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THE USE OF OXIDATION POTENTIALS IN INORGANIC CHEMISTRY 

WILLIAM L; JOLLY 

University of California; Berkeley, California 

In teaching a vast, complicated subject like inorganic chemistry, 

it i.s important to acquaint students with effective methods for . 

summarizing and systematizing chemical reactions. Thermodynamics 

provides several such methods; one of the most effective of these is 

the use of oxidation-reduction (redox) potentials in quantitatively 

summarizing the driving forces of oxidation-reduction reactions in 

aqueous solutions. Although Latimer derived and extensively used 

such potentials, the actual techniques of applying them to chemical 

problems have never received wide publicity, and consequently they 

1 are seldom employed. Perhaps another reason for the little use of 

oxidation-reduction potentials is their close association with 

electrode processes, and the false notion that they are useful only 

in electrochemistry. In this paper I shall discuss the application 

of these potentials to aqueous chemistry, with emphasis on the 

chemistry of elements with several oxidation states. 

1 Brief discussions of the application of oxidation potentials may 

be found in the texts by Latimer (1) and Sienko and Plane (2). 
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THERMODYNAMIC LIMITATIONS AND CONVENTIONS 

First a few words about the limitations of thermodynamics. 

Thermodynamic data give information only regarding the extent to 

which reactions can go, not regarding the rates at which they go. 

For exampl~ although both of the following disproportionation 

reactions have large equilibrium constants, only the first proceeds 

at an appreciable rate under ordinary conditions. 

(fast) 

+ 2NO (slow) 

The science, or art, of predicting the rates of chemical reactions is 

in a developmental stage. At present, often the best that can be 

done is to roughly classify certain classes of compounds as fast

reacting and other as slow-reacting. However, sometimes thermo

dynamic data are useful even in the absence of kinetic information. 

Thus, when thermodynamics tells us that a reaction cannot go, we 

are saved the trouble of trying the reaction. 2 

2 
One must be cautious in such applications of thermodynamics. 

Consider the reaction of a non-volatile phase (or phases) to yield 

a volatile product (or products) for which & 0 >>0. Reactions of 

this type often can be carried to completion by pumping on the 

reactants or by continuous sweeping of the non-volatile phase with 

an inert carrier gas. The reaction of a gas with a non-volatile 

phase to yield a volatile product (for which & 0 >>O) often can be 

carried to completion by sweeping the non-volatile phase with the 

reactant gas. 

;_; 
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I shall use the sign convention adopted by Latimer and the Inter-

national Union of Pure and Applied Chemistry for oxidation potentials 

and reduction potentials. (3) In accordance with Latimer's practice, 

I shall write half-reactions so as to correspond to oxidation potentials; 

thus 

+ 
Na Na + e +2.71 v. 

Of course there is no difficulty in. applying the same methods, 

after taking account of the sign change, to reduction potentials: 

+ 
e + Na Na -2.71 v. 

Obviously, in order to use any potential,it is necessary to know 

whether it is an oxidation or reduction potential, and whether 

or not the above sign convention is used. Particular care must 

be taken when using potentials from different sources. All the 

potentials cited in this article refer to 25°. 

It should be remembered that the potentials are expressed in 

volts (a difference in electrical potential). ThErefore a 

potential is a constant which does not change when the coefficients 

of the half-reaction are changed. Thus both of the following 

half reactions have the same potential. 

I -0.54 

2I -0.54 
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THE USE OF TABULATED POTENTIALS 

Table 1 is an example of the familiar table of "half-reactions" 

and their standard potentials. The reducing agents are listed in 

order of decreasing strength (and consequently the oxidizing agents 

are listed in order of increasing strength) on going from the top 

to the bottom of the table. An oxidizing agent should be able to 

oxidize all reducing agents lying above it in the table, and a 

reducing agent should be able to reduce all oxidizing agents lying 

below it in the table. However, because the potentials are standard 

potentials, this statement is strictly correct only when all the 

species are at unit activity. As will be shown later, exceptions 

to this rule can be effected by appropriate adjustment of product 

and reactant concentrations. Because from any pair of oxidation po

tentials one can calculate the driving force for a complete, unique 

reaction, it is clear that a table of this sort summarizes an 

enormous amount of information in a small space. One calculates 

that a table of 100 oxidation potentials would yield the equilibriw~ 

constants for 4950 different reactions. 

A more extensive tabulation of potentials than Table l would be 

very handy when looking for oxidizing agents or reducing agents 

having certain specified strengths. However, a chemist often wishes 

to know whether a particular reaction can go, or what its equilibrium 

constant is. For such purposes it is more useful to have the half

reactions listed according to the elements whose oxidation states -. 

~', 
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'J 
Table l 

Oxidation Potentials in Aqueous Solutions at 25° (l) 

Half-Reaction E0
, Volts 

Na 
+ 

Na + e 2.71 

Al Al3+ + 3e 1.66 

Zn Zn2+ + 2e 0.76 

H
3

Po
2 

+ H20 H
3

Po
3 

+ 2H+ + 2e 0.50 

BH
4 

+ 3H
2

o H
3

Bo
3 

+ 7H+ + 8e- 0.47 

Sn Sn2+ + 2e 0.14 

H2 2H+ + 2e o.oo 

Sn2+ ·sn4+ + 2e -0.15 

Fe(GN)
6

4- Fe(CN)
6

3- + e -0.36 

3I I3 + 2e -0.54 

H
3
Aso

3 
+ H

2
0 H

3
Aso

4 
+ 2H+ + 2e -0.56 

H202 02 + 2H+ + 2e -0.68 

2Br Br2 
+ 2e -1.06 

2H
2

0 02 + 4H+ + 4e- -1.23 

2Cr3+ 2- + 6e-+ 7H20 Cr
2

o
7 

+ l4H + -1.33 

2Cl Cl2 
+ 2e -1.36 

Mn2+ + 4H20 Mno4 
+ 8H+ + 5e -1.51 

Mn0
2 

+ 2H
2

0 Mno
4 

+ 4H+ + 3e -1.70 

,.' 2H20 H202 + 2H+ + 2e -1.77 

280 2- 2- 2e -2.01 8208 + 
'-.' 4 

2F F2 + 2e -2.87 
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change. 3 Thus, if one wishes to know the driving force for the 

reaction 

--> 

one looks under arsenic for 

-0.559 

and under iodine for 

3I 

By subtracting the second half-reaction from the first, one gets 

the desired reaction. Whenever half-reactions are added or · 

subtracted, one should not add or subtract the corresponding Eo 

values (since they are intensive quantities), but rather the 

appropriate number of electron-volts, or nE 0 values (where n is 

the number of electrons appearing in a half-reaction). For the 

reaction under question, nE 0 = 2[-0.559-(-0.536)] = -0.046. 

From this one can calculate &' 0 (in calories/mole) or K using 

the relations 

-&'0 0.05916 log K 

&'0 1,060 cal./mole 

K 0.17 

3 Generally there is no ambiguity in this respect. However, 

2- 2- -
in the case of a half-reaction such as 2804 = 82o8 + 2e , 

one might be justified in a double listing. 
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From these results one must not draw the conclusion that the reaction 

cannot proceed quantitatively in either direction. Indeed there are 

volumetric methods of analysis based both on the quantitative 

oxidation of arsenious acid by triiodide and on the quantitative 

reduction of arsenic acid by iodide. (4) These are accomplished 

by appropriately adjusting the hydrogen ion concentration of the 

solution. At pH 7, 

(I-)3(H
3
Aso4) 

(I
3

-)(H
3
Aso

3
) 

and arsenious acid can be titrated with triiodide or vice versa. 

In 6 ~ HCl, 

(I-)3(H
3
Aso4) 

(I
3

-)(H
3
Aso

3
) 

0.17 
~ ~ 5 X lo- 3 (neglecting activity coefficients) 

62 

and consequently arsenic acid can be quantitatively reduced by an 

excess of iodide. (The liberated triiodide can be titrated with 

thiosulfate.) 

DEPENDENCE OF POTENTIALS ON pH 

The general problem of the pH-dependence of oxidation potentials 

is of considerable importance. The potential of any half-reaction 

changes with the concentration of the species involved according 

to the Nernst equation, 

E .05916 
n 

log Q 

where Q has the same form as the equilibrium constant but refers not 
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to the equilibrium state but to the actual activities of the reactants 

and products. If the hydrogen ion or hydroxide ion appears in the 

half-reaction (and the corresponding ionic activity appears in Q), 

the potential will change with pH. Thus for the hydrogen-hydrogen 

ion half-reaction, 

+ 
H + e 0 

we write 

and for the water-oxygen half-reaction, 

+ + 2e -1.23 

we write 

The potentials for these half-reactions are plotted vs. pH in 

Figure 1. Theoretically no oxidizing agent whose oxidation potential 

falls. below the H
2
0-0

2 
line and no reducing agent _whose oxidation 

+ potential lies above the H
2

-H line can exist in aqueous solutions. 

Actually, for kinetic reasons, these lines can be extendediabout 

0.5 volt, and the dotted lines in the Figure are more realistic ' 

boundaries for the region of stability of oxidizing and reducing 

agents in aqueous solutions. 

One must take care to use oxidation potentials only in the pH 

ranges for which they are valid. For example, the iron - ferrous 

ion oxidation potential, 

Fe Fe2+ + 2e 0.41 
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has little significance in alkaline solutions because the ferrous 

ion i'urms an essentially insoluble hydroxide. In order to calculate 

the appropriate potential for alkaline solutions, one must know 

the solubility product for ferrous hydroxide (8 x l0-16 ). Note 

2+ 
that by adding the Fe-Fe half-reaction to the reaction for the 

precipitation of ferrous hydroxide, we get the Fe-Fe(OH) 2 half-

reaction: 

nE 0 

Fe 
2+ 

:Fe + 2e 0.82 

Fe2+ + 20H - Fe(OH) 2 0.89 

Fe + 20H Fe(OH) 2 + 2e i. 71 

One adds the electron-volts (not the potentials!) for each step to 

obtain the electron-volts corresponding to the new half-reaction. 

The potential for the new half-reaction is then obtained by dividing 

by n, the number of electrons. Thus, E0 = 1.71/2 = 0.86 

OXIDATION POTENTIAL DIAGRAMS 

If an element can exist in several oxidation states, it is 

convenient to display the oxidation potentials corresponding to the 

various half-reactions in diagrammatic form, as shown below for iron 

and oxygen. 

Fe 
0.41 Fe2+ __ -_0_.~7~7-- Fe3+ -2.20 

0.02 
\ l 

-1.77 -0.68 

H~2-0_-_-_-_--~--~------H~20_2 __________ ~f2 L -1.23 I 
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One of the most important facts which can be learned from an 

oxidation potential diagram is which oxidation states, if any, 

are unstable with respect to disproportionation. If a given oxi-

dation state is a stronger oxidizing · agent than the next higher 

state, disproportionation can occur. (This is the situation when 

an oxidation potential on the left is more negative than one on the 

right.) It will be noted that both Fe2+ and Fe3+ are stable with 

respect to disproportionation, and that H2o2 is unstable with respect 

to disproportionation. Tnus the following reactions proceed 

spontaneously. 

Fe + 2Fe3+ --> 

+ 

The latter reaction is very slow under ordinary conditions, but 

rapid in the presence of certain catalysts. 

Oftentimes species which are thermodynamically unstable with 

respect to disproportionation are intermediates in oxidation-reduction 

reactions and are the cause of slow reactions. Hydrogen peroxide is 

such a species. Most oxidations by molecular oxygen proceed with 

intermediate formation of hydrogen peroxide. Thus, although any 

reducing agent with an oxidation potential more positive than that 

of the H20-02 half reaction (-1.23 v.) can theoretically be oxidized 

by oxygen, those with oxidation potentials more negative than that 

of the H202-o2 half-reaction (-0.68 v.) generally react slowly. In 

agreement with this rule, bromide (Br--Br
3
-, E0 -1.05) is·oxidized 

very slowly, and iodide (I--I
3
-, E0 _= -0.54) is oxidized rapidly. 
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Sometimes it is not immediately obvious from an abbreviated 

oxidation potential diagram that a particular species is unstable 

with respect to disproportionation. Consider the diagram for phos-

phorus in basic solution (l ~ OH-): 

l. 57 HPO 2-
3 

1.12 PO 3-
4 

Hypophosphite (H
2

Po
2
-) is stable with respect to disproportionation 

into phosphorus and phosphite. But if we consider the phosphine-

hypophosphite half-reaction as shown in the more complete diagram, 

~--
0.89 

p4 
2.05 

Hr02 
1:113 

l. 31 

l. 57 Ir32
-

1.12 PO 3-
4 

we see that hypohosphite is unstable with respect to the formation 

of phosphine and phosphite. This reaction takes place when solid 

hypophosphites are heated, but in hot aqueous solution the principal 

reaction is the reductlon of water to give hydrogen: (5) 

+ OH --> HPO 2-
3 

+ 

It is appropriate at this point to show how one calculates 

potentials when adding or subtracting two half-reactions to form a 

third half-reaction. As shown below, the phosphine-phosphorus and 

phosphorus-hypophosphi te half -reactions may be added to give the 

phosphine-hypophosphite half-reaction . 

nE 0 

PH
3 

+ 30H t-P4 + 3H20 + 3e 2.67 

.1.p4 4 . + 20H H
2

P02 + e 2.05 

PH
3 

+ 50H H2Po2 + 3H20 + 4e- 4.72 
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We divide the sum of the electron-volts by the number of elec-

trons in the new half-reaction to get the new potential. Thus, 

4. 72/4 1.18. It can be seen that the new potential is 

a weighted average of the other two. 

One of the nicest applications of oxidation potential 

diagrams is the prediction of the products of reactions involving 

elements having several oxidation states. Let us consider the 

reactions of iodide with permanganate in acid solution. The 

pertinent diagrams are shown below. 

I 
-0,. 54 

- I~•----=:-~~---JJI~3 

'~ -1.20 ' 

-1.45 -1.14 ca-l. 7 

Mn 2-
Mn02 Mno4 Mno4 

~-------_1._2~3------~~ ~~------~-1~·~69~------~' 
-2.26 

In this case we may correctly assume that the reactions are 

11 thermodynamically controlled" - that is, that equilibria are 

fairly rapidly achieved.
4 

We notice that there are three 

species in these diagrams which are unstable toward disproportion-

at ion: 3+ 2-HOI, Mn and Mno4 These are therefore eliminated from 

consideration. 2+ The Mn-Mn half-reaction is of no concern to us, 

because its oxidation potential is far too positive for Mn to have 

4 
The oxidation of water by H

5
Io6 and Mno4 is slow under ordinary 

conditions. The potentials for these oxidizing agents barely fall 

between the dotted lines of Figure 1. 

t 
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any stability in acid solution. Therefore we may justifiably 

consider only the simplified diagrams 

-0.54 -1.20 ca-1.7 
I I3 I0

3 
H

5
Io6 

Mn2+ -1.23 Mn0
2 

-1.69 Mn04 

If the reaction between iodide and permanganate is carried 

out with iodide in excess (as when permanganate is added dropwise 

to a hydriodic acid solution), then the products of the reaction 

must be compatible with the presence of iodide ion. Th·us under 

these conditions iodate cannot be formed, because iodate would 

react with excess iodide to form triiodide. Similarly, manganese 

dioxide cannot be formed because it is capable of oxidizing iodide. 

The observed net reaction is 

----~> 

If the reaction is carried out with permanganate in excess (as 

when iodide is added dropwise to an acidic permanganate solution) 

then the products of the reaction must be compatible with the 

presence of permanganate. Thus manganous ion cannot be formed, 

because it would react with permanganate to form manganese dioxide. 

The iodide would not be oxidized just to triiodide, because 

triiodide is capable of reducing permanganate. The fact that 

the I0
3 

-H
5

Io
6 

and Mn0
2

-Mn0
4 

half-reactions have potentials of 

similar magnitude complicates the problem. It turns out that 
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iodide is not cleanly oxidized to either iodate or periodic acid, 

but to a mixture of these products: 

3I + + llH + 2H
2

0 --> 

Notice that entirely different products are obtained when the 

reactant in excess is changed. 
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FIGURE CAPTION 

+ 
Figure 1. The H2-H and H2o-o2 oxidation potentials as a 

function of pH. 
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