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Practical and theoretical basis for performing redox-measurements in 
compacted bentonite – A literature survey  
 
ABSTRACT 
 

This report reviews the state-of-the-art with regard to redox measurements, especially in 

compacted water saturated bentonite, but also in natural systems like sediments and 

ground waters. Both theoretical and practical aspects of redox measurements are 

discussed, as well as some basic concepts like terminal electron-accepting processes 

(TEAPs) and oxidative capacity (OXC). The problems associated with the interpretation 

of measured electrode potentials are treated.  

 

Despite many practical and theoretical difficulties, redox measurements continue to be 

carried out by researchers all over the world. The over-all conclusion from the literature 

survey is that fruitful redox-measurements can be performed in compacted bentonite. 

Irrespective of whether the measured redox potentials are absolute or not, the use of 

electrodes provide a valuable tool for studying, e.g., long-term changes in the pore water 

of compacted bentonite and/or the diffusion of oxygen into a bentonite.  
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Puristetussa bentoniitissa tehtävien redox-mittausten käytännölliset ja 
teoreettiset perusteet - kirjallisuustutkimus 
 
TIIVISTELMÄ 
 

Tämä raportti tarkastelee redox-mittauksen kehityksen tasoa erityisesti puristetussa 

veden kyllästämässä bentoniitissa, mutta myös luonnollisissa systeemeissä kuten 

sedimenteissä ja pohjavedessä. Raportissa käsitellään teoreettisia ja käytännöllisiä 

näkökohtia sekä peruskäsitteitä kuten TEAP (terminal electron-accepting processes) ja 

OXC (oxidative capacity). Lisäksi tarkastellaan mitattujen elektrodipotentiaalien 

tulkintaongelmia. 

 

Useista käytännöllisistä ja teoreettisista vaikeuksista huolimatta, redox-mittauksia 

tehdään jatkuvasti ympäri maailmaa. Kirjallisuusselvityksen yleinen johtopäätös on, että 

on mahdollista tehdä hyödyllisiä redox-mittauksia puristetussa bentoniittissa. 

Välittämättä siitä ovatko mitatut potentiaalit absoluuttisia vai eivät, elektrodit ovat 

hyödyllisiä työkaluja, joilla voidaan tutkia esimerkiksi bentoniittin huokosveden 

pitkäaikaismuutoksia tai hapen diffuusiota bentoniittissa. 

 

Avainsanat: puristettu bentoniitti, redox-mittaus, Eh 
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1 INTRODUCTION 

This report is the result of a literature survey, which was made in order to determine 
the state-of-the-art with regard to redox measurements, especially in compacted wet 
bentonite, but also in natural systems like sediments and ground waters. The survey 
focussed on both theoretical and practical aspects of redox measurements. 
 
Knowledge about the redox state in, e.g., the bentonite buffer of a nuclear waste 
repository, is important. This was formulated more than twenty years ago in the 
following way:  
 

“The redox potential, Eh, and pH are the two main variables describing the 
interactions between the components of a nuclear repository and ground water. 
These variables are of prime importance for the corrosion of metallic materials, 
for the solubility and migration of actinides and therefore of great importance 
for the assessments of the over-all safety of the nuclear waste storage system” 
(KBS 1978, Wikberg et al. 1983). 

 
The report deals briefly with the theoretical basis for redox-measurement performed 
with inert metals against a reference electrode and treats also some basic concepts like 
terminal electron-accepting processes (TEAPs) and oxidative capacity (OXC).  
 
The report also touches upon the problem of properly interpreting measured electrode 
potentials. In systems containing only one redox couple, the interpretation may be 
rather straightforward. On the other hand, in the presence of several redox couples, it 
may be quite difficult, or even impossible, to evaluate properly the redox state of the 
system.  
 
Despite many practical and theoretical difficulties, redox measurements continue to be 
carried out by researcher all over the world. The report contains examples of both field 
studies and laboratory experiments. The latter ones include some studies on dilute as 
well as compacted bentonite-water systems.  
 
The over-all conclusion from the literature survey is that fruitful redox-measurements 
can be performed in compacted bentonite. Irrespective of whether the measured redox 
potentials are absolute or not, the use of electrodes provide a valuable tool for 
studying, e.g., long-term changes in the pore water of compacted bentonite and/or the 
diffusion of oxygen into a bentonite.  
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2  REDOX THEORY 

2.1 Basics 

Redox-reactions are common chemical processes involving the transfer of electrons 
between electron donors and electron acceptors. In the simplest case electron-transfer 
takes place within a single redox-pair 

where ox is an electron acceptor, red is an electron donor, e- is an electron, and n is the 
number of electrons transferred. A common example of such a reaction is the 
reduction of the ferric iron  

A generalized cell reaction may be written in the form (e.g., Moore 1972) 

where �i is the stoichiometric number associated with the chemical component Ai. By 
using the convention that stoichiometric mole numbers are negative for reactants and 
positive for products, the reaction (2.3) can be written as  

and the corresponding equilibrium constant Q as 

where ai is the activity of component i. 
 
Inert metal electrodes (usually platinum) are widely used to measure the redox 
potentials of chemical systems. The inert metal electrode is used in conjunction with a 
reference electrode to form a complete cell. The redox potential E is obtained from the 
potential of the cell by adding the appropriate value for the reference electrode 
corrected for liquid junction effects (Whitfield 1969). The transfer of electrons is 
associated with changes in the electric energy. If the measuring electrode and a 
reference electrode are placed in an aqueous solution in which redox-reactions occur, 
then the thermodynamic relationship between E and the solution composition is given 
by the Nernst equation (e.g. Bricker 1982):  

where R is the gas constant, T is the absolute temperature, F is the Faraday’s constant, 
n is the number of transferred electrons in the reaction, and E0 is a constant. E0 is the 
value of E when all participants with exception of H+ are present at unit activity (e.g., 
Stumm 1967). An expression similar to (2.6) was given by Nernst in terms of 

ox + ne-   red    (2.1) 

Fe3+ + e-   Fe2+     (2.2) 

�1A1 + �2A2 + �3A3 + ···  �nAn + �n+1An+1 + �n+2An+2 +  ··· (2.3) 

log
303.20

nF
RT

EE −= Q    (2.6) 

i
ii

aQ νΠ=      (2.5)

0=� i
i

i Aν      (2.4)
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concentrations instead of activities. E is often written as Eh when measured against the 
standard hydrogen electrode (SHE). 
E0, the standard emf of an electrolytic cell, is related to the equilibrium constant of the 
cell reaction, K, in the following way: 

The determination of the standard emf of a cell is therefore one of the most important 
procedures in electrochemistry (Moore 1972). 
 
Sillén (1967) introduced the concept of p�, which was defined as the negative 
logarithm of a hypothetical electron equilibrium activity, ae-,  

p� expresses the relative tendency of a solution to accept or transfer electrons (Stumm 
and Morgan 1996). Equation (2.8) is similar to the definition of pH 

where aH+ is the activity of the hydrogen ion. The similarity between the two concepts 
is manifested not only in their definitions but also in the way they describe the 
corresponding properties of aquatic solutions. Thus, when a solution changes from 
being reducing to being oxidizing, then p� changes from a low value to high one in a 
way similar as pH does when a solution a changes from being acid to being alkaline.  

 
However, there are important differences between p� and pH (see e.g., Peiffer et al. 
1992, Stumm and Morgan 1996): H+ exists is water (as a hydrated species), but e- does 
not. This difference explains to some extent why pH-changes are relatively fast, while 
redox-changes, on the other hand, are often slow. 

 
In case of a redox-reaction at equilibrium, there is a simple relation between p� and the 
potential E (Stumm and Morgan 1996)  

where the symbols are defined as before.  
 

Another redox parameter that is frequently used is the operational parameter pe, which 
was introduced by Frevert (1984). pe is defined analogously to p� as 

where Eh is the measured electrode potential converted to the SHE scale. pe is 
considered to indicate the redox conditions of a bulk solution without thermodynamic 
equilibrium of the redox system under consideration (Frevert 1984).  

pH = -log10 aH+    (2.9) 

=∆−=
nF
G

E
0

0 K
nF

RT
log

303.2
   (2.7) 

 

p� = -log10 ae-    (2.8) 

E
RT

F
p

303.2
=ε   and  00

303.2
E

RT
F

p =ε   (2.10) 

Eh
RT

F
pe

303.2
=      (2.11) 
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The use of pe and p� has given rise to much debate. The arguments against the use of 
these redox parameters highlight the difficulties involved in making meaningful 
thermodynamic interpretations, when multi-component systems are not in equilibrium. 
The arguments for the use of pe and p� stresses that valuable semi-quantitative 
information can be obtained and that pe and p� (or Eh) can be used as an operational 
parameter, as is demonstrated below. The debate concerning the physical meaning of 
pe will probably continue. However, from a practical point of view, the following 
remark may suffice: “pe is basically a numerical transformation of Eh, but it has an 
appealing analogy to pH, and there is nothing wrong in using it, whatever it ‘really’ 
means.” (Anderson and Crerar 1993).  
 
Peiffer et al (1992, 2000) discussed from a theoretical point of view the applicability 
of measured redox potentials, and the p� concept, to natural systems. Peiffer et al. 
compare p� with pH and claim that the application of the pH concept in aqueous 
systems is reasonable, because thermodynamic equilibrium for acid/base reactions can 
be assumed (high reaction rates), and because hydrated hydrogen exist as a detectable 
component in solution. On the other hand, the application of the p� concept to natural 
aquatic systems is “very problematic”. This is, Peiffert et al. argue, because of the 
presence of numerous redox couples, which are not necessarily in equilibrium with 
each other. Consequently, it is not possible to define a unique p� to characterize the 
whole redox system. Similar remarks have also been made by others, e.g., Lindberg 
and Runnels (1984), Stumm and Morgan (1996), and Wolery (1992). Furthermore, 
there are no free electrons in aqueous solution which could react with a redox 
electrode like the H3O+ ions do with the pH electrode. Therefore, the nature of an 
electrode potential at a redox electrode is more complex and less straightforward to 
understand, than that at a pH electrode. Wolery (1992) points out that the concept of a 
“system“ Eh or “system“ pe is based on the assumption that all redox reactions in an 
aqueous system are in a state of thermodynamic equilibrium, which is a poor 
assumption for most real systems. In the rush to interpret geochemical data by means 
of Eh-pH diagrams, this point is often forgotten or simply ignored. This has had the 
unfortunate consequence of legitimizing these variables as all-encompassing redox 
descriptors in the minds of many students.  

 
Despite these facts, redox electrodes are frequently used to characterize the redox state 
by a single measurement assuming equilibrium. However, it has been argued that a 
potential E measured in an environmental sample cannot be interpreted, because 
1) various reactions take place at the electrode surface and 2) many of these reactions 
are not at equilibrium (e.g., Morris and Stumm 1967, Whitfield 1972, Vershinin and 
Rosanov 1983, Stumm 1984, Stumm and Morgan 1996).  
 
2.2 Electrode reactions 

 
The understanding of redox measurements requires some insight in the reactions that 
take place between the surface of the measuring electrode and the solution. Following 
Peiffer et al (1992) a redox electrode placed in water will tend to equilibrate 
electrochemically with dissolved electroactive species. This means that forward and 
backward reaction rates of the electron transfer processes via the electrode surface  
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Figure 2.1 Homogeneous redox reaction in an aqueous solution and heterogeneous 
electron transfer across the surface of a platinum electrode. (From Peiffer et al. 
1992.) 
 
 
tend to counterbalance each other. Peiffer et al. consider a single redox couple j, and 
let kfj

sol and kbj
sol denote the homogeneous forward and backward rate constants, 

respectively, of its electron transfer in solution, and kfj
el and kbj

el denote the 
heterogeneous forward and backwards rate constants, respectively, of the electron 
transfer through the electrode interface (Figure 2.1). The oxidation process induces an 
anodic current iaj, and the reduction process a cathodic current icj. The currents iaj and 
icj can be written in the follow ways: 

 
where coxj and credj are concentrations of oxidized and reduced species, respectively, at 
the electrode surface, nj is the number of electrons per molecule of oxidized or 
reduced, and A is the electrode area. The rest of the symbols have been defined 
previously.  
 
At equilibrium the net current becomes zero, and the exchange current i0j can be 
written  

 
The exchange current i0j does not depend on the potential E. Under those zero net 
current conditions, a measured potential E at the electrode surface (vs. SHE) equals the 
equilibrium potential in the Nernst equation. 

 
The heterogeneous rate constants kfj

el and kbj
el depend strongly on the interfacial 

potential difference  

FAncki joxj
el
fjaj =       (2.12) 

FAncki jredj
el
bjcj =       (2.13) 

cjajj iii ==0       (2.14) 
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where �j is the electrodic transfer coefficient of the redox reaction j, and k0j

el is the 
standard rate constants of a redox couple. k0j

el depends neither on the potential E nor 
on the concentrations coxj or credj.  

 

 
Under non-equilibrium conditions, �iaj� differs from �icj�, implying the existence of 
an individual net current inetj, which is characteristic for a certain redox couple. The 
corresponding potential E differs from Eeqj. The Butler-Volmer equation combines the 
deviation of E from the equilibrium potential Eeqi with the individual net current inetj: 

 
where inetj is the net current of the redox couple j(A), i0j is the exchange current the 
species j with the electrode (A), E is the potential of the electrode versus SHE, and (E-
Eeqj) is the overpotential of a single redox couple. The Butler-Volmer equation is 
discussed in some detail in Appendix A1. 

 
It should be stressed that i0j depends on both the kinetic characteristics of the redox 
couple j and the concentrations of the electron donors and acceptors, see 2.12 and 2.13 
above. The establishment of an equilibrium at the electrode surface is slow if the 
heterogeneous rate constants and/or the concentrations are very low. 
 
Since inetj is associated with a single redox couple, the total net current inettot in a 
system with m redox couples is given by 

This total net current must flow in the measuring circuit and will, consequently, be 
restricted in magnitude by the characteristics of the input resistance of the 
potentiometer used. The total net current is  

where Ri is the resistance of the potentiometer. 
 

�
�

�
�
�

�
−

−
= )(exp 0

0 eqj
jjel

j
el
fj EE

RT

Fn
kk

α
     (2.15) 

�
�

�
�
�

�
−

−
= )(

)1(
exp 0

0 eqj
jjel

j
el
bj EE

RT

Fn
kk

α
     (2.16) 

�
�

�
�
�

�

�
	



�
�


−−−
�
	



�
�


−−= )()1(exp)(exp0 eqj
j

jeqj
j

jjnetj EE
RT

Fn
EE

RT

Fn
ii αα  (2.17) 

�
=

=
m

j
netjnettot ii

1

     (2.18) 

i
nettot R

E
i =       (2.19) 
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By using the theory outlined above, Peiffer et al. deduced a formula that combines the 
p� concept based on homogeneous redox reactions, with a kinetic approach, based on 
heterogeneous redox reactions:  

Six variables are required for calculating a single net current inetj: the heterogeneous 
rate constants kfj

el, and kbj
el, the concentrations coxj and credj, the overpotential (E-E0), 

and the transfer coefficient �j. Peiffer et al. conclude that, “a prediction of pe requires 
enormous efforts in measuring all these electrode kinetic parameters”, but also 
mention a few examples where this has actually been done (Bockris and Huq 1956, 
Allen and Hickling 1957, Spiro 1964, and Tanaka and Tamamushi 1964). 

 
The influence of the single electrode kinetic parameters on the potential E is shortly 
discussed by assuming that 1) only three electroactive couples are present in the 
solution, 2) the concentrations of oxidized and reduced species are equal, i.e. 
coxj=credj=Cj, and 3) no transport limitations exist, i.e. the concentrations coxj and credj at 
the electrode surface equal those in the bulk solution. These assumptions also leads to 
the result that the forward and backward heterogeneous rate constants are equal, i.e. 
kfj

el=kbj
el=k0j

el. 
 
Figure 2.2 shows a typical mixed potential for three redox-couples having the same 
values of k0j

el (10-9 m s-1), cj (0.001 mol L-1) and the transfer coefficient �j (0.5), but 
different Eeqj (-0.15, -0.1 and 0 V). 

Figure 2.2. Computed current-voltage curve for a system containing three redox 
couples with high exchange current providing a mixed potential. The dots show the 
assumed individual equilibrium potentials (-150, -100 and 0 mV) for the three redox 
couples and the total equilibrium potential. (From Peiffer et al. 1992.) 

[ ])()1()(

1
0 1010

303.2
jjjjjj ppenppen

m

j
ji iR

RT
F

pe εαεα −−−−

=

−= �   (2.20) 
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Heterogeneous rate constants 
 
The effect of the heterogeneous rate constants k0j

el was demonstrated by assuming two 
different sets of k01

el, k02
el, k03

el-values. In the first case, the following values were used 
k01

el=10-9, k02
el = 10-11, and k03

el = 10-9 (m s-1). The calculated resulting potential is then 
goverened by the couples 1 and 3, which have rate constants that are a factor 100 
higher than the third couple. In the second case, the values used were k01

el=10-9, 
k02

el=10-11, and k03
el=10-11 (m s-1). Consequently, only redox couple 1 was governing 

the potential. Figure 2.3 shows the current-voltage relation in the two cases. It is 
clearly seen, that the resulting calculated potential E is quite different in the two cases. 
It is noteworthy that this difference is not related to an assumed change in the bulk 
chemistry, but only to the assumed value of single redox-pair’s rate constant of 
electron transfer through the electrode interface.  

 
Figure 2.3. Calculated influence of the heterogeneous standard rate constant k0j

el on 
the individual net currents inetj and the equilibrium potential E. Upper diagram: 
potential controlled by redox couples 1 and 3. Lower diagram: potential controlled by 
redox couple 1. See text for discussion. (From Peiffer et al. 1992.)  
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Concentration 
 
The concentration of redox couple 1 was varied between 10-6 and 10-3 mol L-1 using 
the data set for the lower diagram in Figure 2.3. The results of this sensitivity analysis 
caused Peiffer et al. to formulate the following rough rule: “A redox couple j will 
efficiently outcompete another redox couple h at the electrode surface, if either the 
parameters k0j

el or cj or both increase the net current inetj for the redox couple j by at 
least two orders of magnitude over the net current ineth of the redox couple h. The 
overpotential (E-Eeqj) has to be assumed not to be too high.” 
 
Transfer coefficient 
 
Sensitivity analyses of the transfer coefficient �j showed that this parameter had 
almost no effect on the value of E. Thus, the approximation �j � 0.5 caused only a 
negligible error. 
 
Overpotential 
 
Based on a sensitivity analysis, Peiffer et al. conclude 1) that the overpotential (E-Eeqj) 
is the most important parameter in controlling the potential E at the electrode, and 2) 
tat an overpotential of e.g. 0.45 V will not contribute to E if its standard rate constant 
k0j

el is 3 orders of magnitude less than the highest standard rate constant. A redox 
couple with a higher overpotential will substantially affect the potential at the 
electrode surface. However, one has to be aware that overpotentials as discussed above 
will exist under realistic conditions only for very short time intervals. If the 
homogeneous rate constants kfj

sol and kbj
sol are not too low, redox couples with such a 

difference in equilibrium potential and at such concentrations will tend to react with 
each orhter homogeneously. The overpotentials will be rapidly diminished. The 
resulting shift of the electrode potential E will therefore reflect a change of 
concentrations oxj and redj due to a homogeneous redox reaction. It is also possible 
that low homogeneous reaction rates hinder a given redox couple from reaching 
equilibrium rapidly. A substantial overpotential at the surface of the electrode may be 
the consequence. If in this case the heterogeneous reaction rates of the redox couple 
are high, we will see a catalytic effect of the redox electrode. 
 
SERC and SIRC 
 
Peiffer et al. distinguish between two types of redox couples, SIRC and SERC, which 
they define as follows: 
SERC (sensor effective redox couple): 

 
A SERC is a redox couple for which either i0j or the overpotential (E-Eeqj) or both are 
so high that the resulting individual net current at the electrode surface inetj is greater 

SERCredj   SERCoxj + nje-   (2.21) 
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than 1/100 of the highest inetj. In other words, the couple contribute significantly to the 
value E. 
 
SIRC (sensor ineffective redox couple): 

A SIRC is a redox couple with a resulting inetj less than 1/100 of the highest inetj, i.e. it 
has almost no influence on the value of E. It should be stressed that both definitions 
are relative to the solution under consideration. If only SERCs are potential-
contributing redox couples, then (2.20) reduces to (with �j=0.5): 

 
where l � m (m is the total number of redox pairs).  
 
p�j for a single SERC j can be written  

Peiffer et al. (1992) mention a few examples from the literature, which show that 
under certain conditions measurements of pe can be correlated to a p� characteristic of 
a single redox couple. Among the examples mentioned are studies of the sulphur redox 
couple S(-II)/S(0) in marine and saline lake waters (e.g., Whitfield 1969) and studies 
of the Fe2+/Fe3+ couple under anaerobic conditions (Grundl and Macalady 1989). In 
these cases, there was apparently only one SERC that outcompeted other electrode-
active compounds in the natural water samples. However, most natural waters contain 
more than one SERC and thus equation (2.21) has to include several redox couples 
(e.g., Fe2+/Fe3+, Mn(II)/Mn(IV), S(-II)/S(0), H+/½H2). In addition, organic substances 
may have to be considered. For example, organic substances with a quinonic structure 
or a disulphide bridge, may be electroactive at the electrode (Clark 1960) as well as 
donor-acceptor complexes containing a central atom which is able to change its 
valence (Theis and Singer 1974).  
 
Peiffer et al. summarised their conclusions concerning redox-measurements in aquatic 
solutions in the following way: ”The purpose of making redox-measurements is to find 
a master variable for the oxidation or reduction intensity of aquatic solutions. 
However, summarizing the conditions above, a measured potential is a mixed potential 
and represents the interaction of all sensor effective redox couples (SERCs) in the 
solution with the electrode surface. However, a quantitative thermodynamic 
interpretation is hardly possible. An interpretation of pe is possible only if eq. (2.24) is 
parameterized for the aqueous solution under view. All SERCs have to be known, 
their concentrations, standard potentials, and their exchange currents, which is again 
contrary to the object of the measurement.” The reader is referred to basic text-books 
for a more detailed discussion of the basics concerning electrochemistry, e.g., 

SERCredj   SERCoxj + nje-   (2.22) 

��

�
��

� −⋅
−

= �
=

)(
2
303.2

sinh2
303.2 1

0 jj

l

j
ji ppeniR

RT
F

pe ε    (2.23) 

[ ]
[ ]red

oxj

j
j

j
j SERC

SERC

n
K

n
pe 1010 log

1
log

1 +=     (2.24) 
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Newman and Thomas-Alyea (2004). Although the conclusions by Peiffer et al. may 
give the impression that redox measurements provide little or no information, Chapter 
5 provide some examples of the opposite. 
 
2.3 Redox diagrams 
 
The theoretical basis outlined in the previous sections offers possibilities to describe 
aqueous redox systems in simple, but very comprehensive, ways. One of the tools for 
this purpose is the commonly used pe-pH predominance-area diagram, which shows 
pe as a function of pH for a given system. Briefly, such a diagram contains several 
areas, each of which represents a situation where a certain species predominates. The 
construction of pe-pH diagram is found in basic text-books (e.g. Pankow 1991, Stumm 
and Morgan 1996) and will not be discussed here. Figure 2.4 shows a conventional pe-
pH diagram for a given Cu-solution. The diagram, made for demonstration purposes 
only, was made using the MEDUSA code (Puigdomenech 1999). However, the 
construction of the classical pe-pH diagram is often a poor approximation of the 
system of interest and the construction of straight lines from the condition of equality 
between two species has been claimed to be “illicit” (Kölling et al. 2000). 
 
Another common tool for presenting redox systems is a relative electron free energy 
diagram, mostly referred to as the redox ladder. It consists of a vertical line with 
horizontal rungs, each of which is associated with a certain redox couple. Beside the 
ladder is a pe, or Eh, scale, see Figure 2.5. In a system with several oxidants (and 

Figure 2.4. pe-pH diagram created with the MEDUSA program. System: Aqueous Cu-
solution with [Cu]TOT = 10 µM, I = 0.1 M, and t = 25°C. 
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Figure 2.5. Redox ladders at pH 5 and pH 7 for a solution with five redox-pairs. 
Variations in pH lead may in some cases change the relative order of the redox 
couples as is demonstrated by the sulfur and iron couples.  
 
 
The scale of the ladder is the pE of the redox couple at constant pH. The redox couple 
on each rung is written with its oxidized form on the left side and its reduced form on 
the right. The activities of the oxidant and reductant of each redox couple are assumed 
to be equal. The strongest oxidants are at the top and the strongest reductants are at the 
bottom. Written in this way an oxidized species (on the left-hand side of the rung) can 
oxidize all reductants (written on the right-hand side of the rung) below its own 
position. The exact location of each rung is given by the equations presented above. In 
case of a half-reaction involving two dissolved species having the same number of 
atoms of the redox-active element, the two species are assumed to have the same 
activity.  
 
When electron donors are added to a system containing several redox couples, the 
lowest unoccupied levels will be filled up sequentially, i.e. the oxidized species will be 
reduced in sequence, beginning with the species with the lowest unoccupied electron 
level. The energy �G gained in such processes per mol of electrons transferred is 
given by: 

where p�1 < p�2 and all other symbols have the same meanings as before. Further 
details are found in e.g., Morel 1983, Stumm and Morgan 1996, and Schüring et al. 
(2000). 
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2.4 Oxidative and reductive capacity 
 
Scott and Morgan (1990) introduced the concepts of oxidative capacity (OXC) and 
reductive capacity (RDC): ”Operationally OXC can be defined as the equivalent sum 
of all oxidants that can be reduced with a strong reductant (e.g., H2, H atoms, 
electrons) to an equivalence point. Similarly, RDC can be defined from the oxidation 
of reductants by a strong oxidant (e.g., O2 atoms) to a preselected point. At every 
equivalence point a particular electron condition defines a reference level of atoms. 
OXC and RDC can be defined as  

where [ox]i and [red]i represent the molal concentration of the individual oxidants and 
reductants of the system and ni is the number of equivalent electrons that are 
transferred.”  
 
The main advantage of OXC is its ability to condense information. Gao et al. (2002) 
noted that the OXC is a capacity-type parameter that utilizes a comprehensive 
chemical analysis of water into a single descriptive parameter.  
 
2.5 Terminal electron accepting processes (TEAPs) 
 
Limitations of Eh measurements in sediments 
 
Lovley and Goodwin (1988) compared redox potentials reported in the literature to be 
associated with various reactions in anaerobic sedimentary environments. It was found 
that Eh, as measured with electrodes, can not be used to predict the predominant redox 
reaction in anaerobic sediments. In general, the measured potential encompassed a 
wide range and there was a significant overlap in the redox potentials reported for 
different reactions. Investigators had found quite different redox potentials to be 
associated with the same reactions. Consequently, the range of compiled redox 
potentials could ambiguously be interpreted as indicating that reduction of either 
oxygen, Mn(IV), sulfate, or carbon dioxide was the predominant redox reaction.  
 
TEAP – an alternative to Eh 
 
Lovley et al. (1994) argued that a parameter that could identify the redox reactions 
taking place in anoxic ground water, which was real (i.e., actually existed and could be 
measured in ground water) and reflected the inherent non-equilibrium nature of most 
ground waters, would be more helpful than pe. At the circumneutral pH and low 
temperatures of most ground waters, many of the most significant anoxic redox 
reactions such as nitrate reduction, Fe(III) reduction, sulphate reduction, and methane 
are catalyzed by micro-organisms. In micro-organisms, the flow of electrons from 
organic matter to inorganic electron acceptors requires electron transfer through 
various intermediary compounds and electron transport chain components before 
finally being passed to the electron acceptors from the external environment. Thus, the 
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electron acceptors such as nitrate, Fe(III), sulphate, and carbon dioxide are referred to 
as terminal electron acceptors, and the reductions of these electron-acceptors are 
known as terminal electron-accepting processes (TEAPs). A non-equilibrium analysis 
of redox processes that takes into account the biochemical constraints on the various 
TEAPs might provide a better description of redox chemistry in ground water than the 
equilibrium thermodynamic approach. 
 
H2 as a redox indicator 
 
Given the limitations of redox measurements, it had been suggested that the presence 
or absence of redox active compounds like oxygen, hydrogen sulphide, iron species, or 
methane, might be a more informative indicator of predominant redox reactions in a 
given sediment (Berner 1981, Stumm and Morgan 1981, Lindberg and Runnells 
1984). Since none of these indicators is universally useful, Lovley and Goodwin 
(1988)1 proposed the measurement of hydrogen concentration as an useful indicator of 
which microbially catalyzed redox reactions are taking place in sedimentary 
environments. In these environments, the redox reactions of greatest geochemical 
significance are often the reduction of the terminal electron acceptors (most notably 
oxygen, nitrate, Mn(IV), Fe(III), sulfate and carbon dioxide) coupled to the oxidation 
of organic matter. 
 
Hydrogen concentrations have been proposed as a microbially based, non-equilibrium 
alternative to pe for elucidating which reactions are taking place in anoxic 
environments (Lovley et al. 1994). H2 is an important intermediate in the microbial 
oxidation of organic matter coupled to the reduction of many inorganic electron 
acceptors and, under steady-state conditions when TEAPs are generally segregated 
into distinct zones, there is a clear correspondence between H2 concentrations and the 
predominant TEAPs in aquatic sediments.  
 
Sediments with the same terminal electron-accepting process had remarkably similar 
hydrogen concentrations. This was true whether an electron acceptor was added to the 
sediments to establish the particular redox reaction or whether the sediments were 
unamended. The hydrogen concentrations in sediments with different terminal 
electron-accepting processes were distinctly different. As predicted from the apparent 
thermodynamic control on the physiological characteristics of hydrogenconsuming 
bacteria (Lovley and Goodwin 1988), hydrogen concentrations for the various 
sediments followed the order: methanogenic > sulfate-reducing > Fe(III)-reducing > 
Mn(IV)- and nitrate-reducing, see Figure 2.6.  
 
Another example of the use of TEAPS was given by Chapelle et al (2002). They 
assessed the distribution of TEAPs in gasoline-contaminated ground water 1) by 
documenting the availability of particular electron acceptors (oxygen, nitrate, Fe(III), 
sulfate), 2) by showing the distribution of characteristic final products (Fe(II),  

                                                 
1 The H2 concentrations associated with the specified predominant terminal electron-accepting reactions 
in bottom sediments of a variety of surface water environments were: methanogenesis 7-10 nM, 
sulphate reduction 1-1.5 nM, Fe(III) reduction 0.2 nM, Mn(IV) and nitrate reduction < 0.05 nM. 
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Fig 2.6. Hydrogen concentrations in sediments with different predominant terminal 
electron-accepting processes. (From Lovley and Goodwin 1988.) 
 
 
sulphide, methane), and 3) by measuring concentrations of intermediate products 
(hydrogen) of microbial metabolism. This methodology showed that redox conditions 
changed continuously since the initial spill occurred in 1990. In 1994 oxygen had been 
depleted in the contaminated zone, and Fe(II) and sulphate reduction were the 
predominant TEAPs. No methanogenesis was not measurable. In 1996: depletion of 
Fe(III) and sulphate resulted in the initiation of a discrete methanogenic zone in the 
source area. Between 1996 and 2000: this methanogenic zone progressively grew until 
most of the plume core was dominated by methanogenic metabolism. These dynamic 
spatial and temporal changes in TEAPs, which have been documented in several other 
sites as well, appear to be characteristic of redox processes in contaminated ground 
water systems. The methodology for deducing TEAPs, which was illustrated in by 
Chapelle et al. by application to a gasoline-contaminated aquifer, is generally 
applicable to all ground water systems. 
 
2.6 Oxygen fugacity as a redox indicator 
 
Anderson and Crerar (1993) pointed out that the most widely used measure of 
oxidation state in lower temperature aqueous and sedimentary systems is the oxidation 
potential, Eh. This parameter is easy to use at Earth conditions (near 25°C, 1 atm), 
mainly because it is convenient to use an electrochemical method, which gives Eh 
directly. At higher temperatures, however, electrochemical cells become difficult to 
operate, especially as water is not present. Although redox conditions (however 
measured) can still be reported as Eh, it may in fact be simpler to use a more direct 
measure such as the oxygen fugacity, fO2. Anderson and Crerar claim that Eh is less 
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useful than fO2 in reporting of redox-conditions, because Eh is so commonly associated 
with pH. Thus, without an accompanying value for pH, the reporting of Eh may 
become meaningless. This is easily seen in any Eh-pH diagram, in which an Eh of 0.0 
volts indicates much more reducing conditions at pH 2 than it does at pH 10.  
 
Anderson and Crerar point out that the conversion from an Eh-pH point to a log fO2 
value is very simple and could be made using an equation like  

where all symbols have their previous meanings. The derivation of the equation (2.27) 
is based on the Nernst equation and knowledge about the redox reaction involved.  
 
 

pHfE oh 0592.0log0148.023.1 2 −+=     (2.27) 
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3 REDOX DATA INTERPRETATION 

The relative ease by which Eh is measured in various systems is accompanied by well-
known difficulties in its interpretation. Ríos-Mendoza et al. (2003) recently recognized 
this in the following way: “There are many publications regarding redox-
measurements in natural aqueous systems. However, the values obtained have not 
been easy to interpret and it has not been possible to explain whether the pE measured 
characterizes all the redox system (e.g., Morris and Stumm 1967, Whitfield 1969, 
1974, Stumm 1978, Champ et al 1979, Bricker 1982, Peiffer et al. 1992). Hence, to 
make quantitative thermodynamic interpretations of pE would mean knowing all the 
redox pairs detected by the sensor and their respective concentrations, which would 
not be very practical.” 
 
3.1 Eh as an operative parameter 
 
Whitfield (1969) discussed the use of Eh as an operational parameter in estuarine 
studies performed with a platinum electrode and a reference electrode. Figure 3.1 
indicates that there are several problems that reduce the reliability of such 
measurements in the natural aqueous environment. The electrodes disturb the  

Figure 3.1. Problems associated with Eh measurement: 1) release of gases, 
2) introduction of air, 3) liquid junction effects a) suspension effect, b) precipitation of 
sulphides, 4) direct attack of platinum, 5) trace component controlling potential, 6) 
whole system out of equilibrium, 7) microenvironments may be important. (From 
Whitfield 1969.)  
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environment and may either release gases or introduce air into the sample (1 and 2). 
The liquid junction between the sample solution and the reference electrode can give 
rise to erroneous potentials (3). The most difficult problems are those associated with 
the performance of the platinum electrode and the relationship between the measured 
potential Eh and the overall redox potential of the system. In simple chemical systems, 
special precautions are required to prevent the inert metal surface from being poisoned 
and to ensure that secondary reactions do not take control of the electrode response. In 
fact, some components such as sulphides may attack the metal surface and give rise to 
irreversible reaction potentials (4). 
 
The redox potential depends on the ratio of oxidized to reduced forms in the system 
(see the Nernst equation) and not on their absolute concentration. Consequently, a 
highly reversible redox reaction that has little significance in the over-all chemistry of 
the environment may be responsible for fixing the potential at the inert metal surface 
(5). The measured potential will then only be significant for that particular redox 
reaction since such reactions are usually poorly coupled in natural systems (Morris and 
Stumm 1967). Finally, the measured potential will not be a true equilibrium potential 
(6) since no natural system in which organisms participate can be in equilibrium � 
although it may approach a steady state. 

 
Whitfield stresses that despite the controversy concerning the quantitative 
interpretation of Eh, it can still be a useful in, e.g., characterizing sediments. To be 
useful in this sense, certain requirements must be fulfilled: Eh must 1) exhibit a wide 
range of values, 2) be relatively simple to measure, 3) possess definite, preferably 
quantitative, links with the important chemical and biological processes controlling the 
environment, and 4) be sufficiently stable to give coherent and intelligible results. 
None of these criteria demands a quantitative interpretation of Eh, which can therefore 
be used as an operational parameter. All that is required is that gross differences in Eh 
(±50 mV) should reflect changes in the redox condition of the sediment. Whitfield 
cites Stumm (1965) who states that even the severest critics of the Eh method concede 
that natural media containing quantities of oxidizing agents give measurements of high 
Eh values and those containing large quantities of reducing agents have low potentials. 
 
3.2 Is there a single redox parameter? 
 
Frevert (1984) discussed whether the redox conditions in natural waters can be 
predicted by a single parameter, and focussed, among other things, on the pH and 
p�/pe concepts. One important difference between the two is that acide-base reactions 
(associated with pH) belong to the most rapid chemical reactions, so that equilibria are 
the normal case, while, on the other hand, redox-reactions (associated with p�/pe) in 
natural systems are often slow.  

 
There are no basic problems to verify the concept of the conventional pH scale in 
multi-component acid-base solutions. This is not, however, the case with redox 
measurements. p� cannot operationally be verified due to conventional scales (except 
for a few insignificant cases). Unlike pH, redox intensities of multicomponent systems 
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corresponding to p� > -7 cannot be defined by the concentration of the conventional 
reference components, i.e. the electron concentration 10-p� mol L-1.  

 
Frevert (1984) concluded the following concerning redox measurements in natural 
waters: 
- p� is the master variable in order to compute redox eqiulibria or the maximum free 

enthalpies of redox reactions in a closed, but otherwise undefined system. 
- Unlike pH, p� cannot operationally be defined in most natural waters neither by an 

electrode response nor by conventional reference component ([H2]) which will be 
usually below any detection limit. The postulate of a predominant redox equilibrium 
determining the conditions is theoretically possible but stoichiometrically and 
kinetically vague. 

- pe (	-log ae (sensor)) represents an operational approach to describe redox conditions 
under stationary states. The redox condition is defined by the response of a sensor 
which allows the prediction and control of real redox processes; corresponding pe 
values are evaluated from (feedback control) experiments. 

 
A direct comment to the article by Frevert (1984) was given by Stumm (1984), who 
discussed the interpretation and measurement of redox intensity in natural waters. 
Frevert is given credit for proposing – for equilibrium systems – a distinction between 
a conceptually defined redox intensity, p�, and an operationally defined redox 
condition under stationary states, pe, as given by the response of a sensor electrode, 
and for pointing out that p� need not relate to pe. Stumm defined pe as “the 
(hypothetical) electron activity at equilibrium which measures the relative tendency of 
a solution to accept or transfer electrons” (Stumm and Morgan 1981, 1996). This free 
energy change �G can be expressed as a redox potential in volts (cf. equation 2.23). 
Electron activities may be defined in any equilibrium systems where the free activities 
of reductants and oxidants are defined. Stumm also stresses explicitly that the use of 
electrons in redox reactions does not at all imply that such electrons exist as species in 
waters. 
 
Stumm (1984) speculates on whether p� can be defined for a non-equilibrium system. 
In a system containing several redox couples, the activity of each redox species is a 
function of (the same) p�. However, since many redox processes are slow and do not 
couple with each other readily, it is possible to have different redox levels in the same 
locale (see Figure 3.2). The various components are obviously not in equilibrium with 
each other, and the system can therefore not be characterized by a unique p�. Similar 
viewpoints were expressed by Anderson and Crerar (1993), who mention a lake-
bottom water as an example of a multi-component redox system. If the water contains 
redox-species like Fe2+/Fe3+, Mn2+/Mn3+/Mn4+; H2S/SO4

2- and a stable redox reading is 
obtained, then it is not clear what particular redox couple is involved.  
 
Stumm (1984) asks rhetorically whether different “inert” electrodes “feel” the same 
redox level and whether the pe measured by a measuring electrode “sense” the same 
pe as organisms would sense. Stumm thought that one cannot give an affirmative 
answer to such simple questions. However, a general conclusion can be made: “If we  
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Figure 3.2. p� of seawater. Different p� values can be calculated for a few activities of 
redox components of an oxic seawater system (atmosphere, hydrosphere and 
sediments). It is difficult to characterize the real system by a unique p�. (From Stumm 
1984). 
 
calculate a p� or a redox-potential for each analyzed couple and if all computed values 
agree, redox equilibrium exists in the sample; disagreement suggests that the system is 
not at equilibrium.” 
 
It does not seem possible to relate unambiguously a measured pe to a single redox 
couple in the natural water system or to that redox couple which is dominant for the 
ecology or the preponderant redox-mediating micro-organisms, because the measured 
“steady state” potential is given by the redox system with the highest rate of exchange 
with the electrode, or the measured potential corresponds to a composite of two or 
more redox processes (mixed potential). The fact that a p� computed from an analyzed 
“indicator” couple, e.g. pO2 coincides approximately with that of a measured pe, 
should not be taken as evidence that the electrode “senses” a master couple. Stumm 
(1984) finishes by stating “I believe it is better to measure analytically important redox 
species, dissolved oxygen, soluble Fe2+, Mn2+, hydrogen sulphide or methane as 
guides to the redox status of the waters.”  
 
3.3 Sensor effective redox couples 
 
The difficulties involved in the interpretation of redox potentials measured in aqueous 
solutions were stressed even more strongly by Peiffer et al. (1992), who stated that “a 
measured potential is a mixed potential and represents the interaction of all sensor 
effective redox couples (SERCs) in the solution with the electrode surface. However, a 
quantitative thermodynamic interpretation is hardly possible. An interpretation of pe is 
possible only if eq. (2.22) is parameterized for the aqueous solution under view. All 
SERCs have to be known, their concentrations, standard potentials, and their exchange 
currents, which is again contrary to the object of the measurement.”  
 
Having said that, Peiffer et al. admit, however, that the literature do contain cases 
showing that under certain conditions, measured pe-values can be correlated to a p� 
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characteristic of a single redox couple. Among the examples mentioned are studies of 
the sulphur redox couple S(-II)/S(0) in marine and saline lake waters (e.g., Whitfield 
1969) and studies of the Fe2+/Fe3+ couple under anaerobic conditions (Grundl and 
Macalady 1989). Peiffer et al. state that in these cases, there was apparantly only one 
SERC that outcompeted other electrode-active compounds in the natural water 
samples. However, most natural waters contain more than one SERC and thus 
equation (2.21) has to include several redox couples (e.g., Fe2+/Fe3+, Mn(II)/Mn(IV), 
S(-II)/S(0), H+/½H2). In addition, organic substances may have to be considered. For 
example, organic substances with a quinonic structure or a disulphide bridge, may be 
electroactive at the electrode (Clark 1960) as well as donor-acceptor complexes 
containing a central atom which is able to change its valence (Theis and Singer 1974). 
 
3.4 Indicator couples 
 
The idea of finding a redox species that might tell the ‘real’ redox state in a system 
might be tempting. However, the following arguments by Lindberg and Runnells 
(1984) strongly suggest that such species simply do not exist. 
 
There are published suggestions that Eh measurements might be improved if the 
values were computed from analyses of ‘indicator couples’, such as I-/IO3

-(Liss et al 
1973) or As(III)/As(V) (Cherry et al 1979). Unfortunately, this approach does not 
circumvent the fundamental difficulty that redox reactions in the waters are not at 
internal equilibrium among themselves. Therefore, an ‘indicator’ Eh no more 
represents a master redox value for the water than the usual Eh as measured by a 
noble-metal electrode. Whitfield (1974) has suggested that Eh measurements may still 
be useful as qualitative indicators of the overall redox state of a water sample. 
However, we believe that it would be better to measure certain sensitive species, such 
as aqueous oxygen, hydrogen sulphide, or methane as qualitative guides to the redox 
status of the waters.” 
 
3.5 The p�-pH analogy 
 
Nordstrom (2000) reviews, inter alia, in a short but knowledgeable article the aqueous 
redox chemistry and the problems associated with performing proper redox 
measurements. Nordstrom states about the difference between pH and p� that “pH is 
physically measurable and has chemical significance, whereas the entity ‘p�’, or log ae-

, does not have physicochemical significance when applied to aqueous electrons. 
There is no analogy between pH and p� in a chemical sense. To draw the analogy in a 
mathematical sense can be very misleading.” 
 
Nordstrom notes about the kinetics of electron transfer reactions, that homogeneous 
redox reactions can go quickly if only one electron is being transferred at a time and if 
the activation energy is not too large. However, there are numerous examples showing 
that large activation barriers exist � otherwise nitrogen, oxygen, methane, and carbon 
dioxide would not all coexist in the atmosphere as they do. (These disequilibria are 
important; if all redox species came to equilibrium it would destroy life.) Redox 
reactions involving two electrons (more than two per reaction step are normally 
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forbidden) or involving heterogeneous reactions are usually slower unless catalysts or 
higher temperatures are provided.  
 
Homogeneous redox reactions are described by the usual kinetic reactions, e.g. zero-
order, first-order, etc., while the electrode kinetics are described by the current-
overpotential equation and the Butler-Volmer equation (see Section 2.2). Two types of 
redox equilibria have to be considered: The electrode-solution interface and the 
environmental system. Metal electrodes need to be non-reactive and electrically 
conductive. Thus, gold, platinum and graphite have worked well and among these 
platinum is most frequently used. The metal is not usually a limiting factor in reaching 
equilibrium as long as the surface is free of electroactive coatings and other adsorbed 
impurities. In case of aqueous species, there are some serious limitations: (1) the net 
exchange current across the interface must be effectively zero, i.e. electrochemical 
reversibility must be maintained, (2) to maintain reversibility, redox ions must have 
individual exchange currents greater than 10-7 amp cm-2 (Morris and Stumm 1967). 
This value corresponds to concentrations of about 10-5 m or greater for two redox 
species in natural waters, Fe(II/III), S(-II) and possibly U(IV/VI). The latter redox 
couple exhibited a good correlation between the dissolved U(IV)/U(VI) ratio and the 
measured redox potential in natural water samples from a Finnish uranium deposit 
(Ahonen et al. 1994).  
 
Nordstrom concluded that only iron and reduced sulphur species demonstrated the 
electrochemical reversibility for aqueous conditions likely to be found in natural 
environments. Experiments designed to study the electrochemical reversibility of the 
As(III/V) and Se(IV/VI) redox couples showed, on the other hand, that they do not 
reach equilibrium (see Nordstrom 2000 and references therein).  
 
3.6 Practical viewpoints 
 
Schulz (2000) discussed redox potential measurements in marine sediments and notes 
that the potential describes a milieu which is determined by various (bio)geochemical 
processes. These conditions ranges from the oxic range near the surface of the 
sediment (about +350 mV to +450 mV) down to the deep anoxic/sulfidic range (about 
-200 to -250 mV).  
 
Schulz mentions that it is not possible to derive any deliberate reaction taking place in 
the sediment or to draw conclusions on simple equilibria at the site of the electrode. 
Still, geochemical milieus can be discovered and characterised on the basis of an easy 
and quickly performed measurement. In individual cases, the redox potential may even 
record and reproduce densely clustered inhomogeneities much better than the normal 
analysis of squeezed-out pore water. Schulz also notes that the value of the redox 
potential is not perfect. Often it is necessary to assume unexplainable fluctuations of 
±50 mV. “Yet, there are many other parameters which are even more difficult to 
measure in the pore water of marine sediments, with less precision and with less 
relevance (e.g. the dissolved gases H2S, CO2, CH4), parameters no one would ever 
think of questioning.”  
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4 ELECTRODE BASICS 

This chapter deals with practical aspects concerning the redox-electrodes, i.e. gold and 
platinum electrodes, presently used in studies on compacted bentonite at VTT. The 
electrodes consist in principle of gold or platinum wires. These are located inside the 
compacted bentonite and work against an Ag/AgCl reference electrode outside the 
bentonite. Experimental details are found in Muurinen and Carlsson (2007) and 
Carlsson and Muurinen (2007a,b).  
 
4.1 Electrode behaviour 
 
Both Au and Pt are inert metals that can serve as redox electrodes. However, the 
properties of the metals vary slightly, see Table 4.1. The two metals may therefore not 
always give the same potential readings when used in redox measurements. In strong 
oxidizing solutions, like the ZoBell’s solution2 often used in the calibration of redox 
electrodes, Au and Pt electrodes give almost exactly identical potentials, while in 
weakly oxidizing systems, or in systems where surface reactions occur, Au and Pt may 
give different potentials (see e.g. Carlsson and Muurinen 2007a). 
 
Table 4.1. Comparison between gold and platinum electrodes. (From Galster 2000.) 
 
 
 
 
 
 
 
 
Whitfield (1974) discussed the thermodynamic limitations on the use of the platinum 
electrode in Eh measurements, with special emphasis on the properties of the platinum 
surface. Whitfield pointed out that “When Eh measurements are made, the platinum 
electrode is assumed to be an inert sensor providing a site for electron exchange. If the 
metal actually reacts with substances dissolved in the water then its properties will 
alter and it will display potentials that are characteristic of the electrode rather than the 
environment.”  
 
The formation of oxides or sulphides on the platinum can limit its functioning as a 
redox electrode, see Appendix A2. Whitfield (1974) considered a number of important 
equilibria (see Appendix 2) that involve the formation of oxides (in reactions between 
Pt and H2O, not DO) or sulphides on the platinum surface. Whitfields concluded, 
among other things, that:  
 

                                                 
2 The composition of ZoBell’s solution: 3.3×10-5 M K3Fe(III)(CN)6 and 3.3×10-5 M K4Fe(II)(CN)6 in 
0.1 M KCl. 

Properties Gold Platinum 
Standard voltage (V) 1.42 1.2 
Forming oxides no yes 
Catalytic activity rare possible 
Rel. exchange current (A/cm2) 0.3 10 
Melts with glass no yes 
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1) Pt is susceptible to attack with the formation of oxides in the high pE range and 
platinum sulphide in the low pE range.  

 
2) The platinum appears to be acting as an oxide electrode in well aerated systems and 

it responds to pH in a manner analogous to that predicted for the Pt-O electrode: 

where E0
Pt-O = 0.88 V. 

 
3) The attack of bisulphide ions has been confirmed by observations in sulphur-
bearing muds and a correlation in sign and magnitude has been confirmed between the 
potentials observed and those predicted by thermodynamic equations. Whitfield 
concluded that for natural waters “these findings indicate that the operational use of Eh 
measurements may be restricted to region B in Figure 4.1”. 
 
In case of gold, Whitfield notice that gold does not form a stable oxide coating but it is 
characterized by very small exchange currents in the natural environment (Whitfield 
(1972) and does not give a useful electrode.  
 
Wikberg et al. (1983) studied the redox conditions in Swedish ground waters down to 
depths of 600 m. Different electrode materials, of which only platinum and gold are  
 
 

Figure 4.1. Predominance area diagram for platinum compounds on the ph-pE plane 
for solutions where pCl=0.45 and pSO4=2.47. Left: The broken line corresponds to a 
boundary in freshwater with pSO4=3.92. Right: The same diagram superimposed on 
collected observations in natural aqueous environment. (From Whitley 1974). 
 

pHEE OPtPt 06.00
/ −= −      (4.1) 
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considered here, were tested in order to establish whether the measured potentials 
depended on the electrode material or not. Such a dependence might be an indication 
of insufficient redox buffer capacity of the solution and/or that a “mixed” potential is 
measured.  
 
Wikberg et al. (1983) tested experimentally, among other things, the influence of 
sulphide on platinum and gold electrodes, which initially yielded the same readings in 
a certain sulphide-free solution. After adding sulphide to the system, it was found that 
the platinum electrode readings remained constant while the gold readings decreased. 
It was concluded that the platinum electrode seems to be suitable for redox studies in 
ground water, since it is stable, gives reproducible redox potentials, and was not 
affected by sulphide in laboratory testing. On the other hand, sulphide was found to 
have an adverse effect on the gold electrode, and it was concluded that gold should be 
avoided as electrode material (in systems containing sulphide). 
 
The effect of sulphide on the gold surface is an example of electrode poisoning. This 
phenomenon is caused by species being adsorbed on the electrode surface and thereby 
changing its response. Anderson and Crerar (1993) note that large organic molecules 
like humic acids may have this capability to poison the surface of the platinum 
electrode. 
 
There is a redox limit below which the electrodes do not respond. Many natural 
systems are too dilute or contain redox couples that are so slow to react that it is not 
possible to obtain stable readings. Systems of this type are said to be poorly poised. 
The poise of a system is its ability to retard any changes in Eh, it is equivalent to the 
buffering capacity concept of pH. There is an analogy here with pH measurements in 
very pure or weakly buffered systems. For example, it is practically impossible to 
obtain a stable pH measurement with degassed, distilled water because the system 
contains almost nothing to which electrodes can respond (Anderson and Crerar 1993). 
 
4.2 Oxygen films 
 
Galster (2000) notes that oxygen is not very reactive at medium temperatures, since 
simple electron transfers are not possible without splitting the O2 molecule. Metals 
make the following reaction steps possible 

The summation of steps (4.2) to (4.3) yields the over-all reaction 

O2 + 2H+ + 2e-   H2O2     (4.2) 

H2O2 + H+ + e-   H2O + OH   (4.3) 

OH + H+ + e-   H2O    (4.4) 

O2 + 4H+ + 4e-   2H2O,  E0 = 1.23 V  (4.5) 
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Platinum is an especially catalytic metal for oxidation with oxygen. This is due to the 
ability of platinum to form several oxides on its surface (see e.g. Appendix 2). 
According to Galster, the oxygen atoms only form a monolayer, but the binding 
mechanisms reach from pure adsorption to dioxides, depending on the redox potential 
in the surrounding solution. Hoare (1963) states that since these layers are good 
electronic conductors, and since they do not thicken with continued anodization, one 
may say that the surface has been passivated with respect to its reaction with oxygen. 
Hoare (1963) suggests prolonged contact of platinum with concentrated nitric acid as a 
means of producing such a film, which is inert to oxygen. The O2/H2O reaction (4.5) is 
established on the surface and a E0 value of about 1.23 V is obtained . However, in 
some cases, the film becomes unstable and begins to dissolve. This exposes platinum 
sites, and a mixed potential resulting from reaction (4.5) and the following reaction  

is obtained.  
 
Whether the oxide layer is advantageous or not, depends on the system being studied. 
In solutions with high oxygen concentrations, the oxide film might be useful. 
However, in ground waters, the redox potentials are smaller than those of all Pt-
oxides, and the Pt-oxides must therefore be removed, by abrading and polishing the 
electrode (Galster 2000). 
 
4.3 Maintenance 
 
Cleaning 
 
There is no consensus about how to treat the redox electrodes in order to get the best 
performance. Briefly, the choice is between polishing and chemical treatment as is 
demonstrated by the examples below.  
 
Whitfield (1969) discussed Eh measurements in estuarines. “The platinum or gold 
electrodes used as Eh sensors were cleaned by rubbing them with a fine abrasive cloth. 
This method has proved simpler and more effective than the chemical cleaning 
procedures adopted by other workers. Cleaning with strong oxidizing agents may even 
be detrimental to electrode performance.” For details, see Whitfield (1969) and 
references therein. 
 
In the above study by Wikberg et al. (1983) the electrodes were treated with 1 mol/L 
NaOH, which resulted in a faster electrode response. This effect was attributed to the 
probable removal of oxygen adsorbed on the electrode surface. 
 
Lazo et al. (2003) investigated the redox properties in bentonite-water suspensions. 
The redox potential was measured using Pt-wires, which were washed with boiling 
concentrated HNO3 and then rinsed with de-ionized water before use.  
 

Pt-O + 2H+ + 2e-   Pt + H2O,  E0 = 0.88 V  (4.6) 
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Teasdale et al. (1998) discussed practical improvements for redox potential 
measurements. It was stated that the most effective way to clean platinum electrodes 
was to use abrasive polishing routinely and concentrated HNO3 to overcome long-term 
fouling. For use in the field, fine grade wet and dry paper were more convenient than 
the use of alumina slurry and felt pad. In cases when the platinum electrode was 
poisoned after exposure to sulphidic environments, it could be cleaned using 20% 
(v/v) HNO3. 
 
Degueldre et al. (1999) point out that redox potential measurements of anoxic or 
reducing ground waters require a platinum electrode that is not only free from oxide 
film, but also may build up mono-atomic hydrogen layer in reducing waters Since the 
electrode usually comes first of all in contact with air, it gets covered with an oxide 
film, the removal of which requires a relatively long contact time with anoxic or 
reducing ground waters. Possibilities of measuring the redox potential are then limited 
by the kinetics of film reduction, which may take as long as months, depending on the 
concentration of redox sensitive species in the water and their reactivity on the 
electrode surface.  
 
The problem associated with oxygen films is also discussed by Whitfield (1974) and 
Hoare 1968. Oxygen rapidly becomes adsorbed onto a fresh platinum surface at 
moderate and the “derma-sorbed” layer, once formed” is difficult to remove. 
Furthermore there is evidence that oxygen actually dissolves in the bulk platinum and 
if the surface oxide layer is removed by cathodic stripping in a nitrogen-saturated 
solution then a new oxide coating is formed by diffusion from the body of the metal. 
Several monolayer equivalents of oxygen may be dissolved in the platinum so that 
even under conditions where the free platinum surface is thermodynamically stable, 
oxide coatings may persist.  
 
Whitfield (1974) concluded that despite detailed investigations, the nature of the oxide 
coat remains unresolved. According to Hoare (1968) “the definitive experiment is yet 
to be done to determine conclusively in what form the adsorbed oxygen on platinum 
exists.” Peshcchevitsky et al. have suggested that the formation of Pt(OH)2·xH2O 
phases may be predominant in controlling the potential of the platinum electrode in the 
natural environment. Stumm and Morgan (1970) suggest that the formation or 
decomposition of Pt(OH) may give rise to spurious potentials in natural media. 
However, Whitfield claims that these suggestions appear unlikely on the basis of the 
equilibrium reactions presented in Table A2.1 (see Appendix 2). 
 
Garell (2000) distinguishes between cleaning and deoxidising of platinum electrodes. 
Contamination and precipitation on the surface must be removed. In most cases 
hydrochloric acid is a suitable agent. When using nitric acid or chromic acid, an oxide 
layer is formed on the surface, which Garrel claims has to be removed. Another 
cleaning option is glowing of the platinum, which removes organics, but not metal 
oxides. Glowing is not recommended, since metals on the surface may form alloys 
with the platinum, thereby making the electrode useless. Garell discussed a number of 
de-oxidation methods, e.g. the use of chemical agents or cathodic reduction, but 
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concludes that mechanical polishing cannot be avoided in the long run (Corrundum 
1000 is recommended).  
 
Calibration 
 
Teasdale et al. (1998) discussed the use of redox standard solutions in redox 
measurements. The most widely used redox standard is the ZoBells solution, with an 
E0 of +430 mV. A slightly higher E0 is obtained with a quinhydrone-solution 
(saturated quinhydrone in 0.05 M potassium biphthalate), while a solution of 15% 
(w/v) TiCl3 in 0.2 M sodium citrate gives an E0 of -480 mV. Unfortunately, these 
reference solutions are highly poised. They are therefore not capable of distinguishing 
between small differences in the indicator electrodes performance, which may arise 
due to adsorption of chemicals onto the surface of the electrode or the formation of 
surface oxide layers (Whitfield 1974). Such effects will, however, influence the 
potential measured for natural waters, which often are less strongly poised.  
 
Teasdale et al. tested several low-poise reference solutions obtained by diluting the 
above standard solutions with regards to the redox-active species, while maintaining 
the electrolyte concentration. The results indicate that ZoBell’s solution diluted by a 
factor 100 is a useful test solution for determining the condition of measuring 
electrodes. The dilute ZoBell’s solution was used in subsequent testing of the effect of 
cleaning platinum electrodes by polishing. Briefly, all electrodes gave, roughly, the 
expected Eh value (430 mV) before and after cleaning when the standard solution was 
the normal ZoBell’s solution. In the low-poise diluted solution, however, only the 
clean platinum electrodes exhibited the expected Eh. The electrodes that had not been 
cleaned gave poor results, with Eh values ranging between 290 and 461 mV, see Table 
4.2. The results suggest that the use of dilute ZoBell’s solution is preferable to the  
 
Table 4.2 Eh measurements obtained in high and low-poise ZoBell’s solutions for 
replicate platinum electrodes. (From Teasdale et al. 1998.) 

Eh (mV) 
1:100 ZoBell’s solution 1:100 ZoBell’s solution 

Electrode 
ZoBell’s solution 
before cleaning before cleaning after cleaning 

1 430 461 434 
2 431 457 433 
3 430 435 435 
4 429 436 439 
5 430 391 439 
6 431 425 433 
7 429 362 439 
8 429 322 438 
9 429 320 432 
10 426 290 433 
11 429 385 433 
12 430 338 437 
13 430 375 435 
14 431 393 440 
15 427 314 439 
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normal ZoBell’s solution, e.g., when calibrating platinum electrodes used in low-poise 
environments.  
 
4.4 Reference electrodes 
 
Galster (2000) mentions that in contrast to platinum electrodes, reference electrodes 
have a limited life-time. Deviations from their potential should be corrected by 
calibration with standards. Recommended standard solutions are given in DIN norm 
38404-6.  
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5 APPLIED STUDIES  

Despite the problems concerning redox measurements and their interpretation, EH 
measurements remain a common measurement made in both research and water 
quality monitoring activities (Teasdale et al. 1998).  
 
Measuring problems 
Measuring problems are mainly associated with 1) non-ideal behaviour of electrodes 
(e.g., Whitfield 1974), 2) slow kinetics of reversible redox-reactions (e.g., Grenthe et 
al. 1992, Stumm and Morgan 1996), and/or 3) irreversibility of many redox-reactions. 
In addition, Teasdale (1998) points out that even for more ideal redox reactions, if the 
concentrations of redox-active species are very low, (yielding a low-poise solution) 
then a stable potential will still not be measurable.  
 
Whitfield (1969) stressed the well-known fact the redox-potential depends on the ratio 
of the oxidised to reduced forms of the system and not on their absolute concentration. 
In consequence, a highly reversible reversible redox reaction that has little significance 
in the over-all chemistry of the environment, may be responsible for fixing the 
potential at the inert metal surface. The potential measured will only be significant for 
that particular redox reaction, since such reactions are usually poorly coupled in 
natural systems (Morris and Stumm 1967). Similar statements were made by Wikberg 
et al. (1983) concerning redox measurements in natural waters: “The exchange current 
may be so low, that even an extremely small polarizing current results in a potential 
significantly different from the equilibrium value. The electrode material and the 
possible formation of deposits on it are very important under these conditions.” 
 
Interpretation problems 
Interpretation problems are mainly associated with 1) the presence of several redox 
couples resulting in mixed potentials and 2) the fact that a natural system like, e.g., a 
sediment, is rarely, if ever in equilibrium, which is required for the application of the 
Nernst equation. At best a steady state of dis-equilibrium may be reached (Teasdale 
1998). 
 
Use of Eh 
The above problems limit a strict quantitative use of EH measurements for 
thermodynamic calculations and modelling. However, they do not prevent a semi-
quantitative measure of the redox conditions prevailing in natural waters that allows 
comparison between sites and depths at the one site. Whitfield (1969) stated that EH 
measurements are very useful if they exhibit a wide range of values, and if the 
relationships between the potential measured and the environment in which the 
measurement is being made are sufficiently stable for qualitative interpretation.  
 
Nordstrom (2000) stressed that field measurements and their interpretation are not 
simple and proper precautions should be exercised (Langmuir 1971, Nordstrom and 
Wilde 1998). Laboratory and theoretical considerations would lead to the view that 
only rarely would redox potential measurements in waters reflect equilibrium and even  
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then it should only be observed for iron and reduced sulphur. According to Nordstrom, 
field work confirms this view. 
 
Anderson and Crerar (1993) claims that in general, Eh measurements in natural 
systems are quite often of only qualitative significance (Morris and Stumm 1967, 
Nordstrom & Munoz 1985, Drever 1988) although there are systems where Eh can be 
quantitatively related to independently determined redox couples, such as Fe-rich river 
water or acid-mine drainage waters (Crerar et al 1981, Nordstrom et al 1979). Field Eh 
measurements can be very useful in systems where only one redox couple (such as 
Fe2+/Fe3+) predominates, but the chemical composition of the solution should be well 
characterised before such data are used quantitatively. And in spite of the difficulties 
of measurements in natural systems, we will always need some way of discussing such 
systems theoretically, and Eh is much used in this way. 

 
Anderson and Crerar concluded that Eh measurements in natural systems may be 
difficult to interpret quantitatively because all possible redox couples might not have 
equilibrated with each other. in simple systems where dissolved Fe is the principal 
redox-active component, Eh can sometimes be used to predict the Fe2+/Fe3+ activity 
ratio, but this should not be attempted if other redox couples are present. As an 
alternative to electrochemical measurements, the activity ratios of interest can often be 
analysed directly. 
 
Selected cases 
The rest of this chapter contains a few selected cases describing redox measurements 
in natural waters, in acid mine drainage, and in laboratory systems. The latter involve 
recent studies in bentonite and/or bentonite pore waters.  
 
5.1 Field systems 

Ground water 
Lindberg and Runnells (1984) made a study on ground water redox reactions, in which 
equilibrium states were compared to results from Eh measurements and geochemical 
modelling. Of the thousands of Eh measurements reported for natural waters, only a 
few could be successfully interpreted on a quantitative, Nernstian basis. The redox 
potentials observed in natural waters are usually mixed potentials, which are 
impossible to relate to a single dominant redox couple in solution. One can test the 
redox equilibrium in a single sample of water by analyzing for the dissolved species of 
multivalent elements, correcting the concentrations to activities, and calculating a 
theoretical Nernstian Eh for each analyzed couple. If all the computed Eh values agree, 
redox equilibrium probably obtains in the sample. Disagreement among the computed 
Eh values suggests that the system is at disequilibrium and that there is no single 
master Eh value. Lindberg and Runnells selected 30 ground water samples for which 
the data documentation and data quality were judged to be especially good. The 
diagram in Figure 5.1 shows calculated pH-Eh points, which where calculated on the  
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Figure 5.1. Comparison of measured (with Pt electrode) and computed Eh values in 
30 ground waters as a function of pH. Points connected by a vertical line are derived 
from a single water sample. The dashed line shows the perfect correlation between 
measured and calculated Eh. The diagram demonstrates a poor correlation between 
measured and calculated data. Legend: diamonds: Fe3+/Fe2+, open triangles pointing 
down: O2aq/H2O, open circles: HS-/SO4

2-, open squares: HS-/Srhombic, filled squares: 
NO2

-/NO3
-, filled triangles pointing down: NH4/NO3

-, open triangles pointing up: 
NH4

+/NO2
-, plus-sign: CH4aq/HCO3

-, cross: NH4/N2aq, filled circle: Fe2+/Fe(OH)3(s), M 
is field measured Eh value. (From Lindberg and Runnells 1984.) 
 
 
basis of the respective ground water compositions and also measured pH and Eh 
values. The correlation between calculated and measured data is poor, which 
demonstrate that none of the 30 representative waters exhibits internal redox 
equilibrium. A wide range of computed Nernstian Eh values co-exist, up to as much as 
1000 mV. The broad span of computed Eh values reflects the near-complete lack of 
internal thermodynamic redox equilibrium within individual samples of water. 
 
Grenthe et al. (1992) dicussed redox measurements in deep ground water. Eh may be 
measured experimentally and/or calculated from chemical analysis of the various 
redox couples present. Stable electrode potentials are in general obtained if: 
 
(1) the system contains electrode-reactive species, that can exchange electrons with 

the measuring electrode; 
(2) the redox reactions involve one-electron transfers such as between Fe(II) and 

Fe(III); 
(3) the system has a sufficiently large redox capacity.  
 
The latter does not necessarily require high concentrations of the redox-active species 
in solution, as demonstrated by systems where the electron exchange reactions with 
the electrode involve one or more solid phases. However, disturbances in the form of 
irreversible reactions at the electrode, and ‘mixed potentials’ are more important at 
lower concentrations of redox-active species. 
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Many of the redox species present in surface and deep ground water systems involve 
multi-electron transfers, often with structural reorganization between the reducing and 
oxidizing forms, and such reactions are kinetically slow (Katakis and Gordon 1987). 
Hence, it is not surprising that there are disequlibria among some redox couples in 
aquatic systems in nature, and that Eh-values computed from analytical data on the 
various redox couples do not agree with one another (Lindberg and Runnells 1984).” 
 
Grenthe et al. (1992) performed both field and laboratory studies from which they 
concluded, among other things;  
 
1) Stable and reproducible redox potentials can be obtained in anoxic deep ground 

water systems. The measured potentials were consistent with redox reactions 
involving dissolved Fe(II) and hydrous Fe(III)-oxide phases. 

 
2) Eh measurements are extremely sensitive towards dissolved oxygen and can 

therefore be used as a sensitive indicator for intrusion of oxygen.  
 
5.2 Acid mine water 

Nordstrom et al. (1979) compared measured vs. calculated Eh for more than 60 acid 
mine waters. The calculated Eh values were based on ferrous and ferric iron 
determinations, complete water analyses, and speciation based on output from the 
WATEQ4F program (Ball and Nordstrom 1990). Nordstrom (2000) presented an 
updated version of the diagram (see Figure 5.2). The agreement was generally 
excellent to within 25 mV except at low Eh where a strong deviation occurs. Marked 
deviations occur below 10-5 m as predicted from lab studies. These results reflect the 
mixed potential effect as the iron concentrations becomes too low to be electroactive  
 

 
Figure 5.2. Comparison of calculated with measured Eh. (From Nordstrom 2000.) 
 



 

 

39 

and oxygen begins to be sensed by the electrode. However, the O2/H2O redox 
equilibrium potential is never reached because oxygen is not sufficiently electroactive.  
 
Nordstrom (2000) mentions that several examples in the literature have shown the 
equilibrium maintained between the Pt electrode and the Fe(II/III) redox couple in 
laboratory studies: Morris and Stumm 1967, Macalady et al. 1990, Stipp 1990. 
Peschanski and Valensi (1949) showed that the Pt electrode responded quantitatively 
and reversibly to changes in sulphide ion activity in the S(-II/0) system in the 
laboratory. Experiments designed to examine the electrochemical reversibility of the 
As(III/V) and Se(IV/VI) redox couples showed that they do not reach equilibrium 
(Kempton et al 1990, Runnells et al. 1987, Runnells and Skoda 1990) Hence, only iron 
and reduced sulphur species demonstrate electrochemical reversibility for aqueous 
conditions likely to be found in the environment.  
 
The literature also contains examples of redox measurements in anoxic marine 
sediments and in sulphide-rich springs showing good correlations between measured 
sulphide concentrations and Eh (Berner 1963, Boulegue and Michard, 1979). In 
addition to iron and sulphur, there is only one other example that might be 
approaching equilibrium, namely the U(IV/VI) redox equilibrium for six Finnish 
ground water samples from the work by Ahonen et al. (1994). 
 
Nordstrom stated that redox studies on aquatic systems in  the laboratory and in 
natural waters lead to a number of conclusions, of which only a few, relevant for this 
literature survey, are mentioned. 
1) The absence of aqueous electrons in natural waters means they cannot be measured 

nor defined by analogy with aqueous protons. 
 
2) Ground waters and surface waters do not have a “redox potential”, p�, or Eh but 

they do have a pH. To speak of a redox potential of an aqueous solution or natural 
water does not have any meaning. 

 
3) Redox potential measurements with platinum (or similar) electrodes are generally 

useless except to estimate ferrous-ferric activity ratios or sulphide activities when 
concentrations are greater than about 10-5 M. Otherwise the potential may drift 
according to electrokinetic phenomena, mixed potentials, or impurities at the metal 
electrode surface. It is more reliable to measure such concentrations directly,  

 
5.3 Laboratory studies 

Ríos-Mendoza et al. (2003) investigated several different electrodes under controlled 
conditions, mainly in artificial seawater. Among the electrodes tested were platinum, 
graphite, glassy carbon, gold and iridium. Four sets of measurements were carried out 
1) measurements where the O2 concentration of the solution was varied and the pH 
was kept constant (and vice versa), 2) measurements of several redox couples 
(including Fe2+/Fe3+, NO3

-/NO2
- and I3

-/I-), 3) measurements in mud flats at San 
Quintín, Baja California, and 4) measurement of the redox potential in natural 
seawater and in filtered and UV seawater.  
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Table 5.1. Measurements of pE in artificial seawater, natural unfiltered seawater and 
natural filtered (1 µm) seawater exposed to UV. (From Ríos-Mendoza et al. 2003.) 
Sea water pH pE-Ir pE-Pt pE-calculated 
Synthetic 7.89 6.69 7.29 6.89 
Natural unfiltered 7.68 5.28 8.91 7.5 
Natural filtered (1 µm)/UV 7.60 5.28 8.93 7.5 

 
 
In natural aquatic environments the number of redox pairs that contribute to the redox 
potential is limited and mainly related to Fe3+/Fe2+, Mn4+/Mn2+, SO4

2-/HS- , O2/H2O, 
O2/H2O and CO2/CH4 as well as some complex substances that can contribute to the 
potential (Morris and Stumm 1967, Pettine 2000). It is clear that redox reactions in 
natural waters are not in equilibrium, so the measurements of redox potential made in 
the field and the theoretical ones based on the thermodynamics are going to be 
different. 
  
At present, the platinum electrode is the most used in the measurements of redox 
potential. This electrode presents adsorption of both electroactive and non-
electroactive substances. This effect influences the characteristics of the exchange of 
the dissolved redox species and prevents it from acting as an inert electrode (Morris 
and Stumm 1967, Whitfield 1969, 1974, Champ 1979, Vershinin and Rozanov 1983, 
Peiffer et al. 1992). This sensor, in well-aerated systems, acts in a similar way to that 
predicted for a Pt0/Pt-O electrode (Whitfield 1974) whose potential is Eh=0.88-
0.059pH. This suggests tht the platinum electrode behaves as a pH electrode in well –
oxygenated waters and does not respond to the changes of the redox potential in the 
system.  
 
Ríos-Mendoza et al. compared in one of their experiments the measured redox 
potentials obtained with platinum and iridium electrodes placed in synthetic and 
natural seawater. The pE of the solutions were also calculated based on the chemical 
composition of the water. Table 5.1 summarises the results. As can be seen, there is a  
difference of approximately three units of pE between the two electrodes. The readings 
were very stable during the measurements, which indicated that the system was well 
balanced and, therefore, had high redox capacity. Ríos-Mendoza et al. stresses that the 
model used to calculate pE is a simple model of artificial seawater, which does not 
take into account neither the presence of organic matter nor that of other important 
components of a natural aqueous system. Therefore, the comparison with the value of 
calculated pE given in the Table 5.1 does not show which of the two electrodes is 
closer to the real value of pE. 
 
Bentonite systems 
 
Peat et al (2001) and Smart et al. (2001) have described the determination of Eh, pH 
and the corrosion potential of steel in anoxic ground water. The motivation for the 
work was SKB’s commissioning of various chemical modelling programmes to 
predict the oxidising power (Eh) of the aqueous environment in the vicinity of HLW 
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canisters. SKB wanted to confirm the results from these calculations by carrying out 
experimental measurements of Eh in artificial ground water in which anaerobic 
corrosion of steel was occurring.  
 
The objective of the work by Peat et al. was to demonstrate the feasibility of 
monitoring Eh, pH and corrosion potential in a gas cell where anaerobic corrosion was 
occurring. The following focuses exclusively on the Eh-measurements. 
 
The Eh measurements were performed in a closed system consisting of artificial 
bentonite ground water in contact with steel wires. Eh was measured with a gold 
electrode against an in-house made Ag/AgCl reference electrode. Peat et al. give a 
thorough description of the preparation of the Ag/AgCl electrode used. However, after 
finding that the Ag/AgCl electrodes exhibited some long-term stability problems, Peat 
et al. used a calomel reference electrode in one of their experiments. Briefly, the 
calomel electrode consisted of a platinum through-glass electrical contact and a ground 
glass cup to hold the reference solution and the chemical components. Contact was 
made between the calomel electrode and the test solution via the fine capillary of the 
ground glass joint. The reference solution was the simulated ground water, thereby 
eliminating any errors from liquid junction potentials.  
 
The Eh measuring electrode was a gold wire coil. The gold was attached to a platinum 
wire, which was sealed through the glass tip of an electrode feedthrough to an external 
wire connector. Only the gold electrode was in the solution. To avoid possible 
galvanic potential errors, the connection between the wire and the platinum wire and 
the gold wire was isolated from condensate using a blob of epoxy resin. Before 
insertion into the corrosion cell, the gold was flamed and electrochemically treated by 
potential cycling (further details are found in Peat el al. 2001).  
 
Peat et al. concluded, among other things, that it is possible to measure Eh (as well as 
pH and corrosion potential) in artificial bentonite equilibrated ground water at 30ºC. It 
was also found that calomel electrodes appear to be more reliable than Ag/AgCl 
reference electrodes for long-term electrochemical measurements in artificial ground 
waters. 
 
Smart et al. 2001 mention that the reference and indicator electrodes were calibrated to 
determine (i) the potential of the silver-silver electrode with respect to the standard 
hydrogen electrode, and (ii) the relationship between the potentials of the glass-
electrodes and pH. The calibration cell consisted of a reaction vessel with a separate, 
removable inner compartment containing two hydrogen electrodes and a bubbler to 
presaturate the solution with hydrogen.  
 
Lazo et al. (2003) studied the uptake of dissolved oxygen in bentonite suspensions in 
0.1 M NaCl media. MX-80 and Montigel bentonites were used in concentrations 
varying from 18 to 73 g/L. The experiments were performed under N2 in a 
magnetically stirred closed glass vessel, see Figure 5.3. Redox potentials were 
measured with Pt wires, while the dissolved oxygen (DO) was measured both with a 
membrane electrode and with an optode. The experiments with the MX-80 show that  
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Figure 5.3. Schematic drawing of a testcell for studies of bentonite suspensions. 
(From Lazo et al. 2003.) 
 
DO disappears in about five days under these conditions, while Eh dropped from 
roughly +500 mV to about +125 mV. However, Eh was still slowly decreasing when 
the experiments were stopped. The data for the Montigel bentonite showed similar 
time scales for oxygen depletion but the finally observed Eh was considerably lower, 
about -175 mV.  
 
Lazo et al. discussed their results in relation to microbial activities and the presence of 
pyrite. The results indicate, among other things, 1) that microbial oxygen uptake was 
very limited, 2) that pyrite oxidation could be the reason for oxygen removal only if its 
specific surface was unusually large, and 3) other mechanisms than pyrite oxidation 
could lead to O2 uptake, like oxidation of Fe(II) in siderite or in the alumino-silicate 
framework of the montmorillonite. 
 
Orozco et al. (2006) have developed a probe containing an ISFET (ion sensitive field 
effect transistor) for measuring pH, and platinum microelectrodes for measuring 
conductivity and redox potential). The probe is designed for in situ use and can be 
equipped with various sensors. Figure 5.4 gives an example of the design. Pt 
microelectrodes were fabricated using standard photolithography. For redox 
measurements the potential of one Pt electrode was measured against a miniaturized 
reference electrode (FlexRef, World Precision Instruments). Prior to measurements, 
the Pt were cleaned using a four-step procedure involving careful brushing in 95% 
alcohol, dipping in de-ionized water, in 5%sodium hypochlorite solution, and final 
calibration of the redox electrodes were carried out in standard solutions with nominal 
potentials of +220 and +468 mV (at 25°C) versus an Ag/AgCl reference electrode (3.0 
M KCl). 
 
Electrode testing was performed in synthetic waters of two types; “bentonite water” 
and “granite water”. The bentonite water had a composition similar to that initially 
present in pore water extracted from compacted bentonite with 23.8% water content, 
while the granitic ground water was representative of water obtained from a bore hole 
at 500 m depth in a granite host rock. Figure 5.5 shows results from a comparative 
study of a Pt microelectrode and a commercial electrode in synthetic bentonite water. 
This results, as well as other results in the same study, demonstrate that the sensors 
were stable and reproducible in synthetic samples of bentonite and granite waters. 
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Figure 5.4. Stainless steel probe with sensors. Picture inserted corresponds to 
tranversal section of the probe.: (1) stainless steel tube, (2) connectors, (3) PTFE 
tube, (4) PCB with sensors, (5) reference electrode. (From Orozco et al. 2006.) 

 
Figure 5.5. Measured potential vs. time of Pt electrodes inserted into the probe in a 
bentonite water sample and comparison with a commercial electrode. (From Orozco 
et al. 2006.) 
 
Muurinen and Carlsson (2007) have described a method for online measurements of 
Eh in compacted water-saturated bentonite. Briefly, the bentonite is placed in a closed 
titanium cell containing saturated bentonite. Metal wires of gold or platinum are 
placed inside the bentonite and used as redox electrodes, while the reference electrode 
is placed outside the sample. Figure 5.6 shows two different experimental setups. The 
arrangements makes it possible to measure continuously the long-term development 
of, e.g., the redox chemistry in bentonite. The effects of the Donnan potential have to 
be considered in the evaluation of data, but this topic is discussed elsewhere (see 
Appendix A4). 
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Figure 5.6. Schematic drawings of cells for online redox and/or pH measurements in 
compacted bentonite. Left: Diffusion cell with an external solution compartment. 
Right: Squeezing cell with an isolated bentonite sample. (From Carlsson and 
Muurinen 2007a.) 
 
Recently, this technique was successfully used in on-line studies of the redox state in 
water-saturated MX-80 compacted with a dry density of ~1.6 g/cm3. The results show 
1) the development of pH and Eh in samples that were isolated from the environment, 
and 2) the redox-changes caused by diffusion of oxygen from an external solution into 
bentonite (Carlsson and Muurinen 2007b). 
 
5.4 Oxygen measurements 
 
It is well known that Eh-measurements in aerated water does not always give the value 
expected from theoretical equilibrium considerations. Ríos-Mendoza et al. (2003) 
demonstrate this by pointing out that in well-oxygenated waters (PO2 = 0.21 atm) and 
with pH=8, the Eh value is 0.740 V and pe at the surface, according to 
pE=(F/2.303RT)Eh, is 12.67. However, in practice, experimental measurements 
indicate that this potential is not attained. The measured potential is only between 0.45 
and 0.50 V, e.g. Teasdale et al. 1998. An explanation for this is the slow kinetics in the 
breaking of the link of O2 in the formation of H2O. The acquisition of the second 
electron of H2O2 by H2O is very slow (Breck 1974).  
 
H2O2 is a key intermediary in the redox processes that include oxygen in the chemical 
and biological processes. Peroxide has been recommended as a controlling redox pair 
of pE in the marine environment (Petasne and Zika 1997) because of its reactiveness 
and influence in many chemical processes. The O2 ==> H2O2 ==> O2 system presents 
mean lifetimes ranging from hours to days in the natural environment; therefore, this 
system can be considered a pseudo-equilibrium with sufficient capability to influence, 
in the presence of metals such as Mn(II), Fe(III) Pu(V) and As(III), among other, and 
dominate the redox system. 
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Ríos-Mendoza et al. (2003) used Ir and Pt as redox-electrodes in various waters and 
measured the electrode-response, pE, versus changes in the O2 concentration at 
constant pH. The O2 concentration was decreased and increased by bubbling N2 and 
air, respectively. The result is shown in Figure 5.7, which also contains calculated pE 
values based on the experimental changes of O2 and pH. The response of both 
electrodes was different. The Ir electrode tended to follow more closely the redox 
changes caused by the changes in oxygen. The main disadvantage of the Pt electrode 
was that it was less sensitive to the changes of oxygen concentration. These 
differences can be interpreted as a faster electrochemical response of the Ir electrode 
than that of the pt electrode. in other words, if the Pt electrode is allowed to remain in 
contact with the solution, in a relatively long time it would breach the 
thermodynamically predicted value. Similar results were obtained by Carlsson and 
Muurinen (2007c), while testing the electrochemical response of Au and Pt redox 
electrodes. The electrodes were tested in 0.1 M NaCl solutions in which the O2 
concentration was varied by changing the proportions of oxygen and nitrogen in the 
atmosphere above the solution. As shown in Figure 5.8, both electrodes reacted to the  

Figure 5.7. Electrochemical response of Ir and Pt electrodes with changes of O2 
concentration in buffered artificial seawater. Legend: triangles; Ir, squares; Pt, 
diamonds; O2, and circles; calculated pE-values. (From Ríos-Mendoza et al. 2003.) 

Figure 5.8. Electrochemical response of Au and Pt electrodes with changes of O2 
concentration in 0.1 M NaCl solution (From Carlsson and Muurinen 2007b). 
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introduced changes in the O2, but the absolute values differed considerably. The 
reason for this discrepancy is presently not known.  
 
Frevert (1984) discussed the experimental determination of pe levels by using Pt 
electrodes. He notes that the majority of reported “redox potential” measurements 
follow the operational sequence redox state 
 sensor response, reflecting the idea that 
redox equilibria represented by a p� value do exist and can simply be confirmed by an 
appropriate sensor response. For the pe detection the opposite sequence is necessary, 
sensor state 
 redox response, i.e. the redox state of the system is defined by the 
sensor’s behaviour.  
 
Assuming that the Pt electrode is an appropriate sensor and that pe is the master 
parameter of the redox intensity in the test solution, one may write for a solution 
where DO is the predominant acceptor 

where Sredox is the slope coefficient between the activity of the Pt electrode (ae) and the 
proportions of redox components, and the p-notation dente negative logarithm of 
concentrations. Frevert stresses that one cannot predict Sredox from thermodynamic 
calculations; it is necessary to determine Sredox experimentally. This can be done in 
pe/pH feedback control experiments. Frevert performed such experiments in, e.g., 
sediment-water systems from Sea of Galilee. The results indicated that the redox 
conditions depended not only on the D.O. concentration, but also on the electron 
donator of the system (most likely dissolved and particulate organic matter). 
 
Anderson and Crerar (1993) argued that since molecular oxygen is slow to react at 
25°C, environmentalists would never use Eh as a measure of dissolved O2. Instead one 
should measure dissolved oxygen directly, or determine related properties such as 
biological and chemical demands (OD and COD tests). In many such systems, Eh is 
better used as a kind of qualitative indicator of redox conditions.  
 
5.5 Methods comparison 
 
Gao et al 2002 evaluated and compared the following methods for determining the 
redox status in pore waters of a paddy soil during rice growing season: 1) conventional 
redox potential (EH) measurement, 2) terminal electron-accepting processes (TEAPs) 
and 3) oxidative capacity.  
 
Gao et al. note about redox measurements that under equilibrium conditions, a 
theoretically well-defined sequence of reduction of electron acceptors should take 
place when the soil goes from oxic to anoxic conditions (Sposito 1989). The principal 
redox couples in sequence are O2/H2O, NO3/N2, Mn(IV,III)/Mn(II), Fe(III)/Fe(II), 
SO4/H2S, and CO2/CH4. The reduced conditions in submerged paddy soils may be 
readily measured by measuring EH of the pore water but EH is a difficult parameter to 
interpret. Bartlett (1999) described thoroughly the redox behaviour in soils, providing 
an important base to our understanding of equilibrium and dynamic redox conditions. 

log10 Sredox = p[equiv.DO] + p[redox] - peDO  (5.1) 
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He pointed out that a Pt electrode may not reflect changes in some species involved in 
redox reactions, such as partial pressure of O2 and neither Mn or Fe oxides nor nitrate 
had the expected quantitative effect on the Pt electrode measurement. Methane, 
bicarbonate, N2 gas, nitrate, and sulphate are not electroactive, i.e., they do not readily 
take up or give off electrons at the surface of the Pt electrode used to measure EH 
(Berner 1981). Since it is a measure of a potential, the Pt electrode also responds to 
changes in pH and other potentials. Thus, measured EH usually reflects a 
nonequilibrium mixed potential and can only be qualitatively interpreted (Bohn 1971). 
 
In case of the identification dominant TEAPs, Gao et al. applied a method that was 
originally intended for ground waters (Chapelle et al. 1995, and Appendix 3). Gao et. 
al. recognized that a ground water system is far different from a system consisting of 
pore waters of submerged rice paddies, but considered it worthwile to test the method. 
The oxidative capacity, OXC, was calculated in accordance with the formulas given in 
Section 2.4. Gao et al. chose HS- as the electron reference level, which meant that all 
species on the left-hand side above and including SO4

2- are system oxidants and the 
species on the right-hand side beneath HS- on the redox ladder are the system 
reductants, cf. Figure 2.4.  
 
The results by Gao et al. showed the dominant TEAPs occurring at varying redox 
potentials, see Figure 5.9. DO and NO3

- served as electron acceptors at EH ~350 to 450 
mV since their concentrations dropped to about zero at 350 mV. Manganese and Fe  

Figure 5.9. Relationship among the redox species with pH and Eh observed. (From 
Gao et al. 2002.) 
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Figure 5.10. Correlation between measured redox potential and oxidative capacity. 
From Gao et al. 2002.) 
 
served as electron acceptors starting at around 350 mV for Mn and 250 mV for Fe to 
~100 mV. Sulphate reduction occurred from Eh as high as 350 mV to ~100 mV. 
Methane production, however, was not obvious until Eh was close to ~100 mV. 
Manganese, Fe, and SO4

2- reduction processes occurred over much wider ranges 
compared with O2 and NO3

- reduction and methane for this soil. 
 
Gao et al. also investigated the correlation between the calculated OXC and the 
measured Eh. Since the OXC was calculated by integrating all measurable redox 
species and thus it was expected to be able to describe the redox status in a rather 
complete manner. A weak correlation (r2 = 0.35) was first obtained, see Figure 5.10. 
However, Gao et al. found after examining the data in more detail, that the upper data 
points represented different conditions than the rest, and thus could be eliminated. This 
lead to an improved correlation (r2 = 0.87).  
 
Gao et al. stated that their results indicate that the three methods for describing redox 
status in paddy soil, e.g., Eh, TEAPs and OXC, are interrelated. Eh can still serve as a 
practical and quick way to indicate redox status if care is taken in its measurement 
(Kölling 2000). The major difficulties in Eh measurement and interpretation are 
because of lack of equilibrium among various redox reactions and insensitive response 
of the metal electrode to some redox couples, and also because the redox status in 
paddy rice system is featured with a highly dynamic nature. Gao et al. finally 
concludes that measurements of redox potential continues to be widely used and can 
be used to deduce possible status of the system if some care is taken. Defining 
dominant TEAPs and calculation of OXC will provide additional insight to specific 
redox processes.  
 
5.6 New techniques 
 
The above methods are those considered by the authors to be the best ones when 
measuring the redox state in compacted bentonite. However, alternative methods exist. 



 

 

49 

Lovley and Goodwin (1988) suggested in situ H2 concentrations as redox state 
indicators in certain natural environments. Jones and Ingles (2005) discussed the use 
of coloured redox indicators fixed on affinity beads or thin membrane films. Recently, 
microbial characteristics have been suggested as a tool for determining the redox state 
of an environment (Dolfing et al. 2006 and references therein). 
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6  MODELLING 

Although modelling was not of major concern in this survey, a few texts are anyway 
cited in order to provide some information that might be considered relevant to the 
present topic.  
 
Water systems 
 
As have been demonstrated, measurement and interpretation of Eh is not 
straightforward. Eh measured in the field should not be taken as absolute values, but 
they do give rough indications of major changes in Eh. Appelo and Postma (1993) 
warned in the following way modellers of using field data: “ Eh measurements are 
only qualitative indicators for redox conditins and should be made as sloppy as 
possible, so you will not be tempted to relate them to anything quantitative 
afterwards.” Comment from the net-source: This is perhaps a an overstatement, but it 
does make a point!. Using field-measured Eh values in quantitative thermodynamic 
calculations is dangerous: on  the other hand, if you keep their limitations in mind, 
they may be very useful as a qualitative indicator of redox conditions.” 
 
In order to determine the redox conditions in aerated natural waters redox models have 
been put forward referring to the redox-controlling impact of the concentrations of 
dissolved oxygen (DO or H2O2) as the dominant oxidants (Frevert 1984). The 
calculated p�-values may differ considerably depending on the model used, as is 
shown in the following examples from Frevert (1984). In the case of water at 25°C, 
having a pH of 7 and being in equilibrium with air (i.e. PO2 = 0.21 atm), the calculated 
p� will change considerably depending on the chosen redox model: 
 
a) Redox-pair: O(0)/O(-II). Reaction: 

    Result: p�a = 13.6. 
 
b) Redox-pair: H2O/H2O2. Reaction:  

    Result: p�a = 19.5. 
 
c) Redox-pair: H2O2/O2. Reaction: 

    Result: p�c = 7.9. 
 
The significant deviations between p�a, p�b, and p�c, indicate the stoichiometric 
sensitivity of such analyses (Frevert 1984). Stumm (1974) discussed these models and 
concluded that aerated waters correspond to model (a). In anoxic systems p� is thus 

½O2 + 2 H2O + 2 e-   3 H2O, KDO
25°C = 1041.6 (5.1) 

H2O2 + 2 H3O+ + 2 e-   4 H2O, KH2O2
25°C = 1060 (5.2) 

O2 + 2 H3O+ + 2 e-   H2O2 + 2 H2O, KO2/H2O2
25°C = 1023.4 (5.3) 
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computed due to the sequence of different free energy levels of anoxic electron 
acceptors (e.g. Mn(IV), NO3

—N, Fe(III) etc.)  
 
Schüring et al. (2000) stated that the calculation of redox potentials from the oxygen 
concentration “according to Sato (1960)” is erroneous in some geochemical model 
programs inasmuch as 11.7 is used instead of 20.78 as the p�0 for the H2O/O2 couple, a 
value that has never been proposed by Sato (1960). 
 
Wolery (1992) noted that there is a misconception concerning the redox potential 
which has “no doubt been reinforced by the use of Eh (and sometimes pe) as inputs to 
speciation-solubility codes. Some of these codes require the assumption of a system 
Eh. Most of the better known codes, EQ3NR, WATEQ2 (Ball, Jenne, and Nordstrom, 
1979) and PHREEQE (Parkhurst, Plummer and Thorstenson, 1980) permit the use of 
such input but do not require it. With sufficient analytical data, the degree of 
disequilibrium among various redox couples may be calculated, and the existence of a 
system Eh thus tested. Often, however, the available analytical data are insufficient to 
do this, and one is forced to assume a system Eh.”  
 
Several examples of redox disequilibria have been found in natural aqueous systems. 
Wolery 1992 gives the following examples of natural disequilibria 1) disequilibrium 
between the O2(aq)/H2O(l) couple and the organic/HCO3

- couple in nearly all natural 
waters, 2) disequilibrium between CH4(aq)/HCO3

- and HS-/SO4
2- in marine sediments 

(Thorstenson 1970), and 3) disequilibrium between N2(aq)/NO3
- with O2(aq)/H2O(l) in 

marine surface waters Berner (1971).  
 
Lindberg and Runnells (1984) stated that “The concept of Eh remains a valuable tool 
for theoretical and pedantic (!) purposes. However, in the apparent absence of internal 
redox equilibrium, investigators should abandon the use of any measured master Eh 
for predicting the equilibrium chemistry of redox reactions in normal waters. Our 
conclusions are most severe in the context of predictive computer modelling of the 
chemistry of natural waters and waste waters. In order to provide meaningful redox 
input for such models, it may be necessary to analyze the samples for the dominant 
ions of every redox element of interest. Wolery (1983) has suggested this approach for 
testing the state of the redox redox equilibrium, using his EQ3NR computer model. If 
any measured Eh is used as input for equilibrium calculations, the burden rests with 
the investigator to demonstrate the reversibility of the system.” 
 
Nordstrom and Puigdomenech (1986) examined the redox chemistry from ground 
water analyses collected during the Swedish study site investigations (1982-1983) for 
developing site guidelines for disposal of high-level radioactive waste. The redox 
species determinations reported from the study site investigations were evaluated by 
chemical equilibrium computations using both the WATEQ3 and the EQ3NTR 
computer programs. The results showed, among other things, an excellent agreement 
between the redox potential measured by the platinum electrode and the dissolved 
sulphide developed from total sulphide determinations. This was probably one of the 
first examples of a correlation of this type. 
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Nordstrom and Puigdomenech recognised before the modelling that the sulphur redox 
pairs in the water may include SO4

2-/HS-, SO4
2-/S(c), and S(c)/HS-. However, those 

involving SO4
2- seem least likely to be operative because the number of electrons 

transferred in the redox reactions are to large to be done in each step. For example, 8 
electrons are transferred during the reduction of sulfate to bisulfide. However, the 
S(c)/HS- couple, has been shown to be reversible and at equilibrium with platinum 
electrode surfaces in sulfidic waters (e.g., Berner 1963, Whitfield 1969).  
 
Scott and Morgan (1990) point out that it is well known that equilibrium is a poor 
approximation in many instances. However equilibrium models of redox systems are 
helpful in making a preliminary assessment of which redox species will react and what 
the redox status will be during and after such interactions. A beneficial exercise is to 
model the titration of a hypothetical system of oxidants with a strong reductant. Figure 
2a shows the response of pe to the hypothetical system of oxidants with a strong 
reductant. Figure 2a shows the response of pe to the titration by CH2O(aq) of a 
hypothetical system consisting of O2(aq), NO3

-, MnO2(s), Fe(OH)3(s), and SO4
2-. 

 
Platinum electrode 
 
Kempton et al. (1990) made a code for modelling the electron-transfer kinetics 
between dissolved redox species in solution and the surface of a polished platinum 
electrode. The model was assumed to behave as a fixed-value capacitor, and the rate of 
equilibrium depended on the net current at the interface. Heterogeneous kinetics at 
bright platinum in 0.1 M KCl were measured for the redox couples Fe(III)/Fe(II), 
Fe(CN)6

3-/Fe(CN)6
4-, Se(VI)/Se(IV), and As(V)/As(V)/As(III). Of the couples 

considered, only Fe(III)/Fe(II) at pH 3 and Fe(CN)6
3-/Fe(CN)6

4-,at pH 6.0 were 
capable of imposing a Nernstian potential on the platinum electrode. Kempton et al. 
suggested that the only partial success of modelling probably was due to reactions not 
included in the model. 



 

 

54 

 
 



 

 

55 

7  SUMMARY AND DISCUSSION 

Summary 
 
The objective of this study was to survey the literature in order to get a picture of the 
state of the art concerning redox measurements, especially in systems comprised of 
bentonite and water. However, the literature contains relatively few relevant bentonite 
redox studies, and, therefore, the survey includes not only bentonite studies, but 
studies on other systems, like ground water and sediments, as well.  
 
The report treats briefly the theoretical background concerning electron transfer and 
surface reactions at the surface of metal electrodes. Special interest is devoted to the 
use of the platinum electrode, the redox metal mostly used in published studies, with 
regard to its reactions with oxygen and its use as a redox electrode. The use of gold as 
a redox sensor is noticed, but not treated in much detail, due to the sparse amount of 
relevant literature on this topic.  
 
Three ways of measuring redox data are briefly discussed 1) direct measurement of the 
redox potential, Eh, (plus simultaneous determination of pH, since both pH and Eh are 
mostly needed for a proper definition of the redox state), 2) determination of terminal 
electron-accepting processes (TEAPs), and 3) calculation of the oxidative capacity 
(OXC). Redox measurements are easy to carry out, but the aquired data can, at least 
sometimes, be difficult to interpret exactly. TEAPs and OXC are complementary 
methods that can be helpful, but they demand considerable analytical efforts.  
 
The interpretation of redox data has been a matter of debate. Even when measuring 
under controlled conditions in systems with simple chemistry and only one redox 
couple, the results (and maybe also the system’s behaviour) require careful 
examination before the measured potential can be accepted as a true Eh value. In cases 
with multiple redox-couples present, mixed potentials becomes an additional problem, 
and it becomes difficult, or even impossible, to associate observed Eh values with the 
proper reactions. The main reasons for these difficulties are the often slow kinetics of 
redox reactions and the lack of internal equilibrium. In nature, where the system of 
interest is often open to the surrounding environment, measured redox data may be 
even more difficult to interpret.  
 
Despite these problems, redox potentials are still considered worthwhile to measure. 
At least in natural systems containing iron or sulphur, redox measurements seem to 
give reasonable results. In other systems, interpretation may be difficult. However, it 
has been pointed out that even the severest critics of the Eh method concede that 
natural media containing quantities of oxidizing agents give measurements of high Eh 
values and those containing large quantities of reducing agents have low potentials.  
 
The report contains several examples from measurements in natural environments. For 
example, Lindberg and Runnells (1984) demonstrated in a seminal study that none of 
thirty representative ground waters, each one having several redox pairs present, 
exhibited internal redox equilibrium. Calculated Eh values, based on analytical data, 
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showed a wide range of values, indicating a near-complete lack of thermodynamic 
equilibrium. On the other hand, Grenthe et al. concluded for redox measurements in 
deep ground water that redox potentials may be measured provided that certain 
conditions are fulfilled. Stable electrode potentials can in general be obtained if 1) the 
system contains electrode-reactive species, that can exchange electrons with the 
electrode, 2) the redox reactions involve one-electron transfers, and 3) the system has a 
sufficiently large redox capacity.  
 
Laboratory experiments offer a possibility to study samples under controlled 
conditions. According to our literature survey, only a few relevant redox 
measurements in bentonite systems seem to exist presently. Peat et al. (2001) and 
Smart et al. (2001) determined redox potentials in anoxic bentonite ground water using 
a gold electrode. Their findings strongly support the idea that redox measurements can 
be performed in bentonite equilibrated ground water. Lazo et al. (2003) carried out 
redox measurements in bentonite suspensions (MX-80 and Montigel) using a platinum 
sensor. The results indicated, among other things, that oxygen was consumed within a 
few days and that the rate of oxygen consumption increased with increasing amount of 
bentonite. Lazo et al. also tried to find a relation between oxygen consumption and the 
concentration of pyrite present, but the results did not confirm such a relation.  
 
Orozco et al. (2006) have developed a probe for in situ studies in, e.g., bentonite. An 
ISFET (ion sensitive field effect transistor) is used for pH measurements and platinum 
microelectrodes for Eh measurements. Preliminary tests in "bentonite water" and 
"granitic water" show stable and reproducible results. Combined pH and Eh 
measurements have recently been carried out in water-saturated compacted bentonite 
(see e.g. Muurinen and Carlsson, 2007). pH is measured by means of IrOx electrodes, 
while gold and/or platinum wires are used as redox electrodes. The results indicate that 
meaningful chemical information can be obtained from such electrode measurements.  
 
Discussion 
 
The limited amount of literature reviewed in this report clearly demonstrate that the 
proper determination of redox potentials is difficult, both from a practical and a 
theoretical point of view. This is especially true for natural systems but also holds for 
laboratory samples. On the other hand, proper redox data are sometimes possible to 
achieve and to explain in terms of exactly understood redox-reactions.  
 
Successful redox studies require solid knowledge about when and how redox 
measurements are possible and also about the applicability and limitations associated 
with the methods used. It is also important to be able to evaluate the quality of the 
redox information; is it exact or only approximate? Anderson and Crerar (1993) stated 
that “in general, Eh measurements in natural systems are quite often of only qualitative 
significance (Morris and Stumm 1967, Nordstrom & Munoz 1985, Drever 1988) 
although there are systems where Eh can be quantitatively related to independently 
determined redox couples, such as Fe-rich river water or acid-mine drainage waters 
(Crerar et al 1981, Kleinmann et al 1981, Nordstrom et al 1979). Field Eh 
measurements can be very useful in systems where only one redox couple (such as 
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Fe2+/Fe3+) predominates, but the chemical composition of the solution should be well 
characterised before such data are used quantitatively. However, in spite of the 
difficulties of measurements in natural systems, we will always need some way of 
discussing such systems theoretically, and Eh is much used in this way.” 
 
Nordstrom (2000) wrote “The only way to determine the redox conditions of a water is 
to analyse the sample for those redox species of concern. There are several examples 
of the same water containing two or more of the following constituents O2, Fe(III), 
Fe(II), N2, NO3, NH3, H2S, SO4 CH4, CO2, and H2. There can be no such thing as 
redox equilibrium or a single redox potential in these waters. The way to understand 
redox chemistry is to learn the rates and mechanisms of reactions, the main catalysts 
of the environment, and the main sources and sinks of redox active species.” 
 
Nordstrom (2000) finished his article with a list of conclusions, some of which are 
given below: Only those that we feel are relevant to redox measurements in bentonite 
are shown. 

�  Redox potential measurements with platinum (or similar) are generally useless 
except to estimate ferrous/ferric activity ratios or sulphide activities when the 
concentrations are greater than about 10-5 m. Otherwise the potential may drift 
according to electrokinetic phenomena, mixed potentials, or impurities at the 
metal electrode surface.  

�  To determine the redox chemistry of water it is necessary to determine all the 
relevant redox species directly. These species can be expected to react in 
different ways and at different rates. Homogeneous redox reactions can be even 
slower.  

�  Research knowledge is in the process of finding out how redox works and how 
fast. The knowledge is not at a point where we can say definitely what the 
protocol for redox is nor can we model any specific site to predict just what 
will happen over time except in a general, but not necessarily helpful, sense.”  

 
Although most of what has been said above refers to redox measurements in natural 
environments, it is in principle also applicable to water-saturated bentonites. This 
holds despite the fact that a compacted bentonite only contains a few percent of pore 
water, while the main part of the bentonite consists of montmorillonite and various 
solids. The reviewed literature described laboratory measurements in various bentonite 
samples. The experiments were performed under controlled conditions and with the 
samples isolated so that no mass fluxes from the surrounding environment was 
avoided. Since most bentonites contain more than one redox couple, one may not be 
able to avoid the problem of getting a mixed potential, but still valuable information 
can be obtained.  
 
The results from this literature survey allows us to conclude the following about redox 
measurements in, e.g., compacted water-saturated bentonite:  
 
1. Measured redox potentials may not give exact Eh values. However, also relative 

measurements are useful in enabling, e.g., studies of long-term redox changes and 
trends in the bentonite.  
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2. It is possible to correlate redox potentials with changes in the concentration of an 

oxidising or reducing agent. This was seen in experiments where DO was changed 
during redox potential measurements.  

 
3. It is possible, at least in principle, to determine how far from equilibrium a certain 

sample is, by comparing the Eh-values calculated from analytically determined 
{ox}/{red} ratios of several redox couples. If the Eh-values are widely scattered, 
then the system is ar away from the ‘final’ or ‘correct’ Eh than if the Eh-values are 
close to each other.  

 
4. In order for redox potential measurements to be meaningful, they should be 

complemented with simultaneous pH measurements. Furthermore, the results 
should be interpreted in the light of all analytically determined red and ox-
concentrations in the sample.  

 
5. It is presently not known to us which electrode gives the most reliable redox 

potential. Inert metals and graphite have been proposed as sensor materials. In high-
poised systems, like redox standard solutions, the various sensor materials are all 
likely to give the same correct readings, while their readings in low-poised systems 
may differ considerably. The question of determining which one (if any) of the 
sensor that shows true Eh may seem to be simple, but it requires quite much efforts 
to be settled.  

 
The over-all conclusion from this literature survey is that fruitful redox-measurements 
can be performed in compacted bentonite. However, the researcher has the burden of 
judging in each and every case, whether the measured redox potential is an absolute or 
a relative measure. Irrespective of whether the potentials are absolute or not, the use of 
electrodes provide a valuable tool for studying, e.g., long-term changes in the pore 
water of compacted bentonite and/or the diffusion of oxygen from an external solution 
into a bentonite.  
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APPENDIX 1: BUTLER-VOLMER EQUATION 
 
Electrochemistry offers a great variety of experimental methods. A most direct 
approach is, for example, to determine a redox potential in an electrolyte solution 
under study by using a measuring electrode and a reference electrode (“galvanic cell 
method”). This works well in cases where currents are small.  
 
A slightly more complicated arrangement is used in cyclic voltammetry, in which 
three electrodes are used, a measuring electrode (often called a working electrode), a 
counterelectrode, and a reference electrode, see Figure A1. A current is passed 
between the measurement electrode and the counterelectrode electrode and t and 
varied with a variable resistor. The reference electrode is in equilibrium with the 
electrolyte since no current passes through it. Thus, it is possible to observe changes in 
the potential in the electrolyte relative to the potential of the measurement electrode.  
 
If the measurement and reference electrodes are identical, i.e. of the same material 
composition, and a current has been applied to the measurement electrode to force 
current to flow, then the difference in potential between the two electrodes, the surface 
overpotential �s, is the only driving force for the reaction. The electrode kinetics can 
often be expressed by the Butler-Volmer equation: 

where i is the applied current, i0 is the exchange current density, �s is the overpotential, 
F is Faraday’s constant, R is the universal gas constant, T is the temperature, while �a 
and �c are apparent transfer coefficients associated with the anode and catode, 
respectively. Equation (A1) shows how the current across a metal-solution interface  

Figure A1.1. Experimental setup for measuring current as a function of applied 
voltage. 
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depends ion the difference between the actual non-equilibrium and equilibrium 
potential differences, �s = E – Eeq (Nordstrom 2000). Equation (A1) is valid under 
conditions where there is abundant amounts of reactant by easy diffusion to and from 
electrodes in the solution, so that the reaction kinetics is controlled by the electric 
charge transfer at the interface,, and not by transport of ions to or from the electrode 
(Bockris et al. 2000). 
 
The parameter i0 is analogous to the rate constant used in chemical kinetics. A reaction 
with a large value of i0 is often fast or reversible. In the case when the surface 
overpotential �s is large, it is possible to simplify (A1) in one of the following ways  
 

or  

 
In the case when the overpotential �s approaches zero, the Butler-Volmer equation 
reduces to the famous Nernst equation: 

where all symbols have the same meaning as before.  
 
Theoretical discussions concerning the derivation of the formulas, as well as 
discussions concerning their limitations, applications, etc., are found in, e.g., Sokirko 
and Bark (1995), Newman and Thomas-Alyela (2004), and Bockris et al. (2000). 
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APPENDIX 2: STABILITY OF PLATINUM COMPOUNDS 
 
Whitfield (1974) considered the thermodynamic limitations on the use of the platinum 
electrode in Eh measurements in natural waters. The functioning of the platinum 
electrode is threatened by the formation of sulphides and oxides on its surface. Table 
A2.1 contains some relevant reactions collected by Whitfield. The diagram in Figure 
A2.1 is a simple stability diagram constructed from the information in Table A2.1. 
 
Whitfield presents the following reaction, which sets a pessimistic upper limit for the 
onset of platinum sulphide formation 

 
For the formation of oxides or hydroxides, the equilibrium relationships in Table A2.1 
can be written in the form 

where aox is the activity of the oxide or hydroxide phase, aPt is the activity of the  
 
 
Table A2.1. Stability constants for reactions involving platinum metal in natural 
aqueous solutions at 25°C and 1 atm pressure (from Whitfield 1974). 

No. Reaction E0 (V)* log10K0 

(1) Pt0 + H2O   Pt-O + 2H+ + 2e- -0.88 -29.7† 

(2) Pt0 + H2O   PtO + 2H+ + 2e- -0.9 -30.4 
(3) Pt0 + 2H2O   PtO2 + 4H+ + 4e- -2.08 -141 
(4) Pt0 + 3H2O   PtO•2H2O + 2H+ + 2e- -1.00 -33.8 
(5) Pt0 + 4H2O   PtO2•2H2O + 4H+ + 4e- -0.96 -64.9 
(6) Pt0 + 5H2O   PtO2•3H2O + 4H+ + 4e- -0.98 -66.3 
(7) Pt0 + 6H2O   PtO2•4H2O + 4H+ + 4e- -1.06 -71.6 
(8) Pt0 + 3H2O   PtO3 + 6H+ + 6e- -1.5 -152 
(9) Pt0 + 4H2O   PtO4 + 8H+ + 8e- -1.6 -216 
(10) 3Pt0 + 4H2O   Pt3O4 + 8H+ + 8e- -1.11 -150 
(11) Pt0 + 2H2O   Pt(OH)2 + 2H+ + 2e- -0.98 -33.1§ 

(12) Pt0 + 6H2O   Pt(OH)6
2- + 6H+ + 4e-  -97.55§ 

(13) Pt0 + SO4
2- + 8H+ + 6e- 

  PtS + 4H2O  52.05 

(14) Pt0 + 4Cl- 
  PtCl4- + 2e-  -24.7§ 

(15) Pt0 + 6Cl- 
  PtCl62- + 4e-  -47.7§ 

(16) Pt0   Pt2+ + 2e-  -40.6§ 

* Calculated only for the formation of adherent oxide phases. 
† Pt-O represents a layer of adsorbed oxygen atoms on the platinum surface rather than a layer of oxide, 

PtO (Hoare 1968: p. 349. Solid phases are underlined. 
‡ Data from Hoare (1968) unless otherwise stated.   
§ De Bethune and Swendeman-Loud (1964). 
 See Whitfield (1964). 

Pt0 + SO4
2- + 8H+ + 6e-   PtS(s) + 4 H2O, K0 = 1052.05 (A2.1) 

log (aox: aPt) –x(pH-pE)=log K0   (A2.2) 
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Figure A2.1 Stability for platinum compounds in solutions where pH=8.3, pCl=0.45, 
and pSO4=2.47 at 25°C and 1-atm pressure. Numbers on he curves identify the 
equations in Table A2.1. 
 
 
platinum metal, and x is a stoichiometric number for pH and pE. The other parameters 
have the same meaning as previously. 
 
The stoichiometric numbers, x, for pH and pE are equal for each oxide phase 
(according to equation A2.2). Thererfore, the relative positions of the lines will not be 
altered by pH shifts and so a single activity ratio diagram can be used to select the 
oxide phases to be considered as stable coatings on the platinum surface over the 
entire pH range. 
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APPENDIX 3: SCHEME FOR DETERMINING DOMINATING TEAPS 
 
The identification of dominant terminal electron-accepting processes in ground water 
can be made using the scheme described in Figure A3.1.  

 
Figure A3.1. A hierachical scheme for the diagnosis of dominants TEAPs in ground 
water systems (From Chapelle et al. 1995.) 
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APPENDIX 4: DONNAN POTENTIAL 
 
Measurements of, for example, redox potentials or pH in soil-water systems or clay-
water systems are often associated with an uncertainty caused by the Donnan potential 
(e.g. Pallman 1930, Kruyt 1952, van Olphen 1977, and Gast 1979). The existence of 
the Donnan potential and the uncertainty it causes can be observed in the so-called 
suspension effect in pH measurements, i.e. the difference in the measured pH between 
a sedimented soil and its equilibrium supernatant solution (Gast 1977). This was 
demonstrated schematically by Kruyt (1952), who considered a simple system 
consisting of a sediment in equilibrium with a particle-free solution (obtained by 
dialysis or sedimentation). Kruyt noted that pH of such a system can then be measured 
in four different ways, see Figure A4.1.  

 
Figure A4.1. Schematic demonstration of four alternative ways of measuring, e.g., pH 
of a flocculated bentonite suspension. White and grey represents clear solution and 
bentonite sediment, respectively, while M is a measuring electrode, and R is a 
reference electrode wih a salt bridge. (After Kruyt 1952 and van Olphen 1977).  

M R 

E1 

M 

R 

E2 

M 

R 

E3 

M R 

E4 

1 2 

3 4 



 

 

73 

It should be stressed that the system described in Figure A4.1 is supposed to be in 
chemical equilibrium. Still, it is possible to get two different results, depending on 
which one of the alternative arrangements is used. When the reference electrode is 
placed in the upper solution, the measuring electrode can either be placed in the 
solution phase (case 1) or in the sediment (case 2). The corresponding potentials, E1 
and E2, respectively, are equal and do thus not depend on the position of the measuring 
electrode. If the measurements are performed with the reference electrode in the 
sediment, then, again, the measuring electrode can be either be placed in the sediment 
(case 3) or in the solution (case 4). Also in this case one finds that the two 
corresponding potentials, E3 and E4, are equal. However, the potentials E1 and E2 
differ from E3 and E4, which can be expressed as  
 
E1 – E3 = E2 – E4 = ED    (A4.1) 
 
where ED is the Donnan potential or the so-called suspension effect. The Donnan 
potential can be measured by using two identical salt bridges and reference electrodes 
using the arrangement given in Figure A4.2.  
 
If, on the other hand, two measuring electrodes (i.e., pH electrodes or some other 
reversible electrodes) are placed as in Figure A4.3, no potential will be measured. This 
can also be expected a priori for an equilibrium system; the potential of the two 
electrodes must be the same in both phases, otherwise work could be gained from a 
system in thermodynamic equilibrium, which is against the Second Law (Kruyt 1952, 
van Olphen 1977, and Gast 1979).  
 
Some of the redox- and pH-measurements performed in compacted bentonite 
(Muurinen and Carlsson 2007, Carlsson and Muurinen 2007a,b) were made using a 
diffusion cell (see Figure 5.6 in this report). The experimental conditions in this cell 
are in principle the same as those described in the upper right part of Figure A4.1; the  

 
 
Figure A4.2. Schematic figure showing the determination of the Donnan potential by 
using two identical saltbridges and two identical electrodes in a system consisting of a 
sediment and its equilibrium solution. (After Kruyt 1952 and van Olphen 1977).  
 

R 

R 

ED 



 

 

74 

 
 
Figure A4.3. The potential difference between two ion-selective electrodes (e.g. pH 
electrodes) is zero, irrespective of their positions in the system. (After Gast 1979 and 
van Olphen 1977).   
 
 
reference electrode is immersed in a solution, while the measuring electrode is inside a 
bentonite water system. Gast (1979) discussed the Donnan equilibrium in colloid 
systems and noted that the true significance of the Donnan potential remains in 
question. “Unfortunately, the consequences of this uncertainty are more than academic 
for it enters into all measurements using a reversible, ‘single ion electrode’ in 
conjunction with a reference electrode employing a salt bridge such as the calomel 
electrode.” More recently, Oman et al. (2007) noted that there is no consensus on the 
origin of, or explanation for, the suspension effect. Experiments with movable 
electrodes in gels and sediments offer an alternative interpretation of measured 
potentials. When a measuring electrode is moved from an upper equilibrium solution 
into a sediment, no step-waise change is observed in the electrode potential, as would 
be expected when the electrode “perforates” the “fictious membrane” between the two 
phases. Thus, it is argued, the Donnan potential is zero, or at least negligible. The 
electrode potential changes proportionally with progressive immersion of the electrode 
in the sediment, and becomes an irreversible mixed potential due to the established 
contacts between the particles in the sediment and the electrode. Further details on this 
matter are found in e.g. (Oman and Lipar 1996, Oman 2000, Oman et al. 2007). 
 
These remarks also hold for electrode measurements in compacted bentonite. Further 
studies are needed before possible Donnan effects and/or mixed potentials can be 
satisfactorily understood, not only in dilute colloid systems but also in compacted 
bentonite-water systems. 
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