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Abstract - A metallic material is very seldom in chemical 
equilibrium with its surroundings; it corrodes. The most im- 
portant form of corrosion is the atmospheric one. This is not 
a simple oxidation but a complicated electrochemical process 
takina place in a liquid interphase covering the solid nate- 
rial. It is nostly governed by small amounts of pollutants 
like SO2 and NO2, and in industrial environment also by C12 
and H S. In such surroundings even materials covered with gold 
corroie forminu complexes like AuC14- etc. 

The atmospheric degradation of iron and steel costs the soci- 
ety enormous sums of money each year. This paper will there- 
fore concentrate on sulphur dioxide induced iron corrosion. A 
laboratory experiment shows that for each SO2 molecule adsorb- 
ed onto an iron surface, 60 iron atoms are oxidized into cor- 
rosion products. The process might be interpreted as an elec- 
trochemically governed reaction triggered by S02. 

The electrochemistry of iron and iron oxides as investigated 
by equilibrium studies, potentiodynamic studies both in active 
and in passive states, impedance measurements, and ESCA will 
be discussed. Finally a semi-quantative nechanism for the cor- 
rosion is given. SO2 breaks the passivation of the iron sur- 
face and., iron ions leave the surface until oxygen passivates 
it again. 

INTRODUCTION 

Corrosion is Greek for "gnawing". An agent gnaws away at a solid material, 
most often a construction metal. This "gnawing agent" is most often a solu- 
tion and it is the properties of this solution which determine the type of 
corrosion. 

Between the solid phase and the solution phase there is a zone, called an 
interphase. It is the properties of this interphase which will be the focus 
of this paper. 

CORROSION A N D  EQUILIBRIUM 

For a long time the so-called Pourbaix diagram has been an important tool 
in determining the ultimate state not only in a corroding system but, on the 
whole, in inorganic chemistry. 

In a two-dimensional diagram, Fig. l.a, the ordinate represents the redox po- 
tential while the abscissa represents the p H .  The different fields as shown 
in the diagram represent areas where a defined species dominates. It is of 
course possible to let a third and a fourth axis represent the concentration 
of different ligands but this is seldon done for obvious practical reasons. 
Instead a fixed molar relation between two elements is prescribed. 

Figure 1.b exhibits another type of diagram. The logarithm of the relative 
activities is plotted aqainst the pe or redox potential. At high redox poten- 
tial and in acidic solution, copper is oxidized into copper(I1) ions. At low 
potentials copper(1) sulphide is formed. Copper between these two potentials 
is thermodynamically stable. This diagram has been the basis for the Swedish 
solution to the problem of nuclear waste(ref.1). The nuclear waste is storedin 
copper canisters, which are surrounded by a redox buffer with a redox poten- 
tial of -100 mV. At this potential the copper metal is thermodynamically 
stable. 
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Fig. 1.a. Pourbaix diagram for the Fig. 1.b. Redox diagram for the system 
iron and water system at 25OC. Cu-H20-C1--C0 3 2--S042--F- 

at 25OC, pH=D.5 (ordinary water). 

ATMOSPHERIC CORROSION 
The Pourbaix diagram is most valuable in identifying the state of equilibrium. 
However, a corroding system is never in equilibrium or even close to equi- 
librium. In fact, the kinetics of the corrosion process is generally of much 
more value than the ultimate state. This paper will concentrate on the de- 
scription of just one type of corrosion, namely atmospheric corrosion. One may 
consider this to be a vain attempt as the title of this paper is: "Solution 
chemistry and corrosion". 

Actually, atmospheric corrosion always occurs when a liquid phase is adsorbed 
onto a metal or onto corrosive products. In the absence of water vapour pres- 
sure, i.e. at low humidity, no corrosion or a very slow corrosion can be per- 
ceived. Atmospheric corrosion is not a simple oxidation. In fact, it is con- 
trolled by small amounts of air pollutants such as sulphur dioxide, nitrogen 
oxide etc. 

The adsorption of radioactive sulphur dioxide onto the most inportant con- 
struction metals - iron, zinc, copper, and aluminium - has been measured as a 
function of time. Depending on the pretreatment of the samples ail of them 
were covered by a very thin oxide film, Fiq. 2 (ref. 2). 

Aluminium metal adsorbs sulphur dioxide onto its surface to a small extent. 
Moreover the adsorption terminates when the surface is covered by a one- 
molecular thick layer of sulphur dioxide molecules. Sulphur dioxide is ad- 
sorbed onto zinc and copper in quite a different way. The adsorption follows 
a parabolic rate law. Such a rate law is found when the corrosion products 
form a diffusion barrier between the metal and the corrosive solution. The 
thicker the barrier, the slower the reaction. It can easily be shown that the 
corrosion products contain a little more than one metal ion per sulphur atom; 
in fact they consist of basic sulphates. 

The adsorption of sulphur dioxide onto iron is less trivial. As can be seen, 
it goes through an induction period but accelerates then up to a constant 
value, Fig. 3. It is the gas phase limited diffusion which determines the ad- 
sorption rate. 

Moreover the corrosion products are not sulphates but iron oxide hydroxide, 
FeOOH(s), Fig. 4,(ref. 3). It can be shown that about sixty iron atoms are 
oxidized due to the adsorption of one single sulphur dioxide molecule. As- 
suming relevant deposition velocities, the corrosion in laboratory and field 
tests can be compared. As is evident, the results agree well, Table 1 (ref. 4). 
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Fig. 2. Adsorption of sulphur 
dioxide onto polished metal samples 
as a function of time; relative 
humidity 90%. 
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Fiq. 3 .  Adsorption rate of sulphur 
dioxide onto polished samples of 
iron as a function of tine and 
relative humidity. 

Fiq. 4. Weiqht increase of steel 
samples exposed to 1 ppm SO2 at 
different flow rates. SO2 supplies 
are given in the figure. Relative 
humidity was 96% and the tempera- 
ture was 22.0Oc. 
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TABLE 1. Comparison between laboratory and outdoor atmospheric corrosion of 
carbon steel. 

Exp. Corrosion in laboratory exneri- Calculated corrosion rates from our 
ments expressed as metal l o s s  modified version of Haagenrud’s cor- 
per month ( g  Fe rn-2 nonth-I) relation ( g  Fe 17-2 r?onch-l) 

1 44 62 
2 71 92 
3 78 169 
4 128 156 
5 196 327 
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Gold is nowadays a common contact material used i.e. as electrical switchesin 
computers. However, in an industrial environment even gold corrodes. In atmo- 
spheres containing small amounts of N02, S 0 2 ,  C 1 2 ,  and S02,qold catalizes the 
formation of sulphuric acid, which is detrimental to other materials, but not 
to the qold itself, Fig. 5 (ref. 5). 
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Fig. 5. Formation of I12S04  on a gold surface. 

However, in a surrounding contaminated by small amounts of NO2 and C 1 2  gold 
is oxidized into tetrachloroauric acid, which precipitates onto the gold sur- 
face, Fig. 6. 

IRON A N D  IRON OXIDE ELECTRODES 

The unusual stoichiometric relationship I S 0 2  <-> 60Fe show that the sulphur 
dioxide induced corrosion of iron is of electrochemical oriqin. Iron in an 
oxygenated environment is always covered by an oxide film. It can thus be 
worthwhile not only to study the iron metal but also the iron 0xif.e as an 
electrode. 

Still the most efficient way to study electrode kinetics is the potentio- 
dynamic method. Three electrodes are used: a working electrode consisting of 
the material you wish to study; a measuring electrode by which the electrode 
potential is measured at the surface of the workinq electrode: and a counter 
electrode. The current passing through the system, through the working and 
the counter electrodes is measured, Fig. 7. 

Rotating Disc Electrode (RDE) . .  

I lFe 

I : ,+-:::-:I:/-! I__ J-a I 
Glass frit 

Fig. 7 .  Cell for rotating disc electrodes. 



Fig. 6. Pure gold exposed to 500 h in 0.05 ppm C 1 2  + 0.5 ppm N 0 2 ,  
80% relative humidity, enlargement 60 x. 
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Fig. 8. Dissolution paths of maq- Fig. 9. Equivalent circuit. 
netite in acid media in the region 
of its free potential. 

From plots of the current or the logarithm of the current versus the measured 
potential at the working electrode, the mechanism of the kinetics of the elec- 
trode process can be evaluated, Fiq, 8 (refs. 5,6,9). 

The connection between the current and the electrode uotential quite often 
follows t k  But lcr-Volrner equation : 

For a material not far from the equilibrium or corrosion potential, the equa- 
tion can be written as a Tafel equation: 

log i = 2 + a b 
When the potential between the electrode and the solution is chanqed, the 
electrode will be charged at the same time as the current is flowing. In a 
way it is the problem of a leaking condensator, Fiq. 9. 

Measurements of the impedance can give valuable information about the pro- 
cesses taking place in the interphase. However, the data is generally hard 
to interpret. 

Direct spectroscopic evidence about species in the interphase is difficult to 
find. Elipsometric measurements are possible as well as enhanced Raman 
spectroscopy. Sometimes ESCA measurements of the dried electrode surfaces can 
produce interesting results. 

Figure 1 0  exhibits the connection between the current density and the elec- 
trode potential for an iron electrode pre-etched in the solution (ref. 6). 
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Fig. 10. Polarization curve for pure iron in 1 M(Na+H)C104 
for pH=3.  The experimental curve ( e )  is compared with 
theoretically calculated curve (11 for anodic dissolution. 
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As an anode,the electrode behaves somewhat specific. Near the corrosion poten- 
tial there is a current density with a Tafel slope of 40 mV and a pH depend- 
ance of 1, i.e. 

log i = LL + PH + constant 40 
This state is called I l l  which fits the followinp stoichiometric nechanism: 

Fe I OHads + H20 - > Fel*(OH) ads + H+ + e- 
r.d.s. 

This reaction takes ?lace nost certainly at defects on the iron surface. ?!hen 
the Zefects are covered by adsorbed Fe.(OR)Z spcics, another reactl-on takes 
place. This reaction has a TaPel slope of 120 mV an? is not dependent upon the 
pH value. 

n log i = - 120 + constant 

This state is called 12. There is nuch controversy about the origin of this 
reaction. 

For the time being it might be assumed that the reaction 

is the rate-determining step. 

At high potentials the current density decreases and one ends up with a po- 
tentially independent state. This behaviour will be discussed in connection 
with the magnetite electrode. 

An iron electrode, which is left at the corrosion potential to corrode for an 
hour or more, shows a completely different behaviour (7). In the so-called I: 
state the current potential relation is 

log i = ' + constant 120-1 6 0  

As is evident from experiments given below, in the Ijstate the iron electrode 
is covered by an oxide layer. If the electrode potential is increased, it 
suddenly changes from the Ii state into the I2 state, Fig. 1 1 .  The IT state 
is encouraged by the presence of a soft Lewis base such as I-, CN-, and H2C2. 

An ESCA investigation shows that the electrode in the 17 state is covered by 
a 5 nm thick iron oxide film. If the behaviour is aggravated by iodide ions 
these are in turn incorporated. The corresponding I2 state film is very thin, 
contains no iodine and is probably formed in the air when handling the elec- 
trode,' Fig. 12 (ref. 8). 

In the cathodic range, Fig. 13, at a low pH value, the results are rather 
easy to interpret. Over the whole range of potentials,the following stoichio- 
metric mechanism seems to determine the reaction rate. 

H+ + e- -> <- H ads H~~~ + H+ + e- - > H2(9) 
r.d.s. 

This is the Heyrovsky mechanism. (7) 

There is a pH dependence of -2 and a Tafel slope of -40 mV near the corrosion 
potential; and a pH dependence of -1 and a Tafel slope of -120 mV when the 
Hads alone, cover the surface completely. At low potentials the reaction has 
a pH dependence of - 1  and is potentially independent. This means that the 
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Fig. 11 .  The effect of sweep rate on 
the polarization diagram for iron 
in a saturated acetylene solution. 
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Fig. 12. The polarization diagram in presence of 45 mM I-. 
ESCA measurements of 0, Fe and I- for the different electrode 
states. 

log(i) (i/ mA/cm2) 
2 

1 

0 

-1 

-2 
- 1  

Current density as function of the electrode potential 

Iron electrode0.999 M NaCIO, 

Fig. 13. Anodic and cathodic 0.001 M HCIO, 

polarization of an iron elec- 
trode in 1 .OO M(Na+H) ‘2104 for 
pH= 3 . 0 0. Gradient decade / 0.118 

2H++2e-+ H, Fe -+ Fez+ + 2 e- 

0 -600 -500 -400 -300 E/ mV (rel. SHE.) 



1838 N.-G. VANNERBERG 

log(i) /mA cm-* 

0.5r 

I! 1 , .  
30 1.50 1.25 

-300 
E/mV/n he 

Fig. 14.a. Cathodic-going potential 
sweeps started from anodic poten- 
tials (the anodic branches starting 
ca. 250 mV more anodic than the cor- 
rosion potential are not shown). The 
electrode starts in state A, but is 
transformed into state B during the 
anodic part of the sweep. 
1.00 M(Na+H)C104, pH as indicated on 
the sweep curves, 2 l o C ,  50 ips, 
5 mvs-1. 
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Fig. 14.b. Plot of peak-potentials 
from Fig. 14.a vs pH. 

diffusion of hydrogen ions onto the surface determines the reaction rate. At 
all potentials there is a small contribution to the current from the reaction 

2 '  2Hads -> H 

If an iron electrode has been polarised into the I2 region and then is used 
as a cathode, there appears to be a reduction of some kind of a magnetite-like 
species, Fig. 14.a and 14.b (ref. 9 ) .  

In order to understand the behaviour of the iron electrode in a passive state, 
i.e. at high redox potentials, it is advantageous to study the magnetite elec- 
trode. It is very easy to grow single crystals out of the material. Moreover, 
in the passive iron metal system there are probably three different phases of 
iron: iron itself, a magnetite-like phase, and probably some maghemite phase 
(y-Fe203), which could be Fe5H08. In the case of magnetite, there are one pha- 
se and one interphase which can both be easily controlled and defined (ref. 10). 

The current potential diagram of the magnetite electrode is remarkably similar 
to the corresponding iron electrode diagram, Fig. 15. 

log i 

Fig. 15. 
The current potential diagram 
for the single crystalmagne- 
tite electrode, 110 and 1 1 1  
directions (ref. 10) . 

-600 -400 -200 0 200 400 600 E,mV 
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Fig. 16. The impedence of a magnetite electrode at different 
potentials (ref. 10) . 

A closer look at the hiah potential region shows a clear passive region and 
on the cathodic side a rise in the current $?ken decreasinq the potential. The 
Tafel slope is 60 mV here and the ?A behaviour -1 .5. 

log /i/ = & -1.5 pH 
The impedance measurement shows reactions of slow rate at high potentials and 
rapid rate at low potentials, Fig. 16. The reactions can be described in the 
following way. At high potentials the dissolution of magnetite follows the 
reaction: 

Fe3O4 + 8H+ -> 3Fe3+(acI) + 8H20 + e- (1) 

This is a very slow overall reaction. 

At low potentials the dissolution reaction is: 

Fe304 + 8Hf + 2e- -> 3Fe2+(aq) + 8H20 (2) 

This is a rapid reaction. It is easy to show by analytical methods that these 
are the two reactions which really takeplace (ref.9).In the area of the cathodic 
rise it is only reaction 2 which takes place. The nechanism can be explained 
in the following way. In the interphase, Fig. 8, the equilibrium 

- 
Ee(II)o,t-~E, TL Fe(III)oct-~~ + H+ + e (3) 

is determined by the redox potential pressed upon the system and the p H  of the 
solution. The reaction 3 has to take place three tines in order to complete 
reaction 2, which explains the odd pH dependence of 1.5. 

In the whole cathodic riserthe interphase consists almost exclusively of 
Fe(II1) groups. The reactivity of the Fe(I1) groups is, however, such that 
only this species leaves the surface. 

M E C H A N I S M  FOR ATMOSPHERIC CORROSION ON IRON 

An iron surface is completely covered by an oxide layer, in which the outer- 
most layers only consist of the iron(II1) species. The corrosion due to oxygen 
oxidation is slow, as the reaction Fe (covered with iron oxide) -> Fe3+(aq) 
+3e- takes place. The oxygen reduction is coupled to the oxidizing of iron and 
is then slow. The redox potential of the surface is ill-defined. As is evident, 
there is an incubation period before the sulphur dioxide induced corrosion 
starts. When started, the corrosion rate increases several powers of 10. The 
reaction rates are controlled by the activation of electrochemically active 
sites due to the sulphur dioxide molecules and the passivation of the same 
sites by oxygen. 
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