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BASIC PRINCIPLES

Oxidation-reduction reactions (often referred to as redox reactions) involve the gain or
loss of electrons. The species involved in the reactions may be atoms, molecules, or ions.
A cation is a positively charged ion (fewer electrons than the number of protons in the nu-
cleus), and an anion is a negatively charged ion (more electrons than the number of pro-
tons in the nucleus). For many elements, the oxidation state is an important factor in
determining their behavior in the natural environment. For example, Fe2" is more soluble
in water than Fe®". If water in which iron occurs as the Fe?* cation is exposed to higher
oxygen concentrations, as might occur when groundwater is pumped to the surface, some
of the iron would be oxidized to Fe** and an iron hydroxide would precipitate from solu-
tion. Hence, the oxidation—-reduction characteristics of the natural environment play a key
role in the transport and ultimate fate of various contaminants.

Yolimeter

e @ e @ e @
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Zn Cu

80>
Zn* + $0,% Cu® + 50,%

Zn—Zn* + 2¢” Cu** + 2e=»Cu
Figure 4-1

Diagram of a Zn-Cu electrochemi-
cal cell. Zn and Cu metal electrodes
are immersed in a CuSO, solution.
Electrons flow from left to right and
a potential is recorded by the volt-
meter. With time, this potential
decreases to zero, the concentration
of Zn?" increases in the left-hand
half of the cell, and the concentra-
tion of Cu®* decreases in the right-
hand half of the cell. After Faure

(1998).

Electrochemical Cells

Consider the following simple experiment (Figure 4-1). Zinc and copper metal bars are
connected by wires to a voltmeter. The bars are immersed in a container that is divided
into two compartments by a porous partition. The zinc bar is immersed in a ZnSO, solu-
tion and the copper bar is immersed in a CuSOy, solution. The porous partition very clev-
erly allows SO} anions to pass from one side to the other, but does not allow metal
cations to pass from one side to the other. The experiment we have set up is an electro-
chemical (or galvanic) cell. After the metal bars are immersed in the solution, several
changes occur. The Zn>" cations increase in the left-hand side of the container and the
concentration of Cu®" cations decreases in the right-hand side of the container. SO2~ an-
ions move from right to left through the porous partition, thus maintaining the charge bal-
ance in both halves of the container. Immediately after immersing the bars, a voltage is
recorded by the voltmeter. With time, this voltage decreases to zero. What has occurred is
an oxidation—reduction reaction that with time achieved equilibrium.

Let us consider the various components of this reaction. In the left-hand side of the
container, Zn metal has gone into solution as Zn>" cations. Because there has been a loss
of electrons, we say that the Zn has been oxidized. In the right-hand side of the container,
Cu*" cations have precipitated onto the Cu electrode as copper metal. Because there has
been a gain in electrons, we say that the Cu?" cations have been reduced. The oxidation
of Zn is the source of electrons for the system and Zn is referred to as a reducing agent.
During reduction of the copper cations, electrons are removed from the system and cop-
per is referred to as an oxidizing agent. This nomenclature is sometimes a major stumbling
block for students. Remember oxidation is the loss of electrons and reduction is the gain
of electrons. A reducing agent is an electron donor (it loses electrons and is oxidized), and
an oxidizing agent is an electron acceptor (it gains electrons and is reduced). In terms of
our example, the complete electrochemical reaction is

Zn + Cu?t = Zn®t + Cu
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Table 4-1 Oxidation—-Reduction

Reactions
AGY
Reaction (kJ mol™ Y
7Zn + Fe?t = Zn?* + Fe -68.4
Fe + Cu®*t = Fe?* + Cu ~144.4
Cu + 2Ag" = Cu®" + 2Ag —88.7

Zn is oxidized and acts as a reducing agent, and Cu is reduced and acts as an oxidizing
agent. This reaction can be divided into two half-reactions

Zn— Zn*t + 2~ and Cu®*t + 2" — Cu

Half-reactions (often called electrodes) will be further considered in subsequent sections.

Electromotive Series

Three oxidation-reduction reactions, and their free energies, are listed in Table 4-1.
Each reaction has a negative free energy. Thus, the reactions proceed spontaneously to the
right. In the first reaction, Zn acts as a reducing agent and Fe acts as an oxidizing agent.
In the second reaction, Fe acts as a reducing agent and Cu acts as an oxidizing agent. In
the third reaction, Cu acts as a reducing agent and Ag acts as an oxidizing agent. For these
four elements, in terms of their strength as reducing agents from strongest to weakest, the
order is Zn, Fe, Cu, and Ag. The electromotive series is a listing of the elements (as half-
reactions) in terms of their decreasing strengths as reducing agents. The electromotive se-
ries for a number of elements, and some of their oxidation states, is given in Table 4-2

(p. 96).

Electromotive Force

Returning to the experiment illustrated in Figure 41, the voltage generated by the elec-
trons flowing from the zinc bar to the copper bar is referred to as the electromotive force
(emf). The electromotive force is related to the free energy of an oxidation-reduction re-
action as follows:

AGg = —n%FE ' 4-1)

where AGy, is the free energy of the reaction in any state, E is the corresponding electro-
motive force, n is the number of electrons transferred in the reaction, and % is Faraday’s
constant (96,489 coulombs mol ™!, 23.06 kcal volt™! gram equivalentfl, or, in ST units,
96.42 kJ volt ! gram equivalent ™).

EXAMPLE 4-1 Calculate the standard emf (E°) for the oxidation—reduction reaction
illustrated in Figure 4-1. In the standard state [Zn**] = [Cu®**] = 1.0, P = 1 atm, and
T = 25°C. The reaction is written

Zn + Cu*" = Zn*" + Cu
Calculating the free energy using the values in Appendix II, source 3, gives
AG = [(—147.3) + (0.00)] — [(0.00) + (65.5)] = —212.8 kJ mol "
Calculating the emf gives
_ —AGY _ —(=2128)
n% (2)(96.42)

The number of electrons transferred in the reaction is 2; therefore, n = 2.

E° =110V
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Note: By international convention
half-cell reactions are written so
that the electrons appear on the left-
hand side of the equation; i.e., the
reduced form of the element ap-
pears on the right and the oxidized
form appears on the left. Not all
textbooks (or professional papers)
follow this convention, an added
difficulty for the student attempting
to understand a conceptually diffi-
cult subject.

&

Table 4-2 Electromotive Series for Selected Half-Reactions
Arranged in Order of Decreasing Strengths as
Reducing Agents*

Oxidizing Reducing Standard electrode
agent agent potential, V
Lit +1e” — Li —3.045
Na* +1le” — Na -2.714
P +3e” — Pu —2.07
Th** +4e” — Th —1.90
Np** +3e” - Np -1.86
AP* +3e” — Al —1.66
Ut +4e” — U -1.38
Mn?* +2e” — Mn —1.18
V3 +3e” - AV -0.87
Zn** +2e” — Zn -0.763
S +2e” — s —0.44
Fe*™ +2e” — Fe —0.41
Cca*t +2e” — Cd —0.403
Co?™* +2e” — Co -0.277
Ni2t +2e” — Ni —0.250
Sn?* +2e” — Sn —0.140
Pb>* +2e” — Pb -0.126

_2HY +2¢” - H, 0.00
Ti*" +1e” — Ti3* 0.04
Sn** +2e” — Sn%* 0.15
Ccu?t +2e” — Cu 0.337
Cu® +1e” — Cu 0.521
Se +2e” - Se?™ 0.67
Fe3* +1le” — Fe?* 0.771
Ag” +1le” — Ag 0.799
Pu** +1le” — Pu* 0.97
AudTt +3e” — Au 1.50
Co’™ +1e” — Co?** 1.82

*Data from Daniels and Alberty (1967) and Faure (1998).

It is impossible to measure only the electromotive force of a half-reaction. In order to
measure the potential of a half-reaction (electrode), another metallic electrode is required.
This is done by arbitrarily assigning a potential to one electrode (half-reaction) and com-
paring all other electrodes to this electrode. The universally accepted reference electrode
is the standard hydrogen electrode (SHE) for which the value of E° is arbitrarily set equal
t0 0.00 V (at P = 1 atm and 7 = 25°C). This electrode is written

-+ — 1
H +e —)EHz(g)

If E° = 0.00 V, then AG} = 0.00, from which it follows that G°(H") = G°(e™) = 0.00.
Also, for a hydrogen half-cell in the standard state, [H*] = [H,] = 1. It is now possible to
determine the emf of any half-reaction by comparison to the standard hydrogen electrode.
The results of these determinations are tabulated in Table 4-2 (the electromotive series).

EXAMPLE 4-2 Calculate the standard electrode potential for the oxidation of scandium.
During oxidation, scandium gives up three electrons. Remember the convention is that the
electrons appear on the left-hand side of the equation. The reaction with the hydrogen elec-
trode is written

Sc®™ + 1.5H, () = Sc + 3H"
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Calculating the free energy using the values in Appendix II, source 4, gives
AGR = [(0.00) + (3)(0.00)] — [(—586.6) + (1.5)(0.00)] = 586.6 kJ mol !

Calculating the emf gives

—AGy _ —(586.6
E° = R Z0800) _ sy
n%F (3)(96.42) [ |
A hydrogen electrode is difficult to prepare and maintain. In its stead, a calomel elec-
trode is often used. The reaction for this electrode is

He,Cl, + 2~ = 2Hg + 2C1™

For a normal calomel electrode (one molar solution of potassium chloride) the potential is
0.2802 V, and for a saturated calomel electrode (saturated in potassium chloride) the po-
tential is 0.2444 V, both relative to the standard hydrogen electrode. The saturated calomel
electrode is the one most frequently used when making environmental measurements of
oxidation—reduction potentials.

The electromotive force for an oxidation—reduction reaction can be determined by
combining the appropriate half-reactions. Consider the reaction between Zn and Cu elec-
trodes that we used as an example at the beginning of this chapter. Referring to Table 4-2,
we see that Zn is the stronger reducing agent. Thus, Zn will be oxidized and Cu will be re-
duced (as we observed in the experiment). We can write the half-reactions and combine
them as follows:

Zn — Zn®T + 2e” ° = (0.763
Cu®t + 2~ — Cu E° = 0.337
Zn + Cu®t = Zn*t + Cu E°=1.100V

Because Zn is oxidized, we have reversed the Zn half-reaction and reversed the sign for
the electromotive force. Thus, the Zn half-reaction has a positive value.

Balancing Oxidation—-Reduction Equations

The oxidation—reduction reactions we have considered so far are relatively simple. Most
reactions are more complicated and we will need to balance complex equations. The fol-
lowing rules are used when balancing oxidation—reduction equations:

1. Determine the valence numbers (charge) for all elements involved in the reaction.

2. Determine the number of electrons given off and taken up in the reaction. Balance
the transfer of electrons.

3. Balance the elements, except oxygen and hydrogen, on both sides of the equation.

Balance the number of oxygen atoms by adding H,O.

5. Balance the number of hydrogens by adding H™.

&

EXAMPLE 4-3 Acid mine drainage is caused by the oxidation of pyrite when it comes
in contact with water containing dissolved oxygen. The elements of interest are Fe and S.
The reaction is written as follows:

FeS; pyriee T Oz = Fe(OH); (ppry + SO1~

Both Fe and S are oxidized. Fe is oxidized from Fe?" to Fe**, releasing 1 electron in
the process. S is oxidized from S~ in pyrite to S°* in the sulfate ion, releasing 7 electrons
in the process. We have now determined the valences for the elements involved in the re-
action (rule 1). The breakdown of one pyrite molecule releases a total of 15 electrons, 1
from Fe oxidation and 14 (2 X 7) from S oxidation. Each oxygen receives 2 electrons to
become O~ . Thus, 4 electrons are consumed by the O, molecule. In summary, 15 electrons
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are released by FeS, and 4 are consumed by O,. We could balance the transfer of electrons
by setting FeS, = %. However, this would leave us with some very nasty fractions in the
equation. It is preferable to work with simple whole numbers. We accomplish this by
cross-multiplying these two numbers, which gives the following (rule 2):

4FeS, + 150, — Fe(OH); + SO;~

The electrons released and consumed are now in balance, 4 X 15 = 15 X 4. We now bal-
ance all the elements except hydrogen and oxygen (rule 3).

4FeS, + 150, — 4Fe(OH); + 850%™
We now balance the number of oxygens by adding H,O (rule 4).
4FeS, + 150, + 14H,0 — 4Fe(OH); + 8505
Lastly, we balance the number of hydrogens by adding H* (rule 5).
4FeS; pyrice T 150, + 14H,0 — 4Fe(OH); (ppry + 8505 + 16H™

Note that during the oxidation of pyrite a substantial number of H” ions are produced; i.e.,
for each mole of pyrite that is oxidized 4 mol of H" ions are released. It is these H" ions
that are responsible for the very low pH of waters draining from coal and base-metal mines
(acid mine drainage). [ ]

The Nernst Equation and Eh

Consider the following generalized oxidation—reduction reaction:

aAyx + bBeg = €Creq + dDgy 4-2)
As we did in Chapter 2 (equation 2-25), we can write this reaction in terms of free energy.
[Cred] ¢ [Dox]d
AGg = AGR + RT In—="—="_ (4-3)
TR [Aox][Breal”
Substituting for AGg = —n%E and AGy = —nFE° gives
Creal‘[Dox]®
E=p — B Crod Dol °—-££—an (4—4)

nF  [Aox'Breal® n%F

Equation 44 is referred to as the Nernst equation and can be used to calculate the emf of
an oxidation—-reduction reaction under any conditions. E° is the emf of the reaction in the
standard state, R is the gas constant (8.314 X 107> kJ deg™" mol ™), T'is the temperature
(K), n is the number of electrons transferred in the reaction, & is the Faraday constant
(96.42 KJ volt— ! gram equivalent '), and K is the equilibrium constant.

We usually work in base 10, rather than base e, so it is useful to write this equation in
terms of base 10 logarithms. Assuming that the reaction occurs at 25°C, the Nernst equa-
tion can be written

RT (8.314 X 1073)(298.15)(2.303)
E=EFE° — >~ 1nK=E°— log K
nF (1)(96.42) o8
=g - 00592, & (4-5)
n

If we are measuring the emf of a half-cell relative to the hydrogen electrode (or a
proxy, such as the calomel electrode), the Nernst equation is usually written so that the ac-
tivity product of the oxidized species is in the numerator. What this means is that the sign
is reversed in the Nernst equation, giving

E=E +

0.0592 o (Activity product of oxidized species ) 4-6)
n

Activity product of reduced species

This has the potential to be a very confusing complication. How the calculation is carried
out is illustrated in Example 4-4.
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EXAMPLE 4-4 Calculate the emf for the half-reaction
Mn®" + e — Mn?"
Combining this half-reaction with the hydrogen electrode yields
Mn®* + 1H, o = Mn?* + HY
For this reaction,
AGY = [(—228.1) + (0.00)] — [(—84.8) + (%)(0.00)] = —143.3 kJ mol !
. ~AGY _ —(=1433)
n% (1)(96.42)

=149V

The Nernst equation for the reaction is

0.0592 M’ *][H, )]
E=FE + 2222 150 Kk = 1.49 + 0.0592 1 £
n B & M2

For the hydrogen half-cell in the standard state, [H'] = [H,] = 1. Thus, the
[Mn3+)/ [Mn”] ratio is determined by the electromotive force of the system. For example,
groundwater has E = 0.00 V, and surface water has E = 0.80 V. What would happen when
groundwater is pumped to the surface? At E = 0.00 V,

Mo*™]  E—149 000 —149 _

1
FMnZ] T 0.0592 0.0592
and at £ = 0.80V,

—252

o M E-— 149 _ 0.80 — 149
£ M0 T T 0.0592 0.0592
When the groundwater is exposed to the oxidizing surface environment, Mn>" increases

relative to Mn>". Because the solubility of Mn>" is less than that of Mn>*, this may lead
to the precipitation of manganese. |

1 = —11.7

We can define a special type of electromotive force, Eh. Eh is the electromotive force
of any reaction measured relative to the standard hydrogen electrode. What was deter-
mined in Example 44 was Eh. Eh is an environmental parameter that reflects the overall
oxidation-reduction potential of a natural system relative to the hydrogen electrode.
Because the hydrogen electrode is not easily transported, measurements in the field are
usually made between a Pt electrode and a reference electrode. The measurements are then
corrected, using equation 4-7, to the value that would be observed if the reference elec-
trode was a hydrogen electrode.

Eh = Emeas - Eref (4_7)

The most commonly used reference electrode is the calomel electrode, for which
Eer = 2444 mV (25°C). Ionic equilibria calculated from the Nernst equation using the
measured Eh often are not in good agreement with the measured ionic equilibria. Thus, ex-
cept in certain circumstances, Eh measurements are only used in a qualitative sense. The
reasons for this disagreement are numerous, and the student should consult standard ref-
erence works, such as Langmuir (1997) and Stumm and Morgan (1996), for further details.
In practice, it is best to determine Eh based on specific oxidation-reduction reactions (see
Example 4-5).

EXAMPLE 4-5 Calculate the Eh for a water sample at 25°C for which Mn?*] =
10> mol L™ and [Mn**] = 10" mol L™, Using the data from Example 44,

Eh = 1.49 + 0.0592 log[Mn*"] — 0.0592 log[Mn?*]
= 1.49 + 0.0592 log[107 '] — 0.0592 log[107°] = 0.84 V
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A direct Eh measurement is made using a calomel electrode as the reference electrode. The
measured Eh is 901 mV. The corrected Eh is

Eh = Epeas — Eper = 901 — 244 = 657 mV = 0.657 V

The measured environmental Eh suggests that there should be significantly less Mn**
present than the amount measured. Mn is an example of an electroactive species, and elec-
trons are easily exchanged at the surface of an Eh electrode. If the water sample was
largely composed of electroactive species, there should be good agreement between the
measured Eh and the Eh calculated from the Mn reaction. The lower measured Eh suggests
that there are also nonelectroactive species present that cannot easily exchange electrons
at the surface of the Eh electrode. C, N, O, H, and oxidized sulfur are examples of such
species. The presence of nonelectroactive species gives rise to mixed potentials because
these species are not in equilibrium with the Eh electrode. In these cases, the Eh measure-
ment is not environmentally significant. |

Oxidation-Reduction Reactions and pe

An alternative way to look at oxidation—reduction is through the concept of electron ac-
tivity, pe. This approach is often used by chemists and engineers and is algebraically sim-
pler than the Nernst equation. Geo- and environmental scientists still tend to use Eh.
Consider the half-reaction
Fe** + e~ = Fe?*
We can write this reaction as follows:
_ [Fe*] 4-8)
[Fe*"]le]

The electrons appear explicitly in this equation. However, this should not be interpreted as
a concentration of electrons, but rather as the tendency to accept or release electrons.
Similar to pH,
pe = —logle ] 4-9)
Rewriting equation 4-8 in logarithmic form and substituting for e~ using equation 4-9
gives
log K = log[Fe?*] — log[Fe®*] — logle ] = log[Fe**] — log[Fe**] + pe  (4-10)
Solving equation 4-10 for pe gives
pe = log K + log[Fe*"] — log[Fe*"] (4-11)
Note that in the standard state, [Fe*"] = [Fe’>"] = 1 and pe® = log K. For the reaction il-

lustrated by equation 4-11, only one electron is transferred. A more general statement of
the relationship between pe® and K is

pe® = L log K (4-12)
n

where pe® is the standard state and » is the number of electrons transferred in the reaction.
For the general case when n numbers of electrons are transferred at conditions other than
the standard state,

Activity product of oxidized species
(4-13)

1
=pe® + —1
be =P n og( Activity product of reduced species

Note that in terms of pe this is analogous to the general form of the Nernst equation (4-6).

EXAMPLE 4-6 At 25°C, calculate pe® for the reaction
Zn + Fe?* = Zn** + Fe
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From Table 4-1, AGS = —68.4 kJ mol ™.

—AGY  —(—68.4)
log K = = = 11.98
o8 5.708 5.708 ?

and
o1 _1 _
pe® = —log K =— X 11.98 = 5.99
n 2
If [Fe*"] = 102 and [Zn?"] = 1079, calculate the pe.
pe = pe° + 1 log[Zn*"] — 1 log[Fe* "] = pe® + %log[10_6] - —;—log[lo_3]
n n
=6—-3+15=45 [ |

Eh and pe are related as follows:

2.303RT
Eh = T pe (4-14)
and at 25°C,
Eh = 0.059 pe 4-15)

OXIDATION-REDUCTION DIAGRAMS =

The stability of many species in solution and the solubility of solid phases is controlled by
the oxidation—reduction potential of the environment. In many cases, H™ ions are involved
in these reactions; hence, they are also pH sensitive. Diagrams that represent the range of
stability for various species in terms of Eh and pH can be constructed from thermodynamic
data. These graphical representations are used to make first-order inferences about the dis-
tribution of species in various natural environments. The pioneering work in this area was
that of Garrels and Christ (1965). More recently, Brookins (1988) has prepared a number
of Eh—pH diagrams for geologically and environmentally important systems. The basic
principles used to construct these diagrams and their interpretation are considered in this
section.

Stability of Water

Although one does not often think of water in terms of oxidation-reduction, limits for the
breakdown of water can be derived in terms of Eh and pH. Consider the following reac-
tion (referred to as the water electrode):

2H" + 10, + 27 = H,0 (4-16)

In this reaction, the oxygen in the water molecule is converted to a gas, the valence num-
ber of oxygen changes from —2 to 0, and two electrons are released to solution. This is an
oxidation reaction and its emf can be determined by reference to the standard hydrogen
electrode. The emf of the standard hydrogen electrode is, by definition, zero, so we only
need to calculate the emf for the water half-reaction. The Nernst equation for this reaction
is

B = po 4 00592

log[0,]*[H*T? (4-17)

We calculate E°, at 25°C, from the standard free energy for reaction 4-16.
AGY = [—237.14] — [(2)(0.00) + (%)(0.00) + (2)(0.00)]
= —237.14 kJ mol ™" (4-18)
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Figure 4-2

Stability limits for natural waters at
the earth’s surface in terms of Eh
and pH at 25°C. The limits are
based on partial pressures of oxygen
of 1 and 10~%! atm. Also shown is
the emf in pe units. The range of Eh
and pH conditions for various natu-
ral environments is modified from
Garrels and Christ (1965).

and
—(—237.14)
c= Sl 103V 4-19
(2)(96.42) (4-19)
The Eh equation is
Eh = 123 + 29592 log[O,]2[H1? (4-20)

However, we would like to write this equation in terms of Eh and pH because pH is what
we determine when we measure [H*] in solution. We can rewrite equation 4-20 as
follows: ,

Eh = 1.23 + ()log[H™] (4-21)

2 2

Recall that the definition of pH is pH = —log[H™]. Substituting for pH in equation 4-21,
and carrying out the appropriate multiplications, gives

Eh = 1.23 + 0.0148 log[O,] — 0.0592 pH (4-22)

0.0592 ( 1 )1og[02] 4 0.0592

which is the Eh—pH equation for the water electrode.

The limits of the natural Eh—pH environment are determined by the conditions under
which water will break down into its gaseous components. We can write the following
equilibrium reaction:

The equilibrium constant for this reaction is
K = [0,][H,)* = 10~ % (4-23)

Clearly, the pressure of neither gas can exceed 1 atm. If we set H, = 1 atm, then
0, = 107! atm; and if we set O, = 1 atm, then H, = 10~ *!%% atm. Substituting the two
extreme values for O, yields the limits of the natural environment. At O, , = 1 atm,

Eh = 1.23 + 0.0148 log[1] — 0.0592 pH = 1.23 — 0.0592 pH (4-24)
and at 02 @ = 10_83'1,
Eh = 1.23 + 0.0148 log[10~%*'] — 0.0592 pH = —0.0592 pH (4-25)

If we use the present-day atmospheric partial pressure of O, = 0.2 atm, E° in equa-
tion 4-24 is 1.22. The limits for the natural environment, in terms of Eh and pH, are shown
in Figure 4-2. These natural limits are the starting point for the construction of Eh~pH di-
agrams. Also shown on Figure 4-2 are the Eh—pH ranges for some natural waters.

We can also plot this diagram in terms of pe, and the pe units are shown on the right-
hand side of Figure 4-2. To further illustrate the relationship between Eh and pe, we will
derive the pe—~pH equations for the limits of the natural environment. For the water elec-
trode (equation 4-16), AG = —237.14 kJ mol !, from which we can calculate the equi-
librium constant for the reaction at 25°C.

—-AGY  —(—237.14) [H,0 ]
log K = = =41.55 = 4-26
%88 T 5708 5.708 H 0, g e P 20
Writing the equilibrium equation 4-26 using pe gives
log K = —3 log Po, + 2 pe + 2 pH = 41.55 (4-27)

Note that [e "] has been replaced by pe and [H™] has been replaced by pH. Rewriting equa-
tion 4-27 in terms of pe gives

pe =  log Po, — pH + 20.775 (4-28)

Substituting Po, = 1 atm gives

pe = 20.775 — pH (4-29)
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and substituting Po, = 1078 atm gives
pe = —pH (4-30)

In pe units, equations 4-29 and 4-30 are analogous to equations 4-24 and 4-25, re-
spectively.

In the previous equations we have dealt with oxygen in terms of its partial pressure in
the atmosphere. At 25°C the relationship between the partial pressure of oxygen, in atm,
and the oxygen dissolved in water, in mol L™?, is (Stumm and Morgan, 1996)

O
O2apl _ -2 (4-31)
[0z )]
Solving equation 4-31 for oxygen dissolved in water gives
[02 ap] = [0 ](1072?) (4-32)

EXAMPLE 4-7 A groundwater sample, at 25°C, has Eh = 0.6 and pH = 6.0. Assuming
the system is at equilibrium, calculate the amount of dissolved oxygen in the groundwater
sample.

Rearrange equation 4-22 to solve for [O; (y)].

0.0148 log[O, ()] = Eh — 1.23 + 0.0592 pH = 0.6 — 1.23 + (0.0592)(6)
[05 ] = 107'%7 atm
The amount of dissolved oxygen in the groundwater is
[03 ag] = [03 ](1072%) = [10757)(1072%) = 10™2'47 mol L~
In ppm, the amount of dissolved oxygen is

(107*'*7 mol L™")(32 g mol ") = 1.08 X 107 g L™
=1.08 X 107" mgL™" = 1.08 X 107" ppm

This is an incredibly small amount of dissolved oxygen given that we have an oxi-
dizing environment. Thus, even in oxidizing environments the amount of dissolved oxy-
gen can be very low. To put this calculation into perspective, fish require on the order of
5 to 7 ppm dissolved oxygen, so this environment would not support fish or other higher
forms of aquatic life. |

Constructing Eh-pH Diagrams

This topic is covered in detail in a number of textbooks, and one of the most complete de-
scriptions is found in the classic text by Garrels and Christ (1965). In this section we will
consider two types of Eh—pH interactions—those between minerals and dissolved species,
as illustrated by the Fe system, and those between dissolved species and gases, as illus-
trated by the nitrogen system. Further examples are found in the problem set at the end of
the chapter.

The Iron Eh-pH Diagram The iron Eh—pH diagram will be constructed for surface

conditions and 7 = 25°C. Iron can exist in the natural environment in three oxidation

states, 0, +2, and +3. Native iron, Fe, has 0 valence. The two stable oxides are Fe;Oy, in

which iron has both +2 and +3 valence, and Fe,QOs3, in which iron has +3 valence. We

will start by plotting the boundaries for these three solid phases on the Eh~pH diagram.
Native iron is oxidized to magnetite according to the following half-reaction:

Fe;O4 + 8¢~ — 3Fe

A total of 8 electrons are released because in the magnetite molecule two of the Fe atoms
are in the +3 valence state and one is in the +2 valence state. In order to balance the
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number of oxygens on the left-hand side of the equation, we add 4 water molecules to the
right-hand side, which results in 8H" on the left-hand side of the equation.

Fe;0, + 8¢~ + 8H* = 3Fe + 4H,0

Relative to the hydrogen electrode, we can write the following Nernst equation. In this,
and all subsequent calculations, we will use the hydrogen electrode as the reference elec-
trode. This will not be explicitly stated.
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calculations. Later we will write a reaction that is dependent only on Eh; i.e., pH is not a
variable. We can write the reaction in terms of an equilibrium constant:
B [Fe3+]2
eq — [H+]6
For this reaction, AGy = 22.2 kJ mol ! and K = 10~ %%, Writing equation 4-37 in loga-
rithmic form, we get

(4-37)

0.0592 [Fe;0,][H'T® 2 log[Fe**] — 6 log[H*] = —3.89 (4-38)
Eh = E° + 4-33
8 ¢ [Fel'[H,0° 49 or
L . . . ter i I
The activities of the solid phases and water are unity, assuming that the water-is nearly log[Fe®*] + 3 pH = —1.95 (4-39)

pure. We will make this assumption in subsequent calculations, and the Nernst equations
will include only species that have an activity other than unity.

0.0592

Eh = E° + log[H™® (4-34)

For this reaction, AG = 64.2 kJ mol™! and E° = —0.083 V. Substituting into equation
4-34 and converting [H"] to pH gives
Eh = —0.083 — 0.0592 pH (4-35)

The half-reaction for the oxidation of Fe3;0, to Fe,O; is

Note that the boundary between hematite and Fe** is fixed either by the concentration of
Fe** ions in solution or the pH. This boundary has been plotted in Figure 44 for various
values of [Fe**]. For magnetite, the reaction is

3Fe’* + 4H,0 + e~ = Fe;0, + 8H"
AGY = —50.4 kJ mol~! and E° = 0.52 V. The Nernst equation for this reaction is

0.0592 [[Fe*"P
Eh = 0.52 + 1
1 Og\ [H+]8

) =052 + 0.177 log[Fe**] + 0473 pH  (4-40)

3Fe,05 + 26~ — 2 Fes0, Th1.s boundary is alsc3>+plotted in Figure 4-4 for
various values of [Fe ™ ]. 2P +20
Only 2 electrons are released in this reaction because in the Fe;O4 molecule two of the Fe The boundaries we have drawn in Figure e
atoms already have a +3 valence. Adding water to balance the number of oxygens 4-4 are actually activity contour lines. Each rep- 408 ALY 1*18
gives resents a particular activity of Fe>" in solution D T
3Fe,0s + 2¢~ + 2H™ = 2Fe;0, + H,0 coexisting with either hemz?tl.tc or I.nggnet.lte. 04 "~
Note that only under very acidic conditions isa & Fe 0, + H,O -+5
For this reaction, AG% = —34.2 kJ mol ™! and E° = 0.18 V. The Nernst equation is significant amount of Fe>* found in solution and g 4
0.0592 5 that the equilibrium concentration of Fe*" in so- O \\\\ e
Eh = E° + ———log[H"]* = 0.18 — 0.0592 pH (4-36) lution increases with decreasing pH (increased fag o 5
acidity). Under any Eh—pH conditions there will 0.4} RO
. - - -
Equations 4-35 and 4-36 are plotted in Fig- be some Fe’* in a solution coexisting with - S e-10
ure 4-3. Note that the boundary between metal- +1.2 3 +20 hematite or magnetite, but at other than very low -08 R
lic iron and magnetite falls outside of the stabil- L *° Y .0 5 pH the Fe’* in solution will be infinitesimal. For 2 46 pﬂs 10 12 1
ity field of water. Hence, metallic iron is not +0.8} e T any Eh—pH calculation that involves the activity
stable in the surficial environment. What this i Iy 10 of ions other than H™, an activity value must be Figure ‘,‘_4
: . o . e . Eh-pH diagram showing the variation in
means in practice is that native iron is inherently . selected in order to draw the Eh-pH boundary. 3o . —y ‘
. . +0.4}1 ~ K . [Fe’™], in mol L™ *, for a solution coex-
unstable in the presence of water and readily ox- '~ Fe,0, + H,0 445 We now repeat the preceding calculations, .. . . :
i Y familiar with one of these oxida- = . ® but in thi for Fe" | Tibri i isting with hematite or magnetite. Only
1. 1ZCS. Y Ou arc 1am ‘ . ;ﬁ -~ a ut in this case for Fe“" in equilibrium wit at very low pH values does Fe** have a
tion products, rust. With reference to Figure 4-2, 0 "o S~ 10 hematite or magnetite. For hematite, we can gjgnificant activity.
one would expect that magnetite would be the - Q\Q(\fea;\\ 5 write the following reaction:
stable form of iron oxide only in reducing envi- 04 ‘e&{i\h T - -
ronments isolated from the atmosphere. ] %o Q;g\”w Fe,O5 + 2¢~ = 2Fe
Magnetite and hematite are slightly soluble Ny . . + .
. . . e ) 08 el Adding appropriate amounts of H,O and H™ gives
in the surficial environment and coexist in equi- 0 2 4 6 pﬂa 10 12 14 & approp 2 £

librium with Fe?* and Fe?* ions in solution. We
will first consider equilibrium reactions involv- Figure 4-3

ing magnetite, hematite, and Fe>*. For hematite, ~Eh—pH diagram showing the stability
we can write limits of hematite, magnetite, and metallic

iron at 25°C in the presence of water.
Fe,O; + 6H' = 2Fe** + 3H,0

Note that in hematite, iron has a +3 valence. There is no change in valence in going from
hematite to Fe>* and this reaction is only pH dependent; i.e., it is not an oxidation—
reduction reaction. This often comes as a surprise to students because we are plotting
Eh—pH diagrams and the presumption is made that both variables must be involved in all

Fe,0; + 6H' + 2¢~ = 2Fe** + 3H,0
For this reaction, AGy = —126.4 kJ mol~' and E° = 0.66 V. The resulting Nernst equa-
tion is
[H]°
[F> 2

Eh = 0.66 + 0.0592 log(

2 ) = 0.66 — 0.177 pH — 0.0592 log[Fe*"]  (4-41)

Similarly for magnetite,

Fe;04 + 8H' + 2~ = 3Fe®" + 4H,0
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For this reaction, AG% = —172.5 kI mol™! and E° = 0.89 V. The Nernst equation is
00592 | ( [H']?

Eh = 0.89 +

= 0.89 — 0.237 pH — 0.0888 log[Fe?*"] (4-42
5 1og [Fez+]3) p og[Fe*"] (4-42)

As was the case for [Fe’"], in Figure 4-5 the
Eh-pH boundaries for these equilibria are plotted 12 -+20
using [Fe*"] = 107%,107°, and 10~® mol L™, : "
In both Figure 44 and Figure 4-5 we have in +0.8) 1
essence drawn contour lines showing the activity e J+t0
of Fe’ and Fe?t for solutions in equilibrium 0.4 ! ) T
with hematite or magnetite. Note that these are for . Fea0s + H0 445
solutions in equilibrium with the solid phases. For g 4
example, within the field of hematite as shown in O °
Figure 4-3, hematite is always present. Consider 5
Figure 4-5. To the left of the activity contour la- 0.4 \;‘:
beled [Fe?*] = 10~%, Fe*" is present in solution 5 “*»‘i‘?ﬁﬁgw-m
and has an activity of greater than 10™% mol L™, 0.8 ; S
These solutions are in equilibrium with either 0 2 4 6 pHB 10 12 1

hematite or magnetite.

What would happen to the activity of Fe** if
the oxidation—reduction potential of an environ-
ment was changed? Referring to Figure 4-5, let
us suppose that local groundwater had the Eh and
pH indicated by point A and was in equilibrium
with hematite. For this sample, [Fe*"] = 1072
mol L™ !, The groundwater is pumped to the surface and exposed to atmospheric oxygen.
The Eh of the sample would change in the direction shown by the arrow. Note that the ac-
tivity of Fe** decreases in this direction and the solution would be supersaturated in Fe?*
with respect to hematite. Thus, ignoring kinetic factors, we would expect that Fe would
precipitate as hematite. Note that this is an oxidation-reduction reaction, because the va-
lence of Fe must change from +2 to +3.

We can now combine Figures 4-3, 4-4, and

Figure 4-5

Eb—pH diagram showing the variation in
[Fe>*], in mol L™, for a solution coex-
isting with hematite or magnetite. The
arrow indicates increasing oxidation. See
text for discussion.

4-5 into a single diagram, referred to as a com- M +20
posite diagram (Figure 4-6). With reference to = '“*\f‘%qv ) 115
Figures 4-4 and 4-5, you will note that in the +0.8 \“\3«;
upper left-hand corner of the diagram, [Fe**] > \\ e
[Fe>"]. Thus, there is a field in which Fe’ ™ isthe |\
dominant iron cation. The boundary for this field & | oo N, Fe0 4+ H0
is represented by the reaction s R \\
Fe** + e~ = Fe?™" i x\\\\ s
R S
For this reaction, AG% = —74.3 kJ mol™! and 0.4 TN ,;;;\\
E° = 0.77 V. The Nernst equation is - SN0
0.8 : ; i L P
0.0592 Fe’" 1612 14
Eh = 0.77 + log| L 1) 43, L e
1 [Fe“™]
. Figure 4-6
347 — Ea2t

When [Fe™] = [Fe™], the Nemnst equation re- Composite diagram showing the stabil-
duces to ity fields for hematite and magnetite as

Eh =077V (4-44) 2 function of Eh and pH. The boundary

for the ionic species is drawn with
activity = 107° mol L™L. In the field
labeled Fe®™, [Fe**] > [Fe**]. In the
field labeled Fe**, [Fe’ ] > [Fe**].
For a system containing hematite or
magnetite, the solution is in equilibrium
with the solid phase.

This is only an oxidation—reduction reaction, so
the boundary is independent of pH. The [Fe®"]
field occupies a small area in the upper left corner
of the water stability field (Figure 4-6). To reem-
phasize an earlier point, for the Eh—pH conditions
represented by the field labeled Fe® ", waters that

+20

Figure 4-7

Composite Eh-pH diagram showing
the stability fields of hematite,
magnetite, and siderite as a function
of Eh and pH. For ionic species,
activity = 107 mol L™, Pco, =
1072 atm, a partial pressure greater
than that of the earth’s atmosphere.
At Peo, = 10735 atm, the actual
Partial pressure, siderite would plot
below the stability limit of liquid
HzO.
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plot in this field and that are in equilibrium with hematite would contain both Fe** and
Fe**, but [Fe>*] > [Fe®"]. Waters that plot in the field labeled Fe*" and that are in equi-
librium with either hematite or magnetite would have [Fe* "] > [Fe®*]. By convention, the
diagrams are constructed with ionic activities = 10™° mol L™,

Iron also occurs in the natural environment as the iron carbonate mineral siderite
(FeCOs). This introduces another complication into our analysis in that the fugacity of
CO, gas or the activity of carbonate species must also be considered.

For a solution in equilibrium with CO, (,) and magnetite, we can write the following
reaction:

Fe304 + 3C02 (©) + 2H+ +2e” = 3FeCO3 + H20
For this reaction, AG% = —41.4 kJ mol ' and E° = 0.215 V. The Nernst equation is

0.0592

Eh = 0.215 +
2

log[H*2[CO,]> = 0.215 — 0.0592 pH + 0.0888 log[CO,]
(4-45)

The partial pressure of CO, in the earth’s atmosphere is 10~ atm. Substituting this value
into equation 445 gives

Eh = —0.096 — 0.0592 pH (4-46)

This Eh—pH equation yields values that are slightly less than that of the water breakdown
boundary. Thus, siderite is not stable at the earth’s surface in water in equilibrium with at-
mospheric COy; i.e., if siderite is present, it is a metastable phase. Two points to consider
are that the difference is very small and that kinetic factors always need to be taken into
account. In practice, siderite is found in natural waters and thus persists despite the ther-
modynamic limitations. Most authors set CO, = 10~ atm, a pressure greater than that of
atmospheric CO,, in order to plot siderite on the iron Eh—pH diagram. Using this value for
COs,, the Eh—pH equation for the siderite-magnetite boundary becomes

Eh = 0.0374 — 0.0592 pH 447
The dissolution of siderite to yield Fe>* ions in solution can be written
FeCO; + 2H' = Fe** + CO, + H,0
This is not an oxidation—reduction reaction. The equilibrium constant is written
CO,][Fe*"
«  [COa[Fe"] (448)

[H*]?

For this reaction, AG = —43.7 kJ mol !, which gives K = 1075 Taking the logs and
substituting pH for —log[H™] gives

7.656 = 1og[CO,] + log[Fe**] + 2 pH (4-49)

Setting [CO,] = 10~ atm and [Fe**] = 10™® mol L™! gives pH = 7.83. The siderite field
under these conditions is shown in Figure 4-7.

If the solution is not in equilibrium with CO, (o;—i.e., it is a closed system—we must
take into consideration the more complex equilibria of the carbonate system. This topic
was covered in Chapter 3. In brief, we have three carbonate species, H,CO5 (aq» HCO3,
and CO§_, and the relative abundances of these species is a function of the pH. Thus, the
reactions involving magnetite, hematite, and the dissolved carbonate species will be de-
pendent upon pH. For example, at low pH the dominant species is H,CO; (agy and the re-
actions used to construct the boundaries between magnetite, hematite, and siderite would
involve this particular carbonate species. This topic will not be considered further here.
The interested student can find a complete discussion in Garrels and Christ (1965) and
Faure (1998).

Another important group of iron-containing minerals is the sulfides. As was the case
for the iron carbonates, sulfur species such as H,S (aqy HS ™, HSOy, and SO3™ must be
considered when writing Eh—pH equations involving iron sulfides. Under normal surface
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Composite Eh—pH diagram showing the
stability relations for the iron oxides,
carbonates, and sulfides in water at

25°C. Activity of Fe species =

107 mol L™, total dissolved carbon-
ate = 1 mol L™}, and total dissolved
sulfur = 107° mol L™*. After Garrels

and Christ (1965).
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conditions, pyrite (FeS,) is the stable iron sulfide and its stability field is controlled by the
activity of the sulfur-containing species. We will not consider these calculations here. The
interested student can consult Garrels and Christ (1965) or Faure (1998) for the solutions
to the stability limits in the iron sulfide system. A final composite diagram for the iron
system, including the minerals hematite, magnetite, siderite, and pyrite, is shown in Fig-
ure 4-8. Note that pyrite is stable over a fairly broad range of pH values at low Eh.

The Nitrogen Eh-pH Diagram As a second example of an Eh—pH diagram, this one
containing only gases and aqueous species, we will draw the diagram for the nitrogen sys-
tem under surface conditions at 25°C. The extensive use of nitrogen in fertilizers has led
to an interest in the fate of nitrogen species in ground and surface waters. Nitrogen can
show a variety of valences from +5 (NO3) to —3 (NHZ). The major nitrogen species in
surface and ground waters are Ny (o), NHj (o), NO;, NO3, and NH; . Because nitrogen
minerals are readily soluble, they are rarely found in nature and will, therefore, not be in-

cluded in our Eh—pH calculations.
Oxidation of N, to NOj is represented by the following reaction:

2NO3; + 10e” — N,
Balancing the equation gives
2NO;3 + 12H' + 10e” = N, + 6H,0
For this reaction, AGk = —1199.6 kJ mol ! and E° = 1.24 V. The Nernst equation is

H+ 12N0—2
E= 124+ 00592 [H'IINOS ]

10 [N,]

(4-50)

The partial pressure of nitrogen in the earth’s atmosphere is 0.77 atm, thus [N;] =
0.77 atm. In the following calculations we will assume that the waters are in equilibrium
with atmospheric nitrogen. Note that in many groundwaters N, partial pressure is less
than 0.77 atm. This will change the position, but not the slopes, of the various stability
boundaries calculated here. Nitrate concentrations in groundwater are on the order of
1072 mol L™Y, thus [NO3] = 1072 mol L™, Substituting these values gives the follow-

ing Eh—pH equation:
Eh =121 — 0.071 pH (4-51)
Oxidation of NHJ to N, is represented by the following reaction:
N, + 8H" + 6e~ = 2NH;

For this reaction, AGX = —158.8 kJ mol ' and E° = 0.27 V. The resulting Nernst equa-
tion is

N H+ 8
E=027 + 0% ] [ﬁgﬂ} (4-52)
Setting [NH; ] = 1072 mol L™! and N, = 0.77 atm gives
Eh = 0.33 — 0.0791 pH (4-53)

Oxidation of NH; to N, is represented by the following reaction:
N2 + 6H+ + 6e” = 2NH3

For this reaction, AGR = —53.2 kJ mol ! and E° = 0.09 V. The resulting Nernst equa-

tion is

0.0592  [N,J[H*']®

E=0.09 + log (4-54)

6 [NH,]?

+1.2 \ 1420
-
~#, "y +18
+0.81> \?%\;\;\;\ ~
o N%;”’Qa‘: <o \\V‘\\ -+10
SRR
+0.41 Tt ™~
; \\\ ™ - \\N\\\ +5
o - e .
£ e N e
W olse \\\ 2 ~lg
_]% \"\\Nﬁ.’ PN
Tl TN 4§
-0.4 Tl T\
el R
- ~ g 10
-0.8 ; R
0 2 4 s HS 10 12 14
p
Figure 4-9

Eh-pH diagram for the nitrogen system
at 25°C N, = 0.77 atm and activity of
the dissolved species = 107> mol L™,
The dashed lines indicate the boundary
between NO; and NO; for activity
ratios of 1 and 10* Because N, is a
more reduced form of nitrogen, NO5
must exist metastably in this region.
Only at very low concentrations of
NO; would it be the stable species

relative to N,.
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Setting [NHs] = 10 > mol L™! and N, = 0.77 atm gives
Eh = 0.15 — 0.0592 pH (4-55)

Lastly, consider the relationship between NH; and NH;. This is not an oxidation—
reduction reaction because there is no change in the valence of nitrogen. The reaction can
be written

NH; = NH; + H'

For this reaction, AG% =528 kImol !and K = 10792, Writing this reaction in terms
of the equilibrium constant,

_ [NHgJ[H"]

— 10—9.25
[NH4]

K (4-56)

Setting [NH;] = [NH{ ] = 1 gives pH = 9.25 for the boundary between these two species
when they are at equal activity.

We can now plot an Eh—pH diagram (Figure 4-9) for the nitrogen species. The rela-
tionship between N, and NOj3' is given by equation 4-51, the relationship between N, and
NHy is given by equation 4-53, and the relationship between N, and NHj is given by
equation 4-55. The boundary between NH, and NHj is independent of Eh and is at a
constant pH = 9.25 (equation 4-56). We first plot equation 4-51. We then plot equa-
tions 4-53 and 4-55. Note that the slopes of the lines calculated from the latter two
equations are different. The change in slope corresponds to the change from the NHj -
dominant field to the NH;-dominant field.

NO, is also found in groundwater. We will now calculate the Eh—pH relationship for
this species. NO, is intermediate in the oxidation—reduction sequence between NO3 and
N,. We can write the following equation to represent the oxidation of NO5 to NOJ :

NO; + 2H" + 2¢~ = NO; + H,0

For this reaction, AGX = —160.6 kJ mol ! and E° = 0.83 V. The Nernst equation is

N — H+ 2
E =083+ 00502, INO: JH ]

2 [NO, ]

(4-57)

Setting [NO3] = 107> mol L™ and solving equation 4-57 for Eh, given [NO3 }/[NO5 ]
ratios of 1 and 10%, gives, respectively, the following Eh—pH equations:

Eh = 0.83 — 0.0592 pH (4-58)

and

Eh = 0.95 — 0.0592 pH (4-59)

These two curves are plotted in Figure 4-9. The significance of these results is that the sta-
bility field for NO, falls within the field of N, stability, a more reduced form of nitrogen.
The conclusion is that NO; is a metastable species. It occurs in water as a kinetic inter-
mediary species formed during the reduction of NO3 to N,.

To reemphasize an earlier point, consider the boundary in Figure 4-9 between N, and
NOj3'. On the more oxidizing side of this boundary, NO3 activities are 10> mol L™! or
greater (as the system becomes more oxidizing). However, N is also present in the sys-
tem under these conditions. This boundary does not represent the disappearance of N,, but
rather the occurrence of NO;3 with activites of 107> mol L™! or greater.

Case Study 4-1 illustrates an environmental application of Eh—pH diagrams. In the
case study we are concerned with acidic runoff from a coal mine and the factors that af-
fect the concentrations of dissolved iron and manganese in the runoff.
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| CASE STUDY 4-1

- Sources of High D
Concentrations

from a Coal Mine in E

THE ROLE OF MICROORGANISMS IN
OXIDATION-REDUCTION REACTIONS

So far, we have considered inorganic processes that can lead to changes in the oxidation
state of various species. In the natural environment, microorganisms play an important role
in facilitating a number of chemical reactions. In this section we will consider the role of
microorganisms in mediating oxidation-reduction reactions. A more complete discussion

e
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of the role of microorganisms in the natural environment can be found in Ehrlich (1996)
and Banfield and Nealson (1997). Consider the following reaction in which ammonium is
oxidized to nitrate:

NH; + 20, — NO; + H,0 + 2H*

For this reaction, AG% = —266.5 kJ mol~!. Given the large negative free energy, one
would expect that this reaction would readily occur. However, an aqueous solution con-
taining ammonium ions and exposed to the air is very stable. In contrast, this reaction pro-
ceeds at a measurable rate in natural waters that contain microorganisms. In this case, the
bacteria Nitrosomonas sp. and Nitrobacter sp. use the ammonium ion as a substrate for
their metabolism. In effect, the microorganisms act as a catalyst. In the natural environ-
ment many oxidation-reduction reactions are mediated by microorganisms.

It is important to understand that the microorganisms simply act as catalysts; i.e., they
facilitate the transfer of electrons. The types of reactions that occur are still controlled by
what is thermodynamically possible. For example, the oxidation of ammonium to nitrate
can only occur in the Eh—pH range in which nitrate is the stable form of nitrogen. Hence,
all the thermodynamic calculations we have done in the preceding section, and the Eh-pH
diagrams constructed from these calculations, are still an accurate description of what re-
actions are possible under any given conditions of Eh, pH, and concentration of individ-
ual species.

Microorganisms and Energy Pathways

Microorganisms belong to one of three groups: procaryotes, eucaryotes, and viruses.
Viruses are important in terms of the transmission of diseases, but they do not play a role
in facilitating chemical reactions and will not be considered further. Procaryotes have a
simple cellular structure with rigid cell walls and lack a nucleus. These are the most prim-
itive life-forms and are believed to have been the first life-forms to arise on earth. The pro-
caryotes include all types of bacteria. Archaebacteria (a subgroup of the procaryotes)
inhabit extreme environments, similar to those that may have existed early in earth his-
tory, and are considered to represent ancient life-forms. The archaebacteria include
methanogens (bacteria that produce methane), halophiles (bacteria that exist in high-
salinity environments), thermophiles (bacteria that exist in high-temperature environ-
ments), and thermoacidophiles (bacteria that exist in high-temperature and low-pH
environments). Eucaryotes have a true nucleus and a more complex structure than pro-
caryotes. This more complex structure is represented by the presence of mitochondria,
chloroplasts, and vacuoles and the compartmentalization of some key metabolic processes.
Algae, fungi, and protozoa are members of the eucaryote group.

Microorganisms are classified in various ways depending on how they obtain their
carbon and energy. Autotrophs obtain their carbon from CO,, HCO5 , or CO%™ and use
external energy for the synthesis of organic compounds. Photosynthesizers use sunlight as
the external energy source, and chemosynthesizers use chemical reactions involving var-
ious inorganic molecules as the external energy source. Photolithotrophs are photosyn-
thetic autotrophs, and chemolithotrophs are chemosynthetic autotrophs. Heterotrophs
derive their energy from the oxidation of organic compounds and use previously synthe-
sized carbon as their source of carbon. Microorganisms can be either aerobes, microor-
ganisms that directly use molecular oxygen as the electron acceptor for their oxidation
reactions, or anaerobes, microorganisms that use other electron-poor species (SOff,
NOj3 ) as the electron acceptor for their oxidation reactions. Obligate anaerobes can only
Junction in the absence of oxygen; facultative anaerobes can use either oxygen or other
electron acceptors for oxidation.

Organisms themselves use catalysts, called enzymes, to facilitate the transfer of elec-
trons. Enzymes are proteins that facilitate a reaction by forming a complex with the reac-
tants that brings the reactants into close proximity. Enzymes are usually specific to a
particular substrate. Oxygenases are enzymes that facilitate oxidation reactions, and re-
ductases are enzymes that facilitate reduction reactions. An important characteristic of
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microorganisms is their ability to synthesize a new enzyme that can utilize a previously
unavailable substrate. This characteristic is particularly important in microbial remediation
of pollutants. The pollutant is often a new organic chemical not previously found in the
environment. The synthesis of an enzyme that can utilize this new substrate is the key step
in the remediation process.

Five groups of microorganisms, important in mediating oxidation-reduction reac-
tions, are briefly described here.

Bacteria are single-celled organisms ranging in size from 0.2 to 50 um in diameter,
but commonly less than 5 wm. They are the most abundant microorganisms in
water and soil. The shape of bacterial cells is usually spherical, straight-rod, or
curved-rod. Because of their small size, they have a large surface-to-volume ratio
and usually have a negative surface charge. Bacteria can exist in aerobic and/or
anaerobic environments. Bacteria obtain their carbon either directly from carbon-
ate species (autotrophs) or from organic compounds (heterotrophs). Most bacteria
are chemoautotrophs and derive their energy from chemical oxidation reactions.
Bacteria prefer neutral to slightly alkaline environments.

Actinomycetes are a class of unicelluar organisms that show similarities to both fungi
and bacteria. They typically form branched filamentous colonies and are found in
both aquatic and terrestrial environments. Their principle role is the degradation of
existing organic compounds. Like bacteria, actinomycetes prefer alkaline environ-
ments.

Fungi are multinucleate and do not have internal cell boundaries. The living mass of
a fungus is bounded externally by a rigid wall composed of cellulose or chitin. The
basic structure is a tubular, often branched filament. Fungi use organic compounds
as their carbon source and play a key role in the degradation of litter in the soil.
Fungi prefer acidic environments.

Algae range from unicellular to complex multicellular varieties and vary in size from
microscopic to large, plant-like structures. The main differences between the types
of algae are biochemical: (1) types of chlorophyll and other pigments, (2) chemi-
cal composition of the cell wall, and (3) chemical nature of stored foods. Algae
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Anaerobic degradation occurs in an environment without measurable oxygen or ni-
trate and sulfate (other possible oxidizing agents). The reaction can be written

2CH20 (aq) > CH4 (2 + C02 (5]

and at 25°C, AG} = —185.7 kJ mol . Thermodynamically, the reaction is not as strongly
favored as aerobic oxidation, but the reaction should proceed spontaneously. Species of
actinomycetes are the major anaerobes responsible for mediating this reaction. This type
of biomass degradation typically occurs in swamps and other wetlands and releases
methane to the atmosphere. Methane is a greenhouse gas (Chapter 8), and anaerobic degra-
dation is one of the major sources of atmospheric methane.

Nitrification is the oxidation of ammonium ion to nitrate ion. It is a two-step process,
and both steps are mediated by autotrophic bacteria.

NH; + 1.50, - NO; + H,O + 2H" and NO; + 0.50, — NO3

The net reaction is
NH; + 20, - NO; + H,0 + 2H"

For the first step, AGX = —190.0 kJ mol™!, and for the second step, AGY =
—76.5 kJ mol~'. The nitrification of ammonium ion is thermodynamically favored.
However, as in the previous examples, it is the presence of microorganisms (the bacteria
Nitrosomonas and Nitrobacter, respectively) that facilitates these reactions.

Denitrification is the reduction of nitrogen in nitrate to nitrogen gas, nitrous oxide, or
ammonium ion. Which pathway occurs depends on the Eh and pH of the environment. In
an aerobic environment, denitrification is represented by the following reaction:

4NO3_ + SCHzo (aq) + 4H+ g 2N2 + 7H20 + 5C02

For Fhis reaction, AGR = —2548.4 kJ mol !, indicating that the reaction is thermody-
namically strongly favored. The reaction is mediated by facultative heterotrophic bacteria,
onas and Achromobacter. When small amounts of oxygen are

/s a different pathway, leading to the production of nitrous
en

convert inorganic carbon into organic compounds.

Lt Lt It IL Lt i tEtRetEersstrttbtatos SErs L it s patt i SRttt ittty CH,0 (o) + 2H" — N,O + 3H,0 + 2C0O,

Protozoa are mostly unicellular organisms with animal-like characteristics and are chschulbibliothek der RWTH RACHEN - 8 USLETHE
commonly 5-50 um in size. They are found either .in water or in thin films of water TENTZERNUMNER SRBLTBLLLEE 919.1 kJ mol~". From an environmental point of view, this is
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Mediated by Microorganisms N de oxidation reactions are important in a number of environ-
+ Eby, & Helson : - . . .
Aerobic degradation is the decomposition of dead plant and microbial material in the : P\*?haiples of environuental geoshenistry he f(?llOW'ln'g reaction in which sulfide formed during the
presence of oxygen. The reaction can be written . LFE5L atter is oxidized:
1 CF851 HS™ +20,— 805 +H"

CH,0 o) + O — CO + H,O
2V (aq) 2 () 2@ 2 14,06,2085

and at 25°C, AG% = —501.8 kJ mol~*. Thermodynamically, the reaction is highly fa-
vored. However, in practice, without the presence of microorganisms this reaction occurs
very slowly. Microorganisms that facilitate acrobic degradation are heterotrophic species
of bacteria, fungi, protozoa, and actinomycetes. As an example, consider the secondary
treatment of sewage effluent. At a sewage treatment facility you may have seen large cir-
cular or rectangular tanks filled with gravel. Following primary treatment (which removes
particulate matter), sewage effluent is trickled onto this gravel bed. The community of mi-
croorganisms that exist on the gravel mediate the aerobic oxidation of the dissolved or-
ganic matter in the effluent. A problem that occasionally rises at sewage treatment
facilities is the destruction of this microorganism community by harmful chemicals in the
effluent. When this happens, the microbial community has to be reestablished in order for
aerobic oxidation of dissolved organic matter to occur.

bl entliehener Medien:
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56.6 kJ mol ™!, The reaction is mediated by chemoautotrophic
s thiooxidans.

aents, such as mangrove swamps and other types of swamps,
matter leads to a strongly reducing environment and the pre-

soils formed under these conditions contain abundant sulfide
ained, thus exposing them to atmospheric oxygen, the sulfide
he release of metal ions, sulfate, and hydrogen ions. The re-
to decreasing pH, i.e., acidification of the soils. Similar oxi-
1 sulfide minerals in spoils, either from coal mining or the
Jsits, are exposed to the atmosphere. The oxidation of FeS,

yrite T 70, + 2H,0 — 2Fe®t + 480%™ + 4H™"
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For this reaction, AGX = —2327.8 kJ mol ™ 1. The Fe?™ is oxidized to Fe** as follows:
4Fe*" + 0, + 4H" — 4Fe** + 2H,0 -
%
For this reaction, AGY = —177.4 kJ mol . The reaction is biologically mediatr s,
acid-tolerant, iron-oxidizing bacteria Thiobacillus ferrooxidans. The Fe** ac* %,

dizing agent and oxidizes additional pyrite according to the reaction
FeS; pyrire + 14Fe® + 8H,0 — 15Fe®* + 2507~ +

For this reaction, AG% = —543.0 kJ mol .. For the oxidation -
latter two reactions, the rate-limiting step is the oxidation of ~
positive feedback loop, the oxidation of pyrite is a self-acceler.

Sulfate reduction occurs in organic-rich reducing environme.
fate reduction reaction is

SO7™ + 2CH,0 (o + HY — HS™ + 2CO, + 2H,0

For this reaction, AGOR = —247.0 kI mol™ . The reaction is mediated by su.
bacteria, such as Desulfovibrio desulfuricans, an obligate anaerobe that grow.
ues greater than 5.5.

As an example of a biologically mediated oxidation-reduction reaction, Case
4-2 investigates the role of bacteria in the reduction of arsenate to arsenite in a hypersa
lake.

OXIDATION-REDUCTION PROCESSES IN NATURAL SYSTEMS ==

In the previous sections we developed the thermodynamic basis for oxidation-reduction
reactions and looked at the role of microorganisms in oxidation-reduction reactions. In the
natural environment the major oxidizing agent is atmospheric oxygen and the major re-
ducing agent is organic carbon. Most carbon compounds are unstable in water; i.e., their
stability field falls below the H,O-H, boundary. The oxidation of organic matter first uti-
lizes the dissolved oxygen in the system. If the amount of dissolved oxygen is limited, ei-
ther because the system is isolated from the atmosphere or the rate of replenishment of
dissolved oxygen is less than its rate of consumption by organic matter, the decomposition
of organic matter proceeds with the reduction of NOz, NO,, and SO;~. A further de-
crease in oxidation-reduction potential can lead to the bacterial reduction of carbonate
species and fermentation, resulting in the production of methane.

Table 4-3 lists reduction and oxidation reactions that may be combined to produce bi-
ologically mediated redox reactions. These reactions are combined in different ways as the

Table 4-3 Reduction and Oxidation Reactions That May Be Combined to Produce
Biologically Mediated Redox Reactions*

Reduction Oxidation
Op + 4H' + ¢~ — 21,0 L CHyO g + Hy0 — CO, ) + 4H' + de™
2NO; + 12H" + 10e” — N, @ T 6HO L-1 HCOO — CO,, + H" + 2~
Mn02 ) + HCO:),_ + 3H+ + 27 — MHCO3 (s) + 2H2O L-2 CH20 (aq) + H20 - HCOO™ + 31‘1+ + 2e”
NO; + 10H* + 8¢~ — NH{ + 3H,0 L3  CH50H (g — CH;0 (o + 2H" + 26~

FeOOH (, + HCO3 + 2H" + ¢~ — FeCOs () + 2H,0 L-4  CHy (g + HyO — CH30H (o) + 2H™ + 2¢~

CH,0 g + 2H™ + 2¢” — CH;0H ¢, HS™ + 4H,0 — SO~ + 9H"* + 8¢~

SO3™ + 9H™ + 8¢ — HS™ + 4H,0 FeCOs ) + 2H,0 — FeOOH ) + HCO3 + 2H* + ¢~
CO, () + 8H + 8¢™ — CH, (g + 2H,0 NHJ + 3H,0 — NO3 + 10H" + 8¢~

N, ¢ + 8H' + 6¢~ — 2NHJ MnCO; () + 2H,0 — MnO, , + HCO5 + 3H* + 3¢~

5

ly, 1999. From

“TIQmmUYOwp

vOoZZ

logic ameters for } on‘o,Lake,m'Tu
Oremland et al. 2000).

(continued)

*Modified from Stumm and Morgan (1996).
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For this reaction, AG% = —2327.8 kI mol~'. The Fe?" is oxidized to Fe>™ as follows:
4Fe*t + 0, + 4H" — 4Fe** + 2H,0

For this reaction, AGX = —177.4 kJ mol ™. The reaction is biologically mediated by the
acid-tolerant, iron-oxidizing bacteria Thiobacillus ferrooxidans. The Fe** acts as an oxi-
dizing agent and oxidizes additional pyrite according to the reaction

FeS, pyrite + 14Fe’* + 8H,0 — 15Fe** + 2805~ + 16H"

For this reaction, AG% = —543.0 kJ mol *. For the oxidation sequence consisting of the
latter two reactions, the rate-limiting step is the oxidation of Fe?" to Fe>™. Because of the
positive feedback loop, the oxidation of pyrite is a self-accelerating process.

Sulfate reduction occurs in organic-rich reducing environments. An example of a sul-
fate reduction reaction is

SOF™ + 2CH,0 (og + H" — HS™ + 2CO, + 2H,0

For this reaction, AGX = —247.0 kJ mol . The reaction is mediated by sulfate-reducing
bacteria, such as Desulfovibrio desulfuricans, an obligate anaerobe that grows at pH val-
ues greater than 5.5.

As an example of a biologically mediated oxidation—reduction reaction, Case Study
4-2 investigates the role of bacteria in the reduction of arsenate to arsenite in a hypersaline
lake.

OXIDATION-REDUCTION PROCESSES IN NATURAL SYSTEMS ===

In the previous sections we developed the thermodynamic basis for oxidation—reduction
reactions and looked at the role of microorganisms in oxidation~reduction reactions. In the
natural environment the major oxidizing agent is atmospheric oxygen and the major re-
ducing agent is organic carbon. Most carbon compounds are unstable in water; i.e., their
stability field falls below the H,O-H, boundary. The oxidation of organic matter first uti-
lizes the dissolved oxygen in the system. If the amount of dissolved oxygen is limited, ei-
ther because the system is isolated from the atmosphere or the rate of replenishment of
dissolved oxygen is less than its rate of consumption by organic matter, the decomposition
of organic matter proceeds with the reduction of NO3, NO,, and SOy . A further de-
crease in oxidation—reduction potential can lead to the bacterial reduction of carbonate
species and fermentation, resulting in the production of methane.

Table 4-3 lists reduction and oxidation reactions that may be combined to produce bi-
ologically mediated redox reactions. These reactions are combined in different ways as the

Table 4-3 Reduction and Oxidation Reactions That May Be Combined to Produce
Biologically Mediated Redox Reactions*

Reduction Oxidation
A Oy +4H" + e — 2H0 L CHy0 g + HyO — COy () + 4H" + 4e”
B 2NOj + 12H" + 10e™ — N, ¢y + 6H,0 L-1 HCOO — CO, + HY + 2e”
C  MnO, + HCO; + 3H" + 2¢” — MnCO; () + 2H,0 L2 CH,0 (o) + HoO — HCOO™ + 3H" + 2e”
D NO; + 10H" + 8¢~ — NHJ + 3H,0 L-3  CH3;OH () —> CH,0 (o + 2H" + 2¢~
E FeOOH (, + HCO; + 2H' 4+ e” — FeCO; () + 2H,0 L4  CHy ) + HyO — CH30H (o) + 2H' + 2e”
F  CH,0 oq + 2H" + 2™ — CH;0H (g M HS™ +4H,0 — SO + 9H" + 8¢~ ; ‘igure 4-C2-
G SO} +9H" + 8~ — HS™ + 4H,0 N  FeCOs; ) + 2H,0 — FeOOH (,, + HCO; + 2H" + e~ R e Variations with depth of various physical, chemical, 2
H CO, + 8H" + 8™ — CHy () + 2H,0 O  NHI + 3H,0 - NO; + 10H" + 8¢~ . biological parameters for Mono Lake in July, 1999. From : L
J N+ 8H' + 6e” — 2NHJ P MnCO; ¢ + 2H,0 — MnO, ¢, + HCO; + 3H' + 3¢ ] L ~ . Oremlandetal. (2000 L (eontnued)

*Modified from Stumm and Morgan (1996).
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Figure 4-10 -0.5 0 +0.5 +1.0 EhVolt
Sequence of microbially mediated ‘ ‘ ‘

~-10 -5
redox processes. Letters refer to . = +1[o 4 P pe
reactions in Table 4-3. From
AQUATIC CHEMISTRY, 3rd : - ’

Edition by W. Stumm and J. J. Reductions 8
Morgan. Copyright © 1996. This
material is used by permission of @ ¢
John Wiley & Sons, Inc. { NOjg Reduction ‘ D
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overall Eh of the environment changes. The sequence of biologically mediated oxidation— Oxidations ] D
reduction reactions is shown graphically in Figure 4-10. The calculations required to con-
struct this diagram were done at pH = 7 and HCO; = 1 X 1072 mol L™". The box in 0 s o
Figure 4-10 lists examples of various redox reactions that are combinations of the reduc- 5+5 10 o ;105 20 pe
tion and oxidation reactions listed in Table 4-3. With decreasing oxygen content, and a et = i
corresponding decrease in Eh, reactions will proceed in the order aerobic respiration — keal/ equivalent
denitrification — nitrate reduction — fermentation — sulfate reduction — methane fer- dation of organic matter. In these reactions sulfate is reduced to HS ™~ and nitrate to nitrite
mentation. If MnO, is present, it should be reduced to Mn®* in the same Eh range as ni- ammonium ion, or N,, depending on the environmental conditions. After the sulfate a (i
trate reduction, and if FeOOH , or Fe(OH); () is present, it will be reduced to Fe*" at nitrate are exhausted (i.e., there are no additional oxidants), there is a further small declig
Eh’s similar to those for fermentation. The oxidation—reduction reaction sequence is in Eh until fermentation (anaerobic biodegradation) becorr;es important. Because of the :
paralleled by an ecological succession of microorganisms: aerobic heterotrophs — processes, natural waters tend to fall into two main Eh ranges, referred 0 as hi h and I .
denitrifiers — fermentors — sulfate reducers — methane bacteria. The sequence illus- Eh (or pe) environments (Figure 4-11). , £ ™
trated here might occur in a lake undergoing eutrophication. As the organic content of the
lake increases, and oxidizing agents are utilized in the decomposition of the organic mat- Figure 4-11 2
ter, the series of reactions outlined here would occur in the deep waters of the lake. Under Schematic representation of redox " | o, oxidation +20
extreme conditions, the production of methane might be possible. Such a result might be buffering regions in acidic waters. :mz;;;;” “
expected when a lake evolves to a swamp or marsh. Modified from vanLoon and Duffy ¢ Y ~+15
(2000). +0.8 - 2
Redox Buffering S - ! 1410
Similar to pH buffering discussed in Chapter 3 is the concept of redox buffering. When £ 404 H g
oxygen is present in water, the Eh is controlled by the oxygen—water half-reaction. During \ 148
the oxidation of organic matter, as long as measurable oxygen is present, there is very lit- a 805 NO
tle change in Eh. Recall from our earlier discussion that relatively large variations in dis- : ok \ﬂ"figaf"*‘ o
solved oxygen lead to only small variations in Eh. When dissolved oxygen is no longer Mh;e:m;rsa_fié*n
significant, there is a rapid drop in Eh until the sulfate and nitrate oxidation—reduction re- ¥ ow

L]

actions become important. The sulfate and nitrate serve as electron acceptors for the oxi- Oxidized organic matter —
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Classification of Oxidation-Reduction Environments

When the Eh concept was first introduced earlier in this chapter, the comment was made
that there was often a discrepancy between the measured Eh and the observed oxidation—
reduction equilibria. Because of the difficulty of measuring a thermodynamically mean-
ingful Eh, Berner (1981b) suggested a simplified scheme. The initial distinction is between
environments that contain significant dissolved oxygen (oxic) and those that have no sig-
nificant dissolved oxygen (anoxic). Subsequent modification led to the recognition of a
third environment, suboxic, which contains some dissolved oxygen. The anoxic environ-
ment is subdivided into two environments, one that contains significant dissolved sulfide
(sulfidic) and the other with minimal dissolved sulfide (nonsulfidic). The nonsulfidic en-
vironment is subdivided on the basis of whether or not sulfate reduction and methane pro-
duction can occur. These different oxidation-reduction environments and their
characteristics are summarized in Table 4—4. Also included in the table are phases that
characterize each of these environments.

Table 4-4 Oxidation—Reduction Classification of Natural Environménts*

Dissolved gases

Environment (10" % mol L™ Characteristic phases

Hematite, goethite, ferrihydrite, MnO,-type phases,
no organic matter

Suboxic 0, <30and = 1 Hematite, goethite, ferrihydrite, MnO,-type phases,

minor organic matter

Oxic 02 > 30

Anoxic 0, <1
Sulfidic HS =1 Pyrite, marcasite, rhodocrosite, organic matter
Nonsulfidic H,S <1
Postoxic Low-temperature Fe?* and Fe** silicates, siderite,

vivianite, rhodocrosite, no sulfide minerals, minor
organic matter

Methanic Siderite, vivanite, rhodocrosite, earlier formed sulfide
minerals, organic matter

*After Berner (1981b) and Anderson et al. (1994) as modified by Langmuir (1997).

Oxidative and Reductive Capacity

Oxidative and reductive capacity was defined by Scott and Morgan (1990). It is essentially
a measure of the net oxidation or reduction potential of an environment. The mathemati-

cal expression is
OXC = 2 nOx]; — 2 njRed]; = —RDC (4-60)

where OXC is the oxidative capacity, RDC is the reductive capacity, [Ox]; and [Red]; are
the molar concentrations of the oxidants and reductants, respectively, including both dis-
solved and solid species, and 3, n; is the number of electrons transferred in the oxidation—
reduction reactions. Given these units, capacity is expressed in moles of electrons per liter;
i.e., capacity is a measure of the excess or deficiency of electrons in the environment.

EXAMPLE 4-8 A groundwater sample is collected from an aquifer overlain by culti-
vated fields. For this sample [O; uq)] =2 X 10 *mol L™, [NO3] =1 X 10> mol L™},
colloidal Fe(OH); , = 1 X 107* mol L™!, and dissolved organic carbon (DOC) as
CH,O = 1 X 1072 mol L™!. We did not consider the iron hydroxides when we con-
structed the iron Eh—pH diagram, but they are common in natural systems as metastable
phases intermediate to the iron oxides.

Figure 4-12

Eh ladder plot at pH = 5.7 for
some of the reactions previously
described in the chapter. O, () =
0.21 atm, N; () = 0.77 atm,
activities of aqueous species =

1 X 107> mol L ™!, Numbers in
parentheses refer to equations in
the text.
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We can write four possible reactions that control the concentrations of these species:
4H" + Oy ) + 4~ = 2H,0
NO; +6H" + 5 = 4N, + 3H,0
Fe(OH); + 3H" + e~ = Fe*" + 3H,0
HCO; + SH" + 4e~ = CH,0 (organic matter) + 2H,0
Substituting into the OXC equation (4-60) gives
OXC = ()02 @aq)] + MIINO3] + (n)[Fe(OH);] — (n,)[CH,O]

B2 X107H + G)1 X 1073 + (DA X 1074 — @)(1 X 1073
= 1.9 X 1072 mol electrons L ™!

The environment has excess oxidizing capacity; i.e., all the dissolved organic matter
will be oxidized and there will still be some oxidative capacity left in the groundwater
system. ]

Oxidation—-Reduction Ladders

An oxidation—reduction ladder is a graphical representation of oxidation—reduction re-
actions arranged in order of decreasing oxidation potential; i.e., species of couples higher
on the ladder can oxidize species of couples lower on the ladder. Eh depends on both pH
and concentrations of individual species, so this information must be specified when con-
structing an Eh ladder. Figure 4-12 is an example of an Eh ladder on which has been plot-
ted the Eh for the various reactions described in the section on the construction of Eh-pH
diagrams. These calculations are done at pH = 5.7 (the pH of surface waters in equilib-
rium with atmospheric CO,) and activity of ionic species = 1 X 107> mol L™, Plotted on
this ladder are two reactions that were not previously described, i.e., the oxidation reaction
between dissolved methane and bicarbonate ion and the oxidation reaction between dis-
solved CH,O (a proxy for dissolved organic carbon, DOC) and bicarbonate ion. For dis-
solved methane the reaction is

HCO; + 9H+ + 8 = CH4 (aq) + 3H20

e Opg
(4-51) NOg Ao (24
@) 800 ——
600 ——
-~ 400 ——
=
£ i
e
[ o 200 ——
(R 1]
HCO,"
0 —— 3 (4
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(4-53) ﬁ"%‘z_ —
4 24
-200 —= Fieo (4-42)
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For this reaction, AG% = —158.8 kI mol ! and E° = 0.206 V. The Nernst equation is

HCO;[H')®
006 4+ 00592 ([ T1H'] ) (“6l)
8 [CH, (ag]
If we set [HCO3 ] = [CH4 (ag)], the Eh—pH equation becomes
Eh = 0.206 — 0.0666 pH (4-62)

The reaction between CH,O (,q) and bicarbonate ion is
HCO; + 5H" + 4e” = CHy0 (o + 2H,0
For this reaction, AG% = —17.1 kI mol ! and E° = 0.044 V. The Nernst equation is

00592 [ [HCO;][HT)
E =0.044 + lo 4-63
4 BUICH0 ol )
If we set [HCO5'] = [CH,0 (aq)], the Eh—pH equation becomes ’
Eh = 0.044 — 0.0740 pH 4-64)

AtpH = 5.7, Eh = —378 mV for reaction 4-61. At this pH, the Eh for the breakdown
of water to H, gas is —337 mV. Thus, CH,O (,q, is only stable under conditions more re-
ducing than those that lead to the breakdown of water. What this means is that CH,O ()
exists metastably in water and should readily oxidize. Whether or not complete oxidation
of DOC will take place depends on the total oxidizing capacity of the environment.

We can use the Eh ladder to predict what would happen during changes in the natu-
ral system. For example, if oxygen was added to the system, the first reaction to occur
would be the oxidation of CHyO (g, to HCOj3 because the greatest difference in
oxidation—reduction potential exists between these two couples. If dissolved oxygen was
still present after the completion of this reaction, the next step would be the oxidation of
Fe?*, resulting in the precipitation of Fe;0,4 (magnetite). If the dissolved oxygen was ex-
hausted during this process, the next step would be the reduction of NO3 to N,. Thus, re-
actions would proceed in a stepwise fashion, moving down the ladder as each oxidant was
exhausted and moving up the ladder as each reductant was exhausted. The oxidation—re-
duction processes would be completed when the only remaining couples had the same Eh.
If DOC was added to the system, the first step would be the removal of dissolved O, then
reduction of N,, and so on. Thus, additions of oxygen (or other oxidants) to the system
or the addition of organic matter (or other reductants) leads to changes in the species pres-
ent in a system.

Because there is also a kinetic factor—i.e., reactions don’t occur instantaneously—
one can envision that the Eh of a system can change with time. For example, groundwa-
ter entering an aquifer will initially be in equilibrium with atmospheric oxygen. Once the
groundwater is isolated from the atmosphere (we will assume a closed system), various
oxidation reactions will begin to utilize dissolved oxygen. As these reactions proceed,
moving down the Eh ladder, the Eh of the system will change toward some final equilib-
rium value. Thus, with distance from the recharge area, which is proportional to the time
since the water was in equilibrium with the atmosphere, the Eh of the groundwater will
change.

The changes in Eh-sensitive species in a system can be used to determine the impact
of an anthropogenic input. For example, let us suppose that landfill leachate is entering a
stream. This organic-rich leachate will cause a series of reduction reactions to occur in the
stream. In the immediate vicinity of the landfill, there will be significant reduction and
CH4 (aq and NHZ may occur in the stream given sufficient organic input. In the down-
stream direction, the addition of atmospheric oxygen will lead to a series of oxidation re-
actions that will, at some distance, return the stream to its more or less natural conditions.
Monitoring the Eh-sensitive species would allow us to construct a model of this stream re-
juvenation process. Similarly, Case Study 4-3 describes the reactions that took place when
septic system effluent was discharged into a groundwater system.
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Figure 4-13

Schematic representation of changes
that would occur across a redox
interface between aerobic and
anaerobic groundwaters.

The Redox Interface

The redox interface or redox front is a zone of rapidly changing Eh. This zone may be
sharp and extend over a distance of only several millimeters (see Case Study 4—4, p. 122)
or it may extend over a distance of many meters or tens of meters. Redox interfaces occur
where environments of very different oxidation-reduction potentials come into contact. As
one example, consider the interface between seawater and the seafloor. Ocean waters are
generally aerobic at all depths, whereas pore waters in bottom sediments, depending on the
organic carbon content of the sediments, are often suboxic to anoxic. This change can
occur over a distance of several to 10 millimeters and is reflected by an increase in reduced
species in the pore waters relative to the overlying seawater. As a second example, con-
sider the discharge of organic-rich waste to the environment, as described in Case Study
4-3. In the immediate vicinity of the discharge, the high DOC produces anoxic waters. As
one moves away from the discharge site, mixing with groundwater adds oxygen to the sys-
tem and the waters become oxic. This transition occurs over a distance of several meters,
and the transition zone is marked by several subzones of varying Eh. As a third example,
consider groundwater flow through an aquifer. Where the water enters the aquifer, the
aquifer is near the surface and unconfined, and the waters are well aerated and oxic. As the
waters move through the aquifer, the aquifer deepens and becomes confined; i.e., imper-
meable layers prevent exchange of oxygen with the atmosphere, and the waters become
anoxic due to O,-consuming redox reactions. In terms of Eh-sensitive species and Eh,
Figure 4-13 schematically shows the changes that might be expected in crossing a redox
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CASE STUDY 4—4
][;Corrosmn of Brass in a Marme Env:ronment

_Paratacamite |

~ An mterestmg example of the significance of th redox frontis
a study on the corrosion of brass shells done by Stoffy Egl
ol (1998). In 1942 a British ‘munitions ship caught fire in
| Halifax Harbour and was sunk by naval gunfire ‘using. sand—
fﬂled shells Amostunusualk but effectlve Way‘ ) put outa

interface. Note the increase in Fe and Mn in solution. The lower Eh would favor Fe** and
Mn?", species that are more soluble. Mn- and Fe-containing minerals in the aquifer would
begin to decompose, releasing these ions to solution.

In this chapter the basic principles needed to understand and describe oxidation—re-
duction reactions have been developed. Oxidation and reduction processes play arole in a
number of different environments, and further descriptions of redox processes will be
found in the chapters on fresh and marine waters. This chapter concludes with case stud-
ies that illustrate the importance of redox processes in the distribution and degradation of
contaminants.

Case Study 4-5 considers changes that occur across the oxic/postoxic boundary in
marine sediments. The significant observation is that under certain conditions Hg can be
immobilized in selenide minerals, thus inhibiting its release to the environment.

Case Study 4-6 concerns the effect of a hydrocarbon spill that entered an aquifer on
the geochemistry of the aquifer sediments and the implications of the resulting changes in
terms of hydrocarbon degradation and migration.

Oxidation—Reduction Processes in Natural Systems
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QUESTIONS AND PROBLEMS

1. Define anion and cation.

2. Define oxidation and reduction.

3. Define reducing agent and oxidizing agent.

4. For the following oxidation—reduction reaction, identify the reducing agent, the oxi-
dizing agent, the species that is oxidized, and the species that is reduced.

Ce + P’ = Ce*t + Pu
5. What is the electromotive series?

Define standard hydrogen electrode and saturated calomel electrode. How are the
two electrodes related?

=)
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7. Define Eh.
8. What is the relationship between Eh and pe?

9. Why must we select a value for the activity of ionic species when we draw Eh-pH
diagrams?

10. What is an electroactive species?

11. Case Study 4-1 dealt with the release of Mn in a spoil solution draining a coal mine
waste dump. One suggested solution to the problem was to increase the pH so that
Mn-hydroxide would precipitate from solution. With reference to this case study, ex-
plain why increasing pH would produce this result. Note that a field for Mn-hydrox-
ide is not shown in Figure 4-C1-2. Reference to Figure 4-C1-1, and the construction
of the Fe Eh—pH diagram described in the text, might give you a hint about how to an-
swer this question.

12. Microorganisms play an important role in mediating chemical reactions. Consider the

following reaction:

o

NO; + H,0 + H" — NH{ + 20,

For this reaction, AGy = 266.5 kJ mol ™!, Will the presence of microorganisms facil-

itate this reaction? Explain.
13
14
15
16
17
18

19. How does aerobic degradation of biomass differ from anaerobic degradation of
biomass?

What are the characteristics that distinguish procaryotes from eucaryotes?
Distinguish among methanogens, halophiles, thermophiles, and thermoacidophiles.
Distinguish between autotrophs and heterotrophs.

Distinguish between photolithotrophs and chemolithotrophs.

How do obligate anaerobes differ from facultative anaerobes?

What is the role of enzymes?

20. Soils in the Mekong delta have been continuously submerged and used for rice grow-
ing. These soils developed on pyrite-rich former marine deposits. What might happen

if these soils were drained so that they could be used for other types of agriculture?
21. With reference to Case Study 4-2, what is dissimilatory reduction?

22. What is a radioassay? To answer this question, you should refer to the article used for
Case Study 4-2.

23. Refer to Figure 4-C2~1. From the plots of dissolved oxygen, As(IIl), As(V), sulfide,
and methane concentrations as a function of depth, what can you conclude about the
processes that determine the oxidation state of arsenic and sulfur in Mono Lake?

24. Relate the reaction order shown in Figure 4-10 to the presence of different types of
microorganisms.

25. Define Eh buffering and give an example of an Eh buffer.

26. Describe and discuss Berner’s oxidation—reduction classification of natural environ-
ments.

27. Define oxidative capacity. What is the significance of this concept?

28. What are oxidation-reduction ladders, and why are they useful when investigating
oxidation-reduction reactions in natural environments?

29
30

What is a redox interface, and why is it important?

Describe what happens, in terms of Eh and species in solution, when an organic-rich
effluent enters aerobic groundwater.

31. What might happen to a Cu-based canister used to store radioactive materials if it
came in contact with reducing saline groundwater? Refer to Case Study 4-4 to answer
this question.

32. With reference to Case Study 4-5, explain how the presence of Se in sulfide wastes
might retard the loss of Hg to the environment.
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33.

34.

35.

36.

37.

38.

39.

40.

With reference to Case Study 4-6, explain why the highest Fe?* concentrations in the
pore waters corresponded with the lowest Fe®* concentrations in the sediment.

Balance the following oxidation—reduction reactions:
PbO, () — Pb>" + O,
Fe?" + MnO, , — F&’ + Mn*"
As,S; ) + NO3 — HAsO;™ + S° + NOy
CH,0 (5 + NO3 — Ny + HCO3 + CO, (g
FeS; pyriee T NO3 — Nj (o) + FEOOH goemice + SO7™
C,HCl; + O, — CO, + CI
Mn2" + 0, + Co** — MnO, () + C0304 ()
For the following reaction, at 25°C,

3+ 3+
Ce metal + Pu — Ce + Pu metal

calculate: .
a. The standard-state free energy. Use the thermodynamic data from Appendix II,

source 4 or source 5, as appropriate.

b. The standard-state electromotive force.

. The K4 value for the reaction and the [Ce3*)/[Pu™] ratio at equilibrium.

a. Calculate the standard electrode potentials, at 25°C, for each of the following half-
reactions. Use the thermodynamic data from Appendix II, source 4 or source 5, as
appropriate.

d

Np*t +3¢" —>Np  Ce*" +3e” — Ce
Pi®" +3¢ —Pu Th*" +4e” — Th

b. Arrange the half-reactions in the order strongest reducing agent to weakest reduc-
ing agent.

Using the results from problem 36,

a. Calculate the standard electromotive force for the reaction Pu + Np*>" —
Pu* + Np.

b. Calculate K for this reaction.

c. If [Np>**] = 107% mol L™, calculate the activity of Pu** at equilibrium.

In order for fish to survive, the dissolved oxygen content of a lake or stream must be

at least 3 ug mL ™. A particular lake has pH = 6.5 and T = 25°C.

a. Calculate the minimum Eh required for this lake to support a fish population.

b. There are a number of summer homes around this lake and each has its own sep-
tic system. The effluent from the septic systems drains into the lake and this sup-
ports a summer algal bloom. In early spring, the lake has an Eh = 0.90 V, but by
late summer Eh = 0.4 V. What would you conclude about the health of the fish in
this lake?

a. Derive the Eh—pH equation at standard conditions for the reaction Co*t +e” —
Co?*. Use the thermodynamic data from Appendix II, source 4.

b. Given [Co**] = 10™* mol L™, calculate [Co’*] when Eh = 0.95.

Construct an Eh—pH diagram, at standard conditions, based on the progressive oxida-
tion of Co to form oxides, starting with metallic Co. The appropriate reactions are

CoO +2H" + 2~ — Co + H,0 and Co30,4 + 2H" + 2e™ — 3Co0 + H,O

For each of these reactions derive the Eh—pH equation and plot the resulting equation.
Use the thermodynamic data from Appendix II, source 4.

41.

42.

43.

44

45.

46.

47.
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Derive the Eh—pH equations, at standard conditions, for the solution of the oxide min-
erals of Co to form Co?”". Plot these equations on the same Eh—pH diagram you used
for problem 40. Set [Co**] = 107° mol L™'. Use the thermodynamic data from
Appendix II, source 4.

Co®t + 2¢~ — Co
CoO + 2H" — Co** + H,0
Co304 + 8H™ + 2¢™ — 3Co?" + 4H,0

Calculate the Eh for acid mine drainage (pH = 4) and ocean water (pH = 8.3) in equi-

librium with atmospheric oxygen (Po, = 0.2 atm) at T = 25°C.

In Case Study 4-3, the impact of septic system effluent on groundwater was de-

scribed. Assume the groundwater temperature is 25°C. Use the thermodynamic data

from Appendix II, source 4.

a. Considering the portion of the plume that had pH = 4.4, calculate the Eh of the
water. [NH;] = [NO;3 ], and the Eh—pH equation relating these two species is
NO;3 + 8¢~ + 10H" — NH; + 3H,0.

b. At this Eh, calculate the concentration of dissolved oxygen in the water.

¢. A direct measurement of the oxidation-reduction potential of the plume water,
using a calomel electrode as the reference electrode, gives Eh = 974 mV. Calculate
the corrected Eh value. How does this compare to the Eh determined in part (a)?

The iron hydroxides were ignored when we constructed the iron Eh-pH diagram. This
was done because the hydroxides are metastable phases that will convert with time to
hematite and magnetite. However, they can and do occur in natural systems in a
metastable state. Construct an Eh—pH diagram, at standard conditions, for the Fe hy-
droxides, Fe(OH), and Fe(OH);. Use the thermodynamic data from Appendix II,
source 4. Set the activity of dissolved species = 10® mol L™'. The aqueous species
Fe(OH)>* can occur in this system, but for this problem ignore this species. Using the
equations developed for the diagram plus the diagram itself, what will happen at con-
stant pH = 7 if the Eh of the environment increases from 0 V to 0.6 V?

Construct an Eh-pH diagram, at standard conditions, for the sulfur species. The
species are S (), SO?[, HSOZ, HS™, and H,S (aq)- OS¢t the activity of all the dissolved
species = 107 mol L. Use the thermodynamic data from Appendix II, source 2.
The oxidation of pyrite can be represented by the reaction 4FeS, pyrite T 1505 +
14H;0 — 4Fe(OH); ferrinyarie T~ 8505 + 16H™.

a. Write the pe equation for this reaction at 25°C. Remember that when calculating
the free energy the reaction is written so that the oxidized forms are on the left and
the reduced forms are on the right. Use the thermodynamic data from Appendix II,
source 4.

b. Calculate the pe when pH = 4, SO~ = 10> mol L™, and the reaction is in equi-
librium with atmospheric oxygen (Po, = 0.2 atm).

Fredrickson et al. (2000) investigated the microorganism (Shewanella putrefaciens)-

mediated reduction of U®" to U**. U®" is soluble and uranium is transported in so-

lution in the oxidized form, whereas U*" is relatively insoluble. Hence, the oxidation
state of uranium is an important factor in determining the mobility of uranium in

surface and ground waters. One of the investigated reactions was 0.5U0,(CO3)3~ +

H* + e~ — 0.5U0; yraninite + 1.5HCO; .

a. Calculate E° for this reaction at 25°C. Use the thermodynamic data from Appendix
II, source 4 or source 5, as appropriate.

b. Calculate the Eh for this reaction at pH = 5.7, UOx(CO3)3~ =1 X 10 > mol L},
and total carbonate, Ct = 3 X 10”2 mol L™, You will first have to calculate the
amount of Cr that exists as at the given pH.

¢. Based on these calculations, comment on the solubility of uranium in acidic waters
such as those found in swamps and marshes.
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