Chemical vs. thermodynamic reversibility

* Chemical reversibility: if reversal of the cell current solely results in a reversal of the cell
reaction, a process is termed as chemically reversible. Conversely, if current reversal causes
the appearance of different electrode reactions and/or leads to a different net reaction, a
process is termed as chemically irreversible. The same distinction applies for half-cell
reactions.

fast
Es. ArX+ le — ArX*~ — Ar*+ X~

The observation of chemical irreversibility / reversibility may depend on the experiment timescale!!

 Thermodynamic reversibility: a thermodynamically reversible transformation is reversed by
an infinitesimal reversal in a driving force, since it proceeds through a series of equilibrium
states.

In electrochemistry, an electrode reaction following the Nernst equation (termed as nernstian)
is often said to be thermodynamically or electrochemically reversible



The Electrochemical equilibrium: Nernst equation

aOx, + bRed, == aRed, + bOx,

aOx, +ze~ == aRed, bOx,+ ze~ =bRed,
by . b
W. H. Nernst (1864 — 1941) RT  agp, - RT a0x2
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Nernst equations for the two half-cell reactions (equilibrium)
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The formal potentials

Ox + e~ = Red
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Formal potential

* incorporates the terms for E? and the activity coefficients of the species involved in the
process (y are typically unknown)
* Dependent on the ionic strength of the medium



Gibbs free energy and cell electromotive force (EMF)

aOx, + bRed, = bOx,+ aRed,

AG=-n-F-E. | AG'=—-n-F-E), (a=1)

Electromotive force (EMF) of the cell reaction (galvanic cells): potential difference between
the two half-cells, measured under reversible conditions, at zero current (open-circuit)

Ecell <0 AG > 0 Non-spontaneous cell reaction

Ecell >0 ANG <O Spontaneous cell reaction

The larger the value of E_,,, the larger is the tendency of a cell reaction to proceed



Gibbs free energy and cell electromotive force (EMF)

 EMF is a directional quantity and is related to the cell reaction (not to the physical cell)
* |t depends on the concentration of the species involved and on the nature of the
electrodes
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Standard reduction potentials

TABLE C.1 Selected Standard Electrode Potentials
in Agueous Solutions at 25°C in V vs. NHE?

Reaction Potential, ¥ Reaction Potential, V pait & 7e = Pd ) 0.915
AgT +ewm Ag 01,7991 2H" + 2e=H;, 00,0000 PPt + 2e =Pt 1.188
AgBr + e = Ag + Br 0.0711 T a0 T Je—=M, T 20H ~0.828 PICI; ™ + 2e == Pt + 4Cl~ 0.758
A Hi0s + 2H" + 2e =2 2H,0 1.763 PtCIE~ + 2e = PtCIE~ + 2C1° 0.726
ApCl + e == Ag + (I 0.2223 6
Agl + o= Ag + 1 01522 zﬂgi’f + 2e = Hgi’ 0.9110 Ru(NH;;" + e = Ru(NH3); " 0.10
AgsO + HyO + 2¢ = 2Ag + 20H" 0.342 Hg3™ + 2¢ = 2Hg 0.7960 S+ 2em2§t —0.447
AP* + 30 22 Al 1676 Hg.Cl, + 2e = 2Hg + 2C1° 0.26816 Sn*t + 2e =2 Sn —0.1375
Aut +e= Au 1.83 Hg,Clp + 2e# IHg + 2C1 (sar'd. KCI) 0.2415 Sn*t + 2e = 80" 0.15
Autt + 20 2 At L9 HgO + H,0+ 2e = Hg + 20H~ 0.0977 TI" +e=Tl ~0.3363
p-benzoquinone + 2H" + 2e = hydroguinone 0.6992 HgS0, + 21‘__’ 2Hg + SO1- 0.613 TI" + e = Ti(Hg) ~0.3338
Braiag) + 2e = 2Br- 1.0874 [y +2e=21 0.5355 TP +2e=T1" 1.25
Cal* + 20 = Ca —2'34 I +2e =31 0.536 U + 32U —1.66
Cd** +2e=20Cd ~0.4025 K*+e=K —2.925 Ut + ez U —0.52
Cd?* + 2e = Cd(Hg) 0.3515 L7 +ewLi —3.045 UOj +4H" + e=U"" + 2H,0 0.273
Ce** + o2 O™ . Mg®" + 2e = Mg ~2.356 UO3* + e =2 UO; 0.163
’ Mo’ + 2e= M -1.18 N —
Cly(g) + 2e = 2C1° 1.3583 NI 4 e A2 s VIt 4 2=V —113
t ol = : e g2 _
HC_’[P + H" 11?1—1(:'.3 + HyO 1.630 MnO, + 4H+ f e = Mnlt + H,0 1.23 W . e?d.—‘:" . 0,255
Co*t +2e=2Co —0.277 Moo= + 8H* + Se 2 Mn?* + 4H.0 L5t VO + 2H" + ez V' + Hy0 0.337
Co'™ + e = Co?! 1.92 s e . ' VO; + 2HY + e = VO™ + H,0 1.00
C;Dz+ 2 . C n‘m Na® +e=xNa ~2.714 %3 e 3 .
ET]_'.,+ N :"-‘—(: zr_ -4.‘4 Ni2+ + e = Ni - ﬂ,ﬁ? n +2e=2dn =, TA26
pugipie i:mr- + e 2 20 c"q* Ni(OH}, + 2e = Ni + 20H~ —0.72
k05 220r" + THO 1.36 0, + 2H" + 2e = H,0 0.695
Cu® +e=Cu 0,520 : -
L e - O, + 4H" + de = 2H,0 1.229 " .
Cu®* + 2ON™ + o = Cu(CN); 112 O+ 0 + de = 4OH- 0.401 From Bard, Faulkner, "Electrochemical Methods. Fundamentals and
N 2 2 = . . . .
g:i_ + ;r_’c;* g.;ig Oy + 2H" + 26220, + Hy0 2,075 Applications", Wiley, 2001
+ 2e=Cu . 7+
Ph?* + 2¢ = Pb 0.1251
2+ El
g“3+ * ZEF‘EC:’EHE} 3-2:5 Pb2* + 2¢ = Pb(Hg) ~0.1205
(1} "'Eii (1 —I},3f —_— ——— - —_ i P P
1/2F, + H* + ¢ 22 HF 3,053
Fe!' + 2e 2 Fe —0.44
Fe'™ + ez Fe' 0.771

Fe(CN)i~ + e = Fe(CN)3~ 0.3610




The interfacial potential

Conducting phases

Metal * Changes in the charge distribution inside or
o around a phase induce changes in its
M — potential
iy : * The charge carriers of a conducting phase
¢ (metal) operate in a way to fully distribute
q ~ changes in its excess charge over the entire

phase boundary (q™)

 The inner part of the phase experiences a
constant potential, ¢



The interfacial potential

Conducting phases

Metal Electrolyte

N

oM - o+ T

Electrostatic interactions between two
conducting phases (M/S) in contact to each
other (excess of charge causes inter-dependent
potential changes)

The excess positive charge in the electrolyte (g°)
exactly counterbalances g™ and resides at the
metal-electrolyte interface (double layer)

(M - @°) is called the interfacial potential
difference and depends on the charge
imbalance at the M/S interface and the physical
size of the interface



The inner potential (¢)

vacuum

Conducting d)a
Phase a < @

AN o0

infinity

Inner potential or Galvani potential (¢®): the work required to bring a unit point charge (“test
charge”) from infinite distance to a point inside a conducting phase a.

It represents the electrostatic potential experienced by a charged particle inside the phase



The outer potential ()

vacuum
Conducting
Phase a 4 ©

N e e

infinity

. Near-surface region

Outer or Volta potential (?): the work required to bring a unit point charge from infinite
distance to a point outside the surface of the phase (very close to the surface, = 10 - 1073 cm)

This potential is purely determined by the charge on the electrode (and independent on
distance).



The surface potential ()
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Dipole or Surface potential (x*): the work required to bring a unit point charge just across the
oriented dipole layer at the surface of an uncharged electrolyte (and an uncharged metal).



Potential difference at the electrified interface
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Potential difference at the electrified interface
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Chemical vs. electrochemical potential

o 0G
K* = chemical potential Wi =\ 5
L T,p,njil-
m : . —, 0G
KL = electrochemical potential uf = P
L T,p,njii

W =Wcnem + Wey ‘ E = Gepem + Ge

s/ \

Chemical work  gloctrical work Electrochemical Gibbs free energy



The electrochemical potential

ui = ui + z,Fd%*= ui + z; F (Y *+x%)
\ ) \ )
Y Y

Carica X Potenziale elettrico

K" = W for uncharged species K* = % for a pure phase at a = 1
L a o
ow;  ou; . 0¢
0x 0x 0x \
/ \4 Gradient of electric potential

Gradient of electrochemical Gradient of chemical (migration)
potential potential (diffusion)



The electrochemical potential and the equilibrium

T"iM =_|'lis

at metal-solution interface

Interface in thermodynamic equilibrium —_—8
(o and B phases) Hi =K ‘

Ox*+ne M = Red?®
Ox _

S s M-, S
“Ox + nl“le - |“I‘Red

Red (Mox” +20,F °) + (KLY —F V) = (Kgey” + ZpedF D°)

For any species in phase a:  p® =p;°*+RT In a;*

For electrons in metal (z=-1): p,V = u, " -F p M



The electrochemical potential and the equilibrium

(Mo, 22 +RTIna,’ + 25, F d°) + n(U M —F dM) = (Mgoq?° + RT In Qg ° + 2z 4F 3)
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Electrode potential




An example

0 | Pt Fe(CN) >~ + e~ = Fe(CN)*
/
/ S - _
Meey” + He” = Meeqy®
Fe(CN)¢> (l‘-Fe(m)S + 3F ¢S) t (ueOM —F d) M ) = (“Fe(u)s + 2F CI)S)
Fe(CN)*

(Keey 2 + RT In[Fe(CN) > ]+ 3Fd°) + p 2V - Fd M =

= Hreqy 5 + RT In [Fe(CN),*] + 2F°)



An example

- ) Pt , . o [Fe(CN)]
/ (p'Fe(III) THe ™~ Hreq) ) +RTlIn 4— )
\ ) [Fe(CN)4+ 1
Y
1 0
Fe(CN)g> Au =F "V - 3Fd°+ 2FP°
Fe(CN) 4+
Ap® RT  [Fe(CN)>]
(VM —d’)= —— + — In i
F F [Fe(CN)* 1]

Nernst equation for a single electrode-solution interface



The Electron Work Function (®)

Energy involved in the ejection of an electron from the
Metal  Near-surface region metal to a point “just outside” the surface

vacuum

— O b X =M Py

/

) Short-range chemical / Dipole or electrical
Metal work function

interactions effects

®Mare fingerprints of a given conducting material (metal,

Binding forces ,
semiconductor...)

* W2 is called the Fermi level and corresponds to an electron energy E*

* Electrical equilibrium for an inert metal in contact with a solution is given by matching of
the Fermi levels of the two phases, EM=E.°
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