Chapter 17: Hectrochemistry

Oxidation States
An oxidation-reduction reaction, or redox reaction, is onein which electrons are
transferred.

2Na+Clo! 2NaCl

Each sodium atom is losing one electron to form Na'
Na! Na' + 1€ This loss of electrons is called oxidation.

Each chlorine atom is gaining 1 electron to form CI°

Clp+2e ! 2ClI This gain of electrons is called reduction (charge
reduced from 0 to -1)

These equations are called half-reactions
In aredox reaction the number of electrons lost must equal the number of electrons
gained.

For ioniccompounds, it is obvious that electrons are lost or gained. For covalent
compounds, it is necessary to devise rules for counting electrons to determine if
elecrons arelost or gained. From a Lewis structure, oxidation numbers can be
determined by assuming all shared electrons are on the more electronegative atom.

Rules for determining oxidation states

1. Oxidation states for atoms in uncombined elementsis 0.

2. Theoxidation state of a monatomicion is equal to the charge of the ion.

3. In compounds, F isalways -1. Other halogens are -1 unless combined with a
more electronegative element.
In compounds, H is +1 except for metal hydrides whereit is-1.

5. In compounds, oxygen is always -2 except for peroxides (02'2) and with F

6. The sum of the oxidation states muse equal zeroin a neutral compound, or the
charge of theion for polyatomicions.

CoH2+02! CO2+H20 C:-1! +4 (oxidation) O: 0! -2 (reduction)

17 -1



Balancing Oxidation-Reduction Equations
0 0 +1 -2
Ho+1/202! H>0
H» is oxidized by O, Oz isreduced by H»>
0 +1 -1 0o -1 0
Mg+ 2HCI! MgCla2 +H>
Mg is oxidized by HCI, HCI is reduced by Mg

lon-electron method:
¥ assign oxidation states, determine what is oxidized and what is reduced
¥ write 2 skeleton half reactions
¥ Balance each half-reaction separately
balance each element except H and O
balance O by adding H20 as needed

balance H by adding H*
add electrons to make charge balance
¥ multiply one or both half reactions by a small integer sothe number of
eledrons lost is equal to the number of electrons gained.
¥ add thetwohalf reactions, canceling out the electrons and any ions or moleaules
which appear on both sides of the equation.

Cu+HNO3z! Cu(NO3)z + NO+H20

Cu+2NO3 ! Cu(NOz)r+2¢€
HNO3! NO+H>20
HNO3! NO+2H,0

HNO3+3H' ! NO+2H20
HNO3+3H +3e ! NO+2H,0
3Cu +6NO3 ! 3Cu(NO3z)z+6€
2HNO3 +6H  +6e ! 2NO + 4H,0

3Cu +6NO3 + 2HNO3 + 6H'! 3Cu(NO3)2 + 2NO + 4H 0
3Cu +8HNO3! 3Cu(NOg3z)2 + 2NO + 4H,0

In basic solutions, balance as above and add OH " to convert H to H20
Ag+CN +02! Ag(CN)2
Ag+2CN"! Ag(CN)y +e
O+4H" +4e1 2H,0
AAg+8CN + 0z +4H" 1 4AQ(CN)2 + 2H20
4Ag+8CN + 0Oy + AH" + 40H ! 4Ag(CN)2 + 2H0 + 40H"
4Ag+8CN + 02+ 2H,0 ! 4Ag(CN)2 +40H
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17.1 Galvanic Cells

Zngg + Cu*"ag) ! Zn”"(ag) + Cu(s)

Zn isoxidized, Cu2+ isreduced

Zn(s) ! Zn2+(aq) +2e oxidation half cell

Cu®*(ag)+ 26 | Cug  reduction half cell

voltmeter . anode: electrode at which oxidation occurs
— @ — cathode: electrode at which reduction occurs

Zn Cu

salt The two half reactions must be physically separated

bridge into half cells, otherwise Cu®* will react directly with
ZnSO CusO the Zn elecrode. A salt bridgeis a tube containing a
Solution Solution gel of an inert salt such as KCI or NH4NOg3. lons are

able to move through the bridge and complete the
circuit through the cell.

The voltage difference between the electrodesis called the electromotive force or
EMF (&), measuredin volts.

Electrodes may be active or inert (Pt, Au, C). Gas phase reactions and reactions such as

+2 + - ;
Fe'?1 FeP+e may occur at an inert electrode.

Cell Potential
Thedriving force on the electronsis called the Electromotive Force (EMF), and is
measuredin volts: 1 V =1 J per coulomb of charge

17.2 Standard Reduction Potentials

Zn(s) ! Zn2+(aq) +2e oxidation half cell

Cu®*(ag)+ 26| Cug  reduction half cell

We can treat each half cell asif it hasits own electrical potential, and sothecell EMF
is equal tothe sum of the half-cell EMFs. However, EMF has to be measuredrelative
toareference. Wedefinethe Standard Hydrogen Electrode (SHE)
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Standard Hydrogen Electrode

+ -
H2@)! 2H (ag) *+2€ Hooas ]
at 1 atm
the potential for the SHE is defined to be
exactly zero, or 1 M HCl
solution
o — Platinum l
CTHoHt = oV electrode

Standard reduction potential: reduction potential of a half cell when all solutes are at 1
M and all gasesareat 1 ATM

Standard reduction potentials are measured relativetothe SHE and arelisted in
tablel7.1 on pg. 833. Relativeto SHE, the potential for the reaction

Zne ! Zn" (aq) + 2€
is+0.76, because the EMF of the cell

Znes)| Zn** (aq, 1 M)] KCI (sat@)| H* (ag., 1 M) | Hy)

is 0.76 volts.
Zn(s) ! Zr‘2+(aq) +2e E°znizn2+ =0.76 V
2H" (ag) + 2! Hog E%tHp =0V
Zn(s) + 2H+(610|) ! Zr‘2+(aq) +Ho(g) E%%el =0.76 V

The standard cell potential is the sum of the standard oxidation potential and the
standard reduction potential.

E°%ell = E%x + E%ed

Siox=-& ired
By convention, only standard reduction potentials are listed.

Under standard conditions, areaction is spontaneous in theforward direction if the cell
EMF is positive, and spontaneous in thereverse direction if the cell EMF is negative.

Zn(s) ! Zn2+(aq) + 26_ aiZn/Zn2+ =0.76 V
Cu 2+(aq) +2e ! Cu) Sicu?*icuy =0.34V
2 2
Zn(s) + Cu +(aq) ' Zn +(aq) + Cu(s) Sicell =110V
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For Standard Reduction Potentials

¥ &j appliesonly toreaction asread in the forward (reduction) direction

¥ For oxidation potentials, Sjox = -Sired

¥ Themore positivethe SRP, thegreater the tendency for the substance to be reduced,
i.e., greater strength as an oxidizing agent. F2 is the strongest oxidizing agent and Li

is the weakest oxidizing agent.

¥ Oxidative and reductive strengths arerelative. Strong oxidizing agents are weak
reducing agents, and viceversa. Any given substance will act as an oxidizing agent
when reacted with a substance aboveit in the SRP table, and will act as a reducing
agent when reacted with a substance below it in the SRP table.

¥ Diagonal Rule: any spedes on the left side of a given half-cell reaction will react
with a spedes on theright side of a half-cell located above it on the SRP table.

Zn2+ a + 26_ I Zn [S aiZn/Zn2+ =-0.76 V
(ag) (s)

CU2+ ag) 2e ! Cu s 8iCu2+/Cu =+0.34 V
(ag) (s)

Zn reacts with Cu2+ but Cu doesnot react with zn?*
Conversely, any spedes on theright side of a given half-cell reaction will react with
a spedes on the left side of a half-cell located below it on the SRP table.

Arrangein order of increasing oxidative strength: Oz, Cl2, MnOy, Cry07%
Answer: Cr2072', Clo, MNOy4, O3

What will happen if Feis added to a solution of 1 M Zn(NO3)2 and 1 M Co(NO3)2
Answer: Zn2+(aq) +2e ! Zng) &i=-0.76 V

Fe” aq+2¢ | Feg &=-044V

Co’aq +26'! Cos & =-028V
By the diagonal rule, Fes) will react with Coz+(aq) but not with Zn2+(aq)

Thereactionis Feg) + C02+(aq) ! Fe2+(aq) + Co(s)

Line Notation
Cell diagram: anode to cathode, | to separate phases

Fe) Fe* (agl | Co™" (ag)ICors)
Znes| Zn** (aq, 1 M)| KCI (sat@)| Cu®" (ag., 1 M) | Cug

Complete Description of a Galvanic Cell
A galvaniccell is made up of an Al eledrodein a1 M solution of AI(NO3)3 and a Cu

electrodein a1 M solution of Cu(NOg3)2 . What isthecell EMF, which electrode isthe
anode, which electrode is the cathode, what is the oxidizing agent, what is thereducing
agent?
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Answer: A|3+(aq) + 3e_ | A'(s) aiAI3+/AI =-1.66V
Cu 2+(awl) +2e ! Cug Eiculticy =+0.34 V

By the diagonal rule, Cu2+(aq) will react with Al(s)
2(Alg) | A% (aq) + 3€) SiAlAIZ* =+1.66 V
3(Cu2+(aq) +2e ! Cui) Sicu?ticu=+0.34V
2Al(s) + 3Cu (ag) ! 2A1%" (aq) + 3Cu(s) Si = 2.00 V
Al 2A1%" (aq) | | Cu®*(agl Cu(s) 8i=2.00V

Al isthe anode, Cu is the cathode, Cu2+ is the oxidizing agent, Al isthereducing agent.

17.3 Cell Potential, Electrical Work, and Free Energy

Gibbs FreeEnergy G=H -TS
IG=1H-T! S=wWmax

at standard conditions,! Gj =! Hj -T! Sj
1G=!Gj +RTInQ

at equilibrium,!'G=0and Q=K so

I Gj =-RT InK

___work (Joules)
EMF = charge(Coulombs)

work done on the system is positive, work done by the system is negative
if acell has a positive cell potential It doeswork on the system
-w

& = q orw=-gq&
1 Faraday (1 F) = charge of 1 mole of electrons = 96,485 C, so
g=nF and
w=-nFS&
but wmax =! G, so
IG=-nF& and I Go=-nF&°

Calculate ! Gofor thereaction
3 2
Al(s) 2A1" (aq) | | Cu™"(ag)l Cu(s) &i=2.00V

I Go=-nF&° = (-6)( 96,485 C)(2.00 J/C) =-1,157,000 J =-1,157 kJ
The process is spontaneaus:! G is negativeand &°is positive
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17.4 Dependence of Cell Potential on Concentration
1G=!Gj +RTInQ
'nFaceH = 'nFaiceH + RT In Q

RT
Ecell = Sicell - ug 1N Q

at 298 K

.0591 . .
8ce||=8ice||-T logQ thisisthe Nernst equation

I'Gj =-nF&jcell =-RT InK

RT
Sicell :F In K

at 298K,

.0591
Sicell = n logK

What is the cell potential for a cell made up of Zn, 0.500 M Zn(NO3)2, Cu, and 1.500 M
Cu(NOg)2?

Zn2+(aq) +2e ! Zng) Siznizn2+ =-0.76 V
Cu 2+(awl) +2e ! Cu) Eiculticy =+0.34 V
2 2
Zn@) + Cu +(aq) ' Zn +(aq) + Cu(s) Sicell =110V

2+
0591 _ 0591 [Zn""] _ 0.500 _
n 10gQ=1.10-" Iog[Cu2+] =1.10-.0295l0g7 50 =111V

As LeChatelier@principle predicts, increasing [reactant] and decreasing [product]
drivesreaction harder to theright.

Geell = Eicell -

Concentration Cells

Cu 2+(aq) +2e ! Cu(s) Siculticy =+0.34 V
. 0591
For a half-cell with [Cu®"] = 0.0100 M, Scell = Sicell - =5 10gQ
0591 1 1
=0.34 -5 log " 0.34-.0295 0y 5 5759 =028 V
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For a cell made up of one 1 M half cell and one 0.0100 M half cell, the cell EMF would
be

Cu®(aq, 1)+ 2671 Cug) Sicu2ticy =+0.34 V
- 2
Cus)+t2e! Cu +(aq, 0.01 M) Siculticy =-0.28 V
2 2
Cu“"(ag, 1M)! CU"(ag, 0.01 M) Sicu?+/cy = +0.06 V

The system would tend to move toward an intermediate concentration. Asthe
concentrations change, the half-cell potentials would converge on a common value and
the cell potential would drop to zero.

lon-selective electrodes
Reference electrode: Calomel HgoClo(s)+ 2! 2Hg() + 2Cl (sat@ k)

Calculation of Equilibrium Constants for Redox Reactions
RT In K =nF& measure &, determine K
17.5 Batteries
Battery: agalvaniccell (or series of cells) which are designed to be self-contained.

L ead Storage Battery: Six cellsin series. Each cell has a lead anode, 38% H2SO4
(sulfuricacid), and a PbO2/metal cathode.
Pbs) + SO4_2(aq) I' PbSOys) + 2e
PbO2(s) + 4H +(aq) + SO4_2(aq) +2e ! PbSO4(s) + 2H20()
Pb(s) + PbO2(s) + 4H +(aq) + 2804_2(aq) ' 2PbS04(s) + 2H 20)

The battery isrechargeable because both reactions arereversible.
The battery can be checked by testing the density of the electrolyte; H2SO4 is replaced

by water as the battery discharges.

Dry Cell: Zn can is anode, in contact with moist paste of MnO2, NH4Cl, and ZnCl2 in
starch. A carbon rod cathodeis in contact with the metal cap on top of the cell.

Zn(s) ! Zn2+(aq) +2e
2NH 4 (ag) + MNOg(s) + 26 | Mn203(s) + 2NH3(ag) + H20()

2
Zn) + 2N H4+(aq) +MnO2)! Zn +(aq) + Mn203(s) + 2NH 3(aq) + H20()
Alkaline Battery: NH4Cl is replaced with KOH or NaOH. Zn anode corrodes less

under alkaline conditions and cell voltage is more constant because net reaction
contains all condensed-phase spedes.
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Zn(s) + ZOH_(aq)! ZnOs) + H20() + 2e

2MnO2s) + H20()) + 2e! M n203(s) + ZOH_(aq)
Zn(s) + MnO2s) ! ZnO(s) + MN203(s)

Mercury Battery: Zn/Hg amalgam anode in contact with a paste containing KOH,
Zn(OH)2, and HQgO, in contact with a steel cathode.

Zn(H g)(s) + ZOH_(aq) ' ZnO) + H20(y + 2e
HgO(s) + H20O() + 2e ! Hgq) + ZOH_(aq)
Zn(H g)(s) +HQO) ! ZnOs) + Hy)

Since all reactants and products are in condensed phases, the cell voltage remains
constant until thereactants are spent.

Ni-Cad Battery:
Cd(s)+ 20H (ag)! Cd(OH)zs) + 2e
NiO2(s) + 2H20() + 2e | Ni(OH)2(s) + ZOH_(aq)
Cds) + NiO2(s) + 2H20(¢) !  Cd(OH )2(s) +Ni(OH)2(s)
The battery isrechargeable because both reactions arereversible.

Fuel Cell: A galvaniccell in which thereactants are continuously supplied.
Steam

anode “ cathode Ni and NiO are catalysts. &j =1.23V

steam generated by cell is condensed to water for use
Hy,—p— —<O0

Hot KOH as drinking water
solution

porous porous
C/Ni C/Ni/NiO
electrode electrode

Lithium lon Cells

Lithium metalis too reactiveandtoo dangerogto usein arechargeabléeattery. Thelithium
ion batteriesn commonusagehaveanodeof graphiteandcathode®f lithium cobaltoxide
or lithium manganesexide,into which lithium ionsareintercalated.The smalllithium ions
fit in theinterstitial spacesn theelectrodecrystal. Theseelectrodedavecrystalstructures
which allow the insertionor extractionof lithium ionsandthe ability to acceptlectrons.
This formsa sandwichstructurewith alternatinglayersof ionsandatoms.

Theelectrolyteis LiPFg (or, in somebatteriesLiBF ) dissolvedn anonagueousolvent.

No wateris involvedin the chemicalaction sohydrogenandoxygengasesannotformed.
Porouspalyethylenemembranesreusedto separatéhe electrondrom theions.
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Positive Negative
Lithium cobaltoxide Lithium intercalatedn graphite
cathode anode

CHARGE

L’

L'
0 ~-
DISCHARGE

During dischargdithium ionsaredissociatedrom the graphiteanodeandmigrateacrosshe
electrolyteandareinsertednto the crystalstructureof the oxide cathode At the sametime,
electrondravelthroughthe externalcircuit from the anodeto be acceptedy the cathodeto
balancethereaction. During charging lithium ions passbackfrom the cathodeo theanode,
drivenby electrondlowing into the anodefrom the externalvoltagesource.

The anodehalf-reactionis:
Li+ + e + Lix-1/graphite® Lix/graphite  -3.0V

The cathodehalf-reactionis:
Li+ + e + Li1-xCo0O2 ® LixCO2 +05V

17.6 Corrosion
Corrosion: deterioration of metal by an eledrochemical process.

Fees) ! FeZ+(aq) +2e
O2(g) + 4H +(aq) +4e ! 2H 20()
2Fe(s) + Oz(s) + 4H +(aq) ! 2F62+(aq) + 2H20() &i=167V
H'is supplied by reaction of CO2 with water toform H2COg3

Fe2+ is further oxidized
4F62+(aq) + 02(5) + (4 + 2x)H 20(|) I 2Fez03'xH20(s) + 8H +(aq)
iron (I11) oxideisrust.

Some metals, such as Al, oxidize to form a hard, non-porous coating which is then
resistant to additional oxidation.

Cathodic Protection: connecting the metal to be protected to a more electropositive
metal (such as Fe to Zn or Mg), which makes the protected metal the cathodein the
electrochemical cell.
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17.7 Electrolysis

Electrolysis: process in which electrical energy is used to make a non-spontaneous
chemical reaction occur.

Electrolysis of molten NacCl

Anode (oxidation) 2ClI'!I Clyg) +2e &i=-1.36V
Cathode (reduction) 2Na' +2¢’! 2Na) &Si=-271V
overall 2Na" +2CI'I 2Nagy+Clyg &i=-4.07V

Electrolysis of water (in acid solution)

Anode (oxidation) 2H0q)! Op(g) +4H (ag) +4€ &j=-1.23V
Cathode (reduction) 2H" +2¢7 ! H2(g) &i=0V
overall 2H20(y! 2H2(@g +O2@g) &i=-1.23V

Electrolysis of aqueous NacCl

Anode (oxidation) 2ClI'!I Clyg) +2e &i=-1.36V

or 2H20()! Oz +4H @aq +4e &i=-1.23V
Cathode (reduction) 2Na' +2¢! 2Nay) &j=-271V

or 2H 20y + 2e | Hog) + ZOH_(aq)Gi =-0.83V

or 2H +2e | Hyg &i=0V

overall 2H20() + 2ClI' I Hp(g) + Clo(g) + 20H (aq) &i=-4.07V

Overvoltage: difference between calculated potential and actual potential needed to
cause thereaction.

Quantitative Aspects of Electrolysis

A current of 0.452 A is passed for 1.50 hrs through a cell containing molten CaCly.
What masses ofch product is formed?

ca™? + 2el Cas)
2Cl | Clog) + 2e

0.452 A x 1.50 hr x 3600 s/hr = 2,440 coul
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1 mol Caor Cl2
2F

2,440 coul x =0.0253 F x =0.0126 mol

_1F
96500 coul

0.0126 mol Ca x 40.08 g/mol = 0.507 g Ca
0.0126 mol Cl2 x 70.90 g/mol = 0.897 g Cl»

Energy consumed E=Q x V What istheenergy used above if the cell voltage was 5.0 V?

E =Qx V = (2440 coul)(5.0 V) = 12,200 J (1 V =1 Jlcoul)

1kw-hr=3.60x10°J  s012,200 J X 1 kw-hr/3.60 x 10° J = 0.0034 kw-hr

Commercial Electrolytic Processes

Aluminum - theHall process. Al,03is mixed with NazAlFg (cryolite) tolower the mp
to 980i. Carbon electrodes areused at 4.2 V toform Al at the cathode and O» at the
anode, which reacts with the electrodes to form COo.

Sodium - NaCl is mixed with CaCl; to lower the mp and electrolyzed to form Na metal
and Cl, gas

Fluorine - mixture of HF and KF is electrolyzed to form H2 and F»
Chlorine - mostly produced by electrolysis of brine
2NaCl + 2H>0O! Cl2 + H2 + NaOH

Electrorefining of Cu - Cu is dissolved at the anode and pure Cu is deposited at the
cathode
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