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Electrochemistry 2 O

20.1  Oxidation-Reduction Reactions

20.2  Balancing Oxidation-Eeduction Equations

203 Voltaic Cells |
204 Cell EMF

0.5 Spontaneity of Redox Reactions

2.6 Effect of Concentration on Cell EMF

20.7 Batteries .

20.8 Lnrmsm:n reactions. The “chrome® grille

20.9 Electrolysis ol this vintage 1949
autemobile was produced by

ehectroplating chromiurm metal
on steel, an example of the
chemical process called

ebectrobyss.

The concept of axidation state or oxidation mumber, which we introduced in
Section 4.4, is an extremely useful guide to the changes that ocour during
chemical reactions. Among the most common and most important chemi-
cal reactions ane those that involve changes in the oxidation states of atoms
For example, consider the reaction that occurs when zinc metal is added to
a strong acid (Figure 20.1 p):

Znis) + TH" (ag) —= Zn** (ag) + Halg) [20.1]

Duiring this reaction the oxidation state of zinc increases from 0 in Zn(s) to
+2 in Zn** (ag), whereas that of hydrogen decreases from +1 to 0, Chemi-
cal reactions In which the oxidation state of one or more substance changes
are called oxidation-reduction reactions (or redor reactions),

As we discussed earlier, oxidation refers to the loss of electrons. Con-
versely, reduction refers to the gain of electrons. @ (Section 44} We can
view oxidation-reduction resctions as involving the transfer of electrons
from the atom that is oxddized to the atom that is reduced. In Equation 20.1
electrons are transferred from zinc atoms (zinc is oxidized) to hydrogen
ions (hydrogen is reduced)

The transfer of electrons that occurs in the reaction in Figure 200.] pro-
duces energy in the form of heat; the reaction is thermodynamically “down
hill” and proceeds spontaneously. The transfer of electrons that occurs
during oxidation-reduction reactions can also be used to produce energy in
the form of electricity. In other instances we use electrical energy to make
certain nonspontaneous chemical processes occur. Electrochemistry is the
branch of chemistry that deals with the relationships between electricity
and chemical reactions. Our discussion of electrochemistry will provide
insight into such diverse topics as the construction of batteries, the spon-
taneity of reactions, electroplating, and the corrosion of metals. We will
begin by learning more about oxidation-reduction reactions 751
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* Figure 20.1 The addition
of pinc metal b hydrochbonic
acid leads to a spontanecus
oxldation-reduction reaction:
Linc metal is oxidized to

Zn®* (o), and H* {og) is
reduced to H,ig), which
produces the wigorous
bublbding.

Wy, Oxidation-Reduction
Resclions | movie;
Oxidaticn-Reduction
Reactions N miowvie

20.1 Oxidation-Reduction Reactions

How do we determine whether a given chemical reaction bs an oxidation-re-
duction reaction? We can do so by keeping track of the oxidation numbers of all
the elements involved in the reaction, This procedure tells us which elements (if
any) are changing oxidation state. For example, the reaction in Equation 20.1
can be wntten

By writing the oxidation number of each element under the equation, we can
easily see the oxidation state changes that ocour: The oxidation state of Zn
changes from 0 to +2, and that of H changes from +1 to 0,

In a reaction such as Equation 20.2, a clear transfer of electrons occurs. Zinc
loses electrons as Znis) is converted to Zn’' (ag), and hydrogen gains electrons as
H"(ag) is turned into Hy{g). In other reactions, the oxidation states change, but we
can't say that any substance literally gains or loses electrons. For example, con-
sider the combustion of hydrogen gas:

2H,(g) + Ofg)— 2H,O(g)
) © @ @ 12031

Hydrogen has been oxidized from the (0 to the +1 oddation state, and oxygen has
been reduced from the 0 to the -2 oxidation state. Therefore, Equation 20.3 is an
oxidation-reduction reaction. However, because water is not an ionic substance,
there is not a complete transfer of electrons from hydrogen to oxygen as water is
formed. It is important to remember that using oxidation numbers is a conve-
nbent form of "bookkeeping.” In general, you should not equate the axidation state of
an afom with its actual charge i @ chemical compownd.

In any redox reaction, both oxidation and reduction must occur, In other
words, if one substance is oxidized, then another must be reduced. The sub-
stance that makes it possible for another substance to be oxidized is called the ox-
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idizing agent, or oxidant. The oxidizing agent removes electrons from another
substance by acquiring them itself; thus, the oxidizing agent is itself reduced.
Similarly, a reducing agent, or reductant, is a substance that gives up electrons,
thereby causing another substance to be reduced. The reducing agent is oxidized
in the process. In Equation 20.2, H' (aq) is the oxidizing agent, and Znis) is the re-

ducing agent.

SAMPLE EXERCISE 20.1

The nickel-cadmium (nicad) ba & rechargeable “dry cell” used in battery-operal-
ed devices, uses hfnllmrﬁmrt:!dtﬁmnmﬂm h;uu:rhdmh']:it}c

Cdig) + NiGyls) + ZHO() —= CAOH(5) + NilOH)(s)

Identify the substances that are oxidized and reduced, and indicate which are oxidie-
ing agents and which ane reducing agents.

Solutlon  Firsf, we assign oxidation numbers to all the atoms in the reaction:

® 08 60 666 66w

Secomd, we identify the elements that are oxidation numbers. W see
that Cd undergoes an increase in oxidation number 0 to +2 and that Mi under-
goes & decrease from +4 to +2.

Third, we apply the definitions of oxidation and reduction. The Cd atom increas-
es oxidation n during the reaction, so it is mddized; Cd(s) loses electrons. and it
ﬂmmuwmm%wtmmmmmmmu
M} is converbed into MilOH],. Mi is reduced, so Nl is the oxidizing agent. (A com-
man mnemonic for remembering oxidation and reduction is “LEC the lan says GER™
losing electrons is oxidation; gaining rlectrons is reduction. )

PRACTICE EXERCISE
IHOM) + Alls) + MnC, " (ag) —= ANOH), " (mq) + MnOy{s)
Answoer: Alfs) is the reducing agent; MnO, " (ug) is the oxidizing agent.

20.2 Balancing Oxidation-Reduction Equations

We know that whenever we balance a chemical equation, we must obey the
law of conservation of mass: The amount of each element must be the same on
both sides of the equation. As we balance oxidation-reduction reactions, we
will see an additional requirement: The gains and losses of electrons must be
balanced. In other words, if a substance loses a certain number of electrons
during a reaction, then another substance must gain that same number of elec-
trons. In many simple chemical reactions, such as Equation 20.2, this balance
of electrons is handled “automatically®; we can balance the equation without
explicitly considering the transfer of electrons. However, many redox reac-
tions are more complex than Equation 20.2 and cannot be balanced easily
without taking into account the number of electrons lost and gained in the
course of the reaction. In this section we examine a systematic procedure for

balancing redox equations.

753



754  Chapter 20 / Electrochemistry

* Figure 20,2 Titration of
an acidic solution of Ma,C,0,
with KO, (ag). (a) As the
reaction proceeds, desp purple
b0y, is rapidiy reduced to
extremely pale pirk Mn!" by
007, (b) When all the
C;0," & consumed, the purple
codor of MinCl,~ persists. The
end palnt corresponds (o the
faintest discernible purple color
in the solution. {c) Beyond the
end paint, the solution
becomes deep purple due to
encedd Mn, .

Half-Reactions

Although oxidation and reduction must take place simultaneously, it is often
convenient to consider them as separate processes. For example, the oxidation of
Sn'' by Fe'’

Sn**(aq) + 2Fe’* (ag) —= Sn**{ag) + 2Fe’" (aq)

can be considered to consist of two processes: (1) the oxidation of Sn*” (Equation
20.4) and (2) the reduction of Fe*' {Equation 20.5).

Oxidation:  Sn®" (ag) — Sn*" (ag) + 2e |20.4]
Reduction: 2Fe”"(ag) + 26~ —= 2Fe’ " {ag) [20.5]

Motice that in the oxidation process electrons are shown as products; in the re-
duction process electrons ane shown on the reactant side of the equation.
Equations that show either oxidation or reduction alone, as in Equations
20.4 and 20.5, are called half-reactions. In the overall redox reaction the number
of electrons lost in the oxidation half-reaction must equal the number of elec-
trons gained in the reduction half-reaction. When this condition is met and each
half-reaction is balanced, the electrons on each side cancel when the two half-re-
actions are added to give the overall balanced oxidation-reduction equation.

Balancing Equations by the Method of Half-Reactions

The use of half-reactions provides a general method for balancing oxidation-re-
duction equations. As an example, let’s consider the reaction that occurs between

te ton, MnO), ", and oxalate ion, C.0,%", in acidic solutions.
When MnQ,~ is added to an acidified solution of C,0,*", the deep purple color
of the Mn(),™ ion fades, as illustrated in Figure 20.2 . Bubbles of CO, form, and
the solution takes on the pale pink color of Mn®*. We can therefore write the un-
balanced equation as follows:

MnO, (ag) + C;O." (ag) — Mn’*(ag) + COg) [20.6]

Experiments also show that H' Is consumed and H,D is produced in the reac-
tion. We will see that these facts can be deduced in the course of balancing the
equation.

{a)
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To complete and balance Equation 20.6 by the method of half-reactions, we
begin with the unbalanced reaction and write two incomplete half-reactions, one
involving the oxidant and the other involving the reductant.

MnO), " {ag) —= Mn** (ag)
GO — COyg)

We have not explicitly stated which substance is oxidized and which is reduced.
This information emerges as we balance the half-reactions.

We can now complete and balance the half-reactions separately. First, the
atoms undergoing oxidation or reduction are balanced by adding coefficients
on one side or the other as necessary. Then, the remaining elements are balanced
in the same way. If the reaction occurs in acldic aqueous solution, H* and H,O
can be added either to reactants or to products to balance hydrogen and oxy-
gen. Similarly, in basic solution the equation can be completed using OH™ and
H;O. These species are in large supply in the respective solutions, and their for-
mation as products or their use as reactants can easily go undetected experi-
mentally, In the permanganate half-reaction we already have one manganese
atom on each side of the equation. However, we have four oxygens on the left
and none on the right side; four H;O molecules are needed among the products
to balance the four oxygen atoms in MnO, ™

MnO, " (aq) —= Mn* {ag) + 4H,0()

The eight hydrogen atoms that this introduces among the products can then be
balanced by adding BH™ to the reactants:

8H'* (ag) + MnO,(ag) — Mn®*(ag) + 4H:0(!)

There are now equal numbers of each type of atom on both sides of the equation,
but the charge still needs to be balanced. The total charge of the reactants is B(1+)
+ (1—) = 7+, and that of the products is (24) + 4{0) = 2+. To balance the charge,
five electrons are added to the reactant side.*

Se” + BH(ag) + MnO," (ag) — Mn®" (ag) + 4H;0(!)

For the oxalate half-reaction, we first realize that mass balance requires the pro-
duction of two COy molecules for each oxalate jon that reacts:

C;04*" (ag) —= 2C0O4(g)

Mass is now balanced. We can balance the charge by adding two electrons (o
the products, giving a balanced half-reaction:

CO¢ fag) —= 2C04(g) + 2¢”

Now that we have two balanced half-reactions, we need to multiply each
by an appropriate factor so that the number of electrons gained in one half-re-
action equals the number of electrons lost in the other. The half-reactions are
then added to give the overall balanced equation. In our example the MnO,~
half-reaction must be multiplied by 2, and the C,0,' half-reaction must be mul-

'.H.Iﬂ'u:ughihem‘ld..lm numbers of the elements need not be used hhqlum:]‘n'l!-‘rmhf
this method, oxbdation mumbers can be used &s a chack, In this exampde Mni0,~ contains

ina *7 oxidation state. Because manganese changes from a =7 to a + 2 oxddation stabe, it most gain
five electrons, as we have just concluded.

Forrmaticn of Sileer

E#ltmuhm
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tiplied by 5 so that the same number of electrons (10) appears on bath sides of the

equation:
10e” + 16H " (ag) + 2MnO, {ag) —= IMn* “{ag) + BHO{)
5C,00 (ag) — 10C04(g) + 10e

16H " (ng) + 2Mn0), (ag) + 5C0, (ag) —
2Mn** {ag) + BHLOMT) + 10C0,(g)

The balanced equation is the sum of the balanced half-reactions. Note that the
electrons on the reactant and product sides of the equation cancel each other
We can check the balanced equation by counting atoms and charges: There
are 16 H, 2 Mn, 28 O, 10 C, and a net charge of 4+ on both sides of the equation,
confirming that the equation is correctly balanced.
We can summarize the procedure that we use to balance a redox reaction
that ocours in acidic solution:

1. Divide the equation into two incomplete hali-reactions, one for oxidation
and the other for reduction.

2. Balance sach half-reaction.
a. First, balance the elements other than H and O.
b. Next, balance the O atoms by adding H,O.
¢. Then, balance the H atoms by adding H™.
d. Finally, balance the charge by adding e~ to the side with the greater over-

all positive charge.

3. Multiply each half-reaction by an integer so that the number of electrons
lost in one half-reaction equals the number gained in the other

d. Add the two half-reactions and simplify where possible by canceling species
appearing on both sides of the equation.

5. Check the equation to make sure that there are the same number of atoms of
each kind and the same total charge on both sides

SAMPLE EXERCISE 20.2
Complete and balance the following equation by the method of half-reactions:
Cr0y " (ag) + Cl (ag) —= Cr** (mg) + Clalg)  (acidic solution)
Solution First, we divide the equation into two half-reactions:
Cr0: fag) — Cr'" (ag)
Cl™ {ag) — Clylg)

Secomd, we balance each half-reaction. In the first hall-reaction the presence of
Cry0." among the reactants requites two Cr'* among the products. The 7 axygen
atoms in Cry0x*" are balanced by adding 7 H,O to the products. The 14 hydmogen
atoms in 7 HyO are then balanced by adding 14 H' 1o the reactants:

14H " {nq) + Cr/05* {ag) — 2Cr" " (ag) + THLO(1)

Charge is balanced by adding electrons o the left side of the equation so that the
hul:hnghﬂlemnnhuthsldm

Be” + 14H " (ag) + Cry0." (ag) —= 2Ce** (ag) + 7TH,O(0}
In the second half-reaction, 2 C1™ are required to balance one Cly:
217 (mgh —= Clyigh
W add two electrons to the right side to attain charge balance:
20T (mg) —= Clylgh + 2o~
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Third, woer pqualize the number of slectrons ransferred m the two half-reactions,
To do 5o, we muitiply the second half-reaction by 3 so that the number of electrons
gained in the first half-resction (6} equals the number loat in the second, allowing the
electrons to cancel when the reactions are added,

Fourtl, the equations are added o give the balanced eguation:

HH {mg) + CriO07 {mg) + 601 fag) — 2Cr" " (mg) + THLO(N + 3Chg)

Frfth, we check the hnal equation. There are equal numbers of atoms of each kind
on both sides of the equation: 14 H, 2 Cr, 7 O, 6 CL In addition. the charge is the same
on both sides, 6+ Thus, the equation s correctly balanced.

PRACTICE EXERCISE
E‘mhr:lﬁ_l!u.md balance the following oxidation-reduction equations using the maothod
of reactons. Both reactions occur in acidic solubion.
ta) Culs) + NO, (mg) —= Cur'“ag) + NOuJg)
i) Mn®*fag) + NaBiOys) — Bi**(ng) + MnOy, {ag)
Ansniers:
(a) Cufs) + 4H " jay) + INO, (ag) == Cu*{ag) + INOy{g) + 2HO0)
(b) 2Min® *fag) + SNaBiO{s) + 14H " {mng) —
M0, (ag) + 5B ag) + SNa*lag) + THO)

Balancing Equations for Reactions Occurring in Basic Solution

If a redox reaction occurs in basic solution, the equation must be completed by

using OH ™ and H,O rather than H™ and H;O. The half-reactions can be balanced

initially as if they occurred in acidic solution. The H” ions can then be “neutral-

tzed” by adding an equal number of OH  ions to both sides of the equation.
This procedure is shown in Sample Exercise 20.3.

SAMPLE EXERCISE 20.3
Complete and balance the following equation:
CNTlmg) + Mol fng) —= CNO- {ag) + MnOyls)  [basic solution)
Solution First, we write the incomplete and unbalanced half-reactions:
CN (g} — CNO ()
MO, ™ () —= MnO:ls)

Second, we initially balance each half-reacton as iF i book place in acidic solutbon.
The resultant ba half-reactions ane

CN ag) + HO(1) —= CNO (ag) + 2H* (ay) + 2¢°
e+ 4H (m) + MnO), " () — MnOyls) + 2HO0))

Third, because H® does not exist in any appreciable concentration in basic solution,
we remove il from the equation by adding an a iate amount of OH ", In the TN

half-reaction, 2 0H ™ s added to both sides of the equation to neutralise the 2 H® . The
20H and 2 H" form 3 HOx

20H “lag) + CN {aq) + HAO() —= CNO (ng) + 2H,00) + 20

The half-reaction can be simiplified because HoY occums on both sides of the equation.
The simplified equation is

20H" [agh + TN (ag) —= CNO ™ (g} + H;OU) + 2
Faor the MnO),~ half-reaction, 4 OH " (ag) {8 added to both sides of the equation:
3¢ + 4HO(N + MnD, " {ng) —= MivOyis) + ZHONM) + 40H " (ng)

757
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¥ Figure 20.3 ({a) A strip of
zinc is placed in a solution of
capper(ll) wifate. (b) Blectrans
are transferred from the zinc to
the Cut* lon, forming Zn’
ioms and Cu(s), As the reaction
proceeds, the zinc dissolves,
the blue color due 1o Cu® o)
fades, and copper metal {the
dark matesial on the zinc stnp
amd on the bottom of the
beaker) is deposited

Simplifying gives
3e - + IH;O0) + MnO, (ag) — Mnyis} + 40H [ag)

Foierthi, we multiply the top equation by 3 and the bottom one by 2 to equalize
electron loss and gain in the two half-reactions. The half-reactions are then added:

BUVH ™ (mg) + ICN ™ {mg) — ICNIO lag) + 3HZ00) + 6o~
6e” + 4H,0() + IMn0, " {ag) —= 2MnOyls) + BOH " {ag)
GOH " (ag) + 3CN " (aq) + 4H,00) + 2MnO), " (ag) —
ACNO" (ag) + 3HO() + 2MnO{s) + BOH "(ag)
This equation can be simplified because H,0 and OH™ occur on both sides:
ICN (ag) + HO() + 2Mn0y ™ (ag) —= ICNO (ag) + 2MnOyfs) + 20H " (ag)
Fifth, ihe regult s checked by counting atoms and charges Thereare 3C, 3N, 2 H,
9 (), 2 Mn, and a charge of 5— on both sides of the equation.

PRACTICE EXERCISE

Complete and balance the following equations for oxldation-reduction reactions that
oceur in basic solution:

(a) NOy " aq) + Abis) —= NH;laq) + AHOH), (aq)

{b) CriOH}ix) + CIO" ag) —= CrOg* {ag) + Clyig)

Answers: (a) NO, (ag) + 2Al(s) + SHAO) + OH {ag) — NH.{ag) + ZANOH), (ag);
(b) 2CFOH)(5) + mﬂo-m:—*m’gﬁ'mr + 3CT{g) + 20H (ag) + ZHO0)

20.3 Voltaic Cells

The energy released in a spontaneous redox reaction can be used to perform
electrical work. This task is accomplished through a voltaic (or galvanic) cell. a
device in which the transfer of electrons takes place through an external pathway
rather than directly between reactants.

One such spontaneous reaction occurs when a stnip of zine is placed in con-
tact with a solution containing Cu”". As the reaction proceeds, the blue calor of
Cu'*{ng) ions fades, and copper metal deposits on the zinc. At the same time,
the zinc begins to dissolve. These transformations are shown in Figure 20.3 ¥ and
are summarized by Equation 20.7:

Znis) + Cu?'{ag) — Zn? " {ag) + Culs) |20.7]




Figure 20.4 ® shows a voltaic cell that uses the redox reaction between Zn
and Cu’* in Equation 20.7. Although the setup shown in Figure 20.4 s more
complex than that in Figure 20.3, it is important to recognize that the reaction is
the same in both cases. Unlike Figure 20.3, in Figure 20,4 the zinc metal and
Cu®' (ng) are no longer in direct contact, Consequently, the reduction of the Cu®™
can occur only by a flow of electrons through an external circuit, namely the
wire that connects the Zn and Cu strips.

The two solid metals that are connected by the external circuit are called
electrodes. By definition, the electrode at which oxidation occurs is called the
anode; the electrode at which reduction ooours is called the cathode ® We can
think of the voltaic cell as two “half-cells,” one corresponding to the oxidation
half-reaction and one ¢ ing to the reduction half-reaction. In our present
example Zn is oxidized and Cu®* is reduced:

Anode (oxidation half-reaction): Znis) — Zn* " lag) + 28
Cathode (reduction half-reaction):  Cu®*{ag) + 26~ —= Culs}

Electrons become available as zinc metal is oxidized at the anode. They flow
through the external circuit to the cathode, where they are consumed as Cu®' fag)
is reduced. Because Znis) is oxidized in the cell, the zine electrode loses mass, and
the concentration of the Zn'* solution increases as the cell operates. Similarly, the
Cu electrode gains mass, and the Cu®™ solution becomes less concentrated as
Cu'* is reduced to Culs).

As the voltaic cell operates, oxidation of Zn introduces additional Zn** ions
into the anode compartment. Unless a means is provided to neutralize this pos-
itive charge, no further oxidation can take place. Similarly, the reduction of Cu™*
at the cathode leaves an excess of negative charge in selution in that compart-
ment. Electrical neutrality is maintained by a migration of ions through the
porous glass disc separating the two compartments, as in Figure 20.4, or through
a salt bridge, as illustrated in Figure 20.5 ¥, A salt bridge consists of a U-shaped
tube that contains an electrolyte solution, such as NaNOs{aq), whose ions will not
react with other ions in the cell or with the electrode materials. The electrolyte is

Znis) = Zn™ (ng) + 2o

Cu®* (ag) + 2e~— Cufs)

Movement of cations

-

Movement of anions

L Tn'h:lp rernemiber these defmitions, node that ampde and eradation bath I:r:ﬂ'.in with a vowel, and
cardfronte v Peduchion both begin with & consonant

20.3 [ valtaic Cells 759

& Figure 20.4 A voltaic cell
based on the reaction in
Equation 20.7. The left
compartment containg 1 A
Cus, and a copper electrode.
The ane an the rght contains 1
M InS0, and a Bnc electrode.
The inlutioni are connected by
a porous glass disc, which
permits contact ol the bwo
sofutions. The metal electrodes
are connected threugh a
voltmaeter, which reads the
potentiad of the cell, 110V,

4 Figure 20.5 Voltaic cell
that uses a salt bridge to
complete the electrical cincuit.
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¥ Figure 206 A summary
of the terminohegy used in
describing voltaic cells.
Oubdation coours at the anode;
reduction ooturs at the
cathode, The electrons flow

spontaneoushy from the
negative anode o the podtive

cathode, The electrical circwit is
'ED'I"I'IF‘HH h}' the movement al

ions in sodution. Anions mowve
toiward the anode, whereas
cations move toward the
cathode, The cell
compartrmemts camn ba
separated by either a porous
glass barrier (a5 in Figure 20,4}
or by a salt bridge {as in

Figuare 20.5).

Wy, Voitsic Cells | movie

Electron Mow _l

Porous barrier + Cathode
o mait hndF

Anode

-

Anode compartment Cathode compartment
Chidation occurs Keduction ocours

often mncorporated into a gel so that the electrolyte solution does not run out

when the U-tube is inverted. As oxidation and reduction proceed at the elec-

trodes, jons from the salt bridge migrate to neutralize charge in the cell com-

partments. Anions migrate toward the annde, and cations toward the cathode. In

fact, no measurable electron flow will occur through the external circuit unless

ameans is provided for ions to migrate through the solution from one electrode
t to another, thereby completing the arcuit.

Figure 20.6 & summarizes the relationships among the anode, the cathode,
the chemical process occurring in a voltaic cell, the direction of migration of ions
in solution, and the motion of electrons in the external circuit, Notice in partic-
ular that trr amy veltare cell the electrons flow from the anode through the extermal cir-
cuiit to the cathode, Because the negatively charged electrons flow from the anode
to the cathode, the anode in a voltaic cell is labeled with a negative sign and the
cathode with a positive sign; we can envision the electrons as being attracted to
the positive cathode from the negative anode through the external circuit.®

SAMPLE EXERCISE 20.4
The following exddation-reduction reaction s spontaneos:

CrO;' (aq) + 14H " (aq) + 61" (ag) — 2Cr*" {mq) + IMzls) + THLOMN)

A solution containing K;Cr,0 and H,50), is poured into one beaker, and a solution of
Klis poured into another. A salt bridge s used to join the beakers. A metalllc conduc-
tor that will not react with sither solution (such as platinum foil) is suspended in each
solution, and the two conductors are connected with wires through a voltmeter or
some other device to detect an electric current. The resuliant voltaic cell generates an
electric current. Indicate the reaction occurring at the annde, the reaction at the cath-
ode, the direction of electron and ton migrations, and the signs of the electrodes.

Solution Our first step is to divide the chernical equation into half-reactions so that
we can identify the oxdation and the reduction processes

Cr0;* fag) + 14H" (ng) + be” —= 2Cr"* (ag) + TH,O(1)
61 fag) —= 3hyis) + 6o~

* Although the anode and cathode are labeled with — and + signs respectively. yvou should nat in-
terpred the labels as charges om the edectrodes. The labels simply bell us fhe dectrcle at which ihe elec-
troms are released to the external circudt {the anode] and received from the external ciccuit (the
cathode). The actual charges on the electrodes are sssentially zerm



Mow we can use the summary in Figure 206 to describe the voltaic cell. The first hali-
reaction is the reduction process, which by definition occurs at the cathode. The sec-
ond half-reaction s the which occurs at the anode. The 1 ions are the source
of electrons, and the Cr;0* ions accept the electrons. Hence, the electrons flow
through the external crcult from the electrode imrmersed in the K1 solubion {the anosde}
iy et p S o il i
do not react in any way; provide a means of transferring
trons from or to the solutions. ons move t the solutions toward the
cathode, and the anions move toward the anode, The {from which the electrons.
move) is the negative electrode, and the cathode (toward which the electrons move) is
the positive one.
PRACTICE EXERCISE
The two half-reactions in a volialke cell are
Znis) —= Zn*"{ag) + 20~
CIOy " () + 6H ™ (ai) + e~ —= CI7 {ag) + AH,O4])
ia) Indicate which reaction oocurs at the anode and which at the cathode. (b} Which
electrode is consumed in the cell reaction? (c) Which electrode is positive?  Amsurers:

{a) The first reaction occurs at the anode, the second reaction at the cathode. (b) The
anode (Zn) is consumed in the cell reaction. (c) The cathode is positive.

A Molecular View of Electrode Processes

In order to understand better the relationship between voltaic cells and sponta-
neous redox reactions, it is instructive to look at what happens at the atomic or
molecular level. The actual processes involved in the transfer of electrons are
quite complex; nevertheless, we can learn much by examining these processes in
a simplified way.

Let’s first consider the spontanecus redox reaction between Znis) and
Cu**{ug), illustrated in Figure 20.3. During the reaction Zn(s) is oxidized to
Zn*" {ag) and Cu™ (aq) is reduced to Culs). Figure 20.7 ¥ shows a schematic dia-
gram of how these processes occur at the atomic level. We can envision a Cu™
ion coming into contact with the strip of Zn metal, as in Figure 20.7a). Two elec-

¥ Figure 20.7 Depiction of the reaction betwean Znis) and Cu®* (aq) a1 the atomic
level, The water molecubes and anions in the solution are not shown. {a) A Cu®” on comes
In contact with the swrface of the £n strip and gasns two electrons from a Zn stom; the Cu®
ic i3 reduced, and the Zn atom is oxidized. (b) The resulting Zn’ jon enters the solution,
and the Cu atom remains deposited on the strip.

Atoms in Cu?t jons vz
Zin sirip in solution £n=

' >
-
9o v

v ik
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* Figure 20.8 Depiction of
the voltaic cell in Figure 20.5 at
the stomec bevel. At the anode a
Zn atom |oses bwo electrons
and becomes a Zn'* jon; the
Zn atom iy oxidized. The
electrons travel through the
external circust (o the cathode.
At the cathode a Cu?* jon gains
the bwo electrons, forming a Cu
atom; the Cu®™ ion i reduced.
lnns migrate through the
paroar barrier to maintain
charge balance between the
compartrments.

Znis) Cuals)

Anode | | |Cathode-

Porous barrier
or salt bridge

trons are transferred directly from a Zn atom to the Cu®* ion, leading to a Zn®™
ion and a Cu atom, The Zn** ion migrates away into the aqueous solution while
the Cu atom remains deposited on the metal strip [Figure 20.7(b}]. As the reac-
tion proceeds, we produce more and more Cu(s) and deplete the Cu'*{ag), as
we saw in Figure 20.3(b).

The voltaic cell in Figure 20.5 also involves the oxidation of Zn(s) and the re-
duction of Cu?"(ag). In this case, however, the electrons are not transferred di-
rectly between the reacting species. Figure 20.8 & shows qualitatively what
happens at each of the electrodes of the cell. At the surface of the anode, a #n
atom “loses” two electrons and becomes a Zn’*(ag) ion in the anode compart-
ment. We envision the two electrons traveling from the anode through the wire
to the cathode. At the surface of the cathode, the two electrons reduce a Cu®*
ion o a Cu atom, which is deposited on the cathode. As we noted earlier, the
flow of electrons from the anode to the cathode is possible only if ons are trans-
ferred through the salt bridge in order to maintain overall charge balance for
each of the two compartments.

We see that the redox reaction between Zn and Cu®* is spontaneous re-
gardless of whether they react directly or in the separate compartments of a
voltaic cell. In each case the overall reaction is the same-—only the path by which
the electrons are transferred from the Zn atom to a Cu®” ion is different. In the
next section we will examine why this reaction is spontaneous.

20.4 Cell EMF

At this point you may be asking yourself why the electrons flow spontaneously
in the way that they do. Why do electrons transfer spontaneously from a Zn
atom to a Cu®* jon, either directly as in the reaction of Figure 20.3 or through an
external circuit as in the voltaic cell of Figure 20.57 In this section we will exam-
ine the “driving force” that pushes the electrons through an external circuit in a
voltaic cell.

In a simple sense, we can compare the electron flow caused by a voltaic cell
to the flow of water in a waterfall (Figure 20.9 k). Water flows spontanecusly
over a waterfall because of a difference in potential energy between the top of the
falls and the stream below. === (Sechion 5.1) In a similar fashion electrons flow



