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ABSTRACT
Electrochemistry deals with the interrelationship between electrical and chemical energy. Various potentials appear in electrochemistry and
pertain to one another in practical cells. Understanding the electrode potential is an important step in acquiring basic knowledge of
electrochemistry and extending it to specific applications. This comprehensive paper outlines the fundamentals and related subjects of
electrode potentials, including electrochemical cells and liquid junction potentials. Aqueous solution systems are ideal for connecting the
theoretical background of electrode potentials to practical electrochemical measurements. Accordingly, the basic electrode chemistry in
aqueous systems is described in this paper, as well as several advanced concepts introduced in recent studies.
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1. Introduction

Electrode potential is the most salient and puzzling concept
in electrochemistry.1–10 Although electric potentials in physics
certainly underlie the concept of the electrode potential, the
thermodynamic connection of the electrode potential to Gibbs
energy represents the direction and scale of a redox reaction. A basic
understanding of the electrode potential is necessary for constructing
an appropriate electrochemical system and extending it to different
applications.

Historically, the electrode potential has a variety of backgrounds,
and its definition is somewhat ambiguous. This comprehensive,
instructive paper summarizes the fundamental aspects of the
electrode potential, mainly in the equilibrium state. Section 2 starts
by defining the different types of electric potentials required in
electrochemistry and describes the thermodynamic aspects connect-
ing the Gibbs energy and the cell potential. Next, the electrochem-
ical potential, which considers the chemical and electrical
contributions to the total energy of a charged species, is introduced
and connected to the Nernst equation. A basic description of the
electrochemical cell is presented, as well as the definitions of related
terms and tips for the use of coin cells. At the end of the section is a

description of the junction potential at the interface of two
electrolytic solutions, and information on salt bridges.

Section 3 covers aqueous solution systems, which provide good
examples of the fundamental concepts and are ideal for connecting
the theoretical background to practical electrochemical measure-
ments. Information is provided on the basic electrode chemistry in
aqueous systems, including the Pourbaix diagram, electrochemical
window, practical reference electrode, and mixed potentials, as well
as several advanced concepts introduced in recent studies. Detailed
slides for each section are provided in the Supplementary Material.

2. Fundamentals

2.1 Inner, outer, and surface electric potentials
The electric potential of a charged species generally corresponds

to work that brings it from the point at infinity to a specific point.
Figures 1a and 1b summarizes the relationship between the inner,
outer, and surface electric potentials and the Galvani and Volta
potentials for metal M. The inner electric potential (ºM) is the
potential to bring a charged particle from the point at infinity
(point O) to a specific point in the bulk of M (point B), and thus the
difference between the two inner electric potentials (e.g., ºM1 and
ºM2 , where M1 and M2 are two different metals) provides the
Galvani potential (�º

M2

M1
). The outer electric potential (¼M) is a

potential to bring a charged particle from the point of infinity
(point O) to the surface of M (point A), and the difference between
the two outer potentials (¼M1 and ¼M2 ) is called the Volta potential
(�¼

M2

M1
). The surface electric potential (»M) originates from the

dipolar charge distribution at the surface of M. These three
potentials are connected using Eq. 1; however, only ¼M, which is
the potential difference between two points in the same phase, is a
measurable quantity.
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ºM ¼ ¼M þ »M ð1Þ
The electrode potential can be regarded as the potential difference
between a point in the solid conductor (M, e.g., metal) and another
point in the electrolytic solution (S) (thus, the Galvani potential,�ºM

S )
(Fig. 1c). The partial molar Gibbs energy of a charged species has
chemical and electrical contributions (see electrochemical potential in
Section 2.3). The Galvani potential is not directly measurable because
the separation of chemical and electrical contributions is difficult when
measuring the potential difference between two different phases.5,11,12

If the potential difference between points in the same phase is
measured in the equilibrium state, their chemical contributions are
identical, and thus the potential difference is measurable. In practical
measurements, the electrode potential is measured as a relative value
by introducing an additional electrode (reference electrode), as
explained in the following sections.

2.2 Thermodynamic background
When considering the following n-electron redox reaction

(Eq. 2), the corresponding reaction Gibbs energy, ¦rG, is provided
by Eq. 3 using the chemical potential, ®i, and activity, ai, of two
pairs of oxidants and reductants (Ox/Red and OxB/RedB).

Oxþ Red0 � Redþ Ox0 ð2Þ
�rG ¼ ®Red þ ®Ox0 � ®Ox � ®Red0

¼ ð®�
Red þ ®�

Ox0 � ®�
Ox � ®�

Red0 Þ þ RT ln
aRedaOx0

aOxaRed0

¼ �rG
� þ RT lnQ ð3Þ

where R, T, and Q are the gas constant, temperature, and reaction
quotient, respectively. The superscript circle indicates that the
quantity is in the standard state. Here, the coefficients of the terms in
Eq. 2 are one for simplicity.

An important relationship between ¦rG and the cell potential, ¾
(the International Union of Pure and Applied Chemistry (IUPAC)13

recommends using the cell potential instead of the electromotive
force, emf ) for the corresponding electrochemical cell is introduced
as follows (Eq. 4):

�rG ¼ �nF¾ ð4Þ
where n and F are the stoichiometric coefficients of the electrons in
the reaction and the Faraday constant, respectively. The right side of
Eq. 4 is obtained by considering the electrical work, which is the
product of the charge (Faraday constant for one mole) and ¾, and
corresponds to ¦rG under a constant temperature and pressure. The
following equation for the corresponding electrochemical cell is
obtained by combining Eqs. 3 and 4.

¾ ¼ ¾� � RT

nF
lnQ ð5Þ

When RedB and OxB in Eq. 2 are 1
2
H2(g) and H+(aq), respectively,

in their standard states, Eq. 3 can be written as follows (Eq. 6):

�rG ¼ �rG
� þ RT ln

aRed
aOx

ð6Þ

Figure 2 shows the corresponding electrochemical cell, in which
the working electrode potential is measured with respect to the
reference electrode potential. The H+/H2 redox couple in the
standard state is the universal reference electrode, known as the
standard hydrogen electrode (SHE), and its standard electrode
potential, E°, is zero at all temperatures (E°(H+/H2) = 0).13 Thus, ¾
in this case can be regarded as the electrode potential representing
the half-cell reaction (Eq. 7) in question, and is simply called the
electrode potential, E.

Oxþ ne� � Red ð7Þ
The half-cell reaction is written in the reduction direction. This is
a practical way to define E. From Eqs. 4 and 6, the following
relationship is obtained (Eq. 8):

Metal (M)

= +

(a)

(b)
Metal (M2)

Metal (M1)

(c)
Metal (M)

Solution (S) 

Figure 1. (a) Relationship between inner (ºM), outer (¼M), and
surface (»M) electric potentials of metal M. (b) Relationship between
Galvani (�º

M2

M1
) and Volta (�¼

M2

M1
) potentials for metals M1 and M2.

(c) Electrode potential regarded as a potential difference between
points in a metal M and a solution S.

V

WSalt bridge

a(H+) = 1.0

SHE
H2(105 Pa)→

Figure 2. Schematic of the standard hydrogen electrode (SHE)
paired with an electrode W. The pressure of H2 and activity of H+

for SHE are 105 Pa and 1.0, respectively.
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E ¼ E� � RT

nF
ln

aRed
aOx

ð8Þ

where E° is related to ¦rG° by ¦rG° = ¹nFE°.

2.3 Electrochemical potential
The chemical and electrochemical potentials (® and ~®) defined in

Eqs. 9 and 10 are important quantities for introducing the electrode
potential under a constant potential and temperature. The two terms
contain the word “potential;” however, their unit is Jmol¹1 and is
different from the unit of the electrode potential (V).

®i ¼
@G

@ni

� �
nj 6¼i

¼ ®�
i þ RT ln ai ð9Þ

~®i ¼ ®i þ ziFº ¼ ®�
i þ RT ln ai þ ziFº ð10Þ

where zi is the charge of the charged species and º is the inner
potential of the phase (see Section 2.1) containing the charged
species. The chemical potential is the partial molar Gibbs energy,
and the electrochemical potential includes the electrostatic contri-
bution for the charged species in addition to the chemical potential;
the last term of Eq. 10 represents the work of moving the ion from
infinity to a certain point in the solution. Considering the case of
Eq. 6, the chemical potentials of the ions in the solution (Ox and
Red) and the electrons in the metal (e) are expressed as follows
(Eqs. 11-1, 11-2, and 11-3):
~®Ox ¼ ®Ox þ zOxFº

S ¼ ®�
Ox þ RT ln aOx þ zOxFº

S (11-1)

~®Red ¼ ®Red þ zRedFº
S ¼ ®�

Red þ RT ln aRed þ zRedFº
S (11-2)

~®e ¼ ®�
e � FºM (11-3)

where ºS and ºM are the inner electric potentials of the solution and
metal, respectively, and electroneutrality requires the following
relationship: zOx = n + zRed. Here, the activity of the electron in M
is one, and thus, ®e ¼ ®�

e . The following equation holds in the
equilibrium state (Eq. 12):

~®Ox þ n ~®e ¼ ~®Red ð12Þ
Equations 11-1, 11-2, 11-3, and 12 yield the following relationship
(Eq. 13):

ð®�
Ox þ RT ln aOx þ zOxFº

SÞ þ nð®�
e � FºMÞ

¼ ®�
Red þ RT ln aRed þ zRedFº

S ð13Þ
When the electrode potential, E, is defined as occurring at the
interface between the metal and the solution, it can be expressed as
follows (Eq. 14) from Eq. 13:

E ¼ ºM � º S

¼ � ®�
Red � ®�

Ox � n®�
e

nF
� RT ln

aRed
aOx

¼ E� � RT

nF
ln

aRed
aOx

ð14Þ
Here, Eq. 14 is derived by considering only a half-cell reaction, and
it is known as the Nernst equation. Equation 8 is derived in a
different manner, but has the same form as Eq. 14 and can be
converted to a more practical form (Eq. 15) by separating the
activity coefficient and the concentration and introducing the formal
potential, E°B:

E ¼ E� � RT

nF
ln

aRed
aOx

¼ E� � RT

nF
ln

£Red

£Ox

� RT

nF
ln

cRed
cOx

¼ E�0 � RT

nF
ln

cRed
cOx

ð15Þ

The selected E° values at 25 °C are listed in Table 1.14 Although
the H+/H2 couple (SHE) is defined as the reference for all the E°
values, more convenient redox couples with a high reversibility are

practically used as reference electrodes (details on practical
reference electrodes are provided below). The ionic species in the
list are assumed to be in an aqueous solution, which means that E°
can be different in other solvents. The oxidizing power of the species
on the left side decreases from high to low E°; F2 in F2/F¹ is the
strongest oxidizer, and Li in Li+/Li is the strongest reducer in the
list (Table 1).

2.4 Electrochemical cell
In electrochemical measurements, the electrode to be measured

is called the working electrode (sometimes the indicator or test
electrode) against the reference electrode. The electrode potential
can be measured in a two-electrode cell when no current is flowing
(Fig. 3a). However, a stable reference electrode (non-polarized) is
necessary to correctly measure the potential of the working electrode
under a current flow; thus, another electrode, called the counter
electrode (or auxiliary electrode), is required. In such an arrange-
ment, called a three-electrode cell (Fig. 3b), the current passes
between the working and counter electrodes, and the reference
electrode potential remains constant. When an ohmic drop occurs in
the solution, iRs (i and Rs denote the current and solution resistance,
respectively), and is not negligible under a current flow, the working
electrode potential cannot be correctly measured. The ohmic drop
can be minimized by placing the reference electrode near the
working electrode. Although the use of Luggin-Haber capillary
further reduces this contribution,15 the uncompensated potential
drop still remains and needs to be corrected by instrumental
techniques such as a positive feedback compensation scheme.16

The open-circuit potential (or rest potential) indicates the
potential of a working electrode when no external current is flowing
(see Section 3.4 for the open circuit potential under mixed
potential). If no charge transfer (no redox reaction) occurs on a
certain electrode in an electrolytic solution polarized from the open-

Table 1. Standard electrode potentials of selected redox couples.

Half-cell reactions E°

F2 + 2e¹ ! 2F¹ +2.87

Ce4+ + e¹ ! Ce3+ +1.72

MnO4
¹ + 8H+ + 5e¹ ! Mn2+ + 4H2O +1.51

Cl2 + 2e¹ ! 2Cl¹ +1.36

Cr2O7
2¹ + 14H+ + 6e¹ ! 2Cr3+ + 7H2O +1.36

O2 + 4H+ + 4e¹ ! 2H2O +1.23

Br2 + 2e¹ ! 2Br¹ +1.07

Ag+ + e¹ ! Ag +0.80

Hg22+ + 2e¹ ! 2Hg +0.80

Fe3+ + e¹ ! Fe2+ +0.77

Cu2+ + 2e¹ ! Cu +0.34

AgCl + e¹ ! Ag + Cl¹ +0.22

2H+ + 2e¹ ! H2 0

Pb2+ + 2e¹ ! Pb ¹0.13

Sn2+ + 2e¹ ! Sn ¹0.14

Fe2+ + 2e¹ ! Fe ¹0.44

Zn2+ + 2e¹ ! Zn ¹0.76

Al3+ + 3e¹ ! Al ¹1.68

Mg2+ + 2e¹ ! Mg ¹2.36

Na+ + e¹ ! Na ¹2.71

Ca2+ + 2e¹ ! Ca ¹2.84

K+ + e¹ ! K ¹2.93

Li+ + e¹ ! Li ¹3.05

Electrochemistry, 90(10), 102001 (2022)
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circuit potential, the electrode–solution interface acts as a capacitor.
Such an electrode is referred to as an ideal polarizable electrode and
is used to investigate the double-layer behavior. On the other hand,
an ideal non-polarizable electrode has an infinitely high exchange
current density, and its potential does not change upon the passage
of a current, indicating a potential determined by the Nernst
equation. This behavior is preferable for use as the reference
electrode. Figure 3c shows the relationship between the current and
the potential for the ideal polarizable and non-polarizable electrodes.

Particular attention should be paid to electrochemical measure-
ments using coin cells. Two-electrode coin cells are commonly used
in batteries owing to their convenience. The solution resistance in
coin cells can be minimized by placing the two electrodes close to
each other (using a thin separator with a thickness of a few tens of
micrometers) and increasing the electrode area. The performance of
an electrode active material is often evaluated using a half-cell test
with a metal counter electrode. For example, a lithium metal counter
electrode in an electrolytic solution containing a lithium salt also
works as a reference electrode in a two-electrode configuration in
the form of Li+/Li. Although discussions are often based on the
assumption that the Li+/Li equilibrium potential holds under a
current flow, its non-zero charge transfer resistance certainly induces
polarization (negatively during lithium metal deposition and
positively during lithium metal dissolution). Consequently, the
working electrode potential appears to be higher during delithiation
and lower during lithiation (polarization also depends on various
parameters such as the electrolyte and temperature). Thus, careful
interpretation is required for measurements using coin cells,
particularly at high current densities. Metal deposition/dissolution
cycle tests for a Li/Li symmetric cell can provide useful information
on the degree of polarization of the lithium metal electrode
(Fig. 3d);17 polarization (response of voltage) is evaluated by
increasing the direct current (DC) (i1 < i2 < i3 <*) stepwise and
repeating the deposition/dissolution up to a specific cycle number

required in measurements where the Li metal counter electrode is
used. Electrochemical impedance spectroscopy can provide similar
information.

2.5 Liquid junction potential
The liquid junction potential appears at the junction of two

different electrolytic solutions. When both the cations and anions
diffuse through the junction by the concentration gradient, the
difference in their mobilities causes a charge separation, as shown in
Fig. 4a.2,10 The liquid junction potential compensates for this charge
separation (and thus this type of liquid junction potential is called a
diffusion potential); it forms to slow down the faster ions and speed
up the slower ions to satisfy charge neutrality, as shown in Fig. 4b.
The liquid junction potential is defined as the Galvani potential
between the right and left phases (the inner potential of the right
phase with respect to that of the left phase in the case shown in
Fig. 4b). Mass transfer in electrolytic solutions based on ion
diffusion and migration is described by the Nernst-Planck equation
(Eq. 16) by neglecting convection as follows:

J ¼ �D
dc

dx

� �
� z

jzj uc
dº

dx

� �
ð16Þ

where J, D, c, and u are the flux, diffusion coefficient,
concentration, and mobility, respectively. This equation contains

A

V

A

V

W      R     CW                   C (R)

(a)  (b)

(c) (d)
Ideal non-polarizable 
electrode

E

i

Ideal polarizable 
electrode

Vo
lta

ge

Time 

0 · · ·

i1                     i2                     i3

Figure 3. Schematics of (a) two-electrode and (b) three-electrode
cells; the symbols W, C, and R denote working, counter, and
reference electrodes, respectively. (c) Polarization curves of ideal
polarizable and non-polarizable electrodes. (d) Relationship between
time and voltage during metal deposition/dissolution cycles for a
Li/Li symmetric cell.

Solution A
High concentration

Solution B
Low concentration

: mobility

(a)

x
0             d

Solution A
High concentration

Solution B
Low concentration

(b)

Figure 4. (a) Diffusion of ions from solution A (high concen-
tration) to solution B (low concentration) at their boundary when
u+ > u¹. (b) Relationship between ion diffusion and liquid junction
potential.
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two derivative terms; thus, it is difficult to obtain an analytical
solution without assumptions. Two different assumptions provide
two different approximate junction potential equations. When the
concentration gradient of an ion (i) is assumed to be constant
everywhere in the junction, the following Henderson equation is
obtained (Eq. 17):

�º ¼ �

X
i
jzijui

zi
ðci;d � ci;0ÞX

i
jzijuiðci;d � ci;0Þ

RT

F
ln

X
i
ðjzijuici;dÞX
i
ðjzijuici;0Þ

" #
ð17Þ

The Goldman equation (Eq. 18) is obtained by assuming that the
electric field is constant in the junction between 1 : 1 electrolytes
( j represents cations and k represents anions):

�º ¼ � RT

F
ln

X
j
ð½jcj;dÞ þ

X
k
ð½kck;0ÞX

j
ð½jcj;0Þ þ

X
k
ð½kck;dÞ

2
4

3
5 ð18Þ

Both equations indicate that a concentrated solution with ions of
nearly equivalent mobility can minimize the liquid junction
potential to another solution with a low concentration. Examples
of such salts are KCl and KNO3 in aqueous solutions and
tetraethylammonium picrate in nonaqueous solutions. A typical
intermediate salt bridge for an aqueous solution is prepared by
gelling KCl with agar in a glass tube and using it to connect the two
solutions as shown in Fig. 2. A liquid junction potential less than a
few millivolts is negligible in practical experiments because
phenomena within such errors is often observed in electrochemical
measurements.

A prominent topic in this area is the use of an ionic liquid salt
bridge proposed by Kakiuchi and coworkers.18,19 A hydrophobic
ionic liquid ([C][A]) and an aqueous solution form a two-phase
system. The liquid junction potential between these two phases
(�ºW

IL) is thermodynamically determined by the distribution
potential (Eq. 19) and thus the ionic liquid salt bridge is distinct
from the previously known ones, such as the KCl salt bridge, for
which the phase-boundary potentials are determined by the non-
thermodynamic diffusion potential.

�ºW
IL ¼ 1

2
ð�ºðCþÞ�WIL þ�ºðA�Þ�WILÞ þ

RT

2F
ln

£W
A�£ ILCþ

£W
Cþ£

IL
A�

ð19Þ

where �ºðCþÞ�WIL and �ºðA�Þ�WIL are the standard ion transfer
potentials of the cations (C+) and anions (A¹), respectively, and C

corresponds to the activity coefficient of the ions in the aqueous (W)
or ionic liquid (IL) phases. Two other potentials, diffusion and
mixed potentials caused by the mobility difference between the C+

and A¹ ions in the aqueous phase, need to be considered in practical
cases, but these contributions can be minimized by using an ionic
liquid consisting of cations and anions with similar mobilities, as in
the case of the KCl salt bridge. Fast response, high stability, and low
contamination are the advantages of ionic liquid salt bridges.
Although the experimentally obtained junction potential between the
1-methyl-3-octylimidazolium bis(trifluoromethanesulfonyl)amide
([C8C1im][TFSA]) ionic liquid and HCl, LiCl, NaCl, and KCl
solutions remained constant within «1mV over the change in the
concentration from 1.0 © 10¹4 to 0.2mol dm¹3, a deviation from
the constant value was observed at low concentrations
(<10¹4mol dm¹3).20 This is attributed to the diffusion potential
caused by the lower mobility of [C8C1im]+ compared to that
of [TFSA]¹. A more stable salt bridge was constructed with
[P444(201)][TFSA] ([P444(201)]+ = tributyl(2-methoxyethyl)phospho-
nium) owing to the similar mobilities of [P444(201)]+ and [TFSA]¹,
exhibiting a constant phase boundary potential with the aqueous
alkali metal iodide solutions down to a low concentration of
³10¹6mol dm¹3.21

The liquid junction potential in highly concentrated aqueous
solutions was discussed in a recent study.22 Taking the equilibrated

LiFePO4/FePO4 couple as an example of a Li+-insertion electrode,
the difference in the electrode potentials in a highly concentrated
LiCl aqueous solution (e.g., 18mol kg¹1 LiCl aq.) and reference
electrolyte (e.g., 1mol kg¹1 LiCl aq.) (¦E ) is expressed by three
different contributions (Eq. 20):

�E ¼ �Ec
N þ�E£

N þ�ELJP ð20Þ
where the first two Nernstian contributions (�Ec

N and �E£
N) are

associated with the changes in the concentration and activity
coefficient, and the last contribution (¦ELJP) is the liquid junction
potential. Because �Ec

N can be calculated from the Nernst equation,
the plot of �E ��Ec

N against the molality of a lithium salt is a
good indicator to estimate �E£

N þ�ELJP. The diffusion potential
calculated by the Henderson equation suggests a negligible
contribution, but the two assumptions regarding the activity and
mobility of the ions in the Henderson equation are not valid in
highly concentrated solutions. The assumption that the activities of
the ions are equal to the mean activity of the salt and the transport
numbers for the cations and anions are independent of the molality
can provide another simple approximation: the liquid junction
potential to a situation where a junction is formed between two
solutions of common ions in different concentrations and the ions
move across the junction to a lower concentration yields a value
over 100mV in the case between 1.0 and 18mol kg¹1 LiCl
solutions. Although the assumptions applied here may not be
completely correct, it is obvious that discussions about the redox
potential in highly concentrated solutions must consider the junction
potential.

3. Aqueous Systems

3.1 Potential–pH diagram
In electrochemical systems that use aqueous solutions as

electrolytes, the pH (¼ � log10 aHþ ) of the solution is often
responsible for the potential-determining reaction and the equi-
librium electrode potential. For example, zinc ions are dissolved as
Zn2+ ions (more correctly, hydrated Zn(OH2)62+) in acidic solutions
but precipitate mainly as Zn(OH)2 in neutral solutions, and
[Zn(OH)4]2¹ is the main dissolved species in alkaline solutions.
The redox reaction of zinc ions in acids is as follows:

Zn2þ þ 2e� � Zn ð21Þ
and its electrode potential at 25 °C can be derived using the Nernst
equation:

Eacid ¼ E�
acid �

RT

2F
ln

aZn
aZn2þ

¼ E�
acid þ

RT

2F
ln½Zn2þ�

¼ E�
acid þ 0:0296 log½Zn2þ� ð22Þ

where it is assumed that “the activity is equal to the concentration,
and the activity of the solid is one.” However, the reduction of zinc
ions in alkaline solutions is as follows:

½ZnðOHÞ4�2� þ 2e� � Znþ 4OH� ð23Þ
and the electrode potential at 25 °C is as follows:

Ebase ¼ E�
base �

RT

2F
ln

aZn � a4OH�

a½ZnðOHÞ4�2�
¼ E�

base þ
RT

2F
ln
½ZnðOHÞ2�4 �

a4
OH

�

¼ E�
base þ 0:0295 log½ZnðOHÞ2�4 � þ 0:118ð14� pHÞ ð24Þ

When comparing Eqs. 22 and 24, it can be seen that in acidic
solutions, the electrode potential is independent of the pH. However,
in alkaline solutions, the electrode potential decreases as the pH
increases. Such electrode potential behavior indicates that the pH of
the solution must be considered when studying electrochemical
reactions in aqueous solutions.

Therefore, a diagram showing the dissolved ionic or chemical
species of the element of interest on a two-dimensional plane of
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the electrode potential vs. pH is a good guide for electrochemical
reactions in aqueous solutions. The potential–pH diagram is also
known as the Pourbaix diagram, named after the Belgian chemist
Marcel Pourbaix (1904–1998). Initially, Pourbaix used the poten-
tial–pH diagram to study corrosion; today, potential–pH diagrams
are available for almost all the elements. In addition, potential–pH
diagrams for multiple elements can be drawn using commercial
software with thermodynamic data.

For example, a potential–pH diagram for zinc is shown in
Fig. 5.23 The two dashed lines in the figure are the standard
potentials for the oxygen evolution and hydrogen evolution
reactions and represent the theoretical stable region (potential
window) of water. Potential windows are discussed in detail in the
next section. The diagram can be divided into five regions where
Zn2+, Zn(OH)2, [HZnO2]¹, [Zn(OH)4]2¹, and Zn are stable. The
boundary line represents the equilibrium conditions (pH and
electrode potentials), and the position of the boundary line may
vary with the concentration of dissolved ion species (1.0 ©
10¹6mol dm¹3 in Fig. 5). Line (A) is a horizontal line, indicating
that the potential-determining reaction is unaffected by changes in
the pH, as shown in Eq. 21. Lines (E)–(G) have negative slopes
because the electrode potential is affected by the pH. Lines (B)–(D)
are not redox reactions (the oxidation number of zinc remains at +2)
but are dissolution-precipitation reactions, and there is no change in
the electrode potential.

The line types can be summarized as follows:
(1) Two different species of the element of interest (solid or

dissolved), protons involved, but no electron transfer: vertical
line

(2) Two different species of the element of interest (solid or
dissolved), electrons involved, but no protons involved:
horizontal line

(3) Two different species of the element of interest (solid or
dissolved), protons and electrons are involved: oblique line

A simple potential–pH diagram can be derived relatively easily
from thermodynamic data, but the calculation is complicated when
multiple elements are considered. Density functional theory (DFT)
calculations have recently been used to determine the total energy
of chemical species, and the results provided the basis for the
potential–pH diagram. However, when multiple elements are

considered in DFT first-principles electronic structure calculations,
numerous computational resources are required to search for
candidate compounds. In recent years, algorithms for this purpose
have been improved to search for convex hulls of stable candidate
compounds. Many algorithms have been published that can be used
together with the results of DFT calculations. For example, Fig. 6
shows a potential–pH diagram for zinc and manganese drawn by the
Pourbaix diagram implemented in the Materials Project.24–26 As
shown, the zinc and manganese compounds are drawn in a complex
manner. An example code for drawing a Pourbaix diagram is
provided in the Supporting Information.

The potential–pH diagram shows the region of the pH and
potential where a compound is stable, and acts as a guide map when
considering the electrochemistry of aqueous solutions.

3.2 Electrochemical window
In an aqueous solution, oxygen and hydrogen evolution reactions

occur when the electrode potentials are high and low, respectively.
Therefore, the upper and lower limits of the electrode potential that
can be applied in an electrochemical cell using an aqueous solution
are determined by both reactions; this potential range is called the
electrochemical window (or potential window). In the potential–pH
diagram for zinc, the region sandwiched between the two dashed
lines corresponds to the electrochemical window. The oxygen
evolution reaction in acidic and basic solutions is described by
Eqs. 25 and 26 as follows:

2H2O � O2 þ 4Hþ þ 4e� ð25Þ
4OH� � O2 þ 2H2Oþ 4e� ð26Þ

The hydrogen evolution reaction in acidic and basic solutions is
described by Eqs. 27 and 28 as follows:

2Hþ þ 2e� � H2 ð27Þ
2H2Oþ 2e� � H2 þ 2OH� ð28Þ

As shown in Eqs. 25–28, the potential-determining reactions depend
on the pH; thus, the two dashed lines have negative slopes.

In practice, some overpotentials are required to allow the oxygen
evolution and hydrogen evolution reactions to proceed, resulting in
a larger potential window than the thermodynamic theoretical
potential window of 1.23V (25 °C). Owing to these overpotentials,
a nominal voltage of 2.1V is possible in lead–acid batteries.27

Conversely, water electrolysis, in which clean hydrogen can be
produced, requires a voltage of 2V or higher.

As a new topic regarding the potential window of aqueous
solutions, research on the use of aqueous electrolytes in inexpensive
and environmentally benign rechargeable batteries is gaining
momentum. Compared with organic solvents and ionic liquids,
aqueous solutions have a narrower potential window, which limits
the operating voltage of the battery. Research on new aqueous
electrolytes that achieve a wide potential window is underway by
modifying the additives, electrolyte salts, and electrolyte concen-
tration.28–31 Clarification of the origin of the wide potential window
has been attempted by DFT calculations and analysis of the
electrode/electrolyte interface, although no unified conclusion has
been reached. However, it should be noted that the gap between the
HOMO and LUMO obtained from the DFT calculations of water is
extremely large (8.7 eV) and far from the actual thermodynamic
data; therefore, the potential window cannot simply be obtained
from the gap between the HOMO and LUMO.32

Although not discussed in detail in this paper, the potential
window is important not only from a thermodynamic viewpoint but
also from a kinetic viewpoint. Even if the electrode potential is
outside the thermodynamic potential window, the kinetics of water
decomposition may be sufficiently slow, in which case the aqueous
electrolyte can be treated as apparently stable. Sufficiently slow
kinetics is a state in which water molecules are unlikely to be

Figure 5. Potential–pH diagram for zinc. The concentration of Zn
ion species is 1.0 © 10¹6mol dm¹3.

Electrochemistry, 90(10), 102001 (2022)

6



supplied near the electrode, which is thought to be realized by the
formation of a surface electrolyte interphase (SEI), which is a
decomposition product of the electrolyte, or a local structure near the
electrode in which water molecules are unlikely to be released.33

3.3 Practical reference electrodes
The reference electrode should be an ideal nonpolarizable

electrode with a large exchange current density such that a small
polarization allows a large current flow. The primary reference
electrode used in aqueous solutions is the standard hydrogen
electrode (SHE). However, SHE is an ideal device that cannot be
realized experimentally. Therefore, reversible hydrogen electrodes
(RHEs), which depend on the solution pH, are widely used.

The Nernst equation in Eq. 27 is as follows:

EðRHEÞ ¼ E� � RT

2F
ln

pH2
=p�

a2
Hþ

 !

¼ �2:303
RT

2F
log

pH2

p�
þ 2pH

� �
ð29Þ

The applied convention is that the standard potential of hydrogen
E°(H2/H+) = 0 at all temperatures. Although the hydrogen partial
pressure should strictly consider the effects of water vapor and
hydrostatic pressure, the error at 25 °C is only approximately
1mV; thus, it is usually not necessary to take this into account. In
addition, the difference between the standard pressure defined by the
IUPAC (105 Pa) and 1 atm (101,325 Pa) is approximately 0.1mV.

Generally, an electrode of the second type, as shown below, is
used as the reference electrode.

Silver–silver chloride electrode Ag/AgCl

AgClþ e� � Agþ Cl� ð30Þ
Mercury–mercury(I) chloride electrode (calomel electrode) Hg/
Hg2Cl2

Hg2Cl2 þ 2e� � 2Hgþ 2Cl� ð31Þ
Mercury–mercury(I) sulfate electrode Hg/Hg2SO4

Hg2SO4 þ 2e� � 2Hgþ SO2�
4 ð32Þ

Mercury–mercury(II) oxide electrode Hg/HgO

HgOþ H2Oþ 2e� � Hgþ 2OH� ð33Þ
It is necessary to select the most appropriate reference electrode
depending on the electrolyte used for the measurement. Figure 7
shows a chart comparing the potentials of the reference electrodes
that are typically used in aqueous solutions. The electrode potentials
of RHE and Hg/HgO vary with the pH of the solution and the
concentration of the supporting salt. It should also be noted that the
potentials in Fig. 7 are defined in aqueous solutions and cannot be
directly compared to those in nonaqueous solvents, because the
standard potentials change with the solvent.

3.4 Mixed potentials
The open-circuit potential is measured with no current flowing to

the working electrode; it is also known as the zero-current potential.
When the potential-determining reaction is a single charge transfer
reaction, the open-circuit potential shows an equilibrium potential
according to the Nernst equation. However, when multiple charge
transfer reactions are involved, the open-circuit potential cannot be
described by the Nernst equation and it becomes a mixed potential.
For example, when considering the oxidation of iron in an aqueous
solution, the iron dissolution reaction is as follows:

Fe ! Fe2þ þ 2e� ð34Þ
and the hydrogen evolution reaction proceeds simultaneously.
Therefore, the zero-current potential is the potential at which the
currents of the reduction reaction (Eq. 27), and oxidation reaction
(Eq. 34) cancel each other out. The relationship between the
reduction and oxidation currents and the mixing potential is
schematically depicted in Fig. 8. The electrode potential at which
the absolute values of the oxidation and reduction currents are equal
is the mixed potential.

Figure 6. Potential–pH diagram for zinc and manganese, drawn by the Materials Project. The concentrations of Zn and Mn ion species are
1.0 © 10¹6mol dm¹3.
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4. Summary

The former part of this comprehensive paper described the
fundamentals of electrode potentials from both a theoretical and a
practical viewpoint. Understanding the basic concepts, including the
definition of the electrode potential, is essential for constructing an
appropriate electrochemical system. The latter part provided
important information regarding aqueous electrochemistry. The pH
dependence, water stability region, practical reference electrodes,
and mixed potentials were briefly summarized. New concepts and
techniques appear together with the progress of electrochemistry,
and a wide range of diverse methods are required for researchers.
Detailed information on electrode potentials in nonaqueous and
solid-state systems is available in the following comprehensive

paper (Electrode Potentials Part 2: Nonaqueous and Solid-state
Systems).
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