Chapter 17

Electrochemistry

L

Redox Reactions

m Electrochemistry is the study of batteries
and interconversion of chemical and
electrical energy.

m Based on redox (oxidation-reduction)
reactions in which one element gains
electrons and another loses electrons.
= These two processes MUST happen

together.

m Have to assign oxidation numbers to
determine (see Chapter 4).

Oxidation Numbers

= Elements in their natural states are 0.

= Elements in binary ionic compounds are the
same as their charges.

= H: usually +1, except with alkali metals (LiH,
NaH, etc.)

= O: usually -2, except in peroxides (H,0,, K;0,)

= The non-oxygen element in a polyatomic ion

has to be determined from the other oxidation
numbers.

Redox Reactions

m Oxidation: loss of electrons
m Reduction: gain of electrons
u LEO the lion goes GER
m The substance oxidized is also called the
reducing agent (it caused the other
substance to be reduced). And vice
versa.

m Cu(s) + AgNO; > Ag(s) + Cu(NO,),

Cu(s) + Zn(NOy),(aq)

Redox Reactions

m CH,(g) + O5(g) > CO,(g) + H,0(g)

= Na(s) + HCl(aq) - NaCl(aq) + H,(g)

= For each reaction:
= What is oxidized, reduced?
= What is the oxidizing agent? Reducing

agent?

= Combustion, decomposition, combustion,
and single-replacement reactions are
usually redox.

Balancing Redox Reactions

m Cr¥*(aq) + Be(s) > Cr(s) + B;;*(aq)

m To balance (notice the charges), we break
it up into two half reactions, the oxidation
half and reduction half.

m We have to balance electrons.

= Oxidation: Be(s) > Be?*(aq) + 2e"

m Reduction: Cré*(aq) + 3e” > Cr(s)

m 2Cr3*(aq) + 3Be(s) > 2Cr(s) + 3Be?*(aq)
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Galvanic Cells

= Oxidation reaction: occurs at the anode (mass
decreases over time) - both vowels

m Reduction reaction: occurs at the cathode
(mass increases over time) - both consonants

m Electrons are transferred across a wire (through
a voltmeter)
= Voltage is the cell potential, E (or Electromotive

Force, EMF)

= Salt bridge - soluble salt solution used to
neutralize ions in each solution; cations travel
toward cathode, anions toward anode




Batteries

= Galvanic cells are describing the batteries we
use in everyday life.

= Batteries die when 1) the anode is completely
consumed, 2) the cathode solution is

consumed, or 3) the salt bridge runs out of ions.

= Bigger batteries only last longer, they don't
have more volts. Volts are determined by the
chemicals used.

= Worked example 17.1, Problem 17.1

Short-hand Notation

m Zn(s) + Cu?*(aq) > Zn?*(aq) + Cu(s)
= Zn(s) | Zn**(aq) || Cu**(aq) | Cu(s)
= Anode | anode ion || cathode ion | cathode

= This is always written in order of the oxidation half
reaction, then the reduction half reaction.

= Not all half reactions use a solid metal
electrode.

» Worked Example 17.2, Problem 17.3

Inert Electrodes

u If the electrode needed is a soluble ionic
compound or a gas, we can use Graphite
or Platinum as the electrode.

= These substances allow electrons to
transfer but don’t take place in the
reaction.

Galvanic Cells - Pt electrode

m Figure 17.4 movie
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Standard Cell Potential, E°

m Gases at 1 atm

m Solutions at 1 M

m Temperature at 298 K (25°C)

= Standard potential for any galvanic cell is
the sum of the half-cell potentials.
= E%en = E%x + E%eq

= Hy(g) | H*(aq) || Cu*(aq) | Cu(s)

m Write the half reactions.

Reduction Potentials

= We can use the table of Reduction
Potentials of half reactions to determine
the cell potential of a galvanic cell.

m Table 17.1: All potentials are listed at
reduction potentials.

= How do we determine oxidation
potentials?
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Cell Potentials

= Once you find the potentials for the half
reactions, you add the values together to get
the overall cell potential.

m ECisin Volts (V=J/Cor C=J/VorJ=CV)

u All cell potentials are compared to hydrogen
(SHE: standard hydrogen electrode)

u Hy(g) > 2H* + 2¢- E0q=0V

= Standard reduction potentials (E°4) are
compared to SHE.

Cell Potentials

= Positive E°.,; means the reaction is
product-favored (and spontaneous).

= The reaction will go forward until the battery
dies.

= A negative E°, means the reaction won't
really happen.

m Therefore, we want two half reactions that
yield the most positive E°_,, value.
u Eoce\l = Eored + Eoox




Cell Potentials

m F,(g) + 2e” > 2F-(aq) E°oq =287V

m This is the most positive E°,4 value.
Makes sense: F is the most
electronegative element and really wants
to gain an electron (be reduced, or act as
oxidizing agent).

Cell Potentials

m Li*(aq) + e > Li(s) ECq =-3.04V

m This is the most negative E° 4 value.
Does this make sense?

m Liis going to lose an electron and be
oxidized. This makes it a good reducing
agent.

Oxidizing/Reducing Agents

Cell Potentials

m Based on their E°4 values, determine the
best oxidizing agent, best reducing agent,
worst oxidizing agent, and worst reducing
agent.

= AU + e > Au(s) O = 1.50 V
mBry() +e > 2Br(aq) E° =1.07V
= Pb?* + & > Ph(s) EO% =-0.13V

= Niz* + &= > Ni(s) ECy =-0.25V
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Cell Potentials

= Ni(s) is the easiest to oxidize, best
reducing agent.

m Au3* is the easiest to reduce, best
oxidizing agent.

m Au(s) is the hardest to oxidize, worst
reducing agent.

= Ni2* is the hardest to reduce, worst
oxidizing agent.

Cell Potentials in Reactions

= What will E°, be if we react Ni(s) with
Aud+?

m E°, Ni(s) = +0.25V, E° g Au®* = 1.50 V
mEo,, =+0.25V+1.50V =175V

m What will E°, be if Pb2* reacts with Br?
mE°,,=-1.07V+-013V=-120V
= Not a spontaneous reaction.

Cell Potentials of Reactions

= What combination of 2 reactions will yield
the most positive E°,?
u Au* + Ni(s)

m Worked Example 17.4, 17.5; Problems
17.7-17.9

Example: Cl,(g) + Zn(s)

= What combination of 2 reactions will yield the
most positive E°,?

ClL(g) +2e¢ — 2CF(aq) E°u=136V

Zn*(aq) + 2¢ — Zn(s) E°u=-0.76V

The first reaction is a stronger oxidizing agent than the
second reaction. Therefore it wants to be the reduction 2
reaction and the second reaction wants to be the oxidation Y2
reaction.

Zn(s)— Zn*(aq) + 2¢ E°, =+0.76V

The E°,, reaction is flipped so the sign is flipped!

 (Zn* is a weak oxidizing agent, Zn is a strong reducing agent!)




E°., K, and AG®

m AG° = - nFE°
= n = number of electrons transferred (from the
overall balanced cell reaction)
= F = Faraday’s constant: 96,500 J/V-mol e
= E = cell potential of the reaction
m AG = AG° + RT In K (not standard state)
m -nFE =-nFE° + RT In K
m E=E% - (RT/NF) InK

Cell Potential Equations

m E=E%, -(2.303RT)/nF logQ
(correction between In and log)
m E = E°,, - (0.0592 V) /n log Q (at 25°C)

= This only applies if all solutions aren’t 1
molar. Then it is non-standard.

m E° = (RT/nF) (In K) (At equilibrium)
= R =8.314 J/mol-K

n |f we know one of these values (K, Q, or
E°..), we can find the other two.

Calculations

m \Write the half reactions and balanced net
reaction.

= Find the E°.4 values, find E°,, values

m Calculate AG®
= AG° = -nFE°

m Calculate K
u E° = (RT/nF) InK

Calculations

m Calculate AG® for the Ni(s) + Au®*
reaction.

= E% =1.75V, 6 mol e transferred

u AG® = ~(6 mol &)(96,500 JV'mol &')(1.75 V)
=-1.01 x 10* kJ

m Calculate K for this cell at 25°C:
= Ni(s) | Ni#*(aq) || Br(aq) | Pt(s)

Cell Potentials Summary

m Large values of K; product-favored
reaction
= AGP is negative, E° is positive

= Small values of K; reactant-favored
reaction
= AGP is positive, E% is negative

The Nernst Equation

mE=E°, - (RT/nF)InQ

m At equilibrium, E=0and Q =K

m E% =RT/NFIn K

m Calculate the cell potential if [Pb(NO;),] =
0.88 M and [Ag(NO;)] = 0.14 M

= Write the half-reactions for this cell. Write the
short-hand notation of this reaction and draw
the galvanic cell.

= Examples 17.6 - 17.7, Problem 17.10 - 17.11

Pb and Ag Galvanic Cell

m 2Ag*(aq) + Pb(s) > 2Ag(s) + Pb?*(aq)
mE°,, =013V +0.80V =093V
nQ=(0.88M)/(0.14 M)2=44.9

m E=E°-(RT/nF)InQ

m Worked Example 17.9; Problems 17.13, 17.14

Corrosion

m The oxidative deterioration of a metal (i.e.,
solid metal converted to ions).

m Rust formation is the corrosion of iron.

m Metals can be plated with non-reactive
metals (chromium, tin, or zinc are
common)

sample eleetrolytic cell

Electrolysis ecuoptatng move

m Electrolytic Cell: Electrical energy from an
external source (outlet or a battery) is used to
force a redox reaction to go in the
nonspontaneous direction.

= Molten salt: 2NaCl(l) - 2Na(s) + Cly(g)

mE=-4V

m This reaction naturally wants to run in reverse
direction. We need more than 4 volts to drive
this reaction forward. Salts don’t normally
decompose into elements.




Electrolysis of Water

m Water doesn’t naturally decompose into
hydrogen and oxygen.

m 2H,0(1) > 2H,(g) + Ox(9)  Ege =-1.23V

Anode: 2H,0(l) — O,(g) + 4H*(aq) + 4e-
Cathode: 4H,0(l) + 4e~ — 2H,(g) + 40H-(aq)

Electrolysis of Water Movie

Electrolysis Calcs. ’

= Used to find mass or volume _%= |
of product produced by :
passing current through cell.

m Current: measured in Amps
(A =Cls).

m Change time to seconds.

m Convert to moles (use F)

Electrolysis Calculations

= How many grams of copper can be
collected in 1.00 hour by a current of 1.62
A from a CuSO, solution?

m Current (C/s) x time (s) = C

= C x (1 mol e /96,500 C) = mol e

= mol e x (mol solid / mol e”) = mol solid
= mol solid x (molar mass) = mass solid

» Worked Examples 17.10, 17.11; Problems
17.22,17.23

Batteries

m Lead storage (i.e., car batteries)

q

Household batteries

m Dry-cell (or Laclanche) batteries

—

9V battery — sum of 1.5 Volts

Ni-Cad Batteries - rechargeable

Positive fastet
Postive terminal
electrode: s Gas rekease vent
NiOOH o W Postive lab
. 24

Negative Positive elsctrode (NIDDH)
electrode: Separate
Cd (Gd)

= Case (Negative terminal)

+— Jacket

Lithium Batteries

m Lithium lon:
Positive electrode:
Lithium cobalt oxide

Negative electrode:
Carbon




