
Working electrode

Working electrode

Most of the time, one is interested in only one of 

the two independent half-reactions 

à The electrode at which it occurs is called the 

working electrode. 

à The other electrode is called the counter electrode

Zn2+(aq) + 2Ag(s) + 2Cl-(aq) Zn(s) + 2AgCl(s)

2Ag(s) + 2Cl-(aq) 2AgCl(s) + 2e-

Zn2+(aq) + 2e-Zn(s)

Overall cell reaction:

Anode half-reaction:

Cathode half-reaction:



Reference electrode

Reference electrode

In order to easily compare with various electrochemical reactions at the working 

electrode, 

à one standardizes the other half of the cell (counter electrode) by using an electrode (called a 

reference electrode) 

à made up of phases having essentially constant composition. 

(because composition affects a potential)

à For more accurate measurement, counter and reference electrodes are experimentally separated

(3-electrode cell) 

The internationally accepted primary reference

à the standard hydrogen electrode (SHE), or normal hydrogen electrode (NHE) 

à has all components at unit activity:

2 H+(aq) + 2 e− ↔ H2(g)

NHE: potential of a platinum electrode in 1 M acid solution (experimental)

SHE: potential of a platinum electrode in a theoretical ideal solution (the current standard )



Reference electrode



Reference electrode

Potentials are often measured with respect to reference electrodes other than the 

NHE

à Because NHE is not very convenient from an experimental standpoint. 

A common reference 

à the saturated calomel electrode (SCE), which is

à the potential of SCE: 0.242 V vs. NHE. 



Reference electrode

Another is the silver-silver chloride electrode,

à the potential of Ag/AgCl: 0.197 V vs. NHE. 

à Potentials identified in the literature as "vs. Ag/Ag+" when this electrode is used.



Electrochemical Cells and Reactions

An electrochemical reaction is often more complex than a chemical reaction occurring 

in solution or in the gas phase. 

è The chemical reaction is called a homogeneous reaction, because it occurs everywhere 

within the medium at a uniform rate.

è In contrast, an electrode process is a heterogeneous reaction occurring only at the 

electrode-electrolyte interface.



Faradaic Processes

The current represents 

à the number of electrons reacting with Cd2+ per second, 

à or the number of coulombs of electric charge flowing per second

è the question "What is i?" is essentially the same as "What is the rate of the reaction, 

Cd2+ + 2e à Cd?" 

The following relations demonstrate the direct proportionality between faradaic 

current and electrolysis rate:

è where n is the stoichiometric number of electrons consumed in the electrode reaction

(e.g., 2 for reduction of Cd2+ ).



Heterogeneous reaction

Since electrode reactions are heterogeneous and occur at the electrode surface, their 

reaction rates are usually described in units of mol/s per unit area; that is,

where j is the current density (A/cm2).



POTENTIALS 

AND THERMODYNAMICS

OF CELLS



Free Energy and Cell emf

- n: the number of electrons passed per atom of zinc reacted (or the number of moles of 

electrons per mole of Zn reacted) 

- F: the charge on a mole of electrons, which is about 96,500 C. 

§ -ΔG:  the maximum net work obtainable from the cell



Free Energy and Cell emf

The actual meaning of the signs - and + 

è different for free energy and potential. 

For free energy, 

è - and + : energy lost or gained from the system

The free energy change has a sign associated with the direction of the net cell 

reaction. 

è We can reverse the sign by reversing the direction. 



Free Energy and Cell emf

For potential, 

è - and + : the excess or deficiency of electronic charge

Only an infinitesimal change in the overall cell potential is required to reverse the 

direction of the reaction

è Hence E is essentially constant and independent of the direction of a (reversible) 

transformation.

We want to relate a direction-sensitive quantity (ΔG) to a direction-insensitive 

observable (E). 

è This desire is the origin of almost all of the confusion that exists over 

electrochemical sign conventions. 



Free Energy and Cell emf

We rationalize the relationship between free energy and potential

è by inventing a thermodynamic construct called the emf (electromotive force) of the 

cell reaction. 

è emf has a directional aspect. 

For the one in the following example, 

è The reaction is

The right electrode corresponds to reduction in the implied cell reaction, and the left

electrode is identified with oxidation.



Free Energy and Cell emf

Thus, the reverse of the above reaction would be associated with the opposite 

schematic:

(Sign convention) The cell reaction emf, Erxn, 

à is defined as the electrostatic potential of the electrode written on the right in the cell 

schematic with respect to that on the left.



Free Energy and Cell emf

For example, in the above cell, 

è thus the emf of the below reaction, the spontaneous direction, is +0.985 V. 

Likewise, the emf corresponding to the above cell is -0.985 V. 

è The reaction is

i)

ii)



Free Energy and Cell emf

By adopting this convention, 

à we have managed to rationalize an electrostatic quantity (the cell potential difference), 

which is not sensitive to the direction of the cell's operation, 

with a thermodynamic quantity (the Gibbs free energy), 

which is sensitive to that direction. 

One can avoid completely the common confusion about sign conventions of cell 

potentials if one understands this formal relationship between electrostatic measurements 

and thermodynamic concepts.

i)

ii)

+0.985 V. 

-0.985 V. 



Free Energy and Cell emf

Because our convention implies a positive emf when a reaction is spontaneous,

or as above, when all substances are at unit activity,

: !" #$% is called the standard emf of the cell reaction.



Practice

Determine.  Cell rxns?  Their emf?  Spontaneous?
a) Ag/AgCl/K+, Cl-/Hg2Cl2/Hg

b) Pt/O2 /Na+, OH- /H2 /Pt



Half-Reactions and Reduction Potentials



Free Energy and Cell emf

Other thermodynamic quantities can be derived from electrochemical measurements

For example, the entropy change in the cell reaction is given by the temperature 

dependence of ΔG:

hence

and



Free Energy and Cell emf

The equilibrium constant of the reaction is given by

QRTΔGΔG o ln+=



Half-Reactions and Reduction Potentials

Thus, we say that the standard potential of the Ag+/Ag couple is +0.799 V vs. NHE. 

Another valid expression is that the standard electrode potential of Ag+/Ag is +0.799 

V vs. NHE. 

The standard emf of the Ag+ reduction is also +0.799 V vs. NHE, 

but that of the Ag oxidation is -0.799 V vs. NHE. 

In the system



emf and Concentration

Consider a general cell in which the half-reaction at the right-hand electrode is

where the v's are stoichiometric coefficients. 

The cell reaction with NHE is then

and its free energy is given from basic thermodynamics by

where ai is the activity of species i

QRTΔGΔG o ln+=



emf and Concentration

Nernst Equation

è provides the relationship between the potential of the O/R electrode vs. NHE  

and the activities of О and R.



emf and Concentration
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Formal Potentials

It is usually inconvenient to deal with activities in evaluations of half-cell potentials, 

because activity coefficients are almost always unknown. 

è A device for avoiding them is the formal potential, E0'.

For example,

è Its Nernst relation is simply

where 

Ci : the concentration of the solute

C0 : the standard concentration (1 M)



Formal Potentials

formal potential, E0'.



Formal Potentials

E0' will vary from medium to medium 

à because the ionic strength affects the activity coefficients



Analytical Chemistry

Chapter 16. Redox Titrations



A redox titration 

: based on an oxidation-reduction reaction between analyte

and titrant.

This chapter introduces the theory of redox titrations



16.1 The shape of a redox titration curve

Consider the titration of iron(II) with standard cerium(IV), monitored potentiometrically

with Pt and calomel electrodes as shown in Figure 16-1. 

The titration reaction is

Each mole of ceric ion oxidizes 1 mol of ferrous ion rapidly and quantitatively. 

The titration reaction creates a mixture of Ce4+, Ce3+, Fe2+, and Fe3+ in the beaker 

See Figure on P. 376



16.1 The shape of a redox titration curve

At the Pt indicator electrode, two reactions come to equilibrium:

The Pt indicator electrode responds to 

the relative concentrations (really, activities) of Ce4+ and Ce3+ or Fe3+ and Fe2+.

We now set out to calculate how the cell voltage changes as Fe2+ is titrated with Ce4+.

The titration curve has three regions.



16.1 The shape of a redox titration curve

Region 1: Before the Equivalence Point

As each aliquot of Ce4+ is added, 

à titration reaction consumes Ce4+

à and creates an equal number of moles of Ce3+ and Fe3+. 

Prior to the equivalence point, excess unreacted Fe2+ remains in solution. 

Therefore, we can find the redox potential of Fe2+/Fe3+



16.1 The shape of a redox titration curve

One special point is reached before the equivalence point. 

When the volume of titrant is one-half of the amount required to reach the 

equivalence  

point (V = 1/2Ve ), 

à [Fe3+] = [Fe2+]. 

à In this case, the log term is 0 

The point at which V = (1/2)Ve is analogous to the point at which pH = pKa when V = 

(1/2)Ve in an acid-base titration.



16.1 The shape of a redox titration curve

Region 2: At the Equivalence Point

Exactly enough Ce4+ has been added to react with all the Fe2+. 

Virtually all cerium is in the form Ce3+, and virtually all iron is in the form Fe3+. 

Tiny amounts of Ce4+ and Fe2+ are present at equilibrium. 

From the stoichiometry of Reaction 16-1, we can say that


