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Oxidation-Reduction Reactions

7.1, REDOX POTENTIALS
7.1a. Theory

For any electron-transfer half-reaction of general form

Oxidized molecule + mH* + #nelectrons = reduced molecule {(7.1)

the Nernst equation can be written:

0.059 (reduced molecule)

= 9
B = B R {oxidized molecule) (H*)” (7.2)

where:

E, = potential for the half-reaction (volts, V)

E?} = standard state potential for the half-reaction (volts, V)
= moles of electrons involved in the reaction as written

m = moles of protons involved in the reaction as written

and the parentheses denote ch
cules,

Table 7.1 lists a number of half-re
ing standard-state potentials. The mo

emical activities of the reduced and oxidized mole-

actions important in soils and their correspond-
Te positive the EY, the stronger the tendency for
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Table 7.1. Standard-State Reduction Potentiafls of Half-
Reactions involving Important Elements in Soils

Reaction EY (volts)®
Mn** + ¢ = Mn?t 1.51
MnOOH(s) + 3H" + ¢~ = Mn?* + 21,0 1.45
¥NOy + %H" + &7 = %N, (g) + %H,0 1.245
#MnOy(s) + ZH* + ¢~ = ¥Mn®* + H,0 1.23
%01(3) + H+ + e = %H]O 1.229
Fe{OH)(s) + 3H* 4 ¢~ = Fe** + 31,0 1.057
#NOT + H* 4+ ¢~ = ¥NO; + ¥H,0 0.834
Fe** + ¢7 = Fe?* 0.711
%¥O(g) + HY + e~ = ¥H,0, 0.682
#SOI™ + ¥H*Y + ¢ = ¥H,8 + ¥I,0 0.303
ANo(g) + #H™ + ¢ = ¥NH{ 0.274
RCOg) + HY + ¢~ = ¥CHLg) + ¥HL0 0.169
H* + 7 = 4Hy{g) 0.000

The £ can be converted 1o the equilibrium constant for the half-reaction,
K, using the equation E9= {0.059/x) log K.

these half-reactions to proceed as written. This principle is evident fr'or_n. equaml:;n
7.2. Since the stipulation of standard-state conditions fixes the a.ct.m’ues of the
reduced molecule, oxidized molecule, and proton at unity (by d(?ﬁn}tmn), thlen fg e
last term in equation 7.2 is zero, and £, = E%. That is, thf: .reactmn 5 potentlf‘il,'t‘ s
is equal to its standard-state potential, £, only under qonditlons whe'n? the zsu:tw;j 1es
of the molecules and the proton in reaction 7.1 are unity. Su‘ch conditions are obvi-
ously not realistic in soils, where activities of electron—donat}ng and -acceimﬁg 101;2
are typically below 107* and the pH ranges from 4 10 9. It is rngre gsgfu ; then, ©
presenti the potentials of Table 7.1 in graphic form, where the H é?.CtllVlt}' is .segn )
an independent variable with an important effect on redox p.otennal.‘ This 1; onl_
in Figure 7.1, imposing the additional constraint tlhat mostl d1ssohfed ions an mco)
ecules be assigned an activity of 10, (The exception here is the dissolved gasest, 2
N3, CH,, CO,, and H,. The first two are given-partial pressures of 0.2 and 00? atmg:
sphere, respectively, while the last three are assigned a partial pressu.re.of 0.0 ha n; "
sphere). While these activity values are arbitrary, they are more realistic than the u
tvities of standard-state conditions. L
acugéll‘:sider the reduction of Mn oxide to soluble Mn?* as an example half-reaction:

MnO, (s} + 4H* + 2¢~ = Mn?* + 2H,0 Ey =123V {7.3)

Then, according to the Nernst equation:
(Mn**)

0.059, (7.4)

E!z = Eg - 3 (H+)4

i i i i i hether Ej, or pH is chosen
. E) can affect pH directly through reaction 7.1, it may be arbltr.ary W]
ells %Inrécgegzmdent ( y—ag(is) variable, But soil pH is sometimes determined by processes un;'izst;ei ;0_
the redox reaction itself, in which case pH is Justifiably selected to be the independent (x-
able.
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ﬁgurg 7.1.. The relationship of redox potential, £, to pH for important half-cell
reactions in water. The bald broken lines denote the E, at which water is oxidized t
2 (upper line) or reduced to H, (lower line). ?

That is:
E, = 1.23 - 0.0295 log (Mn®*) — 0.118 pH (7.5)
And, assuming that (Mn®*} = 107%, then:
£, = 1378 — 0.118 pH (7.6}

T_his equation describes a straight line on the F,-pH axis system, and is plotied in
Figure 7.1 along with the analogous equations for several other half-reactions of
1nter§st. It should be noted that the slope of each line is determined by the stoichio-
metric ratio of protons to electrons in the particular half-reaction, specified by the
value of m/n in reaction 7.1 For m/n = 1, the slope is —59 mV/pH unit. In general

for any value of m/n, the slope is (m/n) X (—59 mV/pH unit), ,
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7.1b. Reduction Reaction Sequence and E, in Waterlogged Soils

Figure 7.1 is useful in understanding the sequence of reactions likely to occur as a
soil becomes waterlogged and molecular oxygen, O,, is depleted in the soil due to its
low solubility in water (8 zg/ml) and its consumption by continued biological activ-
ity. Before the soil is fully depleted of oxygen, residual O,, even under much less than
fully aerated conditions, should maintain the redox potential of the soil solution at
a high (strongly oxidizing) value. This means that all half-reactions listed below the
0,—H,O reaction in Table 7.1, if they are at equilibrium with (“coupled to”) the
0,—H,O reaction, are driven from right to left. For example, essentially all of the
iron in the soil would be maintained in oxidized forms (Fe oxides), and the activity
of Fe** would be extremely low. This situation implies equilibrium and a spatially
constant redox potential, unlikely in practice because of slow diffusion of O, into
water-filled micropores of soil aggregates, and because redox reactions in general tend
to be sluggish. The O, molecule, despite being a potentially powerful oxidant, often
reacts very slowly with substrates because of kinetic limitations. Thus, certain
reduced species such as Mn?* and Fe?* are often present in soil solution along with
dissolved oxygen, an indication that conditions of nonequilibrium are common.

Microbial activity changes from aerobic to anaerobic when the dissolved oxygen
diminishes to trace levels (about 107 A4). The observable change that follows water-
logging, once O, is consumed in the water-saturated soil by biological activity, is a
decrease in redox potential accompanied by a rise in pH toward 7. Most reduction
reactions consume HY, accounting for this pH change. In fact, it is CO, in the
reduced soil that buffers pH in the 6 to 7 range via the H,CO;—HCO; reaction.
Without CO,, the soil pH would go well above 7 as reduction progressed and contin-
ued to consume H*. If, however, the pH of the aerated soil is initially higher than 7,
as is the case in calcareous and sodic soils, then reduction reactions actually lower
the pH toward 7 because metal ions made soluble by reduction can precipitate as
carbonates, hydroxides, or sulfides. For example Mn** and Fe'* precipitate as
MnCQ; and FeCO, (see reactions 7.7a and b), generating protons to counter those
constned by reduction.

Anaerobic organisms are able to use oxidized chemical species such as nitrate
(NO7) as electron acceptors in place of molecular oxygen. Consequently, microbial
reduction of nitrate to N, (a process termed “denitrification”} occurs in the early
stages of soil reduction, as does Mn oxide reduction to Mn**. Reduced species such
as nitrite (NO; ) and Mn** then appear in solution. As more extreme reducing con-
ditions develop, ammonium (NH,) accumulates from nitrogen reduction reactions,
and iron solubility increases in the form of Fe?*. The elevated iron and manganese
solubility is ultimately limited by precipitation of the rather insoluble carbonates of
Fe (siderite) and Mn (thodochrosite} if the soil pH is not too low:

FeCO, + 2H? (7.7a)
MnCO, + 2H* (7.7b)

Fe” -+ HzCO}
IVII’I2+ + Hzcoj

These reactions prevent the pH from rising much above 7 ¢ven as reduction reactions
continue in the soil. The process of Fe reduction in soils dissolves silica and phos-
phate adsorbed on ferric oxides and precipitated in Fe*-rich minerals. The fainter
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colors of reduced mineral forms of Fe and Mn compared with their oxidized coun-
terparts account for the pallid appearance of waterlogged soils.

Ultimately, prolonged anoxic conditions cause sulfate to be reduced to sulfide,
which then precipitates with Fe’” and other metals as insoluble sulfide minerals such
as pyrite (FeS,). Manganese sulfides form if the reducing conditions are extreme; oth-
erwise MnCO; is the more likely precipitated form of reduced Mn in anaerobic soils,
Consequently, prolonged waterlogging of soils tends to bring Fe and Mn solubilities
back down to low levels. If the redox potential decreases to low positive or somewhat
negative values (<< 200 mV), organic carbon can undergo reduction, forming meth-
ane. At these extreme conditions of soil reduction, hydrogen gas may be generated
in the soil,

When considering the actual processes by which electrons are transferred in these
reduction reactions, it should not be assumed that all reductions are caused directly
by microorganisms. For example, bacteria may exude organic chemicals such as
palyphenols, which in turn chemically reduce Mn oxides and other easily reducible
compounds. Therefore, Mn oxide may in this sense be an indirect electron acceptor,
whereas NO3 accepts electrons by a direct enzymatically catalyzed reaction within
the cell.

Whether the process is direct or indirect, all of the reduction reactions require
soil flooding to saturate pores combined with organic matter to support microbial
activity and create anaerobic conditions. However, once water is drained out of the
soil, many of the reduction reactions reverse. As O, reenters pores, the redox poten-
tial increases and iron and manganese oxidize to darkly colored oxides, forming red,
brown, and black stains and deposits in the soil. In contrast to reduction, oxidation
reactions as a group are H*-generating, so that soil aeration generally causes the pH
to shift lower. Only if the soil is alkaline prior to flooding can subsequent aeration
be expected to raise the pH.

Reduction-oxidation episodes in soils cause appreciable redistribution of ele-
ments as some minerals dissolve and new minerals precipitate. It is unlikely that the
surface chemical properties of the soil are preserved through the reduction and oxi-
dation processes. In particular, freshly precipitated Fe and Mn oxides seem to pro-
vide recently reoxidized soils with new reactive surfaces for heavy metal and organic

sorption,

E), or redox potential, is a measure of the intensity of the reducing or oxidizing
conditions; that is, the tendency of the soil solution to donate electrons o or accept
electrons from a chemical species or electrode introduced into the solution. Con-
versely, the capacity of the soil to be reduced or oxidized is measured by the quan-
tities of potentially reactive electron donors (e.g., $*-, Fe?*, Mn®*) and acceptors
(e.g., Fe(OH);, MnQ,, NO7, SO37) in the soil, Once a soil is flooded and 0, is con-
sumed, the redox potential (£,) begins to decrease. How much the F, decreascs
depends on the quantity of reactive electron acceptors in the soil compared with the
quantity of electrons generated by biological reactions, particularly organic matter
oxidation. A large reserve of electron acceptors such as Mn** or Fe** in the form of
oxides means that the redox potential tends to maintain a more nearly constant value
as reduction of acceptors continues; the system is then said to be “well poised” with
regard to £, in much the same way that pH is well buffered in soils having a large
capacity to donate or accept protons. Even so, a high organic matter level in soils

SRR T
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usually means that the electron acceptors are overwhelmed by microbial activity, and

the E, decreases rapidly.

7.1c. Redox Potential Measurement in Soil by Electrode

The potentials listed in Table 7.1 and plotted in Figure 7.1 are therquynamic vaiues
and do not necessarily correspond to actual values measured in soluhoqs, for reasons
that will be discussed in this section. For example, aerobic lsoil solutions typlcally
have measured E, values of about 400 to 500 mV, and O, disappears frlom thelsoﬂ
at about 350 mV. These are much lower values than expecied theoretically, since
dissolved O, should in principle maintain potentials closer to 1000 mV (see Figure
7.1). To understand discrepancies between theory and measure;nent, some knowl-
edge of the principles involved in redox potential measgrer'nem is needed. '

The commonest method of measuring redox potential is to immerse a platinum
(Pt) electrode along with a reference electrode into a solutif)n; the electrodes are con-
nected to a potentiometer that measures the potential difference between th'e two
electrodes. Reduced species in solution tend to donate electrons to the conducting l?t
electrode, while oxidized species tend to accept electrons from the electrode. This
creates electron flow in the electrode. However, to cause any defectable movement
of electrons in the electrode, the reaction between the oxidized {ox) and reduced (red)
form of an element in solution:

e
ox <= red (7.8)

must be shifted away from equilibrium. At the steady state of equilibrium, the for-
ward reaction rate of equation 7.8 equals the backward rate, and th; ne_t electrlon ﬂow
(net current) is zero. Even at equilibrium, however, electron flow in either direction,
termed the exchange current, iy, is not zero. - o

A very small shift of the electrode potential away from its equﬂ@num \:'alue
causes the halfireaction (equation 7.8) to proceed either to the left or right, as illus-
trated in Figure 7.2, thereby creating a net currgnt.that can bi'i measured: How pre-
cisely this measurement can determine the equihbrlu.m potential of a particular bqﬁ—
reaction depends on how steeply the net current deviates from zero near the equilib-
rium potential. The greater the magnitude of the exchange current, &, t‘he more steep
is the net current function. This, in turn, is a function of the conc.entrgnon of reduced
and oxidized species near the electrode surface, as is ﬂlustratgd in F;lgurej 72 f(?r the
example of the Fe'* —Fe?* couple at two different concentrations. For this E?rtlcular
half-reaction, if either Fe species is at a concentration less than about 107 M, the
exchange current is sufficiently low to prevent accurate measurement of the redox
potential using the Pt electrode. .

In the particular case of the O,— H,O half reaction:

+2e—

%0, + 2HT = H,0 (7.9

—2e

it is found that, even when the Pt electrode is shifted well away fro.m tlr'na equilibriul_n
potential, relatively little exchange current is generated, as shown in Figure 7.3. This
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Figure 7.2. Measurement of the platinum electrode potential in relation to the
clectrode current for the Fe**-Fe?* redox pair at pH 2 in water, under conditions of (a)
[Fe**] = [Fe!*] = 107> M, and (b) [Fe**] = [Fe2*] = 107* M. {Adapted from W.
Stumm and J. |. Morgan. 1981. Aquatic Chemistry. 2nd ed. New York: Wiley. Used
with permission.)

POTENTIAL (V)

CURRENT (milliAmperes)

Figure 7.3. Electrode current in pure water {aerated) as a function of potential. Net
current is close to zero over a wide range of electrode potential, making it difficult to
locate the equilibrium potential, £ (Adapted from W. Stumim and J. ). Morgan. 1981.
Aquatic Chemistry. 2nd ed. New York: Wiley. Used with permission.)

REDOX REACTIONS

makes it difficult, if not impossible, to determine the value of the equilibrium poten-
i ¢ the O,— H;O reaction.
tal i;E?ui?her prof)lemzin complex systems such as soil solutions, in whiclf} se‘feral
redox couples coexist, is that it is quite possible that the exchange cu%'rent in elt.her
direction is the sum of the exchange currents for fwo or more half-reactlorlls. ansmier
the Fe¥* —Fe?* and 0,—H,0 redox couples, which can occur together in soil solu-
tions. As Figure 7 4 illustrates, the measured potential, E,, at wh1c-h the net current
is zero might then be the potential at which the r.ate qf 0, reductlon‘at tht? electrode
surface equals the Tate of Fe?* oxidation. This situation w'oulc_l be likely if the con-
centration of Fe’* in solution exceeded that of Fe** (which 1s us'ually the case in
reduced soils because of the generally low solubility ‘of Fe**). In instances such as
this, the two redox couples are not in equilibdum with one anot.her, and the mea-
sured potential is termed a mixed potential, E’"’ representing nellthe.r the E,, of the
0,—-H;0 nor the Fel* —Fe?* couple. Thus, this measured potential is not 1nformg—
tive about the extent of oxidation or reduction for individual_redox couples at equi-
librium. Because of this problem of interpreting mixed p()’{em;lals3 and becatllse many
redox couples (such as CO,—CH, and NOy —NO;)do no_t reac't ina r?versﬂ)le man-
ner at the electrode surface, redox potentials measured in soil solution car}not l?e
relied on to reflect the thermodynarmic reaction potentials such as those listed 1n

CURRENT (miliAmperes)

+i

Figure 7.4, Electrode current in aerated water containir?g Fe’*. The mealls.,urfed
*equilibrium” potential is a mixed potential, Ex, Ob‘SC\..lTIng the tTue equilibrium
potential, E.q of the Fe reaction. The mixed potential is not subject to.the US.L!H‘ _
interpretation because the Fet-Fe’* and O-H,0 redox.palrs are not in equilibrium.
{Adapted from W. Stumm and J. ]. Morgan. 1981, Aquatic Chemistry. 2nd ed. New
York: Wiley. Used with permission.)
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Table 7.1. This may be why, in aerated soil solutions, measured electrode potentials
tend to be around 500 mV, while theoretical O, reduction potentials are considerably
higher,

We find, then, that the Pt electrode responds well to some redox couples {such as
Fe’* —Fe?) and not to others. If all couples were at equilibrium with one another,
each would “report” the same potential to the electrode. That is, all redox couples
would be leveled to a single , value by electron exchange among them. In reality,
certain couples fail to enter into this equilibrium because of inert behavior. A good
example is the NOy —N, couple; nitrate is expected to be a strong oxidant by virtue
of the high reduction potential of this half reaction (see Table 7.1 ). However, because
this reaction is extremely slow, the theoretical E, (calculated from equation 7.2) of
the NOy —N, couple has no influence on the redox potentials of soil solutions. Oth-
erwise, redox potentials of soil solutions containing measurable nitrate would always
be high. Actual reduction of NO7 to N, in soils tends to begin at an electrode-mea-
sured £, below 400 mV, much lower than theoretical. Figure 7.5 compares the the-
aretical Ej of important redox pairs (solid lines) with the electrode-measured E, range
over which these pairs are found to be active in accepting or donating electrons in
soils (open and shaded boxes). It is notable that NO; disappears from anaerobic soils
at a considerably higher E, than that at which NH; appears. The reason for this is
the favorability of the denitrification reaction (NO; — N,) over NO;5 reduction to
NHY. As a result, only a small fraction of the NO; in a soil is converted to NH{ on
waterlogging; most of the nitrogen is lost as gaseous products (N,O, N,).

The O,—H,0 couple is the redox pair controlling reactions in aerated solutions,
so that reaeration of anoxic soils drives reduced species (e.g., Fe'*) toward the oxi-
dized state. The range of redox potentials over which Fe?*, Mn?*, and NH} have
been found to oxidize and disappear on aeration of a reduced soil are denoted by the
opent boxes in Figure 7.5. Nitrate reappearance on aeration is also depicted by an
open box. The measured redox potentials that follow re-aeration do not directly
reflect the O, — H,O equilibrium state but rather the status of redox couples having
faster electron exchange rates. Furthermore, while each redox couple would be
expected (in theory) to undergo complete conversion to the reduced form (in flooded
soils) or to the oxidized form (in re-aerated soils) before the adjacent redox couple
on the F, scale became active, actual behavior in soils is much less ideal. Several
redox reactions are typically active simultaneously. This may reflect spatial variabil-
ity in the aeration (and redox potential) of soil aggregates, caused by slow diffusion
processes in micropores.

Large discrepancies between theoretical and measured £, are obvious in Figure
7.5 for the 0, —H,0, NOy — N,, and Mn oxide-Mn?* couple. Although the first two
are explained by inert behavior of O,, NO;7, and N, at the Pt electrode, the discrep-
ancy for the Mn couple may have more to do with an inappropriate choice of Mn
oxide (MnQ,) to represent soil Mn in the oxidized state. The exact nature of this Mn
is not known, but if it is in the form of Mn oxides, they are iikely to be impure,
noncrystalling, and of mixed oxidation state (between +3 and +4), with ill-defined
reduction potentials.

It is clear, after considering all of the factors likely to affect electrode-measured
redox potentials, that these potentials are unlikely to be quantitatively meaningfui
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Figure 7.5. The reduction and oxidation sequence in soi'l solutions at_p.H 7.
Theoretical potentials are indicated by solid lines, assuming equal activities aof o
reduced and oxidized species unless otherwise noted (the pressure .of H, ls-ari?ltranly
set at 107* atmosphere). Measured ranges of soil potentials over thc'h the mdlcaFe.d
species react (change concentration) during scil reduction anq o.xltdatlon are specified
by boxes (shaded for reduction, open for oxidation, black for [nltlal.appearance of
the reduced form during reduction). {Data, in part, from W. H. Eatr!ck and A.
Jugsujinda. 1992. Sequential reduction and oxidation of inorganic nitrogen,
manganese, and iron in flooded soil. 50if Sci. Soc. Am. [, 56:1071-1073)
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for soil solutions. Consequently, thermodynamic calculations of equilibrium states
based only on these measurements should be viewed with suspicion.

7.1d. E, Measurement by Redox Indicators

(Given the problems inherent to the electrode measurement of E, in soil solution, it
would seem desirable to consider other methods of estimating E,. Theoretically, one
could analyze the soil solution for the reduced and oxidized species of a redox coupie,
say dissofved Fe*™ and Fe'*, and use the Nernst relation (equation 7.2) to calculate
E;. Usually, however, there are difficulties with this approach. In the case of the Fe
couple, Fe** solubility in all but very acid soil solutions is extremely low (below
detection), so that an assumption must be made about the activity of the free Fe’*
ion. It might reasonably be assumed that the solubility product of Fe oxide limits this
activity, but Fe oxides have a rather wide range of solubilities depending on oxide
crystallinity, structure, and purity. A better approach to measuring £, would be to
use an “Indicator’” chemical that undergoes reversible electron transfer with natural
redox couples in soil solution, that is,

Fe’* + indicator (reduced) = Fe?* + indicator (oxidized) (7.10)

The color of an ideal indicator would depend on the fraction of this chemicat in the
reduced and oxidized state, allowing a visual estimation of redox potential in much
the same way that pH indicators are used to estimate pH. The quantity of indicator
present must be sufficiently small that the electron transfer between indicator and
solution does not in itself significantly alter the E, of the solufion.

The oxidized form of the indicator usually reacts with protons upon conversion
to the reduced form, as is the case for quinone (Q) reduction to the phenol, hydro-
quinone (HQ):

Q + 2H" + 2¢~ = HQ (7.11)

The involvement of H* ions in most reduction reactions of this kind means that the
solution pH as well as E, affects the fraction of indicator in the reduced and oxidized
state. This is made evident by applying the Nernst equation to reaction 7.11;

E, = E}— 0.059 pH — (0.059/2) log [%] (7.12)
Since E%, the standard-state potential for the Q—HQ redox couple, is a constant
(0.699 volt), equation 7,12 reveals that the ratio of reduced to oxidized indicator at
any particular pH is determined by the E; of the solution, At a fixed pH, for example,
this equation becomes

E, = E} — (0.059/2) log [@] (7.13)

Q)
wiere EY is the sum of the first two terms on the right side of equation 7.12. At pH
7, EY = 0.699 — (.413 = (0,286 volt. In general, for redox indicators with unknown
standard-state potentials, the value of EY can be obtained by preparing mixtures con-
taining known amounts of the oxidized and reduced indicator in pH buffers, mea-

REDOX REACTIONS 251

suring ¥, by the Pt electrode method, and using an equation like 7.13 to calculate
EY for that particular pH. _ .

The EY values for a number of indicators useful in measuring redox potentials
of soil solutions are listed in Table 7.2. The E} value (adjusied for pH) represents
the approximate solution Ej range for which that indicator i§ Qiagnostic. Outside of
its range, any particular indicator is fully in the reduced or oxidized state; for the Q—
HOQ indicator, this would mean that the last term in equation 7.13 c'ou.ld not_ belquan-
tified. In that event, the solution Ej; could not be measured by this s1lng]e 1pd1Fator;
it would be possible to state only that the E, is above the EY value (if the indicator
is fully oxidized) or below the EY value (if the indicator is fully reducf_:d).

In practice, to measure the redox potential of a solution by an indicaior, first the
pH must be measured. The E T yalue is then calculated for the indicator at that pH
Then E, is estimated by an equation of the same form as equation 7.13 but specific
for the indicator being used. This estimation is made by using the color of the solu-
tion to gauge the ratio of reduced to oxidized indicator. According to equation 7.13,
when the indicator is equally in the reduced and oxidized form, E, = £ g

Suppose that in a particular soil solution all indicators with EY values above +
200 millivolts converted to their reduced forms (which tend to be colorless), but all
indicators with EY below +200 millivolts remained in the oxidized {colored) form.
The E, of the solution must then have been very near +200 millivolts. M.eth.ylene
blue, which is intensely colored in the oxidized state, has been used as an indicator
of the onset of strongly reducing conditions in soil solutions. It becomes colorless at
an E, of about + 11 millivolts, assuming a pH of 7 (see Table 7.2). .

Other indicators of the redox state of the soil include complexing ligands (organic
and inorganic) that produce different colors in the presence of Fe** and Fe?t, Ammo-

Table 7.2. Redox Indicators Ranked by Their EY Values

atpH7®
Indicator EY (millivolts)
Phenol blue +224
o-Cresol Indopheno! + 191
Thymol indophenol +174
1-Naphthol-2-sodium sulfonate indophenol +123
Toluylene blue +115
Thionine +63
Methylene blue +11
Potassium indigo trisulfonate —81
Potassium indigo disulfonate —-125
Diazine green —255
Rosinduline —ig;
Neutral red o

Benzyl viologen

aCaution must be exercised in using these redox indicators because many of
them are also pH indicators. This neans that their colorin the oxidized state
may vary depending on the pH of the solution.

Souree: P. R. Hesse. 1971..4 Textbook of Soil Chemical Analysis. New York:
Chemical Publishing.
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nium thiocyanate, for example, forms a red color in the presence of Fe', while o-
phenanthroline forms a red complex with Fe** but not with Fe**. These are not true
redox indicators because they specifically sense the oxidation state of only the iron
redox pair. But if the Fe redox couple is in equilibrium with the other redox couples
in soil solution (a questionable assumption), such Fe-specific indicators should Teport
a redox status consistent with the E, measured by true redox indicators.

Practical difficulties have limited the use of redox indicators in soils. In clear,
colorless solutions that are well poised (ie., have significant concentrations of
reduced and oxidized species), redox indicators work well. In soils, however, indi-
cators are much more difficult to use. They may adsorb at colloid surfaces or com-
plex with metal cations, profoundly changing their redox properties, color, and
detectability. Separating the soil solution from the soil solids by filtration or other
methods solves some of these problems, but increases the chance that anaerobic solu-
tions become aerated (unless extreme care is taken to exclude oxygen gas during the
process). Fortunately, oxygen reacts rather slowly with many indicators in their
reduced form, so that colorimetric detection of redox potential may be possible
before aeration compromises the measurement. Nevertheless, the use of redox indi-
calors has not been accepted in soil chemistry as a generally satisfactory method,
even though clever experimental designs might circumvent the known drawbacks.

7.1e. The Concept of pe in Soil Solutions

Although free electrons do not exist in aqueous solutions, one can still quantify the
degree of electron availability, sometimes termed the virtual electron activity, by the
parameter pe:

p‘E = "'log (67) (714)

where (¢7) symbolizes electron activity measured in terms of the tendency of the
solution to accept or donate electrons. Reducing solutions have a high value of (e7),
and consequently a low or negative pe. Conversely, oxidizing solutions have a low
electron activity and a high (positive) pe.

For the general case of redox half-reactions:
oX + n e = red
the virtual “equilibrium” expression’ is
(red)
T (o0 (e )
which in logarithmic form, considering the definition of pe, becomes

d
fog K — npe=log [%Z—))] {(7.17)

L. No such reaction can attain equilibrium in isolation, since at least one other redox pair must be

present to donate or accept the electron(s). The “equilibrium constant” should then be thought of
as a virtual or operational constant only.
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Now the redox potential, E,, is conventionally defined in terms‘of thle potential of a cell
composed of two half-cells: the half-cell of particular interest (glver{ in general terms by
reaction 7.15) and the standard hydrogen half-cell (with E, and pe assigned values of zero).

The reaction in the latter case is

gﬂz(g)«»nH*+ne- (1.18)

which. when combined with the second half-cell reaction (7.1 5), gives the overall cell reac-
tion:

%Hz {g) + ox = n H* + red (7.9

The Nernst equation, applied to this reaction, produces the relationship:

RT  (H"Y {red) (7.20)
= E'— —In 25— :
E= B = M By (on)
where R is the gas constant and F is the Faraday constant (I = 96,49.0‘cou1m;111135[?01163.
Because the hydrogen half-cell is defined to be at standard—stgge c?nd1t1on§, { th;t;j a;ui
i i ~cell is 0.00 volt, meaning

= 1.0 atmosphere, and the potential of this half-ce : !
JEJ‘I;zin e;uaf{iion 7.p20 can be taken as the measured and standard half-cell potential, respec

tively, of reaction 7.15. But the MNernst equation for half-cell reaction 7.15 is

RT (red) .
= - (7)o [ 55] 20

Using equation 7.17, equation 7.21 can be reexpressed in terms of the equilibrium con-
stant for the half-cell reaction:

2.303 RT _ 793
E,,=E2-(—RF—)(10gK # pe) ( }

But the free energy of reaction, AG,, is related to the reaction potential, E, by

AG, = —nFE {7.23)
so that the standard-state free energy is given by

AGY = —nFE° {7.24)

Thermodynamics provides the relationship between AG® and the equilibrium constant
(see Chapter 1):
AGY= —RTInK {7.25)

so it follows that
nFE"= RTIn K (7.26)

and consequently

_ (2.303 RT'log K) 7.27)
- nF

ED

which at room temperature can be written as




ENVIRONMENTAL CHEMISTRY OF SCILS

.059
E° (volts) = (%) log K {7.28)

This provides the useful conversion between standard potentials and equilibrium con-
stants of redox reactions.

Because the standard-state half-cell potential, ES, is measured relative to the zero
potential of the hydrogen half-cell, E® = EY, and the definition of E° given by equation
7.27 is substituted into equation 7.22 to give

2303 RT 2303 R
(——) log K — (—HFT-:C) {log K — npe) = (

2303 RT

E, = o )pe (7.29)

nk
At room temperature, this equation relating pe to £, becomes simply
E, (volts} = 0.059 pe (7.30)

so that E, and pe for half-reactions are seen to be easily interchangeable, related by the
Nernst constant. The choice of E, (volt units) or pe {unitless) in measuring redox status
is a matter of preference and convenience.

In soils, pe values lie in the range of —& (strongly reduced) to + 12 (strongly
oxidized). However, these pe values {(and E, values as well) are negatively correlated
with pil. Such a correlation is expected from counsideration of the individual redox
reactions occurring in soils {see Figure 7.1}.

Using the MnO,—Mn”* reaction as an example, equation 7.5, written in terms
of pe, provides the pe-pH relationship:

pe = 20.8 — 0.5 log (Mn**) — 2 pH (7.31)

If the Mn?* activity in soil solution were more or less constant (perhaps controlled
by ion exchange processes), then pe and pH would, as observed, be negatively cor-
related. Closer scrutiny of the pe-pH relationship in soils, however, reveals that the
slope of the function tends to be near 1. This would be predicted if the controiling
redox reaction(s) in the soil involved equal numbers of protons and electrons (that
is, m = nin reaction 7.1). This is clearly not the case for the MnQO,— Mn’* reaction,
whose pe-pH function has a slope of 2. For the O, — H,0O and several other important
redox couples in soils, however, the expected slope is at or near unity (Table 7.1 lists
redox couples along with the number of protons and electrons consumed by reduc-
tion).

For the O, H,O reaction in an aerated soil with Pp = 0.2 atmosphere, the
Nernst equation gives

E, = 1219 — 0.059 pH (7.32)
or equivalently in terms of pe
pe + pH = 20.66 (7.33)

Actual pe-pH correlations obtained by Pt electrode measurements in wet, aerobic
soils give a somewhat different relationship:

pe + pH = 13 {7.34)
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plotted as the shaded band in Figure 7.6. The slope of this band, but not the intgrcept_.
is consistent with behavior of the O, —H,O and several oth.er redpx haif-reactions. It
is known that the O, — H,O redox couple does not hehave in an ideal manner at the
Pt electrode surface, so that the discrepancy between ti.‘le expected and obser_ved pe
+ pH value may be due to Pt electrode potential _readmgs below_ the theoretical E,
value for aerated water. Despite this discrepancy, it is gene}*ally believed that the O;—
H,0 couple controls the pe-pH relationship in aerated soil systems.

20

INSOLUBLE 1RON
IMMOBILE PHOSPHATE

Figure 7.5. Tstimated degrees of soil oxidation and reduction, baseq on PeﬁpH or £y-
pH values. The broad line labeled “"aerobic sails” is the pe-pH relationship mgasured
by electrode in aerated soils, (Data from P. R. Hesse. 1971. A Tgxtbook of Soil
Chemical Analysis. New York: Chemical Publishing; and W. L. Lindsay. 1979.
Chemical Equilibria in Soils. New York: Wiley.)




Figure 7.7. Th i -
vglog ), eorefical dependence of pe on pH and dissolved Mn®* activity (pMn =

Holding the pH of a redox reaction system constant does not necessarily fix th
pe of the system, although equations such as 7.33 and 7.34 suggest this. In )trhe c:atse
pf the MnO;.—Mn“ couple, the Mn** activity influences the pe-pH rela'tion accorde:
ing -to qquatlon 7.31. The Mn®*-pe-pH relation is depicted graphically in Figure 7.7
indicating that, at a given pH, higher Mn?* activity results in a lower pe of solutic;n,
Conseq‘uently,‘the oxidative strength of Mn oxides is lowered as Mn?* is dissolveci
and }Juﬂds up in the process of oxidizing other chemical species. Similarly, lower O
partial pressures in poorly aerated soils reduce the pe according to the equ1ation' ’

pe = 20.3 — pH + 0.25 log P,, (7.35)

1In general, as reaciion products of spontaneous redox reactions accumulate, they
ower the pe of the redox couple that provides the oxidant and raise the pe of the

I'ed()x Couple ﬂlat pI’O Vldes the IedLlCtant W heﬂ the W [)E Val VEIEZE, ¢ ll -
t
Q ues con g N qu 1b

7.2, CHEMISTRY OF IMPORTANT REDOX COUPLES IN SOILS
7.2a. The H,0—-0, Couple
The four-glectron reduction of O, to water has a very favorable potential of + 1.229

:olts (see Tgble 7.1), making O, a powerful oxidant, at least in principle. Two-elec-
ron reduction to hydrogen peroxide (H,OQ,) is much less favorable (E, = +0.68
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volt). As the subsequent two-electron reduction of H,O; to H;O is slow, the effective
redox potential of O, may be only + 0.68 volt. In biologically mediated oxidations,
enzymes catalyze what appears to be synchronous two- and four-electron reduction
of O,, and the O,—H,0 and 0,—H,0, reaction potentials may be relevant. In chem-
ical oxidations, however, there is no evidence for reduction of O; in either four- or
swo-electron steps. Instead, oxidation of substrates by O, inevitably proceeds through
a series of one-electron steps, which means that the full oxidative potential of O, is
not necessarily exploited.

The one-electron reduction of O to the superoxide radical ion, Oy, is unfavor-
able, with a potential of —0.56 volt. This means that single electron oxidation of
molecuies by O, itself is unlikely. The superoxide ion is a moderately effective rediic-
ing agent, but a poor oxidizing agent. However, the superoxide ion reacts with water
to form peroxide ions, HO, and 0% ". These are thought 1o be the operative oxidizing
species in aerated water.

There are further reasons that O, demonstrates a surprisingly weak ability to OX1-
dize organic molecules in spite of its high reduction potential. In its ground (unex-
cited) electronic state, O, has an electron spin of § = | (referred to as the triplet state,
caused by two unpaired electrons). It can be excited by ultraviolet light to the § = 0
(singlet) state, in which there are no unpaired electrons. Most organic substrates are
also in the singlet electronic state under normal conditions, and since electron trans-
fer between molecules in different spin states is a spin-forbidden process, molecular
oxygen in its normal (unexcited) electronic state is not expected to react with most
organic molecules. In contrast, singlet oxygen, formed by photochemical excitation
of triplet oxygen, is an extremely potent organic oxidant but is of very limited impor-
tance in soil chemistry because ultraviolet light is a factor only at the soil surface.

Molecular oxygen, if bonded to certain transition metal ions in solution or at
oxide surfaces, can be more reactive than dissolved free oxygen. This property may
contribute to the catalytic activity of metal oxide minerals in oxidation reactions.

All of these considerations of O, reduction mechanisms suggest that the four-
electron reduction of Oy, with its very favorable potential, overestimates the oxidative
power of O, in chemical systems. This should be kept in mind in the following dis-
cussions of redox reactions if O, is the oxidant.

Strong oxidation potentials can arise in aqueous solutions from sources other
than dissolved O, at least if these solutions are irradiated with light. Low-energy
ultraviolet light (wavelength = 300 nm) induces the photoreduction of hydrotyzed
Fe?* species such as dissolved FeOH*" or colloidal Fe hydroxide by the 07 — Fe'*
electron transfer. This reaction produces Fe!* and -OH, the hydroxy radical, The
hydroxy radical is one of the most powerful and reactive oxidants known to occur
in water, oxidizing most natural organics (carboxylic acids, phenals, ete.) and many
metals.

7.2b. The Mn?* -—Mn Oxide System

Microorganisms can facilitate and use energy from redox reactions (without a net
cost in energy) only if these reactions are favored thermodynamically. Microbes cat-
alyze, via enzyme systems, the reduction of O, to H,O. In the process, they may
directly or indirectly promote Mn from oxidation state +2 to +3 or +4.In effect,
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the:* oxidative power of O, is converted into the form of Mn(+3,44) oxides. Mn
oxides are perhaps the most potent oxidizing solids in soils. ‘

. Chemicallly,l q)udatmn .of Mn?* occurs spontaneously in alkaline aerated solu-
txon;, as the initially precipitated manganous hydroxide rapidly reacts with O, to
produce a variety of oxide preducts depending on i

' pH, the concentra -
ence of cations, and other factors: ton oFOs pres

Mn, O, (s)
OH- o2
Mn?* (soluble) — Mn(OH), (s) = MaOOH (s) (7.36)
. MnO, (s)
Although Mn** in solution is thermedynamically unstable with respect to oxidatio
by O, at any pH higher than 4, the rate of uncatalyzed oxidation is not appreciabiz

unless the DI1 is well above 8. The Mn oxidation reaction is aitocatal
| : wtocatalytic, that 15, the

24
Mn** + %0, s:w MnO, (s} (7.37)

is followed by selective adsorption of Mn®" onto the freshly formed Mn oxide:

M i+ —_
n** + MnGQ, (s) = Mn?*-MaO, (s) (7.38)

and the adsorbed Mn*" is then oxidized relatively quickly:

Mn**-MnO, (s} + %0, - 2 Mn(, (s) (7.39)

Consequently, as Mn oxides precipitate, oxidation accelerates in response 1o the
1ncreaseq surface available for selective adsorption of Mn?*,

In §0113, autocatalytic oxidation of Mn®** by Mn oxides seems o be a mechanism
by whlgh the formation of Mn oxides can be explained at pH values well below 8
There 1s‘also evidence that Mn and Fe tend to co-precipitate in oxides, possibl -
be;a.us_e iron oxide surfaces also catalyze the oxidation of Mn?*, In any évem thz
oxidizing agent for Mn®* is molecular oxygen, either by a direct or indirect reaétion
path, The reason for this is clear from Figure 7.5. Except for NO;3, which tends to be

kil’l t‘C'dHy lnel—t, Z iS [’18 Onl umc t] n
en ( ) t y s ﬂi €N y Strong and commao
.| l - ]. 24 . OXIdaIl‘t n SOll to b€

Example Problen: WhaF is the equilibrium concentration of Mn’* in an aerated soil
solution at pH 4, assuming that MnQ, is the solid phase formed by Mn oxidation?

Solution: From Table 7.1, the relevant half-reactions might be:
¥MnQ; (s) + 2H* + ¢~ = ¥Mn** + H,0 EY=123Vv
$¥H,O0 = %0, (g) + HY + e Fl=—1229V {7.40)

. oy - . .
since Mn** in aerated soil solutions can be assumed to be oxidized by dissolved

molecular oxygen. If these two half-reacti i ili
cula gen. - ions are coupled (in equilibrium
reaction is writien as their sum: tned wm) the overall

¥MnO, (s) + H* = ¥Mn>* + %0, (g) + ¥H,0  E° = 0.001V (7.41)
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The Nernst relation for this reaction at room temperature is

P i 23172
F=E"— 0.059 log(_Qz)__(M (7.42)

(H")
which becomes
E = 0.001 — 0.01475 log Fo, — 0.0295 log (Mn**) - 0.059 pH (7.43)

Now for aerated water at pH 4, Po, = 0.2 atmosphere, and equation 7.43 simplifies
to
E = —0.225 — 0.0295 log (Mn*") {7.44)

Since this redox system is taken 1o be at equilibrium, there is no potential for the
reaction to do work; that is, £ = 0 {or equivalently, from equation 7.23, AG = 0).
Thus equation 7.44 can be used to solve for the equilibrium activity of Mn?*:

(Mn2+) = 1047.63 (7.45)

This means that the solution concentration of free Mn®* ions at pH 4 should be less
than 1077 molar {neglecting corrections for activity coefficients). But much higher
concentrations than this are usual in aerated soil solutions; it appears that equilib-
rium between Mn oxides and dissolved O, is not the usual situation. Disequilibrium
could be attributed to the sluggish participation of O, in electron transfer reactions
despite its potential to force reaction 7.41 strongly to the left. However, other expia-
nations for the higher than expected Mn’* concentrations in soils are possible,

including:
1. Reduced zones within the generally aerated soil matrix
2. Control of redox reactions by forms of oxidized Mn that are quite different

from MnO,
_ Failure of reaction 7.40 to measure the operative chernical oxidation potential

of molecular oxygen (see discussion about O, in section 7.2a)
. Coupling of the Mn reduction to kinetically active reducing agents such as

polyphenols.

The predominant stable forms of Mn in soils under different prevailing solution
conditions of pH and E, can be summarized in a pH-E,, or pH-pe diagram. For exam-
ple, equation 7.31 provides a relationship between pe and pH for any particular activ-
ity of Mn?* in solution. If a realistic Mn?* activity, say 107°, is chosen 10 represent
soil solution, equation 7.31 becomes simply

pe = 233 — 2 pH (7.46)

Plotted on a pe-pH axis system, this is a straight line specifying the redox and acidity
conditions in the solution that allow MnO, and approximately 107 M Mn** to co-
exist in equilibrium. Below this line (lower pe), Mn?* concentrations are higher than
105 above this line {higher pe), Mn?t concentrations are lower. In Figure 7.8, this
line, along with other lines separating different chemical forms of Mn, is plotted.
Areas enclosed by lines envelope pe and pH conditions favorable to the formation of
specific chemical forms of manganese. It is apparent from the figure that the predom-

P
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7.2¢. The Fe’* —Fe Oxide System

Ferrous iron {Fe**) a i
ppears later than Mn** in soil i
ooy ‘ o1ls that have been subjected -
Oxiies z;itgrﬁigggglsepause, as Table 7.1 shows, the reduction potentjial of ltrzﬁrion
in many other soil mineral i

o _ : ) . als as well) is lower than
appg ;-:Sa, ;{4) m Mn o?udes.. Since Fe*, like Mn?*, is rather soluble i camthrfj1 ) otf
appreciat e concentraﬂol_ls n ‘poo_rly aerated soil solutions. The introciuction ofe 310

ygen causes rapid oxidation of Fe** and precipitation of ferric hydroxide S;'

i
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—d [Fe’'] 0
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min-atm™'mole™ liter? at 20°C, The sensitivity of oxidation
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pE

FelOHI;

Figure 7.9. Stability field diagram for soluble and solid forms of Fe under a range of
redox potential and pH conditions, assuming a dissolved CO), concentration of 107*
M. Shaded areas delineate conditions that are unattainable because of water
decomposition. {Adapted from W. Stumm and |. |. Morgan. 1981, Aquatic Chemistry.

2nd ed. New York: Wiley.)

The pe-pH diagram in Figure 7.9 depicts the thermodynamically stable forms of
Fe under a range of conditions in solution. This shows that, if reducing conditions
n, soluble Fe?* should be stable only if the pH is below about 8. If
he case in calcareous or sodic soils, solid FeCO,
f iron. Under oxidizing conditions, the highly
able forms of iron over a wide

prevail in solutio
the pH is higher than 8, as may be t
would be the predominant form o
insoluble ferric hydroxides and oxides are the most st

pH range.

reacts directly with Fe?* to limit iron solubility in aer-

Example Problem: Since O,
2+ activity to pH in aerobic soils?

ated water, what is the equation relating Fe
Solution: From Table 7.1, the relevant half-reactions are

Fe(OH); (s) + 3H" + & = Fel* + 3H0 EY=1.057TV

KH,0 = %0, (g) + H* + &0 Ej=—1229V (7.48)

If these two half-reactions are coupled, the overall reaction is written as their sum:

Fe(OH); (s) + 2H* = Fel* + %0, (g) + ¥1L,0 E°= —0.172V (7.49)

From the Nernst equation for this reaction at room temperature:

114 F 2+
E = E° — 0.059 iog@%}{—%ﬁ—e—) (7.50)

r
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which becomes

E=-0172 —
0.172 - %(0.059) log P, — 0.059 log (Fe**) — 2(0.059)pH  (7.51)

rt.Suilce £ = 0 at equilibrium, and aerated condition,
partia gas pressure of about 0.2 atmosphere, equation 7
the desired relationship between Fe?* activity and pH:

s allow Py, to be assigned a
->1 can be simplified to give

log (Fe**) = —2.74 —
2 pH (7.52)

This result shows that, even in acid soil solutions
would be far below detectable levels if the soil is

shown by equation 7.51, t i
21, traces of dissolved ox i i
1o Koo o uation 731, L ygen 1n solution would be suffici
tration well below detecti ot
o . ' etectron. That these predicti
atta?segut 121 sgﬂs‘ may suggest, as for the Mn case, that equi]ibr?un?lcuons wsnally
\/ i i ’
auained is! ! » 1n soil solqtlon and that soluble organics may reduce Fe’*
> 18 present. Alternatively, reduced zones may exist in aerated soils bec:f:iveIl
use

()j Sl() W O-) dIfﬁlSlOll nto I'IllCI’OpOIeS, or the Og Iizo llalf-ICaCtIOIl ]Ila}‘ not be Ehe

appropriate one to express the oxidati i
e oxid : ;
7.22) ative potential of O, (see discussion in section

, the equilibrium activity of Fe**
aerated. Furthermore, as is easily

is not usually

arious natu p 7]
¥ 5 t ]al 0] he[l()]s i SUE]S, IIlCllelllg [hDSe n lll.lIIllC aCldS can IEduCC

3+ :
Fe’*-humic complex — Fe?* + oxidized humic (7.53)

Proc is intai
oo tt;cs;ess ;:S?tast E1ih1s one maintain detectable concentrations of Fe*
ite the presence of dissolved O,. C
s : . Commonly, though, Fe?*
ith oxygen when these humics are present than when tge i

in many soil
reacts faster
Yy are not, that is,

24 :
Fe™ + %0, + humic — Fe* -humic complex (7.54)

;\‘ hen Iea(,‘fIOI‘lS ; 53 Ell'ld i 54 € C 1D1Ne: | See ”[ 10 e (:]lal]gc 1T lhe
' - . ) 8] i d 1 iS
] 3 iy} at i
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Metal-complexing ligands, includin
plexing with Fe’* or Fe?+
be illustrated simply by ¢
(see Table 7.1):

g humic and fulvic acids, b i
: - , by preferentially com-
actually shift the redox potential of soi] solutions. This cht cgln

onsidering the Nernst equation for the Fe’* fFe’* redox couple

E, = EY(Fe — Fet) — 0,059 log {(F EH)}
(Fe™) {7.53)
The Fedox potential of solution, £, is solely determined by th
;1 t}}]us case. If th.e pH is kept very low so that dissolved FelX .
! E-thztig(:;aly Spec;es, then this activity ratio in solution is appro
1 2+ 3+
i Ofs:ﬁev;:lel:; ‘ ;O Ffa . Once a Complexing ligand is put in solution, the activ-
Changen Loy onng metal i n:l 1s lowered relative to the other, and the redox, potential
iy ple, u?f e C(_)mplexes much more strongly with Fe* than with Fet*
activity of Fe* relative to Fe?™. According to equation 7.53, the co::cquefme’

H/Fe’ activity ratio
dges not hydrolyze to form
ximated closely by the ratio
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is a decrease in the redox potential. In chemical terms, this means that the tendency of
Fe'* to be reduced is diminished because complexation stabilizes the oxidized state of
iron. Most natural organic complexing agents in soil solutions, being “hard” bases with
oxygen ligands, would similarly stabilize oxidized iron and decrease the redox potantial.
Realistically, it should be recognized that precipitated forms of Fe'* are present in the
soil in addition to soluble Fe** and Fe?*. That is, the more appropriate half-reaction is
the Fe* — Fe(OH), couple (see Table 7.1). For this couple, the Nernst equation gives

0 24 (FeH)

E, = E§ (Fe(OH),-Fe’*) — 0.059 log [(Hﬂ}] (7.36)
Now we find that the redox potential is pH dependent because the Fe*' activity is con-
trolled by the solubility product of Fe(QH), {or some cther very insoluble mineral of
Fe'*). If the solution pH is increased, precipitation stabilizes the oxidized form of iron
and the redox potential of the Fe system Is lowered. If a ligand capable of forming soluble
complexes with Fe** is added to the system, it will dissolve part of the Fe(OH),, increasing
the total soluble Fe**. However, because this dissolution has no effect on the activity of
the free Fe'™ and Fe?* ions (free Fe** is controlled by solubility of the ferric oxide), the
redox potential in this case is unaffected by the complexing ligand—at Jeast, once equi-

librium is established.

Fluctuating water tables are common in many soils, creating alternating aerobic
and anaerobic conditions. During wet periods, iron oxides undergo reduction, with
organic matter (directly or indirectly) supplying the electrons:

Fe(OH); — Fe(HCO;}, (7.5T)
CO3

The Fe?* ions may then occupy a significant fraction of exchange sites on the soil

colloids (clays and humus}y:
Fe(HCO,), + Ca**-colloid = Fer*-colloid + Ca(HCOy), (7.58)

Because Ca(HCOs), is a soluble salt that can be leached out of the soil, there may be
a tendency for exchangeable Fe?* to accumulate as base cations are lost. Once the
soil drains, aerobic conditions again prevail, and Fe’* oxidation generates acid soils:

Fel*-colloid — Fe(OH), {(s) + 2H"-colloid (7.59)

07

The overall process of soil acidification by alternating iron reduction and oxidation,
diagrammed in Figure 7.10, 1s termed ferrolysis. A hardpan of iron oxide may build
up at the interface of the aerobic and anaerobic zones if the water table tends o perch
at a particular position in the soil profile. Magnetite, Fe,O., a black oxide containing
iron in both the reduced and oxidized state, is sometimes formed at this interface. In
the Fe stability diagram (Figure 7.9), magnetite would appear above pH 6 over a
narrow range of pe at the interface of the reduced and oxidized forms of Fe.

The accumulation of acidity in the surface soil by ferrolysis is a localized process,
enabled by the spatial separation of acid-generating Fe*" from the alkaline bicarbon-
ate ion. It occurs only where drainage permits bicarbenate to leach through the soil

profile.
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Figure 7.10, Schematic description of ferrolysis in a soil with a perched water table.

7.2d. The Carbon Cycle

Solar radiation, by the process of photosynthesis,' provides the energy to create
simultaneously within plant cells both molecular oxygen {positive pe) and pockets of
strongly reducing conditions (negative pe}. This is a state of extreme disequilibrium
at the subcellular ievel. The locabized reducing conditions converts CO; to reduced
organic compounds possessing high energy C—H (as well as organic N, S, and P)
bonds. In effect, solar energy raises the oxidation state of oxygen atoms while low-
ering that of carbon atoms, as illustrated schematically in Figure 7.11. Nonphoto-
synthetic organisms then use O, to oxidize the energy-rich organics, returning the
system to *equilibrium.”

In aerobic soils, in fact, the only stable forms of carbon are CQ,, HCO;5, and
COi7; all soil organic matter is potentially susceptible to oxidation by ,. While the
persistence of humus in soils for years, even centuries, may seem to belie this state-
ment, the redox reaction moves stowly but inexorably in the direction of equilibiium.
The reduced forms of carbon in the soil organic matter provide the energy (and elec-

trons) that drives the “engine” of chemical reduction under water-saturated condi-
tions.

7.2e. The Nitrogen Cycle

The most stable chemical form of nitrogen in aerated soil solutions is nitrate
(NO7), yet N, gas is prevalent in the air of soil pores. Oxidation of N, to nitrate, a
thermodynamically favored reaction in aerated soils, is made difficult by the high
bond order of N,. The N—N triple bond has a formidably high dissociation energy
of 225 kcal/mole, and biclogical organisms have not evolved enzymatic systems to

1. Photosynthesis is a complex sequence of catalyzed redox
absorbed by plant pigments. Clusters of Mn atoms in +3a
to catalyze the water splitting reaction that generates O,.

reactions, using the energy of photons
nd +4 oxidation states are now known
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oxidized state

reduced state

carbohydrates

Figure 7.11. Schematic description of the carbon cycle, placing respiration (R) and
photosynthesis (P) on a redox scale.

achieve the difficult oxidation to NOj. On the other har_ld, the reverse i:zctéon;
reduction of NOj to N,, is favored under moderately reducing conditions é : ;;
< 12). Termed denitrification, it proceeds by an m_chrect pathway th_rogg1 m;c?m;es
diates including nitrite (NO; ) and N,O. Denitrification accounts for significant los
i ily flooded, soils. .
of nitrogen from wet, but not nece§s§n . _
Under strongly reducing conditions {pe << *.4), N, reduction to ammtorimzlt3d
(NHZ) is thermodynamically possible, and when it oceurs aIs ag eniyjrl;llei-rclz grygran
ion i i d to as nitrogen fixation. In these N-fix -
reaction in plants and algae is referre  nitr ing orears
i i iti tained at the subcellular level to p
isms, extreme reducing conditions are main _ ' ar level Lo peret
, 1 N, reduction. Enabling this reaction 18 costly
the enzymatic system to catalyze N, . . on s costly 107he
i i With the high energy required to
{ in terms of the energy invested. :
gia;)rlle N-N bond, only a few organisms have evolved with enzymes capable of
educing N,. _ . _ N -
' Althgouglh chemical reduction of N, to ammonium by re;acﬂon with H, glds xi ther
modynamically possible at room temperature, the redu(_:tloq proceeds only at very
high temperature. Consequently, abiotic nitrogen fixation is not feasible even in
rongly reduced soils. _ o _ .
" T%llg various nitrogen redox reactions are depicted in Figure 7.12, illustrating the
oxidation state of the possible chemical forms.

7.2f. The Sulfur Cycle

In aerobic soils, sulfate (SO3 ) is the stable form of sulfur. Strongly reducfingl concﬁ:
tions cause sulfate to be reduced biologically to hydrogen su'lﬁde {H.S), a foul-sme
ing gas that dissolves readily in water according to the reaction:
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Figure 7.12, Schematic description of the nitrogen cycle, placed on a redox scale.

HS (g) = NS (ag) K = 10797 (7.60)
and dissociates in nonacid solutions:
H,S{agq) = H* + HS™ K =107 {(7.61)
A further dissociation step produces the sulfide anion:
HS™ = H' + § K =107 (7.62)

which forms highly insoluble precipitates in anaerobic soils by reaction with Fe** and
a number of other transition and heavy metals. For example, the reaction:

Fe' + 8~ = FeS (s) K=10% {7.63)

limits Fe’* solubility to very low levels in strongly reduced soils, whereas in moder-
ately reduced soils, siderite (FeCQ;) may limit solubility to a degree determined b

the CO, partial pressure. ¢
‘ Submerged soils commonly contain iron sulfides, or pyrifes, with formulas rang-
ing from FeS to FeS;, which, once the soils are exposed to air by a fluctuating water
table or drainage, begin to oxidize by biological and chemical means. The reaction
pathway in soils and sediments submerged in sulfate-rich water, typically found on
coastal lmar_gins of oceans, is illustrated in Figure 7.13. The acidity generated by sul-
fide oxidation, once these sediments are drained, can produce extremely low pH
{3.0-3.5) al_ong with sulfate minerals such as jarosite and gypsum. Soils showing evi-
depce of acidifying weathering reactions and the associated .sulfate minerals are called
acid sulfate soils. Although usually located on coastal margins, these soils can occur
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a. submerged stage b. aerated stage

. H*+ Fe(OH)
80O, + Fe(OH)3 , o "?oxidaﬂon

reduction % ; FeS,
FeS, + HCO;

precipitation

Figure 7.13. Process of sulfide accumulation {(submerged stage) and acid sulfate
generation (aerated stage) on a seacoast,

inland because pyrite-rich sedimentary deposits may be located along old coastlines.
Furthermore, mining operations often bring pyritic tailings to the surface where OXI-
dation generates extreme acidity in the form of suifuric acid (see Figure 7.13b).
Leachate from such sites poses a hazard because the acid dissolves and mobilizes
toxic heavy metals in the rock (e.g., lead, cadmium, copper).

In semiarid climates, sulfate deposits in the soil are sometimes reduced under
conditions of poor drainage. The conditions necessary for reduction are created in
natural basins where water accumulates due to the very low water permeability of
sodic soils. The sulfate reduction reaction:

Na,80, — NaHCO, + H,S (g) (7.64)

allows hydrogen sulfide to escape to the atmosphere, while alkalinity in the form of
NaHCO, accumulates as water evaporates at the soil surface. In this situation of poor
drainage, the sulfate-sulfide reduction reaction has the overall effect of adding alka-
linity to the soil. (The reverse reaction of iron sulfide oxidation adds acidity, but
occurs in situations of better drainage.)

Wetlands of bumid climatic zones often emit H,S, as is evident from the rotten-
egp odor of marshes and swamps. As long as the dominant exchangeable base cations
are Ca’* and Mg**, which is the case in most freshwater wetlands, H,S formation
should not cause the soils to become strongly alkaline. In these nonsodic soils, atka-
linity generated by reduction forms precipitates of Ca (and Mg) carbonates. The low
solubility of these carbonates prevents the pH from rising much above 8. In sodic
soils, however, reaction 7.04 causes alkalinity to build up in the form of soluble Na

carbonates (see Chapter 8, Section 8.1).

7.3. REDOX REACTIONS AT MINERAL SURFACES

Clays and oxides have the ability to promote certain redox reactions such as the oxi-
dation of phenols and aromatic amines. These are surface reactions, involving an
adsorption step and electron transfer step, unlike many of the chemical reactions
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discussed in the previous sections of this thapter which were assumed to be red
processes c_>f homogenf-:ous sotutions. Soil minerals known to be reactive as electrc?l};
;c:;sl?tors mnclude ferric oxides, manganese oxides, and Fe’*-bearing layer silicate
Surface-locali;ed redox reactions can be viewed as the transfer of an electron
between one particular surface metal ion and an adsorbed molecule, with a chan
in the oxidation state of the metal ion. This is a reasonable descript’ion if eIectroge
hgve no mobility in the mineral: that is, if the mineral is an insulator However sonills
minerals are semicondictors or conductors, in which case electron t.ransfer mi’ ht be
better de'scribed as insertion of electrons into {or extraction of electrons frorrglj tbe
ﬁ:ferlzpi)mg .electronic orbitals of the solid. The resultant electron excess or deficit 1:
Su;{; ceelggzltliz? over the solid, not associated with one particular metal ion at one
) In the band theory of solids, the overlapping atomic orbitals of the solid form
I.Jands” of many energy levels, rather than a single energy level, as diagrammed in
Figure 7. _14. The orbitals occupied by the valence electrons cm’lstitute the valenc
banal’, while the first excited state of the electrons, normally unoccupied, is the cone
duction ban.d of the solid. The bands of even higher excited states gener;llly overla :
the conduction band, creating a continuum of allowed electronic energy levels fronI:
., the energy level at the bottom of the conduction band, out to infinite energ
Most silicate clays and oxides are insulators and semiconductors types of s)glids
that possess a band gap—a nonallowed region of energy, E bet,ween the filled
valence ba}nd and empty conduction band (see Figure 7.14). Tli’is gap prevents elec-
tron flow in these minerals, so that they are nonconducting. In the solid, the Ferm;

T CONDUCTION
BAND
(EMPTY)

m
. 0

ELECTRON ENERGY
<TTI m

VALENCE
BAND
(FILLED)

—
DENSITY OF ALLOWED
ELECTRONIC STATES

FI%UI'E 7.1|4. Scheme of electronic energy levels in semi-conducting solids. E} and E2
reter to electronic energy levels of malecules in sofution that may, respectively
donate electrons to or accept electrons from the solid. ,
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energy, Ej defines the electrochemical (redox) potential of the electrons; it is the
energy level above which all levels are unoccupied and below which all levels are
filled. For insulators and semiconductors, since the valence band is almost com-
pletely filled while the conduction band is essentially unoccupied, the Fermi energy
falls within the bandgap region. This E, of the solid is somewhat analogous to the Ej
of redox couples in solution, so that the relative energy levels of E; and E, tend to
determine the direction of electron flow between the solid and reducible or oxidizable
molecules in solution. The electron flow, depicted schematically in Figure 7,14, must
ultimately reach an equilibrium such that E; and E, are equalized. If, for exampile,
the solid is initially able to oxidize molecules adsorbed from solution, electrons flow-
ing into the solid from the molecules cause the Fermi energy to rise. Reduction of
the solid continues until the Fermi energy rises enough to balance the solution redox
potential.

Many soil minerals of interest, including Fe oxides, behave as insulators. How-
ever, minerals characterized by metals with mixed oxidation states, such as Mn
oxides,' are often semiconductors or conductors, in which case electron flow through
the conduction band of the solid is possible. Oxidation of dissolved molecules by
these types of solids can be viewed as the transfer of electrons from solution and
insertion into the conduction band. For example, Mn oxides can oxidize NO; to
NO; without release of Mn?* to solution. The electrons accepted by the oxide from
NO; are delocalized in the solid so that no Mn?* is released.

Mn oxides are versatile oxidants. They can oxidize Co™ to Co**, Cr'* 1o Crf*
(chromate), As** to As**, and phenols and aromatic amines to polymeric products.
Some of the organic degradation reactions are discussed in more detail in Chapter

10.
In many cases in which structural or adsorbed Mn and Fe of minerals act as

oxidizing agents, the mineral is only the catalyst, because O vltimately reoxidizes
the reduced Mn or Fe in the mineral, as follows:

H,0 Fe substrate
)C )( 7.65)
0, Fe* oxidized product
The reaction is much faster with the mineral present, although the reasons for this

are not fully understood. After all, O, as an oxidant is theoretically more powerful
than Fe{OH); and as powerful as MnQ, (see Table 7.1)

It is interesting to speculate about why the mineral surface should react much more
rapidly than molecular oxygen with a substrate. One explanation might be that Mn?* in
oxides has a higher reduction potential than O, (see Table 7.1). However, such compani-
sons of reduction potentials should be made with caution. In the case of O, the half-cell
feaction is that of a homogeneous solution-gas mixture. In the case of metals such as Fe**
in the ociahedral sites of silicate clays, the reduction is a solid-state reaction:

Fe** (structural) + ¢~ = Fe’* (structural) {(7.66)

[, Manganese in the structure of these oxides can have a mixture of oxidation states +2, + 3, and
+4.

e e -
e T e e
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which is quite different from the Fe'™ — Fe?* half-cell reaction in solution whose potential
is given in Table 7.1. In fact, the reduction potential for reaction 7.66 is not known !
Similarly, the potentials for reduction of structural Mn** or Mn®* in Mn oxides to lower
oxidation states within the solid are unknown. The Fe(OH),—Fe?* and MnQO,—Mn?*
eeaction potentials given in Table 7.1 are appropriate only for those particular solid forms
of iron hydroxide and manganese oxide in which reduction releases Fe?* or Mn** o soly-
tion. Electron transfer processes within the solid state are not described by standard-state
potentials such as those listed in Table 7.1. They are complicated by the electron-con-
ducting properties of the solids, and involve intermediate states of reduction or oxidation
within the solids. The band theory of solids indicates that electron transfers in conducting
and semiconducting minerals can occur without any particular atom changing valence

by an integral amount. This property facilitates electron flow into and out of the mineral,
and may account for the ease with which part of ihe structural Fe** in Fe-rich smectites
15 reduced to Fe*,

In solids, the immediate structural environment {crystal field) of a metal ion is likely
to alter its reduction potential. For example, Fe** substituted in a silicate has z potential
different from Fe'* in Fe(OH),, and different agaim from Fe** in solution. Structures that
stabilize Fe** relative to Fe2* lower the reduction potential of Fe’* in the solid. Solution
properties such as pH are likely to affect these potentials in a manner different from the
way they affect solution potentials. It is interesting that, in a recent study of biotite sub-
jected to weathering in the presence of Cu**, the reduction of adsorbed Cu®* to metallic
copper (Cu®) has been demonstrated {Earley et al., 1992). Reduction of Cu?* by Fe’* in
soil clays is also known to oceur. Although Cu** reduction by solution Fe* is not favor-
abie, structural Fe?* in the octahedral sheet of 2:] silicate minerals seems to be a much
more potent oxidant than agneous Fe'*, This is explained by the high stability of Fe'*
relative to Fe’” in octahedral sites of silicates and oxides,

It appears from the above discussion that the reduction potentials of many solid
phases in soils, such as Mn oxides of mixed oxidation state of Fe'*-bearing layer silicates
cannot be gauged by classical electrochemical concepts. The question of whether molec-
ular oxygen or a particular mineral is the more potent oxidizing agent in soils is a complex
one, since kinetic as well as thermodynamic factors come into play. That is, properties
other than intrinsic reduction potential probably contribute to the effectiveness of Fe- and
Mn-bearing minerals as oxidants relative to 0. As opposed to dissolved O, which oxi-
dizes molecules through chance encounters in three-dimensional solutions, mineral sur-
faces may attract substrate molecules electrostatically or by some other form of bonding,
thereby concentrating them in two dimensions, The probability of electron transfer with
adfacent structural Fe or Mn ions is then enhanced, as is the chance of direct reaction
with dissolved O,. Examples of reactions that seemn to be promoted in this way include:
{1} Benzidine oxidation by hirnessite {a Mn oxide) and smectites, (2) phenol oxidation by
Mn and Fe oxides, and (3) Cr** oxidation by Mn oxides. In each case, the substrate is
adsorbed to the surface prior to electron exchange, either by electrostatic attraction (in
the case of benzidine cations), complexation with surface metal cations (in the case of
phenols}, or coordination to surface oxyanions (in the case of Cr**). Intimate association

at the surface is probably a necessary preliminary step to electron transfer hetween dis-
solved molecules and minerals.

L. Part of the structural Fe** in smectites can be reduced to Fe2* by dithionite and other mederate
reducing agents,
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Mineral surfaces containing structural Fe'* and Mn**, besides increasipg the proba-
bility for reductant-oxidant encounter, are facile one-electron acceptors, unlike mt?lecular
oxygen.' Oxidation of organics at these mineral surfaces seems not to be cmllstramed. by
the rule of spin parity that limits the reactivity of O, (see section 7.2a). Again, chen‘nczlll
factors besides the magnitude of reduction potentials appear to favor heterogeneous oxi-
dations by soil colloids over homogeneous oxidations by molecular oxygen.
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Questions

1. Why is the oxidation of most organic compounds energetically favor.able?_ Which are the
best electron acceptors for the biclogical oxidation of organic matter in soil?

T 1+
2. Part of the soluble iron in soil solutions of spedosols 18 in the fo‘rm of Fe*™. o
(a) Calculate the expected “half-life” of 10~ molar Fe?*, assuming the solution is acrated
and at pH 6. Repeat the calculation for pH 5 {use equa.tlon 7.%7]. .
{b) Explain the persistence of soluble Fe?* in these well-drained soils, given that they con-
tain significant dissolved organic matter.

3. Why are electrode-measured redox potentials and thermodynamically defined redox
potentials not necessarily the same in soil solutions?

4. A soil solution at pH 5 contains 10 ug/ml of NO7 and | pg/ml of Fe as Fe?*. No soluble
Fe'" is detected. . o
{a) Are the ions in this solution at thermodynamic eqt_.ul;br;ulm.'
(b) Can a theoretical redox potential be defined for this so_lutlon.’_
(c) Estimate the E, that a Pt electrode would report for this solution.

1. The Mn** ion in pyrolusite {MnQ,) is rather inert in oxidation rca.ctions, evidenily because the
one-electron Mn** —Mn’" reduction step is not a very favorable reaction.
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5. For the following systems of waterlogged soils, estimate the pe assuming that the redox

reactions are at equilibrium:

() Soil solution with traces of dissolved O, pH is 7.

(b) Soil containing both Fe(OH); and FeCO;; pH is 6,

{c) Soil solution containing sulfate at 10™* A and with the smell of hydrogen sulfide gas;
i pH is 6.
(d) Soil containing MnQ,; solution has 10™* & Mn** and pH is 7.
{e) Soil air contains nearly equal amounts of carbon dioxide and methane.

6. The following reactions in some cases can control the solubility of Fe?* and Mn®" in soil
solutions:

+-MnOOH (s} + 3H* + ¢~ = Mn** + 2H;0 E" = 1457V
Fe(OH); (s) + 3HT + ¢ = Fe?* + 3H,0 E'= 1057V

(a) Derive an equation that defines the relationship between soluble Fe?* and Mn?* in soil
solution at equilibrium with MnOOH and Fe{OH),. What'does this equation predict
the activity of Fe** 1o be when the activity of Mn** is 107

(b) Calculate the Ej and pe of this soil if the pH is 7 and M+ activity is 107°.

(c) If molecular oxygen were introduced into this anaerobic soil system, what would be
the likely sequence of chemical processes?

(d) Mn oxides are often intimately associated with Fe oxides in soils. Can you develop a
plausible mechanism to explain this association?

7. Should Fe?* in soil solution be able to reduce nitrate to nitrite? If so, what pH would be
favorable to reduction?

8. A recent observation (Bartlett and James, 1992) was made that a solution at pH 4.2, con-
taining hydrolyzed Fe** and Cr’*, formed Fe’* and chromate (CrQf ) simultaneously on
exposure to light. Dissolved O, did not seem to be necessary for the reaction.

{a) Propose a mechanism for this reaction.
(b) What would you expect to happen when the light is turned off?

9. Biotite is an Fe**-rich mica that weathers easily to release K* from the interlayer regions.
When it is weathered in the presence of Cu’*, the reduction of adsorbed Cu®* to metallic
copper {Cu" in the interlayer has been demonstrated (Earley et al., 1992).

(a) Calculate the potential and free energy of the 2Fe** + Cu®* = 2Fe** + Cu’ reaction
in solution under standard-state conditions, using the known reduction equation:

Cut + 2¢” = Cu®(s) Ej= +034V

Is the reaction favorable in solution?
{b) Since the electron transfer actually involves Fe in the solid state, the reduction equa-
tion:

Fe(OH); (s) + ¢~ = Fe(OH), (s) + OH™ E})=-056V

seems to be an appropiate model for the biotite reaction. Calculate the potential and
the free energy of the 2Fe(OH), + Cu®* = 2Fe(OH), + Cu® reaction at pH 7, assum-
ing the solution activity of Cu?* is maintained at 0.01. Is the formation of metallic Cu
by Fe(OH), a favorable reaction?
{¢) How does actnal Fe** oxidation in biotite differ from the model Fe{OH), — Fe(OH)
reaction?



