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Course Evaluation

Assignments: Five Assignments, about every other day. Each will consist of three
guestions. These assignments will count for 60% of the course grade.

Final Exam: May 30 in AXEL 259. There will be eight questions. You will choose to answer
six of them. It will count for 40% of the course grade.
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Our focus in this course is on metals.

Fermi Level

« focus on the electrons near the filled/empty boundary.
 each material’s energy state distribution is unique; different E.
Minimum

energy to
remove

electron E=0 (vacuum level)
sample
R Er (Fermi level)

Er (Fermi level)

Metal 1 Metal 2

« the closer an electron is to the vacuum level, the weaker it is bound to the solid
*¢'Br, the more energetic is the electron
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Two Conductors in Contact

-+
— electron flow

—+
leads to charge separation

-+ Contact potential difference

S Fermi level the same throughout sample

An loniin Selution
* ion’s electronic structure: HOMO, LUMO, HOMO-LUMO gap.

> Lowest Unoccupied Molecular Orbital

HOMO-LUMO Gap “Fermi” level

Highest Occupied Molecular Orbital
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Metal in an| Electrolyte Solution

Fermi levels
are aligned

Charge is transferred to
equilibrate Fermi levels,
producing a charge
separation and a contact
“"Botential difference.

Two Electroelyte Solutions

“Fermi” level

A charge separation
arises to align the
“Fermi” level and
produces a potential
at the interface.
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Junction Potentials

* In any: circuit there are junction potentials
whenever: two dissimilar materials come into
contact.

» \We focus on the metal-solution interface in
electrochemistry.
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Electrochemical TThermoedynamics

Every substance hasia uniques propensity’ torcontribute to alsystemis
energy. We call this propenty: Chemical Potential.

o

When the substance isia charged particle (suchias an electron or anjion)
we must include the response of the particle to ani electricall fieldin
additionito itsiChemical Potential. We call this Electrochemical
Potential.

w=w+zEo

Tihese are perhapsi the most fundamental measures of thermodynamics.
5/7/03
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Chemical Potential

Chemical potentiall(or electiochemicall potentiallif it is changed)iis the
measure oft how all the thermodynamic properties vary: When We
change the amount of the material present inithe system. Eormally we
can write

5/7/03

Gibbs Free Energy

The free energy function|is the key toiassessing| the way injwhichia
chemical systemiwilll'spontaneously evolve:

T ’ i
constant ’ don’t stretch it
constant P don’t change

shape

dG = Y u; dn;

5/7/03
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Gibbs Function and Work

« Start with the First Law of Thermodynamics and some standard thermodynamic
relations. We find

dU = dg +dw
dg=TdS
dw=-PdV + dwelectrical

dU=TdS-PdV + dwelectrical

dHP=dUP+PdV

dGy = dHy - TdS
=dUT,P+PdV—TdS
_Pdv+dwelectrical +PdV— T4

And therefore, the Gibbs functioniis at the heart of electrochemistny, for it
idéntifies the amount of work we can extract electrically from a system.

Gibbs and the Celll Potential

« Here wei cani easily: see how! this Gibbs function relates to al potential.

Welectrical =

« By convention, we identify: work which is;negative with work whichiis
beingldone by the systemi onl the surioundings. Andinegative free
energy change is identified as defining a spontaneous) process.

AGT,P = ~Welectrical = -nFE

* Note how aimeasurement of a celll potential directly calculates the Gibbs

fiee enerngy’ change for the process.
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Standard Reference States

All'thermodynamic measurements arne of: differences between states;
there is no abselute value for any property. (Exception: entropy: does
hayve an absoelute measure from theory, butit's the only onge).

In erder: to gquantify’ thermodynamics, We choose by convention'a
reference state. Most commoni choice is called “Standard Ambient
Tlemperature and Pressure (SATPR)".

Tlemperature = 298 K (25 C)
Pressure = 1 bar (10° Pa)
Concentration = 1 molall (mol of selute/kg| of solvent)

BUT. ..

5/7/03

Standard Reference States

 atmoesphere isia widely used unit ofi pressure.
* 1 atm =/1.0134 bar
Reference State for Pressure is usually 1 atm

» molality: better than molarity;

= solvent density'is Tr dependent Reference states are

> volume changes with T indicated by superscript °
C" or P’

But...

s yolume isi easier toimeasure than mass

* density oftwater (the: mest common selvent)is close to 1

The most commonly used reference state is that of'1 M (mol/liter):

5/7/03
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Activity

The propensity for a given material to contribute to)a reaction is measured
by activity, a.

How: “active” is/this substance!in| this reaction companedito how: it would
pbehaye ifi it were present in its standard state?

* activity' scales with: concentrationi or partial pressure.
a o C/C° OR a «x P/P*

BUT...

* intermolecular interactions

» deviations fromiaidirect correspondence with| pressure or concentration

5/7/03

Activity Coeflicients

Definition ofi activity.

Activity coefficientsi close to) 1 for dilute solutions and low: partial
pressures.

« it.changes with concentration, temperature, other species, ete. Can be
very complex.

Generally, we ignore activity coefficients for educational simplicity, but

careful work will require: its consideration.
5/7/03
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Approximate Activity.

* activity/is unitless
* activity coefficient is complex over wide ranges) of conditions
Since

— activity coefficients are close to 1 for dilute solutions

— reference states for partiall pressure and concentration have
numerical value of 1

Therefore, we often approximate activity by, concentration (M)ior partial
pressure; (atmj).

5/7/03

Solids, Solvents; Liguids

« SOLID: reference!is itself
« PURE LIQUID: referencelisitself

* SOLVENT: reference! is itself
a = 1 for alllof these materials

Increase amount of these:: reaction goes longer, but not faster.

5/7/03
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Chemicall Potential and Activity

How: does chiemical potential change with activity?

Integration| of the expressions for the dependence of amount off material
on the Gibbs function,, leads to the following relationship:

u=u +RTIna

5/7/03

Reaction Quotient

WA +xB —= yC+1zD

In erder to analyze a chemical process mathematically, we form this
reactionquotient.

s it;always has products;in the numerator andireactants inithe
deneminator

« ittexplicitly requiresi the activity of eachi reaction; participant.

» eachiterm is raised to the power of itsi stoichiometric coefficient.

5/7/03
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Simplifying Approximations

* [Leave out terms involving solids, pure liguids, and selvents
* Solutes appear asi the concentration (in: M).

* Gases appear as the partial pressure (inatm).

Butiits value doesidepend upon the chosen reference state.

5/7/03

Concentration Dependence

How: dees Gibbs fiee enengy: change with activity! (concentration)?

Same dependence asiwithi the chemical potential. VWe have

G=G +RTlna

Wheniwe apply: this to a reaction; the reaction quotient comes,into to: play,

giving us
AG =AG" +RTInQ

5/7/03
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Equilibritum

AG = AG® + RTInQ

When alll participants haverunit'activity (a=1), theniQ=1 and/in @ = 0.

AG = AG (duh! As designed.)

Reaction proceeds; Qi changes, until finally’ AG=0. Tihe reaction stops.
Thisiisrequilibrium.

0=AG’ +RTInQ"
AG® =-RTInQ" 0 =K,

Tihis special @ (the only one for which we:achieve this balance) is

renamed K., therequilibrium constant.

eq’
5/7/03 g

An Electrochemical Cell

The Weston Cell

CdSO, (s)

Cd(Hg) ()

5/7/03

5/7/03

14



Fundamentals of Electrochemistry: Lecture 1 5/7/03

Weston Celll Reactions

Here are the two reactionsi that ane occuniing. In the leftzhand cell'we find
Cd(Hg) — Cd#(aq) + 2e-
* Cd is being oxidized (its oxidation number is going| from 0 to) +2)
In' the'right-hand' cell'we find
Hg,S0,(s) + 2e- — 2 Hg(l) + SO,*(aq)
» Hg is being reduced (itsioxidation number: is going| from +1 to 0)

The overalll reaction is the sum of these two reactions
Cd(Hg) + Hg,SO,(s) — 2 Hg(l) + Ca?*(aq) + SO,*(aq)

This reaction occurs spontaneously as written. Its free energy: change AG
5/7/03 . . . . . .
is therefore —ive and its celll potential E is +ive.

Cell Notation

A shorthand cell notation; has been developedifor convenience. The
Weston cell is written as

Cd(112.:5%) Hg amalgam)/||CdSO,(aaq, sat) | Ha,SO, (s):| Ha(l)

* Write components inisequence

* separate phasesiwith a single verticallline “[*

* a salt'bridge or membrane is represented by aidoublevertical line “||*
* included a specification of the species) concentration

*'note that the solid €dSO, isinecessarny to: maintain a saturated selution;
but it does not participate directly in the reaction soiit isinet included in
the cell definition

5/7/03
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Electrode Convention

Tihe electrode at which isieccurring is calledithe

The electrode at which reduction is occurring is called the cathode.

 write the anode on the left'and the cathode on the right.

* a cell operating) spontaneously: in this configurationiisisaid terhave a
positive total cell’ potential.

= Wwhen connectingl aivoltmeter, connect the positive terminal toithe
positive electrode. Ifit reads a positive potential, youlhave correctly,
identified all the terminals. If'you read a negative potential, then you
have misidentified the reactions;inithe cells; and you have hooked it up
pbackwards. Reverse yourrassignment ofianode and cathode.

* in a galvanic cellithe cathode!is ive
« im ani electrolytic cell the cathode is —ive.

5/7/03

Daniell Cell

Anode (oxidation) Cathode (reduction)
—ive +ive

| |

ZnS0O, (aq)

Zn(s) — Zn?*(aq) + 2e- Cu?*(aq) + 2e- — Cu(s)

5/7/03
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Salt Bridge

Whatis the role ofi the salt bridge?

Daniell Cell without salt bridge

Liquid-liquid interface

or
=
(=}
3

Carefully merge
two solutions.
Make CuSO,
more dense
than ZnSO,.
Sheath Cu
electrode in
glass.

How: does chiange flowinial cell?

5/7/03

Salt bridge makes cell
construction and
operation easier.

Pack tube with a viscous, agueous
solution of KCl or KNO,. The
viscosity prevents mixing with

the electrolytes. The ions permit
exchange of charge. The chosen
ions have similar mobility to
minimize junction potentials.

Flow of Charge

If concentrations are
1M, then the cell is
at standard
conditions and the
measured potential
is+1.10 V.

5/7/03
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Electrolytic Cell

What about running the celllin reverse?

« apply an external voltage of

6(:‘ opposite polarity.

» magnitude must exceed the +1.10
V that the cell produces on its
own.

» Cu electrode now dissolves and
Zn now plates out on its
electrode.

€

5/7/03

Nerst Equation

Take the expression for the Gibbs dependence on activity and turn this around for
an expression in terms of the cell potential.

AG =AG" +RTInQ

The relation between cell potential E and free energy gives

-nFE=-nFE°+RTInQ

Rearrange and obtain the Nernst Equation.

5/7/03

5/7/03
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INernst: Equation| e

The equation is sometimes streamlined by restricting discussion to T = 25 °C and
inserting the values for the constants, R and F.

Note the difference between using natural logarithms andibase10
logarithms.

Be aware of the significance of “n” — the number of moles; of elecirons

transferred in the process according to the stoichiometry chosen.
5/7/03

Example: Daniell Cell

Culis cathode (it isireduced). Zni isianode (itis oxidized).

Cu2+(aq) +2e — Cug Zny — Zn2+(aq) +2e

Cu2+(aq) + Zn(s) - Zn2+(aq) + Cu(s)

5/7/03

5/7/03
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Exa m p | e continued

What is the potentiallin the celllif [Cu?*]|=0.01 M and![Zn?*] = 1.00 M?

E=1.10-0.0128; 1n% = 1.10- 0.012851n(100)

=1.10-0.01285(4.6052) =1.041V

Note that the cell potentiall decreased by about:60m\V. This wasia change
in concentration; of TWO, orders oft magnitude, but since!it was also a
smosT\NO) electron process, we saw! the same 60'mV. change in potential.

Example: Weston Cell

Recall that the total cell reaction'is
Cd(Hg) + Hg,S0O,(s) — 2 Hg(l) + Cd*(aq) + SO,*(aq)

and it isia two electron process. The Nennst equation)is

2
a a a _
EO_RTln Hg “cq™ “so?

Acd AHg, S0,

The activity ofiliquid Hagjis 1; that for selid Hg,S0O, is 1; that for Cd?* and
SO, will be constant since the solution remains saturated (continual
precipitation or dissolution of'solid €dS0O, as necessary). The Cd
concentration|inithe amalgam (at 12.5%) will not change much ifithe
cell'current is kept low.

E & 1.0180 V at 25 "C (NOI standandistate, but a very stable output).

5/7/03
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Concentration Cell

Nernst eguation' demonstrates, that! potential depends uponi concentration:

A cell made of the same materials, but with different concentrations;, will
also produce a potential difference.

Cu | Cu?” (0-001 M)|| Cuz= (1.00" M) Cu
What is standand cell potential E* for thisicell?

What isithe cell potential E? What is “n*, the number of electrons
transfermed? Which electrode;, anode or cathode; willlbe infnumerator?

Eop 0.0357 h{ |-|:(§lu;++J‘]:anode ]
athode

_0- 0.0257ln(0.001) 40,089 V
5/7/03 2 1.00

Half-Cell Potentials

It is best to think of a cell’'sioperation in terms of the two reactions taking
place atthe two electrodes separately.

 can understandleach half-cell reaction inlisolation

» makes classifying and tabulating datal easier
Hg

CdSO, solution

Anode Potential Difference

v

Cd(Hg)

21
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Standard Reduction Potentials

Conyvention: We discuss half-cell reactions ffom al point: ofi View! ofi their
beinglreduction processes.

\Weston Cell Cathode:
Hg,S0,(s) + 2e- — 2 Hg(l) + SO,%(aq)

This isiareduction andiis the half-cell process we consider.

Weston CelllAnode:
Cd(Hg) — Cd?**(aq) + 2e-
This isianioxidation. VWe must consider the reverse process iniour
convention:
Cd?*(aq) + 2er — Cd(Hg)

5/7/03

Nernst and Half-Cells

The Nernnst eguation cani be accunately applied toithe half cell reactions.
The same rules) of “products over reactanis’ applies; toiforming the
activity ratio in the legarithm. The number ofi electrons is as specified
by the stoichiometry.

The reactions! in the Weston Cell:
Hg,S0,(s) + 2e- — 2 Hg(l) + SO,*(aq)

2
E E° RT ( e aSOA%_\
HgySO41Hg = “Heys04/Hs ~ O F IIL

A Hg) SOy J

Cd?(aq) + 2e: — Cd(Ha)

5/7/03
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So What Is The Half-Cell E ?

Tio complete eachiNernst eguationwe needi to know! the potential
difference between each electrode andlthe solution. This we cannot
measure directly.

?
CdSO, solution
Solution: Adopt an
anbitrary: reference
Cd(Hg) electrode.

5/7/03

Standard Hydrogen Electrode

Tihe conventionfisitor selectia particular electrode and assigniits)standand
reduction| potential the value ofi 0.0000V. Thiselectrodeiis the
Standard Hydrogen Elecirode.

2H"(aq) + 2e~ — H,(9)

The “standard” aspect to this cell is that the
activity of H,(g) and that of H*(aqg) are both 1.
This means that the pressure of H; is 1 atm
and the concentration of H* is 1M, given that
these are our standard reference states.

23
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Standardi as a Reference

Once chosen, this reference cell isiemployed as one hali=cell with all' other
cells. Since itsipotentiallisiassigned the value ofi 0.0001V, all ofithe
potential difference measured expenimentallyis attributed to the other,
test electrode.

Since we are cataloguing reduction potentials, the cells arne formed| by,
connecting|the  Standand! Hydrogen| Electiode (SHE) as the anode and
the other half:cell'as the cathode.

Consider:
Pt [ H, (1.00/atm)) [ H* (1.00: M) ||| Cuz* (1.00/M)|[Cu

Measured potential = +0.340'V.

Since the activity of all compoenents inithe Cul cell are standard), +0.3401V.
isithe STANDARD REDUCTION/ POTENTIAL of the Cuz"/Cu couple.

5/7/03

By Contrast...

Consider the Zn?"/Zn half-cell.
Pt | H, (1.00 atm) | H* (1.00/M)/|| Zn?* (1.00 M) | Zn

Measured Cell Potential = -0.7626'\/
This isithe Standarnd Reduction: Potential for this couple.
* negative potential means it really:is/being oxidized

s convention acecounts for that withithernegative: sign when written as a
reduction.

» willl make for easier use of tables.
5/7/03
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Standard Potentiall TTables

All'of the equilibrium) electrochemical datal isicast in Standand Reduction
Potential tables.

F, +2e- — 2F- 2H* + 2e- —H,
Co® + e~ — Co?* Pb?* + 2e- — Pb
Aut +e — Au Sn2* + 2e- — Sn
Ce** + e~ — Ce?* In3* + 3e~—In
Br, + 2e- — 2Br- Fe?* + 2e- — Fe
Ag*+e — Ag Zn% + 2e- — Zn
Cu?* + 2e- — Cu V2t +2e- =V
AgCl + e~ — Ag + CI- Cs*+e —Cs

smon*t + 2e- — SnZ* Lit+e — Li

Using the Tables

F,+2e — 2F- +2.87 I ChOPSEICNENEACHONNORIEUUCHON
Co¥* + &= — Co?* +1.81 » choose another for oxidation

Au* + e — Au +1.69 Aut + e — Au

— 2+ =
Ce* + e — Ce3* +1.61 Cu—Cu* +2e
Br, + 2e- — 2Br +1.09 Overall Reaction:

+ s 2+
Ag* + e — Ag +0.80 2Au* + Cu — Cu 2* + 2Au

Cu?* +2e~— Cu +0.34

AgCl + e~ — Ag + CI- +0.22
Sn#t + 2e~ — Sn?* +0.15

Cell potential E:
E=+169 -0.34=+1.35V

5/7/03
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Using the Tables e

F, +2e — 2F- +2.87

Co® + e~ — Co?* +1.81

Aut + e — Au +1.69 Sn#* + 2e- — Sn2+

Ce* + e~ — Ce® +1.61 Ce® — Ce** + e

Br, + 2e- — 2Br- +1.09 Overall Reaction:

Ag* + e~ — Ag +0.80 Sn#* + 2Ce3* — Sn 2+ + 2Ce**
Cu?* +2e~— Cu +0.34
AgCl + e — Ag + CI- +0.22 Cell potential E:

Snt2e oS 4015 1Z

5/7/03

Calculating| Cell Potential

Because we tabulate reduction potentials, the celll potentiallis calculated
(from those tabulated numbers)ias

EceII = Ecathode ~ Eanode

The minus signi is present only: because we are using reduction potential
tablesiand; by definition; an anode is Where oxidation eccurs.

5/7/03

5/7/03
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Fe?* + 2e- — Fe
V2 +2e” =V

To get a final positive cell

Example

potential, the more negative
half-reaction (V) must act as

the anode.

Fe?* +V — Fe + V2*

E,. =-0.44 - (-1.19) = +0.75 V

5/7/03

Sn2* + 2e- — Sn -0.14

Agt+e — Ag +0.80

More negative potential reaction is
the anode.

Multiply the Ag reaction by 2, but
don’t modify the cell potential.

2 Agt + Sn — 2 Ag + Sn?*

E. = +0.80 - (-0.14) = +0.94 V

Oxidative Strength

F,+2e- — 2F-

Co?® + e~ — Co?*
Au* + e~ — Au

Ce* + e~ — Ce®*

Br, + 2e- — 2Br-
Agt+e — Ag

Cu?* + 2e- — Cu
AgCl + e-— Ag + CI-

Sn#* + 2e~ — Sn?*

5/7/03

+2.87
+1.81
+1.69
+1.61
+1.09
+0.80
+0.34
+0.22
+0.15

Consider a substance on the left of one of
these equations. It will react as a
reactant with something below it and
on the right hand side.

* higher in the table means more likely to
act in a reducing manner.

» when something is reduced, it induces
oxidation in something else.

« it is an oxidizing agent or an oxidant.
* F, is a stronger oxidant than Ag®.

« Cu?* is a weaker oxidant than Ce?*.

5/7/03
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5/7/03

Reductive Strength

F,+2e — 2F

Co%* + e~ — Co?*
Au* +e-— Au

Ce** + e~ — Ce®

Br, + 2e- — 2Br-
Agt+e — Ag

Cu?* + 2e- — Cu
AgCl + e~ — Ag + CI-

Sn#t + 2e~ — Sn2*

5/7/03

+2.87
+1.81
+1.69
+1.61
+1.09
+0.80
+0.34
+0.22
+0.15

Substances on the right hand side of
the equations will react so as to be
oxidized.

* LOWER in the table means a greater
tendency to be oxidized.

» when oxidized, it induces reduction in
something else. It is a reducing
agent or reductant.

* Ag is a stronger reductant than Au.

» Co?* is a weaker reductant than Sn2*

Cell Potentials, Gibbs Free Energy and
Equilibrium Constants

The equationsiwe have allowis to relate:measured cell potentials to

Standard Gibbs Eree Energiesi of reaction. These in turn are related to

a reaction’s eguilibrium constant.

Consider the cell

Pt | I- (1.00/M), I, (1.00 M) || Fe2* (1.00 M), Fe®* (1.00 M) | Pt

Standarnd Cell Potential is (from tables) = 0.771 V- 0.536\/ = +0.235 \/

AG’ = -nFE° = —2(96285

—) (0.235 J) = —45,348 ——
mol |

J
mo

This is the free energy change. It leads to the equilibrium constant for the reaction.

J
. —45348 —)
AG
InKy, =——o = - ool 183034
RT (8.314 )(298 K)
mol
5/7/03
K,, =e'830% _8.89x107

eq

28



Fundamentals of Electrochemistry: Lecture 1 5/7/03

Formal Potentials

« standard states are impossible torachieve
s theoreticall calculations of activity coefficients possible below: 10:2 V.

« formal potential'is that for the half=celllwhenithe concentration) quotient
in the Nernst equation equals; 1.

* solution with a high concentration ofi inert electrolyte, activity’ coefficients
arne constant. Use formall potentials which ane appropriate for that
medium and molar concentrations, for very accurate work.

* ofiten specified as oceurring|in 1.0/M HCIO,, 1.0:M HCI, or1.0:M H,SO,,.

5/7/03

Example

Consider the Ee(lll)/Ee(ll)icouple. The Nennst eguation reads

When the concentration quetient is 1, the last termyis 0. This defines the
new, formal potential as

This new: reference potentiallisiconstant, because the aclivity: coefficients ane
5/7/03 . .
constant because they are controlled by the huge excess of inert ions.

29
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Exa m ple continued

Tihe standarnd reduction potential for the Ee(lIl)/Ee(ll) coupleiis
E°=0.771V

In 1.0 M HCIO,, itis

E*(1.0MHCIO,) = 0.732 V.

In 1.0/ M HCI itis

E(1.0MIHCI) =0.700 V.

5/7/03

Some Extra Work For You

« Eirst Year Chemistny Textbook
* readi chapteron electrochemistry.

* |ots  of examplesiand problems in using standard reduction potential
tables

s interrelating E, E®, concentrations; (Nernst equation)

« interrelating E°, AG, and K,

5/7/03
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