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14 Electrochemistry

. WHEN A CHEMICAL REACTION OCCURS, there is a net increase or decrease in
potential energy. In most cases, the change in potential energy appears as
heat evolved or absorbed from the surroundings. Occasionally, however,
the change in potential energy may be made to appear as electric energy.
In this chapter, the relation between chemical energy and electric energy
is explored. We consider the transport of electric energy through matter,
the conversion of electric energy into chemical energy, and the conversion

of chemical energy into electric energy. These topics belong to the field of
electrochemistry.

14.1 ELECTRIC CONDUCTIVITY

 Electric energy may be transported through matter by the conduction of
electric charge from one point to another in the form of an electric current
(see Appendix 4.5 to 4.7 for discussion of electrical terms). In order that
the electric current exist, there must be charge carriers in the matter, and
~ there must be a force that makes the carriers move. The charge carriers
can be electrons, as in the case of metals, or they can be positive and nega-
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tive ions, as in the case of electrolytic solutions and molten salts. In the
former case, conduction is said to be metallic; in the latter, electrolytic. The
electric force that makes charges move is usually supplied by a battery or
some similar source of electrical energy. Any region of space in which there
is an electric force is called an electric field.

As pointed out in Sec. 8.4, solid metals consist of ordered arrays of
positive ions immersed in a sea of electrons. For example, silver consists of
Ag™ ions arranged in a face-centered-cubic pattern with the entire lattice
permeated by a cloud of electrons equal in number to the number of Ag*
ions in the crystal. The Ag* ions are more or less fixed in positions from
which they do not move except under great stress. The electrons of the
cloud, on the contrary, are free to roam throughout the crystal. When an
electric field is impressed on the metal, the electrons migrate and thereby
carry negative electric charge through the metal. In principle, it should be
possible for an electric field to force all the loose electrons toward one end
of a metal sample. In practice, it is extraordinarily difficult to separate posi- trality can be preserved for
tive and negative charges from each other without the expenditure of rela- Na* ion enters the region ¢
tively enormous amounts of energy. The only way it is possible to keep a charge of the departing Na
sustained flow of charge in a wire is to add electrons to one end of the wire
and drain off electrons from the other end as fast as they accumulate. The
metal conductor thus remains everywhere electrically neutral, since just as
many electrons move into a region per unit time as move out.

Most of the electrons that make up the electron cloud of a metal are
of very high kinetic energy. Metallic conductivity would therefore be ex-
tremely high were it not for a resistance effect. Electric resistance is be-
lieved to arise because lattice ions vibrate about their lattice points. By
interfering with the migration of electrons, the ions keep the conductivity
down. At higher temperatures, the thermal vibrations of the lattice increase,
and therefore it is not surprising to find that, as the temperature of a metal
is raised, its conductivity diminishes.

In solutions, the mechanism of conductivity is complicated by the fact
that the positive carriers are also free to move. As pointed out in Sec. 10.4,
solutions of electrolytes contain positive and negative ions. There are no
free electrons in aqueous solutions. The ions are not fixed in position but
are free to roam throughout the body of the solution. When an electric field

14.2 Migration of ion
electrolytic conductivity.
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is applied to such a solution, as shown in Fig. 14.1, the positive ions ex-
perience a force in one direction, while the negative ions experience a force
in the opposite direction. The simultaneous motion of positive and negative
ions in opposite directions constitutes the electrolytic current. The current
would stop if positive ions accumulated at the negative electrode and nega-
tive ions at the positive electrode. In order that the electrolytic current con-
tinue, appropriate chemical reactions must occur at the electrodes to main-
tain electrical neutrality.

That ions migrate when electrolytic solutions conduct electricity can be
seen from the experiment diagramed in Fig. 14.2. The U tube is initially
half filled with a deep-purple aqueous solution of copper permanganate,
Cu(MnO,),. The solution contains blue hydrated Cu** ions and purple
MnO,~ ions. A colorless aqueous solution of nitric acid, HNO,, is floated
on top of the Cu(MnO,), solution. An electric field is maintained across
the solution by the two electrodes. After some time, it is observed that the
blue color characteristic of hydrated Cu** ions has moved into the region
marked A4, suggesting a migration toward the negative electrode. At the same
time, the purple color characteristic of MnO,~ has moved into the region
marked B, indicating that negative ions move simultaneously toward the
positive electrode.

As in the case of metallic conduction, electric neutrality must be pre-
served in all regions of the solution at all times. Otherwise, the current soon
ceases. Figure 14.3 shows two of the possible ways by which electrical neu-
trality can be preserved for a given region of a NaCl solution. In (), one
Na* ion enters the region defined by the dotted line to compensate for the
charge of the departing Na* ion. In (b), as one Na™ ion leaves the region,
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one Cl~ ion departs in the opposite direction; hence the region shows no
net change in charge. Both of these effects occur simultaneously, their rela-
tive importance depending on the relative mobilities of the positive and
negative ions.

Unlike metallic conduction, electrolytic conduction is usually increased
when the temperature of a solution is raised.* The difference arises from
the fact that in metals the conducting electrons are already of such high
energy that a rise in temperature does not appreciably affect their kinetic
energy. In solutions, ions have average kinetic energies proportional to the
absolute temperature, just as do the molecules of an ideal gas. When the
temperature of a solution is raised, the average kinetic energy of the ions is
increased, the ions migrate faster, and the solution becomes a better con-
ductor of electricity.

14.2 ELECTROLYSIS

In order to maintain an electric current, it is necessary to have a complete
circuit; i.e., there must be a closed loop whereby the electric charge can
return to its starting point. If the complete circuit includes as one com-
ponent an electrolytic conductor, chemical reaction must occur at the elec-
trodes. Electric energy is thus used to produce chemical change, and the
process is called electrolysis.

A typical electrolysis circuit is shown in F: ig. 14.4. The two vertical lines
at the top of the diagram represent a battery with the long line the positive
terminal, and the short line the negative one. The curling lines represent
strips of connecting wire, usually copper, that join the battery to the elec-
trodes. The electrodes dip into the electrolytic conductor, which contains
the ions M* and X~ that are free to move. When operating, the battery
creates an electric field which pushes
the electrons in the wires in the
directions shown by the arrows. Elec-

* There are exceptions to this generalization.
For example, with some weak electrolytes. the
per cent dissociation (Sec. 10.5) may decrease
with rising temperature. The decrease in the con-

centration of ions may be big enough to cause a
decrease in conductivity.
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trons are crowded onto the left-hand electrode and drained away from the
right-hand electrode. The circuit is not complete unless there is some way
by which electrons can be used up at the left electrode and formed at the
right electrode. Chemical changes must occur. At the left electrode, a
reduction process must occur in which some ion or molecule accepts elec-
trons and is thereby reduced. The electrode at which reduction occurs is
always called a cathode. At the right-hand electrode, electrons must be
released by an ion or molecule to the electrode. An oxidation process must
occur. The electrode at which oxidation oceurs is always called an anode.
In order for the reduction process to continue at the cathode, ions must
keep moving toward it. These ions are the positive ions and are called
cations. Simultaneously, negative ions move to the anode and are called

anions.
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14.3 ELECTROLYSIS OF MOLTEN NaCli

Molten NaCl contains Na* and Cl~ ions which are free to migrate. Figure
14.5 shows a schematic diagram of the electrolysis cell. Inert electrodes of
carbon or platinum dip into the molten NaCl. As diagramed, a reduction
process must occur at the left-hand electrode, which therefore is the cathode.
Of the two ions, Na* and CI~, only Na* can be reduced. On electrolysis,
Na* is reduced and forms metallic Na. The cathode reaction can be written

Te exceptions to this generalization,
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indicating that at the cathode one Na* ion picks up an electron to form a
of solution.

neutral Na atom. During the change, mass and charge are conserved, so
the cathode reaction is in a sense a chemical reaction expressible by a bal-




Fig. 14.5 Electrolysis of molten
NaCl

anced equation. Since the equation shows only a reduction process, it is
referred to as a half-reaction.

At the anode, oxidation occurs. Of the two species in the cell, Na+
and CI~, only the CI~ can be oxidized. When oxidized, Cl~ releases an elec-
tron to the anode, and a neutral chlorine atom forms. Two such chlorine
atoms immediately combine to produce a diatomic chlorine molecule, Cl,.

These Cl, molecules bubble off as a gas. The net anode half-reaction can
be written

201~ — Cly(g) + 2¢-

At the cathode, electric energy has been used to convert Na* into Na
metal; at the anode, to convert Cl- into Cl,. By addition, the two electrode
half-reactions can be combined into a single over-all cell reaction. In order
to keep electrons from piling up in the cell, as many must disappear at the
cathode as appear at the anode. To ensure electron balance, the half-reac-
tions are multiplied by appropriate coefficients so that, when the half-reac-
tions are added, the electrons cancel out of the final equation. Thus, for
the electrolysis of molten NaCl:

Cathode reaction:  2Na* + 2¢e~ — 2Na
Anode reaction: 201~ — Cly(g) + 2¢

Over-all reaction: ~ 2Na*+ + 2Cl- —— 2Na + Cl,(g)

In order to emphasize that this reaction occurs by the consumption of elec-
tric energy, the word electrolysis is often written under the arrow.
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14.4 ELECTROLYSIS OF AQUEOUS NaCl

When an aqueous NaCl solution is electrolyzed under appropriate condi-
tions, it is observed that hydrogen gas is liberated at the cathode and that
chlorine gas is liberated at the anode. How can these observations be ac-
counted for in terms of electrode reactions? Figure 14.6 shows the elec-
trolysis cell, which now contains, besides Na* and Cl~ ions, H,0 mole-
cules and traces of H* and OH™ from the dissociation of water. Molecules
of H;O can be either oxidized to O, and H* by removal of electrons or
reduced to H, and OH™ by the addition of electrons. The H,0 must thus
be considered as a possible reactant at each electrode.

At the cathode, reduction must occur. Three different reactions are
possible:

Na* 4+ e~ — Na(s) 1
2H,0 + 2¢~ — Hy(g) + 20H~ (2
2H* + 2¢™ — H,(g) 3)

It is not easy to predict which of several possible reactions will occur at a
cathode. It is necessary to consider which reactant is reduced most easily
and which reactant is reduced most rapidly. The strongest oxidizing agent
is not necessarily the fastest. Further complications appear when currents
are very large and when concentrations of reactants are very small. The
fact that hydrogen gas and not metallic sodium is formed in the electrolysis

Fig. 14.6 Electrolysis of aque-
ous NaCl.
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of aqueous NaCl indicates that reaction (2) or (3) occurs.* In NaCl solu-
tion, the concentration of H* is not large enough to make reaction (3) rea-
sonable as a net change. Therefore, in the electrolysis of aqueous NaCl,
reaction (2) is usually written for the cathode reaction. However, in acidic
solutions, the concentration of H+ may be high enough for H* to appear
in the net electrode reaction. For example, in the electrolysis of aqueous
HCI, the cathode reaction is written as Eq. (3).

In the electrolysis of NaCl solution, OH- accumulates in the region
around the cathode, and positive ions (Na*) must move toward the cathode
to preserve electric neutrality. In addition, OH- migrates away from the
cathode. Both migrations are consistent with the requirement that cations
migrate toward the cathode and anions toward the anode.

At the anode, oxidation must occur. Two different reactions are possible.

20~ — Cly(g) + 2¢- 4)
2H,0 - 0,(g) + 4H* + de- )

In agreement with experiment, reaction (4) is preferred. As the chloride-ion
concentration around the anode is depleted, fresh Cl~ moves into the region
and Na* moves out.

In summary, the equations for the electrolysis of aqueous NaCl are:

Cathode reaction: 2¢~ 4 2H,0 — H,(g) + 20H-
Anode reaction: 20" > Cl(g) + 2~
Over-all reaction:  2C1- + 2H,0 — H.(g) + Cl.(g) + 20H-

As expressed by the over-all reaction, during the electrolysis H, gas and
Cl, gas are formed, the concentration of Cl~ diminishes, and the concen-
tration of OH™ increases. Since there is always Na* in the solution, the
solution is gradually converted, as time goes on, from aqueous NaCl to
aqueous NaOH. In fact, in the commercial production of chlorine by the
electrolysis of aqueous NaCl, solid NaOH is obtained as a by-product by
evaporating H,0 from the residual solution left after electrolysis.

14.5 ELECTROLYSIS OF AQUEOUS Na,SO,

When aqueous Na,S0, is electrolyzed, H, gas is formed at the cathode, and
0, is formed at the anode. Changes at the electrodes can be demonstrated

* Years ago it was thought that the metal Na was first formed by reaction (1) and then subsequently
reacted with water to liberate H,. However. there is no evidence that any intermediate Na is ever formed
in this electrolysis. :
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or (3) eccurs.* In NaCI soly- by running the electrolysis in the cell shown in Fig. 14.7. A few drops of
ugh to make reaction 3) rex ~ litmus are initially added to the solution. Before electrolysis, the solution
electrolysis of aqueous Na(i ontains Na*, SO,~~, and H,0. It is essentially neutral; therefore litmus
! reaction. However, in acidic ~  takes the usual violet coloration. After electrolysis has proceeded for a

_ while, the litmus in the cathode compartment becomes blue, indicating the
olution to be basic; the litmus in the anode compartment becomes red,
indicating the solution to be acidic. Consistent with these observations are
the following electrode reactions: :

Cathode:  2¢~ + 2H,0 — H,(g) + 20H-
Anode:  2H,0—> 0,(g) + 4H* + e~
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) .  electrons cancel, and the result is

- .
eferred‘Asmecmoﬁd&ion | 6H,0 ——-—> 2H,(g) + 0.(g) + 4H* + 40H

1 CI™ moves into the region In this equation, both H and OH™ appear as products. The only reason

neutralization does not occur is that the H* is formed in the anode com-
partment and OH™ in the cathode compartment. If the solution is now
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occurs, and the litmus is restored to its original purple color. Addition of
the neutralization reaction

4H* + 40H~ — 4H,0
Nat + ¢~ — Na
to the above over-all cell reaction gives for the net reaction

2H,0 ——— 2H,(g) + 0.(g)

sells that one sodium atom is
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In this electrolysis, only water disappears. The Na* and SO, =~ initially
present are also present at the conclusion of the electrolysis. Is the Na,SO,
necessary? Because of the requirements of electrical neutrality, some kind
of electrolytic solute must be present. Positive ions must be available to
move into the cathode region to counterbalance the charge of the OH™ pro-
duced. Negative ions must be available to move to the anode to counter-
balance the H* produced.

Almost any ionic solute makes possible the electrolysis of water as de-
scribed by the above equations. The only requirement is that the ions of
the solute not be oxidized or reduced, as would happen, for example, when
aqueous CuSO, is electrolyzed. Cu*+* is more easily and rapidly reduced
than H,0. During electrolysis, copper plating forms on the cathode. The

reactions are:

Cathode reaction: : Cut* 4 2¢= — Cu(s)

Anode reaction: 2H,0— 0,(g) + 4H* + 4e~

Over-all reaction: ~ 2Cu** + 2H,0 o 2Cu(s) + O,(g) + 4H* !
can be read either “one soc

sodium atom” or ‘1 mole of
to form 1 gram-atom of sodi

In some cases, the electrodes themselves may take part in the electrode
reactions. In each of the above cells, the electrodes were assumed to be inert.
This would almost always be the case if the electrodes were made of the
inert metal platinum. If, however, the electrode material is reactive, it must
be considered as a possible reactant. For example, copper anodes are fre-

quently themselves oxidized during electrolysis when no other species present
is more readily oxidized. '

k Example 1

How many grams of chlorint
current of 10.0 amp. for 5.0

Coulombs = amperes >

3,000 _

14.6 QUANTITATIVE ASPECTS OF ELECTROLYSIS Faradays = 500

By experimentation, Michael F. araday, the great English chemist and
physicist, established early in the nineteenth century the laws of electrolysis
that bear his name (Sec. 3.1). These laws state that the weight of substance
produced at an electrode is proportional to the amount of electricity trans-

Since 2C1~ — Cl(g) +
2 faradays of elect
0.0311 faraday of
0.0156 mole of Cl
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ferred at the electrode and to the gram-equivalent weight of the substance.
Faraday’s laws can be accounted for by considering the electrode reactions.
For example, in the electrolysis of molten NaCl, the cathode reaction

Nat + e~ — Na

tells that one sodium atom is produced at the electrode when one sodium
ion disappears and one electron is transferred. When the Avogadro num-
ber of electrons is transferred, 1 mole of Na* disappears, and 1 gram-atom
of Na is formed. For this reaction, 1 gram-equivalent of Na is 22.991 g3
hence transfer of the Avogadro number of electrons liberates 22.991 g. of
Na. Doubling the amount of electricity transferred doubles the weight of
sodium produced.

The Avogadro number of electrons is such a convenient measure of the
amount of electricity that it is designated by a special name, the faraday.
In electrical units 1 faraday is equal to 96,500 coulombs of charge. As de-
scribed in Appendix 4.7, a coulomb of charge is the amount of electricity
that is transferred when a current of 1 amp. flows for 1 sec. It is useful to
remember that the current in amperes multiplied by the time in seconds is
equal to the number of coulombs. The electric charge in coulombs divided
by 96,500 is equal to the number of faradays. :

Electrode half-reactions expressed in ions, electrons, and atoms can be
read in terms of moles and gram-atoms if the electricity is expressed in

faradays. Thus,
Nat 4+ e~ — Na
can be read either “one sodium ion reacts with one electron to form one

sodium atom” or "1 mole of sodium ions reacts with 1 faraday of electricity
to form 1 gram-atom of sodium.”

Example 1

How many grams of chlorine can be produced by the electrolysis of molten NaCl at a
current of 10.0 amp. for 5.00 min.?

Coulombs = amperes X seconds = 10.0 X 5.00 X 60 = 3.000

3,000

= 0.0311
96,500 '

Faradays =

Since 2C1~ — Cl,(g) + 2¢™.
2 faradays of electricity produce 1 mole of Cl,
0.0311 faraday of electricity produces 0.0156 mole of Cl,
0.0156 mole of Cl, weighs (0.0156)(70.9), or 1.11. g.
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Example 2

A current of 0.0965 amp. is passed for 1,000 sec. through 50.0 ml. of 0.100 M NaCl.

What will be the average concentration of OH~ in the final solution?

Funday = 006911000

= 0.00100
At the cathode 2¢~ + 2H,0 — H,(g) + 20H-
2 faradays liberate 2 moles of OH~
0.00100 faraday liberates 0.00100 mole of OH~

In the final solution, assuming the volume is still 50.0 ml., the concentration of

OH~ is 0.00100 mole per 50.0 ml., or 0.0200 M.

14.7 GALVANIC CELLS

In the above cells, electric energy in the form of a current was used to bring
about oxidation-reduction reactions. It is also possible to do the reverse, i.e.,
use an oxidation-reduction reaction to produce electric current. The main
requirement is that the oxidizing and reducing agents be kept separate from
each other so that electron transfer must occur through a wire. Any device
which accomplishes this is called a galvanic, or voltaic, cell after Luigi
Galvani (1780) and Alessandro Volta (1800), who made the basic discoveries.

When a bar of zinc is dipped into a solution of copper sulfate, CuSO,,
copper plating is obtained. The net reaction is

Zn(s) + Cut*— Zn** + Cu(s)

In this change, Zn is oxidized and Cu*+ is reduced, presumably by the
direct transfer of electrons from zinc atoms to copper ions. To emphasize
this transfer of electrons, the net reaction can be split into two half-
reactions:

Zn(s) = Zntt 4 2
Cutt 4 2¢= — Cu(s)
The galvanic cell operates on the principle that two separated half-reactions

can be made to take place simultaneously, with the electron transfer occur-
ring through a wire. The typical galvanic cell shown in Fig. 14.8 uses the

reaction
Zn(s) 4+ Cutt — Zntt 4 Cu(s)

Any galvanic cell that uses this reaction is called a Daniell cell. The dotted
line represents a porous partition which separates the container into two
compartments but still permits diffusion of ions between them. In the left-
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Fig. 14.8  Typical galvanic cell.

hand compartment is a solution of zinc sulfate, into which a zinc bar is
dipped; in the right-hand compartment is a copper bar dipping into a solu-
tion of copper sulfate. When the two electrodes are connected by a wire,
electric current flows, as shown by a meter in the circuit. As time progresses,
the zinc bar is eaten away, and copper plates out on the copper bar.

The cell operates as follows: At the zinc bar, oxidation occurs, making
Zn the anode. The half-reaction

Zn(s) > Zn™* + 2Ze~

produces Zn** ions and electrons. The zinc ions migrate away from the
anode into the solution, and the electrons move through the wire, as indi-
cated in the figure. At the copper bar, reduction occurs, making Cu the
cathode. The electrons come through the wire and move onto the cathode,
where they are picked up and used in the reaction

Cu** + 2~ — Cul(s)

Tuced, presumably by the
opper ions. To emphasize
1 be split into two half.

0 separated half-reactions
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the vicinity of the cathode. The circuit is complete. Consistent with previous
notation, cations (Zn** and Cu**) in the solution move toward the cathode
(the copper bar), and anions (SO,~~) move toward the anode (the zinc
bar). Electrons flow through the wire, and a current is obtained from an
oxidation-reduction reaction. The cell runs until either the Zn or Cu*+
is depleted. _

In describing the operation of a galvanic cell, it is not necessary to
specify the relative charges of the electrodes. In fact, a simple assignment
of charges to the electrodes will not account for the direction of both elec-
tron and ion currents. To account for the electron current (from anode to
cathode in the wire), the anode must be labeled negative with respect to
the cathode. To account for the ion current (negative ions to the anode and
positive ions to the cathode), the anode must be labeled positive with respect
to the cathode. How can the anode be positive and negative at the same
time? The discrepancy is resolved by considering the electrode in detail.
For example, at the Daniell cell anode, Zn** is produced. These Zn*+ ions
form a layer which makes the anode appear positive as viewed from
the solution. The electrons released in forming Zn** make the anode appear
negative as viewed from the wire.

Actually, to get a current from a Daniell cell, the Zn*+ ions and the
Cu bar need not be initially present. Any metal support for the plating of
Cu will do in place of the Cu bar. Any positive ion that does not react with
Zn metal will do in plaée of Zn**. However, as the cell reaction proceeds,
Zn™™ is necessarily produced at the anode. Furthermore, the porous parti-
tion is necessary only to keep Cu** from easily getting over to the Zn metal,
where direct electron transfer would short-circuit the cell. The partition
must be porous in order to allow the diffusion of positive and negative
ions from one compartment to the other. Otherwise the solution would soon
become positively charged in the anode compartment (due to accumulation of
Zn**) and negatively charged in the cathode compartment {due to deple-
tion of Cu**), causing the current to cease.

In principle, any oxidation-reduction reaction is separable into two
half-reactions and can be made a source of electric current as a galvanic
cell. Probably the most famous example is the lead storage battery, or
accumulator. As shown in F ig. 14.9, the basic features are electrodes of
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Qver-all cell reaction:
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The insoluble lead sulfate, PbSO,, that is formed at each electrode adheres
to the electrode. During the charging of a battery, the electrode reactions
are reversed so as to restore the cell to its original condition. In discharge,
as shown by the over-all cell reaction, Pb and PhO, are depleted, and the
concentration of H,S0, is diminished. Since the density of the aqueous
solution is chiefly dependent on the concentration of H,SQ,, measurement
of the density tells how far the cell is discharged.*

Another common galvanic cell is the Leclanché dry cell used in flash-
lights. The cell consists of a zinc can containing a centered graphite rod sur-
rounded by a moist paste of manganese dioxide, MnQ,, zinc chloride,
ZnCl,, and ammonium chloride, NH,Cl. The zinc can is the anode, and the
graphite rod is the cathode. At the anode, Zn is oxidized; at the cathode,
MnO, is reduced. The electrode reactions are extremely complex and seem
to vary, depending on how much current is drawn from the cell. For the
delivery of very small currents, the following reactions are probable:

Anode: Zn(s) = Zn*t 4 2e
Cathode: 2MnO,(s) 4+ Zn** + 2e~ — ZnMn,0(s)
Over-all cell reaction: ~ Zn(s) + 2MnO.,(s) — ZnMn,0,(s)

* It would seem natural to say that. when the battery is discharging. the anion HSO,™ moves to the
anode. However. as is obvious from the cathode half-reaction. some of the HSO,™ must also move to the
cathode in exder to form PhSO,. Thus we have the unusual but not unique situation that the anion moves

toward both electrodes.
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14.8 OXIDATION POTENTIALS

A voltmeter connected between the two electrodes of a galvanic cell shows

a characteristic voltage which depends in magnitude on what reactants take
part in the electrode reactions and on what their concentrations are. For
example, in the Daniell cell, if Zn** and Cu** are at 1 m concentration,
and the temperature is 25°C., the voltage measured between the Zn elec-
trode and the Cu electrode is 1.10 volts, no matter how big the cell or how
big the electrodes. This voltage is characteristic of the Daniell cell reaction

Zn(s) + Cu** — Zn** 4 Cu(s)

The voltage measures the force with which electrons are moved around the
circuit and therefore measures the tendency of this reaction to take place.
Thus, galvanic cells give a quantitative measure of the relative tendency of
various oxidation-reduction reactions to occur.

Figure 14.10 shows a galvanic cell set up to study the reaction

Zn(s) + 2H* — Hy(g) + Zn*+

Fig. 14.10  Voltage measurement of sinc-hydrogen cell. —
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Fig. 14.11 Voltage measurement of copper-hydrogen cell.

In the anode compartment, a zinc bar dips into a solution of a zinc salt. In
the cathode compartment, H, gas is led in through a tube so as to bubble
over an inert electrode, made, for example, of Pt, dipped into an acidic so-
lution. The anode reaction is

Zn(s) > Zn*t + 2¢~
The cathode reaction is
2H* 4 2e~ — H,(g)

When the concentrations of H* and of Zn** are 1 m and when the pres-
sure of the H, gas is 1 atm., the voltmeter reads 0.76 velt (at 25°C.), and
the deflection is in such direction as to indicate that Zn has a greater tend-
ency to give off electrons than has H,. In other words, the half-reaction
Zn(s) — Zn** 4 2¢~ has a greater tendency to occur than H;(g) —
2H* + 2~ by 0.76 volt.

The galvanic cell in Fig. 14.11 makes use of the reaction

H,(g) + Cu** — 2H* + Cu(s)

A s N AR S Rt e e
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The anode reaction is
Ha(g) — 2H* 4 2

and the cathode reaction is
Cu*™* + 2¢= — Cu(s)

When the concentrations of H* and Cu** are 1 m and when the pressure
of H, is 1 atm., the voltmeter reads 0.34 volt (at 25°C.), and the direction
indicates that H, has a greater tendency to give off electrons than has Cu.
a greater tend-

In other words, the half-reaction H,(g)— 2H* + 2¢~ has
ency to occur than Cu(s) — Cut+ 4 2~ by 0.34 volt.

In all cells, the voltage observed arises from two sources:
the anode and a voltage at the cathode.
known, the other could be obtained by subtraction. However, it is impos-
sible to measure the voltage of an individual electrode, since any complete
circuit necessarily contains two electrodes. We are forced to assign a com-
pletely arbitrary voltage to one electrode. The voltage of the other electrode
is thereby fixed. For convenience, the voltage of the standard hydrogen
electrode (at 25°C., 1 atm. H, pressure, and 1 m H* concentration) is
given the value zero. Consequently, in any cell which contains the hydro-
gen electrode, the entire measured voltage is attributed to the half-reaction
at the other electrode. Voltages thus assigned are called oxidation potentials.

Table 14.1 lists various half-reactions with their oxidation potentials.
A more extensive listing is given in Appendix 7. The double arrows indi-
cate that under appropriate conditions the half-reaction can be made to go
in either direction. The voltage given applies when the half-reaction pro-
ceeds in the forward direction. For the reverse direction, the sign of the
voltage must be changed.

The forward reaction is an oxidation in which the reducing agent,
shown on the left, is oxidized. The table is so arranged that the reducing
agents are listed in order of decreasing strength. In other words, there is
decreasing tendency of the forward half-reaction to occur from the top of
the table to the bottom. For example, of the list given, lithium, Li, is the
best reducing agent. since it has the highest tendency to give off electrons.
Fluoride ion, F~. is the worst reducing agent and has the least tendency to

give off electrons. Such a list of reducing agents arranged in decreasing
order is sometimes called the electromotive series. :
The numerical values of the oxidation potentials given in Table 14.1
apply to aqueous solutions at 25°C. in which the concentration of dissolved
species is 1 m.

reducing agent
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is stronger than H.,; a negative value indicates that the re-
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ducing agent is weaker than H,.* The magnitude of the potential is a quan-
titative measure of the relative tendency of the half-reaction to occur from
left to right. (It should be noted that nothing is implied about whether the
reaction is fast enough to be observed.)

Each redueing agent in Table 14.1 is coupled in its half-reaction with
its oxidized form. For example, Cu is coupled with Cu**. The oxidized form
is capable of acting as an oxidizing agent when the half-reaction is reversed
by some means. Thus, the oxidation potentials in Table 14.1 also give in-
formation about the relative tendency of oxidizing agents to pick up elec-
trons. If a half-reaction, such as the one at the top of the table, has great
tendency to go to the right, it is hard to reverse, and the oxidizing agent is
a poor one. Of the oxidizing agents listed, Li* is the poorest, and fluorine,
F., the best. The half-reaction

e~ + Lit — Li(s) —3.05 volts
has smaller tendency to oceur than
2e~ + F.(g) — 2F~ +2.87 volts
Table 14.1 lists oxidizing agents (on the right) in order of increasing

strength.

* This assignment of “positive” and “uegative” is arhitrary and could perhaps be better chosen in
the opposite sense. In fact. most of the world outside America does use the opposite convention. De gus-
tibus non est disputandum.
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The voltage of a half-reaction is a measure of the tendency of the half-
reaction to occur. This voltage is independent of the other half of the com-
plete reaction. The voltage of any complete reaction can be obtained by
addition of the voltages of its two half-reactions. The voltage so obtained
gives the tendency of the complete reaction to occur and is the voltage

measured for a galvanic cell which uses the reaction. For example, in the
Daniell cell:

Anode:  In(s) > Zn*t 4 2~ +0.76 volt
Cathode: 2e” + Cu** — Cu(s) +0.34 volt
Complete Cell: Zn(s) + Cu** —s Zn++ + Cu(s) +1.10 volts

The voltage, +1.10, so calculated is that observed for the Daniell eell. It
is positive, which indicates that the reaction tends to go spontaneously as
written. It should be noted that the value 1.10 volts applies when the con-
centrations of the ions are 1 m, since oxidation potentials are defined for
concentrations of 1 m. If the concentrations are changed, the cell voltage
changes, as can be predicted by the Le Chatelier principle. For example, an
increase in Cu** concentration means that the reaction has greater tend-
ency to go to the right, and the voltage is increased. Likewise, an increase
in Zn** concentration decreases the voltage. *

Any oxidation-reduction reaction for which the voltage is positive has
the tendency to take place as written. Whether a given reaction should take
place spontaneously can be determined from the relative positions of its
two half-reactions in a table of oxidation potentials. In Table 14.1, for ex-
ample, any reducing agent reacts with any oxidizing agent below it. Zn re-
duces Fet+ H*, Cu**, etc., but does not reduce Al*2, Mg*+*, Na*t, etc.
Similarly, any oxidizing agent reacts with any reducing agent above it. I,
oxidizes Cu, H,, Fe, etc., but does not oxidize Br~, H,0, CI-, etc.

Example 3

I, and Br, are added to o solution containing 1~ and Br~. What reaction would occur if
the concentration of each species were 1 m?

ness of a species to take part in the chemical reaction or, in other words, contribute to the chemical
activity of the species. For precise work, it is the chemical activity rather than the concentration of the
species that must be specified. Strietly speaking, then, the oxidation potentials given in Table 14.1 are
defined for all species at unit activity. For our purposes we shatl assume that activity can be represented
by concentration in terms of molality.

4.9  Balancing Equations by
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The hulf-reactions to be considered are
201, + 2e~ —0.54 volt
2Br-— Br, + 2e=  —1.09 volts

Method (a). From the positions in Table 14.1, I~ can reduce Br,, whereas Br~

cannot reduce I,. Therefore, the reaction is

21" 4+ Br,— I, + 2Br~

Method (b)
201, 4 2e~ —0.54 volt
2¢~ + Br,— 2Br~ +1.09 volis
2I- + Br,— L, + 2Br~ +0.55 volt

Therefore, this reaction should occur spontaneously as written, since the voltage for the

reaction is positive.

2Br~— Br, + 2¢~ —1.09 volts
2¢ + L—2F + .54 volt
2Br~ 4+ I,— Br, 4+ 21~ —0.55 volt

Therefore, this reaction should not occur spontaneously as written.

14.9 BALANCING EQUATIONS BY HALF-REACTIONS

An oxidation half-reaction must always be paired with a reduction half-
reaction, in order that the electron balance of the world may not be dis-
turbed. This requirement of electron balance makes possible a method of
balancing equations which differs from the oxidation-number method dis-
cussed in Sec. 5.7 in that the artificially devised oxidation number is no

longer necessary.

The balanced equation for the change
Zn(s) + Ag*— Zn** 4+ Ag(s)

can be written by noting that the Zn must release two electrons to form Zn**
and that these two electrons must be picked up by two Ag* ions to form
two Ag atoms. The principle of the method is to write the half-reactions

and then match electron loss and gain. Thus,
Zn(s) > Zn*t 4 2¢”
2[e” + Ag" — Ag(s)]
Zn(s) + 2e~ + 2Agt — Zntt + 2e” 4+ 2Ag(s)
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or, Zn(s) + 2Ag*t— Zn** 4 2Ag(s) Step (2d)
The balanced equation for the change H,0 + NO,”—
Fet* 4 MnO,~ — Fe*® 4+ Mn*+ NO,~ 4 2H*

in acidic solution can be written from the two half-reactions [Two electrons have been ac

 the right side, since in step (
~ left side has a net charge of -
 the right side has a net ch
+ 1. The right side was de.ﬁc
negative charge by two units

| Step (3):

3(H,0 + NO,” — NO.
Cr,0,~~ + 14H* + 6
3H20 + 3N02— + Cr2

Fett — Fet3 4 ¢~
5S¢~ 4+ 8H* 4+ MnO,” — Mn*+ + 4H,0

Multiplying the first by 5 and adding to the second gives
SFe™ 4 8H* + MnO,” — 5Fe** 4+ Mn** 4+ 4H,0

When given an equation to balance in acidic solution, the detailed steps to
follow are:

1. Separate the change into half-reactions.

2. Balance each half-reaction separately by:

a. Changing coefficients to account for all atoms except H and O.
b. Add H,O to side deficient in O.

¢. Add H* to side deficient in H.
d. Add e to side deficient in negative charge.

3. Multiply half-reactions by appropriate numbers needed to balance
electrons, and add.

4. Subtract any duplications on left and right.

The following example shows the stepwise procedure used to write a bal-
anced equation for the change

NO,~ + Cr,0,-~ — NO,~ + Cr+*

 where 3H,0, 6H*, and 6e™

Step (4):
3N02_ + Cr207.‘— + ;

If the reaction occurs i
H*. In order to add H ato
number to the deficiency of
the opposite side. The rest «

in acidic solution. action in basic solution is tt

e Cr(OH),(s) + 10,~ —
NOe = N0 Cr,0,7" > Cr#? The half-reactions are
Hep. Gy Cr(OH),(s) + 50H™-
NO,~ — NO,- Cr,0,~ — 2Cr*3 105~ + 3H,0 + 6¢~
St and the final net equation i
H.0 + NO,” — NO,~ Cr,0,~~ — 2Cr** + 7H,0 2Cr(OH),(s) + 10, -
Step (2¢): :
H,0 + NO,”— NO,~ + 2H* | Cr,0,”~ + 14H* — QUESTIONS
2Cr*® 4 7H.O0 14.1 Electrical terms. Disti
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Questions
Step (2d):
H,0 + NO,” —
NO;~ + 2H* + 2e~
[Two electrons have been added to

the right side, since in step (2¢) the
left side has a net charge of —1 and
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Cr,0,7— + 14H* 4 6e —
~2Cr*® 4 7H,0

[Six electrons have been added to
the left, since in step (2¢) the left
side is + 12 while the right side is

the right side has a net charge of | +6.]
+ 1. The right side was deficient in
negative charge by two units.]

Seep (3):

3(H,0 + NO,” — NO,™ + 2H* + 2¢7)

Cr,0,7~ + 14H* 4 6e~— 2Cr*® 4+ 7H,0

3H,0 + 3NO, + Cr;0, 4 14H* 4 6 —

3NO;~ 4 2Cr*® 4 7TH,0 + 6H* 4 6¢~

where 3H,0, 6H*, and 6e~ are duplicated on left and right.
Step (4):

3NO,™ + Cr,0,7~ 4+ 8H* — 3NO,™ + 2Cr*?® 4+ 4H,0

If the reaction occurs in basic solution, the equation must not contain
H*. In order to add H atoms in step (2c), add H,0 molecules equal in
number to the deficiency of H atoms and an equal number of OH™ ions to
the opposite side. The rest of the method is the same. An example of a re-
action in basic solution is the change

Cr(OH)4(s) + 10, — I~ 4+ CrO,—

The half-reactions are
Cr(OH);(s) + 50H™ — CrO,~~ + 4H,0 + 3e~
10, + 3H,0 + 6 — I~ + 60H-

and the final net equation is

2Cr(OH)4(s) + 10,~ + 40H~ — 2Cr0,~~ + I" + 5H,0

QUESTIONS

14.1 Electrical terms. Distinguish between faraday, coulomb, and ampere.




