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Chpt. 5 - Chemical Equilibrium James W. Murray
(10/03/01) Univ. Washington

Why do we need to study chemical equilibria?
The material in this lecture comes from the field of of chemical thermodynamics.

A rigorous presentation is included in an appendix for those interested. For the purpose of
this class there are only a few basic concepts you need to know in order to conduct
equilibrium calculations. With these calculations we can predict chemical composition
using chemical models. The main questions we ask are:

1. Is a geochemical system at chemical equilibrium?
2. If not, what reaction (s) are most likely to occur?

Here are some examples of problems where equilibrium calculations are useful.

Example 1:  Diatoms exist in surface seawater
The solubility of diatom shell material (called opal) is written as:

SiO2.  2H2O  (Opal)    ↔    H4SiO4
(diatom shell material)       (silicic acid)

There are two chemical problems here:
1) The surface ocean is everywhere undersaturated with
respect to Opal, yet diatoms grow. And furthermore they are
preserved in sediments over long time periods (millions of years).
2) The favored form of solid SiO2(s) at earth surface conditions is
quartz not opal! Why does opal form instead? This reaction would be written as:

SiO2
. H2O (Opal)  ↔ SiO2 (quartz)

Example 2:  Acid mine drainage
Imagine a stream in Idaho that has been grossly contaminated by waste material from
decades of silver mining activity but has been left to recover for the past 10 years. As an
environmental chemist you are interested in the pollutant fluxes and the form of the
pollutant in the sediments. Are solid phases still dissolving? Are harmless chemicals
being transformed into deadly ones in the sediments, or visa versa? You could make
informed guesses about these questions using simple equilibrium calculations. For
example: arsenic (As) has two main oxidation states, As (V) and As (III). As (III), or
arsenite, is considerably more mobile and toxic than As (V) or arsenate. The reduction
reaction of arsenate to arsenite is written as :

H2AsO4
-  +  3 H+  +  2 e-  ↔  H3AsO3  +  H2O

Example 3: Iron speciation and plankton growth
Iron has been shown to limit plankton growth in some ocean areas. Experiments have
been conducted where iron solutions are spread from a ship across the sea surface. We
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know from lab experiments that the form of iron taken up by phytoplankton is the Fe3+

cation. In order to understand these iron fertilization experiments we have to be able to
calculate the activity of free Fe3+ from the total iron concentration. Such calculations need
to include hydrolysis reactions of iron with water as well as speciation reactions with
inorganic and organic ligands.

The hydrolysis reactions are written in the form of:

Fe3+  +  H20  ↔  FeOH2+  +  H+

The organic complexation reactions may be written as:

Fe3+  +  H3CL  ↔  FeCL  +  3H+

Example 4: CaCO3 in marine sediments
CaCO3 is present in shallow sediments and disappears in sediments below a certain depth
in the water column. Is this depth controlled by mineral solubility? The saturation state
varies as a function of temperature and pressure and can be calculated from
thermodynamics. The solubility reactions can be written as either:

CaCO3  ↔  Ca2+  +  CO3
2-

Or

CaCO3  +  CO2  +  H2O  ↔  Ca2+  +  2 HCO3
-

The purpose of these lectures is to show you how to do these calculations.

There are two main types of calculations that we do in chemical oceanography.
   1. We can calculate chemical distributions at equilibrium. For example we can compare
the actual composition of seawater with that calculated from equilibrium. Can the ocean
be described by an equilibrium model? We will look at this question in detail next week.
   2. We can determine the potential for a given chemical reaction to occur for a given set
of conditions. What reactions are likely to occur?  For example we can determine what
solids will precipitate or dissolve in seawater or we can determine if a metal in seawater
will react with specific organic compounds to form complexes.

The main points of this lecture are:   define the equilibrium constant - K
                                                         define the free energies: ∆Gf°, ∆Gr° and ∆Gr

                                                         show how to calculate K from ∆Gr°
                                             explain the difference between Q and K and how they

                                                         are used to determine which direction a reaction will
           proceed.
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The Equilibrium Constant (K)
Chemical reactions can be characterized by an equilibrium constant, K. This

constant expresses the ratio of the product of the concentrations of the reaction products
(right side) to the product of the concentration of the reactants (left side).
** Always check that a reaction is balanced for elements and charge**

For example: The solubility of gypsum is written as:

CaSO4
.2H2O =====  Ca2+  +  SO4

2-   +  2 H2O

K =  10-4.58

pK = 4.58 (pK = -logK = -log (10-4.58) = 4.58)
K = 2.63 x 10-5

(10-4.58 = 10+0.42 . 10-5.00 = 2.63 x 10-5)

For this reaction the equilibrium constant can be defined as:

K = aCa2+ . aSO42- . a2
H2O / aCaSO4.2H2O

This type of equilibrium constant for a reaction where a solid goes into solution as free

ions, is often called the solubility product (Ks) where the "a" values stand for activity.
For now think of activity as the effective concentration and we will discuss it in more
detail in the next lecture. Note that activities are raised to the power of their

stoichiometric coefficient (e.g. 2H2O = a2
H2O).  If ions are dilute enough (this is called

an ideal solution) the activity "a" or "( )" and absolute concentration "c" or "[ ]" are

essentially equal (i.e. aCa2+ = cCa2+ ). The thermodynamic convention is to set the activity
of solvent (e.g. H2O) and pure solids (e.g. CaSO4

 . 2H2O) equal to 1 thus H2O and
CaSO4 do not appear in this version of the expression. After these simplifications, the
equilibrium constant, for this case, can be written as:

Ks =  aCa2+ . aSO42-  =  (Ca2+) (SO4 
2-)  =  [Ca2+][SO42-]

Assuming ideal solutions we can imagine hypothetical situations where:

If [Ca2+] = [SO42-] = 10-3 M,  The product of [Ca2+][SO4
2-] is 10-6 which is

    less than the value of Ks = 10-4.58. The solution is
    undersaturated. The reaction will shift to the right, which
    means any solid present will dissolve.
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If [Ca2+] = [SO42-] = 10-2.29 M, The product of [Ca2+][SO4
2-] is 10-4.58 which is exactly

    equal to the value of Ks. The solution is at saturation
    equilibrium (solid phase will precipitate and dissolve at
    same rate).

If [Ca2+] = [SO42-] = 10-2 M, The product of [Ca2+][SO4
2-] is 10-4 which is greater than

the value of Ks = 10-4.58. The solution is supersaturated.
The reaction will shift to the left and more solid will

form.

How to Calculate Equilibrium Constants:
Values of K are calculated from a thermodynamic property known as Gibbs free energy
(or G). See Appendix A for a more detailed explanation of G and how it relates to
enthalpy (heat content) H and entropy S. There are three different types of Free Energy.

1.     ∆∆∆∆G°°°°f     ----   Standard Free Energy of Formation
1. the energy content of one mole of a substance at standard temperature
     and pressure (STP = 1atm, 25°C). Many useful values are given in
     Appendix I from Drever (1988) and can also be found in Stumm and
     Morgan (1996) and the Handbook of Chemistry and Physics.
2.  the energy to form one mole of substance from stable elements 
    under standard state conditions. By definition Gf° = 0  for all 
    elements in their stable form at STP. For example, the most stable form
    of elemental Ca and O at STP are elemental Ca° and O2 gas

respectively.

example: the free energy of formation of CaO is given from the following 
                reaction where the elements Ca and O (in their most stable form) react

    to form CaO:
     ∆G°r

2Ca° + O2  =  2 CaO
∆G°f =   0  0 2(-604.2) kJ

then the free energy of formation of 2CaO can be obtained from this
reaction. Thus:
∆G°r  = 2(-604.2) = -1208.4 kJ/mol
∆G°f CaO = -1208.4 ÷ 2 = -604.2

2. ∆∆∆∆G°r     ----   Standard Free Energy of Reaction
Free energy released or absorbed by a chemical reaction with all
substances in their standard states (1 atm, 25°C, activity = 1
(pure solids = 1, solvent = 1, ideal gas = 1, ions = 1M)
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∆G°r  = (Σ∆G°f)products  -  (Σ∆G°f)reactants

For the generalized reaction where B and C are reactant
compounds with stoichiometric coefficients b and c and D and E
are product compounds with coefficients d and e:

bB + cC  =  dD  +  eE

∆G°r = {d  ∆G°f D +  e ∆G°fE } - { b  ∆G°f B  -  c ∆G°fC }

The equilibrium constant (K) is calculated from ∆G°r as follows:

∆∆∆∆G°r = - RT ln K = -2.3 RT logK (note: ln K = 2.3log K)

where R = gas constant = 8.314 J deg-1 mol-1   or
          1.987 cal deg-1 mol-1

           T = absolute temperature = C° + 273° = 298° for 25° C

at 25°C,  K can be simply calculated from:
    ∆G°r =  -5.708 log K (for G in kJ)

 =   -1.364 log K  (for G in kcal)
The equilibrium constant K gives the ratio of the products to the reactants at equilibrium,
with all species raised to the power that corresponds to their stoichiometry. For the
generalized reaction given above, K would be written as:

K = aD
d  aE

e  /  aB
b  aC

c

Thus ∆Gr° and K tell you the equilibrium ratio of products to reactants.
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3.     ∆∆∆∆Gr       ----  Free Energy of Reaction
There is a whole class of problems where we know the concentrations for a specific set of
conditions and we want to ask the question a slightly different way. Is a specific reaction
at equilibrium, and if not, which way will it spontaneously want to proceed for these
conditions. The way we do this is to calculate the reaction quotient using the observed
concentrations (converted to activities). We call this ratio Q to distinguish it from K, but
they are in the same form. Comparison of the magnitude of Q with K tells us the direction
a reaction should proceed.

The free energy change for a given set of conditions is written as

∆∆∆∆Gr  =  ∆∆∆∆G°r  +  2.3 RT log (aD
d aE

e / aB
b aC

c)in situ

∆∆∆∆Gr  =  ∆∆∆∆G°r  +  2.3 RT log Q

where Q  =  aDd . aEe  /  aBb . aCc   = Ion Activity Product 
     (IAP)

We can replace ∆Gr° with its log K expression. Then:

∆∆∆∆Gr  =  -2.3 RTlogK  +  2.3 RT log Q

or
∆∆∆∆Gr  =  2.3 RT log Q/K = 2.3 RT log ΩΩΩΩ   where ΩΩΩΩ = Q / K

if K = Q ∆Gr = 0 reaction is at equilibrium
system's free energy is at a minimum

Q > K ∆Gr > 0 reaction goes to left
system has too many products and 
shifts to the left.

Q < K ∆Gr < 0 reaction goes to right
system has too many reactants and 
shifts to the right

See Figure 5-1 on next page which shows how the total free energy in a system varies
with extent of reaction progress. At equilibrium the total free energy must be at a
minimum. Under these conditions ∆Gr° = 0 and no free energy is available to do work. If
the reaction has not reached equilibrium, (Q < K) and there are not enough products
relative to reactants. If the reaction is to the right of equilibrium there are more products
relative to reactants than there should be at equilibrium (Q>K).
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Fig 5-1  Plots of Total free energy (G) and change in free energy (∆Gr°) as a function of
extent of reaction. 0% reaction extent means that only reactants are present and that zero
products have formed. The equilibrium point corresponds to Q = K and ∆Gr = 0. Total G
is calculated from:

Gtot = Σ ni Gi

where:
Gr  =  Gi° + RT ln ai
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Examples:

1. Gypsum solubility
Warning: The values given for equilibrium constants are not always exactly the same.
For example, we can calculate K for gypsum solubility from ∆Gr using values of ∆Gf°
from Appendix I of Drever. Drever also gives a value for K for this solubility reaction in
Appendix II.
a. First using the values of ∆Gf°

CaSO4
.2H2O =====  Ca2+  +  SO4

2-   +  2 H2O
∆Gf° -1797.28 -553.58  -744.53    -237.13    in kjoul mol-1

 ∆Gr° = +24.91

Log K = - ∆Gr° / 5.708   =   -4.36

or K = 10 -4.36

b. The value of K for this reaction given in Appendix II of Drever is 10-4.58

2. Acid-Base Reactions

CO2(aq)  +   H2O    =   HCO3
-  +  H+

∆Gf°     -92.31       -56.69     -140.31      0     in kcal mol-1

∆Gr°  = (-140.31) + (0) -  (-92.31) - (-56.69)  =  +8.69 kcal mol-1  =  36.3 kjoul mol-1

log K  =  -∆Gr° / 1.364  =  -8.69 kcal mol-1 / 1.364  =  -6.37

so K1  =  (HCO3
-)(H+) / (CO2aq) (H2O)  =  10-6.37

3. Adding reactions

Sometimes the exact form of the reaction you want is not given and you need to combine
other reactions to get the K you need. When you add reactions you add the log Ks as
follows.

CO2aq  +  H2O  =  HCO3
-  +  H+ log K  =  -6.37

                         HCO3
-   =  CO3

2-  +  H+          log K  =  -10.3
CO2aq  +  H2O  =  CO3

2-  +  2H+ log K  =  -16.67

How does the K change if you multiply a reaction by 2x?
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4. Stability among oxides
Say we want to know which pair of manganese and iron oxides is most stable? We have
the reaction where pyrolusite and magnetite react to form manganite and hematite.

2MnO2(s)   +   2 Fe3O4(s)   =   Mn2O3(s)   +   3  Fe2O3(s)
∆Gf°  -465.14            -881.07         -1012.57             -742.68       in kJ mol-1

∆Gr°  =  (3)(-742.68) + (-1012.57) - (2)(-465.14) - (2)(-881.07)
          =  -548.19  kJ mol-1

Since  ∆Gr° < 0  pyrolusite and magnetite are unstable relative to manganite plus
hematite. There is no equilibrium constant because the reaction involves only pure solids
whose activities are equal to 1.

5. Solubility of CO2 (g)
 The reaction of CO2 with water to form carbonic acid (H2CO3) is written as follows:

CO2(g)    +   H2O    =   H2CO3(aq)
∆Gf°    -394.37     -237.18      -623.2             in kJ mol-1

and
∆Gr°  =  -623.2 - (-394.37) - (-237.18)  =  +8.35 kJ mol-1

log K = +8.35 / -5.708  =  -1.46

K = 10-1.46  =  (H2CO3) / PCO2   note that CO2(g) is expressed as the partial pressure of
CO2.
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Appendix A - Aquatic Thermodynamics

Aquatic thermodynamics is a subset of the general field of thermodynamics. Many
chemical oceanographers apply thermodynamics to their research so it is necessary for
students to have the tools to understand and apply this knowledge - to read the literature
in the field and to conduct research. Many students have had advanced courses in
thermodynamics but it is necessary to present this material from the aquatic point of view.

Applications (goals)
1. to compute the equilibrium composition of a system
2. to determine how far a given system is from equilibrium
3. to evaluate the energy available from a given reaction.

Equilibrium versus kinetics:
The equilibrium calculations give the energy available from a reaction and the direction a
reaction will proceed. The calculations are usually simpler and require less information
than those for kinetics. Equilibrium calculations are often not a bad approximation for
many systems and even if the system is controlled kinetics they give the information for
which direction the kinetics will proceed. In some cases the equilibrium information can
be used to predict kinetic rate constants through linear free energy relationships (LFER).

Is it true however that most natural water reactions are not at equilibrium and knowledge
of kinetics is required. A system may appear to be at equilibrium while it is really only at
steady state, or a state of dynamic equilibrium. For that you will need to find another text
and course.

System and surroundings:
The universe is divided into the system, which is the part of the world chose for study.
The system is made up of one or more phases. The surroundings are the rest of the
universe.

Phases:
A phase is a chemically and physically homogeneous region characterized by constant
pressure (P), temperature (T), volume (V), and composition ( N1 ..... Nk). There are gas,
liquid, solid and solution (solid or liquid) phases. The number of phases that can co-exist
at equilibrium is defined by the Gibbs Phase Rule, which can be derived from the Gibbs
Duhem Equation (Σnidµi = 0)
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Thermodynamic Laws:
There are four laws of thermodynamics.

0th Law There is an absolute temperature scale.
1st Law Internal Energy (E) is a state function (dE = dq - dw).
2nd Law Entropy (S) is a state function (dS > dq / T).
3rd Law When temperature approaches absolute zero, entropy approaches zero.

What is free energy and how does it relate to the thermodynamic laws.

The theory of thermodynamics is represented by:
5 fundamental variables T, P, S, V, ni

2 modes of energy transfer q (heat) and w (work)
1 characteristic state function E (internal energy)
3 additional state functions Enthalpy   (H = E + PV)
    can be defined. Each can be Helmholtz Free Energy   (A = E - TS)
    derived from E by Legendre Gibbs Free Energy   (G = H - TS)
    transformations.

The definition of a state function means:
1. it is mathematically exact
2. its value if independent of the path
3. if the path returns to the starting point the integrated value is zero (∫dy = 0 ).

Starting with the 1st Law, we can write an energy conservation equation for Internal
Energy (E):

dE  =  dq  +  dw
where:
 dE - is the change in internal energy
dq  - is the heat transferred to the system. Using the 2nd Law this can be expressed as

dq = TdS for reversible processes and as dq < TdS for irreversible processes
dw - is the work done on the system. There are several types of work that can be

expressed as a force, or intensive variable, times a displacement, or extensive
variable. The different types of work are additive: w = ∫F . dx

Intensive Extensive
Property Variable

Expansion -P dV
Electrical -E de
Gravitational mg dh
Chemical µ dn
Surface γ dA

The property µi is called the partial molal free energy or chemical potential of species i.
This can be written as:
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(δG/δni)T,P,nj  =  Gi  =  µI

which is the change in free energy when adding an infinitesimal amount of ni while
keeping all other properties and composition constant.

The energy balance can be rewritten after combining the 1st and 2nd Laws and including
only expansion and chemical work.

dE = TdS - PdV + ΣµidnI

For a system with a fixed composition the internal energy is a function of S and V, which
are unfortunately not easily measured.

Because this form of the energy balance was not easily implemented, Gibbs introduced
the Gibbs Free Energy, where:

G = H - TS
=     E  +  PV - TS

At constant T we have: dG = dH  -  TdS.
or in differential form:

dG = dE  +  PdV  +  VdP  -  TdS  -  SdT
inserting the dE from above:

dG =  V dP  -  SdT  +  ΣµidnI

The change in Gibbs Free Energy is a function of the intensive variables T and P. Both
are independent of the size of the system and are more suitable variables for routine
measurements and calculations.

At constant T and P, the Gibbs Free Energy is only a function of the composition of the
system or:

∆G  =  ΣµidnI
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What is the Free Energy of a system?
The Free Energy of a system is the amount of work necessary to reproduce the

system from an arbitrary reference state. Thus it is a state property.

The total Free Energy is the sum of the Free Energies of the constituent parts:

G  = ΣµidnI

A system is at equilibrium when it is in its lowest possible energy state. Chemical
reactions must take place in such a way as to decrease G.

Consider a generic reaction like:

2A  +  3B  =  C

The total Free Energy is written as:

G   =  nAµA  +  nBµB  +  nCµC

What is the change in total G when the reaction proceeds to make additional (e.g. dnC)
moles of C?

  dG  =   [dnA/dnC . µA  +  dnB/dnC . µB  +  dnC/dnC . µC] dnC

+  [nA . dµA/dnC  +  nB . dµB/dnC  +  nC . dµΧ/dnC ] dnC

The second term Σnidµi equals 0 and is called the Gibbs-Duhem Equation. It means that
in any closed system one chemical potential is not independent and is given by the sum of
the other species.

Thus the incremental increase in total energy is given by the first term, thus:

  dG =   ΣµidnI

For the generic reaction given above:

  dG/dnC  =  -2 µA  - 3 µB  +  µC

The values of chemical potential (µ) are expressed in terms of a constant value (µi°), that
is determined by the standard state, and a term dependent on concentration. For ideal
solutions this is written as:

µi  =  µi°  +  RTln XI

Where Xi is the concentration on the mole fraction concentration scale.
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Making this substitution gives:

  dG/dnC  =  (-2 µΑ°  - 3 µB°  +  µC° )  +  RT  ln XC/XB
2  .  XB

3

The molar Free Energy change of a system depends upon the progress of the reaction. It
can be expressed as the standard Free Energy change given by the stoichiometry and
standard Free Energies (∆G°), which also equals - RT lnK, and the reaction quotient (Q).

∆G  =  ∆G°  +  RT ln Q

∆G =  -RT ln K  +  RT ln Q

∆G  =  RT ln Q/K = 2.3 RT log Q/K
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How do we express the chemical potential (µ) for different phases?

To answer this we need  the relationship between chemical potential and composition.
The general form is:

µi = µi°  +  RT ln ai

where µi is the chemical potential of species i, µi° is the value for standard state
conditions and is a function of T and P and ai is the activity of species i.

For pure phases, ai equals 1 by definition so µi = µi°.

For solutions it is a little more complicated and we need to define a convenient scale.
There are some options.

The activity and concentration are related by the activity coefficient.
Where:    ai  = ci γi

Thus:
µi = µi°  +  RT ln ciγi

We can define each term as:

µi = µi°    +    RT ln ci   +  RT ln γi

  chemical  standard    free energy   potential energy of
  potential  potential    of mixing      species interactions

The chemical potential is always well defined with respect to some reference level which
is the elements in their standard states.

Both µi° and γi require precise definition and can have different values depending on the
scales on which they are defined.

So the Standard State defines the condition for which ci = 1 and γi = 1.
Thus ai  = ci γi  = 1 and µi = µi°.

The Reference State is the solution limit where ci = ai, thus where γi = 1.
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Define and give examples of Reference State and Standard State

Reference State - determined the value of γi

For pure phases: solid, liquid, solvent we use what is called the rational scale.
For pure phases it is most convenient to use the mole fraction concentration scale so Xi

rather than Ci.
Thus:  gi → 1 as Xi → 1

Thus we express the activity of pure water and solid graisn of CaCO3 as:

aH2O  =  1  and aCaCO3  =  1

Note that the Standard State for pure phases will be the same, thus:

µi  =  µi°  when  ai = xiγi = 1 (pure solvent)

Standard State - Determines µi°

The standard state may be selected quite arbitrarily and are hypothetical states.

Gas
ideal gas at 1 atm pressure  (actually not so unrealistic for a gas)

Solute
1 molar solution with ideal behavior
so mi = 1 and γi = 1 at the same time, which is impossible
thus: ai = miγi = 1

Figure 1 Plot of ai vs ci to show standard state
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Table 1 - Summary of Standard and Reference States for different
substances. (from Whitfield, 1975)
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Appendix B - Components and Equilibrium Calculations

<to be added>


