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TABLE 4.1

pE” Values of Redox Reactions Important in Natural Waters (at 25°C)

Reaction pE* pET (W)Y
L LodneH'(Wee &= (HO 420,78 +13.78

2 ANO +3H +¢ &2 LN,+ 11,0 +12.68 +21.08

3 IMO,+ JHCO (1107 M)+ JH (Wye e &2 | Me€CO, (1) # H,O -— RS

4 INOS I (Wyse 22 INO; #4110 +1415 +7.15

5 INO, + 1 (Wyse =t INH] #2110 +14.90 +6.15

6. ANO;+ {H(Wise & LNH) + 51,0 +15.04 582

7. LCHOH+H (Wi+e & LCH,(g)+1H,0 .58 +2.5%

8 ICHO+H'(Wite &2 JCH,(x)+1H,0 o.M ~0.06

9. FeOOH()+HCO (1% 107 M)+ 2H (W) ¢ 522 FeCO, (1) +2H,0 - ~1.67
10, CHO+H'(W)+e =2 +1CHOH +39 -3.01

1. LSOOI« 4H (Wyse 72 1S(5)+1H,0 +6.00 “30

12, 4SO+ [H'Wyee” 2 [HSie)+ 0,0 +5.78 350

13 LSOl S TH (Wyee =2 LHS «1H.0 RE ~33%

14, iSm+HTWise &= LHSER) +2.59 .1

15 10O+ +¢ 2 1O, +11L,0 +2.87 ~4.13

16 IN,4SH(Wy+e & INH; +4.68 465

1. W(Wise & Lz 0.00 ~7.00

18, 1CO@+H (Wysee = [CHO+HO -1.20 ~8.20

Sowrce:  Svemm, Werner and James J. Morgan, Aguatic Cheminiry, John Wiley and Soms, New Yoek. 1970, p. 318,

¢ (W) indscates a, = 100X 107" M and pEAW) isapE® at . « 100X 107 M,

* These data correspond to g, = 1,00 % 107 M rather than unily and, honce, are not exactly pE(W); thoy represest typ-

Reproduced by permission of Joba Wiley & Sons, Inc.
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call aquatic conditions maore exactly than pE” values do,

4.9 THE LIMITS OF pE IN WATER

There are pH-dependent limits to the pE values at which water 1s thermodynamically stable. Water
may be cither oxidized as

2H,0 &2 O, +4H" + ¢’

(4.45)
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or reduvced as
IH,0+ 2 &= H,+20H {4446}

These oo rexctions determine the himus of pE in water. On the oxidizing side (relatively more
positive pE valees), the pE value 15 limited by the oxidation of water, half-reaction 445, The evolu-
tion of hydrogen, Half-reaction 4.46, limits the pk valee on the reducing side,

The comdition under which oxygen from the oxidation of water has a pressure of 1.00 atm can be
regarded as the oxidizing limat of water, whereas a hydrogen pressure of LOD sim may be regarded as
the reducing limit of water, These are bowndary condirfons that enable caleulmtion of the stabiliny
boundiaries of water. Writing the reverse of Reaction 4.45 for one electron and setting £}, = 100 yield

10, +H +¢ £ H,0, pE°=2073%  (from Table 4.1) 4.47)

Thus, Equation 4,49 defines the pH-dependent oxidizing limit of water, Ata specified pH, pE values
mare positive than the one given by Equation 4.4% cannot exist at equilibrivm in waler in contact
with the armaespherne.

pE = pE* + log (P [H* ]} (4.48)

pE=2035-pH (4.49)

The pE-pH relationship for the redwcing limit of water takenat fr o= 1 atm is given by the following
derivation: '

H +e 2 §H, pE=0.00 4.50)
PE = pEY & log[H*] 451
I'I-F__ = —I'I-H (4.52)

For nevtral witer (pH = 7000, substitution into Equations 4,52 and 4,49 vields =200 10 1375 for the
pE range of water. The pE—-pH boundaries of stability for water are shown by the dashed lines in
Figure 44 of Section 4.11.

The decomposition of water s very slow in the absence of a suitable catalyst. Therefore,
water may hive temporary nonequilibrinm p& valees more negative than the reducing limis or more
pesitive than the oxidizing limit, A common example of the latter is o solution of chloring in wiler,

410  pE VALUES IN NATURAL WATER SYSTEMS

Aldthough it is not gencrally possible 1o obtain sccurate pE values by direct potentiomcinic
measurements in natural aquatic systems, in principle, pE values may be caleulated from the species
present in water al equilibrium, An obviowsly significant pE value is that of neutral water in thermo-
dymamic equilibrium with the wimosphere, In water under these conditions, B, =031 atm and
[H*] = LOG % 10-7 M. Substitution imoe Bquation 448 vields )

pE = 2075 + log[(0.210% = 100 = 10-7) = |38 i4.53)

According 10 this caleubmion, 3 pE value of around +13 i= 1o be expected for water in equilibriam
with the atmosphere, that is, an oxic waler. At the other extreme. consider anoxic water in which
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FIGURE 4.4 Simplified pE-pH diagram for iron in water. The maximum soluble iron concentration is
100X 105 M.

methane and CO, are being produced by microorganisms. Assume Fi,, = £, and that pH = 7.00.
The relevant half-reaction is

1CO,+H +¢” £ [CH,+ |H.O 4.54)

for which the Nernst equation is

i .
pE = 2.87 + log —5‘-;;,;-—- =287 4 log[H" | = 2.87 - 7.00 = =4.13 {4.55)
o,

Note that the pE value of =4.13 does not exceed the reducing limit of water at pH 7.00, which from
Equation 4,52 is <7.00. It is of interest to calculate the pressure of oxygen in neutral water at this low
pE value of =4.13. Substitution into Equation 4.48 yields

~4.13= 2075 + log (£y* x 1.00x107) (4.56)

from which the pressure of oxygen is calculated 1o be 3.0 x 10 aum. This impossibly low figure for
the pressure of oxygen means that equilibrivm with respect to oxygen partial pressure is not achieved
under these conditions. Certainly, under any condition approaching equilibrium between compar-
able levels of CO. and CH,, the partial pressure of oxygen must be extremely low.

411 pE-pH DIAGRAMS

The examples cited so far have shown the close relationships between pE and pH in water.
This relationship may be expressed graphically in the form of a pE-pH diagram. Such dia-
grams show the regrons of stability and the boundary lines for various species in water, Because of
the numerous species that may be formed, such diagrams may become extremely complicated. For
example, if 4 metal is being considered, several different oxidation states of the metal, hydroxy
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complexes, and different forms of the solid metal oxide or hydroxide may exist in diflerem
regions described by the pE-pH diagram. Most waters comain carbonate, and many contain
sulfutes and sulfides, so that varows metal carbonmtes, sulfates, and sulfides may predominate in
different regions of the dingram. In order 1o illestrate the principles involved, however, a
simplified pE-pH diagram is considered here. The reader is referred to more advanced works on
geochemistry and aguaic chemistry for more complicated (and more realistich pE=pH
diagrams.'=

A pE=pH dingram for iron may be consiructed assuming 8 maximum conceniriion of iron in
salatiom, in this case 10 x 10-* M. The following equilibria will be considered:

Fe" +e 2 Fe™*, pE°=+13.2 4.57)
Fe(OH),is)+ 2H" &= Fe™ + 2H,0 i4.58)
. _ [Fe®) 12
L - =80x10 i,
L [H-]' q.g}
FeiOH),is)+3H" & Fe'" + 3H,0 (.60}
- _ IFe™) 3
Efm— w9110 461
" HT .60}

[The constams &, and KT are derived from the solubility products of Fe(OH), and Fe(OH),, res-
pectively, wnd wre expressed in terms of [H'] wo facilivne the caleulmions.] Mote that the farmation af
species such as FefOH P, FeiQH:, and solid FeC0, or Fes, all of which might be of significance
im a matural water system, is not considered. Rapid hydrolysis of iron( 111} in solatien yields solid
ferrihydrite, a hydrmed irond11T) hydroxidefoxide with a high surface area and strong affinity 10
coprecipitate metals other than iren.

In constructing the pE=pH diagram, several boundaries must be considered, The first two of
these are the oxidizing and reducing limits of water (see Section 4.9). At the high pE end, the
stability limit of water is defined by Equation 4.49 derived previously:

pE = 20.75 - pH i4.49)
The bow pE limit is defined by Equation 4,52
pE=—pH i4.52)
The pE=pH diagram constrected for the iren system must fall between the boundaries defined by
these two equations.

Below pH 3, Fe' may exist in equilibrium with Fe®*, The boundary line that separates these two
species, where [Fe® ] = [Fe™ ), is given by the following calculivtion:

[Fe™)

pE=132+log i4.62)
[Fe™)

[Fe*'] = [Fe*] i4.63)

pE= 132 (independemt of pH) i4.64)

At pE exceeding 13.2, as the pH increases from very low values, FelOH), precipitates from a
salotion of Fe**. The pH at which precipitation occurs depends, of course, upon the concentration
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of Fe'*. In this example, a maximum soluble iron concentration of 1.00 x 10°* M has been chosen
so that at the Fe*/Fe(OH), boundary, [Fe']= 100 x 10-° M. Substitution in Equation 4.61
yiekds

_ (R _100x10”
K,  9axw’

H) (4.65)

pH =299 (4.66)

In a similar manner, the boundary between Fe'* and solid Fe(OH), may be defined, assuming
[Fe*]= LOD x 10°* M (the maximum soluble iron concentrution specified at the beginning of this
excrcise) at the boundary:

Lo [F') 100x107°
Hf=—w—= 3
WY K_  gox10"

4.67)

pH = 895 (4.68)

Throughout a wide pE-pH range, Fe'* is the predominant soluble iron species in equilibrium
with the solid hydrated irond 1) oxide, Fe(OH),. The boundary between these two species depends
upon both pE and pH. Substituting Equation 4.61 into Equation 4.62 yickls

K IH"Y
pE=132+ l'l‘"i“'l - (4.69)
PE= 132 +log 9.1 X 10" = log 100 x 10-* + 3 x log[H*]
pE=22.2-3pH (4.70)

The boundary between the solid phases Fe(OH). and Fe(OH), likewise depends upon both pE
and pH, but it does not depend upon an assumed value for total soluble iron. The required relation-
ship is derived from substituting both Equations 4.59 and 4.61 into Equation 4.62:

-

K
pE=132+log— " - [H'}

K. l"o I.
9.1x10"
F=132+log ——— +log[H’ (4.7
? o8 goxiof + o8l )
pE=43~pH 4.72)

All of the equations needed to prepare the pE-pH diagram for ron in water have now been
derived. To summarize, the equations are (Equation 4.49), O,~H,0 boundary: (Equation 4.52),
H,~H.,0 boundary: (Equation 4.64), Fe**~Fe¢** boundary: (Equation 4.66), Fe** =Fe(OH), bound-
ary: (Equation 4.68), Fe**~Fe(OH), boundary: (Equation 4.70), Fe**~Fe(OH), boundary; and
(Equation 4.72), Fe(OH ),~Fe(OH), boundary,

The pE-pH diagram for the iron system in water is shown in Figure 4.4, In this system, i 2
relatively high hydrogen-ionactivity and high electron activity (an acidic reducing medium), iron( H) jon,
Fe'*, is the predominant iron species; some groundwaters contain appreciable levels of iron(11) under
these conditions. (In most natural water systems the solubility range of Fe’* is relatively narrow because
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of the precipitation of FeS or FeCOL0 Al a very high hydrogen-ion activity and bow clectron activity
{an acidic oxadizing medium), Fe™ on predominates. In an oxidizing medivm at lower scidiny, solid
Fed(¥H ], 15 the primary iron species present, Finally, in a basic redecing medinm, with low hydrogen-
1on activity and high electron activity, solud FeiOH ). cain be siable,

MNote that within the pH regions normally encountered in a naural aguatic system (approximately
pH 59} FeiOH ), or Fe* is the predominant siable iron species. In fact, it is observed that in waters
contaning dissolved oxygen a any appreciable level (o relatively Tigh pE) hyvdrated sromw 111 oxide
Fel3H), is essentially the only inorganic iron species found, Such waters contain a high level of
suspended iron, but any truly soluble iron must be in the form of a complex (see Chapier 3).

In highly anexic, low-pE water, appreciable levels of Fe* may be present. When such waler is
exposed o mmospheric oxygen, (e pE rses and FelOH), precipitates. The resulting depositz of
hydrated ironi 11 oxide can stain lundry and bathroom Axtures with a refmctory red/brown stiin,
This phenomenon also explains why red iron oxide deposits are found near pumps and springs thai
bring deep, anacrobic water to the surface. In shallow wells, where the water may become oxie,
slid FelOH ), may precipitite on the well walls, clogging the aguifer outler. This usually occurs
through bacterially medinted reactions, which are discussed in Chapter 6,

One species nol yvel considered is elementil iron, For the half-reaction

Fe'* +2¢ £ Fe, pE"=-745% 4.73)

ithe Mernst equation gives pE as a function of [Fe®']
pE=-745 + Llog[Fe*] i4.73)
For iren metal in equilibrivm with 100 = 107 M Fe®, the following pE value is obtwined;
pE:—'J'.-‘IS+_Hng L0 = 10 = —9.95 {4.75)

Examinmtion of Figure 4.4 shows that the pE values for elemental iron in contuct with Fe* are below
ihe reducing limit of water. This shows that iron metal in contact with water is thermodynomically
unstable with respect to reducing water and going into solution as Fe™, a factor tha comtributes 1o
the tendency of ron to underge corroson,

412 HUMIC SUBSTAMCES AS MATURAL REDUCTANTS

Humie substances {see Section .17 are oxidution=reduction-active species that may be significam
a5 reducing species in chemical and biochemical processes that occur in natural water il waste-
water systems, The capability of humic substances 1o ¢t as reductants is due primarily to the pres-
ence of the quinone/hydreguinone group that acis as an oxiduion=reduction couple as follows:

4.7}

There is some evidence suggesting thil soluble humic substances can act as intermedies i the
reduction of species in waler by =olid reductanis, such as solid ironi 1) species,
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