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Aim of the course:

This course provides the thermodynamic tools for understanding electrochemical reactions
and devices. Starting from the concept of the electrochemical potential of charged species,
this course will cover the thermodynamic relationships associated with electrochemical cells
and various devices such as batteries and sensors. The potential distribution across

electrified metal|electrolyte interfaces will also be discussed.
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1.1 Chemical potential in gas phase

Internal Energy U

The energy of a system is determined by its | Enthalpy H=U +pV
Entropy S
thermodynamic state functions Helmholtz Energy A = U - TS

Gibbs Energy G=H-TS

The Fundamental Equation of Chemical Thermodynamics for a multicomponent

systems establishes (see Chemical Energy lecture 4):

dG =Vvdp- SdT+  rndn, egn. 1.1
i
where the chemical potential of the species i (7) is defined as the change in molar Gibbs

energy with the number of moles of i at constant pressure (p) and temperature (T)
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n

m= egn. 1.2

T.,P.n

joi

mcan be regarded as the reversible work for transferring one mole of i from vacuum to a

given phase at constant p and T. For a perfect gas (pV=nRT) at constant T, it follows:

4G (T)=n(T)- M(T)=  Vdp= Mﬂ%
p p
Ideal Gas
\A._.VH \wﬁ._.viu._._: b|_o¢ eqgn. 1.3
P°= 1 bar (100kPa)

Food for thoughts: As p goes to zero, /mgoes to -¥! What does it mean?
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Fig. 1.1 Variation of chemical potential with pressure [1].

Real gasses can deviate from the behaviour established by eqn. 1.3. These deviations
originate from repulsive and attractive interactions between molecules at high and low p,
respectively. To account for these interactions, the fugacity coefficient j; is

incorporated into egn. 1.3.

Real Gas

\A._.vu SA._.viu._._: P +_u._._: \.nui._.viu._._: h eqn. 1.4

© ©

P Y

RT In/ the reversible work associated with interaction between molecules

f =/ p isdefined as the fugacity. Asp® 0,j® landf=p

For a mixture of ideal gasses, it follows:

%A._.VH \NA._.V+_N._._: %|m_v = R._.viu._._: U|_W +_N._._3A<_v eqn. 1.5

y; is the mol fraction of the perfect gas i. P, = Py,




1.2 Chemical potential in liquid phase

In a mixture of liquids in equilibrium with their respective vapour pressure, Raoult’s law

can be invoked,
p, partial pressure

P =P X ean. 1.6 x. mol fraction in the liquid mixture

p;" vapour pressure of the pure liquid

Considering :_A@vn i_v

m(l)= m(g)+RTIn PX - ff +RTIn(x;) ean. 17

\w_\w__amm_ - \MVAQV +RTIn _u|_ eqn. 1.8

The term “ideal” arises from Raoult’'s assumption that a component behaves ideally in its

pure state. Relations 1.7 and 1.8 are generally applicable to mixtures of solvents.
9

In the case that the mol fraction of one component (solute) is insignificant with respect to

the other component (solvent), another relationship comes into play:

p, = XK, «<— Henry's constant eqn. 1.9

Following the same arguments as in slide 8, it follows:

EA_V = \Mv.o_mm_-o___ +RT _JAX_V eqgn. 1.10

b_\w_amm_-e_ = \MVAQV +RTIn — egn.1.11

Henry's ideal state corresponds to infinite dilution, i.e. the solute species only interact
with solvent molecules. This brings a conceptual “problem”, the standard state is
associated with the pure solute behaving as ideally diluted.

10
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Fig. 1.2 Variation of the chemical potential and the definition of the standard

chemical potential at 298 K in the scale of mole fractions for an ideally diluted
solution [Girault 2001].
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As discussed for real gasses, the chemical potential of real solutes may exhibit

deviations from eqn. 1.10. In this case, the activity coefficient (g) is introduced,

Real solute
m(1)= " +RTIn(x ) +RTIn( g = 7" +RTIn(a) ean. 112

RT In/  the reversible work associated with interaction between solutes

a = gX. s defined as the activity of the solute i.

1.3 Molality and Molarity scales

Both concentration scales are used in diluted solutions and can be found in different
textbooks. In several sections of Atkins’ Physical Chemistry, molality (m;) is used,
n n, number of moles of the solute
M =——— eqgn. 1.13
— NM, n, number of moles of the solvent

M, molar mass of the solvent
mol ~ kg1 12




Simple algebraic manipulations allow expressing x; in terms of m,. Finally, it can be

obtained from eqn. 1.12,

m= S_g +RT In .@B eqn. 1.14 m?® standard molality 1 mol kgt
3¢
%.3 - \Nw.amm_-o___ + _HNH _3A3¢_<_mev eqn. 1.15

In the more familiar molar scale (c; = n;/ V), it can be derived from eqn. 1.12

O. -
m= M +RTIn G—- eqn 116 c® standard molarity 1 mol dm-3
I o¢

Vj1s molar volume of the solvent

ppe = el L RT _:AO¢<_<_,mv eqn. 1.17

d.m .
It can also be obtained: ,Q_m = Q: M L eqn. 1.18 d, density of the pure solvent

For diluted solutions, both scales converge to the same values. For the rest of the

. ) ) 13
course, the molarity scale will only be considered

1.4 Electrostatic potential of condensed phases

The electrostatic inner potential 7 determines the reversible work for transferring a

positive charge unit from vacuum to the interior of the condensed phase. This term is

also known as the Galvani potential . Assuming a spherical geometry,

= 9 egn. 1.19
" 4pee (x +r)
c
Table 1.1 Relative permittivity
Ivent

g the charge of the condensed phase Soven waw

y outer potential (volta potential) Water 80.1

. Nitrobenzene 35.6

¢ surface potential

Ethanol 25.3

€ relative permittivity Benzene 53
epermittivity of free space (8.854" 1012 J-1 C2m1) Cyclohexane 2.0 14




The Volta potential (y) is determined by the distance (x) separating the unit charge from

the plane of closest approach to the phase. The surface potential (¢) is related to the

differential work for bringing the charge from x = 0 to the interior of the phase.

® g R

If the phase is neutral, y =0and 7 = ¢

1.5 Electrochemical potential of charged species

f=y +

¢ =0.13V for water (Trasatti 1980)

Arguably the most important thermodynamic parameter in equilibrium electrochemistry is

the electrochemical potential /77

m= m+z
/

F . egn.1.21

\

/

Chemical

\

Electrical
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The star equation of the day:

Electrochemical potential

m= M +RTIn(a) +zF . eqn. 122

Vacuum

zFy

@EIQ boﬁm:ﬁ_m_

.|
Y.

|

N
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Summary

Chemical potential (/) — reversible work for transferring one mol
of a component from vacuum to a given phase at constant T and p

Standard states ( /77) are defined for the solvent and solute
Activity (a;) accounts for “non-ideal” behaviour of solute

The Galvani potential (7) is determined by the “charge” of the
solvent and surface dipoles

m= M +RTIn(a) +zF .
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Giants of the day

S, totlae LI,
Josiah Willard Gibbs Francois-Marie Raoult William Henry
American Engineer French Chemist English Chemist

1839 - 1903 1830 - 1901 1775 - 1836
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Previously on Electrochemistry

Vacuum

a

|
d
bulk _ v

m= mwzF( y+ § = f1 +RTIn(a) +zF

Which factors affect the standard chemical potential and activity of ions?

19

Thermodynamics of lons in
Solution

Standard functions of formation of ions

Standard Entropy of ions in solution

Contributions to the Gibbs energy of formation

lon activities and the Debye-Hickel Theory

20




2.1 Standard functions of formation of ions

The standard enthalpy (D,H) and Gibbs energy (D,G,9) of a reaction involving ions are

expressed in terms of their standard enthalpy (DH,9) and Gibbs energy (D.G%) of

formation.

Table 2.1 Standard Thermodynamic
functions of formation of ions in

For the reaction, water at 298 K

q q
Fe(s)+Cl, ® Fe* (ag)+ 2CI'(aq) ean.21 on A_A,_oﬂ_o_.c A_ap:wo_.&
Cr -167.2 -131.2
It can be accurately measured, Cu?* +64.8 +65.5
H* 0 0
DH® =DH® A_um?_mn_v +2 DH® AO_-_va K* -252.4 -283.3
Na* -240.1 -261.9
=-423.4kJmol™* eqn. 2.2 e o 1 289
Fed* -48.5 -4.7

How can the contribution of each ion to the change in enthalpy be extracted? The

answer is by defining some standard values!
21

At all temperatures:
DH*® AI+_m5v =0

Uﬁoi_._ﬁmnv =0

Forexample: H,(g)+S(s)® 2H"(aq)+ S* (aq) ean.23
DG® = +85.8 kImol*

Calculate D.G* Amm-_mbv
DG® =2DG° (H',aq) +QG°(S*.aq) = 5°(S*.aq) eqn. 24

Answer: D.G® Amw-_mnv = 485.8 kamol™

22




2.2 Standard entropy of ions in solution

Partial molar entropies (S,,%) of solutes in an electrolyte solution can be measured

accurately, but there is no simple way of splitting the contributions from cations and

anions. Consequently, another convention is established:

Table 2.2 Standard entropies of

ions in water at 298 K
At all temperatures:
lon mBQ
© + — -1 -1
Sy (Haq) =0 (9 K* mol)
Cl- +56.5
Cu?* -99.6
) . ) ) H* 0
Negative S_9 can be interpreted as inducing local ” T
order of the water molecules — close range Na* 590
interactions. Fe2* -137.7
Fe3* -315.9

23

2.3 Contribution to the Gibbs energy of formation

The sum of the standard Gibbs energies of all the steps in the cycle is equal to zero.

H*g + Clg : .
Fig. 2.1 Thermodynamic cycle

_umo_<m¢ AO_.V illustrating the various contribution to

the Gibbs energy of formation of CI.
Gibbs energies associated with some of
the steps are indicated in kJ mol-1.

+1312

+218
YaHyg) + ¥2Chy)

Heg + ¥2Ch I;% + Clag)

i ?ﬁmmy (w)+DG* Ao_.vv
solv Solv

itfollows, DG*(CI')=1272kImol* +{ D, G* (H') + R,G°(cI)} ean.25

From table 2.1 DG® (CI',aq) = -131.2kJmol*

24




The Gibbs energy of solvation can be estimated from the Born solvation theory (Max
Born 1920). This approach calculates the difference in the reversible work for charging

an ion in solution and in vacuum. The electrical potential of a sphere of radius “r,” and

charge “q” is: f= q eqn. 2.6
4peer.
@ — @ The differential work to bring up a charge dq is 7dq. The total
€ e work (w,) for charging one mole of the sphere (ion) by ze in
solution is,
Permittivity of Relative
free space permittivity ze N ze z2e?N
(seetable1.1) W = 0 \QQ Hi 0 QQQ Hm_wb|mﬁ> eqgn. 2.7
i [
®—© z7e’N
and in vacuum, w = ———A  ggn. 2.8
e 8per,

25

The molar Gibbs energy of solvation
2.2
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Fig. 2.2 Dependence of the Gibbs solvation energy on the ionic radius for various ion
charges (left). Gibbs energy of solvation as a function of the relative permittivity for
various ionic radii (right).

For CI (1.81 A)inwater:  Dy,,GZ. =-379kImol™ 26




2.4 lon activities and Debye-Hiickel theory

C
Let recall, m= m+RTIn _.Qo|¢_y eqgn. 1.16

lon-ion interactions in solution can be so strong that neglecting g may introduce
significant error in high precision measurements. As discussed later on, electrochemical
measurements allow estimating the activity coefficient of a salt g,,. How does this

parameter relates to gfor each individual ion?

For a 1:1 electrolyte (e.g. NaCl),
G, =m+ m= [+ % +RTIn ,gRTIn

GG +RT _:A . &

\ eqn. 2.11

Non-ideal contributions are grouped here

It is convenient to introduce the mean activity coefficient

g, = A.Q ,Qvu\m eqn. 2.12

27

This concept allows the assumption: g . = Qiaci = &

m= ff*+RTIn ¢ m= rff* +RTIn ¢ eqn. 213

For all salt stoichiometries Salt _<__oxg
1

g, = A.Drv_oﬁ ,Qvg p*d eqn. 2.14

Peter Debye and Erich Huckel proposed a model in 1923 for calculating the activity
coefficient arguing that the energy of an ion is lowered by electrostatic interactions with
its ionic atmosphere. Their main assumptions were:

Interactions are primarily columbic

Electrolyte is fully dissociated at all concentrations

Permittivity of the electrolyte is equal to the one of the pure solvent

lons are rigid charged spheres (non-polarisable).

28
Electrostatic interaction is smaller than kT




The ionic atmosphere

1/k - Debye length

2
= E_ eqn. 2.15

\ﬂm
eeRT °

I, — lonic strength (molar scale)

| =— €z~ egn.2.16

Fig. 2.3 Schematic illustration of the ionic atmosphere around a charged core. The dark
ring corresponds to the distance with the highest probability of finding a counterion (1/4)
[Girault 2001].
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Fig. 2.4 Variation of the Debye distance with the concentration of a 1:1 salt [Girault
2001].
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Fig. 2.5 Variation of the ionic atmosphere potential as a function of the distance relative
to the central ion [Girault 2001].
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The final result yields the so-called extended Debye-Hiickel equation:

Al
lo )= 2.2 — % eqn. 217
ﬁ@p 1+a,By/l,
where: B=F E =3.3"10°mol’?dm®?m™
eeRT
For water at 298 K
e’B

A =0.509mol ¥? dm®?

) 8peek,T In(10)

Table 2.3 Values of the parameter a,

Salt | a,/pm
a, is and adjusting parameter commonly associated
with the distance of closest approach between HCl 450
) ) HBr 520
cations and anions. Unfortunately, the extended Lcl 430
Debye-Huckel equation contains this rather NaCl 400
empirical parameter. KCI 360 | 54

For diluted solutions, equation 2.18 can be reduced to the star equation of the day,

Debye-Hickel limiting law

log(g.)=z.z AJl.  ean.2.8

0.0

-0.1

3 €
log ¢ salt

-04

-0.5 H= | | | | | _
0.00 0.05 0.10 0.15 0.20 0.25 0.30

c2 / (mol 17112

Fig 2.6 Experimental verification of the limiting (2.18) and extended Debye-

Huckel law (2.17)[Girault 2001]. 2




Summary

To determine the standard functions of formation of ions
DH®(H",aq) =0
DG®(H".aq) =0

Electrostatic considerations allow estimating the Gibbs energy of
solvation

Non-ideal behaviour of ions in solution can be approximated by
estimating their columbic interactions

log(g.)=z.z A\l

33

Giants of the day

r

Max Born Peter Debye Erich Hickel
German Physicist Dutch Chemist German Physicist
1882 - 1970 1884 - 1966 1896 - 1980
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Previously on Electrochemistry

m= M +RTIn mw|¢ +zF

~

z’e’N 1
D..G°*=-——4A1- — lo =z.z Al
solv i mhm._ @ @ QHV +-- /\”

How can energy be generated from this?

35

Electrochemical Cells

Equilibrium and the Galvani potential difference
Electrodes and electrochemical cells
Liquid Potentials

Cell reaction

The electromotive force (emf)

36




3.1 Equilibrium and the Galvani potential difference

For a general chemical process in equilibrium

aA(aq)+bB(aq) cC(aq) eqn. 3.1

The Gibbs energy is a linear combination of the chemical potentials,
DG =crm (aq) - (agp(aq)+b glag))=0 ean 32

Similarly, for an electrochemical process

Ox(aq)
Ox(aq)+ne (M) Red(aq) ean 33
DG = my(aq) - (n M)+ (aq))=0 ean. 34 Red(aq)
Taking egs. 1.22 and 3.2, it follows 37

iy (aq) +RTIN(a,,) +z..F 74 - n(m(M)- F#)-
- nf.(ag)+ RTIn(a, )+ z,,F £* =0

Considering n=z -2

0oX red

NFDYf =-DG° - RTIn 4 =.DG eqn. a5

mox
Uw\_n\ Huw\_% -|_H_3 Areq eqn. 3.6
m.OX
where UW\_Q\ HA\ M £ mgv Galvani potential difference

DY.f° =-DG®/nF
DG° = nf, (aq) - /4 (aq)+n p(M)

Eqgn. 3.6 describes a unigue relationship between the Galvani potential difference and
38

the activity (concentration) ratio of the redox species.




2.2 Electrodes and Electrochemical cells
Electrochemical cells are composed of two electrodes in contact with an electrolyte

solution. Key concepts:

Electrodes: electron conducting materials

Electrolyte: ion conducting systems

Galvani cells: generate electricity from spontaneous reactions at the electrodes

Electrolytic cells: non-spontaneous reactions are driven at the electrodes

Cathode: electrode involved in the reduction reaction

Anode: electrode involved in the oxidation reaction

Electrons ’ M.wm%“
ﬂ—w._:wn_m oﬁ:mn_h_F -
- +." Electrons Eam Cathode
| I
Galvanic Cell | & & < | 4 /L !l |Electrolytic Cell

il (D ¢

v < M 4 i < »

Oxidation  Reduction Oxidation  Reduction 39

There are several types of electrodes:

Redox Electrodes Metal/Metal lon

RT 1
-—In
2F a

Dl f =y °

O:N+

Gas Electrodes

40




2.3 Liguid Potentials

A liquid potential is generated when two electrolyte solutions with different compositions

are in contact. In the case that a single common ion to both electrolytes is present,

M, (aa) = m,,. (org)

water
nf,..(aq) +RT _:A mu_kviu £9 =
TMA*CI- org q
TMA*PF, \%z_k Ao@v *RT _:Amrz_hv s
CH,Cl,
TMA* tetramethylammoniun RT org +
Dinf =0 ° + = In A ean.37
mj,\_>+

This simple relationship is rather useful as it allows describing a variety of

electrochemical equilibria ranging from ion sensitive electrodes to life-sustaining

membrane potentials.
41

In the case that the electrolytes in contact with the cathode and anode must be

physically separated from each other, salt bridges can be used for minimising liquid

potentials.
_mnm__
I Salt bridge I .u bridge
-..m Umﬁ \.
7n cu Cancel each other out
ad
U_uzo_@m\
=
—
I
P e Representation of boundaries in cells:
¢o~..\ ‘a-.. -»oo
Phase boundary _
ZnS0O,(aqg) CuSQ,aq) L . .
_ Liquid junction :
Electrode L i 1011 i
Blecliode 16 Boundary excluding liquid potentials | |

42




Two versions of the Daniell Cell (John Frederic Daniell 1836)

|z Zn(s)|zns0, (aq) Cuso, (aq)|Cu(s)
solution
| _-Porous

1 - Copper

|-Zinc

Liquid potential established between both compartments

__1-Copper(ll)
sulfate
solution
Electrode Electrode
] Salt bridge /_
Zn Cu
Zn(s)|znso, (aq)|Cuso, (aq)|Cu(s)
Negligible liquid potential between both compartments
ZnSO,(aq) CuSO,(aq)

43
Electrode
compartments

2.4 The cell reaction

This is the net chemical reaction operating in an electrochemical cell. In order to
establish the cell reaction, the convention defines that the cathode is located at the right

hand side of the electrochemical cell,

Zn(s)|znso, (aq)|Cuso, (aq)|Cu(s)
anode cathode
Reactions at both electrodes are written in their reduction form:

Cu® Am.n_v +2e” ® Cu va eqn. 3.8
Zn** Amn_v +2e” ® Zn Amv eqn. 3.9

Half cell reactions

The cell reaction corresponds to cathode — anode (right hand — left hand),

Cu*(aq)+2Zn(s) ® Cu(s)+ zn*(aq) ean.3.10

a4




Zn(s)|znso, (aq)|AgNO; (aq)|Ag(s)
Zn** (aq) +2e” ® Zn(s) Ag'(aq)+e ® Ag(s)

2Ag" (aq) +Zn(s) ® 2Ag(s)+ Zn* (aq)

Pt(s)|FeCl, (aq),FeCl, (ag)|SnCl, (ag),SnCl, (aq)|Pt(s)

Fe* (aq)+e  ® Fe*(aq) Sn*(aq)+2e” ® Sn*(aq)

Sn* (aq) +2Fe* (ag) ® Sn* (aq)+ 2Fe* (aq)

45

2.4 The cell potential and the electromotive force

By definition, the cell potential corresponds:

E.., = Dl (cathode) - D} (anode) ean.3.11

E=Dlfoe Ry B pugoa RT) e egnao
nF mox nF mox

Rearrangements of eqn. 3.13 yields the star equation of the day

The Nernst equation

E...=Esi- RT In oo _ o m_JAOV eqn. 3.13
3_H oxmqma D_H

where Q is the quotient of the electrochemical cell reaction. This extremely important
equation, named after the German chemist Walter Nernst, allows predicting the cell

potential from the composition of the electrolyte solutions. 46




From the Daniell Cell reaction (eqn 3.10)

Cu*(aq)+2zn(s) ® Cu(s)+ Zn**(aq) ean.3.10

a ..
=E® RT In —£0

eqn. 3.11
cell ~ N_H a

E

cell
cu?

A cell in which the overall cell reaction is NOT at equilibrium can generate electrical
work. The cell potential is directly related to the magnitude of this work. In this respect,

the E_,, is also known as the electromotive force. It follows,

DG =-nFE_, ean. 312 e

cell o

(]

&

2

Fig 3.1 Gibbs energy as a function of the °

extent of the reaction. For the electrochemical 4o=0
cell reaction occurs spontaneously, the cell Bk , 47
ent of reaction, &

potential should be positive

Summary

Equilibrium between charged species in different phases
generates a Galvani potential difference, e.g.

DV =pf ° - Rl e
™ mkn nk m.ox

Electrochemical cells involve two electrodes, cathode and anode,
in addition to a variety of phase boundaries

The cell reaction and cell potential are obtained by subtracting the
half cell reactions and galvani potential differences of the cathode

and anode

The cell potential is given by the Nernst equation,

=E2,- L in(Q) .

mom__ cell n _H




Giants of the day

Walter Nernst

John F. Daniell German Chemist
English Chemist 1864 - 1941
1790 - 1845
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Previously on Electrochemistry

%.Umo?ﬁw, _OQ g.)= N+N->/\ﬁ
o RT
mom.__ = Eeen - ﬂ_—; O
DG =-nFE_,
mom__
Salt Bridge

@)
o
o] Oc =
o =
g g
— o
Rc
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Oc+Ra® Rc+0a




° and useful constants

cell

Cells at equilibrium
Standard Potentials
Measuring Standard Potentials

Measuring activity coefficients

Measuring solubility constants

51

4.1 Cells at equilibrium

Let recall Figure 3.1 and the Nernst equation,

Fig 3.1 Gibbs energy as
a function of the extent of
the reaction. For the
electrochemical cell
reaction occurs
spontaneously, the cell
potential should be

My positive

Eei =Eoy - —In(Q)

cell

D

Q0

S

w

'—\

w
Gibbs energy, G

Extent of reaction, &

The minimum in the curve corresponds to the equilibrium state. As the Gibbs energy of

the cell reaction is zero, the cell cannot perform any external work. Consequently,

At equilibrium

Q =K Equilibrium constant of the cell reaction

_DA_AV = |_u~._.8__ eqn. 4.1 o




Egn. 4.1 is rather useful as it allows calculating equilibrium constants from the standard

potential of the cell. From eqn. 3.12 can also be established,

E? =- 5 eqn. 4.2

cell n _H

4.2 Standard potentials

As discussed in section 2.4, the cell potential is determined by the potentials at the

cathode and anode. E_, can be measured accurately, however, the potential at each

cel

individual electrode cannot be measured. A convention is needed,

H'(aq)+e (M) ® 3/2H,(g) ean. 43

53

This means that the half cell

Pi{s)H: (o) (, =1aa) s

has a Galvani potential equal to zero at all temperatures. On the basis of this
assumption, the standard potential for a half cell reaction can be estimated as in the

following example,
Pt(s)|H, (g)H" Am% uﬁmgv7>@+ Am& uHvaT@Amv cell 4.2

H'(agq)+e” ® 1/2H,(g) Ag'(aq)+e ® Ag(s)

Reaction Ag’(aq)+1/2H,(g) ® Ag(s)+H"(aq) ean. 46

RT +
Nemst E_, =Eg, - In ar eqn. 4.7
F a, .
Ag
a,.=a, ., =1 Fromexperiments: E_, =E_,, =E/, =0.80V >

H™ "~ “Ag (Ag*/Ag)




Table 4.1 Standard potentials at 298 K

Reduction half-reaction

Reduction half-reaction E°IV
Agh+e > Ag +0.80
Aght e - Agh +1.98
AgBr+e — Ag+Br~ +0.0713
AgCl+e — Ag+CI™ +0.22
Ag,CrO, +2e™ — 2Ag+ CrO}~ +0.45
AgF+e —>Ag+F~ +0.78
Agl+e —Ag+I- —0.15
AP* 43¢ > Al -1.66
Au'+e > Au +1.69
Au+3¢" > Au +1.40
Ba’'+2¢ — Ba +2.91
Be** +2¢" > Be -1.85
Bi* +3¢” - Bi +0.20
Br, +2e” —2Br~ +1.09
BrO™+H,0+2¢” — Br™ + 20H" +0.76
Ca*+2e” > Ca -2.87
Cd(OH),+2¢” — Cd+20H" —0.81
Cd**+2e”—>Cd —0.40
Ce™+3e” > Ce -2.48
Ce'+e - Ce™* +1.61
Cl,+2e”—2CI +1.36
ClO™+H,0+2¢” — CI"+ 20H" +0.89
ClO;+2H* +2¢" - CIO; + H,0 +123
ClO; +H,0 +2¢” — ClO3 +20H" +0.36
Co® +2e”— Co -0.28
Co* +e - Co™* +1.81

*+2e > Cr —0.91

2+ 14H+6¢” - 2Cr>* +7H,0 +1.33
Pt +3¢ - Cr ~0.74
Crt+e > Cr* —041
Cst+e > Cs -2.92
Cut+e —Cu +0.52
Cu**+2¢ — Cu +0.34
Cu?*+e — Cu' +0.16
Fy+2¢ —2F~ +2.87
Fe?'+2e” > Fe —0.44
Fe**+3¢” > Fe -0.04
Fe¥'+e — Fe** +0.77
[Ee(CN)g]* +e™ — [Fe(CN)g]*~ +0.36
2H +2¢ - H, 0, by definition
2H,0+2¢”— H,+20H" -0.83
2HBrO +2H* + 2¢” = Br, + 2H,0 +1.60
2HCIO +2H* +2¢~ > Cl, + 2H,0 +1.63
H,0,+2H" +2¢” — 2H,0 +1.78
H,XeOg +2H" +2¢” — XeO,+3H,0 +3.0

2¢" —2Hg +0.79
,+2¢" > 2Hg+2Cl +0.27

2" Hg +0.86
2Hg +2¢” — Hgl® +0.92
Hg,S0, +2¢” — 2Hg + 503" +0.62

L+26 -2
I+2¢ =31

In** +2e” — In*

In* +3¢ —In

In*" +e —In?

K'+e =K

La* +3¢" > la

Li*+e > Li

Mg +2¢” > Mg

Mn?** +2¢” - Mn

Mn* +e — Mn**

MnO, +4H* +2e~ — Mn* +2H,0
+8H" +5¢” — Mn2* + 4H,0
MnOj +e - MnO2™
MnO2™+2H,0 +2¢” — MnO, + 40H"
Na*+e” —Na
Ni**+2e” > Ni

NiOOH +H,0 + ¢ — Ni(Ol
NOj +2H* + ¢ —NO, +H,0
NOj +4H" +3¢” - NO +2H,0
NOj +H,0 +2¢” — NO; + 20H~
O, +2H,0 +4e” — 40H"
0, +4H* +4e” — 2H,0
0,+e& 505

0, +H,0 +2¢”— HO; + OH-
0,+2H"+2¢" = 0, +H,0
0,+H,0+2¢”— 0, +20H
Pb* +2¢" > Pb

Pb* +2¢” — Pb**

PbSO, +2¢” — Pb+ S0}~

Pt +2e”— Pt

Pu't+e — Put

Ra’ +2¢”— Ra

Rb*+e —Rb

S+2¢"— 8™

S,07 +2¢ — 2503

Sc* +3e" > Sc

Sn**+2¢ - Sn

Sn'*+2e” — Sn**

Sr¥*+2¢" > Sr

Ti** +2e" - Ti

Tt +e - Ti*

Tit' +e - Ti*

=R =l

U +3e U

UH+e 5 U

VH42e 5V

Ve 5V

Zn* +2¢" > Zn

,+OH
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Although the standard potentials are tabulated as for a half cell

I Ambv +2e ® 3I Amnv eqn. 4.8

ES,\ =0.
A

/1)

reaction, e.g.

53V

they should be understood as an abbreviation of the full reaction,

I, (aq)+H,(9) ® 3I'(ag)+2H"(aq) ean.4.9

4.2 Standard cell potentials as a function of half-cell standard

potentials

The standard cell potential of any given cell can be directly extracted from the standard

potential of their half cell reaction (table 4.1). Formally cells 4.3 and 4.4 are equivalent,

>@Amvi>@+ Amgv io_- Amgv >@O_Amvi>ﬂmv cell 4.3

Ag(s)|Ag" Amgv:_.im% nﬁmnvfu;mv - Pt(s)|H, (g)|H" Am_tn ngv:O_.AmQVT@QAmx\P@AmV

cell 4.4
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Consequently, the standard potential of cell 4.3 is simply

-E? = 0.22V-0.80V =-0.58V ean.4.10

(Ag*/Aq)

om__ = mﬁ>mo_\>@ cr v

Calculate the standard potential and standard reaction Gibbs energy of:

Pb(s)+2Zn(NO,),(aq) ® Pb(NO,),(ag)+2Zn(s) ean 411
Pb* (aq)+2e” ® Pb(s) LHsS  Zn*"(ag)+2e” ® Zn(s) RH.S
Pb(s)|Pb* (aq)|zn™ (ag)|zn(s) cel4s

ES, =E°

cell AN:NJ(\NJV

-EZ ,..q=-0.76V-(-0.13V}F- 0.63V eqn 412

(Po? /o)

Recalling DG® =-nFE_, (seeeqn.4.2)

cell

DG® =-2" 96485Cmol™ { 0.63VF 121.6 10°Jmol* eqn.413 g

Andthisone:  2K(s)+2H,0(1) ® 2KOH(aq)+H,(g)  eqn.4.14

K*(ag)+e ® K(s) LHS 2H,0(l)+2e” ® 20H (ag)+ H,(g) RH.S

K(s)|K" (aq)|oH (aq)|H, (g)[Pt(s) cel+s

o =E? - E2.,.,=-0.83V-(-2.93V) 2.10V ean 415

cell (H,0/0H) (k*/k)

DG® =-2" 96485Cmol™ (2.10V} - 405.2 10°Jmol* ean.4.16

r

And this one:  Zn(s)|ZnSO, (aq)| AgNO, (aq)|Ag(s) cell 47

Important: the standard potential remains unchanged even if the half cell reaction is
multiplied by a factor for balancing the number of electrons. This becomes clear from the

relationship: .
-+ _ DG

cell = = oF egn. 4.2
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4.3 Measurement of standard potentials

-

Pt(s)|H,(g)|HCL(aq) AgCI(s)|Ag(s) cell44

Pt

RH.S AgCl(s)+e” ® Ag(s)+ Cl(aq)

LH.s H"(ag)+e ® 1/2H,(9)

AgCl(s)+1/2H,(g) ® Ag(s)+ H'(aq)+Cl'(aq)

eqn. 4.17
The Nernst equation is given by:
La
E.i = E® - RT In %8 eqn. 4.18
AgCl/Ag.Cl F o \¥2
?._N\—u v
Adjusting PN = p° =1bar it follows:
RT
—_ ©
_mom__ ~ “agci/agcr F _JAm.I:wo_.v eqn. 4.19 59

Recalling the relationship between activity and concentration,
C.
= .Q_|A_w = .QU eqgn. 4.20
C

Taking eqgn. 4.19 and 4.20, it can be established,

E =E° -|_:Acv |_3A©Nv eqn. 4.21

cell AgCl/Ag.CI F

Finally, expressing the mean activity coefficient in terms of the Debye-Huckel limiting

law, egn. 4.21 yields 0.2300
N_Nn_u o Y2 .o..NNmo ..... ......... ......... .......
- eqgn. 4.22 I
_mom__ + F _JAUV AgCl/Ag,CI +Cb a _pmmmo. ....... .
b H H
where C is a constant. 8 o.mﬁmo
. . . m o.mmwo
Fig 3.2 Typical representation of E_, vs b used for m
estimating the standard potential of an electrode. In - Smﬂ
this example, b is expressed in molal scale. The Sﬁo “““““““““““““““““
intercept indicates: S
o ommmo ] 1
- =0.2232V 0 10 20 30 40 50 60

>@O_\>@_O_ (5110 °b°)"




In typical experiments, Ag/AgCI electrodes are rather

more convenient to use that hydrogen electrodes.

www.metrohm.com

4.4 Measuring mean activity coefficients

Using the same cell arrangement as in fig. 4.2 and cell 4.4, the mean activity coefficient

at a given b can be calculated once the cell potential is accurately measured.

° - E
_ AgCl/Ag.Cr
n(a.)= 2RT/F

cell _DAUV eqn. 4.22

The hydrogen electrode can be substituted by another reference electrode to simplify
the experimental arrangement. In this case, the standard potential of the reference

electrode should be introduced in egn. 4.22 61

4.4 Measuring solubility constants

Agl(s)® Ag'(aq)+ I'(aq) ean.4.23
The solubility constant K, is defined as, K, = a8 ean.4.24

Formally, there are no changes in oxidation states. How can electrochemistry be used?
The strategy is to consider eqn. 4.23 as an electrochemical cell reaction and identify

appropriate half cell reactions,

Agl(s)+e ® Ag(s)+ I'(ag) RHS
Ag‘(ag)+e ® Ag(s) LHS

>@Amvi>@_Ami>@;mvi>@ﬁmv cell 4.4

o RT
E.i =Ec - ﬂ_sﬁmﬁmﬂmf.v eqn. 4.25 62




At equilibrium, E_., =0

cell

« _RT _ o
cel |ﬂ_ixw_@v =B avngr " Engjag  can-426
96485cmol™*” (- 0.95V) A
K. =exp =8.56" 10

8.314JK™" 298K
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Summary

The potential of a cell at equilibrium is zero.

_ —cell

nFE?
In(K) = =

By convention, the standard potential of the half cell reaction:

H (aq) +e' ® Y2H,(g)  ED, =O

The standard potential of a cell is given by
E° =E° -E?

cell cathode anode

Standard cell potential allows calculating equilibrium constants
and activity coefficients 64




Previously on Electrochemistry

_Mom__
Q)
Oc muw
g
Rc ®
RT
—_ ©
mom__ - mom__ B nE _DAOV
- /
Y
©
g. _Am_o Reference electrodes

O/R
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Electroanalysis and devices

Potentiometric titrations
lon selective electrodes
pH electrodes
Battery and energy storage

Fuel cells
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5.1 Potentiometric titrations

Potentiometric titrations are based on the Nernst equation and conventional acid-base
titration relationships. For example, the concentration of Fe2*(aq) can be determined by

adding controlled amounts of Ce#*(aq) while monitoring the electrode potential.

cell O®h+

Pt Pt

cl | Salt Bridge ylw
T A O] Ce*(ag)+e ® Ce*(aq)
Fe3+ Ces* mwm?\Omf =1.44V
b 7 - Fe* (aq)+e” ® Fe* (aq)
HCl (aq) Fe2AnCe3* E’. o =0.771V
67

Addition of Ce4* will change the ratio of Fe2*/Fe3* and the potential at the electrode.

First, consider the changes in the potential upon modifying the concentration ratio,

Nernst E

cell

= _mww+ - In eqn. 5.1

e IFe?" F 1- x

1.0

O.m 1 1 1 1
00 02 04 06 08 1.0

X

Fig 5.1 Potential as a function of the relative Fe2+/Fe3*. 68




Considering each redox equilibria,

C_. F
Feo" — ©

c - mx_u mhmom: - m_nmw+\_nmm+v eqgn. 5.2
Fe?*

C_ 4 F
Ce — o

O - mxc mﬁmﬁ”m: = momb+\omw+v mgj. m.w
Omw+

And mass conservation,
O_um.w+ +O_umN+ HO_umN+< V +<m eqn. 5.4
Coprr TCL s HOOmf<m\ V +V, eqn. 5.5
onmN+ Initial concentration of Fe2* /ﬂ Initial volume of the Fe2* solution

69

the relationship between the cell potential and the added volume of the titrant (V,) is

given by,
1+ F E Ee° -
exp _N._.A cell ~ Omf\o%v c_.,.V F
< — Fe?" mx—u |Am - m¢ v egn. 5.6
a F o c RT \ el TRttt S
1+ exp _u~._|Amom__ ) m_nm,f:nm?v ce”
T T T ] 1 u | |
1.4t ~
1.2F "| Fig 5.2 Typical potentiometric titration
N curve of a Fe2* solution with a standard
5 1.0k 1 ce™
) —
V =10cm®
0.8F T
C_.. =C_ .
0.6 T
ﬁ 1 2 [ M [ i 1
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Potentiometric titration are extensively used in

industry as it can be set up fully automated.

5.2 lon selective electrodes (ISE)

ISE are composed of an inner
compartment with a reference
electrode separated from the
analyte solution by an ion

permeable membrane

Fig. 5.3 Diagram of an ion selective electrode [Girault 2005]. 71

The Galvani potential difference _Uw\ can be obtained based on the equilibration

of the electrochemical potential of the ion across the junction

A: Analyte
nf == f eqn. 5.7 M: Membrane
R: Reference

The Galvani potential difference,
\x-\>HA Rf _,\_v._.\A Mg >v eqn. 5.8

Recalling egn. 3.7, it follows:

M A
fR-f*=DFf =D ° R, p|m +B ° AL ﬁ|z
zF a zF a
RT &
DRF® @ DRf =——In —— egn.5.9
mi Q%n_ A ZF mﬁ
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A variety of materials can be used as ion
selective membrane for ionic species as

shown in the table 5.1.

Table 5.1. lon selective electrodes

commercially available from Metrohm.

wod"wyolsw' MMM
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5.3 pH electrodes

pH = -log m:+v eqn. 5.10

Pt(s)|H, A_OJ.I+ Am_a npv:_._N ?J__.ﬁ Amgvfuimv cell 5.1

it follows, Eqe =-—1In(a, ) =———pH e 511

Despite the simplicity of egn. 5.11,
hydrogen electrodes are not
convenient for routine experiments.
These are typically performed with

the so-called glass pH electrodes

Fig 5.4 Scheme of a Glass pH electrode 74
[Girault 2005]




The general cell arrangement can be represented as:

Ag(s)|AgClI(s)|KCl Aw.m moldm? v:

|analyte Am_a v

Q_mmm_ buffer AW_MW:Q v

NacCl Ao.ﬁ:o_ O_B-wv

AgClI(s)|Ag(s)

cell 5.2

Fig. 5.5 lonic equilibria in a
glass electrode [Girault 2005].

The ionic equilibria can be expressed in similar terms to those for ion selective
electrodes. However, transport dynamics and non-uniform properties of the hydrated
glass can affect the expected Nernstian response of the electrode. This approach

requires calibration with standard buffer solutions. 75

5.4 Batteries and electrochemical energy storage

One of the most widely used battery was initially developed by George Leclanché in
1866.

Zn(s)|Zn* ,NH,Cl(aq)[MnO, (s),Mn,0, (s)|C(s) cell53

Zn(s)+2MnO, (s)+H,0 ® Zn*+ 20H (aq)+Mn,O, (s) ean-5.12

E., =155V

cell

The process at the anode are not fully
reversible, so these batteries cannot be

recharged

http://www.baj.or.jp

Fig. 5.6 Diagram of a Leclanché battery. 76




Replacing the electrolyte in Leclanché’s battery by an electrolyte containing KOH led to

the development of the alkaline batteries. The cell reaction can be written in two forms:

Zn(s)+2MnO, (s)+H,0® Zn(OH), (aq)+Mn,0,(s) ean.513

Zn(s)+MnO, (s) +H,0 ® ZnO(aq)+MnO(OH)(s) ean 514

Fig. 5.7 Schematic design of an
alkaline battery

http://www.baj.or.jp
Some of these batteries have been designed to be rechargeable. The essential redox
chemistry is the same, but materials and composition have been optimised for control

recharging. 77

In 1859, Gaston Planté pioneered another technology of tremendous impact, the so-

called lead accumulator (lead-acid battery).

Pb(s)|PbSO, (s)[H,SO,|PbSO, (s),PbO, (s)|Pb(s) cells4

R.H.S
PbO, (s)+3H,0" (aq)+HSO, (aq) +2e ® PbSO,(s)+ 5H,0(l)

eqn. 5.15
L.H.S

PbSO,(s)+H,0" +2e” ® Pb(s)+HSO, (ag)+ H,0(l) ean.5.16

The concentration of H,SO, is typically 2 mol dm-3. These batteries are generally
composed of six stacked cells generating 100 A h and current of 400 to 450 A during

few seconds.
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Fig. 5.8 Schematic representation of the
working principle of a lead acid accumulator
[Girault 2005].

Fig. 5.9 Schematic design of a
commercial lead-acid battery.

www.offroaders.com/tech/Battery-Tech.htm
79

For more portable applications, batteries commonly known as Ni-Cd are frequently

used,

Cd(s) +2NiO(OH)(s)+H,0 ® 2Ni(OH), (s)+Cd(OH),(s) ean 517
RH.S NiO(OH)(s)+H,O+e ® Ni(OH) (s)+OH ean. 518
LHs Cd(OH) (s)+2e” ® Cd(s)+20H ean. 5.9

E., =13V

cell

Fig. 5.10 Schematic diagram of a
Ni-Cd battery.
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The most popular battery in the consumer electronics industry is the Li ion (or Li
insertion) battery. These cells are not powered by conventional redox process but by

ion-transfer type reactions. Typically, the anode is made of carbon and the cathode of a

metal oxide.
; ; ; Table 5.2 Cathodes and voltages in
_|_H.xOOON + _|_xOm ® Om+ _|_NOOOM eqn. 5.17 Li ion batteries
Cathode Ecat/ V
LiCoO, 3.7
LiMNnO, 4.0
£ LiFePO, 3.6
5
http://www.baj.or.jp
Fig. 5.11 Charging/discharging Fig. 5.12 Typical design of a Li* 81
process in Li-ion batteries. battery
5.5 Fuel Cells

These devices represent the best alternative to fossil fuel for the transport industry. The

Hydrogen fuel cell

Cathode O, (g)+4H" +4e” ® 2H,0
Anode H'+e” ® 1/2H,(g)

E., =1.223V

cell

http://p2library.nfesc.navy.mil/index.html

http://videos.howstuffworks.com/howstuffworks/182-how-fuel-cells-works-video.htm
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Summary

Potentiometric titrations provides a simple and versatile approach to
guantifying redox species in solution

Incorporating ion selective components to membranes, highly specific
potentiometric sensor can be built

The beating heart of any type of batteries involves electrochemical
reactions. Standard representation of cells can be used to describe
batteries.

Fuel cells are based on the oxidation of H, and the reduction of
oxygen at the anode and cathode, respectively. The product of this

reaction is H,0.
83

Giants of the day

George Leclanché Gaston Plante Christian F. Schonbein
French Engineer French Physicist Swiss Engineer
1839 — 1882 1834 — 1889 1799 — 1868

(Zinc-Carbon Battery) (Lead acid battery) (Fuel Cells)
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The Electrochemical Double

Layer

The metall|electrolyte junction

The Helmholtz layer model

The Gouy-Chapman model

The Stern Model
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6.1 The metallelectrolyte junction

The metallelectrolyte interface exhibits a complex structure in which several regions can

be identified,

IHP OHP .
Solvated Anion The inner Helmholtz plane (IHP) — solvent

Metal

surface \ molecules and specifically adsorbed ions in

direct contact with the metal surface.

The outer Helmholtz plane (OHP) — plane of

closest approach of solvated ions. The region

between the OHP and the metal surface

corresponds to the Helmholtz layer.

The diffuse layer — region containing ions in

thermal motion counterbalancing the charges at

the metal surface. 87

.
L4 < »

diffuse layer

This oversimplistic view allows obtaining useful relationships involving the potential
distribution across the interface, the charge at the metal surface and the concentration of
ionic species. More realistic models based on Molecular Dynamics can provide more

“accurate pictures” of the interface.

Fig. 6.1 Molecular dynamics illustration of the double layer in the presence of 3 M NaCl

solution. The charge on the electrode is —1mC cm=2 [Girault 2005]. 88




5.2 The Helmholtz layer model

This model establishes that the charge at the metal surface is compensated by a “fixed”
sheet of ions located at the outer Helmholtz plane.
The Helmholtz layer can be represented as a

parallel plate capacitor.

The potential drop across this layer (Df,,) and

the capacitance C are given by,

Fig. 6.2 Schematic representation Df,, HMQI eqn. 6.1
of the Helmholtz layer model [Atkins e
2002].

e
C, = & eqn. 6.2
d, 89

Experimental results revealed that C,, = 29.5" 10 F cm? for the Hg|KF(aq) interface.
Taking the thickness of the Helmholtz (water) layer d, = 300 pm, it follows from eqn. 6.2
that € ~ 10. The value of bulk water at 298 K is ¢ = 78. This results suggests that the

water molecules have a different structure in the Helmholtz layer!

Fig. 6.3 Fluctuating density profiles of water in contact with a Pt
surface from Molecular Dynamic simulations [Benjamin 1996].
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5.3 The Gouy-Chapman Model

In this model, the electrostatic charge is counterbalanced by a dynamic ionic

atmosphere extending over a certain distance from the electrode. The Gouy-Chapman
model resembles the Debye-Hiickel theory described in lecture 2 for estimating activity
coefficients. The main assumptions underpinning this model include:

Interactions are purely electrostatic

lons are punctual charges

The electrode surface is an infinite flat plane with a homogeneous charge density sM

lon distribution can be described by the Boltzmann equation:

) zF

mA\Axv- f mgv eqn. 6.3

c,(x)=c (aq)exp

Bulk concentration

Fig. 6.4 Schematic representation
of the Gouy-Chapman model
[Atkins 2002]. 91

The solution to this problem for monovalent electrolytes (e.g. NaCl) yields:

Sy = /\mooop (aq)RTee sinh %Uw\_n\ eqn. 6.4

Egn. 6.4 establishes the link between the charge at the metal surface, the potential

across the interface and the concentration of ions in solution.

(M — fad) [ V/

sM/Ccm2

Fig. 6.5 Potential drop in the diffuse layer as a function of the charge at the electrode for

different concentrations of an 1:1 electrolyte [Girault 2005]. -




It can also be obtained,

where £ is the inverse of the Debye length familiar from the Debye-Huckel theory (eqn.
2.15),

_ 2000F” ~_ 2000F

c.(a 2.
eeRT °© eRT (aq) eqn.2.15

\ﬂm

For fully dissociated 1:1 electrolytes, the ionic strength |, = ¢,. Eqn. 6.5 can be further

simplified to the star equation of the day,

Potential drop across the diffuse layer

f(x)=DYf exp(k x) ean. 66

93

DY =100mV

f(xX)/ mVv

X/ nm

Fig. 6.6 Potential distribution for different concentrations of a 1:1
electrolyte solution. Continuous lines are estimated from eqn. 6.5 while
the dashed line corresponds to egn 6.6 [Girault 2005].
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Taking the potential distribution and eqgn. 6.3, the concentration profile of ions across the

interface can be estimated

M —_
U%\ =100mV Fig. 6.7 lonic concentration profile

as derived from the Boltzmann
distribution [Girault 2005].

c,(ag) =0.1moldm

Finally, the capacitance of the Gouy-Chapman layer (C.) corresponds to:

M 2000c. (aq) eeF*? FD" 7
Coc = Q.m._,\_ = _A Qv i cosh —2— eqn. 6.7
d (Dl7) KeT 2RT

95

Egn. 6.7 describes a parabola which minimum is the potential of zero charge (pzc). At

this potential, the charge of the metal (and in the electrolyte side) is zero.

Fig. 6.8 Differential capacitance of
a mercury electrode in a KF
solution (pzc = —0.433V) and the
corresponding Gouy-Chapman
capacitance (egn. 6.7) [Girault
2005].
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6.4 The Stern model

The experimental results in figure 6.8 clearly show that the GC model is not a good

approximation at potentials away from the pzc. A more accurate description can be

obtained by combining the GC and Helmholtz model. This is the so-called Stern model.

Fig. 6.9 Schematic representation of the Stern model of
the double layer [Atkins 2002].

In this model, the double layer capacitance is given by the

series combination of the Helmholtz and GC capacitances

1 1 1
+ eqn. 6.8

08_” OI OOO

Egn. 6.8 indicates that the smallest capacitance provides

the largest contribution to the total capacitance (C,,).
C, C 97
H GC

The Stern model predicts that as the concentration of the electrolyte increases:
The thickness of the diffuse layer decreases
The Gouy-Chapman capacitance increases

The total capacitance is determined by C,,

Helmholtz
layer

150p—————

Fig. 6.10 Potential distribution across
the double layer as predicted by the
the Stern model.

100

1:1 electrolyte
0.010

0.025

0.100 mol dm-3
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50F % v

~
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According to this model, the values of C,, can be obtained at high electrolyte

concentrations where C,;, C,,. For low electrolyte concentrations, the total capacitance

is estimated from eqns. 6.7 and 6.8.

Fig. 6.11 Comparison of the experimental and calculated capacitance using egn. 6.8
for a mercury electrode in a 0.001M KF solution. C,, is obtained from the experimental

curves in 1M solution of KF (Fig. 6.8) [Girault 2005].
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Summary

The Helmholtz model considers that the whole charge compensation is
done by the ions located at the outer Helmholtz plane (sheet of charges).

Linear potential drop.

The GC model describes a diffuse layer of ions generating an exponential
drop of the interfacial potential. As the concentration of the ions increases,

the potential drop becomes sharper.

The Stern model establishes a series combination of the Helmholtz and
diffuse layer. At low ionic concentrations the C;. dominates near the pzc.

At higher concentrations the C,, dominates the total capacitance.

100




Giants of the day

Hermann Ludwig Ferdinand von Helmholtz Ludwig Eduard Boltzmann
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Giants of the day

Louis Georges Gouy David Leonard Chapman Otto Stern
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