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1. 2412 &I|3st0|2: Fundamentals of Electrochemical Theory of Wet
Corrosion = 5F Xt Z2UHM HS

(» As with dry corrosion, wet corrosion reactions are only possible if
the free energy of the products of reaction is lower than the free
energy of the reactants. This is the case, however, for the reaction
of nearly all metals with water and oxygen to give metal hydroxides:

M+ HyO()—M(OH),(s)

, for example.
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Electrochemical or redox reactions are tremendously damaging to

modern society, e.g.—rusting of cars, etc:

anode: Fe— Fe*" + 2e”
cathode: 0,+ 2H,0+ 4~ >4 OH" Eppp =+0.40
net: 2Fe(s)+ 0,(g) + 2H,0(1)>2Fe(OH),(s) £, = +0.84
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CORROSION IS A TWO-STEP PROCESS

0 Fe —» Fe? + 2e-

Fe atom at metal surface dissolves into
moisture film, leaving negative charge
in metal.

Corrosion continues as a depolarizer
removes electons from metal.
Common depolarrizers are :

0, + 4H,0 — 4e + 40H"

2H* + 2e > H,
cation of more-noble metal

Cu**+2e — Cu

In+2H —Zn*" + H, —@
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2. &8 ®H 0l=2: Evans &=E (Mixed Potential Theory: Evans

S Evans diagram (or Wagner—-Traud diagram: E vs log i/ig) & &
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3. IS0 Z28& Z2Al9] gASt (Pourbaix diagram)=2 (02
Marcel Pourbaix (1904-1998, p. 52 AI&l 2% Cebelcor, Belgian
Center for Corrosion Study)Jl HMAIES=Z AHe|ol¥S.

POURBAIX DIAGRAMS

Phase diagrams for corrosion scientists!
Nernst equation again... (different notation)

The Pourbaix version

+
e=e0 4 0'059111 [Mln ]
n [M E’H‘] at 25°C (standard)

Now pH is defined as pH = -log(H")

.. for the hydrogen half-cell
- relationship between pH and electropotential
(corrosion susceptibility of a system):

0
2 = —
€ orim, =Cum i, 0.059 pH
- a simple linear relationship

The basic electrochemical reaction — 2H' + 2¢” — H, is only valid for

low pH values. For wider pH range — need OH- to balance it:

ie. 2H,0+2¢ — H,+20H {al

However, €., = 6;— JH, 0.059 pH still holds as nothing has
formally inbalanced the electrochemical reaction

so — simple linear relationship for hydrogen production v. pH at all
pH values

From {a} — electrochemical evolution of H, requires decomposition of
H,O0 i.e. for water to be thermodynamically unstable



Mechanism:

In an acidic aqueous corrosion system (low pH)
H' consumed by 2H' +2¢ — H,
. H' is used up thus increasing pH
increases until {a} is invoked and water consumed

Now, as potential becomes more noble (positive)

Then
0, + 4H + 4¢ — 2H,0 becomes thermodynamically more stable

which, at higher pH becomes O, + 2H,0 + 4e” — 40H"

_ 0
Under standard conditions: €0,/ 1,0 =0,/ 1,0 ~ 0.059pH {b}
again — linear and simple

This gives enough information for a simple Pourbaix diagram
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below line {a} — water is unstable and must decompose to H,

- above line {a} — water is stable and any H, present is oxidised to
H' or H,0

- above line {b} — water is unstable and must oxidize to give O,

- below line {b} — water is stable and any dissolved O, is reduced
to HgO

3 regions:

upper: - H,O electrolysed anodically to O,
lower: - H,O electrolysed cathodically to H,
middle: - H,O stable and won’t decompose

This example — basic oxidation/reduction reactions for aqueous systems

Can be superimposed on a metal one to give a corrosion system!
- will show under what conditions, a metal will corrode



O, and H, evolution regions in
Pourbaix diagram — PD for H,O

Evelution of O,

0,+4H" +4e =2H,0
or
0,+2H,0+4e = 40H
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Fig. 9.47. The equilibrium potential difference

of an oxygen—hydrogen cell does not depend on

the pH and can be obtained at any pH as a dif-
ference between the two lines in the figure.

-0.8- Evolution of H,




