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D.1 Principles of Electrochemistry

D.1.1 Introduction

Many significant chemical reactions are electrochemical in nature. To
understand electrochemical reactions, it is necessary to understand
the terms and concepts of electricity and extend these to apply to elec-
trochemical relationships. Electrochemical reactions are chemical
reactions in which electrons are transferred.

The most fundamental quantity used in the study of electricity is
electrical current (I). Electrical current is measured in one of the base
units of the International System, the ampere (A). There are two types
of electrical current: direct current (dc), in which the current flows in
only one direction, and alternating current (ac), in which the current
flows alternately in opposite directions.
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Electrical charge (Q) is the product of electrical current and time (t)
(i.e., Q � It). Electrical charge is measured in coulombs (C). A charge
of 1 C is passed when a current of 1 A flows for a time of 1 s, so the
coulomb is the ampere-second.

Energy must be expended to force electrical current to flow through
matter. The amount of energy expended in doing so depends upon the
electrical resistance (R) of the particular matter through which the
current passes. The electrical resistance is measured in ohms (�).
When 1 joule (J) of energy is expended in driving a current of 1 A
through a resistance, the electrical resistance is 1 �.

One of the most useful of the laws of electricity is Ohm’s law (E �
IR). This law links the electrical quantities of current I and resistance
R with the electrical potential or potential difference (E) that is driving
the current through the resistance. The SI unit for the electrical
potential difference is the volt (V). A potential difference of 1 V will
drive 1 A of current through 1 � of resistance, expending as it does so
1 J of energy and passing in the process 1 C of charge. The joule is also
the volt-coulomb.

Basic definitions
Oxidation and reduction. Electrons are always transferred from one

atom or molecule to another in an electrochemical reaction, even
though electrons may not appear explicitly in the global balanced
equation for the reaction.

There are three different types of electrochemical reactions that are
distinguished by the changes of oxidation state that occur in them.
They are called oxidation reactions, reduction reactions, and redox
reactions; the term redox is an abbreviation for oxidation-reduction
reactions, because both oxidation and reduction occur in redox reac-
tions. Electrons appear explicitly in oxidations or reductions but
appear only implicitly in redox reactions.

In an oxidation reaction, atoms of the element(s) involved in the
reaction lose electrons. The charge on these atoms must then become
more positive.

Example

Fe2�
(aq) → Fe3�

(aq)�e�

A reduction reaction is the reverse of an oxidation reaction. In a
reduction reaction, atoms of the elements involved gain electrons.

Example

Zn2�
(aq) � 2e� → Zn(s)
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A redox reaction is an electrochemical reaction in which both reduc-
tion and oxidation take place together. The electrons lost in an oxida-
tion component are gained in a reduction component. The
stoichiometry of a redox reaction is such that all of the electrons lost
in the oxidation are gained in the reduction, so electrons can appear
only implicitly in a redox reaction.

Electrolyte and electrodes. An ion is an atom or molecule that has
acquired an electrical charge. An ion that carries a positive charge is
called a cation, and an ion that carries a negative charge is called an
anion. Compounds, molecules, and atoms that are uncharged are
referred to as neutral species. A solution that contains ions is called an
electrolyte solution, or more simply an electrolyte. Electrolyte solu-
tions conduct electricity because charged ions can move through them.
Electrolyte solutions are ionic conductors as distinguished from the
electronic conductors, such as metallic wires, in which charge is car-
ried by movement of electrons. An electrolyte solution may be used for
this purpose alone. An example of this is the salt bridge that is used to
permit the flow of ionic charge between different electrolyte solutions.

Two or more electrodes form an electrochemical cell from which two
external wires can lead to an external electrical device. An oxidation
or reduction reaction takes place at one electrode. Electrochemical
reactions in which electrons appear explicitly are also called electrode
reactions, or half-reactions. A half-reaction can be either a reaction in
which electrons appear as products (oxidation) or a reaction in which
electrons appear as reactants (reduction). A combination of two elec-
trode reactions forms a cell reaction, or because one electrode must be
carrying out an oxidation while the other is carrying out a reduction,
a redox reaction.

A balanced electrochemical half-reaction is a reaction in which all
atoms appearing on one side are balanced, in type and number, by
atoms appearing on the other. The total charge on one side of a half-
reaction is equal to the total charge on the other, but at least one elec-
tron appears on one side not balanced by an electron on the other.
Electrons are not normally found in aqueous solutions because they
react with water; they move through electronic conductors that are
generally metallic wires. Ions, however, are quite stable in aqueous
solutions and can carry charge as they move through it. When an oxi-
dation reaction takes place at an electrode, that electrode is called an
anode; when a reduction reaction takes place at an electrode, that elec-
trode is called a cathode.

Electrochemical cells. An electrochemical cell can either drive an
external electrical device (load) or be driven by it (power supply),
depending upon the relative electromotive forces applied by the cell
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and the device. The current that flows through a cell will produce an
electrochemical reaction that follows the principles of electrochemical
stoichiometry (i.e., Faraday’s law). The electromotive force (emf) of the
cell is then called its reversible potential (Erev). An electrochemical cell
can be described as galvanic, reversible, or electrolytic:

■ A galvanic cell is a cell in which current flows, power is produced,
and the cell reaction is proceeding spontaneously.

■ An electrolytic cell is a cell in which current flows, power is con-
sumed, and the cell reaction being driven is the reverse of the spon-
taneous cell reaction.

■ A reversible cell is a cell in which no current flows (and therefore no
power is involved, because P � EI). The cell reaction in a reversible
cell is neither spontaneous nor nonspontaneous; it is called
reversible because an infinitesimal change in the cell potential can
cause it to proceed in either direction.

When cells are under reversible conditions, the potential difference,
or emf, across them can be measured without any loss due to ohmic, or
IR, drop. In such a particular case Erev is identical to the open-circuit
potential.

Electrode structures and notations. At an electrode, conduction
changes from ionic to electronic. A half-cell reaction may not con-
tain any electronic conductor explicitly, but the actual physical half-
cell corresponding to that reaction must contain an electronic
conductor that makes external electrical contact. When writing a
real half-cell, we usually specify the physical state of all compo-
nents (s, l, g, aq, etc.) and denote phase boundaries by a slash, /.
Any electrolytic conductor used to separate two electrolyte solu-
tions while allowing the passage of ionic charge between them sep-
aration in the electrolyte, such as salt bridges, separators,
membranes and so forth, is designated by //, one slash for the phase
boundary at each end. Some examples of half-reactions and half-
cells are illustrated in Table D.1.

1014 Appendix D

TABLE D.1 Examples of Half-Reactions vs. Half-
Cells

Half reaction Half cell

Fe2� � 2e� ⇔ Fe //Fe2�
(aq)/Fe(s)

Cr3� � e� ⇔Cr2� //Cr3�
(aq), Cr2�

(aq)/Pt(s)

AgCl � e� ⇔ Cl � �Ag //AgCl(s), Cl(aq)
�/Ag(s)

Cl2 � 2e� ⇔ 2Cl� //Cl2(aq, sat.), Cl(aq)
�/C(s)
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When writing half-reactions, it is necessary to use a consistent style.
In 1958, it was agreed to use the reduction style for both half-cell reac-
tions and for physically real half-cells. According to that convention,
the reduced species of half-cell reactions are considered to be products,
and the oxidized species are considered to be reactants.

Cell structures and notations. The charge, in an electrochemical cell, is
carried by electrons in part of the circuit and by ions in the electrolyte.
The cell electrode into which electrons flow is the most positive elec-
trode of the cell, and it is conventionally written on the right.

The cathode, at which reduction is taking place, is the most posi-
tive electrode so the cathode is written on the right. Then the elec-
trons in the external circuit must flow from left to right; the
electrode on the left must be the cell anode because oxidation is tak-
ing place there. Charge in the electrolyte is carried by ions, both by
the positive cations and the negative anions. The ions move so as to
complete the circuit, anions moving from right to left as electrons in
the external circuit move from left to right and cations moving in the
opposite direction.

Example An aqueous cell that operates spontaneously using the following
reaction:

Mg(s)�Fe2� → Mg2��Fe(s)

would be written in cell notation as

Mg/Mg2�//Fe2�/Fe

The Fe2� is being reduced at the cathode, so the iron electrode couple is
written on the right. The flow of electrons in the external circuit is from
left to right, the flow of anions in the electrolyte and separator is from
right to left, and the flow of cations in the electrolyte and separator is from
left to right.

Faraday’s Laws of electrolysis. When an electric current is made to
pass through a cell, the current may cause chemical reactions to
occur at its electrodes. This process is called electrolysis, and the cell
in which it occurs is called an electrolytic cell. In the 1830s, the
English scientist Michael Faraday showed that electrochemical
reactions follow all normal chemical stoichiometric relations but in
addition follow certain stoichiometric rules related to charge. These
are known as Faraday’s laws of electrolysis. According to Faraday’s
observations.

1. The masses of primary product formed by electrolysis at an anode
or a cathode are directly proportional to the charge passed (Q).
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2. For a given charge, the ratio of the masses of the primary products
is the same as the ratio of the chemical equivalents (the formula
mass divided by the valence change).

Moles and coulombs. Faraday’s empirical laws of electrolysis relate to
the number of electrons required to discharge 1 mole of an element.
Suppose that the charge required were one electron per molecule, as in
the case of a reaction such as the electroplating of silver:

Ag�
(aq) � e� → Ag(s)

Discharging 1 mole of silver would therefore require 1 mole of elec-
trons, or Avogadro’s number of electrons. The charge carried by 1 mole
of electrons is known as 1 Faraday (F). The Faraday is related to other
electrical units because the charge on a single electron is 1.6027733 �
10�19 C/electron. Multiplying the electronic charge by the Avogadro
number, 6.0221367 � 10�23 electrons/mole, tells us that 1 F equals
96,485 C/(mol of electrons). Combination of the principles of Faraday
with an electrochemical reaction of known stoichiometry permits us to
write Faraday’s laws of electrolysis as a single equation. When only one
chemical species i is involved, Faraday’s can be expressed as Eq. (D.1):

Q � F � �Ni ni (D.1)

where Q � �t

0
I dt

Ni � number of moles of species i
�Ni � the change in that amount
ni � number of electrons per molecule of species i
I � total current
t � time of electrolysis

When the electrolysis results in more than a single reaction, or when
the primary products are changed through secondary chemical reac-
tions, the charge Q is divided into the various reaction paths accord-
ing to each path current efficiency [Eq. (D.2)]:

Q � F�
i

Qi � F�
i

�Ni ni (D.2)

where Qi is the charge involved in each reaction. The overall current
efficiency can be defined by Eq. (D.3):

Current efficiency (%) � 100 � 100 (D.3)
Qi

	
�

i
Qi

Qi
	
Q
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Balancing electrode reactions. In any stoichiometric half-cell (elec-
trode) reaction, the charge on both sides is balanced explicitly by
electrons. The balanced equation gives the ratio of moles of electrons
to moles of other species, and the number of moles of electrons can be
converted into coulombs using the Faraday. In aqueous solutions
these reactions may be complex because the solvent water can
become involved in the reaction. In acidic aqueous solution, an elec-
trode reaction is most easily balanced by carrying out the following
steps in order:

1. Balance all elements except hydrogen and oxygen using stoichio-
metric coefficients.

2. Balance oxygen by adding water as necessary.

3. Balance hydrogen by adding hydrogen ions as necessary.

4. Balance charge by adding electrons as necessary. The number of elec-
trons necessary to balance the charge is the charge number of the
electrode reaction, z.

Example. The reduction of permanganate ion to manganese ion in acidic
aqueous solution is balanced as follows using the above four steps:

1. MnO4
� → Mn2�

2. MnO4
� → Mn2� � 4H2O

3. 8H� � MnO4
� → Mn2� � 4H2O

4. 5e� � 8H� � MnO4
� → Mn2� � 4H2O

If the reaction takes place in a basic aqueous solution rather than an acidic
one, protons will not be available. Nevertheless, it is easier to balance a
reduction or oxidation reaction in basic solution, as if it were in acidic solu-
tion, than to use a formal conversion procedure to give the basic stoichiom-
etry. The formal conversion to basic solution is made by

5. Adding to both sides of the equation the number of hydroxide ions
equal to the number of hydrogen (H� ions appearing on the only
side that has any)

6. Combining hydrogen and hydroxide ions to form water wherever
possible

7. Canceling any water that now appears on both sides of the reaction
equation.

Example The permanganate reduction in acidic solution shown in the pre-
vious example would be converted to basic solution as follows using the
three steps above:

5. 5e� � 8H� � 8OH� � MnO4
� → Mn2� � 4H2O � 8OH�

6. 5e� � 8H2O � MnO4
� → Mn2� � 4H2O � 8OH�

7. 5e� � 4H2O�IO3
� → I� � 8OH�

Electrochemistry Basics 1017

0765162_AppD_Roberge  9/1/99 8:12  Page 1017



D.1.2 Electrolyte conductance

Introduction to conductance of electrolytes. Because a compound or
mixture of compounds is electrically neutral, a solution made by dis-
solving a compound or mixture in any solvent must be neutral also.
This means that the total positive charge must equal the total nega-
tive charge. This statement is known as the law of electroneutrality for
electrolyte solutions. When a substance dissociates into ions in solu-
tion and the dissociation is essentially complete, the substance is
called a strong electrolyte. Incomplete dissociation is found for weak
electrolytes.

When an electrolyte dissociates, the resulting ions interact with sur-
rounding solvent molecules or ions, a process known as solvation, to
form charged clusters known as solvated ions. These solvated ions can
move through the solution under the influence of an externally applied
electric field. Such motion of charge is known as ionic conduction, and
the resulting current is ionic current. The ionic current is determined
by the nature of the ions, their concentrations, the solvent, and the
electric field imposed. Ionic conduction of current in that part of the
electrolyte is sufficiently removed from the electrodes that it does not
influence, nor is it influenced by, the regions adjacent to the electrodes.
This region, called the bulk solution or bulk electrolyte, is uniform in
concentration.

In the bulk electrolyte current is carried only by means of ions. If a
direct current is imposed upon a chemical cell, chemical reactions will
occur at the electrodes in accordance with Faraday’s laws. If an alter-
nating rather than a direct current is used, the Faradaic reaction that
takes place on one half-cycle is reversed on the following half-cycle.
There are still flows of current, however, and such currents, which do
not produce chemical changes in materials, are called non-Faradaic
current. One of these is the current due to the current-carrying ability,
or conductance, of ions. Thus measurements of ionic conduction are
normally made by ac techniques to avoid complications due to the
Faradaic processes taking place at the electrodes.

Theory of ionic conduction. Conductance, whether ionic or electronic, is
the reciprocal of resistance. Ionic conductance, which for the bulk solu-
tion is the only conductance present, is the reciprocal of ionic resistance.
Removing the dependence upon the size and shape of the conductor
requires use of conductivity 
 rather than conductance G. Because con-
ductance increases directly with the cross-sectional area of a conductor
and decreases with its length, conductivity is defined by Eq. (D.4):


 � � G � � (D.4)
�

	
A
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In the above equation, � is the length of the conductor (i.e., the gap sep-
arating the electrodes in Fig. (D.1), and A is the cross-sectional area of
each electrode, assuming that both electrodes have the same dimen-
sions. The ratio �/A is also called the cell constant or shape factor and
has units of m�1.

Molar conductivities of salts. The conductivity of a strong electrolyte
solution such as KCl decreases as the solution concentration decreas-
es. For dilute solutions, or solutions sufficiently dilute that the ionic
environment does not change significantly upon further dilution, the
conductivity should decrease as it does with concentration only
because the number of charge carriers per unit volume decreases. It is
therefore convenient to factor out the dependence upon concentration
by defining the molar conductivity � of an electrolyte [Eq. (D.5)]:


 � �C (D.5)

If the concentration (C) is expressed in mol�m�3, the appropriate SI
unit for molar conductivity � is Sm3 m� 1mol�1, or Sm2�mol�1. Other
concentration units include the mol�dm�3, or molarity, and the
mol(kg�1 solvent), or molality. Experimentally the value of � is found
to be independent of concentration for any electrolyte whenever the
solution is sufficiently dilute. �0, the molar conductivity extrapolated
to infinite dilution, is characteristic only of the ions and the solvent
and is independent of ionic interactions.

The German physicist Friedrich Kohlrausch found that for dilute
solutions of strong electrolytes, extrapolation of measured values of �
to infinite dilution was approximately linear when done against the
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Figure D.1 Schematic of a conductivity cell containing an electrolyte and two inert elec-
trodes of surface A parallel to each other and separated by distance 1.
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square root of concentration. This means that the data suggest an
equation containing an empirical coefficient B characteristic of the
electrolyte [Eq. (D.6)]:

� � �0 �B �C� (D.6)

Molar ionic conductivities. At infinite dilution, each ionic species pre-
sent contributes a fixed amount to the total ionic conductivity, regard-
less of the nature of any other ions present. This means that the total
conductivity of a sufficiently dilute solution is given by the sum of the
individual ionic conductivities of the i different ionic species present
[Eq. (D.7)]:


 � �
i


i (D.7)

It is convenient to define the molar ionic conductivity � of individual
ions (i.e., the conductivity of ions carrying 1 mole of charges), in the
same manner as molar conductivity of electrolytes [Eqs. (D.8) and
(D.9)]:


i � � Ci (D.8)
and


 � �
i

� i Ci (D.9)

The molar conductivity of an electrolyte salt at sufficient dilution is
then simply the sum of the molar ionic conductivity of the ions pro-
duced by dissociation of the salt [Eq. (D.10)]:

�0 � �
i

ni �0i (D.10)

where �0 is the molar conductivity and ni is the number of moles of
ions i produced by the dissociation of 1 mole of the salt.

Values of �0i, the molar ionic conductivity or, in metric units the
equivalent conductance of individual ions, can be obtained from mea-
sured values of � extrapolated to give �0. Table D.2 contains values of
aqueous equivalent ionic conductivity for many ions found in aqueous
solutions at 25°C. It should be noted that the values in this table are
given in SI units. Values in the metric units of S�1�cm2�mol�1 would be
larger by a factor of 10. An appropriate value for the aqueous hydro-
gen ion, for example, would be 349.99 S�cm2�mol�1.

Because �0i is a constant characteristic only of the specific ion i in
the solvent, measurement of 
 permits following the variation of Ci

with time. One of the main applications of the technique is to monitor
water quality in modern water purification systems. However, conduc-
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tance measurements are inherently nonselective because all ions con-
duct ionic current in an electrolyte solution.

Transport numbers in ionic solutions. When more than one ion is present
in an electrolyte solution, it is useful to describe the fraction of the ionic
conductance due to each ionic species present. The transport number
of the individual ion ti, sometimes called the migration number or
transference number, is therefore defined as the fraction of the con-
ductance due to that ion [Eq. (D.11)]:

ti � (D.11)

and, in sufficiently dilute solutions [Eq. (D.12)],

ti � (D.12)

When the solution contains only a single electrolyte salt, the above
equation simplifies to Eq. (D.13):

ti � (D.13)
�0i	

�0i

�0i
	
�

i
�0i


i
	
�
i


i
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TABLE D.2 Values of Limiting Molar Ionic Conductivity at 25°C

Cation �0, mS�m2�mol�1 Anion �0, mS�m2�mol�1

H� 35.00 OH� 19.84
13 Al3� 6.30 Br� 7.82

Ag� 6.19 CH3CO2
� 4.09

12 Ba2� 6.36 C2H5CO2
� 3.58

12 Ca2� 5.95 C6H5CO2
� 3.24

12 Cu2� 5.36 Cl� 7.64
12 Fe2� 5.40 ClO3

� 6.46
13 Fe3� 6.84 ClO4

� 6.74
K� 7.35 CN� 4.45

13 La3� 6.97 12 CO3
2� 5.93

Li� 3.87 F� 5.54
12 Mg2� 5.30 13 Fe(CN)6

3 � 10.1
Na� 5.01 14 Fe(CN)6

4� 11.1
NH4

� 7.35 HCO3
� 4.45

12 Ni2� 5.30 HCO2
� 5.46

12 Pb2� 6.95 HSO4
� 5.20

12 Zn2� 5.28 I� 7.69
MnO4

� 6.10
NO3

� 7.15
13 PO4

3 � 8.00
12 SO4

2 � 8.00
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Transport numbers vary with the nature of the dissolved salt and of
the solution as well as with concentration of the electrolyte. Transport
numbers do change with concentration in a solution of a single salt,
but only slightly. However, because the transport number of an ion is
the fraction of the total ionic conductance due to that ion, the trans-
port number of any particular ion or ions can be reduced to virtually
zero by the addition to the solution of a large concentration of some
salt that does not contain them. Electrochemists often make use of this
technique.

Note that the units for molar ionic conductivity, S�m2�mol�1, are
units of velocity under a uniform potential gradient. As a consequence
these values are also referred to as limiting ionic mobility (ui),
expressed as Eq. (D.14):

ui � (D.14)

leading to the following expression of conductivity [Eq. (D.15)]:


 � F�
i

|zi|uiCi (D.15)

and transport number [Eq. (D.16)]:

ti � (D.16)

where |zi| is the absolute valence of ion species i. Table D.3 contains
values of limiting ionic mobility corresponding to the equivalent ionic
conductivity values presented in Table D.2.

Example The conductivity of protons (H�), a value of 0.35 S�m2�mol�1, is
converted into a mobility value as follows:

1. 3.5 � 10�2 S�m2�mol� � 3.5 � 10�2 A�m2�mol�1�V�1

2. 3.5 � 10�2 A�m�mol�1 per V/m � 3.5 � 10�2 C�m�mol�1s�1 per V/m and divid-
ing by F (C mol�1)

3. 3.5 � 10�2 C�m�mol�1s�1/(96,485 C/mol) per V/m � 3.6 � 10�7 m/s per V/m

Mobility of uncharged species in solution. The mobility of an uncharged
particle ui can be estimated by dividing its diffusion coefficient Di by
the product of the Boltzmann constant and the absolute temperature.
Uncharged particles are unaffected by an electric field, and their
motion is driven only by diffusion. In molar terms, this is expressed as

ui � because Boltzmann constant �
R

	
NA

DiNA
	

RT

|zi|uiCi
		
�
i

|zi|uiCi

�i
	
|zi|F
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where R is the gas constant (8.314 J�K�1�mol�1) and NA is the Avogadro
number (6.023 � 1023 molecules�mol�1).

For a particle of macroscopic dimensions moving through an ideal
hydrodynamic continuum with velocity v, this force will be opposed by
the viscous drag of the medium until these two forces are in balance.
Stokes treated the ideal case of a spherical particle moving through an
ideal hydrodynamic medium. Under these conditions Stokes’s law
gives the mobility [Eq. (D.17)]:

ui � (D.17)

In this equation � is the viscosity, sometimes called the dynamic vis-
cosity, of the medium, and ri is the radius of the particle. Equating
these two equations of ionic mobility gives the Stokes-Einstein equa-
tion [Eq. (D.18)]:

Di � (D.18)

The Stokes-Einstein equation can be used to calculate the diffusion
coefficients of uncharged species. It gives reasonable results if the

RT
	
6��NAri

1
	
6��ri
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TABLE D.3 Values of Limiting Ionic Mobility at 25°C

Cation u, 10�8 m2�s�1�V�1 Anion u, 10�8 m2�s�1�V�1

H� 36.28 OH� 20.56
Al3� 6.53 Br� 8.10
Ag� 6.42 CH3CO2

� 4.24
Ba2� 6.59 C2H5CO2

� 3.71
Ca2� 6.17 C6H5CO2

� 3.36
Cu2� 5.56 C1� 7.92
Fe2� 5.60 C1O3

� 6.70
Fe3� 7.09 C1O4

� 6.99
K� 7.62 CN� 4.61

La3� 7.22 CO3
2 � 6.15

Li� 4.01 F� 5.74
Mg2� 5.49 Fe(CN)6

3 � 10.47
Na� 5.19 Fe(CN)6

4 � 11.50
NH4

� 7.62 HCO3
� 4.61

Ni2� 5.49 HCO2
� 5.66

Pb2� 7.20 HSO4
� 5.39

Zn2� 5.47 I� 7.97
MnO4

� 6.32
NO3

� 7.41
PO4

3 � 8.29
SO4

2 � 8.29
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species diffusing is roughly spherical and much larger than the solvent
molecules.

Mobility of ions in solution. When an ion rather than an uncharged
species is in motion, the force upon it is determined by the interaction
of the electric field and the ionic charge. The conductivity due to a sin-
gle ion submitted to an electrical field of unity (i.e., 1 V/m), is
expressed as Eq. (D.19):


i � Ci|zi|ui F (D.19)

or as �i � uiF because �i � 
i /Ci

Again, remember that Ci expresses the concentration of species i in
terms of moles of charges produced (i.e., 1 mole CaCl2 generates 2
moles of charge). The ionic velocity vi is the product of ionic mobility
and the electrical field (�) expressed in V/m [Eq. (D.20)]:

vi � ui� (D.20)

The comparison between the mobility of ionic species and Fick’s first
law of diffusion has permitted Einstein to express the mobility of ionic
species as Eq. (D.21):

ui � or Di � (D.21)

or, as expressed in Nernst-Einstein equation [Eq. (D.22)]:

�i � (D.22)

Some care is required in its use because molar conductivity of ions
and specific ionic conductance are often given in the form �i/Zi, as
indicated by species such as 1⁄2 Ca2� listed in Table D.2. One redundant
zi must then be dropped from the last equation. Alternatively, the val-
ues given in that form may be converted to those of real species, that
is �0(Ca2�) is simply 2 �0 (1⁄2 Ca2�).

New expressions of ionic mobility can be obtained [Eqs. (D.23) to
(D.25)] by combining Stokes-Einstein equation with Einstein equation:

Di � � (D.23)

and

ui � (D.24)
ziF

		
6�� NAri

RTui
	

ziF
RT

	
6��NAri
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or

�0i � (D.25)

Of the terms on the right-hand side of this equation, only the vis-
cosity � is strongly dependent upon the medium. An approximation for
all media in which ions may move a relationship was first suggested
empirically by Walden and became known as Walden’s rule:

�0� � constant

D.1.3 Basic electrochemical
instrumentation

Most electrochemical work is achieved using what is called a poten-
tionstat. A potentiostat is an electronic device that controls the volt-
age difference between a working electrode and a reference electrode.
Both electrodes are contained in an electrochemical cell. The poten-
tiostat implements this control by injecting current into the cell
through an auxiliary electrode. In almost all applications, the poten-
tiostat measures the current flow between the working and auxiliary
electrodes. The controlled variable in a potentiostat is the cell poten-
tial, and the measured variable is the cell current. A potentiostat typ-
ically functions with an electrochemical cell that contains three
electrodes, and that is true for both field probes and lab cells. Figure
D.2 shows the schematic of a commercial potentiostat connected to an
electrochemical cell.

Working electrode. Electrochemical reactions being studied occur at the
working electrode. In corrosion testing, the working electrode is a sam-
ple of the corroding metal. Generally, the working electrode is not the
actual metal structure being studied. Instead a small sample is used to
represent the structure. This is analogous to testing using weight loss
coupons. The working electrode can be bare or coated metal.

Reference electrode. A reference electrode is used in measuring the
working electrode potential. A reference electrode should have a constant
electrochemical potential as long as no current flows through it. The
most common laboratory reference electrodes are the saturated calomel
electrode (SCE) and the silver/silver chloride (Ag/AgCl) electrodes. In
field probes, a pseudoreference (a piece of the working electrode
material) is often used. A Luggin capillary is often used to position the
sensing point of a reference electrode to a desired point in a cell.

zi
2 � F2

		
6� � NAri
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The Luggin capillary in a laboratory cell is made from glass or plas-
tic. It is generally filled with the test solution. The Luggin holds the
reference electrode, as shown in Fig. D.3. The tip of the Luggin capil-
lary near the working electrode is open to the test solution. The refer-
ence electrode senses the solution potential at this open tip. Note that
the Luggin tip is significantly smaller than the reference electrode
itself. The Luggin capillary allows sensing of the solution potential
close to the working electrode without the adverse effects that occur
when the large reference electrode is placed near the working elec-
trode.

Auxiliary electrode. The auxiliary electrode is a conductor that com-
pletes the cell circuit. The auxiliary (counter) electrode in lab cells is
generally an inert conductor like platinum or graphite. In field probes
it is generally another piece of the working electrode material. The
current that flows into the solution via the working electrode leaves
the solution via the auxiliary electrode.

Electrometer. The electrometer circuit measures the voltage differ-
ence between the reference and working electrodes. Its output has
two major functions: It is the feedback signal in the potentiostat cir-
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Figure D.2 Schematic of a commercial potentiostat connected to an electrochemical cell.
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cuit, and it is the signal that is measured whenever the cell voltage is
needed. An ideal electrometer has zero input current and infinite
input impedance. Current flow through the reference electrode can
change its potential. In practice, all modern electrometers have input
currents close enough to zero that this effect can usually be ignored.
Two important electrometer characteristics are its bandwidth and its
input capacitance.

The electrometer bandwidth characterizes the ac frequencies the
electrometer can measure when it is driven from a low-impedance
source. The electrometer bandwidth must be higher than the band-
width of the rest of the potentiostat electronics. The electrometer input
capacitance and the reference electrode resistance form an RC filter. If
this filter’s time constant is too large, it can limit the effective band-
width of the electrometer and cause system instabilities. Smaller

Electrochemistry Basics 1027
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Figure D.3 Schematic of a Luggin capillary positioning a reference electrode in close
proximity to an electrochemical cell working electrode.
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input capacitance translates into more stable operation and greater
tolerance for high-impedance reference electrodes.

I/E converter. The current to voltage (I/E) converter in the simplified
schematic measures the cell current. It forces the cell current to flow
through a current measurement resistor. The voltage drop across that
resistor is a measure of the cell current. Cell current in a corrosion
experiment can often vary by as much as seven orders of magnitude.
Current cannot be measured over such a wide range using a single
resistor. A number of different resistors have to be switched into the
I/E circuit under computer control. This allows measurement of widely
varying currents, with each current measured using an appropriate
resistor. An “I/E autoranging” algorithm is often used to select the
appropriate resistor values.

Control amplifier. The control amplifier is a servo amplifier. It com-
pares the measured cell voltage with the desired voltage and drives
current into the cell to force the voltages to be the same. Under normal
conditions, the cell voltage is controlled to be identical to the signal
source voltage. The control amplifier has a limited output current
capability.

The signal. The signal circuit is a computer-controlled voltage source.
It is generally the output of a digital to analog (D/A) converter that
converts computer-generated numbers into voltages. Proper choice of
number sequences allows the computer to generate constant voltages,
voltage ramps, and even sine waves at the signal circuit output. When
a D/A converter is used to generate a waveform such as a sine wave or
a ramp, the waveform is a digital approximation of the equivalent ana-
log waveform. It contains small voltage steps. The size of these steps
is controlled by the resolution of the D/A converter and the rate at
which it is being updated with new numbers.

Galvanostats and zero resistance amplifiers (ZRAs). Most laboratory-
grade potentiostats can also be operated as a galvanostat or as a ZRA.
The potentiostat in the simplified schematic (Fig. D.1) becomes a gal-
vanostat when the feedback is switched from the cell voltage signal to
the cell current signal. The instrument then controls the cell current
rather than the cell voltage. The electrometer output can still be used
to measure the cell voltage. A ZRA allows one to force a potential dif-
ference of 0 V between two electrodes. The cell current flowing
between the electrodes can be measured. A ZRA is often used to mea-
sure galvanic corrosion phenomena and electrochemical noise.
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D.2 Chemical Thermodynamics

D.2.1 Free energy and electrochemical
cells

Electrical work is the product of charge moved Q times the cell poten-
tial (E) through which it is moved. If the work done is that of an elec-
trochemical cell in which the potential difference is E, and the charge
is that of 1 mole of reaction in which n moles of electrons are trans-
ferred, the electrical work �w done by the cell must be nE. In this rela-
tionship, the Faraday constant F is necessary to obtain coulombs from
moles of electrons. In an electrochemical cell operating reversibly, no
current flows and

�G � �nFE (D.26)

Under standard conditions, the standard free energy of the cell reac-
tion �G0 is directly related to the standard potential difference across
the cell, E0:

�G0 � �nFE0 (D.27)

Electrode potentials can be combined algebraically to give cell poten-
tial. For a galvanic cell, which operates spontaneously, a positive cell
voltage will be obtained if the difference is taken in the usual way, as
Eq. (D.28):

Ecell � Ecathode � Eanode (D.28)

The free energy change in a galvanic cell, or in a spontaneous cell
reaction, is negative and the cell voltage is positive.

In electrolytic cells, the reaction is driven in the nonspontaneous
direction by an external electrical force. The free energy change in an
electrolytic cell, or in a nonspontaneous cell reaction, is therefore pos-
itive and the cell voltage negative.

Other thermodynamic quantities can be derived from electrochemi-
cal measurements. For example, the entropy change (�S) in the cell
reaction is given by the temperature dependence of �G:

�S � � � �
P

(D.29)

hence

�S � nF � �
P

(D.30)∂E
	
∂T

∂�G
	

∂T
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and

�H � �G � T�S � nF �T � �
P

�E	 (D.31)

The equilibrium constant (Keq) for the same reaction can be obtained
with the following equation:

RT ln Keq � ��G0 � nFE0 (D.32)

D.2.2 Electrochemical potentials

The potential difference across an electrochemical cell is the potential
difference measured between two electronic conductors. In the exter-
nal circuit connected to an electrochemical cell, the electrons will flow
from the most negative point to the most positive point. Because the
potentials of electrodes can be either positive or negative, the electrons
in the external circuit can also be said to flow from the least-positive
electrode to the most-positive electrode. Voltmeters can be used to
measure the potential differences across electrochemical cells but can-
not measure directly the actual potential of any single electrode.
Nevertheless, it is convenient to assign part of the cell potential to one
electrode and part to the other.

D.2.3 Standard electrode potentials

Standard potential differences are the actual cell potential differences
measured in reversible cells under standard conditions. For solid or
liquid compounds or elements, standard conditions are the pure com-
pound or element; for gases they are 100 kPa pressure, and for solutes
they are the ideal 1 molar (mol/liter) concentration.

Tables of standard electrode potentials can be obtained if any one
electrode, operated under standard conditions, is designated as the
standard electrode or standard reference electrode with which all other
electrodes will be compared. This electrode is called the standard
hydrogen electrode, abbreviated SHE. The potential difference across
a reversible cell made up of any electrode and a SHE is called the
reversible potential of that electrode, E. If this other electrode is also
being operated under standard conditions of pressure and concentra-
tion, the reversible potential difference across the cell is the standard
electrode potential E0 of that electrode.

In many practical potential measurements, the standard hydrogen
electrode cannot be used because hydrogen reacts with other sub-
stances in the cell or because other substances in the cell react with
the catalytic platinum electrode surface upon which the H�/H2 poten-

∂E
	
∂T
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tial is established. It is often much more convenient to use alternative
electrodes whose potentials are precisely known with respect to the
SHE. Two of the electrodes most commonly used for this purpose are
the AgCl/Ag electrode, //AgCl(s),Cl�/Ag(c) at E0 � �0.2224 V vs. SHE,
and the saturated calomel electrode (SCE) at 0.241 V vs. SHE. The
effect of changing the reference electrode is to change the zero of a
potential scale while leaving the relative positions of all of the poten-
tials unchanged, as shown in Fig. D.4.

D.2.4 Introduction to the Nernst equation

The Nernst equation, named after the German chemist Walther
Nernst, can be derived from the equation linking free energy changes
to the reaction quotient:
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Figure D.4 Potential scales of the most commonly used reference electrodes.
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�G � �G0 � RT ln Q (D.33)

where, for a generalized equation of the form

aA � bB � ... → mM � nN � ... (D.34)

Q � (D.35)

At equilibrium, �G � 0 and Q corresponds to Keq, as expressed earlier.
In the case of an electrochemical reaction, substitution of the rela-

tionships �G � �nFE and �G0 � �nFE0 into the expression of a reac-
tion free energy and division of both sides by �nF gives the Nernst
equation for an electrode reaction:

E � E0� ln Q (D.36)

Combining constants at 25°C (298.15 K) gives the simpler form of
the Nernst equation for an electrode reaction at this standard temper-
ature:

E � E0 � log10Q (D.37)

In this equation, the electrode potential E is the actual potential dif-
ference across a cell in which this electrode and a standard hydrogen
electrode are present.

Alternatively, the relationship in Eq. (D.28) can be used to combine
two Nernst equations corresponding to two half-cell reactions into the
Nernst equation for a cell reaction:

Ecell � (E0
cathode �E0

anode) � log10Q (D.38)

Some of the species that take part in electrode reactions are pure
solid compounds and pure liquid compounds. In dilute aqueous solu-
tions, water can be treated as a pure liquid. For pure solid compounds
or pure liquid compounds, activities are constant, and their values are
considered to be 1. The activities of gases are usually taken as their
partial pressures, and the activities of solutes such as ions are usually
taken as their molar concentrations, that is,

ai � �i [ ]i≈ [i] (D.39)

0.059
	

n

0.059
	

n

RT
	
nF

aM
m  aN

n ... 
		

aA
a aB

b ...
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where [i] and �i are respectively the molar concentration and the activ-
ity coefficient of species i.

D.2.5 Advanced thermodynamics

The present section illustrates in very detailed terms how the calcula-
tions from basic thermodynamic data can lead to open circuit cell
potential in any condition of temperature and pressure. The alu-
minum-air corrosion cell was chosen for this example because of the
relative simplicity of its chemistry.

The aluminum-oxygen system. The high electrochemical potential and
low equivalent weight of aluminum combine to produce a theoretical
energy density of 2.6 kWh/kg and make it an attractive candidate as
an anode material in metal/air electrochemical cells. The development
of aluminum-based cells dates back to 1855 when M. Hulot described
a voltaic cell containing aluminum with an acid electrolyte. Since then,
many attempts to substitute aluminum for zinc in zinc/carbon and
zinc/manganese dioxide cells have been reported. Zaromb first pro-
posed its use in combination with air diffusion electrodes in 1962.
Three types of Al-O2 cells have been developed to date:

1. A solids-free system (SFS) that uses pumps and auxiliary equip-
ment to manage reaction products

2. A solids self-management system (SSMS) that eliminates much of
the auxiliary equipment by allowing the reaction products to solid-
ify in the cell enclosure during the discharge cycle

3. A solids management system (SMS) that controls the precipitation
of the alumina in a separate tank.

Electrochemistry of the Al-O2 couple. Figure D.5 shows a general
schematic of a typical Al-air system. Tables D.4 and D.5, respectively,
contain thermodynamic data for pure species and soluble species
involved in the equilibria associated with aluminum, water, and oxy-
gen. Table D.6 contains the chemical and electrochemical reactions
possibly occurring in a typical Al-air corrosion cell.

The overall anodic reaction of the aluminum air battery is the cor-
rosion of aluminum into a soluble form stable in a caustic environ-
ment, that is, AlO2 [Eq. (D.40)], that can subsequently precipitate as
Al2O3�H2O [Eq. (D.41)] depending on the concentration of ions in solu-
tion, pH, and temperature.

Al � 4OH� → AlO2
� � 2H2O � 3 e� (D.40)
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2AlO2
� � 2H2O → Al2O3 � H2O � 2OH� (D.41)

There is also a parasitic reaction at the aluminum anode that has to
be considered because it has serious safety implications (i.e., the pro-
duction of hydrogen gas from the reduction of water):

2H2O � 2e� → H2 � 2OH� (D.42)

The unique cathodic reaction is the reduction of oxygen [Eq. (D.43)]:

O2 � 2H2O � 4e� → 4OH� (D.43)

The overall cell voltage can be calculated from thermodynamic data
by computing Gibbs free energy for the individual species involved in
the global reaction [Eq. (D.44)] and using the coefficients expressed in
that equation:

4Al � 4OH� � 3O2 → 4AlO2
� � 2H2O (D.44)

Detailed calculations
Calculate G° for each species. The free energy of a substance, for which

heat capacity data are available, can be calculated as a function of
temperature using Eq. (D.45):
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TABLE D.4 Pure Species Considered and Their Thermodynamic Data

Species G0
(298 K), J�mol�1 S0

(298 K), J�mol�1 A B � 103 C � 10�5 Cp,* J�mol�1�K�1 G0
(333 K),† J�mol�1

O2 0 205 29.96 4.184 1.674 29.85 �7,234.04
H2 0 131 27.28 3.263 0.502 28.82 �4,642.01
H2O �237,000 69.9 10.669 42.284 �6.903 18.54 �239,483
Al 0 28.325 20.67 12.38 0 24.79 �1,040.43
Al(OH)3 �1,136,542 0 �1,136,542
Al2O3�H2O �1,825,500 96.86 120.8 35.14 0 132.51 �1,829,152

*Calculated with Eq. (D.46).
†Calculated with Eq. (D.48).
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TABLE D.5 Soluble Species Considered and Their Thermodynamic Data

Species G0
(298 K), S0 (298 K), Š0

(298 K), a b Cp,* G0
(333 K),†

J�mol�1 J�mol�1 J�mol�1 J�mol�1�K�1 J�mol�1

H� 0 0 �20.9 0.065 �0.005 118.75 �234.9
OH� �157,277 41.888 20.968 �0.37 0.0055 �452.03 �157,849
Al3� �485,400 �321.75 �384.45 0.13 �0.00166 372.84 �474,876
Al(OH)2� �694,100 �142.26 �184.06 0.13 �0.00166 267.95 �689,651
Al(OH)2

� �900,000 205.35 184.43 0.13 �0.00166 75.06 �907,336
AlO2

� �838,968 96.399 117.31 �0.37 0.0055 �284.94 �841,778

*Calculated with Eq. (D.47).
†Calculated with Eq. (D.48).
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G0
(T2) � G0

(T1) � S0
(T1) [T2 � T1] � T2 �T2

T1

dT � �T2

T1

Cp
0dT (D.45)

For pure substances (i.e., solids, liquids, and gases) the heat capaci-
ty Cp

0 is often expressed, as in Table D.4, as function of the absolute
temperature:

Cp
0 � A � BT � CT�2 (D.46)

For ionic substances, one has to use another method, such as pro-
posed by Criss and Cobble in 1964,1 to obtain the heat capacity, provided
the temperature does not rise above 200°C. The expression of the ionic
capacity [Eq. (D.47)] makes use of absolute entropy values and the
parameters a and b contained in Table D.4:

C p
0 � (4.186a � bS 0

(298 K)) (T2 � 298.16) /ln � � (D.47)
T2

	
298.16

Cp
0

	
T
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TABLE D.6 Reactions Considered to Model an Aluminum-Air Corrosion Cell

Water equilibria

2 e� � 2 H� � H2
4 e� � O2 � 4 H� � 2 H2O
OH� � H� � H2O

Equilibria involving aluminum metal

3 e� � Al3� � Al
3 e� � Al(OH)3 � 3 H� � Al � 3 H2O
6 e� � Al2O3�H2O � 6 H� � 2 Al � 4 H2O
3 e� � AlO2

� � 4 H� � Al � 2 H2O
3 e� � Al(OH)2� � H� � Al � H2O
3 e� � Al(OH)2

� � 2 H� � Al � 2 H2O

Equilibria involving solid forms of oxidized aluminum

Al(OH)3 � H� � Al(OH)2
� � H2O

Al2O3�H2O � 2 H� � 2 Al(OH)2
�

Al(OH)3 � 2 H� � Al(OH)2� � 2 H2O
Al2O3�H2O � 4 H� � 2 Al(OH)2� � 2 H2O
Al(OH)3 � 3 H� � 2 Al3� � 4 H2O
Al2O3�H2O � 6 H� � Al3� � 3 H2O
Al(OH)3 � AlO2

� � H� � H2O
Al2O3�H2O � 2 AlO2

� � 2 H�

Equilibria involving only soluble forms of oxidized aluminum

AlO2
� � 4 H� � Al3� � 2 H2O

0765162_AppD_Roberge  9/1/99 8:12  Page 1037



By combining Eq. (D.46) or (D.47) with Eq. (D.45) one can obtain the
free energy [Eq. (D.48)] at any given temperature by using the funda-
mental data contained in Tables D.4 and D.5:

G0
(T) � G0

(298 K) � (Cp
0 � S0

(298 K)) (T2 � 298.16)

� T2ln � � Cp
0 (D.48)

Although these equations appear slightly overwhelming, they can be
computed relatively simply with the use of a modern spreadsheet,
where the data in Table D.4 could be imported with the functions in
Eqs. (D.46) to (D.48) properly expressed.

Calculate G for each species. For species O, the free energy of 1 mol can
be obtained from G0 with Eq. (D.49):

Go(T) � Go(T)
0 � 2.303 RT log10aO (D.49)

For x mol of species O the free energy is expressed by Eq. (D.50):

xG0(T) � x (GO(T)
0 � 2.303 RT log10aO) (D.50)

For pure substances such as solids, aO is equal to 1. For a gas, aO is
equal to its partial pressure (pO), as a fraction of 1 atmosphere. For sol-
uble species, the activity of species O (aO), is the product of the activi-
ty coefficient of that species (�O) with its molar concentration ([O]) (i.e.,
aO � �O[O]). The activity coefficient of a chemical species in solution is
close to 1 at infinite dilution when there is no interference from other
chemical species. For most other situations the activity coefficient is a
complex function that varies with the concentration of the species and
with the concentration of other species in solution. For the sake of sim-
plicity the activity coefficient will be assumed to be of value 1; hence
Eq. (D.50) can be written as a function of [O]:

xGO(T) � x (GO(T)
0 � 2.303 RT log10 [O]) (D.51)

Taking the global reaction fo the Al-O2 system expressed in Eq.
(D.44) and the G0 values calculated for 60°C in Tables D.4 and D.5, one
can obtain thermodynamic values for the products and reactants, as is
done in Table D.7.

Calculate cell �G. The DG of a cell can be calculated by subtracting the
G values of the reactants from the G values of the products in Table
D.7. Keeping the example of the global reaction at 60°C in mind, one
would obtain

�G � Gproducts�Greactants � �3,846,087� (�670,615) � �3,175,472 J

T2
	
298.16
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Translate �G into potential

E � � � 2.74 V

where n � 12 because each Al gives off 3 e� [cf. Eq. (D.40)] and there
are four Al in the global Eq. (D.44) representing the cell chemistry.

Calculate the specific capacity (Ah�kg�1). The specific capacity relates the
weight of active materials with the charge that can be produced, that
is, a number of coulombs or ampere-hours (Ah). Because 1 A � 1 C�s�1,
1 Ah � 3600 C, and because 1 mole of e� � 96,485 C (Faraday), 1 mole
of e� � 26.80 Ah.

By considering the global expression of the cell chemistry expressed
in Eq. (D.44), one can relate the weight of the active materials to a cer-
tain energy and power. In the present case 12 moles of e� are produced
by using

4 moles of Al 4 � 26.98 g�mol�1, or 107.92 g

4 moles of OH� as KOH 4 � 56.11 g�mol�1, or 224.44 g

3 moles of O2 (as air) 0 g

3 moles of O2 (compressed or cryogenic) 3 � 32.00 g mol�1, or 96.00 g

Weight of active materials for the production of 12 moles of e� is then
332.36 g if running on free air and 428.36 g if running on compressed
or cryogenic oxygen. The theoretical specific capacity is thus 26.80 �
12/0.3324 � 967.5 Ah�kg�1 if running on air and 26.80 � 12/0.4284 �
750.7 Ah�kg�1 if running on compressed or cryogenic oxygen.

Calculate the energy density (Wh�kg�1). The energy density can then be
obtained by multiplying the specific capacity obtained from calculating
the specific capacity with the thermodynamic voltage calculated when

3,188,818
		
(12 � 96,485)

��G
	

nF
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TABLE D.7 Calculated Free Energies for Species Involved in the Global Al-Air
Reaction at 60°C

G0
(333 K), 2.303RT

Species x J�mol�1 ao log10aO x G0
(333 K) ∑G0

(333 K)

Reactants
Al 4 �1040.43 1 0.00 �4161.72
OH� 4 �157,849 1 0.00 �631,396.00
O2 3 �7,234.04 0.2 �4452.02 �35,058.17 �670,615.89

Products
AlO2

� 4 �841,778 0.1 �6369.39 �3,392,589.58
H2O 2 �239,483 1 0.00 �478,966.00 �3,846,087.21
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translating �G into potentials: 2.74 � 967.5 � 2651 Wh�kg�1, or 2.651
kWh�kg�1 if running on air and, because the voltage for running on pure
oxygen is slightly higher (i.e., 2.78 V), 2.78 � 750.7 � 2087 Wh�kg�1, or
2.087 kWh�kg�1 if running on compressed or cryogenic oxygen.

Reference electrodes. The thermodynamic equilibrium of any other
chemical or electrochemical reaction can be calculated in the same man-
ner, provided the basic information is found. Table D.8 contains the
chemical description of most reference electrodes used in laboratories
and field units, and Tables D.9 and D.10, respectively, contain the ther-
modynamic data associated with the solid and soluble chemical species
making these electrodes. Table D.11 presents the results of the calcula-
tions performed to obtain the potential of each electrode at 60°C (i.e.,
away from the 25°C standard temperature).

D.2.6 Potential-pH diagrams

Potential-pH (E-pH) diagrams, also called predominance or Pourbaix
diagrams, have been adopted universally since their conception in the
early 1950s. They have been repetitively proven to be an elegant way
to represent the thermodynamic stability of chemical species in given
aqueous environments. E-pH diagrams are typically plotted for vari-
ous equilibria on normal cartesian coordinates with potential (E) as
the ordinate (y-axis) and pH as the abscissa (x-axis).2

Pourbaix diagrams are a convenient way of summarizing much ther-
modynamic data, and they provide a useful means of predicting elec-
trochemical and chemical processes that could potentially occur in
certain conditions of pressure, temperature, and chemical makeup.
These diagrams have been particularly fruitful in contributing to the
understanding of corrosion reactions.

Stability of water. Equation (D.52) describes the equilibrium between
hydrogen ions and hydrogen gas in an aqueous environment:.

2H� � 2e� � H2 (D.52)

which can be written as Eq. (D.53) in neutral or alkaline solutions:

2H2O � 2e� � H2 � 2OH� (D.53)

Adding sufficient OH� to both sides of the reaction in Eq. (D.52)
results in Eq. (D.53). At higher pH than neutral, Eq. (D.53) is a more
appropriate representation. However, both representations signify the
same reaction for which the thermodynamic behavior can be expressed
by a Nernst Eq. (D.54):
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TABLE D.8 Equilibrium Potential of the Main Reference Electrodes Used in Corrosion, at 25°C

Name Equilibrium reaction Nernst Equation, V vs. S H E Potential, V vs. S H E T coefficient, mV�C�1

Hydrogen 2 H� � 2 e� � H2 (SHE) E0 � 0.059 pH 0.00
Silver chloride AgCl � e� � Ag � Cl� E0 � 0.059 log10aCl� 0.2224 �0.6

0.1 M KCl 0.2881
1.0 M KCl 0.2224
Seawater 
 0.250

Calomel Hg2Cl2 � 2 e� � 2 Hg � 2 Cl� E0 � 0.059 log10aCl � 0.268
0.1 M KC1 0.3337 �0.06
1.0 M KC1 0.280 �0.24

(SCE) Saturated 0.241 �0.65
Mercurous sulfate Hg2SO4 � 2 e� � 2 Hg � SO4

�2 E0 � 0.0295 log10aSO4
2 � 0.6151

Mercuric oxide HgO � 2 e� � 2 H� � Hg � H2O E0 � 0.059 pH 0.926
Copper sulfate Cu2� � 2 e� � Cu (sulfate solution) E0 � 0.0295 log10aCu

2� 0.340
Saturated 0.318
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TABLE D.9 Data and Calculations of t the Free Energy and Potential of the Main Reference Electodes at 60°C

(TemRef � 25; TemC � 60; TemA � 333.16; T2 � T1 � 35; ln(T2/T1) � 0.1109926)

G0 (298 K), S0 (298 K), Cp (333K),* G0T (333K),†

Species J�mol�1 J�mol�1 A B C J�mol�1�K�1 J�mol�1

O2 0 205 29.96 4.184 �1.674 29.85 �7234.04
H2 0 131 27.28 3.263 0.502 28.8 �4642.01
H2O �237000 69.9 10.669 42.284 �6.903 18.5 �239483.00
Ag 0 42.55 21.297 8.535 1.506 25.5 �1539.69
Cu 0 33.2 22.635 6.276 24.7 �1210.91
Hg 0 76.02 26.94 0 0.795 27.7 �2715.41
AgC1 �109805 96.2 62.258 4.184 �11.297 53.5 �113277.
Hg2C12 �210778 192.5 63.932 43.514 0 78.4 �217670.
Hg2SO4 �625880 200.66 131.96 132 �633164.
HgO �58555 70.29 34.853 30.836 0 45.1 �61104.4

*Calculated with Eq. (D.46).
†Calculated with Eq. (D.48).
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1043

TABLE D.10 Thermodynamic Data of Soluble Species Associated with the Most Commonly Used Reference
Electrodes

G0 (298K), S0 (298K), Š0 (298K),
Species J�mol�1 J�mol�1 J�mol�1 a b Cp Eq.(D.47) Eq.(D.48)

H� 0 0 �20.9 0.065 �0.005 118.7525 �234.927
Cu2� 65689 �207.2 �249.04 0.13 �0.00166 301.9618 72343.6
Cl�

�131260 �12.6 8.32 �0.37 0.0055 �473.9694 �129881.
SO4

2� �744600 10.752 52.592 �0.37 0.0055 �397.1863 �744190.
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TABLE D.11 Calculations of the Equilibrium Associated with the Most Commonly Used Reference Electrodes at 60°C

�G° reactants,* �G° products,* �G° reaction, Potential,
Name J�mol–1 J�mol–1 J�mol–1 V

Hydrogen –470 –46,420 –4,172 0.0216
Silver chloride –113,277 –131,421 –18,144 0.1880
Calomel –217,670 –265,193 –47,523 0.2463
Mercurous sulfate –633,164 –749,621 –116,457 0.6035
Mercuric chloride –61,574 –242,199 –180,624 0.9360
Copper sulfate 72,344 –1,211 –73,555 0.3812

*Note: all species considered to be of activity = 1
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E
H�/H2

� E
H�/H2

0 � ln (D.54)

that becomes Eq. (D.55) at 25°C and p
H2

of value unity:

E
H�/H2

� E
H�/H2

0 �0.059 pH (D.55)

Equation (D.52) and its alkaline or basic form, Equation (D.53),
delineate the stability of water in a reducing environment and are
represented in a graphical form by the sloping line (a) on the
Pourbaix diagram in Fig. D.6. Below line (a) in this figure the equi-
librium reaction indicates that the decomposition of H2O into hydro-
gen is favored, whereas it is thermodynamically stable above that
line. As potential becomes more positive or noble, water can be
decomposed into its other constituent, oxygen, as illustrated in Eqs.
(D.56) and (D.57) for, respectively, the acidic form and neutral or
basic form of the same process:

O2 � 4H� � 4e� � 2H2O (D.56)

O2 � 2H2O � 4e� � 4OH� (D.57)

Again these equivalent equations can be used to develop a Nernst
expression of the potential, that is Eq. (D.58) expressed as Eq. (D.59)
in standard conditions of temperature and oxygen pressure (i.e., pO2 of
value unity):

EO2/H2O � EO2/H2O
0 � ln pO2

[H�] 4 (D.58)

EO2/H2O � EO2/H2O
0 � 0.059 pH (D.59)

The line labeled (b) in Fig. D.6 represents the behavior of E vs. pH
for this last equation. Figure D.6 is divided into three regions. In the
upper one, water can be oxidized and form oxygen, whereas in the lower
one, it can be reduced to form hydrogen gas. In the intermediate
region, water is thermodynamically stable. It is common practice to
superimpose these two lines (a) and (b) on Pourbaix diagrams to mark
the water stability boundaries.

Predominance diagram of aluminum. Aluminum provides one of the
simplest cases for demonstrating the construction of E-pH diagrams.
In the following discussion, only four species containing the alu-
minum element will be considered: two solid species (Al and
Al2O3�H2O) and two ionic species (Al3� and AlO2). The first equilibrium

RT
	
nF

[H�] 2

	
p

H2

RT
	
nF
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to consider examines the possible presence of either Al3� or AlO2
�

expressed in Eq. (D.60):.

Al3 � � 2H2O � AlO2
� � 4H� (D.60)

Because there is no change in valence of the aluminum present in
the two ionic species considered, the associated equilibrium is inde-
pendent of the potential, and the expression of that equilibrium can
be derived to give an expression valid in standard conditions [Eq.
(D.61)]:

RT ln Keq � RT ln Q � ��G0
reaction (D.61)

where

Q �
aAlO2

� a4
H�

		
aAl3 � a2

H2O
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Assuming that the activity of H2O is unity and that the activities of
the two ionic species are equal, one can obtain a simpler expression of
the equilibrium based purely on the activity of H�:

4 log10 [H�] � (D.62)

or, if G0 is expressed in joules,

�4 log10 [H�] � 4 pH � �G 0
reaction � 1.75 � 10�4 (D.63)

By using the thermodynamic data provided in Tables D.4 and D.5
and following the detailed procedure outlined earlier, it is possible to
calculate that the free energy of reaction [Eq. (D.60)] is in fact equal to
120.44 kJ�mol�1 (for either 1 [Al3�] or 1 [AlO2

�]). Equation (D.63) then
becomes Equation (D.64):

pH � 120,440 � 4.38 � 10�5 � 5.27 (D.64)

This is represented, in the E-pH diagram shown in Fig. D.7, by a
dotted vertical line separating the dominant presence of Al3� at low pH
from the dominant presence of AlO2

� at the higher end of the pH scale.
The next phase for constructing the aluminum E-pH diagram is to

consider the equilibria between the four species mentioned earlier. A
computer program that would compare all possible interactions and
rank them in terms of their thermodynamic stability would typically
carry out this work. The steps of this data-crunching process are illus-
trated in Figs. D.8 to D.10.

D.3 Kinetic Principles

Thermodynamic principles can help explain a situation in terms of the
stability of chemical species and reactions associated with corrosion
process. However, thermodynamic calculations cannot be used to pre-
dict reaction rates. Electrode kinetic principles have to be used to esti-
mate these rates.

D.3.1 Kinetics at equilibrium: The
exchange current concept

The exchange current Io is a fundamental characteristic of electrode
behavior that can be defined as the rate of oxidation or reduction at an
equilibrium electrode expressed in terms of current. Exchange cur-
rent, in fact, is a misnomer because there is no net current flow. It is
merely a convenient way of representing the rates of oxidation and

��G’0reaction
		

2.303RT
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reduction of a given electrode at equilibrium, when no loss or gain is
experienced by the electrode material. As an example, the exchange
current for reducing ferric ions, Eq. (D.65), would be related to the cur-
rent of each direction of a reversible reaction, that is, a cathodic
branch (Ic) representing Eq. (D.65) and an anodic current (Ia) repre-
senting Eq. (D.66):

Fe3 � � 1e� → Fe2 � (D.65)

Fe2 � → Fe3 � � 1e� (D.66)

Because the net current is zero at equilibrium, it implies that the
sum of these two currents is zero as in Eq. (D.67). Because Ia is, by con-
vention, always positive, it follows that, when no external voltage or
current is applied to the system, the exchange current Io is equal to Ic

or Ia [Eq. (D.68)]:
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Ia � Ic � 0 (D.67)

Ia � �Ic � Io (D.68)

There is no theoretical way of accurately determining the exchange
current for any given system. This must be determined experimentally.
For the characterization of electrochemical processes it is always
preferable to normalize the value of the current by the surface area of
the electrode and use the current density often expressed as a small i
(i.e., i � I/surface area).

D.3.2 Kinetics under polarization

Electrodes can be polarized by the application of an external voltage or
by the spontaneous production of a voltage away from equilibrium.
This deviation from equilibrium potential is called polarization. The
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magnitude of polarization is usually described as an overvoltage (�),
that is, a measure of polarization with respect to the equilibrium
potential (Eeq) of an electrode. This polarization is said to be either
anodic, when the anodic processes on the electrode are accelerated by
changing the specimen potential in the positive (noble) direction, or
cathodic, when the cathodic processes are accelerated by moving the
potential in the negative (active) direction. There are three distinct
types of polarization in any electrochemical cell, the total polarization
across an electrochemical cell being the summation of the individual
elements as expressed in Eq. (D.69):

Eapplied � Eeq � �total � �act � �conc � iR (D.69)

where �act � activation overpotential, a complex function describing
the charge transfer kinetics of the electrochemical
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processes. �act is predominant at small polarization cur-
rents or voltages.

�conc � concentration overpotential, a function describing the
mass transport limitations associated with electrochem-
ical processes. �conc is predominant at large polarization
currents or voltages.

iR � is often called the ohmic drop. iR follows Ohm’s law and
describes the polarization that occurs when a current
passes through an electrolyte or through any other
interface such as surface film, connectors, and so forth.

Activation polarization. Both the anodic and cathodic sides of a reac-
tion can be studied individually by using some well-established elec-
trochemical methods where the response of a system to an applied
polarization, current or voltage, is studied. A general representation of
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the polarization of an electrode supporting one redox system is given
in the Butler-Volmer equation:.

i � i0 � exp �� �act� �exp �� (1��) �act� � (D.70)

where: i � anodic or cathodic current.
� � charge transfer barrier or symmetry coefficient for the

anodic or cathodic reaction. � values are typically close to
0.5.

�act � Eapplied � Eeq (i.e., positive for anodic polarization and
negative for cathodic polarization).

n � number of participating electrons.
R � gas constant.
T � absolute temperature.
F � Faraday.

A polarization plot of the ferric/ferrous oxydo-reduction reaction on
palladium (io 100.8 mA�cm�2), iridium (io 100.2 mA�cm�2), and rhodium
(io 10�4.8 mA�cm�2) is shown in Fig. D.11. The current behavior in Fig.
D.11 illustrates the high level of sensitivity of an electrode polarization
behavior to even small variations in the exchange current density. The
exchange current density reflects the electrocatalytic performance of
that electrode toward a specific reaction and can vary over many
orders of magnitude. The current density scale in Fig. D.11 had to be
changed to much lower values in Fig. D.12 to be able to see the current
behavior of the same reaction on rhodium.

The exchange current density for the production of hydrogen on a
metallic surface can similarly vary between 10�2 A�cm�2, for a good
electrocatalytic surface such as platinum, to as low as 10�13 A�cm�2 for
electrode surfaces containing lead or mercury. Added, even in small
quantities, to battery electrode materials, mercury will stifle the dan-
gerous production of confined gaseous hydrogen. Mercury and lead
were also, for the same hydrogen-inhibiting property, commonly used
in many commercial processes as electrode material before their high
toxicity was acknowledged a few years ago. It should be noted that the
voltage on the polarization plots in Figs. D.11 and D.12 was presented
as the overvoltage, with current reversal of its polarity at zero. Figure
D.13 shows the data presented in Fig. D.11 with the absolute potential
instead of the overvoltage.

The presence of two polarization branches in a single reaction is
illustrated in Fig. D.14 for the same Fe�3/Fe�2 couple in contact
with a palladium electrode. When �act is anodic (i.e., positive), the
second term in the Butler-Volmer equation becomes negligible, and

nF
	
RT

nF
	
RT
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ia can be more simply expressed by Eq. (D.71) and its logarithm
form [Eq. (D.72)]:

ia � io � exp ��a �a� � (D.71)

�a � ba log10 � � (D.72)

where ba is the Tafel coefficient that can be obtained from the slope
[Eq. (D.73)] of a plot of � against log i, with the intercept yielding a val-
ue for io:

ba � 2.303 � (D.73)

Similarly, when �reaction is cathodic (i.e., negative), the first term in
the Butler-Volmer equation becomes negligible, and ic can be more

RT
	
�nF

ia
	
io

nF
	
RT
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Figure D.11 Current vs. overvoltage polarization plot of the ferric/ferrous ion reaction on palladi-
um (io � 100.8 mA�cm�2), iridium (io � 100.2 mA�cm�2), and rhodium (io � 10�4.8 mA�cm�2) on a
current scale of 60 mA.
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simply expressed by Eq. (D.74) and its logarithm [Eq. (D.75)], with bc

obtained by plotting � vs. log i [Eq. (D.76)]:

ic � io � �exp �� (1��c) �c� � (D.74)

�c � bc log10 � � (D.75)

bc � �2.303 (D.76)

A Tafel plot for the same data set that was presented in Fig. D.14
is now shown in Fig. D.15 as a log (i)/overpotential plot. It is rela-
tively simple, using such representation, to obtain the exchange cur-
rent density values and the parameters behind the slopes of the
current/voltage behavior, that is, Eq. (D.76).
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Figure D.12 Current vs. overvoltage polarization plot of the ferric/ferrous ion reaction on palladi-
um (io � 100.8 mA�cm�2), iridium (io � 100.2 mA�cm�2), and rhodium (io � 10�4.8�mA cm�2) on a
current scale of 0.6 mA.
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Concentration polarization. When the cathodic reagent at the corroding
surface is in short supply, the mass transport of this reagent could
become rate controlling. A frequent case of this type of control occurs
when the cathodic processes depend on the reduction of dissolved oxygen.

Because the rate of the cathodic reaction is proportional to the surface
concentration of the reagent, the reaction rate will be limited by a drop
in the surface concentration. For a sufficiently fast charge transfer
(small activation overvoltage), the surface concentration will fall to zero,
and the corrosion process will be totally controlled by mass transport.
For purely diffusion-controlled mass transport, the flux of a species O to
a surface from the bulk is described with Fick’s first law [Eq. (D.77)]:

JO � �DO � � (D.77)

where JO � flux of species O (mol s�1 � cm�2)
DO � diffusion coefficient of species O (cm2 � s�1)
�CO/�x � concentration gradient of species O across the inter-

face (mol � cm�4)

�CO
	
�x
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Figure D.13 Current vs. potential polarization plot of the ferric/ferrous ion reaction on palladium 
(io � 100.8 mA�cm�2), iridium (io � 100.2 mA�cm�2), and rhodium (io � 10�4.8 mA�cm�2) current
scale of 60 mA.
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The diffusion coefficient of an ionic species at infinite dilution can be
estimated with the help of Nernst-Einstein Eq. (D.78), relating DO

with the conductivity of the species (�O):

DO � (D.78)

where zO � the valency of species O
R � gas constant (i.e., 8.314 J mol�1 � K�1)
T �absolute temperature (K)
F � Faraday’s constant (i.e., 96487 C � mol�1)

Table 1.6 (Aqueous Corrosion) contains values for DO and �O of some
common ions. For more practical situations the diffusion coefficient
can be approximated with the help of Eq. (D.79), which relates DO to
the viscosity of the solution (�) and absolute temperature:

DO � (D.79)

where A is a constant for the system.

TA
	
�

RT �O
	
|zO|2F2
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Figure D.14 Current vs. overvoltage polarization plot of the ferric/ferrous ion reaction on pal-
ladium showing both the anodic and cathodic branches of the resultant current behavior.
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The region near the metallic surface where the concentration gradient
occurs is also called the diffusion layer (�). Because the concentration
gradient �CO/�x is greatest when the surface concentration of species O
is completely depleted at the surface (i.e., CO � 0), it follows that the
cathodic current is limited in that condition, as expressed by Eq. (D.80):

ic � iL � �nFDO (D.80)

For intermediate cases, �conc can be evaluated using an expression
[Eq. (D.81)] derived from the Nernst equation:

�conc � log10 (1 � ) (D.81)

where 2.303RT/F � 0.059 V when T � 298.16 K.
When concentration control is added to a process, it simply adds to

the polarization as in the following equation:

i
	
iL

2.303RT
		

nF

CO
bulk

	
�
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Figure D.15 Log (current) vs. overvoltage Tafel plot of the ferric/ferrous ion reaction on palladi-
um showing how to obtain the exchange current density (intercept) and the slope b � �2.303
(RT/ßnF) of both the anodic and cathodic branches.
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�tot � �act � �conc

We know that, for purely activation controlled systems, the current
can be derived from the voltage with the following expression:

I � 10 [ (E � Eeq) /b � log10 (Io
) ]

To simplify the expression of the current in the presence of concentra-
tion effects, suppose that

A � 10 [ (E � Eeq) /b � log10 (Io
) ]

�tot � E � Eeq � �act � �conc

and

I �

where Il is the limiting current of the cathodic process.

IlA
	
Il � A
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Figure D.16 Current vs. overvoltage epolarization plot of the ferric/ferrous ion reaction on palladi-
um with three levels of concentration overvoltage (100, 20, and 5 mA�cm�2).
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Figure D.6 illustrates the effect of a limiting current on the polar-
ization of an electrode. For this example three arbitrary limiting cur-
rent densities were added the activation voltage of the Fe3�/Fe2�

reaction on palladium. Figure D.7 presents the same data set on a log-
arithmic current scale.

Ohmic overpotential. The ohmic drop caused by the electrolytic resis-
tance between two electrodes can be measured by using an alternating
current technique (see Sec. D.1.2, Electrolyte Conductance) or minimized
by measuring the potential as close as possible to the working electrode.
In any case the ohmic overpotential is a simple function described by the
product of the effective solution resistance and the cell current, or iR.
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