Chapter 18
Introduction to Electrochemistry

18A Characterizing oxidation/reduction reactions
In an oxidation/reduction reaction or redox reaction, electrons are
transferred from one reactant to another.
Example,

Ce+4 + Fe+2 ⇔ Ce+3 + Fe+3

Iron(II) is oxidized by cerium(IV) ions. A reducing agent is an electron donor.
An oxidizing agent is an electron acceptor.
The equation can also be expressed as two half reactions:
Ce+4 + e- ⇔ Ce+3 (reduction of Ce 4+)
Fe+2 ⇔ Fe+3 + e- (oxidation of Fe+2)

• The rules for balancing half-reactions (see Feature 18-1) are the same as
those for other reaction types, that is, the number of atoms of each element
as well as the net charge on each side of the equation must be the same.
Thus, for the oxidation of
MnO4- + 5e- + 8H+ ⇔ Mn2+ + 4H2O
5Fe2+ ⇔ 5Fe3+ + 5e-

MnO4- + 5Fe2+ + 8H+ ⇔ Mn2+ + 5Fe3+ + 4H2O

Comparing Redox Reactions to Acid/Base Reactions
* Oxidation/reduction reactions can be considered analogous to the BrønstedLowry concept of acid/base reactions.
Acid + base
1
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base + acid
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* When an acid donates a proton, it becomes a conjugate base that is capable
of accepting a proton.
* Similarly, when a reducing agent donates an electron, it becomes an oxidizing
agent that can then accept an electron.

Oxidation/Reduction Reactions in Electrochemical Cells
Many oxidation/reduction reactions can be carried out
in either of two ways:
1. the oxidant and the reductant are brought into
direct contact in a suitable container.
2. the reaction is carried out in an electrochemical
cell in which the reactants do not come in
direct contact.

Silver ions migrate to the metal and are reduced:
Ag+ + e- ⇔ Ag(s)
At the same time, an equivalent quantity of copper is oxidized
Cu(s) ⇔ Cu+2 + 2eThe net ionic equation: 2Ag+ + Cu(s) ⇔ 2Ag(s) + Cu+2

A salt bridge isolates the reactants but maintains electrical contact between the two
halves of the cell. When a voltmeter of high internal resistance is connected or the
electrodes are not connected externally, the cell is said to be at open circuit and delivers
the full cell potential.

Figure 18-2a shows the arrangement of an electrochemical cell (galvanic).

The cell is connected so that electrons can pass through a low-resistance external
circuit.
The potential energy of the cell is now converted to electrical energy to light a lamp,
run a motor, or do some other type of electrical work.

Figure 18-2-c An electrolytic cell

18B Electrochemical cells
* An electrochemical cell consists of two conductors called electrodes, each
of which is immersed in an electrolyte solution.
* Conduction of electricity from one electrolyte solution to the other occurs
by migration of potassium ions in the salt bridge in one direction and
chloride ions in the other.
Cathodes and Anodes
A cathode is an electrode where reduction occurs.
* Examples of typical cathodic reactions:
Ag+ + e- ⇔ Ag(s)
Fe+3 + e- ⇔ Fe+2
NO3- + 10H+ + 8e- ⇔ NH4+ + 3H2O
An anode is an electrode where oxidation occurs. Typical anodic reactions
are:
Cu(s) ⇔ Cu+2 + 2e2Cl- ⇔ Cl2(g) + 2eFe+2 ⇔ Fe+3 + e-

Types of Electrochemical Cells
Electrochemical cells are either galvanic or electrolytic.
Galvanic cells store electrical energy; electrolytic cells consume electricity. The reactions at
the two electrodes in such cells tend to proceed spontaneously and produce a flow of
electrons from the anode to the cathode via an external conductor.
Galvanic cells operate spontaneously, and the net reaction during discharge is called the
spontaneous cell reaction
An electrolytic cell requires an external source of electrical energy for operation.
For both galvanic and electrolytic cells,
(1) reduction always takes place at the cathode, and
(2) oxidation always takes place at the anode.
However, when the cell is operated as an electrolytic cell, the cathode in a galvanic cell
becomes the anode.



In a reversible cell, reversing the current reverses the cell reaction.
In an irreversible cell, reversing the current causes a different half-reaction to
occur at one or both of the electrodes.

Representing Cells Schematically
Shorthand notation to describe electrochemical cells:
Cu|Cu+2 (0.0200 M)||Ag+ (0.0200 M)|Ag
 A single vertical line indicates a phase boundary, or interface, at which a potential
develops.
 The double vertical lines represent two-phase boundaries, one at each end of the salt
bridge.
 There is a liquid-junction potential at each of these interfaces.

Currents in Electrochemical Cells
Charge is transported through such an electrochemical cell by three
mechanisms:
1.

Electrons carry the charge within the electrodes as well as the
external conductor.

2.

Anions and cations are the charge carriers within the cell. At the lefthand electrode, copper is oxidized to copper ions, giving up
electrons to the electrode.

3.

The ionic conduction of the solution is coupled to the electronic
conduction in the electrodes by the reduction reaction at the cathode
and the oxidation reaction at the anode.

2- Anions, sulfate
and hydrogen
sulfate , migrate
toward the copper
anode.

-1- The copper ions
formed move away
from the copper
electrode into the
solution.

3- Within the salt bridge,
chloride ions migrate toward
and
into
the
copper
compartment and potassium
ions move in the opposite
direction.

In the right-hand compartment,
silver ions move toward the
silver electrode where they are
reduced to silver metal, and
the nitrate ions move away
from the electrode into the
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18C-1 Sign Convention for Cell Potentials
 IUPAC ----The convention for cells is called the plus right rule.
This rule implies that we always measure the cell potential by connecting the positive
lead of the voltmeter to the right-hand electrode in the schematic or cell drawing (Ag
electrode in Figure 18-4 and the common, or ground, lead of the voltmeter to the lefthand electrode (Cu electrode in Figure 18-4).
 If we always follow this convention, the value of Ecell is a measure of the tendency of the
cell reaction to occur spontaneously in the direction written below, from left to right.

Cu | Cu2+(0.0200 M) || Ag+(0.0200 M) | Ag
 That is, the direction of the overall process has Cu metal being oxidized to Cu2+ in the lefthand compartment and Ag + being reduced to Ag metal in the right-hand compartment. In
other words, the reaction being considered is
Cu(s) + 2Ag+ ⇔ 2Ag(s) + Cu+2

Implications of the IUPAC Convention

Ecell =Eright -Eleft

∆G = - nFEcell
∆G < 0 spontaneous

 If Ecell is positive, the right-hand electrode is positive, ∆G is negative Hence, the
reaction in the direction being considered would occur spontaneously if the cell were
short-circuited or connected to some device to perform work (e.g., light a lamp, power a
radio, or start a car).
 On the other hand, If Ecell is negative, the right-hand electrode is negative, ∆G is positive,
and the reaction in the direction considered is not the spontaneous cell reaction.
 The IUPAC convention is consistent with the signs
that the electrodes actually develop in a galvanic cell.
That is, in the Cu/Ag cell
Cu | Cu2+(0.0200 M) || Ag+(0.0200 M) | Ag

the Cu electrode becomes electron rich (negative)
because of the tendency of Cu to be oxidized to Cu2+,
and the Ag electrode is electron deficient (positive)
because of the tendency for Ag + to be reduced to Ag.
As the galvanic cell discharges spontaneously, the silver
electrode is the cathode, while the copper electrode is
the anode.

 For the same cell written in the opposite direction
Ag | AgNO3 (0.0200 M) || CuSO4 (0.0200 M) | Cu
the measured cell potential would be Ecell = - 0.412 V, and the reaction considered is
2Ag(s) + Cu2+ ⇔ 2Ag+ + Cu(s)
 This reaction is not the spontaneous cell reaction because Ecell is negative, and ∆G is
thus positive. It does not matter to the cell which electrode is written in the schematic on the
right and which is written on the left. The spontaneous cell reaction is always
Cu(s) + 2Ag+ ⇔ 2Ag(s) + Cu+2
 By convention, we just measure the cell in a standard manner and consider the cell
reaction in a standard direction
 Finally, we must emphasize that, no matter how we may write the cell schematic or
arrange the cell in the laboratory, if we connect a wire or a low-resistance circuit to the cell,
the spontaneous cell reaction will occur.
 The only way to achieve the reverse reaction is to connect an external voltage source and
force the electrolytic reaction
2Ag(s) + Cu2+ ⇔ 2Ag+ + Cu(s)

to occur.

Half-Cell Potentials
•The potential of a cell is the difference between two electrode.
• According to the IUPAC sign convention, as long as the liquid-junction potential is negligible,
Ecell = Eright – Eleft
• We cannot determine absolute potentials of electrodes,
•we can easily determine relative electrode potentials.
Discharging a Galvanic Cell
Cell potential in the galvanic cell as a function of
time. The cell current, which is directly related to
the cell potential, also decreases with the same
time behavior.

In 18-4(b), the voltmeter is replaced with a lowresistance current meter, and the cell discharges

In 18-4(c), after equilibrium is reached, the cell potential

The Standard Hydrogen Reference Electrode
 For relative electrode potential data to be widely applicable and useful, we must have
a generally agreed-upon reference half-cell against which all others are compared.
 The standard hydrogen electrode (SHE) is a reference half-cell that is easy to construct,
reversible, and highly reproducible in behavior. It is a typical gas electrode
 The metal conductor is a piece of platinum that has been coated, or platinized, with finely
divided platinum (platinum black) to increase its specific surface area. This electrode is
immersed in an aqueous acid solution of known, constant hydrogen ion activity. The solution
is kept saturated with hydrogen by bubbling the gas at constant pressure over the surface of
the electrode.
 The platinum does not take part in the electrochemical reaction and serves only as the site
where electrons are transferred.
The half-reaction responsible for the potential at this
electrode is
2H+(aq) + 2e- ⇔ H2 (g)
 The hydrogen electrode can be represented schematically
as
Pt, H2(p = 1.00 atm) |(H+ = x M)||
 The potential of a hydrogen electrode depends on temp.
and the activities of hydrogen ion and molecular hydrogen
in the solution.
At pH=1.00 and aH+ = 1.00, the potential of the hydrogen

Electrode Potential and Standard Electrode Potential
•An electrode potential is defined as the potential of a cell in which the electrode in
question is the right-hand electrode and the standard hydrogen electrode is the left-hand
electrode.
• If we want to obtain the potential of a silver electrode in contact with a solution of Ag+
•The left-hand electrode is the standard
hydrogen electrode with a potential
that has been assigned a value of 0.000
V,
Ecell = Eright – Eleft = EAg –ESHE
= EAg – 0.000 = Eag
where EAg is the potential of the silver
electrode.
* Often, the potential of an electrode,
such as the silver electrode in Figure
18-7, is referred to as EAg versus SHE to
emphasize that it is the potential of a
complete cell measured against the
standard hydrogen electrode as a

The standard electrode potential, E0, of a half-reaction is defined as its electrode potential
when the activities of the reactants and products are all unity.
The E0 value for the half reaction:
Ag+ + e- ⇔ Ag(s) can be obtained by measuring Ecell
with the silver ion activity in the right-hand compartment is 1.00
The cell can be represented as
Pt, H2(p = 1.00 atm) |H+ (aH+ = 1.00)|| Ag+ (aAg+ = 1.00)|Ag
Or alternatively as

SHE|| Ag+(aAg+ = 1.00)|Ag

The silver electrode is positive with respect to the standard hydrogen electrode.
Therefore, the standard electrode potential is given a positive sign,
Ag+ + e- ⇔ Ag(s)

E°Ag+/Ag = +0.799 V

Figure 18-7 Measurement of the electrode potential for an Ag electrode.
If the silver ion activity in the right-hand compartment is 1.00, the cell potential is the
standard electrode potential of the Ag1/Ag half-reaction.

Figure 18-8 Measurement of the standard electrode potential for Cd2+ + 2e- ⇔ Cd(s).

In contrast to the silver electrode, the cadmium electrode is negative with respect
to the standard hydrogen electrode. Therefore, the standard electrode potential of the
Cd/Cd2+ couple is by convention given a negative sign, and E0 Cd2+/Cd= -0.403 V.

The standard electrode potentials for the four half-cells just described can be
arranged in the following order:

Additional Implications of the IUPAC Sign Convention
An electrode potential is by definition a reduction potential.
An oxidation potential is the potential for the half-reaction written in the
opposite way.
The sign of an oxidation potential is, therefore, opposite that for a
reduction potential, but the magnitude is the same.
The IUPAC sign convention is based on the actual sign of the half-cell of
interest when it is part of a cell containing the standard hydrogen
electrode as the other half-cell.

Effect of Concentration on Electrode Potentials: The Nernst Equation
Consider the reversible half-reaction
aA + bB + … + ne- ⇔ cC + dD +…
where the capital letters represent formulas for the participating species,
e- represents the electrons, and the lower case italic letters indicate the number of
moles of each species appearing in the half-reaction as it has been written.
The electrode potential for this process is given by the equation
RT [C ]c [ D ] d ...
E=E −
ln
nF [ A] a [ B ]b ...
0

0.0592
[C ]c [ D] d ...
E=E −
log
n
[ A] a [ B ]b ...
0

The Standard Electrode Potential, E0
The standard electrode potential for a half-reaction, E0, is defined as the electrode
potential when all reactants and products of a half-reaction are at unit activity.
The important characteristics of the standard electrode potential is:
1. It is a relative quantity---the potential of an electrochemical cell in which the
reference electrode is the standard hydrogen electrode, whose potential has been
assigned a value of 0.000 V.
2. The standard electrode potential for a half-reaction refers exclusively to a
reduction reaction, that is, it is a relative reduction potential.

3. The standard electrode potential measures the relative force tending to drive the
half-reaction from a state in which the reactants and products are at unit activity
to a state in which the reactants and products are at their equilibrium activities
relative to the standard hydrogen electrode.
4. The standard electrode potential is independent of the number of moles of
reactant and product shown in the balanced half-reaction.
5. A positive electrode potential indicates that the half-reaction in question is
spontaneous with respect to the standard hydrogen electrode half-reaction.
A negative sign indicates the opposite.
6. The standard electrode potential for a half-reaction is temperature dependent.

Systems Involving Precipitates or Complex Ions
Figure 18-9 The measurement of the standard electrode potential for the
Ag/AgCl electrode.

Limitations to the use of Standard Electrode Potentials
Calculations of cell potentials and equilibrium constants for redox reactions
as well as for redox titration curves can sometimes differ significantly from
those in laboratory because:
1.

Use of Concentrations Instead of Activities:
Most analytical oxidation/reduction reactions are carried out in
solutions that have such high ionic strengths that activity coefficients
cannot be obtained.
Using concentration instead of activities can lead to errors.

2. Effect of other equilibria such as dissociation, association, complex
formation, and solvolysis:
A formal potential is the electrode potential when the ratio of
analytical concentrations of reactants and products of a halfreaction are exactly 1.00 and the molar concentrations of any other
solutes are specified.
To distinguish the formal potential from the standard electrode
potential a prime symbol is added to E0.

Figure 18-10 Measurement of the formal potential of the Ag+/Ag couple
in 1 M HClO4.

