecule. The strength of the covalent bond in such
a molecule arises from the reduction of the energy
of the molecule as the two atoms approach each
other. At room temperature, most molecules of a
gas are in the ground vibrational state (quantum
number # = 1) and their vibrational energy (E) is:

JE =1hy (17.3)

where £ 1s Planck’s constant and v is the frequen-
cy of vibration. When the heavy isotope of an ele-
ment replaces the light isotope, the energy of the
molecule decreases because the increase in the
mass of the molecule decreases its vibrational fre-
quency. Consequently, the heavy isotope forms a
stronger bond than the light isotope and mole-
cules containing the heavy isotope of an element
are more stable than those containing the light
isotope. The general rule regarding isotope
exchange reactions stated by Bigeleisen (1965) is
“The heavy isotope goes preferentially to the
chemical compound in which the element is
bound most strongly.”

The second cause for isotope fractionation is
related to the differences in the masses of iso-
topes and of the molecules in which they occur.
For example, the data in Table 17.1 indicate that
deuterium (7H) is 99.8% heavier than protium
(1H). The mass differences for the isotopes of the
other elements are less than that, but still average
~ 8.6% and decrcase with increasing atomic
number of the elements. The molecular weights of
compounds also vary depending on the isotopes
they contain. For example, the molecular weight
of ’H,'"°0 (or D,'°0) is 11.1% greater than that of
'H,'°0 (or H,'"0). Similarly, H,O is also
~ 11.1% heavier than H,'°O. Such differences in
the molecular weights of compounds affect the
rates of certain physical and chemical processes
like diffusion, evaporation, and dissociation.

The fractionation of isotopes during diffusion
and evaporation is caused by differences in the
velocities of isotopic molecules of the same com-
pound. According to statistical mechanics, all
molecules of an ideal gas have the same kinetic
energy depending on the temperature. Since the
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kinetic energy is equal to smwv’, the ratio of the
velocities (v) of two isotopic molecules of mass
(mm) of the same compound is:

o N 172
Y _ (mH)
YUy M,

(17.4)

where the subscripts L and H identify the mole-
cule containing the light and heavy isotopes,
respectively. In the case of the carbon monoxide
molecules “C*0 and PC'0, the ratio of the
velocities is:

v, (28.998 27
 127.994 915

This means that the velocity of >C'°0 is 1.0177
times greater than that of *C'°0 regardless of the
temperature.

Velocity differences among isotopic mole-
cules of the same compound contribute to isotope
fractionation in a number of ways. For example,
molecules containing the light isotope of an ele-
ment may diffuse out of a system more rapidly
than the molecules containing the heavy isotope,
thereby enriching the system in the heavy isotope.
Therefore, during evaporation of water, H,°0
molecules escape into the vapor phase more
rapidly than H,"O and thus enrich the vapor in
'®0 leaving the remaining water enriched in ®O.

Differences in bond strengths among isotopic
molecules of the same compound affect the kinet-
ics of reactions in which they participate. Since the
lighter of two isotopes forms weaker bonds than
the heavier isotope, molecules containing the
lighter isotope react more rapidly and are concen-
trated preferentially into the products of the reac-
tion. Therefore, unidirectional chemical reactions
can be very effective in fractionating isotopes.
Such reactions occur in open systems where the
products can escape and equilibrium is unattain-
able. For example, certain bacteria (Desulfovibrio
desulfuricans) reduce sulfate ions to H,S® or HS™,
which may be removed from the reaction by pre-
cipitation of metal sulfides. The sulfides produced
by this process are enriched in **S relative to S

1/2
) =1.0177 (17.5)
Vy
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because the **S—O bonds of the sulfate ions are
more easily broken by the bacteria than the
#§—O bonds. :

The equilibrium constants of isotope
exchange reactions in the gas phase can be calcu-
lated from so-called partition functions, which are
defined in statistical mechanics. However, the
fractionation of i'sotopes by reactions involving
solids or liquids must be studied under controlled
conditions in the laboratory or by analysis of nat-
ural systems believed to have achieved isotopic
equilibrium. The magnitude of equilibrium con-
stants of isotope exchange reactions depends pri-
marily on the temperature and approaches 1.00 as
the temperature rises to high values because at
high temperature the small differences in the
strengths of bonds formed by different isotopes of
an element in a molecule are not as effective in
causing isotope fractionation as they are at low
temperature.

17.2 Mathematical Relations

The equilibrium constant of an isotope exchange
reaction involving the replacement of only one
atom in a molecule by two different isotopes of an
element is identical to the isotope fractionation
factor, which is defined by:
R
ap == 17.6
=% (17.6)
where R, is the ratio of the heavy to the light iso-
tope of an element in a molecule or phase a, R, is
the same in molecule or phase b, and the reaction
is in equilibrium at a specific temperature. For
example, when water is in equilibrium with its
vapor at 25°C, the fractionation of O isotopes in
water molecules is expressed by:

R,

— = 1.0092
7 =L
where R, ="0/"0 in the liquid phase and

R, = ""O/"0 in the vapor phase. The correspond-
ing fractionation factor for H between water and

(17.7)

[
a, =

its vapor is defined in terms of the D/H ratios and
has a value of 1.074 at 25°C.

The data in Table 17.1 indicate that the
B0/10 ratio of average terrestrial O s
0.200/99.762 = 0.00200 and that the D/H ratio is
0.00015. Because it is difficult to measure small
differences in such small ratios, the isotope com-
positions of H, C, N, and S are expressed as the
per mille difference of the isotope ratios of a sam-
ple (spl) and a standard (std). For O we have:

R. = R
%0 = (—SPIR—dH) X 10° %o (17.8)
st

where R is the ratio of the heavy to the light iso-
tope, that is, R = '*Q/'°0. Similarly for C:

: Ry, — R,
%0 = (M) X 100%  (17.9)
std

where R = PC/"C.The standard for O is standard
mean ocean water (SMOW), whereas that for C is
the calcite of a belemnite from the Peedee
Formation in South Carolina known as PDB. Q
SMOW also serves as the standard for H, whereas -
the isotope composition of O in carbonate rocks
and minerals is commonly expressed relative to
PDB. The relationship between 80 (SMOW)
and 80 (PDB) is:

5150 (SMOW) = 1.030 865'°0 (PDB) + 30.86
(17.10)

The standard for N is N, of the atmosphere,
whereas the isotopic composition of S is expressed
relative to the S in troilite (FeS) of the Canyon
Diablo meteorite from Meteor Crater, Arizona. In
all cases, a positive §-value indicates that the sam-
ple is enriched in the heavy isotope relative to the
standard, whereas a negative d-value indicates
depletion in the heavy isotope. The §-values are
determined on specially designed mass spectrom- =
eters using gases prepared from the samples. The ,’ o
practical problems associated with the determina- 3
tion of 8-values are discussed by Hoefs (1996).
The relationship between the fractionation
factor aj, for an element whose isotopes are dis-



tributed between molecules or phases a and b and
the corresponding é-values can be derived from
their definitions. Since aj, = R,/R,, we use equa-
tion 17.8 to express K, and R, in terms of -values:

5: Rstd Rstd(Ba i lo;)

R =—""2+R = - 11
a 103 std IOJ (171 )
Therefore, '
R (5, + 10°)10° & + 10}
a _ std( a ) s “ER (1712)

T 10°R (5, + 107 B, + 10°
Equation 17.12 enables us to calculate either of,
d,, or &, when any two of the three variables are
known. For example, we can use equation 17.12 to
calculate the §'®0 value of water vapor in the air
over the oceans at 25°C, assuming that isotope
equilibrium is maintained. Since o!/(Q) = 1.0092
and 80, = 0.0%. relative to SMOW:

880, + 10° R
8180" — 1 l o 10\

a3

(17.13)
A1
T 1.0092

80, 10* = —9.1%0 (17.14)
The minus sign indicates that water vapor is
depleted in 'O relative to SMOW. We can also
calculate 8D of water vapor in equilibrium with
seawater at 25°C. Since al(D) = 1.074 and
8D, = 0.0%0, 8D, = —08.9%0, which means that
the vapor is depleted in deuterium by 68.9%0 or
6.89%. In reality, water vapor over the oceans is
even more depleted in 'O and D than predicted
by these calculations because the air over the
oceans is undersaturated with respect to water
vapor, which means that seawater is not in equi-
librium with its vapor. As a result, the rate of
evaporation exceeds the rate of condensation and
kinetic isotope fractionation takes place.

‘The temperature variation of isotope fraction-
ation factors for specific exchange reactions is usu-
ally determined experimentally and is expressed
by equations of the form:

A X 10°

7

10° In o = = (17.15)
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where A and B are constants and 7' is the temper-
ature in kelvins. Values of A and B for many min-
eral-water systems were compiled by Friedman
and O’Neil (1977) and Faure (1986).

The natural logarithms of small numbers like
1.00x have the interesting property that:

10° In 1.00x = x (17.16)

For example, 10°In1.005 = 4.987; but the
approximation deteriorates when x > 10, since
10* In 1.010 = 9.950. Nevertheless, the approxi-
mation does apply to the fractionation of C, N, O,
and S in many natural systems, and we can there-
fore use it to simplify equation 17.15. We start
with the equation: '
a e Ra _ Ra — Rb

af — 1 R, 1 R, (17.17)
Next, we use equation 17.11 to relate R, and R, to
their respective 8-values and substitute them into
equation 17.17. After simplifying the resulting
expression we obtain:

R,— R, (5, +10°) — (5, + 10°)

a_ | =
" R, (3, + 10°)
(17.18)
which reduces to:
a — 5:1 — (Sb
ap — 1= 5, + 10° (17.19)
If oy is less than 1.010, 8, + 10° = 10° and therefore:
o, — O
ail — 1= 810-‘ & (17.20)

and

10%(a2 — 1) =~ §, — &, (17.21)

Therefore, we can state that:
10(al — 1) = 10°In o = §, — §, (17.22)

Ifwelet 6, — §, = A, then:

A X 10°

it

= (17.23)

10° In o ~ Al =
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This equation indicates that the difference in the
&-values of C, N, O, and S in coexisting com-
pounds in isotopic equilibrium decreases with
increasing temperature. Ultimately, as T becomes
very large, A approaches zero because the two
coexisting compounds have virtually the same
isotope composition. However, in the normal
temperature range at or near the surface of the
Earth, coexisting compounds of H, C,N, O, and S
have different isotope compositions when the
respective exchange reactions are in equilibrium.

17.3 lsotope Fractionation in the

Hydrosphere

Evaporation of water from the surface of the
oceans in the equatorial region of the Earth caus-
es the formation of air masses containing water
vapor that is depleted in '*O and D compared to
seawater. In the northern hemisphere the moist
air from the tropics is displaced in a northeasterly
direction by the circulation of the atmosphere
and therefore enters cooler climatic zones. As a
result of the decrease in temperature, the air
becomes saturated with water vapor, which caus-
es condensation and precipitation of water as
rain, snow, or hail.

The condensate is enriched in the heavy iso-
topes of O and H because condensation is the
opposite of evaporation. However, whereas evap-
oration may take place under disequilibrium con-
ditions, the condensation of water from its vapor
occurs at equilibrium. Therefore, we can calculate
80 and 8D of the first'condensate that forms
from water vapor of known isotopic composition
at a specified temperature.

According to equation 17.12, the 80 value
of the condensate is:

80, = al(6"%0, + 10°) — 10° (17.24)

If 8"0, = —13.1% relative to SMOW and
a (0) = 1.0092 at 25°C, then:

30, = 1.0092(—13.1 + 10°) — 10°* = —4.0%0
(17.25)

Similarly, the 8D value of the condensate that
forms at 25°C from vapor having 6D, = —94.8%.is:

8D, = 1.074(—94.8 + 10°) ~ 10° = —27.8%
(17.26)

Note that the condensate is enriched in '*O and D
relative to the vapor in the air. However, the iso- 3
topic composition of the first condensate is not
the same as that of the original seawater because
we assumed that the isotope fractionation during
evaporation was enhanced by kinetic effects.
When the first droplets of condensate fall
out of the air mass as rain or snow, the water.
vapor remaining in the cloud is further depleted
in '*O and D. As a result of continuing conden
sation and loss of water or snow from an air
mass, the remaining water vapor becomes pro--
gressively more depleted in 80 and D as air
masses in the northern hemisphere move in a
northeasterly direction. Consequently, the 80 -
and 8D values of meteoric precipitation become *
progressively more negative with increasing.
geographic latitude.
The resulting latitude effect on the isotope:
composition of meteoric water is caused b
(1) progressive isotope fractionation associate
with condensation of water vapor and the removal *
of water droplets from the air mass, (2) the increas
of the isotope fractionation factors caused by a
decrease in temperature, (3) the reevaporation of :
meteoric water from the surface of the Earth, and
(4) evapotranspiration of water by plants. Since H
and O occur together in water molecules and sinc
both experience the same sequence of events dur
ing the migration of air masses, the 6D and 80 |
values of meteoric water are strongly correlated:
and satisfy an empirical equation known as the :
meteoric-water line (Figure 17.1):

5D = 880 + 10

plitkiT

(17.27

The slope of the meteoric-water line is related to,
the isotopic fractionation factors of H and O dur
ing evaporation or condensation of water:

al(H) =1 0074
' (0) =1 00092

S

=80 (17.28):

At
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Figure 17.1 Relationship between 8D and 8O of
meteoric precipitation expressed by equation 17.27.
Snow in the polar regions is strongly depleted in 80
and D as a result of progressive isotope fractionation
of water vapor in air masses moving toward the polar
regions.

The intercept at 8D = +10%0 for 80 = 0%o is
called the deuterium excess. Both the slope and
the intercept vary depending on local climatic
conditions (Hoefs, 1996). Nevertheless, meteoric
precipitation is progressively depleted in *O and
D with increasing geographic latitude such that
winter snow at the South Pole is characterized by
8'%0 = —55%0 and 8D = —430%.

The isotope fractionation of water vapor in
an air mass described above can be modeled by
Rayleigh distillation, provided that the isotopic
composition of the water vapor in the air mass is
not modified by evaporation of water from the
surface of the Earth, or by evapotranspiration, or
by partial evaporation of raindrops falling
through the cloud. In accordance with Rayleigh
distillation, the isotope ratio (R,) of the remain-
ing vapor is related to its original isotope ratio
(R?) by the equation:

R, = ROfa! (17.29)

where ay = R,/R, and f'is the fraction of vapor
remaining. We can use equation 17.11 to convert
equation 17.29 to the §-notation:
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80, = (8"0¢ + 10°)f*~' - 10° (17.30)

Similarly, for H:
8D, = (8D° + 10°)f*~! - 10°

When f=1.0 in equation 17.30, 6'*0, = §°0".
However, when fvaries from 1.0 to 0.0, §'*0 of the
remaining vapor decreases as shown in Figure 17.2.
As the process continues, the isotopic abundances
of O and D in the condensate must also decrease
because the isotope ratios of O and H in the lig-
uid are bound to those in the remaining vapor by
equation 17.6, thatis,a, = R,/R,. Since R, = R /«,
we obtain from equation 17.29:

(17.31)

B =RVl (17.32)
0
ligy;
quig -
—10
8 Yapor
s
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Fraction of vapor remaining (f)

Figure 17.2 Effect of Rayleigh distillation on the
8'%0 value of water vapor remaining in an air mass
and of meteoric precipitation falling from it at a con-
stant temperature of 25°C and . = 1.0092. Note that
meteoric precipitation becomes strongly depleted in
O as the fraction of vapor remaining in the air mass
decreases. Such "*O-depleted snow occurs in the polar
regions and at high elevations in mountain ranges. but
the effect is probably caused more by condensation at
decreasing temperature than by Ravleigh distillation.
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and by analogy to equation 17.30:
580, = a(8'%0° + 10°) £« = 10°  (17.33)

This equation yields the 880 value of meteoric
precipitation in Figure 17.2 that forms by pro-
gressive condensation of vapor at constant tem-
perature. ’

The results help to explain why meteoric
water is depleted in "*O and D compared to sea-
water. However, in reality the process is compli-
cated because of the addition of vapor to the air
mass by reevaporation of fresh water and because
the isotope fractionation factors of O and H in
water are not constant but increase with decreas-
ing temperature.

The temperature dependence of the iso-
tope fractionation factor for oxygen during the
evaporation/condensation of water from 0 to
100°C has been studied experimentally and is
expressed by an equation stated by I'riedman
and O’Neil (1977):

1.534 x 10° B 3.206 x 10°

2 + 2.644

(17.34)

10°Ina =

where T is the temperature in kelvins. The frac-
tionation of H in water from 0 to 50°C is:
24.844 x 10°  76.248 X 10°
= T

+ 52.612
(17.35)

100 lne =

The condensation of water vapor in air masses to
form snow takes place at temperatures below 076
The variation of the isotope fractionation factors
for ice and its vapor in this temperature range was
discussed by Fritz and Fontes (1980b).

The strong dependence of the isotope frac-
tionation factors of O and H in meteoric water on
the temperature of evaporation/condensation
gives rise to a relationship between the 50 value
of meteoric precipitation and average monthly
temperatures. The relationship was expressed by
Yurtsever (1975) in the form of an empirical equa-
tion based on data from northern Europe and
Greenland:

550 (SMOW) = (0.521 + 0.014) — 14.96 + 021
(17.36) &

where ¢ is the average monthly temperature in
degrees Celsius.

The temperature dependence of §°0 and 6D
values of snow accumulating in the polar regions
is reflected in seasonal variations of these para-
meters, which thereby record long-term changes =
in climatic conditions. For example, the climatic
warming at the Pleistocene-Holocene boundary
about 15,000 years ago is recorded in ice cores 3
recovered from Greenland and Antarctica by a 3
5-10%. shift in the &®O values of the ice |
(Johnsen et al., 1972; Moser and Stichler, 1981
Lorius et al., 1985).

gy

17.4 Oxygen lsotope
Composition of Calcite

After the end of World War II, Harold C. Urey, the _
discoverer of deuterium, set up a laboratory at th
University of Chicago where he began to study the i
fractionation of O isotopes between calcite and
water. This work soon led to the development ofa
paleothermometer based on the isotope composi-
tion of O in marine calcite and aragonite. In addi- -
tion, Urey assembled a group of gifted students
and postdoctoral collaborators whose research has -
contributed significantly to the systematic study of ;
the isotope compositions of H, C,N, O,and Sinter- 3
restrial and extraterrestrial samples. Harold Urey’s 3
former colleagues and their students are still at the
forefront of the study of isotope fractionation and
its applications to geochemistry and cosmochem-
istry (Valley et al., 1986).

Calcite and aragonite are enriched in 0
compared to the water from which they precipi-
tated. When the reaction takes place in isotopic
equilibrium in the oceans, the 880 value of the
calcite (8,) is related Lo the 8O of seawater (8,)
and the temperature (¢) in degrees Celsius by the
equation:

(=169 - 4205, - 5,) + 0.13(3, — 8,)° (1737) 8
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where 8, is 60 of CO, prepared by reacting cal-
cium carbonate with 100% H,PO, at 25°C and §,
is 6'°0 of CO, in equilibrium with the water at
25°C and both §-values are based on the same
standard. Anderson and Arthur (1983) recast
equation 17.37 by expressing &, on the SMOW
scale, whereas §_ is pn the PDB scale:

1(°C) = 16.0 — 4.14(5, — 8,) + 0.13(5, — 8,)
(17.38)

It is customary to express the 80 values of car-
bonate minerals relative to the PDB standard
(Peedee Formation, belemnite) originally chosen
by Urey. Consequently, the §'%0 values of marine
carbonates are close to 0% on the PDB scale,
whereas those of nonmarine carbonates are nega-
tive because fresh water is depleted in 0.

The 80 value of seawater is included in
equations 17.37 and 17.38 because the isotope
composition of water in the oceans is variable on
a regional scale, depending on the rate of evapo-
ration from the surface, and because of mixing of
seawater with fresh water discharged by rivers or
by melting icebergs. Moreover, the §O value of
the oceans has varied in the past depending on
the extent of continental glaciation. At the height
of the Pleistocene glaciation, the oceans became
enriched in O because the continental ice sheets
were strongly depleted in '*O. Therefore, the 8'%0
of seawater has varied by up to [.53%. from
+0.09%o on the SMOW scale (full-scale continen-
tal glaciation) to ~0%o (present state) to —0.60%o
(no continental ice sheets).

The oxygen-isotope paleothermometer is
also based on the assumption that biogenic cal-
cites or aragonites were precipitated in ‘isotopic
equilibrium with seawater. This requirement is
met only by a few carbonate-secreting organisms
including mollusks and the foraminifera. The lat-
ter include both benthic (bottom dwelling) and
pelagic (floating) species whose habitats have
quite different temperatures. Other complica-
tions to be considered are the seasonality of shell
growth of mollusks and the mineralogy of the
shells because calcite and aragonite have slightly
different O isotope fractionation factors.

The complications described above make it
impractical to use equation 17.37 or 17.38 to
determine the numerical values of paleotempera-
tures in the oceans. Nevertheless, variations in the
50 (PDB) values of selected foraminiferal tests
from different depths in a sediment core can
reveal changes of the water temperature in the
past at the site where the core was taken. An
increase in 'O enrichment of calcite may be
caused either by a decrease in the temperature, or
by an increase in the 'O content of the water, or
both. A decrease in the O enrichment of calcite
may be caused by the opposite changes in the
temperature and the 60 value of water. The
temperature of the oceans and the 8O value of
seawater may be related because a decrease in
the temperature of seawater may be caused by
the onset of continental glaciation, which also
causes the oceans to become enriched in 0.
Unfertunately, equations 17.37 or 17.38 cannot be
used to determine both the temperature and the
880 value of seawater because they contain three
variables, only one of which can be measured.
This difficulty could be overcome by analvzing
other authigenic O-bearing minerals such as Ca
phosphate or chert. However, the temperature
dependence of the isotope fractionation factors
for these materials is very similar to that of the
carbonates. Therefore, it is not possible to deter-
mine both the temperature and isotopic composi-
tion of seawater by presently available isotopic
methods (Faure, 1986; Hoefs, 1996).

The 80 values of recently formed marine
limestones are close to zero on the PDB scale but
tend to be slightly negative. The small **O deple-
tion of calcite in modern” coral reef deposits
occurs during the recrystallization of the carbon-
ate particles in the presence of fresh water that
may accumulate in the subsurface in coral atolls
and in coastal reef complexes.

The average 6'°0 values of marine carbonate
rocks of Phanerozoic age become increasingly
more negative with age (Veizer and Hoefs, 1976).
The apparent 'O depletion of these rocks has
been attributed to (1) the long-term effects of oxy-
gen-isotope exchange between carbonate rocks
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and meteoric water, (2) the existence of higher
temperatures in the oceans of the Paleozoic Era
than at present,and (3) a lower '*O content of sea-
water in Paleozoic time compared to the modern
oceans. The explanation for the observed secular
changes in the 80 values of marine carbonate
rocks may have far-teaching consequences to our
understanding of the history of the Earth, but
there is as yet no consensus on this important
question.

Nonmarine carbonate rocks are variably
depleted in O compared to marine carbonates
and commonly have negative 8'®0 values on the
PDB scale because they formed from meteoric
water. Some nonmarine carbonate rocks, such as
those of the Flagstaff and Green River formations
in the western United States, formed by precipita-
tion of calcite in large lakes that became saline as
a result of evaporative concentration under arid
or semiarid climatic conditions. If the precipi-
tates formed in isotopic equilibrium, the fraction-
ation of O isotopes between calcite and water
varies with temperature between 0 and 500°C in
accordance with the equation (Friedman and
O’ Neil, 1977):

2.78 x 10°
— — 2.8
P 9

10° In af, = (17.39)
where letters ¢ and w refer to calcite and water,
respectively, and T is the temperature in kelvins.
This equation can be used to determine the 8O
value of the water from which calcite precipitat-
ed. as illustrated in the following example.
Calcite concretions in the Pagoda Tillite of
Permian age in the Queen Alexandra Range of
the Transantarctic Mountains have an average
580 value of about —20%. on the PDB scale
(Lord et al., 1988). In order to calculate 580 of the
water from which the concretion was deposited,
we convert 850 of the concretion from the PDB
to the SMOW scale by means of equation (17.10).

80, (SMOW) = 1.03086(—20) + 30.86
+10.2%o

Il

(17.40)

The temperature at which the calcite precipitated
was probably just above the freezing point

because tillite is a glacial deposit. [f the tempera- o
ture was 0°C, equation 17.39 yields the fractiona- §

tion factor for oxygen in calcite and water:

2.78 X 10°
103 In ﬂ.’\i(o) = W — 2.89 = 34.36 E
(17.41) 4

Therefore, InaS(0) =0.03436 and «i(O)= %

1.03495.Next, we use equation 17.12 to calculate
80,
102 + 10°

80, + 10° g

1.03495 =

which yields 80, = —23.9%, on the SMOW scale.

The approximation represented by equation 17.2-2_?'_,_ S
(17.43) &

8, — 8, ~ 10 In o

leads to 8, = 10.2 — 34.36 = —24.16%., which dif-
fers from the precise value (—23.9%) by only
about 1%.

The results of this calculation indicate that
the concretions in the Pagoda Tillite of Antarctica
were deposited by water that was strongly deplet-
ed in 0. This result implies that the water
formed by melting of the Gondwana ice sheet,
which also deposited the sediment of the Pagoda
Tillite. Evidently, the 80 value of the Gondwana
ice sheet, which existed more than 245 million
years ago, has been preserved in the calcite con-
cretion. The isotopic composition of H in the
glacial meltwater is given by equation 17.27:

8D = 8(-23.9) + 10 = —181.2%0

The O and H isotope ctompositions of the
Gondwana ice sheet are similar to those of snow
that is presently forming in the coastal areas of
Antarctica and in Greenland. The average
monthly temperature of the area of accumulation
of the Gondwana ice sheet can be estimated from
equation 17.36:

-23.9 = 0.521t — 14.96 (17.45)

which yieldst = —17.2°C.This temperature applies 9

to the area of accumulation of the Gondwana ice

sheet and not to its margin in Antarctica where the 7

ice was melting during the Permian Period.

(17.44) §

7)okl

e
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17.5 Oxygen and Hydrogen in
Clay Minerals

Oxygen in the silicate and aluminosilicate miner-
als of igneous and metamorphic rocks and their
sedimentary derivatives is enriched in '*O relative
to SMOW. When these aluminosilicate minerals
react with acidified water to form kaolinite or
other clay minerals (Chapter 16), the isotopic
compositions of O and H in the clay minerals
depend on several factors:

1. The isotope composition of the water.

2. The isotopic composition of the reactant
minerals,

3. The amount of water compared to the
amount of reactant minerals (water/rock
ratio).

4. The temperature.

5. The isotopic fractionation factors of O
and H.

The reactions between feldspar and acidified
meteoric water to form clay minerals take place
in the presence of an excess of water such that

OXYGEN AND HYDROGEN IN CLAY MINERALS
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the water/rock ratio is large. Therefore, the iso-
tope composition of O and H in clay minerals
depends on the water rather than on the reactant
minerals. Since 80 and 8D of meteoric water
vary depending on geographic latitude and cli-
matic temperatures, the clay minerals formed on
the continents inherit the relationship between
8D and 80 expressed by the meteoric-water
line. However, clay minerals are enriched in "0
and depleted in D relative to the water at the site
of the reaction. Therefore, the equations relating
80 and 8D of clay minerals have similar slopes
but different intercept values than the meteoric-
water line. According to Savin and Epstein
(1970), the equations are:

8D = 7.36"0 — 260 (montmorillonite) (17.46)

8D = 7.58"0 — 220 (kaolinite) (17.47)

These equations have been plotted in Figure 17.3
in order to illustrate the relationship between the
1sotopic composition of clay minerals and mete-
oric water.

When clay minerals that formed on land are
transported and redeposited in the oceans, the

r
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1
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Figure 17.3 Schematic repre-
sentation of the isotope com- -
positions of O and H in clay
minerals and Al, Fe hydroxides
of soils and the local meteoric
water. The meteoric-water line
is equation 17.27, whereas the
montmorillonite and kaolinite
lines are equations 17.46 and
17.47, respectively. The isotope
compositions of meteoric water
and soil from Hawaii and the
Montana-Idaho area of the
United States illustrate the '*O
enrichments and D depletion
of clay minerals relative to local
meteoric precipitation. The dia-
gram also depicts the latitude
effect on the isotopic composi-
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T
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+20 +30 tion of meteoric precipitation

{based on data by Lawrence
and Tavlor, 1971). ’
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isotope compositions of H and O remain
unchanged. Other detrital minerals associated
with clay minerals in marine muds likewise do not
equilibrate isotopically at the time of deposition.
The oxygen isotope fractionation factors of clay
minerals at Earth-surface temperatures listed in
Table 17.2 range from 1.0236 for illite to 1.027 for
kaolinite and montmorillonite. Therefore, the
880 value of kaolinite that forms from micro-
cline in the presence of meteoric water having
880 = —10%o is given by equation 17.12:

5'%0 (kaolinite) = 1.027(-10 + 10°) — 10°
= +16.7%o (17.48)

The corresponding 8D value is obtained from
equation 17.46:

8D = 7.3(+16.7) — 260 = —138.1%. (17.49)

These values are typical of clay-rich soils as indi-
cated in Figure 17.3 based on measurements by
Lawrence and Taylor (1971).

The mineral particles of clastic sedimentary
rocks approach isotopic equilibrium only at elevat-
ed temperatures when the rates of the respective
isotope exchange reactions become significant.
According to O’Neil and Kharaka (1976), temper-
atures of ~100°C are required to equilibrate H,
whereas a temperature of 300°C or more is
required to equilibrate O between clay minerals
and water. However, note that the achievement of
isotopic equilibrium by a clastic sedimentary rock

Table 17.2 [sotope Fractionation Factors
for Hydrogen and Oxygen Between Clay
Minerals (Including Gibbsite) and Water at
Earth-Surface Temperatures

Mineral fHvdrogen Oxygen
Montmorillonite 0.94 1.027
Kaolinite 0.97 1.027
Glauconite 0.93 1.026
[llite - 1.0236
Gibbsite 0.984 1.018

SOURCE: Faure (1986). Table 25.3.

does not mean that all minerals then contain O or
H of the same isotope composition.

In order to illustrate this point we use the data -
in Table 17.3 to calculate O-isotope fractionation
factors and 80 values of detrital illite, smectite, +
quartz, and calcite in contact with seawater
(8'80 = 0.0%0) at 100°C, assuming that sufficient
time is available to achieve isotope equilibrium.

Mineral ol 830, %o
Illite 1.0127 +12.7
Smectite 1.0144 +14.4
Quartz 1.0210 +21.1
Calcite 1.0167 +16.7

Evidently, each mineral has a different 8O value
even though all were assumed to have equilibrat-
ed O with water of the same isotopic composition
at the same temperature. ;

Clastic sedimentary rocks are generally com-
posed of mineral particles whose H and O isotop
compositions may have been only partly reset’

Table 17.3 Temperature Dependence of the
O-Isotope Fractionation Factor Between
Minerals and Water in the Form

10°ln o = A X 10/T* + B®

Mineral A B

Clay Minerals

Kaolinite 2435 —2.87 o
lite 2.43 ~482
Smectite 2.67 —4.82

Chlorite 1.56 -4.70 =
Other Minerals '
Quartz 3.38 —3.40

Calcite 2.78 -2.89°

Dolomite ERE -2.0

Anhydrite 3.21 —4.72

*Compiled from the literature and recalculated by Anderson
and Arthur (1983) to be consistent with Friedman and O’Ne
(1977).

°From Friedman and O Neil (1977).
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during burial and diagenesis depending on the
temperature and available time. The §'30 values
of marine shales range from +14 to +19%. (Savin
and Epstein, 1970), whereas their 8D values lie
between —33 and —73% (Yeh, 1980). The §"*0O
values of marine limestones decrease with their
depositional age from about +30%. (SMOW) for
Quaternary rocks to +21%o (SMOW) in speci-
mens of Cambrian age (Keith and Weber, 1964;
Veizer and Hoefs, 1976). Since Ca carbonate does
not contain H, the 8D values of limestones are not
defined.

Note that this section deals with systems hav-
ing large water/rock ratios. Under such conditions
the water contains a virtually infinite reservoir of
H and O whose isotope compositions are not
affected by exchange reactions with minerals in
contact with them. Such environments occur pri-
marily on the surface of the Earth where mineral
particles are exposed to large quantities of water.

The situation below the surface of the Earth
is commonly quite different because in this envi-
ronment relatively small quantities of water are in
contact with large volumes of rock for long peri-
ods of time and at elevated temperatures. In such
cases the water/rock ratio is small and therefore
the isotope compositions of O and H in the water
change significantly, whereas those of the rocks
change much less.

17.6 Groundwater and
Geothermal Brines

The 1sotope compositions of O and H in ground-
water are altered by isotope exchange reactions
with the rocks in which the water occurs. The mag-
nitude of this effect increases primarily with tem-
perature and with the subsurface residence age of
the water, but depends also on the mineral com-
position of the rocks and on the presence of other
substances such as hydrocarbons and H,S(g).
Several of these environmental properties, includ-
ing temperature and residence age of the water,
may increase with depth below the surface.

Water occurring in the pore spaces and frac-
tures of rocks in the subsurface may originate
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from several different sources defined by

Kharaka and Carothers (1986):

Meteoric water was derived from rain, snow, water
courses, and other bodies of surface water that
percolates through pore spaces in the rocks and
displaces the interstitial water they contain
regardless of its origin.

Connate water was deposited with sediments and
has been out of contact with the atmosphere since
the time of deposition. In the case of sedimentary
rocks of marine origin the connate water was
derived from seawater trapped in the pore spaces
of the sediment.

Diagenetic water is released from solid phases as a
result of reactions among minerals during diagen-
esis, such as the transformation of gypsum to
anhydrite and smectite .to illite both of which
release water.

Formation water is the water that exists in layers
of sedimentary rocks prior to drilling regardless
of its origin.

Brine is water whose salinity, expressed in terms
of total dissolved solids (TDS), exceeds that of
seawater, which is 35,000 mg/L.

When meteoric water moves through the
pore spaces of subsurface rocks, isotope exchange
reactions take place that alter the isotope compo-
sition of this water in a systematic way. Figure 17.4
illustrates the case where meteoric water having
8'%0 = ~10%o, 8D = —70% on the SMOW scale
interacts with shale having 8"0 = +14%. and
8D between —33 and —73%. (SMOW). If the
water/rock ratio s small, the 8'®0 and 8D values
of the water change along linear trajectories
toward the isotope composition of the shale. The
location of a particular water sample on such a
trajectory depends primarily on the temperature,
which controls the values of the isotope fraction-
ation factors. Since the fractionation factors
decrease with increasing temperature, §'*0 and
oD of the water move closer toward the isotope
composition of the rocks as the equilibrium tem-
perature rises.

In order to illustrate this relationship we con-
sider two points, A and B, in Figure 17.4, which
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Figure 17.4 Schematic view of the changes in the isotopic composition of groundwater caused by
isotope reequilibration with rocks at increasing temperature in systems having low water/rock ratios.
Points A and B are samples of meteoric water (8"0 = —10%0) that reequilibrated with illite at
100°C (point A) and 200°C (point B) assuming that 8'*0 of illite is +14%, (SMOW) and remains
constant. The diagram shows that both meteoric water and seawater may be altered isotopically by
this process. As a result of isotope reequilibration groundwater may be displaced from the meteoric-
water line to form linear trajectories directed toward the isotope composition of the host rocks.
Alternatively, such trajectories may also be the result of mixing between old isotopically reequili-
brated brines and meteoric water from the surface of the Earth.

represent meteoric water that has equilibrated O
with illite at 100 and 200°C, respectively. The §"°O
of the water was calculated from the appropriate
equation in Table 17.3:

L 243 % 100
[0l ol = Z= 5 — 482

-5 (17.50)

where ! is the fractionation factor for O
between illite (i) and water (w). We assume that
the water/rock ratio is small, that isotopic equi-
librium between illite and water has been estab-
lished, and that 80 of illite is + 14%0 (SMOW).
The 830 of the water can be calculated by solv-
ing equation 17.50 for ay, at the desired temper-
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atures and by substituting these values into
equation 17.12. The results are 80, = +1.3%o
at 100°C (point A in Figure 17.4) and
0"™0,, = +7.9%0 at 200°C (point B). Evidently,
8"0 of the meteoric water is shifted from
—10%o at the surface toward 80 of the rocks
by an amount that increases with increasing
temperature.

In the case illustrated in Figure 17.4 the iso-
tope composition of H of the meteoric water
changes very little because the water and the rock
were assumed to have similar 8D values. In gen-
eral, the 8D values of reequilibrated ground-
waters do change with increasing temperature
depending on the presence of H-bearing com-
pounds, including not only clay minerals but also
hydrocarbons and H,S. However, the tempera-
ture dependence of the applicable fractionation
factors for H is not yet known.

We conclude that the isotopic compositions
of groundwater derived from meteoric precipita-
tion may be displaced from the meteoric-water
line by enrichment in 'O and D. Water samples
collected at increasing depth below the surface
tend to lie along linear trajectories directed
toward the 5O and 8D values of the subsurface
rocks with which the water is equilibrating at
varying temperatures depending on the depth.
Such linear trajectories are commonly observed
by isotope analyses of oilfield brines (Clayton
et al., 1966; Hitchon and Friedman, 1969).

Seawater originally trapped in the pore spaces
of sediment is likewise altered isotopically by iso-
tope exchange reactions with the host rocks.
Figure 17.4 outlines the area in the §'*0-8D plane
where such waters are located, provided they
equilibrated with shale over a range of elevated
temperatures in environments having low water/
rocks ratios. Therefore, connate water in rock for-
mations of marine origin is ancient seawater
whose isotopic and chemical composition has
changed as a result of water-rock interactions.
Formation waters may be mixtures of connate
water and meteoric water, both of which had pre-
viously reequilibrated H and O depending on the
composition of the rocks, the temperature, and
residence age of the water.
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Evidently, the isotope composition of ground-
water can be understood also as a result of mixing
of waters of differing compositions and origins.
Meteoric water percolating downward from the
Earth’s surface may mix at depth with brines that
may themselves be mixtures of connate water and
highly reequilibrated old meteoric water. The
resulting water compositions also lie in the area of
reequilibrated meteoric water in Figure 17.4.
Therefore, mixing is an important process affect-
ing the isotopic and chemical composition of
groundwater in ways that may be indistinguish-
able from the results of progressive chemical and
isotopic equilibration between rocks and water in
the subsurface (Lowry et al., 1988).

17.7 lIsotope Fractionation of

Carbon

Carbon is the principal element in the biosphere,
but it occurs also in the lithosphere, hydrosphere,
and atmosphere of the Earth. It has two stable iso-
topes ("C and "C, Table 17.1) whose abundances
in terrestrial samples vary by ~10% as a result of
isotope fractionation by exchange reactions and
kinetic effects. The isotopic composition of carbon
is expressed in terms of the §"C parameter defined
by equation 17.9 relative to the PDB standard.

The fractionation of C isotopes occurs pri-
marily during photosynthesis reactions in green
plants. As a result, biogenic C compounds are
strongly depleted in “C and have negative §“C
values. However, CaCO; precipitated in equilibri-
um with the CO, of the atmosphere is enriched in
HC relative to CO, and has 8"C values near 0%
because the PDB standard is itself a marine car-
bonate. However, under certain circumstances,
biogenic C may be oxidized to bicarbonate ions
which may be incorporated into CaCO,, giving it
negative 6"°C values whose magnitude depends
on the proportions of mixing of biogenic and
morganic C.

The photosynthesis process starts with diffu-
sion of CO, gas from the atmosphere into the
cells of green plants and causes the internal CO,
to be depleted in “C. The internal CO, is subse-
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quently converted into phosphoglyceric acid con-
taining three C atoms (Calvin cycle) or into dicar-
boxylic acid with four C atoms (Hatch-Slack
cycle). These transformations are irreversible and
cause further depletion in "C amounting to
17-40%o or more in C, plants but only 2-3%. in C;
plants. The subsequgnt synthesis of organic com-
pounds causes additional isotope fractionation
with maximum "*C-depletion in lipids (oils, fats,
and waxes). Consequently, those land plants
which use the C; metabolic process are strongly
depleted in “C and have 81°C values between
—23 and —34%. (PDB), whereas C, plants (corn
and tropical grasses) are less depleted in 3C than
C, plants, and their 81°C values range from —6 to
—23%. (PDB). Note that the 8"°C values of C; and
C, plants do not overlap (Deines, 1980).

Fossil fuels (coal, petroleum, and natural gas)
are strongly depleted in "*C because they originat-
ed primarily from the remains . { C; plants. The
§3C values of coal range from about —20 to —30%e
(PDB) and average about —25%.. Petroleum is
slightly more depleted in "*C than coal,and its 8"°C
values cluster between —27 and —30%. (PDB)

The isotopic composition of hydrocarbon gases
depends on their molecular composition and ori-
gin. In general, methane (CH,) is the most abun-
dant constituent of natural gas and tends to be
more depleted in °C than ethane (C,Hy), propane
(C,Hy), or butane (C,H,,). Methane formed by bac-
terial decomposition of cellulose under reducing
conditions in soil and recently deposited sediment
has strongly negative §"C values ranging to about
—80%0 (PDB). Methane produced by cracking of
larger hydrocarbon molecules or during the forma-
tion of coal or petroleum is depleted in BC relative
to its source material, such that its 8°C values vary
between —25 and —30%. (PDB). Deines (1980)
showed that methane recovered from relatively
shallow depths between 100 and ~2000 m is more
depleted in C than methane that originated from
greater depths. The greater “C-depletion of
methane originating from near-surface sources may
be caused by the presence of varying proportions of
bacteriogenic methane.

Carbon dioxide of the atmosphere has a 8°C
value of —7.0%.. but its isotopic composition is

changing because of the addition of biogenic C
released by the combustion of fossil fuel. When
CO, dissolves in water to form carbonic acid and
its ions, isotope exchange reactions occur that
enrich HCO; in PC relative to atmospheric CO,
(Table 17.4). When CaCO, precipitates from such
solutions the solid phase is further enriched in
13C, According to Deines et al. (1974), the result-
ing fractionation of C-isotopes in CaCOj relative
to CO, varies with the temperature such that:

6
1—19%,10— - 363 (17.51)
where s and g refer to solid CaCO; and gaseous
CO,, respectively. Therefore, the isotope fraction-
ation factor for C in the CaCO;-CO, system at _
20°C is 1.0103. If §"*C of the CO, = —7.0%o, then
CaCO, formed in isotopic equilibrium at 20°Chas
53C = +3.2%. (PDB) based on equation 17.12.

The 8"*C values of marine carbonate rocks of
Phanerozoic age are actually close to 0%o. For
example, Keith and Weber (1964) reported an
average value of +0.56 = 1.55%. (PDB) for 321
selected samples of marine limestones of Pha-
nerozoic age. The C in nonmarine carbonate :
rocks tends to be depleted in PC and has more
variable isotope compositions than marine car-
bonates. Keith and Weber (1964) reported an
average 8°C = —4.93 = 2.75%. (PDB) for 183

10°In o) =

Table 17.4 Fractionation of Carbon
[sotopes Between Aqueous Carbonate Tons
and Calcium Carbonate Relative to CO,(g)

Carbonate species AT B?
H,CO 0.0063 —-0.91
HCO; 1.099 —4.54
Co: 0.87 (approx.) —3.4 (approx.)
CaCofs) 1.194 ~3.63
*4 and B are constants in the equation
10°In @ = il + B

T’

where « is defined as R{carbonate species)/R(CO,(g)) and
R is the atomic PC/YC ratio.
SOURCE: Deines et al. (1974).
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selected samples of nonmarine limestones. The
C-depletion of nonmarine carbonate rocks is
attributable to the presence of biogenic carbon
formed by oxidation of plant debris to HCO7 in
the environment of deposition. However, non-
marine carbonates deposited where no plant
debris was present have §"”C values that are
indistinguishable from those of marine carbon-
ates (Lord et al., 1988).

Calcite cements in sandstones may also be
depleted in °C where CH, escapes from petrole-
um pools or coal seams and is oxidized to HCO3
(Donovan et al., 1974). Similarly, the calcite in the
cap rocks of salt domes has negative §°C values
because it precipitated from HCO3 ions that
formed by the bacterial oxidation of petroleum in
pools along the flanks of the salt domes. Cheney
and Jensen (1967) reported an average
8BC = —36.2 + 6.2%. (PDB) for calcites associ-
ated with salt domes in Louisiana and Texas. They
also found “C-depleted calcites in the sandstone-
hosted U deposits in the Wind River Formation
(Lower Eocene), Gas Hills, Wyoming.

[sotope analyses of O and C in calcite can
now be made by releasing CO, from “zap pits” or
microscopic traverses using a laser. Hence, it is
possible to study mineral cements or carbonate
concretions in great detail on a scale of about
10 pm by means of laser-released CO, gas.

17.8 Isotope Compositions of

Strontium in Carbonate
Rocks

Carbonate rocks contain not only O and C but
also include trace amounts of Sr whose isotope
composition is variable because of the decay of
naturally occurring radioactive *’Rb to stable ¥'Sr
(Section 16.3b) Therefore, we digress briefly to
discuss the isotope composition of Sr in carbonate
rocks even though the isotopes of Sr are nor frac-
tionated by exchange reactions or by kinetic
effects (Faure, 1986).

Calcium carbonate permits Sr*™ to replace
Ca’" but excludes Rb*. As a result, calcite has a
very low Rb/Sr ratio, and its *Sr/%Sr ratio is
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not significantly altered by radioactive decay of
¥Rb to ¥'Sr after deposition (Section 16.3b).
Instead, the isotope composition of Sr in calcite
deposited in the oceans results from mixing of dif-
ferent isotopic varieties of Sr that enter the
oceans. The principal sources of marine Sr having
distinctive ¥Sr/%Sr ratios are (1) old granitic
basement rocks of the continental crust (high
Rb/Sr, high ¥Sr/*Sr); (2) young volcanic rocks
along midocean ridges, in oceanic islands, and
along continental margins (low Rb/Sr, low
#7Sr/%Sr); and (3) marine carbonate rocks on the
continents (low Rb/Sr, intermediate ¥Sr/*Sr).

The isotopes of Sr are not fractionated during
precipitation of calcite or aragonite from aqueous
solutions because the mass difference between
¥’Sr and %Sr (defined in Table 17.1) is only 1.2%.
Because of the absence of isotope fractionation
effects and the negligibly small production of
radiogenic ¥Sr by decay of ¥Rb in carbonate
rocks, we conclude that marine and nonmarine
carbonate rocks, as well as calcite cements and
concretions, record the isotope composition of Sr
in the fluid phase at the time of deposition.

Isotope analyses of Sr in a large number of
marine limestones of Precambrian and Phanerozoic
age have revealed that the ¥Sr/®Sr ratio of seawa-
ter has varied systematically with time (Burke et al.,
1982). These variations must have been caused by
changes in the isotopic compositions of Sr that
entered the oceans from various sources and by
changes in the relative proportions of these inputs.
The systematic variation of the isotope composition
of Sr in the oceans therefore reflects the operation
of the “geochemical machine” mentioned first in
Section 14.5. However, we still do not have a com-
plete explanation of the specific reasons for the way
in which the ¥Sr/*Sr ratio in the oceans has varied
with time (Faure, 1986).

The steady rise in the ¥Sr/*Sr ratios of the
oceans during the Tertiary period is shown in
Figure 17.5 based on measurements by DePaolo
and Ingram (1983). This phenomenon can be used
for dating marine carbonate samples of Tertiary
age and for stratigraphic correlations (Hurst,
1986). The isotope composition of Sr in the mod-
ern oceans is constant throughout the oceans
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Figure 17.5 Variation of the *’Sr/*Sr ratio of marine carbonates with age during the Tertiary Period
based on measurements by DePaolo and Ingram (1986). The continuous increase of this ratio since
the end of the Eocene epoch can be used to date samples of marine carbonate of Tertiary age. Note
that the rate of change of the ¥Sr/*Sr ratio has varied with time and that the present value of this
ratio in the oceans is 0.709234 = 0.000009. However, the ¥’Sr/*Sr ratio measured by DePaolo and
Ingram (1986) are higher than those reported by Burke et al. (1982) by 0.00017. The time scale
includes P = Pleistocene, Pi = Pliocene, M = Miocene. O = Oligocene. E = Eocene, and

Pa = Paleocene.
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because its residence time is ~4000 times longer
than the time required for mixing. Measurements
by DePaolo and Ingram (1986) indicate that the
average %'Sr/®Sr ratio of modern seawater is
0.709 234 = 0.000 009. However, this value must
be reduced by 0.00017 to make it compatible
with measuremen(s by Burke et al. (1982) and
with a compilation of data from the literature by
Faure (1982).

The *Sr/*Sr ratios of nonmarine limestones
reflect the ages and Rb/Sr ratios of the rocks
exposed to weathering in the drainage basin in
which the carbonates were deposited. Therefore,
stratigraphic variations of the ¥Sr/*Sr ratios of
nonmarine carbonate rocks can only be caused by
changes in the geology or hydrology of the
drainage basin (Neat et al., 1979).

The ¥Sr/%%Sr ratios of carbonate cements in
arkosic or lithoclastic sandstones and conglom-
erates are affected by the release of ¥Sr from
Rb-bearing minerals in the sediment during diage-
nesis. Therefore, the homogeneity of %Sr/*Sr
ratios of calcite cements in a lithologic unit is a
reflection of the rate of flow of formation water
through the lithologic unit or aquifer. Relatively
rapid throughput of water tends to make ¥Sr/*Sr
ratios homogeneous, whereas stagnant conditions
caused by low permeability or a low hydrostatic
gradient permit local variations to develop in the
isotope composition of Sr of calcite or zeolite
cements (Stanley and Faure, 1979).

17.9 Isotope Fractionation

of Sulfur

The stable isotopes of S listed in Table 17.1 are
fractionated during the reduction of sulfate ions
by bacteria and as a result of isotope exchange
reactions among S-bearing ions and molecules in
aqueous solution. The isotope composition is
expressed in the é-notation as:

3G /32 o (34g/3G) i
L (3:"8‘/328() L )”‘“Jx 10° (17.52)
std

where the standard is the S in troilite (FeS) of the
iron melteorite Canyon Diablo collected at

s =
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Meteor Crater, Arizona. The isotope composition
of S is determined by analyzing SO, gas prepared
from samples on a multicollector gas-source mass
spectrometer (Hoefs, 1996).

The most important process causing isotope
fractionation of S is associated with the metabo-
lism of the bacteria Desulfovibrio and Desulfato-
maculum. These bacteria flourish in anoxic
environments by oxidizing organic matter using
O derived from sulfate ions. In this process, the S
is reduced from +6 to —2 and is subsequently
expelled as H,S, which is enriched in *S com-
pared to the sulfate. We can approximate this
transformation by constructing an equation to
represent this oxidation-reduction reaction
occurring without the aid of bacteria:

SO + CHY + 2 H* - H,S° + COj + 2H,0
(17.53)

The standard free energy change of this reaction
is AG% = —26.324 kcal and its equilibrium con-
stant at 25°C is K = 10"*. Evidently, SO}~ and
aqueous CH, react to form H,S’, COY, and H,0,
which dominate at equilibrium. However, the
reduction of SO}~ by bacteria is not at equilibri-
um and the isotope fractionation of S is caused by
kinetic effects (Fry et al., 1986).

The extent of fractionation of S isotopes by
bacteria is inversely proportional to the rate of
metabolism and depends on the composition and
abundance of the food supply, on the size of the
sulfate reservoir, on the temperature, and on the
rate of removal of the H,S. In general, bacterial
isotope fractionation of S depends on the envi-
ronmental conditions represented by three alter-
native scenarios:

1. In closed systems, which become anoxic
because vertical mixing is inhibited, the
concentration of H,S may rise until it ulti-
mately poisons the bacteria. Such environ-
ments exist in the Black Sea, in isolated
depressions in the oceans, and in some
lakes where H,S is strongly depleted in **S.

2. In open systems in which the sulfate reser-
voir is virtually infinite, but H,S is continual-
ly removed by degassing or by precipitation
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as insoluble sulfides, the metabolic S is
depleted in **S but the isotope composition
of S remains nearly constant.

3. Systems containing a limited amount of
sulfate, but from which the metabolic H,S
can escape, are subject to Rayleigh distilla-
tion. Therefqre, both the remaining sulfate
as well as the H,S become enriched in **S
because of the systematic and irreversible
loss of **S from the system.

The metabolic H,S excreted by bacteria in
anoxic marine and nonmarine basins may be pre-
cipitated as hydrotroilite (FeS - nH,0), which
ultimately recrystallizes as pyrite (FeS,). The S in
such sedimentary sulfide minerals is generally
depleted in *'S, but the &S values may vary
stratigraphically, and may even become positive,
depending on the extent of Rayleigh distillation.
The wide range of variat'on of §*S values and the
commonly observed depletion in **S distinguish
sedimentary sulfides from those in igneous rocks
whose 8*S values cluster close to 0.0%o. However,
the isotope composition of S alone is not a reli-
able criterion for distinguishing between sulfides
of sedimentary and magmatic origin because:

L. The 5™S values of some sedimentary sulfides

may be near 0.0%o or may even be positive. -

2. The ™S values of some magmatic sulfides
may be negative because the S originated
from sedimentary rocks in the vicinity of
igneous intrusions.

3. The &S values of sulfide minerals in
metamorphosed igneous or sedimentary
rocks may be altered by isotope exchange
reactions at elevated temperatures.

When sulfide minerals form by precipitation
from a hot aqueous fluid or by crystallization
from immiscible sulfide liquids in magmas, the S
they contain may have different isotope composi-
tions because of isotope exchange reactions with
a common § reservoir. The magnitude of the dif-
ferences in the §%S values of pairs of coexisting
sulfide minerals increases with decreasing tem-
perature. If the relevant isotope exchange reac-

tions achieved equilibrium, differences in 8§
values of coexisting sulfide minerals may indicate
the isotope equilibration temperature based op
the experimentally determined calibration equa-
tions listed in Table 17.5.

Fractionation of S isotopes between spha-
lerite and galena has been investigated several

times with somewhat different results. For exam-

ple, at 200°C the equation of Grootenboer and
Schwarcz (1969) yields a3f = 1.00285, whereas
that of Kajiwara and Krouse (1971) vyields
agp = 1.00360, where sp and gn refer to spha-
lerite and galena, respectively. Since in the exam-
ple cited above (a — 1)10* < 10, we can use the
approximation:

10°In 38 = %S, — 8%S,, = A%

(17.54)

Ohmoto and Rye (1979) used this relationship to
express the temperature dependence of S-isotope
fractionation between sphalerite and galena:

AP = (7.2 x 10°)/T? {17.55)

£n

Evidently, ~AX. which is  defined as -

8%S(sphalerite) — 8*S(galena), decreases with
increasing equilibration temperature. When

Ag = 4.0, equation 17.55 yields:

B (7.2 X 10°

\ 172
= 4243 K = 151°C (17.56
o) (159

Such isotope equilibration temperatures can be
checked by determining the filling temperatures
of fluid inclusions in sphalerite.

We now return to S-isotope fractionation in
the oceans and to the variation of the §*'S parame-
ter in marine sulfate minerals throughout geologi-

cal time. Marine sulfate in present-day seawater

has %S = +20.0%, throughout the oceans. When
gypsum precipitates from sulfate-bearing solutions
at Earth-surface temperatures, the solid is enriched
in *'S by only ~1.63%,. Therefore, marine gypsum
and anhydrite effectively record the ™S value of
sulfate ions in the oceans. Measurements of 5S
values of marine gypsum/anhyvdrite deposits indi-
cate that the ™S value of sulfate ions in the oceans
has varied systematically throughout Phanerozoic
and Precambrian time. '

(e
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Table 17.5 Sulfur Isotope Fractionation Between Sulfide Minerals
That Equilibrated Sulfur with the Same Reservoir at Elevated
Temperatures in Kelvins

Reference®
Pyrite-galena
' 10°In @ = (1.1 X 10°)/7? (1)
Pyrite-sphalerite (or pyrrhotite)
10°In e = (3.0 x 10°)/T? (1)
Pyrite—chalcopyrite
10°In « = (4.5 x 10°)/T? (1)
Chalcopyrite-galena
10°Ina = (6.5 X 10°)/72 S i
Sphalerite—chalcopyrite and pyrrhotite-chalcopyrite
10°Ina = (1.5 X 10°)/T? (1)
Sphalerite—galena
10°In a = (8.9 X 10°)/T*— 0.57 (2)
10°In e = (8.0 x 10°)/T? (1)
10° In o = (7.0 X 10°)/T* (3)
10°Ina = (66 x 10°/T - 0.1 (4)
Molybdenite-galena (experimental)
0% Ine = (1.3 X 10°/7T%~ 0.80 (5)
Molybdenite-sphalerite (experimental)
10°In a = (0.71 x 10°)/T%— 0.15 (5)
Molybdenite-pyrite (calculated, 400-750°C)
10° In o =-(0.48 x 10%)/7T2— 0.75 (5)
Molybdenite—chalcopyrite (calculated, 400-750°C)
10° In e = (0.72 X 10°)/7T2 - 0.70 (5)
Molybdenite-pyrrhotite (calculated, 400-750°C)
10° In & = (0.65 x 10°) /T~ 1.65 (3)
SO,(g)-H,S(g) (287-1000°C)
10°In a = (4.54 % 10°)/T? - 0.30 (experimental) . (6)
10°In @ = (3.65 % 10°/7* (calculated) (6)
HSO, (aq)-H,S(g) (200-320°C)
107 Ina = (5.1 X 10°/T*+ 6.3 (7)
Sphalerite-HS ~(aq) (50-340°C)
100 Ine = (1.11 X 10°)/T*+ 1.36 (2)
Galena-HS (ag) (50-340°C)
‘ 10° Ina = (7.82 x 10°)/T*+ 1.7 (2)

*(1)Kajiwara and Krouse (1971); (2) Kiyosu (1973); (3) Czamanske and Rye (1974):
(4) Grootenboer and Schwarcz (1969); (3) Suvorova (1974); (6) Thode et al. (1971):
(7) Robinson (1973).

SOURCE: Friedman and O'Neil (1977).
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Figure 17.6 Variation of isotope compositions of S and Sr in the oceans in Phanerozoic time.
Note that both ™S and the ¥'Sr/*Sr ratio declined irregularly during the Paleozoic Era from the
Cambrian to the Permian periods. During the Mesozoic Era both parameters had low values but
began to rise during the Cretaceous Period and continued to rise through the Tertiary Period.
The observed variations of the isotopic compositions of S and Sr in the oceans were caused by
global changes in the geochemical cycles of these elements. The curves for S and Sr are based on
data by Claypool et al. (1980) and Burke et al. (1982). respectively. These references should be
consulted for precise comparisons of the isotopic data pertaining to specific epochs or periods.




The isotope evolution of S in the oceans is
remarkably similar to the isotopic evolution of Sr.
A comparison of the two curves in Figure 17.6
shows that both the §S value and the ¥'S/*Sr
ratio in the oceans declined during the Paleozoic
Era from high values during the Cambrian Period
to low values during the Permian Period.
Subsequently, both parameters remained low
during the Mesozoic Era, but began to increase
during the Cretaceous Period. The ¥Sr/*Sr ratio
has continued to increase steadily toward the
Present (Figure 17.5), whereas the rise of the §*S
parameter has faltered and may have been
reversed in Late Tertiary time.

The isotope compositions of both elements
have varied in response to changes in the magni-
tudes of Sr and S fluxes entering and leaving the
oceans as well as in response to changes in the
respective isotope compositions of the inputs and
outputs. Sulfur enters the oceans primarily as the
sulfate ion derived by erosion of sulfate deposits
on the continents and by oxidation of sulfide min-
erals. In addition, S is discharged in hydrothermal
fluids along spreading ridges on the ocean floor
and by direct interactions between heated sea-
water and volcanic rocks of the oceanic crust.
Sulfur is removed from the oceans by precipita-
tion as insoluble metal sulfides and by direct pre-
cipitation of gypsum from seawater.

The isotope composition of S in the oceans
is controlled by the §S values of the inputs and
outputs. For example, sulfate ions formed by
oxidation of sedimentary sulfides in shale and
limestone are depleted in *'S and have negative
8S values, whereas sulfate ions released by
erosion of marine evaporite rocks have positive
&S values. Therefore, the isotope composition
of S entering the oceans from the continents at a
particular time depends on the amounts of S
each source contributes to the oceans. The out-
put of S from the oceans by bacterial reduction
of sulfate enriches the remaining sulfate in *S,
whereas precipitation of gypsum lowers the S
content of the oceans, making the isotope com-
position of the remaining S more susceptible to
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change. Evidently, the §**S value of the oceans
as well as its ¥Sr/®Sr reflect the operation of
the S and Sr cycles, respectively, on the surface
of the Earth.

17.10  Summary

Isotope fractionation is a common phenomenon
that affects the isotope compositions of H, C, O,
N, S, and of a few other elements of low atomic
number. It takes place during chemical reactions
and in the course of certain physical processes,
such as evaporation, condensation, and diffusion,
because of differences in the masses of the stable
isotopes of these elemeuqts. Isotope fractionation
during chemical reactions results from the fact
that the heavy isotope is concentrated preferen-
tially in a particular compound during isotope
exchange reactions that have achieved equilibri-
um at a specific temperature.

Isotope fractionation also takes place during
unidirectional reactions because the masses of iso-
topes influence the rates of chemical reactions
owing to differences in the bond strengths of iso-
topic molecules of the same compound or because
of differences in the diffusion rates or vapor pres-
sures of those isotopie molecules. Kinetic isotope
fractionation effects are variable depending on
environmental conditions and decrease as the
reaction approaches equilibrium.

The isotope compositions of O and H in
water molecules may vary widely because of iso-
tope fractionation in the hydrologic cycle. Water
vapor in the atmosphere is initially depleted in
%0 and D during the evaporation of seawater.
Subsequently, the vapor is further depleted in '*0
and D because of the preferential removal of
these isotopes by condensation of water or snow
from moist air masses drifting from the equatori-
al region toward higher latitudes. Consequently,
meteoric water is depleted in "*O and D and has
negative 5'°0 and 8D values on the SMOW scale,
which are related by the equation for the so-
called meteoric-water line.
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The extent of isotope fractionation of mete-
oric water is generally related to latitude and tem-
perature and hence to climatic conditions. The ice
sheets of Greenland and Antarctica have pre-
served a record of climate change that can be
recovered by systematic measurements of the iso-
tope compositions of*H and O in cores drilled
through the ice sheets.

When calcium carbonate precipitates from
aqueous solution, either inorganically or by the
action of organisms living in the water, the O in
the solid phase is enriched in *O compared to
the water. When isotopic equilibrium is main-
tained, the isotope composition of O in the cal-
cite depends on the temperature and on the
isatope composition of O in the water. This rela-
tionship can be used to detect changes in the tem-
perature of the oceans in the geologic past,
provided that the isotope composition of the
water has remained constant.

When clay minerals form by decomposition
of aluminosilicate minerals, the isotope composi-
tions of O and H in the clay are controlled by the
water at the site of the reactions. Clay minerals in
soil are enriched in O but depleted in D com-
pared to the meteoric water with which they are in
contact. Their §'°0 and 8D parameters are there-
fore related by linear equations having similar
slopes but different intercept values than the
meteoric-water line.

The O in groundwater is slowly enriched in
80 by exchange with the O of silicate or carbon-
ate minerals. The H-isotope composition of water
may also change depending on the H-content of
the rocks and on the presence of hydrocarbons or
H,S. The change in the isotope compositions
increases with the temperature and salinity of the
water and hence with depth below the surface.
Seawater, trapped in the pore spaces of marine
sediment at the time of deposition, is also altered
by isotope exchange reactions with the rocks with
which it comes in contact.

Carbon in the biosphere is depleted in PC
during photosynthesis reactions depending on the

type of metabolism. Consequently, fossil fuels
(coal, petroleum, and natural gas) are characteris-
tically depleted in "*C compared to the PDB stan-
dard. In addition, C-isotopes are fractionated by
exchange reactions among CO, gas, carbonate
ions in solution, and solid Ca carbonate. The
process tends to enrich calcite or aragonite in °C
relative to CO, gas of the atmosphere. However,
when part or all of the CO, gas in an environment
formed by oxidation of biogenic C compounds,
the carbonate minerals inherit the biogenic C.
Therefore, calcite cements in sandstones associat-
ed with petroleum pools and calcites in the caps
of salt domes or associated with sedimentary U
deposits may have negative §"°C values on the
PDB scale.

The isotope composition of Sr in marine car-
bonate rocks is not affected by isotope fractiona-
tion, but has nevertheless varied throughout
geologic time as a result of mixing of different
isotopic varieties of Sr entering the oceans. The
isotope composition of Sr in stratigraphic sec-
tions of nonmarine carbonates may also vary in
response to changes in the geology or hydrology
of the drainage basin. The steady rise of the
87Sr/%Sr ratio of marine carbonates since the end
of the Eocene epoch can be used to date carbon-
ate rocks or fossil shells of Tertiary age.

The isotope composition of S is changed dur-
ing the reduction of sulfate to sulfide by anaerobic
bacteria. As a result, the remaining sulfate is
enriched in **S, whereas the sulfide is enriched in
2§ and depleted in *S. Therefore, sulfide minerals
in unmetamorphosed sedimentary rocks common-
ly have negative §*'S values relative to troilite of
Canyon Diablo whereas marine sulfate rocks have
positive §°'S values. The isotope composition of S
in marine sulfate rocks of Precambrian and
Phanerozoic age has varied systematically with
time. The time-dependent S-isotope curve in the
oceans is similar to the Sr-isotope curve, which sug-
gests that both elements were affected by global
geological changes that modified the cycles of Sr
and S in similar ways.

?:‘l -““ o —
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Problems

L. Calculate §"0 of water vapor in equilibrium with
liquid water at 10°C assuming that §*0, = —10.0%.
(SMOW) and o) = 1.0105. (Answer: —20.3%o)

2. Calculate §"0 of liquid water that is condensing
from vapor at 10°C having 80 = —25.0% assuming
that o! = 1.0105. (Answer: —14.8%)

3. Calculate the value of a, at 35°C from equation
17.34. (Answer: 1.008 43)

4. Calculate the value of 8D of water vapor remain-
ing in an air mass based on Rayleigh distillation for the
case that a,(D) = 1.074, f = 0.45, 5D = —94.8%

(Answer: —146.7%o)

5. Calculate the value of 8D of liguid water condens-
ing from an air mass whose initial $D = —94.8%.,if only
10% of the original vapor remain and a. (D) = 1.074.

(Answer: —180.1%o)

6. Calculate the 880 value of meteoric water whose
8D = —70%.. (Answer: —10%o)

7. What is the 8O value of calcite precipitated at
5°C in equilibrium with meteoric water having
8D = —85%0? (Answer: +22.7%0)

8. Given that a fluid inclusion filled with water in
calcite that formed in a cave has a measured value of
8D = —175%0 and that §'30 of the calcite is +10.0%q
(SMOW). What was the temperature of deposition of
the calcite in °C assuming that the water was of mete-
oric origin and isotopic equilibrium existed between
calcite and water at the time of depositions?

(Answer: 3.8°C)

9. What is the 880 value of water on the SMOW
scale in a fluid inclusion in calcite whose 880 = —2.5%.
(PDB), if the O in the water reequilibrated with the O
of the calcite at 15°C after deposition?

(Answer: —2.70%o)

10. Compare Problems 8 and 9 and explain why the
measured 8'%O values of water in fluid inclusions in cal-
cite or quartz cannot be used to determine the temper-
ature of formation of these minerals.

11. Calculate §"®0 and 8D of glauconite in equilibri-
um with seawater (80 = 0%o, 8D = 0%.) using the
fractionation factors in Table 17.2.

(Answer: 850 = +26%o, 8D = —70%)

12. Calculate @3(O) for the quartz—water at temper-
atures of 20,40, 60, 80, and 100°C and plot the results in
coordinates of a and ¢°C.

(Answer: 1.036 58 at 20°C, 1.031 55 at 40°C, 1.027 42

at 60°C,1.023 98 at 80°C, and 1.021 09 at 100°C)

13. What is the 8"°C (PDB) value of calcite precipi-
tated at 15°C in equilibrium with CO, gas having
8°C = —=25.0% (PDB)?  (Answer: —14.5%. (PDB))

14. Sulfate in a reservoir of limited size is being
reduced by bacteria at 10°C and the resulting H,S gas
escapes from the system. Assume that Rayleigh distilla-
tion is occurring and plot 8*S trajectories both for the
remaining sulfate and for the H,S gas for values of f
from 1.0 to 0.01. Assume that ojj¢ = 1.025 and that
1S%(sulfate) = +20%o. )
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