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l. Applications of Redox Reactions

A. Terminology
Zn (s) + Cu™aq) ® Zn**(aq) + Cu (9
Thisreaction isredox because electrons have been transferred.
Oxidation - loss of electrons, ox #increases, Zn® Zn**
Reduction - gain of electrons, ox # decreases, Cu™® Cu

Reducing agent - agent that allows reduction to occur, it isthe
substance that is oxidized and can provide electrons

Oxidizing agent - agent that allows oxidation to occur, it isthe
substancethat isreduced and takesthe electrons provided.

B. Examples
Corrosion
Combustion
M etabolism
Voltaic cells (batteries)
Electrolysis
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B. Balancing Redox Reactions

Oxidation reduction reactions are sometimes very difficult to
balance. Mass, charge, and # of electrons must be
balanced. The following method for balancing is dightly
different from the book.

Writereaction in ionic form and assign oxidation numbers
Separateinto half cells

Balance # of atoms of oxidized and reduced species
Balance # of electrons of oxidized and reduced species

Make sure electronslost in the oxidation = electrons gained
In the reduction

Balance chargein each half cell usingH™ if in acid and
OH" if basic
7. Balance# of H and O using water molecules.
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Il. Voltaic cells (Batteries)
A. Theory of operation

Zn(s) + Cu™(aq) ® Zn**(ag) + Cu(s)
Thisdoesnot look like a battery becausethe electronsare
being transferred directly between Cu* and the Zn strip.
|f we separatethereactionsand forcethe electronsto
travel through a circuit we could use these electrons as
they try to get from the Zn to the Cu™.
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The push of the electronsto go from Zn to Cu*?iscalled
the voltage.
Voltage=work/charge V =W/Q

Volt [=] Joule/coulomb

This push can be measured with a voltmeter.
Why do we need the salt bridge?

In the figure above the electronsfrom Zn ® Zn* will
move through thewire and over to the other sideto the
Cu*?. Almost immediately the flow stops because of a
charge buildup on both sides.
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Zn*?ionsare accumulating in the left compartment (+)
and Cu*?ionsareleaving on theright side (-). We must
allow ionsto flow to equalizethe charge. Thisisthe
function of the salt bridge.

With the salt bridgethecircleiscomplete. Electronsflow
through the wirefrom Zn to Cu*? and anions move from
theright sdeto theleft and cations move from left sideto
theright to equalize the charge. Thistotal movement of
charge, ionsin theinternal circuit and electronsin the
external, completesthe voltaic cell.

B. Thenotation for thecdl is
M (electrode)M *(solution)¥4/AN"(solution) ¥N(electr ode)
anode cathode
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C. Thermodynamics and the Cell Potential

Standard Potential - When all reactants and products
present are puresolid or in solution at 1.0 M (or gases
at 1.0 Atm) the conditions are standard and the
measur ed voltage is called the standard potential E°.

This E° isa measure of the tendency of purereactantsto

become products, sort of like DG°. Thereisarelationship
between the two:

Under standard conditions DG° =-nF E°
Under any conditions DG=-nF E

Since spontaneousreactions have a positive E° there must
be a negative sign in the proportionality. n represents
the number of moles of electrons (also called
Faradays) transferred in the balanced equation. Fisa
conver sion between Joules, Volts and moles of
electrons. It iscalled Faraday’sconstant. F = 96,500
coulombs/mole
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D. Half Cell Potentials

We can measur e the push of electrons (called the voltage) through the
external wirefor avoltaic cell. Thisvoltage can be envisioned asa sum of
2 pushes - onefor the oxidation and one for thereduction.

Ecal = Ereg + Eox

Thetendency for a metal to lose or gain electrons can be measured by
these pushes - called the oxidation and reduction potentials. Thelarger
thevaluethe greater the tendency for that reaction to occur - or put
another way the more positive the oxidation or reduction potential isthe
greater thetendency for that oxidation or reduction to occur.

oxidation potential M7 M"Y +ze
(Eox)

reduction potential M™+zeb M™
(Ered)

on: - Ered

Electrochemistry Side7



The problem isthat we cannot measur e each individual push so we
cannot measur e the absolute cell potential. So we define a cell potential
to be zero and measure all othersagainst it. Thisallowsthe calculation of
all other potentials. The actual zero potential that has been agreed upon
istheH, b 2H™ + 2¢€.

E. Rulesof thumb for using half cell potentials

1. E° valuesarenormally tabulated asreduction
potentials

2. 1T you need to find the oxidation potential smply

reversethealgebraic sign of E°. All reactionsare
reversible

3. Themore positivethevalueof E° isthe morelikely the
processisto occur. Sincethereduction processisthe
agent of oxidation, the elements at the top of the
reduction table arethe best ox agents and the species
at the bottom (for thereverse oxidation reaction) are
the best reducing agents.
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4. Under standard conditions (1M or 1Atm) any
substance will spontaneously oxidize any other
substance underneath it in the reduction table.

5. Potentialsareintensive properties. Changing the
stoichiometric coefficientsfor a half-rxn does not
changethevalueof E.

6. To predict the spontaneity of arxn, add E° of thered

rxn and E° of the ox rxn together. If E° ispositivethe
rxn is spontaneous under standard conditions.

F. Example problemsand questions using half cell
potentials

Will aluminum dissolve in a solution of Sn

Why do people who have dental fillings feel pain when
chewing a piece of aluminum foil?

Predict the voltage of an aluminum/zinc battery.

Which is spontaneous, the reaction of iron with the
cupricion or thereaction of copper metal with
ferrousion?

+4r>
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G. Voltaic cdls at nonstandard conditions

What if the concentrationsarenot 1 M for all ions? The
Nernst Equation relatesthe cell potential to the
concentrations of the ions.

E=E°-[RT/nF] InQ
Q isthereaction quotient, theratio of product
concentrations divided by reactant concentrations. Since

thisequation isa holdover from the days when log;, was
easier to compute than natural log the equation became

E=E°-[RT/nF] 2.303log Q

Using R = 8.314 J/mole K, F = 96,500 coulombs/mole and
T =298 K (most reported data) the equation finally
becomes

E=E°-[0.0592/n] log Q
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When equilibrium isreached E =0V and thereactions
guotient Q equalsthe equilibrium constant K. This
gives an expression relating the equilibrium constant

tothe E° of the cdll.
log K = n E®/0.0592

Example:

Find the cell potential for thereaction of an iron strip
with Cd*ion if the concentration of ferrousion is1.0 M
and the concentration of the cadmium ion i1s 0.010 M.

Fe(s) +Cd™4aq) ® Fe™aq) +Cd (s
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H. Common Batteries

1. Dry Cell (1L5V)
Anode Zn® Zn**(aq) +2e

Cathode 2NH. +2e® 2NH;3(g) + H» (Q)

Thehydrogen gasisa problem so MnO, isadded; gaseous
ammonia reactswith the Zn*“ion.

declinein voltage under high load

2. Alkaline (1.54V)
Anode Zn(s) + 20H(aq) ® ZnO(ag) + H,0O + 2e
Cathode 2MnOy(s) + H,O +2e® Mn,O3(s) + 20H (aq)
no gases are formed
no decline in voltage under high load
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3. Lead storage (2.04V)
Anode Pb°(s) +SO,%aq) ® PhSO,(s) + 2e
Cathode PbO,(s) + 4H30" + SO, %aq) ® PbSO4(s) + 6H,0
Net reaction
Pb + PbO, + 2H,SO,® 2PbS0O,4 + 2H,0
Thesereactionsarejust alittle different than the text.
can berecharged becausethelead (I1) sulfate product is
an insoluble product which stays at the electrodes.
4. Nickd/Cadmium (1.3V)
Anode Cd(s) + 20H(ag) ® Cd(OH),(s) + 2e
Cathode NiO; (s) + 2H,O + 2e® Ni(OH),(s) + 20H(aq)

can berecharged dueto thefact that productsare
Insoluble hydroxidesthat stay at the electrode surface

this battery produces a constant voltage until
completely discharged
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|. Fuel Cdll

a special type of voltaic cell in which thereactantsare
continually supplied from an external source; the best
known isthe hydrogen / oxygen fuel cell used in the space
program

anode 2H, (g) + 4 OH- (ag)® 4 H,0 (l) + 4e
cathode O,(g) + 2H,0 (l) +4e ® 40H" (aq)

An explosion does not occur becausethereaction is
carried out at low temperature on a platinum catalyst.
The net cell reaction isssimply the production of water.
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I1l. Corrosion

A. Defined asthe oxidation of a metal that resultsin a
loss of structural strength and that isaresult of
exposureto the environment.

The most common isthe corrosion of iron (rusting).

Many metals oxidize but only those which form scaly
oxidize coatings corrode. For example aluminum oxidizes
readily but does not corrode easily.

B. Reactionsfor rusting

Anode Fe(s)® Fe™ +2e

Cathode O,(g) + 2H,0 (l) + 4e® 40H" (aq)
Thisgivesthe net reaction

2Fe(s) + Oy(g) + 2H,0(1) ® 2Fe(OH), (9)

Further reaction with oxygen givesthered-brown
hydrated iron (I11) oxide - Fe,O3 - H,0 (S)
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C. Requirements

Anodic areas occur at cracksin the metal surface
exposing pure metal.

Cathodic areas can be anywhere else on the metal.

Water isa necessary ingredient to form a salt bridge
between anode and cathode.

Chlorides dissolved in the water such as salt speed up
corrosion by enhancing the salt bridge.

D. Protection

Anodic inhibition - coat the surface of the metal to
prevent exposure. Morerecent treatmentsinvolve
chromate bathsto form a tight film of iron and
chromium oxides on the surface.
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Cathodic protection - force the metal to become a cathode
Instead of the anode. Thisisaccomplished by
attaching a morereadily oxidized metal, such as zinc,
to the metal being protected. Theiron issaid to be
galvanized. A current exampleisthedipping of the
steel frame of a car in a solution of zinc phosphateto
prevent corrosion.
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V. Electrolysis

A. Thisisthe opposite process from the galvanic cell.
We use an electric current to force a nonspontaneous

reaction.
Cdl Electrode Function
Battery Anode oxidation
Cathode reduction
Electrolysis Anode oxidation
Cathode reduction

B. Applications

Polarity

negative
positive
positive

negative

1. Production of eements such as sodium and chlorine

2. Plating of metals over another metal (or suitably
prepared substance) for protection or beauty
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C. Predicting reactions
1. Molten NaBr
Anode(ox) 2Br-® Br,+2e -1.09V
Cathode (red) Na"+e® Na(s) -2.714V

2Br+2Na"® 2Na+Br,
A battery with a voltage of 3.8V or greater must be used.
2. An agueous solution of NaBr
Possible anode reactions

2Br-® Br,+ 2e -1.09V

6H.O® 0O,+4H;0"+4e -1.229V

Possible cathode reactions

Na"+e® Na(s) -2714V

2H,O +2e® H,+20H" -0.8277V
Choosethereactionsthat arethe most positiveto get
2Br +2H,0® Br,+ H,+ 20H"
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D. Electrical Energy Use

1 mole of electrons (a Faraday) will give 1 equivalent
of material in an electrolysisreaction

1 equiv = molar mass/ # of mole of etransferred

1 amp of current = 1 coulomb of charge/sec

Theserelationships give the following equation for the
calculation of the mass (m) of material produced at an

electrode
MIt
m=——
nF
m[=]g
M[=] g/mole
| [=]amps or coulombs/s
t[=] seconds

F[=] 96,500 coulombs/mole

n[=] no units, it isequal to the number of moles of
electronstransferred in the half reaction
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Examples

In a commer cial operation of sodium by the electrolysis of
NaCl the cell operatesat 7.0V and a current of 25 x 10°
amps. How many g of sodium can be produced in 1 hour?

A current of 0.015 ampsis passed through a solution of
Cu(NOg3), for 155 minutes. What mass of copper is
deposited at the cathode?
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