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The influence of O3 on the passive behaviour of copper was analysed in the potential region —0.32 to
0.70 V vs RHE in borax solutions (pH 9.2) through voltammetric techniques and ellipsometry. Oxide
formation can be explained as a sequence of Cu,O growth, Cu(i) chemisorption, and dissolution
precipitation steps similar to those corresponding to copper electrodes in deaerated solutions. The
role of Cu(i) chemisorption is discussed in this paper. The progressive accumulation of hydrated
layers hinders the reaction between O3 and the metal. O, and O; promote growth and dissolution
processes (both at open circuit and in controlled potential experiments) but O; has a stronger

effect.

1. Introduction

The growth of microorganisms and biofouling con-
stitute a large problem in cooling water systems be-
cause of the tendency to use alkaline treatments.
Biofouling of cooling water equipment causes several
difficulties such as the acceleration of corrosion of
many engineering alloys, the reduction in the effi-
ciency of heat transfer, the decrease in water flow rate
and the increase of pathogenic organisms in weakly
alkaline solutions [1].

Biocorrosion and biofouling are usually controlled
by biocides such as chlorine or hypochlorite in in-
dustrial systems. However, the use of dissolved
chlorine causes high corrosivity to several alloys,
storage difficulties and environmental damage [2].

The effectiveness of O; in the prevention of micro-
organism growth has been claimed for many years.
O3 is easily generated from pure O, or air, it is non-
toxic to human beings at the levels required to control
microorganism growth and it does not require sto-
rage capacity. This powerful oxidizing agent may
cause corrosion problems on metals. O3 at levels
above 0.2 ppm increases corrosion in several alloys
[3]. However, few reports have been published con-
cerning the Oj effect on metallic corrosion [2-5].

Corrosion product films, dense and adherent, in-
hibit the corrosion of copper alloys in quasi neutral
aqueous solutions. Studies performed in deaerated
solutions showed that the passive film presents a
duplex structure in which Cu,O, CuO or Cu(OH),
may be present depending on the formation condi-
tions [6-9]. A high O concentration probably hinders
the growth of the protective layer [10]. Differences in
the colour of corrosion products formed on naval
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brass were observed between ozonated and aerated
solutions [2]. Golden corrosion products were found
in ozonated solutions whereas whitish green products
were found in aerated solutions. Therefore, the in-
fluence of O3 on the copper oxide formation is in-
teresting from both the fundamental and practical
points of view.

Potentiodynamic programmes and cyclic voltam-
metry complemented with ellipsometry were used in
this work to characterize in situ the oxide formation
in ozonated solutions. Comparative experiments
carried out in solutions saturated with O, and N, are
also reported. The dissolution process is particularly
analysed.

2. Experimental details

Experiments were made at room temperature in sa-
turated solutions bubbling either N, (sol I), O, (sol
IT) or O,/O5 (sol I1T). O; was produced through a flux
of O, in contact with a xenon lamp which was sup-
plied by a 3 kV source (Dinavox). Dissolved O3 so-
lutions up to 1 ppm concentration were obtained by
bubbling the O,/O 3 mixture in the cell. The Oz
concentration was measured using the indigo tri-
sulfonate method. Experimental conditions were si-
milar to those described in previous publications
[8, 11]. The grain size of the electrode was estimated
as about 10 um through optical microscopy and
STM measurements [12]. The tested optical area was
about 1 mm? and the electrode area 0.4 cm?.

The ellipsometric parameters of the initial recently
polished copper surface, horizontally placed, were
obtained at E. = —0.32 V vs RHE. The experimental
procedures were the following:
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Procedure A: The values of 4 and ¥ at E_ were
recorded as a function of time (7).

Procedure B: 4 and ¥ were measured at open
circuit potentials (E,.). Then the potential was
scanned from E,. up to E..

Procedure C;: 4 and ¥ were recorded at E. after
cycling the potential at 0.10 V s™' at different
times (t) between E. and E, (E, = 0.62V or
0.72 V).

Procedure C,: As for C; including a potential
holding at E, during a time ¢ into each cycle.
Procedure D: 4, ¥, current and potential were
recorded simultaneously during a potential
sweep at v = 1.5mV s .

3. Results
3.1. Open circuit experiments

The evolution of the ellipsometric parameters 4 and ¥
at E,. for a recently polished electrode (procedure B)
immersed for 4 h in stirred sol III is represented in
Fig. 1(a). 4 decreases and ¥ remains constant or
decreases during the first minutes relative to the bare
electrode. Then ¥ increases sharply while 4 also in-
creases. After the reduction of the oxide layer at

10 mV s~ the A/ ¥ relationship measured at E, dif-
fers from that corresponding to the bare electrode.
The behaviour at E,. of the electrodes held at E.
(procedure A) depends on time ¢ (¢ = 3 min, Fig. 1(a)
and 30 min, Fig. 1(b)).

Data corresponding to Fig. 1 obtained at E,. are
plotted on the left side of Fig. 2 as a function of time.
Curves (a) correspond to the optical parameters of
Fig. 1(a) and curves (b) to those of Fig. 1(b). The E,.
against time dependence was also included in the
upper frame. E,. rises during the first minutes at-
taining a stable value at about 0.68 V. In Fig. 2 -4
and 0¥ indicate a change of 4 and ¥ related to the
bare surface. Initially —04 increases up to about 5.5
degrees, then remains constant and after one hour
decreases, returning to the initial value (Fig. 2, left).
0¥ shows small and negative values during the first
minutes and then it increases. Concomitant changes in
the slopes of the —d4/ ¢t and the 6P/ ¢ curves are noted.

Data measured in sol I and sol II [8] are also in-
cluded in Fig. 2 (right side) to be compared with
those of sol III. The arrows show the time when the
O, bubbling started. The —64 maximum value as well
as E, of sol III are higher (Fig. 2 left side, curves (a))
than those corresponding to sol II for the same time
(Fig. 2, right side).
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Fig. 1. Ellipsometric plot obtained under O,/O5 bubbling during the potential holding at E. (®): (a) t = 3 min at £, (b) # = 30 min at E_
(procedure B), (V) the evolution at E,. (procedure A) for (a) 4 h and (b) 1 h, and (V) at E after reduction.
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Fig. 2. Dependence of —04, 0¥ and E,. on time. Plots on the left are related to Fig. 1 data, curve (a) from Fig. 1 a; curve (b) from Fig. 1 (b).

Plots on the right were obtained from ref.: [8], Fig. 2.

The change in ¥ at E, is similar during the first
minutes, (0¥= —0.2 degrees) for a fresh electrode
immersed in solutions I, II or III. However, in the
presence of Os; , Y increases sharply after a few
minutes at E,..

3.2. Potentiodynamic measurements

Measurements in sol I were carried out to analyse the
influence of the potential on the structure of the oxide
layers. The E against i plot, obtained according to
procedure C; at 0.1 Vs! (E, = 0.72 V, Fig. 3(a)),
shows three current contributions: at 0.50 V (Ia),
0.36 V (I) and 0.05 V (Ic). When cycling time, =,
increases the peak charge decreases. The split of the
cathodic peak into two current contributions (Ia and
1, Fig. 3(a)) is more evident if the potential is held at
E, (procedure C,, Fig. 3(b)). The 1o peak shifts
cathodically from 0.39 to 0.28 V when ¢ increases
from 3.5 to 50 s.

Voltammograms obtained after applying proce-
dures C; and C, show a decrease of the whole
cathodic profile when 7 increases. However, the de-
crease in the Ib peak is more significant than that of
the Ia peak.

3.3. Ellipsometric measurements at E,
A/ relationships obtained by carrying out either

procedure C; (Fig. 4(a), (a")) related to Fig. 3(a) or
procedure C, (Fig. 4(b), (b")) related to Fig. 3(b) show

similar initial slopes. The total A/¥ change depends
on E, , ¢t and 7. After a 60 min cycling period 4/%¥
values are far from those corresponding to the bare
electrode (filled circle). With the electrode held at E,
for 50 s the ellipsometric parameters were measured
(Fig. 4 (b), (b’), filled triangles). The 4 and ¥ ob-
tained after the reduction process correspond to the
filled inverted triangles.

The increase of 0¥ with time, measured at E,
(procedure A), for solutions I, II and III is shown in
Fig. 5(b). The plots fit a 0¥ against square root of
time relationship. During potential cycling, in dea-
erated condition, an increase in ¥ is also observed
which depends on the potential E, and on the cycling
time 7 (Fig. 4(a")). For E, = 0.72 V, the 0¥ against
time dependence is nearly linear (Fig. 5(a)).

3.4. AV during a potential cycle in solutions I, 11
and 111

The variation of A/¥ during a potential cycle (pro-
cedure D) between E, and E, = 0.68 V for a recently
polished electrode is compared in Fig. 6(a), (b) and
(c). In the case of sol I (Fig. 6(c)), 4 reaches a mini-
mum during the cathodic scan and then increases. In
the case of sol II and sol 111 two minima are achieved
during the cycle (Fig. 6 (a) and (b)). 4/E and W/E
plots obtained in sol III are shown in Fig. 7. During
the anodic scan an increase in ¥ and a sharp decrease
in 4 over 0.50 V are observed. Subsequently, 4 in-
creases at 0.62 V. During the cathodic scan 4 attains
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Fig. 3. Potentiodynamic profile after different cycling times 7, at
v=10.1Vs™ from E. = -0.32V to E, = 0.72 V. (a) Procedure
Cy.with 7 ( ) 1, (——— ) 5, (veeenee ) 20 and (- — -) 60 min. (b)
Procedure C, with cathodic scan after a potential holding during
different times, 7, at E, for ¢: ( ) 0, (= —--) 3.5, (——— ) 7 and
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Fig. 5. Evolution of 0¥ with time: (a) measured at E_ after cycling
from E. to E, (procedure C,) in N, saturated solutions; (b) during
potential holding at E. (procedure B) in N,, O, and O,/O; solu-
tions.

a maximum and then a minimum with a concomitant
increase and decrease in'¥. The optical parameters at
the end of the experiment are different from those
corresponding to the bare electrode (initial value).
The comparison with results obtained with sol I and
sol IT (Fig. 6(b), (¢) and in [8], Figs 9 and 10) shows
that the irreversible changes are larger in sol 111 than
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Fig. 4. Ellipsometric data associated to experiments described in Fig. 3 according to: procedure C; ((a) and (a") from Fig. 3(a)); procedure
C, ((b) (b') from Fig. 3(b)). (®) at E. = —0.32 V up to ¢t = 10 min (procedure B); (V) at E, after successive cycling periods of © = 5 min; (A)
at E, =072V, t = 50 s; (V) at E,. Key: (a) 0.62 V; (b) 0.72V, t = 7s; (2) 0.72 V, (b) 072V, t = 3.5 s.
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Fig. 6. Comparison of A/¥ values measured during a potentiodynamic cycle at v = 1.5 mV s™! (procedure D) between E, and E, = 0.68 V
(left side) and between E. and E, = 0.53 V followed by a potential holding at E, for # = 5 min (right side). Solutions were saturated with
0,/05 (a, d), O, (b, ) and N, (c, f). (<) anodic scan, (O) cathodic scan.
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Fig. 7. 4 and ¥ against E data corresponding to a O,/Oj3 solution in the condition described in Fig. 6(a).
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Fig. 8. 4 and ¥ against E data corresponding to O, (4 anodic and V cathodic scan) and O,/O3 saturated solutions (<> anodic and O
cathodic scan) for the scan programme described in Fig. 6 (¢) and (d). The transients at E, were included on the right frames.

in sol I and sol II and take place at potentials more
anodic than 0.53 V.

Fig. 6(d), (¢) and (f) and Fig. 8 show 4 and ¥
against E relationships. These were obtained during a
potential cycle where a 5 min potential holding at
E, = 0.53 V was included. The changes in 4 and ¥
during the cycle in sol I are reversible and lower than
0.6 degrees (Fig. 6 (f)). In contrast, 4/E and W/E re-
lationships for sol II and sol III show larger changes
(Fig. 8). The higher variations of the optical para-
meters correspond to sol III (Fig. 6 (d)) where an
irreversible change of ¥ occurs.

During the anodic scan, from E.to E= 0.5V, a
decrease of about 0.15 degrees in ¥ and 4 is observed
(Fig. 8). At higher potentials the A/¥ slope changes,
decreasing 4 more than 2 degrees while ¥ remains
constant (Fig. 6 (d) and (e)). During the cathodic scan
a similar change of the A/¥ slope results below
0.15 V (Figs 6 and 8).

4. Discussion

According to [8], copper electrodes developed a
complex Cu/Cu,O/electrolyte interface in aerated and
deaerated borax solutions. An inner Cu,O dehy-
drated passivating layer adjacent to the metal (ippl)
and an outer hydrated layer of Cu(OH), (oppl) was
found in weakly acid or alkaline solutions [6-8, 13]. A
linear (region I) or a parabolic (region II) growth of
the ippl up to a limiting thickness followed by a
dissolution precipitation process (region IIT) was de-
monstrated. The ippl was composed of Cu,O with a
surface excess of Cu(m) ions. The thickness of the

layers depended on the potential, time and stirring
conditions. O, increased the growth of either the ippl
or the oppl depending on the electrode potential [8].
Experiments performed in the presence of Oj; pro-
vided more experimental evidence to evaluate corro-
sion problems when O; was used as biocide and to
attain a mechanistic approach to the copper/water
interfacial processes.

4.1. Inner layer (ippl)

—04 can be considered as proportional to the thick-
ness of the ippl [8, 11, 14, 15]. The ippl grew linearly
(at Eoc < 0.53 V) or parabolically (at E,. > 0.53 V)
with time under the oppl (Fig. 2). After a potential
cycling of 1 = 60 min the anodization at E, = 0.72 V
and the reduction at E. produced a quasi reversible
change in 4 (Fig. 4 (b), (b’), see arrows). The 4 and ¥
changes between E. and E, resulted independent of
the previously applied cycling programme. This in-
dicates the growth of an ippl between the metal and
the oppl similar to that formed on recently polished
electrodes [8].

A decrease in roughness of the interfacial film and
a limiting thickness was reported in the case of
thinner layers produced by oxidation of copper in the
gaseous phase [16] indicating preferential oxidation
of the apexes. In sol II at E,, the detachment of some
oxide particles may be hindered and the corrosion
controlled due to the oxidation front generated
[8, 17]. The charge of Ia peak, related to the con-
tribution of chemisorbed Cu(i) species, remained
constant for different times at E, (Fig. 3) whereas 1b
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peak, related to Cu,O, shifted cathodically and the
charge increased. This reduction profile was similar
to that recorded after 24 h at E,. in sol I [8] in-
dicating analogous structures of the ippl, though the
charges involved were 10 times higher in the last
case.

Voltammograms obtained after 3 h at E, in sol II
and sol III (not included) showed one peak whereas
over 24 h they showed two peaks [8]. However, 4
decreased after 10 h in contact with sol III. These
results indicate the growth of Cu,O under the oppl. A
thick and compact oppl hinders the diffusion of O5 to
the electrode and then the ippl grows. The larger
differences between sol II and sol III in the dark were
observed with recently polished electrodes; in con-
trast, light promoted the dissolution of the ippl even
in the case of thick films [18].

The Cu,O layer that grows under the oppl may
incorporate hydrated Cu(i) ions. Therefore, the lar-
ger decrease of the Ib peak relative to the Ia peak
(Fig. 3 (a)) may indicate the formation of a more
porous ippl including more hydrated species or
chemisorbed Cu(m). This ippl is easily reduced at
more anodic potentials. In sol III high E,. values are
achieved, the ippl is dissolved and the electrode is
covered by a thick oppl (Fig. 2). However, at E, , for
times longer than 240 min, the ippl grows probably
consuming the oppl which hinders the O diffusion.

4.2. Hydrated outer layer (oppl)

Copper has the larger stability at pH 9.2 [19] showing
the greatest precipitation of soluble species at this
pH. The total quantity of deposited hydrated oxide
can be estimated through the change in ¥ [8, 14]. The
oppl, associated with the 0¥ increase can be formed
either by potential cycling (Fig. 4), by an anodic (E,)
potential holding [8], or by a cathodic (E.) potential
holding (Figs 1(b) and 4).

The formation of Cu(OH), layers at potentials
higher than 0.6 V vs RHE has been reported [6-8,
13]. At potentials higher than 0.00 V vs SCE,
Cu(OH), formation (in 0.1 m LiOH) was explained
by a CuO dissolution precipitation mechanism and by
the accumulation of majority carriers. The thermo-
dynamically stable phase CuO was formed at
sufficiently low crystallization rates whereas the for-
mation of Cu(OH), prevailed at higher rates [20].

4.2.1. Dissolution process at E < 0.62 V. Hultquist
[21] measured an average weight gain of
0.11 ug cm™ h™" for copper samples at low potentials
immersed in distilled water. He concluded that cop-
per is oxidized by water. The escape rate of hydrogen
was considered of decisive importance for the corro-
sion kinetics of copper. In agreement, present results
show the growth of the oppl at low potentials.

At E the oppl growth rate in stirred solutions I, II
or III was similar (Fig. 5(b)). The 0¥ against square
root of time dependences indicate that the growth of
the oppl occurs under diffusion control.

¥ increases in stirred aerated borax solutions ra-
ther than in stagnant solution [8]. This suggests a
larger dissolution and precipitation of Cu(m) in the
former case. On the other hand, in pure oxygenated
water the time required to saturate the interface was
longer under stirring. A ¥ increase was detected after
90 min at E,.. Through X-ray diffraction this change
was analysed and was attributed to the growth of a
new Cu(1m) oxide layer [15].

It is important to mention that copper was used in
microcapsulation methods to improve the thermal
conductivities and hence the kinetics of the hydrogen
absorption [22]. The performance of copper powder
as bonding material was not good enough and gra-
phite seemed to have a better behaviour in hydride
electrodes [23]. The present results suggest that this
lower efficiency can be attributed to the formation of
the oppl even at cathodic potentials [19].

4.2.2. Dissolution process at E > 0.62 V. Similar 6%
against time dependences are obtained by cycling the
electrode between E. = —0.32 V and E, = 0.62 V in
sol T (Fig. 5(a)) and by a potential holding at E.
(Fig. 5(b)). The corresponding i/E voltammogram
shows Ibh and Ic¢ peaks involving a charge of
162 uC cm™>. For E, = 0.72 V (region III) Ia peak
appears (Fig. 3(a)) increasing the charge associated to
each cycle (428 uC cm™), results in a linear 6%
against time relationship . When E, is increased from
0.62 to 0.72 V the reduction of the ippl is favoured by
Cu(m) chemisorbed (Fig. 3, Ia peak). However, this
Cu(m) is not totally reduced during cycling; but
hydrates, increasing the thickness of the oppl
(Fig. 5(a)).

A/ values obtained after reduction (Fig. 1, filled
inverted triangles) indicate that the oppl remains on
the surface after reduction of the ippl [14]; roughness
increase may be disregarded [8] suggesting that in sol
III the dissolution process proceeds as a smooth
oxidation front.

The different A/¥ slopes observed in Fig. 4 ((b),
(b)) can be explained assuming different thickness of
the initially formed oppl. The oppl becomes more
compact during the successive dissolution precipita-
tion processes [14]. The decrease of the current during
the cycling time 7 (Fig. 3(a)) indicates an increasing
barrier effect of the oppl on the growth of the ippl
during cycling.

The ippl formed in sol I was reduced at potentials
more cathodic than that formed in sol II [8]. In the
case of sol 111 the reduction profile after procedure B
(not shown) had a smaller current contribution at low
potentials than that of sol II. This fact may be at-
tributed to a more anodic interfacial potential and a
higher hole concentration, which probably increases
the amount of Cu(m) adatoms and accelerates the
dissolution process.

If the oxidation of Cu to Cu,O proceeds by a hole
mechanism, the accumulation of holes in Cu,O is
required for the oxidation process and likewise a
depletion condition is necessary for the ippl reduction
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[20]. The flat band potential (Eg,) corresponds to the
potential of the Cu/ Cu,O couple. The dissolution of
CuO is explained by the degenerate surface that ac-
companies the accumulation of majority carriers at
potentials more anodic than Eg, [20].

The present results confirm those previously re-
ported in sol I and sol II [8]. The chemisorption of
Cu(m) ions can bend the bands and hinder the growth
of the Cu,0 layer. The shift in the Fermi level and the
deflect of the holes near the metal may also accelerate
the reduction and the dissolution process.

4.3. Effect of O, and O5 at controlled potential
and at E,

O3 is a strong oxidizer (redox potential of 2.07 vs
SHE). The E,. in the presence of Oj shifts to more
anodic values than in sol I and II reaching 0.680 V
(Fig. 2(a)). This potential is near to those corre-
sponding to the Cu,O/CuO equilibria of the dehy-
drated and hydrated CuO (0.669 V and 0.747 V,
respectively). In sol I, E,. attains potential values
associated to Cu,O formation (region I). Therefore,
the presence of O, and O; promotes the growth of the
ippl at potentials lower than 0.53 V (Fig. 6 (a), (b),
(c)) and the dissolution process at higher potentials
(Fig. 4 (d), (e), (). Previously reported data in pure
water stated that the value of the limiting thickness
probably depended on the ability of electrons and
ions to get through the oxide film and react at the
surface [15]. Sufficient electrons are available to re-
duce Cu(m) to Cu(1) below the limiting thickness, and
the film thickness increases.

Though the sequence of the processes occurring in
solutions I, IT and III is similar [8], the potential re-
gions shift cathodically in sol II and sol III. This is
more evident in the last case (Fig. 6).

OH™ radicals were reported in the reduction of O;
in water [2]. Probably, sol II and sol III supply oxi-
dizing intermediates which increase the concentration
of chemisorbed Cu(m) species and the electron hole
transport (region II). Then, according to the poten-
tial, they promote the growth of the dehydrated oxide
layer or the dissolution precipitation process (Figs 2
and 5) shifting cathodically the potential limits of
regions II and III.

5. Conclusions

Maximal Cu(11) adsorption can be induced either by a
chemical reaction with water (transition from region I
to II) or by high anodic potential values (transition
from region II to III). The chemisorption of Cu(m)
ions may hinder the growth of the ippl and accelerate
the dissolution process. The presence of O; promotes,

at E,. < 0.53 V (first minutes of immersion), the
growth of the ippl on bare electrodes. O5 increases the
dissolution process at higher potentials and conse-
quently the oppl thickness. Corrosion of copper is
favoured in this condition. The oppl grows even at
cathodic potentials and works as an effective barrier
for the O3 diffusion.
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