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Abstract
Aluminium was incorporated into silver electrodes by underpotential deposition from an
equimolar AlCl3 + NaCl melt at 200 ◦C, 250 ◦C and 300 ◦C. The process was studied by linear
sweep voltammetry and potentiostatic deposition/galvanostatic stripping. The deposits were
characterized by electron probe and glancing incidence X-ray diﬀraction. The electrochemical
measurements showed clear evidence of formation of two intermetallic compounds. This was
conﬁrmed by the analysis, which showed two layers of successive bulk intermetallic compounds.
The Gibbs energy of formation of the compounds is calculated and the kinetics of growth is
described.
K e y w o r d s : aluminium-silver alloys, underpotential deposition, diﬀusion, microscopy and
microanalysis techniques, Gibbs energy of formation, kinetics

1. Introduction
One of the ways to obtain metals and metal alloys is the direct isothermal electrodeposition. In addition, the deposition current density provides direct
measure of the deposition rate. Electrodeposition of
metals and alloys is essential for a variety of industries including electronics, optics, sensors, automotive
and aerospace, to name but a few. The electroplating industry, which dates back well over 100 years, is
based solely on aqueous solutions due to the high solubility of electrolytes and metal salts resulting in highly
conducting solutions. Electrodeposition of metals and
alloys from solutions has been extensively elaborated
in [1–4].
However, neither aluminium nor its alloys can be
electrodeposited from aqueous solutions, because hydrogen is evolved before aluminium is plated. Aluminium and its alloys are important materials for the
fabrication of corrosion-resistant, lightweight, high-strength structures. It has been demonstrated that
the corrosion resistance of aluminium can be signiﬁcantly improved by alloying it with transition metals
such as Cr, Cu, Mo, Mn, Nb, Ta, Ti, V, Zn, and Zr.
On the other hand, small additions of aluminium can

also signiﬁcantly improve properties of other metals.
For example, aluminium bronze is a strong corrosion-resistant alloy of copper, and small amounts of aluminium added to nickel provide strengthening of the
nickel-based superalloys [5]. The desire to electrodeposit metals and their alloys such as Al, Ti and W was
the main driving force for non-aqueous electrolytes.
Among the non-aqueous solvents that have been
used successfully to electrodeposit metals and their
alloys [6–9], as well as aluminium and its metal alloys [10, 11], are the chloroaluminate molten salts [12,
13], which contain inorganic [12–17] or organic [12, 18–
21] chloride salts combined with anhydrous aluminium
chloride. The chloroaluminate molten salts seem to
be ideal solvents for the electrodeposition of metal-aluminium alloys, because they constitute a reservoir
of reducible aluminium-containing species, they are
excellent solvents for many metal ions, and they exhibit good intrinsic ionic conductivity [12, 13, 19–22].
Detailed exploration of metal electrodeposition
processes led to the recognition of underpotential deposition (UPD) – the deposition of metals on foreign
metal substrate at electrode potentials more positive
than the Nernst-potential of the corresponding three-dimensional deposited metal bulk phase [23, 24]. In
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solutions, it has been a subject of research for more
than ﬁfty years [23–30]. Soon, the phenomenon of
UPD from melts [12, 20, 31, 32] was also recognized,
and it was well documented in the case of aluminium
UPD from inorganic [12, 14, 33, 34] and organic melts
(ionic liquids) [7, 12, 35–37].
Work on UPD of metals from solutions revealed
that a metal, electrodeposited onto a metal cathode
into which it can diﬀuse at room temperature, makes
a surface alloy with the substrate [38–43]. This was
also realized for aluminium UPD from inorganic [12,
14, 33, 38–47] and organic melts [12, 37, 48, 49].
Knowledge and experimental experience accumulated on UPD lead to alloy formation by UPD codeposition from solutions [4, 50–52]. As the name suggests, the method consists of codepositing at least two
elements from the same solution. The same was found
to be true for some alloys [32, 44] and aluminium alloys from inorganic [12] and organic melts [12, 44–46].
Electrodeposited alloys may diﬀer considerably in
their chemical and phase constitution from alloys of
the same chemical composition but obtained by metallurgical (thermal) methods. Many examples are reported in the literature with some controversy on the
phases obtained and their composition limits. The
problem was examined in the past [1, 2], and more
recently [12], showing some important cases of UPD
alloys with phase structure diﬀering from that of metallurgical alloys.
UPD of metals [25–29] from solutions and formation of alloys by UPD of aluminium from inorganic
melts onto surface of diﬀerent metals [14, 33, 34] have
been a subject of our work for more than twenty years.
Initially, we observed aluminium UPD from AlCl3 +
NaCl melt on several metal electrodes [14] inducing
surface alloy formation. Our more elaborate study of
aluminium UPD on Au revealed formation of four
Au-Al alloys formed by diﬀusion of underpotentially
deposited aluminium into gold substrate [33, 34]. Others obtained similar results on gold (111) oriented
single crystal [37] and on polycrystalline gold [53] from
organic melts. The diﬀerences observed, most probably result from the diﬀerence in the deposition temperatures. Working temperatures in organic chloroaluminate melts range between 20 ◦C and 100 ◦C, while in
inorganic melts working temperatures start well above
these. It has been shown that temperature inﬂuences
thermodynamics and kinetics of UPD of metals [26].
Higher temperatures promote reaction between the
substrate and the depositing element, and solid-state
interdiﬀusion dependence on temperature is also well
known. The diﬀerences in anions present in the electrolytes used are of some importance, too [27, 28, 54,
55].
There are no records of aluminium UPD on silver
from melts in literature, although there are examples
of codeposition of Ag-Al alloys at the potentials more

positive than the bulk Al equilibrium potential on
platinum and tungsten [12, 46] from ionic liquids.
In the present study, the UPD of aluminium on
polycrystalline substrate of silver from AlCl3 + NaCl
equimolar melts was investigated by electrochemical
techniques and surface analysis. The data on the inﬂuence of temperature and deposition time were correlated with the analysis results to produce data describing the thermodynamics and kinetics of the formation
of several intermetallic compounds.

2. Experimental details
2.1. Electrochemical experiments
All electrochemical experiments were carried out in
an electrochemical cell designed for work with melts,
under a puriﬁed argon atmosphere [13, 22]. The cell
was made of Pyrex glass and placed in a furnace.
Aluminium wire 3 mm in diameter (99.999 % pure,
Alfa Products, Thiokol/Ventron division, USA) was
used as a reference electrode in a Luggin capillary
whose tip was placed close to the working electrode.
This was to minimize the error in the measured potential associated to IR drop in the melt between the
tip of the Luggin capillary and the working electrode.
An aluminium plate (99.999 % pure, Alfa Products,
Thiokol/Ventron division, USA) was used as a counter
electrode. Two types and sizes of working electrodes
were used. The one for electrochemical experiments
consisted of 1 mm diameter 99.99 % pure silver wire
pressed into a glass tube of slightly larger diameter
such that only 1 cm2 area of the metal wire was exposed to the melt. The other was 2 cm2 99.99 % pure
silver plate working electrode for surface/sub-surface
analysis. It was clipped (above the melt surface) onto
a conductive wire pressed into a glass tube.
The aluminium reference and counter electrodes
were ﬁrst mechanically polished consecutively on
emery papers of grade 0, 00, 000, and 0000, and then
on polishing cloths (“Buhler Ltd.”) impregnated with
alumina (“Banner Scientiﬁc Ltd.”) of 1 µm, 0.3 µm
and 0.05 µm grades. After undergoing mechanical polishing procedure, the aluminium reference and counter
electrodes were subsequently etched in solutions of 50
vol.% HF + 15 vol.% H2 O and conc. NH4 OH + 5
vol.% H2 O2 prior to each experiment. All glassware
was washed with triple distilled water and alcohol and
dried at 120 ◦C for at least one hour prior to use.
The working electrodes for electrochemical experiments were mechanically polished and before introduction into the process each silver-working electrode
was chemically polished. The electrode was immersed
into the mixture of solutions (20 g l−1 NaCN : 20
vol.% H2 O2 = 1 : 1) for 5–10 s and intensely stirred,
then exposed to air for 20–30 s, returned for 1 s to the
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mixture of solutions, followed by holding it in the water solution with 37.5 g l−1 NaCN until gas bubbles on
the electrode surface stopped evolving. The electrode
was then washed with triply distilled water.
The working electrodes-samples for surface/sub-surface analysis were mechanically polished with
emery papers. Initially the largest grade was used and
then progressively smaller ones down to the 0000 on
emery paper, until the electrode had a mirror-like appearance free from scratches or blemishes. All mechanical polishing steps were always performed manually
rather than on a polishing machine, which was less
convenient to use. The electrode was then chemically
etched as described above.
Examination of the electrode surface under the optical microscope and with X-ray emission spectroscopy
revealed no contaminating elements.
Sodium chloride (NaCl p.a., “Merck”) and aluminium (III) chloride (99.99 % pure AlCl3 , “Aldrich
Chemical Company, Inc.”) were used for melt preparation.
Since aluminium (III) chloride is extremely sensitive to moisture and oxygen, special attention was paid
to the chemicals and to the melt preparation. The sodium chloride was reduced to ﬁne powder, dried in a
furnace at 500 ◦C for ﬁve hours and kept in vacuum
at 120 ◦C until use, in order to remove bonded water.
This procedure was counter-productive for drying aluminium (III) chloride, which absorbs water irreversibly during any handling. Therefore no drying procedure was applied; instead, fresh, sealed bottle of anhydrous AlCl3 was used for each experiment. The procedure of melting the AlCl3 + NaCl mixture consisted
of heating (in inert atmosphere) a vessel with AlCl3 ,
at the bottom and NaCl on top at 250 ◦C, where upon
all the AlCl3 sublimed forming a homogeneous AlCl3
+ NaCl melt by reaction with NaCl. The melt was
subjected to pre-electrolysis between two aluminium
(99.999 % pure) plates with large surface area (20 cm2
each) at 220–250 ◦C with constant current density i
= 1.5 × 10−2 A cm−2 for 10 h. Both aluminium plates
were cleaned before use, in the same way as the reference electrode. After the pre-electrolysis, linear sweep
voltammogram performed on vitreous carbon cathode
in the melt showed only double layer charging and
discharging features in the potential region between
0.005–1.85 V vs. Al.
Two diﬀerent electrochemical techniques were used
in the experiments: linear sweep voltammetry (LSV)
and potentiostatic UPD followed by galvanostatic
stripping. Two diﬀerent procedures of LSV were carried out one after the other, as follows:
a) The potential range was scanned from a potential 0.050–0.100 V negative to the open circuit potential of the silver electrode (0.8–0.850 V measured
against the aluminium reference electrode) to a potential 0.010–0.150 V positive to the reversible aluminium
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potential, followed by the return scan. The sweep rate
was 0.010 V s−1 ;
b) Then the same potential range was scanned except that the scan was interrupted when the potential
reached 0.010–0.150 V positive to the reversible aluminium potential, and this potential was held for τ d
= 1, 3, 6, 9, and 15 min before starting the return scan.
The sweep rate was as in a).
The procedure for the potentiostatic UPD followed
by galvanostatic stripping was as follows:
a) The specimen was held at 0.050–0.100 V negative to the open circuit potential of silver (0.8–0.850 V
vs. Al) to strip any aluminium already deposited.
Then the potential was stepped to the 0.010–0.150 V
from the reversible potential of aluminium;
b) This potential (Ed = 0.010–0.150 V vs. Al) was
maintained for τ d = 1, 3, 6, 9, 15 min, after which the
potential was switched out of circuit to open the electrode circuit. The electrode potential was then recorded by an XY recorder as a function of time, whilst a
small current (∼
= 0.02 mA cm−2 ) slowly stripped the
aluminium from the surface silver specimen. If the
stripping current was interrupted for a few seconds,
the measured potential did not change detectably.
This shows that the activation overpotential caused by
the stripping current was negligible and the potentials
measured can be considered open circuit potentials.
All electrochemical measurements were carried out
using a Universal programmer (PAR-M175), a potentiostat (PAR-M173) and an X-Y-t recorder (Hewlett
Packard M7040A). The temperature of the melt was
monitored by a chromel-alumel thermocouple with an
accuracy of 1 ◦C.
2.2. Surface/sub-surface analysis
Glancing incidence X-ray diﬀraction (GIXRD) and
electron microprobe analysis (EPMA) of polished
cross-sections were used as techniques for surface/sub-surface analysis. These techniques were applied comparatively to blank probes polished mechanically and
chemically and samples after electrochemical UPD.
Sample preparation for the surface/sub-surface analysis was as follows: aluminium was electrodeposited
from the equimolar AlCl3 + NaCl melt at constant underpotential (Ed = 0.010–0.150 V vs. Al) for diﬀerent
periods of time (τ d = 1, 2 and 4 h) at three diﬀerent
temperatures (t = 200 ◦C, 250 ◦C and 300 ◦C). Deposition was started 5 min after insertion of the working
electrode in order to allow thermal equilibrium. The
working electrode was then removed from the melt
whilst still under polarization, then washed repeatedly
under distilled water, air dried and stored in a desiccator until use.
The crystallographic structure present near the
surface of these specimens was determined using glancing angle X-ray diﬀraction at an incident angle of
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T a b l e 1. Peak potentials E (V vs. Al) and the corresponding anodic current densities i (10−3 A cm−2 ) observed in the
anodic part of linear sweep voltammograms on silver electrodes as a function of deposition time τ d (s) and temperature t
(◦C)
τ d (s)

0

60

180

360

540

t (◦C)

E

200

0.25
0.68

0.23
0.31

0.25
0.7

0.42
0.43

0.3
0.69

0.78
0.73

0.33
0.7

1.28
1.39

0.34
0.71

1.71
1.65

250

0.1
0.69

0.64
0.32

0.2
0.7

4.48
0.8

0.22
0.7

6.96
1.68

0.25
0.71

8.96
3.04

0.27
0.73

10.1
4.32

300

0.13
0.67

0.81
0.09

0.16
0.067

10.5
0.52

0.15
0.7

0.21
0.71

13.1
7.8

i

E

i

E

i

E

11.1
1.4

i

0.21
0.7

E

12.9
6.1

i

T a b l e 2. Total anodic dissolution charges (mC cm−2 ) and mass (10−6 g cm−2 ) calculated of Al deposited as a function
of deposition time, τ d (s), and temperature, t (◦C), for silver electrodes (LSV experiments)
t (◦C)

τ d (s)

0

60

180

360

540

200

Total anodic charge
Mass of Al deposited

0.9
0.08

8.82
0.83

11.5
1.08

18.5
1.74

24.5
2.3

250

Total anodic charge
Mass of Al deposited

5.8
0.54

85.7
8.06

173
16.26

253.8
23.86

307
28.86

300

Total anodic charge
Mass of Al deposited

11
1.03

142
13.35

241.2
22.68

339
31.87

405.6
38.13

T a b l e 3. Average plateaux potential values E (V vs. Al) obtained in “open circuit” measurements of aluminium deposited
on silver at diferrent times τ d (s) and various temperatures t (◦C) (see Fig. 2)
t (◦C)

200

τ d (s)
Plateau potential
V vs. Al

E1
E2

250

300

60

180

540

60

180

540

60

180

540

0.08
0.63

0.09
0.63

0.11
0.64

0.11
0.62

0.11
0.64

0.12
0.64

0.11
0.62

0.1
0.61

0.11
0.62

1◦ to the surface. A multipurpose glancing angle
X-ray spectrometer using a standard X-ray tube and
germanium solid state detector was used. The spectrometer was controlled by an IBM-PC-XT computer
with Superior electric microstepping motors powering
various goniometer motions. The detector pulses were
timed and counted using a Tecmar Lambaster interface.
To prepare cross-sections for EPMA examination,
samples, which had been used as working electrodes
were ﬁrst cut into smaller plates, typically 1/3 of
the original size. These were supported vertically in
clips and covered with conductive plastic powder. The
sample in powder was then pressed into a disc (2.5 cm
diameter and 1 cm height) and the remaining visible edge of the sample polished to 0.1 mm. EPMA
was carried out using a CAMEBAX-R electron microprobe.

3. Results
Examples of the linear sweep voltammograms for
aluminium underpotential deposition on silver electrodes at diﬀerent deposition times (τ d ) and at various temperatures (t) are shown in Fig. 1. The potential values E (V vs. Al) and the corresponding current
densities i (10−3 A cm−2 ) for the dissolution peaks observed in the anodic parts of the voltammograms as
a function of the deposition time τ d and temperature
t are summarized in Table 1. The total anodic dissolution charge QAl,max and calculated mass of aluminium deposited on silver electrodes, as a function
of the deposition time and temperature, are listed in
Table 2. QAl,max values were obtained by integration
of the linear sweep voltammograms to give the surface area bounded by the anodic current and the horizontal axis. The values E, ip and QAl,max presented
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Fig. 2. “Open circuit” graphs of aluminium dissolution
after UPD of aluminium on silver electrode: (a) at 200 ◦C,
(b) at 250 ◦C, (c) at 300 ◦C.

Fig. 1. Linear sweep voltammograms of aluminium dissolution from the silver electrode obtained with a sweep rate
10 mV s−1 : (a) at 200 ◦C, (b) at 250 ◦C, (c) at 300 ◦C.

in Tables 1 and 2 are average values obtained from
ﬁve or more measurements. The mass of aluminium
deposited was calculated from Faraday’s law.
Representatives of the potential/time diagrams of
aluminium dissolution from silver electrodes, obtained
by low-current galvanostatic stripping (“open circuit
measurements”) following UPD of various times and

diﬀerent temperatures, is given in Fig. 2. Table 3 summarizes the average potential values at the observed
plateaux for ﬁve or more measurements.
An example of the diﬀraction patterns taken of
the silver samples after aluminium underpotential deposition as a function of temperature and deposition
time is given in Fig. 3. The phases and their crystallographic systems identiﬁed in the deposits obtained
are listed in Table 4. The phases were identiﬁed using
JCPDS ﬁles [56–58] and the reference for each phase
is also supplied.
Examples of the depth proﬁles of aluminium into
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Fig. 3. Diﬀraction patterns of the silver samples after: (a)
one hour, (b) two hours, (c) four hours of aluminium underpotential deposition at 250 ◦C.

silver, as a function of temperature and deposition
time (obtained by electron-probe microanalysis), are
given in Fig. 4 and summarized in Table 5.
EPMA maps of aluminium distribution at the edge
of silver samples after two hours of aluminium underpotential deposition at 200 ◦C and 300 ◦C are shown in
Fig. 5.

Fig. 4. Depth proﬁle of aluminium into the silver sample
obtained after: (a) one, (b) two and (c) four hours of aluminium underpotential deposition at 250 ◦C.

4. Discussion
4.1. Linear sweep voltammograms: influence
of deposition time and temperature
The reversible potential of silver was more positive
than the reversible potential of aluminium in the same
system. This allowed a wide potential range, anodic to
the aluminium reversible potential, i.e. the aluminium
underpotential deposition region, to be studied.
In general, the ﬁne structure of the cathodic cur-

rent peaks of linear sweep voltammograms was less
pronounced than the anodic one. The anodic current
peaks were more readily deﬁned, particularly in the
case of a prolonged underpotential deposition.
Ideally, one should record the potential at the beginning of corresponding anodic and cathodic peaks.
Instead, in this case the current peak potential values
were measured between peak valleys values. This was
done for two reasons:
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T a b l e 4. The phases identiﬁed on silver samples after aluminium underpotential deposition at diﬀerent times and various
temperatures together with their crystallographic systems and references (see Figs. 1 and 2)
t (◦C)

τ d (h)

Identiﬁed phase

Crystallographic system

Reference

200

2

–

–

–

1

Ag3 Al

cubic

[57]

2

Ag3 Al
Ag2 Al

cubic
hexagonal

[57]
[57]

4

Ag3 Al
Ag2 Al

cubic
hexagonal

[57]
[58]

2

Ag2 Al

hexagonal

[58]

250

300

Fig. 5. Al Kα emission map at the edge of the silver sample obtained after two hours of aluminium underpotential
deposition at: (a) 250 ◦C and (b) 300 ◦C (marker 10 µm).
T a b l e 5. The depths (µm) of the formed layers (x1 and
x2 ) on silver samples after aluminium underpotential deposition at diﬀerent times τ d (h) and diﬀerent temperatures t (◦C) obtained by EPMA (∗ due to technical error
during the treatment of the melt no meaningful data could
be obtained from the subsequent analysis)
t (◦C)

τ d (h)

200

2

250

1
2
4

2.3
0.65
1

–
1.65
2.45

300

2

2.08

2.69

x1 (µm)

x2 (µm)
∗

– cathodic peak separation was not as well pronounced as in the case of single crystal substrates [37–
42, 48, 49], which prevented exact cathodic to anodic
peak attribution;

– anodic current peaks were well merged thus preventing exact allocation of the peak starting potential.
In general, the total recorded charges bounded by
the cathodic and anodic currents were similar (within
±5 % diﬀerence) and symmetrical to the zero current
axis.
The charge calculated for cathodic and anodic
parts of the linear sweep voltammograms obtained,
was signiﬁcantly diﬀerent from the charge needed for
the deposition of the closest packed aluminium monolayer (Al atomic radius being 1.18 × 10−10 m) we calculated to be 1.17 mC cm−2 .
When the chosen cathodic end potentials, Ed , were
maintained for longer times during linear sweep experiments, the cathodic current increase was not observed. This would suggest that the aluminium underpotential deposition after at least one aluminium
monolayer completion proceeds at the rate necessary
to compensate for the amount lacking of one aluminium monolayer, which entered solid-state intermetallic reaction with the substrate – silver. This dy-
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namic quasi-equilibrium would seem to be maintained
as long as intermetallic solid-state reaction proceeded
by diﬀusion of aluminium into the substrate. Diﬀerent anodic dissolution peaks would then reﬂect diﬀerent intermetallic compounds formed during previous
aluminium deposition, having naturally diﬀerent dissolution potentials (Fig. 1).
When the holding (the deposition time, τ d ) of the
silver electrode at the cathodic end potential, Ed , was
increased, two characteristics of the anodic current
peaks could be observed:
– anodic peak current values, ip , increased with the
cathodic end potential holding time τ d ;
– the integrated charge under each of the anodic
peaks (as well as the total anodic charge, QAl,max ) increased proportionally to the square root of the cath1/2
odic end potential holding time τ d (see Tables 1, 2
and Fig. 14).
It should be noted that the increase in working
temperature of the system, all other conditions being
kept the same, led to an increase of the charge under
both cathodic and anodic peaks. Also, as it can be seen
in Table 1, the anodic peak current values increased
with increasing working temperature.
LSV data obtained strongly suggest that, under
the given conditions, underpotentially deposited aluminium diﬀuses into silver substrate forming surface
alloys.
4.2. Low-current galvanostatic stripping
To obtain the dissolution characteristics of the underpotentially deposited aluminium onto and into the
silver substrate, the potential pulse with amplitude
cathodically exceeding the potentials characteristic for
the appearance of anodic peaks (Ed = 0.010–0.150 V
vs. Al) was followed by a quasi-open circuit measurement of the electrode potential with time. The small
constant dissolution current applied in the “open circuit” measurements resulted in the potential-time
curves exhibiting plateaux brought about by dissolution material being able to sustain an equilibrium potential (or corrosion potential) with AlCl−
4 in the melt,
Fig. 2. The number of plateaux (Table 3) can be seen
to agree with the number of anodic peaks obtained
during the linear sweep measurements (Table 1). The
potentials of the two plateaux in Fig. 2 correspond
reasonably well to the potentials of the anodic current peaks in the LSV’s. The existence of peaks in
the linear sweep voltammograms indicates that these
potentials are indeed reversible potentials (irreversible
potential contributions such as activation overpotentials or diﬀusion overpotentials would increase monotonically with overpotential and not result in peaks).
In fact, when the cathodic pulse amplitude applied
was more negative than the potential of the most anodic peak observed on the linear sweep voltammo-

gram, the plateau at the potential similar to the linear
sweep voltammogram peak potential was recorded in
the potential-time of curve of the “open circuit” measurement. When potential pulse amplitude exceeded
both linear sweep voltammogram peak potentials, the
potential-time curves of the “open circuit” showed two
plateaux at the potentials very close to the voltammogram peak potentials. This allowed the charge belonging to each of the plateaux (aluminium-silver intermetallic compounds) produced during potential step
to be calculated on the basis of the time it took to be
dissolved (dissolution current density being constant
at 0.02 mA cm−2 ). The charges of cathodic deposition
processes corresponded well to the anodic dissolution
charges (within ±3 %) calculated as the multiple of
dissolution current density and the time elapsed for
the dissolution. Comparison of the charges obtained
this way agreed very well (within ±5 %) with the
charges under the anodic peaks limited by the same
potential range in the LSV voltammetry.
Prolonged potentiostatic underpotential deposition brought about a proportional increase in the
“open circuit” dissolution time, but this had little effect on the potentials of the plateaux. An increase
in the working temperature, however, increased the
amount of aluminium deposited and dissolved. This is
again consistent with the previously described linear
sweep voltammetry results.
The “open circuit” measurements, and particularly:
a) the existence of the reversible (or corrosion) potential (two of them apart from reversible potential of
silver substrate),
b) the temperature dependence of these potentials,
c) very similar behaviour of these potentials and
the reversible aluminium potential,
gave strong support to the assumptions already
made earlier, that intermetallic compounds are formed
between silver substrate and underpotentially deposited aluminium.
4.3. Alloy formation
Both the linear sweep voltammograms of aluminium deposition/dissolution (Fig. 1) and low-current galvanostatic stripping measurements (Fig. 2)
clearly show that some interaction between the substrate and aluminium from the melt occurs at a potential positive to the potential of the aluminium reference electrode. If there were a nucleation barrier for
alloy formation, one would expect an increase in the
cathodic current during holding at the cathodic-end
potential. No such increase was observed, indicating
dynamic quasi-equilibrium is maintained at the surface by diﬀusion of the aluminium into the metal substrate. Since it is known that silver [59] makes several
intermetallic compounds with aluminium, the anodic
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dissolution peaks could be ascribed to the aluminium
from diﬀerent intermetallic compounds, having naturally diﬀerent dissolution potentials. This was conﬁrmed by the GIXRD and EPMA analysis.
Alloying of silver with aluminium in the underpotential region becomes more pronounced with increasing melt temperature, indicating that diﬀusion of aluminium in the solid state becomes faster at higher
temperatures.
4.4. Calculation of Gibbs energy of formation
from potential data
The equation correlating the equilibrium potential
of a metal electrode and its ions in a solution was ﬁrst
derived by Nernst [60] and written in the general form
that is applicable to electrodes of all types:
E = E◦ +

aox
RT
ln
,
zF
ared

(1)

where aox and ared are activities of the substances involved, R is the gas constant, T the absolute temperature, and F is Faraday’s constant. The constant
E ◦ is the standard potential for the redox couple being considered (i.e. the potential measured when all
the activities are equal to unity), the conditions being
those corresponding to the standard state. Standard
potentials are listed in most physical chemistry textbooks.
Equation (1) gives the potential of the electrode at
which the reaction is:
−

Reduced State ↔ Oxidized State + ze .

(2)

Clearly, if the electrode is one consisting of an alloy
containing metal M of valence z, reversible with respect to M z+ ions, so that the electrode reaction is:
Malloy ↔ M z+ + ze− .

(3)

The Nernst equation takes the form:
o
EM,alloy = EM
z+ /M +

a z+
RT
ln M
,
zF
aM,alloy

(4)

where aM,alloy is the activity of the metal M in the
alloy, aMz+ is activity of the M ions in the solution
with which the alloy is in equilibrium.
The reversible potential of metal M in the solution,
EM , is given by:
EM

RT
o
ln aMz+ ,
= EM
z+ /M +
zF

(5)

o
where EM
z+ /M is the standard potential of metal M

and aMz+ is the activity of M z+ ions in the solution;
the activity of pure metal being taken as unity.

Fig. 6. Schematic diagram of free energy of formation
against composition.

If the potential of an alloy is measured relative to a
pure metal reference electrode, the potential measured
is:
RT
EM,alloy − EM =
ln aM,alloy .
(6)
zF
It is this potential which is measured in the work described here (e.g., Fig. 2).
Formally, the activity of the metal M is deﬁned in
relation to the partial free energy of formation of the
metal M in the alloy, thus:

RT ln a = ∆ḠA =

∂∆Gf(alloy)
∂NA


.

(7)

Only in some cases is this activity simply related
to the free energy of formation of an alloy or an intermetallic compound.
Consider a binary system AB3 forming the intermediate stoichiometric compound AB and AB3 .
The diagram of free-energy-of-formation (always
per mole of A + B) against composition will look as
shown in Fig. 6.
Between the stoichiometric compositions the total
free energy of a given composition is simply a linear combination of the free energy of the two phases
present (“lever rule” [61]).
Thus in the regions of this example the partial
molar free energy of A:

∆ḠA =

d∆GA
dNA


(8)
T,p

is constant between each of the compounds in the
phase diagram, Fig. 7. Figure 7 represents a graphic
form, which can be easily plotted using experimental
values of the change in Nernstian overpotential with
composition.
The general relation between the free energy of the
system and the free energy of component A of a binary
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Fig. 7. Partial molar free energy of A as a function of molar
ratio for the case where two stoichiometric intermetallic
compounds, AB3 and AB, are formed.

Fig. 8. Partial molar free energy of A as a function of molar
ratio for the case where two stoichiometric compounds are
formed and where there is a signiﬁcant range of solubility
of A in B.

system is given most conveniently by Duhem-Margules
equation [62].
Within the ﬁrst region of the phase diagram (x
= 0 to x = 1/3) ∆ḠA is constant. In this case, the
free energy value calculated from the Nernst equation
corresponds to the free energy of formation, per mole
of A, of the compound AB3 . This simple result comes
about because in this example, the energy needed to
deposit the ﬁrst atom of A in AB3 is the same as the
energy needed to deposit the last atom.
For the second intermediate compound, AB (as
can be seen looking at Fig. 7) the integration of the
Duhem-Margules equation must be carried out in two
steps.
In general, to know the free energy of formation of
any compound, it is necessary to have information not
only on the partial free energy of A in that compound,
but also in all the compounds (or solutions) which lie
between the compound of interest and pure B. This
has sometimes been omitted in literature.
If there is a signiﬁcant range of solid solution of
A in B, then this should also be taken into account.

Fig. 9. Partial molar free energy of A as a function of molar
ratio for the case where two compounds approximately AB
and AB3 with the range of stoichiometry are formed and
where there is a signiﬁcant range of solubility of A in B.

Figure 7 would then schematically appear as shown in
Fig. 8.
The ratio of the shaded area to the total area under
the curve represents the error involved in neglecting
the solid solubility of A in B. Similarly, if the compounds also show a range of compositions, the schematic diagram given in Fig. 8 becomes as given in Fig. 9.
Here one can see that ∆Gf will depend somewhat
on the exact composition of the compound. In practice, however, the range of stoichiometry is usually
much smaller than the gaps in miscibility between one
compound and the next; in this case it is more important to know the constant ∆ḠA values in the gaps
than the change of ∆ḠA in the stoichiometric ranges.
The error in ∆Gf will be of the same magnitude as its
variation with stoichiometry.
It is important to note that although ∆ḠA (and
∆Gf ) depend on the exact composition of the intermetallic compound, ∆ḠA is constant for mixtures of
two adjacent compounds. This is shown by the ﬂat sections of Fig. 7, which occur in the composition ranges
associated with two co-existing phases. Thus, one can
expect graphs of Nernstian overpotential against composition to show plateaux corresponding to each pair
of co-existing phases.
The “open circuit” graphs provide probably the
most accurate estimates of the reversible aluminium
potential corresponding to pairs of phases on the metal
surface. This is because they should not be inﬂuenced
by the experimental conditions (e.g. scanning rate).
Applying the Nernst equation to the potentials reported in Table 3 gives information on the partial
molar Gibbs energy of aluminium existing on the surface at various times. This is constant when pairs
of phases co-exist at the metal surface. In general,
∆Gf for a phase can only be calculated by Gibbs-Duhem integration [62]. To do this, a graph like Fig. 7
needs to be drawn, or at least visualized, based on the
“open circuit” potential data. Following the proced-
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T a b l e 6. Average potential values of observed plateaux in “open circuit” measurements E, partial molar free energy of
aluminium ∆ḠAl and free energies of formation ∆Gf of the assumed phases calculated at three diﬀerent temperatures
(∗ literature value [64])
t (◦C)
Phase
composition

200

250

300

Plateau E
∆ḠAl
∆Gf
Plateau E
∆ḠAl
∆Gf
Plateau E
∆ḠAl
∆Gf
(V vs. Al) (kJ mol−1 ) (kJ mol−1 ) (V vs. Al) (kJ mol−1 ) (kJ mol−1 ) (V vs. Al) (kJ mol−1 ) (kJ mol−1 )

δ + µ phase

0.11

–37.99

–43.53

0.12

–41.45

–47.50

0.11

–37.99

–43.53

µ phase + s.s.
of Al and Ag

0.64

–185.3

–42.33
–29.3∗

0.64

–185.3

–42.33
–29.7∗

0.62

–185.3

–42.33
–30.2∗

Erev (V vs. Al)

0.92

–266.3

0.9

–260.5

0.87

–251.9

ure in [63], one should construct a graph of the partial
molar Gibbs energy of aluminium as a function of aluminium/silver mole ratio, and then integrate it up to
the composition of interest.
The problem in the present case is that whereas
one knows the potentials, and thus the values of the
partial Gibbs energy of aluminium, ∆ḠAl corresponding to pairs of phases, one does not know ab initio,
which phases or concentrations of aluminium these
correspond to. This information can be surmised by
matching the voltage plateaux to regions of the phase
diagram where two phases co-exist. This procedure assumes that the phase diagram is obeyed. GIXRD and
microanalysis data, which indicate which phases are
actually present, can help in this matching.
According to silver-aluminium phase diagram [59]
there are three two-phase regions at 250 ◦C and 300 ◦C:
– solid solution of Al in (Ag + µ) phase or Ag3 Al
(12.5 to 21 at.% Al);
– (µ + δ) phase or Ag2 Al (24 to 33 at.% Al);
– δ phase + solid solution of Ag in Al (41.9 to 99.2.
at.% Al).
It is obvious from Tables 3 and 4 that the number
of plateaux observed in “open circuit” measurements
in Fig. 2, as well as the number of phases identiﬁed
by the GIXRD method, are less than the number of
two-phase regions shown in Ag-Al phase diagram. At
200 ◦C, 250 ◦C and 300 ◦C the plateau corresponding to
Ag2 Al in equilibrium with (δ phase + solid solution
in Al) is missing. Not surprising, because it seems unlikely that an Al solid solution containing only ∼
= 0.5
at.% of Ag could be formed at 0.01–0.150 V vs. Al.
The GIXRD data (Table 4) did not show all the
phases [56–58], even if they showed plateaux in the
electrochemical stripping or dissolution peaks in the
anodic part of the LSV diagrams. Possible reasons
might be: Ag-rich phases like (Ag3 Al) may be buried
too deep for the X-rays to penetrate or some phases
might be very thin because aluminium is too slow to
diﬀuse in them.
However, at 250 ◦C no plateaux are missing, so
these data are used to assign phase pairs (Fig. 10).

Fig. 10. Graphical representation of the calculation of (integral) free energies of formation ∆Gf from partial molar
free energies calculated from “open circuit” plateau potentials. Data from Al in Ag at 250 ◦C.

Then, for the other temperatures, it was assumed
that the plateaux present corresponded to the ones
at 250 ◦C which occured at similar potentials.
The calculated values of ∆Gf of the assumed
phases are given in Table 6 together with partial molar
Gibbs energy of aluminium and corresponding potential values of observed plateaux in the “open circuit“
measurements at three diﬀerent temperatures. In each
case ∆Gf refers to the ﬁrst phase of the quoted phase-pair (the one richer in aluminium, Table 4 and [56–
58]), at its minimum-aluminium composition. No literature values for these data could be found for comparison: high temperature data cannot be extrapolated
reliably because of the changes in the phase diagram.
A possible source of error is the assumed behaviour
of ∆ḠAl as the mole fraction of aluminium approaches
zero. The dashed line on Fig. 10 was drawn to the
∆ḠAl axis as implied by the measured open-circuit
potential of silver in the electrolyte, even though in
the theory the value of ∆ḠAl should asymptotically
approach inﬁnity at the axis.
4.5. The growth of layers of intermetallic
compounds
The EPMA and X-ray results clearly show that
successive layers of intermetallic compounds are for-
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med at the surface of silver electrode. In order to interpret quantitatively the results of EPMA proﬁles, one
needs a theory to describe the simultaneous growth of
multiple layers of an intermetallic compound. In the
literature one can ﬁnd similar attempts [4, 12, 38, 40–
43, 65, 66].
The Nernst equation is valid if the reaction is controlled by diﬀusion of aluminium into the substrate
(and not by the activation rate control at the surface). This is demonstrated by the E-τ d scans (“open
circuit” stripping data): if the reaction was activation controlled, the rate of dissolution would get faster
monotonically with increased overpotential. The plateaux observed show that it is sensitive to compound
formation under the surface.
If rate control is by solid-state diﬀusion, then the
surface reactions are in equilibrium, and since one applies a ﬁxed potential, the Nernst equation predicts a
ﬁxed activity of aluminium on the surface. This is the
diﬀusion boundary condition.
Surface and subsurface analysis shows more or less
uniform layers on the surface so 1-D diﬀusion solution model is appropriate (i.e. no apparent problems
of nucleation in the experimental time scale: restricted
nucleation could give rise to three-dimensional growth
of second phases).
4.5.1. Diﬀusion in solid solutions
Instead of the Fick equation:
J = −D

dc
,
dx

(9)

one may write [67]:
J = −ukT c

d ln a
,
dx

(10)

where u is mobility, c is concentration, a is activity of
the diﬀusing particles, k is Boltzmann’s constant, and
T is absolute temperature.
Since in an ideal solution a = c, one could also use
the Fick equation putting D = ukT .
In a non-ideal solution, one can use the activity
coeﬃcient γ (which is in general a function of c and a
= γ c) and write:

Fig. 11. The concentration gradient (a) and the corresponding activity gradient (b) for the case where one intermediate compound is formed.

which is simply Fick’s law and deﬁnes D = ukT for
any regular solution, including an ideal solution.
For non-regular solutions, Eq. (10) becomes:
J = −Dc

d ln a
.
dx

(13)

4.5.2. Diﬀusion-limited growth of an intermetallic
compound
Often it is possible to ignore the amount of aluminium in the substrate lattice by comparison to the
large amount of aluminium in the surface compound.
All diﬀusion is in the intermetallic compound.
The concentration gradient and the corresponding
activity gradient can be presented as in Fig. 11(a) and
(b), respectively.
Assuming the stoichiometry range of the compound is small, c is constant. Also one may assume
u does not depend on stoichiometry; this is necessary since no information on how u varies with stoichiometry exists. Such an assumption is valid since
the eﬀects for an intermetallic compound will be much
smaller than for ionic solids. Thus u will be an “average” mobility. There is no reaction between x = 0 and
x = x, so J is constant. Thus after integration of Eq.
(10) (for x = 0, a = aext ; for x = x, a = a1 ; and a1 <
aext ):
J = cukT

ln aext − ln a1
.
x

(14)

The rate of growth of the compound is given by:
J = −ukT c

d ln (γc)
.
dx

(11)

In a dilute Henrian solution, γ is constant, so one
can say:
dc
J = −ukT ,
dx

(12)

dx
M
=J ,
dτ
fρ

(15)

where M is the gram-atom mass of the compound, f
is the atomic fraction of Al in compound, ρ is density
of intermetallic compound and τ is time.
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The rate of thickening of phase 2 is the rate of
conversion of phase 1 into phase 2. Only aluminium
arriving in ﬂux J2 and not diﬀusing on into phase 1 is
available for the conversion. The volume converted for
a given amount of aluminium is inversely proportional
to the additional fraction of aluminium necessary to
convert phase 1 into phase 2:
dx2
M2
= (J2 − J1 )
.
dτ
ρ2 (f2 − f1 )
Fig. 12. Concentration gradients (a) and corresponding
activity gradients (b) for the case where two intermediate compounds are formed.

Then from Eqs. (14) and (15) one obtains:
ln aext − ln a1
dx f ρ
= cukT
,
J=
dτ M
x

(16)

(22)

The rate of growth of phase 1 is the same as that for
the single phase (Eq. (16)) except it is being consumed
by phase 2, thus:
dx1
M1
dx2
= J1
.
−
dτ
f 1 ρ1
dτ

(23)

Making the following abbreviations:

then:
M cukT
x2
=
(ln aext − ln a1 )τ + const.
2
fρ

(17)

c1 T ku1 (ln a2 − ln a1 ) = C1 ,

(24)

c2 T ku2 (ln aext − ln a2 ) = C2 ,

(25)

If x = 0 when τ = 0 and const = 0:

x=

2M cukT
(ln aext − ln a1 )τ
fρ

1/2
.

(26)

M2
= K2 ,
ρ2 (f2 − f1 )

(27)

(18)

Thus one can see that x ∝ τ .
√
One can use the rule-of-thumb equation x = 2Dτ
and in this case the “diﬀusion coeﬃcient” (better
called a “thickening constant”) would be equal to:
1/2

M cukT
(ln aext − ln a1 ),
“D” =
fρ

M1
= K1 ,
f 1 ρ1

and substituting Eqs. (20) and (21) into (22) gives:
dx2
K2 C2
K2 C1
=
−
.
dτ
x2
x1

(28)

(19)

which is much diﬀerent from the ideal D = ukT , and
depends on the activity at the surface, and hence on
the applied potential.

Similarly, substituting Eqs. (20) and (21) into (23)
gives:
dx1
K1 C1
dx2
=
.
(29)
−
dτ
x1
dτ

4.5.3. Diﬀusion with the formation of 2 intermediate
compounds

Now, one can use a little intuition
and try assuming
√
that x1 and x2 still depend on τ :

The concentration gradients and the corresponding
activity gradients have the form as shown in Fig. 12.
Using the same assumption as for a single phase,
one has:
J2 = c2 kT u2

(ln aext − ln a2 )
x2

(20)

(ln a2 − ln a1 )
.
x1

(21)

and:
J1 = c1 kT u1

x1 =

√
√
2Aτ and x2 = 2Bτ ,

(30)

where A and B are expressions to be determined. If
they are independent of τ then the guess is correct.
Substituting x1 and x2 from Eq. (30)√into Eqs. (28)
and (29), multiplying the results by 2Aτ and rearranging the obtained equation, one has:
√
K1 C1 √
− A.
B= √
A

(31)

68
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Fig. 13. Width of Al-rich layers formed on the surface of
silver, as a function of square root of time: x1 is the width of
the inner layer of intermetallic compound, x2 is the width
of the outer intermetallic layer and x is the width of a layer
of pure Al which would contain the same total amount of
Al.

It becomes obvious that both
√ A and B are independent of time. In order for B to be positive (and
thus B to be real) the general “–” solution for A should
be taken.
The ﬁnal formula is complex, but the important
point is that both layers increase their thickness proportionally to square root of time. The
√ proportionality constant in the ﬁnal formula (x = 2Dτ ) for each
layer is a complex function of the mobilities, densities,
activity limits and compositions of both layers. The
“D’s” are best called “thickening constants” to avoid
the implication that they have a simple relation to the
mobility, as in an ideal solution, Eq. (10). Note that
the thickening constants for both layers depend on the
activity applied at the surface, which is not√predicted
from the thoughtless application of the x = 2Dτ approximation. The conclusions for the inner layer will
apply also to further inner layers, if formed, since these
will be mathematically identical to the single inner
layer.
Figure 4 and data from Table 5 show how the thickness of the intermetallic layers, measured by EPMA,
increases with time of UPD. According to the abovementioned theory thickness of each intermetallic layer
should increase with square root of time, under solidstate diﬀusion control. The points measured by EPMA
usually showed one or more obvious steps corresponding to the compositions expected from the phase diagram and X-ray results.
The reasons why the steps are not better deﬁned
are:
– most phases show a range of compositions;
– the lateral resolution of the EPMA is of the order
of 1 µm.
To arrive at the best estimate for the thickness of
each layer, data from the phase diagram were used. In

Fig. 4 no clear steps are noticeable from the diagram
and one can say that it is not possible to form a single
phase in the composition ranges 12.5 to 21 at.% Al
and 24 to 33 at.% Al. In these regions, one may draw
vertical lines on the graph (in the other composition
ranges the graph has a slight slope), because of the
range in composition of the intermetallic phases. In
this way one arrives at the reconstructed concentration proﬁle shown with the corresponding widths of
the layers (x1 and x2 ) of the two intermetallic compounds.
One can see that, given a lateral resolution of 1 µm
for the EPMA, the measured points are just what one
would expect for such a proﬁle. The thicknesses of the
inner (x1 ) and outer (x2 ) intermetallic
layers formed
√
on silver as a function of τ are shown in Fig. 13
(data taken from the EPMA graphs such as in Fig. 4).
The line (x) on the graph corresponds to a “characteristic depth of aluminium penetration“ deﬁned in a
way which allows comparison with the electrochemical stripping data. The thickness of x2 layer obeys
the theory well.
4.5.4. “Characteristic depth of aluminium
penetration” and thickening of intermetallic layers as
a function of time
According to the theory expounded above, the
thickness of each intermetallic layer, including “buried” ones, should increase with square-root of time,
under solid state diﬀusion control.
The charge of aluminium, QAl,(max), dissolved from
the Ag electrodes after Al underpotential deposition
at diﬀerent temperatures and diﬀerent times obtained
from linear sweep voltammograms is given in Table 2.
These charges are time dependent and considerably
higher than those corresponding to a close packed
monolayer of aluminium, indicating the formation of
an Al+Ag alloy in the region close to the interface.
Figure 14 shows plots of QAl,(max) as a function of
1/2
τd obtained from anodic parts of voltammograms
at various temperatures. Linear relationships are observed with intercepts at τ d = 0. Corresponding calculated slope (mC s−1/2 ) for the curves in Fig. 14 is
given in Table 7.
Under the assumption that the penetration depth
(∆x) of the alloy into bulk metal can be estimated
from the equation [66]:
∆x =

M Qa
,
zF ρ

(32)

where M = 26.98 g mol−1 and ρ = 2.38 g cm−3 are the
atomic mass and the density of aluminium, respectively, z = 3 is the charge involved per atom, and Qa is
the charge involved in formation of alloy after deposition at Ed for the time τ d . Here Qa is taken as the
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rection for the density. In Table 8 the “characteristic
depth of pure aluminium penetration” into silver electrode used is given in µm at diﬀerent temperatures.
To get an overall D (obtained from LSV data), one
needs to ﬁnd the thickness of the layer of pure aluminium, which has the same amount of aluminium in
it as the total amount diﬀused into the metal. It should
be understood that this “characteristic depth of pure
aluminium penetration” has little meaning in terms of
the actual penetration of Al, but gives an indication of
the amount of Al absorbed. From the “characteristic
D”, it is possible to estimate a sort of overall diﬀusion
coeﬃcient for aluminium in the substrates, using the
well-known rule-of-thumb [68]:
(∆x)2 = 2Dτ d .
Fig. 14. Charge of aluminium dissolution QAl,(max) as a
1/2
function of τ d at 200 ◦C, 250 ◦C and 300 ◦C for silver electrode.
T a b l e 7. Calculated slopes (mC s−1/2 ) for the curves in
Fig. 16
Temperature (◦C)

200

250

300

Calculated slope

1.01

12.9

16.9

T a b l e 8. The “characteristic equivalent depth” of pure
aluminium (µm) into silver electrode at diﬀerent temperatures
Temperature (◦C)
“Depth” (µm)

200

250

300

0.009

0.12

0.15

T a b l e 9. Comparison of “overall diﬀusion coeﬃcients”
(cm2 s−1 ) for aluminium measured using electrochemical
stripping and EPMA concentration proﬁle
t (◦C)

Stripping data

τ d (h)

EPMA

200

7.8 × 10−16

2

–

250

1.3 × 10−13

1
2
4

1.7 × 10−13
1.9 × 10−13
1.9 × 10−13

300

2.2 × 10−13

2

6.0 × 10−13

charge in excess of the value obtained from the extrapolation to τ d , i.e. Qa = QAl,(max) − QAl,(max),τd =0 .
In fact this is thickness of an equivalent layer of pure
aluminium, but it is diﬃcult to make an easy cor-

(33)

From Eqs. (32) and (33) it follows that a sort of
overall diﬀusion coeﬃcient of aluminium in the bulk
of the metal (Ag) used is given by:
1
D=
2



M
zF ρ

2 

Qa
√
τd

2
.

(34)

By taking z = 3, M(Al) = 26.98 g mol−1 and ρ(Al)
= 2.38 g cm−3 , calculated overall diﬀusion coeﬃcients,
“D”, of aluminium in the bulk of the metal used at
three diﬀerent temperatures are given in Table 9 under
stripping data.
The “characteristic
depth” obtained by EPMA also
√
varies with τ , Fig. 13. Table 9 shows the “overall diﬀusion coeﬃcient” calculated from characteristic
depths (Eq. (33)), for each specimen examined with
EPMA, compared to the values already reported from
the stripping data. In general, agreement is good. The
deviations tend to occur at the lower “D”, values,
where errors in the measurements are more important.
The EPMA values of “D” tend to be slightly higher,
probably because of human tendency to measure the
thickness of the layer where it is easiest, i.e., widest.

5. Conclusions
a) Electrochemical techniques used showed underpotential deposition of aluminium from equimolar
AlCl3 + NaCl melt on silver substrate at temperatures
ranging from 200 ◦C to 300 ◦C.
b) The UPD results in intermetallic compounds
formation by solid-state diﬀusion of Al into the Ag
substrate. Two intermetallic compounds could be distinguished: Ag3 Al {solid solution of Al in Ag + µ
phase (12.5 to 21 at.% Al)} and Ag2 Al {µ + δ phase
(24 to 33 at.% Al)}. The results were consistent with
established phase diagrams.
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c) Linear dependence of the intermetallic layer
thickness and the “characteristic aluminium penetration depth” on the square-root of deposition time was
conﬁrmed, both by EPMA analysis and by “open circuit” anodic stripping.
d) Thermodynamics shows that the constant potential regions measured during “open circuit” measurements correspond to the coexistence of pairs of intermetallic phases at the surface of silver.
e) The electrochemical potential of aluminium in a
particular composition of the intermetallic compound
can be converted directly to a free energy of formation,
using the Nernst equation, only if no compounds or
solution with lower concentration of Al can be formed.
In general, a Gibbs-Duhem integration must be performed to arrive at free energies of formation from
measured electrode potentials.
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