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Redox Potentials 6y Equilibration' 

W . G. Breck 

Department of Chemistry 
Queen's University 
Kingston, Ontario, Canada 

A BSTRACT 

Defi ned in this paper is a new approach to Eh that allows determination of the redox 
level of aerated natural waters by a pri nciple of equilibration, thus avoiding the disadvan-
tages of using electrodes in association with any particular chemical system, such as platinum/ 
oxygen. Arguments are presented that support the vi ew that the poise of aerated waters 
is controll ed by the oxygen/peroxide couple rather than by the oxygen/water couple. Also, 
it is my view that a small but steady activity of hydrogen peroxide has important functions 
in the environment. 

Introduction. Pourbaix ( 1949), Sillen ( I 967 ), and Garrels ( I 965), among 
others, have shown that redox potentials (as Eh or pE), along with acidity 
(as pH), have great value in making possible the condensation of a vast amount 
of equili brium data into clear pictorial models that are well suited for use in 
the fie lds of chemistry, metallurgy, and geology, including studies of natural 
waters. The logarithmic pE format, lik e pH, is convenient for extending the 
use of thermodynamic data, usuall y available as Gibbs free energies or as 
equil ibrium constants, into environmental situations, as was done by Sillen 
(1961) and G oldberg (1965). Studies of natural processes, such as photosyn-
thesis, respiration, and degradati on, as well as diagenesis in the sediments, 
would be well served by an assessment of simultaneous redox and pH changes. 
But, whil e the measurement of pH has become routine, redox measurements 
in the natural environment have been disappointingly unreliable; the scattered 
array of Eh data begs interpretation as well as improvement in technique. 
It is my intention to present here a different approach that lends itself to the 
taking of reliable redox potentials in natural media. 

Theoretical Background. Part of the trouble with the present stock of Eh 
values is in the correlation of what has been defi ned with what has been 
measured. The Eh has been taken to refer to the emf of the foll owi ng cell : 
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-Pt, H, I H+ 11 0 /R, Pt+ 
1 atm a= 1 ' 

where 0 /R represents the oxidized and reduced forms of the redox system 
under study. In practice, measurements are usually made on a platinum elec-
trode relative to a reference electrode of calomel or silver chloride and then 
converted to values on the hydrogen scale (with E0 for H+ /H, taken as zero). 
In spite of the formal correctness of the above definition, a value of Eh ob-
tained by using a platinum electrode in a natural aqueous system that is open 
to atmospheric oxygen might be subject to any of the following interpretations: 

(i) The Eh value measured can be considered to represent the value of the 
potential reached by the equilibration of all the reversible redox couples 
present in the medium. Being reversible, these couples should be mutually 
mediating and all should contribute to the poise of the same potential value. 
The oxygen present in the environment has presumably affected the 0/R 
ratio for each of these reversible systems (by slow reaction over a long time 
.or through mediation by suitable catalysis or biota); but, for the immediate 
operation of the platinum electrode, the O, is inert (in the same sense that 
N, is present in an even greater abundance than O, but is considered inert for 
electrode purposes). 

(ii) Alternatively, the relative abundance of O, in the aqueous medium can 
be considered to set the poise or to dominate the redox condition of other 
systems; also, the platinum electrode attains a potential required by the half-
cell: 

Thus, 

I 
- 0, +2H++ 2e = H,O 
2 

E 0 = 1.23 volt. 

Eh = 1.23 - 0.03 log ak+(o.2)112 = 1.22 - 0.06 pH. 

(1) 

This view presumes that the above couple can be made to operate reversibly 
on the platinum electrode. Although this has actually been achieved in excep-
tional cases, it is rarely the case in natural waters. Rather, the values obtained 
are better suited by Garrel's (1965) relationship: Eh= 0.70-0.06 pH. 

(iii) As above, the presence of 0 2 in water is assumed to set the poise, but 
the potential on the platinum electrode presumably does not conform to (I). 
Instead, many other reactions have been offered to explain results obtained by 
the functioning of the electrode; only one is included here as an example: 

Pt-0+2H++2e= Pt+H, O E0 = o.88 volt, (3) 

where - 0 signifies a partial layer of O atoms on the Pt surface and not the 
oxide, PtO. If this reaction governs the redox potential, then 

Eh= o.88 -0.06 pH, (4) 
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assuming that an appropriate fracti on of the Pt surface is covered with 0 
atoms. Other suggested mechanisms involve species such as Pt(OH)2, Pt(0 )2, 
" tight" PtO, Pt(0) •. 5, and Pt(0)4, where the parentheses indicate the Pt/0-
atom ratio rather than compounds of these elements. 

(iv) A widely accepted modern view of the behavior of the platinum elec-
trode in aqueous solutions containing 0 2 is that a mixed potential is obtained; 
the control that Hoare (1968) favors consists of a cathodic mechanism that 
foll ows ( 1) and an anodic mechanism that accords with the reverse of (3), 
along wi th effects from traces of peroxides and impuriti es. A less-favored 
cathodic reaction is (5) below. Understandably, it is not possible to represent 
this complex system with a single equation. 

(v) Once again considering that molecular 0 2 dominates the redox level of 
the medium while recognizing the diffi culty of breaking the 0-0 bond, it is 
known that 02 can be readily reduced to perhydroxide ion according to: 

02 + H .O + 2e = H O-;_+ OH- E0 , variously as - 0.05 
to - 0.08 volt. 

(5) 

I sotopic studies have shown that in (5) the 0-0 bond is not broken and that 
both O's in H O-;_ are derived from the same 0 2. Since the ionization constant 
for the reaction H 202 = H + + H O-;_ is 2.4 x 10- 12, or pKr = 11.6, in the pH 
range 8 or lower the species H 2 0 . should be vastl y more abundant than HO-;_; 
so, although (5) is written to represent the mechanism, for other purposes I 
prefer to write the analogous reacti on fo r unit acti vity in H +: 

02 + 2H++ 2e = H 20 2 E° = o.68 volt, (6) 

with no disparity found in the reporting of the value of E 0
• Taking P(O2) = 

0.2 atm, 
Eh= o.68 -0.03 log an,o, - 0.03 log (0.2) - 0.06 pH, (?) 

= o.66 - 0.03 log a H,o, - 0.06 pH. 

For an assessment of the validity of this explanation fo r the poise of natural 
aerated waters, a knowledge of the approximate level of acti vity of H i 0 2 
becomes of prime concern. 

Further consideration of these matters is postponed until some results have 
been studied to obtain a basis for decision. From the above array of inter-
pretati ons, which is not exhaustive, it is apparent that some other approach is 
required beyond putting one more plati num electrode into the water. 

A New .Approach to Eh. I t is proposed on the foll owing pages that we con-
sider the equili brated r edox potential, Eh, of an environmental system as the 
potential (on the hydrogen scale) of a small amount of a reversible redox-indi-
cator couple that has been equili brated with an infinite amount of the environ-
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mental system under study. That is, enough of the environmental system is 
employed so that its potential is not required to change appreciably; however, 
it is allowed to force the small amount of the reversible-indicator couple to 
react so as to attain the same potential. The situation is analogous to a redox 
titration in which the small amount of the reversible couple is the sample 
and the environmental system is the titrant, the reaction proceeding with a 
transfer of electrons from one to the other until the sample is overwhelmed 
by an excess of titrant. Thus the environmental system is not likely to be 
polarized, nor should the indicator couple be polarized if certain precautions 
are taken. The objective is to seek a redox potential that is founded on a sound 
principle rather than on the particular chemical behavior of any one electrode 
system. In fact, the above concept allows the redox potential for the indicator 
couple (0*/R*) to be determined by a method other than one in which an 
electrode is used at all, for the 0*/R* ratio could in principle be determined 
by spectrophotometry, redox-indicator paper, polarography, or any other suit-
able analytical method. 

Experimental Method for Measuring Eh. One way to carry out the reac-
tion required by the definition above is in an electric cell that is short-
circuited, as shown schematically at the left in Fig. I. The indicator couple is 
kept small in volume (but not too dilute) whereas the environmental system 
is present in a large inexhaustible amount, well stirred or circulated. Inert 
carbon (graphite) electrodes are used so that bias due to catalysis is not in-
troduced, as might be the case with metals such as platinum or silver; for the 
same reason, the use of activated carbon is also avoided. The electrodes are 
shorted by a conductor that allows a leak of electrons as the equilibration reac-
tion proceeds. Fe3+/Fe>+ is only one of several available reversible indicator-
redox couples that might be used. Relatively large amounts of the system O/R 
ensure that the ratio O/R and the corresponding potential do not change ap-
preciably. The potential of the indicator couple, which in time becomes equal 
to Eh, can be measured in the usual way by means of a platinum electrode 
relative to a reliable reference electrode, but the potential is ultimately referred 
to the standard hydrogen scale. 

The cell actually used is shown at the right in Fig. 1; it is analogous to the 
schematic cell on the left. A piece of graphite was machined to the design 
indicated so that it would contain a small volume ( ca. o. 1 cc) of the indicator-
redox couple and would short with the external environmental system (O/R); 
that is, the electron leak is through the graphite. The graphite had been im-
pregnated with paraffin to prevent it from soaking up any solution and from 
forming a series of indefinite liquid junctions. The electrolytic connection 
between the two solutions was conveniently effected by means of a plug of 
unfired Vycor glass that had been previously soaked in a saturated solution of 
potassium chloride. The Vycor plug was sealed with a rubber sleeve, the 
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e-

R".. e +r:f 

O+e =R 

0 

Figure I . Schematic and actual Eh cells with reaction O + R • = 0 • + R 

( RT aR•) RT aR Eccll=- E"o• [R•- -ln- +E"O/R- - ln-=Oateq.m 
nF a0 • nF a0 

measuring electrode with an 0-ring, as shown in Fig. r. The potential of the 
indicator-redox couple was taken with a commercial (Orion) redox cell; 
this cell consisted of a platinum button (external electrode) connected inter-
nally through a liquid junction (consisting of a saturated solution of potassium 
chloride) to a silver chloride reference electrode. An Orion Research M eter 
(Model 40) was used to measure directly the potential difference of this cell. 

Alternatively, the ratio of Fe3+/Fe>+ or other indicator system might be 
determined by spectrophotometer or other suitable analytical method; on the 
other hand, such other methods could be used to check the potential measure-
ment. The present method is not restri cted, therefore, to the reliability of any 
particular electrode system or to an understanding of its mechanism, as is the 
case with the measurement of Eh on bare platinum. N or is the method limit ed 
to indicator couples that are amenable to potentiometric measurement at all. 
If the oxidized and reduced forms of the indicator have distinctive colors or 
absorption peaks or any other difference in a sui table property, then presum-
ably the ratio 0*/R *, and hence Eh, can be found. Even redox-indicator paper, 
containing small adherent amounts of the 0*/R* system, might be developed 
to give accurate values of the redox potential by means of direct chemical 
reaction with the environment. 

Whether the potentiometric method or some form of colorimetry or related 
method is used to assess the redox condition of the indicator system, it makes 
sense to choose an indicator couple whose E0 value is such that it has a reason-
ably good poise at the level of the envrionmental conditi on being sought. This 
should avoid the occurrence of very low concentrati ons of either species; the 
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possibility of concentration polarization is diminished and the analysis is im-
proved. Thus, for a natural-water environment in which O, is well mixed, the 
Fe3+/Fe2 + couple might be a reasonable indicator, with an E° value of o. 77 volt. 
More soluble species under nonacidic conditions are afforded by the Fe(CN)t 
/Fe(CN)l- couple, with E0 at 0.33 volt. In anoxic-water systems, such couples 
as f,'3+/ /72 + (E0 = -o.26volt) or .Cr3+/Cr>+(E 0 

= -0.40) can be considered 
suitable. Fortunately, most natural waters tend to be decisively in one range 
or the other and not in between; that is, either 02 is present and the redox 
level is high, or it is absent and the level is low. 

Experimental Data. THE FERRrc/FERROUS COUPLE AS INDICATOR. This 
first couple was operated successfully at molar concentrations of both ions of 
o.or and 0.001, but, as the (Fe3+) became depleted, the couple showed signs 
of concentration polarization at 0.0001 M . Fig. 2 (top) shows a time plot for 
this couple (with both ionic species at 0.001 M) employed to measure Eh of 
the seawater pumped through the Scripps Marine Biology Wet Laboratory. 
The curve has the distinct appearance of a redox titration in which a small 
amount of sample has been treated with a large excess of titrant; present are 
two exponential limbs that meet at an inflection point near equivalence. The 
left limb of the curve is too brief to be diagnostic, but the right limb is displaced 
sufficiently to display well the exponential approach to an Eh value that can 
be readily estimated. The analytical equation for the curve is indicated below 
the plot. Fig. 2 (middle) shows a logarithmic plot of the quantity (Et-Eh) 
against time, where Et is the value of the measured potential as a function of 
time; the time constant (A) for the equation was evaluated from the slope of 
the straight line. Values of Et could then be plotted against values of the whole 
function, e-At, as in Fig. 2 (bottom), which demonstrates how well the ap-
proach to the final value of Eh had been defined. 

The ferric/ferrous couple, while useful for the above analysis, was con-
sidered to be poised too far above the value of Eh as found in most waters; 
thus it was vulnerable to polarization. Also, it seemed more desirable to have 
the indicator couple oxidized up to the Eh level rather than reduced down to 
the Eh level for reasons that will be plain later after the poising mechanism of 
the water medium has been considered. Finally, ferric ion all too readily forms 
an insoluble hydroxide precipitate in solutions that are not sufficiently acidic; 
this effect led to the undesirable deposition of precipitate within the pores of 
the Vycor plug when the acidified indicator solution became diluted. 

THE FERR1/FERROCYANIDE COUPLE AS INDICATOR. This couple, as an 
indicator system, had the advantage of approaching the final Eh value when 
oxidized by the aqueous medium; furthermore, these ionic species were soluble 
in the nearly neutral and slightly alkaline condition of most of the natural 
waters studied. Curves of the values of Et with time are shown in Fig. 3 (top) 
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for concentrations of both species of 0.01 M and 0.001 M in 0.1 M KC!. 
The water sample was from the flume on Scripps Pier. In one of these ex-
periments, a piece of platinum wire was wrapped around the outside surface 
of the graphite cell, with good contact. This action apparently had littl e effect 
on the values of Et and Eh; it may have raised the values sli ghtly, but this 
effect is uncertain. On the other hand, when the platinum wire in contact 
with the graphite was connected to the mercury in a large saturated calomel 
electrode in a 250-ml filt er fl ask, the chloride ion reacted anodically with the 
mercury to form calomel, at the same time reducing the ferrocyanide drasti-
cally. At an indicator concentration of 0.001 M, the couple was so strongly 
reduced that there were signs of what was considered to be concentration 
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Figure 3. Et for Fe(CN)g-; Fe(CN)t"-; KC/ at respective molarities 10-3 ; 10-3; 0.1 and 10-'; 

10-2 ; o. 1, Top curve for Pt wire in contact. 

polarization; however, this was absent at the indicator concentration of 0.01 M 
in both ions, as shown in the typical titration curve in Fig. 3 (bottom), where 
a value of Eh reasonably close to that for a saturated calomel electrode was 
obtained. Values read from a bare platinum electrode in the water medium 
(EPt) are included for comparison with the Eh results. 

Similarly, the curves in Fig. 4 were obtained with the ferri/ferrocyanide 
couple as an indicator at concentrations of both species of o.o I M; a silver wire 
was wrapped around and was in good contact with the graphite. One curve 
shows values of Et obtained with the cell in water at Scripps Pier; the in-
dicator system was drastically reduced as a result of the anodic reaction of 
sil ver with the chloride ion to form silver chloride, with reduction of the 
ferricyanide. A similar curve shows how the indicator couple reacted with a 
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Figure 4. Et for Fe(CN)'t 0 .0 1 M; Fe(CN)'{;- 0.01 M; KC/ 0.1 M; Ag wire in contact. 
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large saturated silver-chloride electrode in a 250-ml flask, with the resultant 
value of Eh close to that for the silv er-chloride electrode. 

Finally, another experiment involved the Vycor liquid junction, which was 
replaced with a more conventional junction of potassium chloride set in a 2°/0 

agar gel. This apparently had the effect of slowing down the approach to the 
Eh value, so that no estimate could be made of Eh even after three hours; 
otherwise the result is much the same. Again, values for EPt are shown. For 
comparison, fur ther results for this couple are discussed in the foll owing section 
relative to the iodine/iodide couple. 

THE IoDINE/ I onrnE CouPLE AS I NDICA TOR. More correctly, this couple 
should be termed the tri - iodide/iodide (13/J-) couple; depending on the pH, 
there may also be iodate ion present as an oxidized form. The poise of this 
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system is at a redox level that is considerably above that of the water samples 
used here (from Scripps Pier and from surf beside the Pier) so that, as in Fig. 5, 
well-shaped titration curves that approach Eh from above were obtained. 
These are compared with curves obtained for the same samples by using the 
ferri /ferrocyanide couple. This procedure had the advantage of closing in on 
the value of Eh from above and below, thus limiting the result of Eh for 
surface seawater; if the results are in error, they are likely to be so due to 
incomplete reaction with the water medium. This gives confidence in the 
method of obtaining Eh, as does agreement in values for the same sample; 
but the absolute value of Eh (here 0.53 volt) could be in error owing to imper-
fect calibration of the commercial electrode systems. 

Also shown in Fig. 5 is a curve obtained by using the ferri /ferrocyanide 
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couple as an indicator against a large volume of a well-poised solution of 
iodine 0 .0 1 M / iodide 0 .1 M In a fl ask at 25°C. Here again, Eh attained the 
value of the poised system. 

Oxygen Diffusion Experiment. It seemed reasonable that the natural system 
to be measured could be equilibrated with an indicator couple by the transfer 
or leakage of molecular Oz instead of by electrons. This was effected by 
enclosing a small volume (2 drops) of indicator soluti on inside a membrane 
( e.g., commercial Saran sheet); this all owed the passage of gas, but not of the 
dissolved electrolytic species within the time limit of the experiment. Two 
drops of indicator solution were placed on the end of the Orion platinum 
electrode, which was covered with a small piece of Saran membrane and sealed 
with a small o-ring, as illustrated in Fig. 6. This whole assembly was im-
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mersed in the water sample and allowed to equilibrate. Shown in Fig. 6 (p. 13 I) 
are the results for the potential measured with various indicator solutions; all 
of these results agree reasonably well with each other and with the value of 

Eh ( 0.4 7 volt) for this water sample as 
T able I. Redox potential determined obtained by the graphite-cell (electron-

from water in southern California. transfer) technique. This approach, 

Location 

which requires much more investiga-
Redox 

Potential tion than time permitted, should be the 
Eh (volt) Ept focus of a separate study; it is included 

MARINE AND ESTUARINE WATER 

La Jolla surf 0.53 
La Jolla Scripps Pier .53 
Mission Bay .51 
L os Penasquitos Lagoon .51 
Batiquitos Lagoon .51 
Harbor Island .50 
D el Mar, town dump .49 
Del Mar, J . Durante Blvd . . 50 
Salton Sea .49 

FRESH WATER 

San Di ego River 
Lake Murray 
Sweetwater Reservoir 
Lake Hodges 
San Dieguito River 
Borego Springs 
Warner Hot Springs 

0.50 
.50 
.50 
.51 
.51 
.49 
.42 

0.41 
.41 
.41 

.42 

.44 

.39 

.40 

.42 

here only as a related concept. 

Eh of Surface-water Samples. The 
Eh values in Table I were determined 
for a number of natural water samples. 
These samples were restricted to well-
oxygenated surface waters. Eh values 
among the various samples show little 
variation; this is mainly true also for 
the EPt values included for compari-

0.45 son. Only the Warner Hot Springs 
.45 sample emitted a slight smell of hy-
·46 drogen sulfide. At times, the water in 
.4

5 Batiquitos Lagoon has such an odor, 
.45 
.45 presumably in the late summer fol-
.15 lowing the decay of a considerable 

amount of algae. Aft er the above 
work was completed ( early summer I 970 ), high winds caused some upwelling 
in the Salton Sea resulting in the death of fish in water that presumably 
contained insufficient oxygen. 

Discussion. T o the questi on, "To what do natural waters owe their partic-
ular redox levels?" the correct answer is, obviously, "To everything present". 
A more useful inquiry would involve an attempt to distinguish the dominant 
couples. For example, the couple chlorine/chloride must be involved in the 
poise of seawater, but a rough calculation shows that the amount of chlorine 
must be relatively minute in relation to chloride at a redox potential that is so 
far from the E0 value for this couple. On the other hand, the iodine/iodide 
couple will be poised closer to the E0 value, but the concentrations of both 
oxidized and reduced forms are very low. Elements other than oxygen that 
usuall y have a signifi cant effect on the redox level of the environment are 
nitrogen, sulfur, carbon, iron, and manganese; all of these elements have 
couples with E0 somewhere near the redox potential of the environment. 
However, even among these, in aerated waters nearly all of the nitrogen exists 
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as N 2 , the sulfur as so: , and the carbon as a member of the carbonate system 
(CO2, H 2 C03, HCO-;, CO;:' ), leaving the various chemical species of the 
ubiquitous elements, iron and manganese, to contribute considerable poise and 
to act as natural indicators of the redox level. But even the redox changes in 
the chemistry of iron and manganese are usuall y not simple and self-asserting; 
rather, they depend on interaction with the overwhelming supply of species 
furnished by oxygen and water (02 , H 2 0, H+, OH- , H 2 0 2 , HO-:;, etc.). 
Thus, sooner or later, we are forced to recognize the dominance of these latter 
species, which have an almost inexhaustible supply, if not always high con-
centrations. I n the ea there is enough O, present in the upper mixed layer to 
react with smaller amounts of reduced forms of other systems and still have 
some left over to maintain a concentration of roughly 10-4 M. 

In the absence of 02 at depth and with poor circulation, there are reasons 
for thinking that the poise at reduced levels is controlled by the sulfur system 
(with species so:, H 2 S, H S-, s=); their couples do not behave reversibly and 
probably depend on bacterial action for their interconversion. 

Again speaking of aerated waters, it is not enough to say simply that oxygen 
dominates the redox potential; that omits the source of any poise the water 
has. The potential must also depend on the activity (s) of some related reduced 
form(s). What is actually needed is the identity of the dominant redox couple, 
poised at a suitable level. For the potential to remain at a high value, there 
must be more than simple oxidation by molecular 0 2; some return path 
from a reduced form must exist for the maintenance of the cycle at the 
high level. 

In a search for a reduced partner for 02, it is helpful to consider what 
species between 02 and H 2 0 are present in abundant supply in an aerated 
water system. In Fig. 7, a selection has been compiled that coordinates the 
various entities on the basis of electron and proton changes and thus is closely 
related to a pE-pH diagram. The selection of the appropriate partner for 0 2 
is not so difficult as it might 
fir st appear, but some more 
facts are required. 

It has been shown by Berl 
(1943), whose work was sup-
ported by Yeager et al. (1964) 
and Weisz and Jaffe (1948), 
that, in the absence of peroxide-
decomposing catalysts, the 0 2/ 
H2 02 couple operates rever-
sibly on carbon electrodes in 
alkaline solution. The actual 
mechanism of 02 reduction 
forms the entities HO-:; and 

pE I 
- ---

pH 

Figure 7. Details of the mechanistic path from O, to 
2H,O. 
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OH-, but HO; is readily protonated to H20z. Note that so far there is no 
requirement that the 0-0 bond be broken. In Fig. 7 the analogue of eq. (5) 
can be viewed as involving two single electron transfers and two protona-
tions, which are presumably easy in an aqueous medium. The species O; 
represents an oxygen molecule adsorbed on the electrode surface from which 
it has acquired a negative charge; H02 is simply its conjugate protonated 
form. The next step is the electron transfer to, or reduction to, HO;. Yeager 
et al. ( 1964) have regarded this step as polarographically rate-determining in 
that the anodic limiting current is dependent on the concentration of HO; and 
is independent of the concentration of OH-. They have given the following 
steps: 

0 2 + e = O; (ads), 

O; (ads)+ H 2 0 = H02 (ads)+ OH-, 

H02 (ads)+ e = HO;. 

In the usual pH range, most of the HO; must become protonated: 

( II) 

( I 2) 

(13) 

At this point the sequence almost stalls because of the difficulty in breaking 
the 0-0 sigma bond. In other words, the reduction of H2 02 to 2 Hz O ac-
cording to 

H202+2H++2e = 2H20 

is a much slower process than the reduction of 02 to Hz Oz, for the experi-
ments of Yeager et al. have indicated that the current density associated polaro-
graphically with ( 1 5) is very small relative to that for (5) or (6 ). The slightest 
acquaintance with the technique of polarography serves to illustrate the same 
point qualitatively; if oxygen is not purposely removed from the solution, a 
compound wave for the. reduction of oxygen is obtained; in the first step, 
oxygen is reduced to form peroxide, and at a more cathodic potential the 
peroxide is reduced to form water. The latter step can be interpreted as being 
kinetically more demanding in terms of activation energy. 

In our environment, with oxygen the dominant oxidized species that comes 
into contact with more reduced species, the selection of the likely reduced 
form conjugate to oxygen now becomes clearer. On the reduction of oxygen, 
logic demands that the concentration of H 2 0 2 must build up until it reaches 
a steady-state value, whereby (in the absence of such factors as the biota and 
specific catalysts) its increased concentration allows it to react according to (15) 
as fast as it is formed by (6). The important reduced form, which, along with 
oxygen, forms a labile couple capable of setting the redox level, is thus hydro-
gen peroxide as given in (6). But it should be recognized that the actual 
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mechanics of the process may foll ow (5), or, in more detail, the sequence ( 1 1) 
through (14). 

The important steady-state concentrati on of peroxide warrants closer at-
tention. A lower limit could be placed on it by noting that peroxide slowly 
undergoes an autoredox disproportionati on, 

for which the equilibrium thermodynamic data are known. T hus the equili b-
rium act iv it y of H 20 2, calculated from the free-energy data at 25°C [and 
taking P (Oz) = 0.2 atm, a(H 20) = 1] , is about 10- 21. Of coune this thermo-
dynamic view ignores the kinetic diffic ulti es in the path between H 2 0 2 and 
2H20. On the other hand, we would not expect the steady-state activity of 
H 20 2 to reach levels in the sea that are as high as those for hydrogen or hydro-
xyl ions, say Io-,. Between these li mits there is plenty of scope for selection. 
In fact, if values of pH = 8.o, Eh = 0 .5 0 (as determined in this work) are 
put into eq. ( 7 ), the value for the activi ty of H 2 0 2 comes out at 10-11 • T hat 
is to say, if it is presumed that the Eh of aerated water is regulated chiefl y by 
the 0 2/H 2 0 2 couple and if the Eh is determined by the equilibration method, 
then a steady-state activity of H 2 02 is obtained that is in fact within the bounds 
of the arguments above. This might seem to be a low enough acti vity on which 
to base the lower end of the poise of natural systems. However, note that 
H2 0 2 can be produced from large reserves of 0 2 and H 2 0 . These abundant 
chemicals constitute such a reliable supply that the dominant system in setting 
the poise ultimately could be considered as 0 2/(02+H 20) (i.e., a kineti c 
control in thermodynamic gu ise). T he stabil ity is afforded by a plentiful supply 
of related species in a dynamic cycling process that maintains a relatively 
steady activity of H 2 0 2 as a key agent in the mediation of natural waters. 

The idea that the 0 2/H 2 0 2 couple controls the redox level in aerated waters 
is not new. In an experimental study of certain mine waters, Sato ( 1960) 
reached much the same conclusion except that his estimate of a steady-state 
activity of H 2 0 2 was 10-6, which seems inordinately high in that his fi gure 
would be greater than that for either hydrogen or hydroxyl ion and so would 
scarcely have escaped detection and acceptance. Sato also poin ted out that the 
E" values for couples in which H 20 2 is a member demonstrate its thermo-
dynamic instability in the presence of a host of metals and nonmetals. T hus 
many elements are capable of catalyzing the decompositi on of H 202 to fo rm 
H 2 0 and 0 2 • The important roles of iron and manganese in redox control and 
redox indication have been clearly recognized and treated in detail by Sato. 
In particular, he has shown that the oxidation states found for these elements 
under natural conditions are more in accord with a redox potential set by the 
O2/H 2 0 2 couple than with one set by the 0 2/2 H2 0 couple. T his work sup-
ports his point. Al so, if H 2 0 is taken as the lower member of the couple, the 
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mechanics of going from 0 2 all the way down to Hz Oat an appreciable rate 
are just too complicated to be expected whether it be from the point of view 
of breaking the 0-0 bond or effecting the transfer of four electrons and four 
protons per 02 molecule. Sato also noted the cycling of 02 in its reduction to 
H 2 0 2 relative to the decomposition of Hz 02 to produce 0 2, but he did not 
mention the disparity in the amount of 02 that is used and reproduced for a 
given amount of H 202, as in the formulation below: 

o.+ 2H++ 2e reduction H.0. decomposition H.O+i /2 0 2. (i 7) 

If the Eh of aerated seawater is accepted at ca. 0.50 volt (or pE = 8.5), 
as in this work, a few calculations on speciation would be useful to test the 
credibility of this level. Following Sillen ( 1961 ), who noted that the total 
molar concentration of the element manganese in dissolved form falls between 
10-6·7 and 10-7.9 in the sea (as Mn++ and Mn04), calculations can be made, 
as below, to estimate the separate activities of these species. The solid form 
present is mostly Mn0z. From Sillen and Martell (1964): 

Mn02+4H++2e = Mn+++2H.0; 
(8) 

logaMn++ = 41.6-4pH-2pE; 

Mn04+4H++3e = Mn02+2H20; 
(s) 

log aMno- = -86.o +4pH + 3pE. 
4 

log K = 41.6 

log K = 86.o 

In Table II are log values calculated for the activities of the two ionic 
species under conditions of Eh = 0.75 (presuming 0 2/2H2 0 control) and 
Eh = 0.50 volt (presuming 02/H202 control). 

Considering that activities are being compared with concentrations, the 
calculation based on Eh = 0.50 gives a logarithmic level of Mn++ (- 7.8), 

Table II. Speciation of Mn in 
seawater (pH 8). 

Eh 

0.75 
0.50 

pE 

12.5 
8.5 

Log activity of 

Mn++ MnO~ 

-16 -16 
- 7.8 -28 

which is in excellent agreement with 
the total figure ( - 6. 7 to - 7 .9 ), desig-
nating Mn++ as the dominant species 
and greatly depressing the probability 
of Mn04; on the other hand, for 
Eh = o. 7 5, any correlation with reality 
is lacking. 

Similar calculations could be tried for 
the speciation of iron, but in this case the argument is obscured because the 
concentrations of the various iron species are controlled more by solubility and 
pH than by redox. 

A chemical element of especial biological significance is nitrogen, whose 
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spec1at1on under aerated conditions should be sensitiv e to the redox level. 
Morris and Stumm (1967) have shown that, at pH 7 and pE above 12 (as 
would be the case with 0 ,/2 H , 0 control), NO; should be the dominant 
species. However, a calculation at pE = 8.5, as in this work, shows that N 2 
is unequivocally dominant, thus avoiding the need to invoke a kinetic rationale 
to account for the overwhelming abundance of N 2 over NO;. 

According to the earli er stepwise discussion about the kinetics of oxygen 
reduction, an accumulation of hydrogen peroxide is to be expected if it is 
formed faster than it decomposes. The question ari ses as to why this chemical 
is not found more abundantly in the environment. Sato ( 1960) has already 
provided one possible solution in pointing to the likelihood of catalysis of eq. 
( 1 6) by compounds of manganese, iron, and other elements. For example, 
manganese compounds in particular are well -known peroxide catalysts; as for 
their presence in sufficient quantity for the peroxide in the sea, we have just 
estimated activities of H 2 O, and Mn++ at logarithmic levels of - 11 and 
- 7.8, respectively. 

Up to this point, the considerations have been largely inorganic. However, 
dead organic matter would in general have a reducing effect on the environ-
ment, since it is oxidizable on decay under aerobic conditions up to carbon 
dioxide or other members of the carbonate system. Living organisms in the 
form of phytoplankton and zooplankton are major constituents of natural 
waters, whether they are considered by number, mass, or function. They af-
fect the redox potential directly by producing oxygen during photosynthesis 
and by consuming it during respiration and decay. It is an expressed concern 
that our inventory of oxygen depends critically on photosynthesis, the major 
part of which takes place in natural waters. 

Of the remaining enigmas in the relatively swift unraveling of the details 
concerning the various aspects of photosynthesis, one is the matter of how it is 
possible for molecular oxygen to be generated from water with which it has 
been isotopically identifi ed. Fig. 7 indicates the individual steps that contribute 
to the overall problem of boosting H 2 0 up to 0 2 against a potential of 1.23 volt 
for unit activities (or 0.75 volt at pH 8). Of these, the step from 2H20 to 
H 2 0 2 is more uphill, in a thermodynamic sense ( 1. 77 volt), than the step from 
H 2 0 2 to 0 2 (o.68 volt), and it is also more demanding in its kinetics. At pH 8 
the potential to be overcome in evolving oxygen appears (in this work) to be 
about 0.5 volt, assuming a steady-state activity of H202 = 10- 11

• According 
to the above considerations, it is difficult to see how H i O, can fail to be at 
least an important intermediate on the oxidative side of photosynthesis; further-
more, the adaptation of peroxide in this photosynthetic process might account 
for the fact that no signifi cant levels of peroxide have been observed where 
oxygen and water are abundant and catalysts are scarce. . . 

A tentative scheme to indicate how such a process might occur, with the 
appearance of the usual overall equation for photosynthesis retained, is: 
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C02+H202 = ~(CH20)n+02+0*, 
n 

O*+H20 = H202, 
I 

CO2 +H20 = - (CH20)n + 02. 
n 

[30, I 

( I 8) 

In the above formulation, the basic biochemical step is the reduction process 
by which the CO2 molecule extracts the required 2 H atoms from H2 02, con-
veniently providing two bonded oxygen atoms for molecular oxygen evolution, 
which is ultimately traceable isotopically to water rather than to carbon dioxide. 
In the reduction of CO2 to the representative I /n ( CH2 O)n by a sequence of 
steps that are discussed in the biochemical literature, C-0 bonds must be 
broken and the oxygen atoms from this source must be made available, perhaps 
in reactive enough form (0*) to be consumed quickly by the plant water so 
that the plant may generate internally its own supply of H2 0 2, once started 
from the small amount of H202 in natural waters. 

My purpose in suggesting the above is to preserve the established under-
standing of the reduction side of photosynthesis and to couple to it on the 
oxidative side a step that has some realistic hope of attainment from energetic 
and mechanistic points of view. 
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