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Aluminum–alkaline solution systems are very common in engineering applications including nuclear
engineering. Consequently, a thorough knowledge of the chemistry of aluminum and susceptibility to
corrosion in alkaline solutions is reviewed. The aluminum corrosion mechanism and corrosion rate are
examined based on current experimental data. A review of the phase transitions with aging time and
change of environment is also performed. Particular attention is given to effect of organic and inorganic
ions. As an example, the effect of boron is examined in detail because of the application in nuclear reactor
power systems. Methods on how to reduce the corrosion rate of aluminum in alkaline solutions are also
highlighted.

� 2008 Elsevier B.V. All rights reserved.
Contents
1. Introduction . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . 175
2. Aluminum hydroxide . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . 176
2.1. Hydroxide phases . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . 176
2.2. Phase transition. . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . 176
2.3. General cation/anion effects on aluminum hydroxide phase . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . 179
3. Aluminum solubility in alkaline solution . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . 180

3.1. Prediction of the aluminum solubility . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . 180
3.2. Effects of organic complex agents on aluminum solubility . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . 181
4. Aluminum–boron complex. . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . 181

4.1. Boron behavior in the solution. . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . 181
4.2. Boron adsorption. . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . 182
5. Particle size distribution. . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . 184
6. Aluminum corrosion. . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . 184
6.1. Corrosion mechanism . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . 184
6.2. Corrosion rate . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . 185
6.3. Corrosion inhibitor . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . 187
7. Summaries and conclusions . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . 188
Disclaimer . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . 188
References . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . 188
1. Introduction

Aluminum and its alloys are widely used in many engineering
applications and scientific technologies, such as in aerospace, ad-
vanced nuclear reactor, surface coating, metal/air batteries, etc.
For example, aluminum–alkaline solution systems are often uti-
lized in the development of metal/air batteries in which the alumi-
ll rights reserved.

: +1 505 665 2897.
num is used as the anode. These batteries may be used as power
sources for electric vehicle propulsion. The battery performance
is determined by the electrochemical and corrosion properties of
aluminum anodes [1]. Consequently, the aluminum behavior has
an import impact on the battery properties. Another common
example of aluminum–alkaline solution systems can be found in
nuclear water reactors during a loss of coolant accident (LOCA).
The chemical environment generated by the injection of coolant
into the emergency-core-cooling-system has a pH around 10 [2].
The release of aluminum into solution via corrosion may result in
precipitate, which may lead to a system failure.
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Fig. 1. Gibbsite and bayerite layer stacking patterns [5].
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It is well known that aluminum oxide scale generally can pro-
vide better oxidation resistance and yield a lower oxidation rate
than other protective oxide layers, for example chrome oxide scale.
The aluminum oxide scale is compact and thermodynamically sta-
ble in neutral environments, and it also has a good adherence to
the substrate. Therefore, the aluminum oxide scale appears to be
an ideal protective scale. However, it has been reported that the
scale can be dissolved and exists in the solution as the following
species: Al+3, Al(OH)+2, AlðOHÞþ2 and AlðOHÞ�4 , in an acidic or alka-
line solution.

Because of the extensive applications, the behavior of alumi-
num and its alloys in various systems have been extensively stud-
ied. Critical review articles on the aluminum–water system have
been performed by Alwitt [3] and on localized corrosion by Foley
[4]. In the present study, we focus on the aluminum–alkaline sys-
tems. Available experimental data and theoretical analyses are or-
ganized and reviewed. The present studies lead to rethinking of the
available data by theoretical and experimental studies.

The rests of the article are organized as following:

– Section 2 presents the aluminum hydroxide phases and the fac-
tors that affect the phase transition.

– Section 3 addresses the aluminum solubility in alkaline solution.
Methods on how to predict the solubility are presented in this
section.

– Section 4 presents the boron effects on aluminum behaviors in
alkaline solution including aluminum–boron complex formation
and the boron adsorption on aluminum hydroxide.

– Section 5 reviews the particle size distribution measurements of
aluminum–alkaline system.

– Section 6 addresses the aluminum corrosion in alkaline solution,
including the corrosion mechanism, corrosion rate data, corro-
sion inhibition and film kinetics.

– Conclusions are summarized in Section 7.
2. Aluminum hydroxide

2.1. Hydroxide phases

In an aluminum–alkaline solution system, a determination of
the dissociation of the aluminum hydroxide solid phase is needed
in order to determine the solubility of aluminum in the solution. It
has been reported that the dissolution process is a function of the
aluminum hydroxide solid phase. The aluminum hydroxide may
exist in an amorphous form or as one of three crystalline forms
known as gibbsite, bayerite, or nordstrandite. The crystalline poly-
morphs differ only in the packing arrangement of the layers [5],
and the Al–O–Al layer framework is identical [6]. Each aluminum
ion has three neighboring Al coordinated with pairs of hydroxyl
groups. The layers are held together by a network of hydrogen
bounds. Ordering of these layers forms the essential difference be-
tween these structures. In gibbsite, the hydroxyl groups of one
layer are stacked directly on top of the hydroxyl groups of the next
layer, creating a crystal of hexagonal morphology, and their rela-
tionships are clearly of type AB–BA–AB as shown in Fig. 1. The hy-
droxyl groups of bayerite reside in the depressions of the layers
below and above, creating a conically shaped crystal. The bayerite
has an AB–AB type lattice. Nordstrandite also has an AB–AB type
lattice and is composed of alternating layers of gibbsite and baye-
rite [6].

XRD has been utilized to characterize aluminum hydroxide
crystalline structure. Gibbsite (a) is identified by the presence of
three principal diffraction lines at 0.485, 0.437, and 0.432 nm.
Bayerite (b) is distinguished by strong diffraction lines at 0.472
and 0.436 nm, whereas nordstrandite (c) is detected by the pres-
ence of three major diffraction lines at 0.479, 0.433, and
0.422 nm. The amorphous precipitate produces a diffraction pat-
tern that is only a halo around the range of 3–4 nm [7].

Two other common crystals that form in aluminum–alkaline
solution are boehmite and pseudoboehmite with composition of
AlOOH. These two crystals are built up out of the same fundamen-
tal: a double sheet of octahedral crystals with Al ions at their cen-
ter, but there is a variable amount of water between double
octahedral layers. The major distinction between pseudoboehmite
and boehmite is that the former has broad diffraction peaks and
that the spacing of the first peak of pseudoboehmite is larger than
that of boehmite.

2.2. Phase transition

Numerous experiments have been conducted in alkaline sys-
tems on the phase transition of the solid aluminum hydroxide.
These experiments were critically reviewed by Nordstrom and
May [8]. It has been found that the equilibrium solid phases are
a complex function of the experimental conditions and the nature
of the materials utilized, i.e., particle size and surface area [8]. To
address the sensitivity of the results to experimental conditions,
an elaborate device in which acidified aluminum nitrate solutions
were titrated with alkali (NaOH or KOH) was designed [9]. Consid-
erable effort was devoted to ensuring vigorous mixing of the reac-
tants so as to avoid local hydroxyl ion concentrations appreciably
larger than the overall concentration, as this will result in the for-
mation of a local precipitate.

Results from the investigation (Ref. [9]) are shown in Table 1.
Clearly, the aluminum hydroxide solid phase formation is a func-
tion of temperature and pH. It was reported that visible precipitate
in the system with an initial aluminum nitrate concentration of
0.072 M first occurred at approximately a pH 6.1 and 25 �C. De-
crease in temperature leads to a lowering of the onset pH of solid
phase formation. It should be noted that in these studies neither
precipitate nor colloids were found at OH/Al ratios of less than
2.5, even after aging for 2 months. (The value of OH/Al = 2.5 is very
close to the vector percolation threshold of 2.4, which represents
the minimum number of cross links required for a 3-D structure
to attain rigidity [6].) However, in more common investigations
where the hydroxyl ion concentration is non-uniformly added, a
different behavior is observed. Depending on the rate of alkali
addition, the solid phase can be formed at OH/Al ratios of less than
2.5. In addition, the non-uniform addition of the alkali yields a
more-crystalline product than the amorphous product that is
found in a more uniform setting [10,11].



Table 2
Effect of age on the pH and crystalline structure of aluminum hydroxide prepared form 0.0378 M aluminum nitrate solution at 25 oC [12].

OH/Al 2.90 2.95 3.02 3.25
Initial pH 5.00 5.50 8.00 9.50

1 Day 4.85 5.48 7.85 10.64
Amorphous Amorphous Weak Pseudoboehmite Mixed Pseudoboehmite/bayerite

1 Week 4.82 5.18 7.60 10.74
Amorphous Amorphous Mixed Pseudoboehmite/bayerite Mixed Pseudoboehmite/bayerite/gibbsite

1 Month 4.29 4.35 7.50 10.79
Amorphous Amorphous Mixed Pseudoboehmite/bayerite Mixture bayerite gibbsite

Heated (5 days) 4.05 4.10 7.25 9.47
Gibbsite Gibbsite Pseudoboehmite Gibbsite

Fig. 2. Change in XRD pattern of aluminum hydroxide gel during aging at 25 oC for
(A) 56 days, (B) 78 days, (C) 94 days, (D) 115 days, (E) 189 days [20].

Table 1
Aluminum hydroxide solid phases as functions of pH and temperature [9].

pH Temperature (�C)

24 28 40 60 90

6 A A
7 Microbay A A A
8 Microbay A A
9 Microbay A A Gellbo

10
Microbay 

Bay 

Bay

Bay 

A Microbay 

Bay 

Gibb 

Gelbo (Gibb) (Bay)

A = amorphous; microbay = amorphous with few diffuse lines of bayerite; gibb = gibbsite; bay = bayerite; gellbo = gelatinous boehmite.
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In another investigation of the phase behavior of aluminum
hydroxide systems, Hayden [12] found that the phase transition
was also dependent on aging and affects the pH. The results are
presented in Table 2. The table shows that increasing the initial
pH > 8 combined with aging lead to the appearance of a more-crys-
talline product. In addition, as may be seen at less than 9.5, aging
has the effect of decreasing the pH. Furthermore, an increase in
temperature in all cases decreases the pH. The observed change
in pH is due to precipitation, and the formation of double hydrox-
ide bridges which occurs by the sequential deprotonation and
dehydration reactions shown below:

AlðOH2Þ3þ6 ¼ AlðOHÞðOH2Þ2þ5 þHþ; ð1Þ
AlðOHÞðOH2Þ2þ5 ¼ Al2ðOHÞ2ðOH2Þ4þ8 þ 2H2O: ð2Þ

Because it is generally accepted that under slight alkaline condi-
tions the rate-limiting step in the precipitation of aluminum
hydroxide is the formation of Al–OH–Al bridges, the ratio OH/Al is
of paramount importance [13].

Table 2 also shows that the aluminum hydroxide precipitate
recovered from aged solutions at OH/Al of 2.90 and 2.95 is amor-
phous when aged one month at 25 oC, but heating up to 65 oC for
five days produces gibbsite. At an OH/Al ratio of 3.02, crystalline
aluminum hydroxide consisting of bayerite and pseudoboehmite
was found after aging one month. At an OH/Al ratio of 3.25, a mix-
ture of pseudoboehmite and bayerite was identified much sooner
in the solid phase. Heating of the solution prepared at OH/Al ratio
of 3.02 and 3.25 for five days produced pseudoboehmite [12].
Therefore, the aluminum hydroxide phase transition depends
strongly on OH/Al ratio as well as the aging temperature.



Fig. 3. A schematic representation of the formation and enlargement of crystalline aluminum hydroxide from sodium aluminate solutions. (A) Dilute solutions, (B)
concentrated solutions. The size ranges indicated are speculative and are based on literature sources [21].

Fig. 4. Possible pathways for polymerization of Al(OH)3. The A represents an anion
[27].
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The phase transitions are related to the pH of solution and the
concentration of aluminum in the solution. A criterion is defined by

X ¼ � logðcHþ Þ � logðcAlÞ; ð3Þ

where c is the concentration of element in M. Van Straten [10] re-
ported that in cases where X < 12, the transition of phases as a func-
tion of aging is amorphous–pseudoboehmite–bayerite, whereas if
12 < X < 12.55, the phase transition will be pseudoboehmite–baye-
rite, and if X > 12.55, bayerite will be immediately formed.

Investigations have been performed on the transformation of
aluminum hydroxycarbonate in aqueous solutions to address the
mechanism of formation of crystalline aluminum hydroxides
[14]. As discussed in Ref. [15], Aluminum hydroxycarbonate is
actually amorphous aluminum hydroxide in which some carbonate
anions substitute for surface hydroxyl anions. The findings of this
investigation indicate that when a suspension of aluminum
hydroxide in water is aged at pH 7 or higher, it undergoes a two-
step aging process: amorphous aluminum hydroxide transforms
into poorly ordered boehmite (pseudoboehmite) [16], which in
turn transforms into the stable bayerite. It has also been shown
that supersaturated aluminate solutions form the most-soluble
phase first, become saturated with that phase, and subsequently
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form the next soluble phase. For example, a solution supersatu-
rated with respect to amorphous Al(OH)3, pseudoboehmite, and
bayerite (phases in order of decreasing solubility) will first form
the amorphous Al(OH)3, then pseudoboehmite, and finally baye-
rite. Upon aging of the precipitate, amorphous Al(OH)3 will convert
first to pseudoboehmite which will subsequently convert to baye-
rite. The amorphous solid is initially high in both water and hydro-
xyl anion concentration.

The rate of transformation to the more-crystalline form is con-
trolled by the rate at which hydroxyl anions replace water in amor-
phous solid [13]. Boehmite is formed by solid-state interparticle
and intraparticle condensation/aggregation [14], which occurs as
water is removed [17]. A hydroxyl anion reacts topochemically
with another hydroxyl anion in the amorphous solid, which results
in a water molecule and produces the aluminum oxyhydroxide
known as boehmite under neutral or alkaline conditions [10]. It
has been shown that the solubility of poorly ordered boehmite
determines the rate of nucleation and growth of the crystalline alu-
minum polymorphs [18]. Additional support for rapid precipitation
and crystallization in neutral and alkaline media to produce baye-
rite has been provided in Ref. [19].

By using the technology of IR and XRD, the phase transforma-
tion of amorphous aluminum hydroxide as a result of aging is stud-
ied in Ref. [20] through examination of aluminum hydroxide
precipitate which was produced by titrating ammonium into alu-
minum chloride solution to a pH 7. XRD pattern changes as func-
tion of aging time are shown in Fig. 2. The phase transition as a
function of aging time is clearly shown in the figure.

Based on previous studies, Li et al. [21] drew aging pathways for
both dilute and concentrated sodium aluminum solutions. For di-
lute aluminate solutions, the species/particles follow the pathway
shown schematically in Fig. 3(A) [21]. This involves (1) Al(III)-con-
taining species present as Keggin ions, (2) attachment/aggregation
and polymerization of Keggin ions to form larger denser supramo-
lecular coalescent cluster, (3) growth of the cluster leading to an
amorphous entity, (4) the rapid growth into nuclei or pseudo-
spinal structures, (5) continuous growth of the nuclei into a pseud-
oboehmite crystalline structure and (6) eventual transformation
into a more stable bayerite crystal.

In contrast, for concentrated sodium aluminate solutions (the
Bayer region), the species/particles growth follows the growth
mode shown in Fig. 3(B) [21]: (1) aluminate ion pairs including
monomers, dimers and trimers, (2) formation of loose Al(III)-con-
taining polymeric networks, (3) densification of the network to
form a cluster, (4) further densification and growth leading to
the formation of a crystalline core, (5) rapid growth of the core
Fig. 5. Electron micrograph of the hydrolytic reaction products of Al at the initial OH/Al
temperature in (a) the absence of citric acid and (b) the presence of 10�4 M citric acid [
accompanied by nuclei agglomeration and (6) formation of a gibb-
site crystal surrounded by a diffuse layer.

2.3. General cation/anion effects on aluminum hydroxide phase

Adsorption of surface-active species is well known to affect the
rate and mechanism of crystal growth. The crystallization process
may be retarded, or the crystal habit of the precipitate may change
significantly [22], and the polydispersity of the product may be
controlled by adding surface-active species to the supersaturated
solution. When aluminum hydroxide precipitate is prepared by
precipitation from aluminum salt solution, a highly random struc-
ture is formed. Anions present during precipitation are absorbed by
the aluminum hydroxide precipitation and are believed to be
important in stabilizing the colloidal system. Studies have shown
that the crystallization of gibbsite from amorphous aluminum
can be greatly inhibited by the presence of sulfate [23], silic acid
[24] and citric acid [25], while nitrate has a rather weak effect,
and perchlorate has no effect at all [26]. Fig. 4 illustrates the mech-
anism of anion interference to crystallization [27].

It has been found that a relatively high degree of adsorption of
anions occurs when aluminum hydroxide solid is precipitated at
pH conditions below 9.2 that is the zero point of charge. Based
on the adsorption capacity for several anions at different pH condi-
tions, three types of anion adsorption were reported [28]: nonspe-
cific adsorption was suggested for anions such as nitrate, chlorate,
and chloride, which are loosely held in the diffuse layer and there-
fore adsorbed only by positively charged surfaces; specific adsorp-
tion of anions of completely dissociated acids such as sulfate and
fluoride is based on chemical adsorption and involves ligand ex-
change with surface of water; and the third type of adsorption is
the specific adsorption of incompletely dissociated acids such as
phosphate and silicate.

Precipitates produced with nitrate anions show a nitrate band
split in the aluminum hydroxide solid appearing at 1395 and
1350 cm�1, as compared with the undisturbed 1358 cm�1 IR band
[27]. The splitting of the nitrate band indicates that some perturba-
tion occurs when the nitrate anion is incorporated into the alumi-
num hydroxide precipitate. It has been observed that the m3

vibration splits into two new frequencies when the nitrate anion
has a lowered symmetry due to the perturbation [29]. The magni-
tude of the split appears to increase as the dissymmetry occurs
[29]. Based on previous observations, the relatively small degree
of splitting observed for the nitrate anion in the aluminum hydrox-
ide, 45 cm�1, indicates an electrostatic interaction in which the ni-
trate anion is outside the coordination sphere of the aluminum
molar ratio of 3 and Al concentration of 1 � 10�4 M after 40 days of aging at room
25].



Fig. 6. Solubility of (a) amorphous Al(OH)3, and (b) gibbsite [Al(OH)3], as a function
of pH at 25 �C. Also shown are lines indicating the solubility concentrations of Al3+

and individual hydroxyl complexes [34].
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cation, which is in good agreement with the nonspecific adsorption
attributed to this anion [28].

The affinity of the carbonate anion for the aluminum cation is
evidenced by the presence of carbonate in reactive aluminum pre-
cipitate [30]. Two features of the IR spectra of the carbonate con-
taining aluminum hydroxide indicate that the carbonate anion is
in a state of lower symmetry [31]. In addition, the m3 vibration
splits into two new adsorption bands at 1500 and 1435 cm�1

[31]. The nature of the carbonate-to-aluminum bond in aluminum
hydroxide can be inferred by comparison with carbonate com-
plexes and carbonate surface oxides [32].

Studies have also been conducted to investigate the role of
organics in the crystallization of aluminum hydroxide. An example
that depicts the effect of citric acid on retarding the crystallization
of aluminum hydroxide is shown in Fig. 5 [25]. The noncrystalline
nature of the precipitant was apparently due to the occupation of
coordination sites of Al ions by citric acid, resulting in a distortion
in the arrangement of the hexagonal ring units normally found in
crystalline aluminum hydroxides.

Additional experiments have been conducted in which small
quantities (0.50 mg) of fulvic acid (FA) were added to aluminum
chloride solutions, 450 ml of a 10�3 M solution [7]. (FA resembles
citric acid in that it contains CO2H and aliphatic OH groups; it
resembles quercetin in that it also contains phenolic hydroxyl
and ketonic C@O groups. It is through these functional groups that
FA can form stable complexes with Al.) The solutions were then ti-
trated with 0.1 M NaOH to raise the pH to 6, 8, and 10. It was found
that FA inhibited the formation of gibbsite at a pH 6, leading to the
formation of pseudoboehmite. In the solutions with a pH 10, the
addition of as little as 0.0125 mg/l of FA was sufficient to prevent
the formation of any precipitate. A simple explanation may be that
at pH 10 the surface of the aluminum hydroxide and FA are both
negative, and then electrostatic repulsion between the two compo-
nents appears responsible for the lack of precipitation.

It has been suggested that the retardation of crystallization
behavior was the result of activity at the solid/solution interface
[33]. Adsorption of the citrate can lead to changes of the surface
charge and interfacial tension and can influence the kinetics of a
number of elementary steps [31]. The principal effect, however,
was suggested to be the occupation of certain surface sites, which
causes the growth unit to be blocked [28]. In summary, it has been
shown that the presence of certain organic agents even in small
quantities is sufficient to modify the solubility of aluminum and
also inhibitor crystallization.

3. Aluminum solubility in alkaline solution

3.1. Prediction of the aluminum solubility

The aluminum solubility in alkaline solution is determined by
dissolution reaction of the aluminum hydroxide, whose equilib-
rium is a function of aluminum hydroxide phase:

AlðOHÞ3 ¼ Al3þ þ 3OH�; ð4Þ

with the thermodynamic solubility product (Ksp) as

Ksp ¼ ½Al3þ�½OH��3; ð5Þ

where [] represents the species concentration. So the concentration
of aluminum can be obtained:

½Al3þ� ¼ Ksp½Hþ�3=Kw; ð6Þ

where Kw is the equilibrium constant. In alkaline or acidic solution,
aluminum can exist as the following forms: Al3+, AlðOHÞ�4 , AlOH2+,
AlðOHÞþ2 , AlðOHÞ03. So the total solubility of the aluminum in the
solution can be expressed by
X
AlðaqÞ ¼ ½Al3þ� þ ½AlðOHÞ2þ� þ ½AlðOHÞ3þ2 � þ ½AlðOHÞ03�

þ ½AlðOHÞ�4 �: ð7Þ

Concentration of each Al–OH complex can be related to that of
Al3+ through the following cumulative complexation reactions
[34]:

Al3þ þH2O ¼ AlOH2þ þHþ; ð8Þ

Al3þ þ 2H2O ¼ AlðOHÞþ2 þ 2Hþ; ð9Þ

Al3þ þ 3H2O ¼ AlðOHÞ03 þ 3Hþ; ð10Þ

Al3þ þ 4H2O ¼ AlðOHÞ�4 þ 4Hþ: ð11Þ
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The complexation constant expressions for these reactions are

K8 ¼
½AlOH2þ�½Hþ�
½Al3þ�

; K9 ¼
½AlðOHÞþ2 �½H

þ�2

½Al3þ�
;

K10 ¼
½AlðOHÞ03�½H

þ�3

½Al3þ�
; K11 ¼

½AlðOHÞ�4 �½H
þ�4

½Al3þ�
:

Then Eq. (7) can be rewritten as

X
AlðaqÞ ¼ Ksp

K3
w

ð½Hþ�3 þ K8½Hþ�2 þ K9½Hþ� þ K10 þ K11=½Hþ�Þ:

ð12Þ

The equilibrium data for the above reactions can be found in
Ref. [8]. For an example, at 25 oC, K8 = 10�5.00, K9 = 10�10.1,
K10 = 10�16.9, K10 = 10�22.7 and Ksp = 10�31.2 for amorphous alumi-
num hydroxide and 10�33.9 for gibbsite. The equilibrium solubility
of different forms and the corresponding total aluminum concen-
tration in the solution are shown in Fig. 6 [34]. The figure indicates
that the main form is AlðOHÞ�4 in alkaline solution, while the alumi-
num ions are not stable. A comparison of Fig. 6(a) and (b) indicates
that the amorphous aluminum yields soluble concentrations that
are significantly larger than the concentrations for the crystalline
gibbsite. The total aluminum concentration reaches its smallest va-
lue near the neutral point, and it increases with increasing pH in
alkaline solution and decreases with increasing pH in acidic solu-
tion. The figure can be used to predict the aluminum concentration
in solution at temperature 25 oC, while the solubility at other tem-
peratures can be obtained by using Van’t Hoff relations. Conforma-
tion that the aluminate ion is the only significant species in
alkaline hydroxide solutions containing less than about 1.5 M total
aluminum up to temperatures of 100 �C has been provided via Ra-
man and NMR studies [8]. Experimental results have shown that
the polynuclear Al complexes play no role unless the Al concentra-
tion is moderately high (>.1 M) [35].

3.2. Effects of organic complex agents on aluminum solubility

It has been noted that organics can increase the aluminum sol-
ubility in alkaline solution as described in Ref. [36]. Speciation cal-
culations for typical hydroxyl organic ligands and their aluminum
complexes can be performed based on established protonation
constants and reaction quotients [37]. Citric acid has been investi-
gated and found to establish three aluminum complexes: the 1:1
complex, its protonated and deprotonated forms.

Experimental evidence for the effectiveness of chelating agents
has been found [7]. Catechol has been observed to have the highest
stability. Ethylenediaminetetraacetic (EDTA) is another polyden-
tate complexing agent that forms complexes with many metals.
The anion of EDTA has a quadruple negative charge. The four car-
boxylate ion groups and also the two nitrogen atoms can form
bonds with aluminum. Another promising chelating agent is des-
ferriferrioxamine (Desferal R DFB). This agent is a microbial sider-
ophore that has been used for the treatment of Colley’s anaemia
and is now being used for the treatment of aluminum overload
[11].

Polybasic acids have also been studied in conjunction with
altering the solubility of aluminum hydroxide [11]. In this study
20 ml of 0.1 M AlCl3 was titrated with 0.1 NaOH. Prior to titration
an appropriate quantity of potassium acetate, oxalate, or citrate
was dissolved in AlCl3 solution. It was found that increasing
amounts of the organic acid delay the onset of precipitation and,
in the case of citric acid, precluded precipitation if a molar ratio
of citric acid to aluminum is above 0.475. An infrared analysis of
the air-dried 1:1 citrate to aluminum complex indicated that the
complex may be similar to commercial aluminum citrate [11].
From these studies it appears that the strength of the aluminum–
anion bound is in the order: citrate > oxalate > acetate.

As a result of formation of organic complexes, the dynamics of
nucleation are significantly affected by adding organics into the
solution. In investigations using aluminum chloride with citric
acid, using quasi-elastic light scattering, it has been found that
the addition of citric acid changed the dynamics of both solutions
and suspensions [38]. In solutions of very high hydrolysis (OH/
Al = 3.29), particles did not form when the mole/mole ratio of cit-
rate to aluminum equaled 0.8. Under the same hydrolysis condi-
tions but at citrate/Al ratios less than 0.8, particles formed, and
nucleation and growth were markedly slowed. Under conditions
of high hydrolysis (OH/Al = 2.46), particles also formed in the pres-
ence of citric acid when base was added, but the rate of formation
was slowed.

4. Aluminum–boron complex

4.1. Boron behavior in the solution

In a pressurized-water-reactor (PWR), boric acid is present in
the reactor core to balance the pH of the primary coolant. During
a LOCA, the coolant with a pH of approximately 10 is injected into
the emergency-core-cooling-system (ECCS). The interactions be-
tween the boron and the aluminum corrosion products can result
in precipitates that affect the efficiency of ECCS. Therefore, the bor-
on–aluminum interactions are of paramount importance during
post-LOCA in a PWR containment environment. Considering that
boron is an essential element for plant growth, boron adsorption
on solid surfaces is of interest in soil solution because it plays a piv-
otal role in determining the amount of boron available for plant
uptake.

Boric acid is a Lewis acid, hydroxyl acceptor, and through
hydrolysis produces a change in coordination from planar to tetra-
hedral [35]. The dissociation constant for boric acid pK = 9.24, and
therefore boric acid exists predominantly as un-dissociated boric
acid [B(OH)3] in dilute aqueous solution below pH 7. Above pH
10, the metaborate anion BðOHÞ�4 becomes the main species in
solution. Between pH 6 and pH 11 and at high concentration
(>0.025 M), highly water soluble polyborate ions such as
B3O3ðOHÞ�4 , B4O5ðOHÞ2�4 , and B5O6ðOHÞ�4 may be formed [35].

Calculation of the aqueous solution chemistry of boron is gener-
ally confined to hydrolysis due to the lack of thermodynamic data
for aqueous cation complexes containing boron. However, there
has been one investigation which reports thermodynamic data
for the aluminum boron complex [39]. These data have drawn crit-
ical comments from several sources [40]. Furthermore, the kinetic
data have been unsuccessful in explaining the appearance of a
white amorphous precipitate that appeared in a test consisting of
[Al] = 0.005 and [B] = 0.04 M solution titrated with sodium hydrox-
ide [41], furthermore it is difficult to detect the chemical com-
plexes based on 27Al and 11B NMR measurements at either pH 2
or pH 12.

Previous investigations revealed that aluminum borate com-
plexes are present at 25 oC using 27Al NMR via measurements of
gibbsite and boehmite solubility in the presence of boric acid
[42]. The 27Al spectra performed at pH 9 in Al–B solutions with
[B] = 0.02 M shows the presence of two peaks at 80.5 and
74.5 ppm, which correspond to AlðOHÞ�4 and a single substituted
dimmer, Al(OH)3OB(OH)2. In 0.08 and 0.2 M borate solution, a third
peak appears at 68.5 ppm, which can be assigned to
AlðOHÞ2O2ðBðOHÞ2Þ

�
2 . Solubility studies were also performed that

allow for the determination of the equilibrium constant for the
dimmer reaction:

AlðOHÞ�4 þ BðOHÞO3aq ¼ AlðOHÞ3OBðOHÞ�2 þH2O: ð13Þ



Fig. 7. Spectra of (A) Al(OH)3 with boron (89 days old), (B) Al(OH)3 prepared without boron (13 days old), and (C) commercially prepared Al(OH)3 [27].

Fig. 8. Absorbed boron as a function of pH at 25 oC and 5 oC [48].
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The equilibrium constant has been found to be

log K ¼ ð241:94� 130:7Þ=T þ ð0:81� 0:36Þ: ð14Þ

The impact of the aluminum borate complex on the equilibrium has
been shown to result in a significant increase in aluminum solubil-
ity (up to factors of 6) for both gibbsite and boehmite [39].

Finally, it should be noted that aluminum borates have been
synthesized by a precipitation process in which dilute solutions
of aluminum nitrate nonahydrate Al(NO3)3:9H2O and boric acid
are precipitated into a basic solution of ammonium carbonate. It
was found that until excessive heating was applied, the material
was largely amorphous in nature [43–45].

4.2. Boron adsorption

Adsorption of boron may be explained by various mechanisms,
including ligand exchange, formation of bidentate surface com-
plexes, and incorporation into lattices. Ligand exchange is revers-
ible with respect to pH changes, however, anion desorption at
constant pH exhibits varying degrees of irreversibility [46]. In a
study of the adsorption of boron onto aluminum hydroxide sur-
faces, a solution was synthesized by the drop-wise addition
(�2 ml min�1) of 0.5 M NaOH (the base typically contained
0.75 M H3BO3) into 100 ml of 0.5 M AlCl3 until the pH was 7.0.
The solution was then analyzed using IR analysis [23] and the bor-
on content, with respect to the Al(OH)3, was then determined. It
was found that the boron present in the hydroxide solid is held
predominantly on the hydroxide surface as a specifically absorbed
ion. This mechanism of anion exchange with hydroxyl ions leads to
specific surface adsorption [27] which produces a shift in the zero
point of charge of the mineral to a more-acid value.

Previous studies indicate that the adsorption of boron onto the
aluminum surface precludes crystallization. Fig. 7 presents the IR
results obtained as a result of aging the aluminum hydroxide pre-
cipitates [27]. As may be seen, the commercially prepared hydrox-
ide shows three well-resolved peaks in the OH stretching region at
3605 cm�1, 3510 cm�1, and 3450 cm�1 and a doublet at 3380 cm�1

and 3360 cm�1. These bands are characteristic of gibbsite. The
13-day aged solution without boron also shows evidence of a high
degree of structural order. These peaks indicate a gibbsite and
bayerite mixture. In contrast, the aged boron-containing hydroxide
exhibits a very broad adsorption band in the OH stretching region,
centering at 3420 cm�1. The absence of any sharp peak confirms
the hypothesis that boron is held directly on the hydroxide surface,
thereby inhibiting the polymerization process.

Identification of the boron absorbed onto the amorphous alumi-
num was obtained by examining the IR spectra in the 800–
1500 cm�1 region as shown in Fig. 7. While the 1020 cm�1 and
965 cm�1 adsorption bands are not present in the precipitate with
boron, two broader peaks appear at 1060 cm�1 and 900 cm�1. In



Fig. 9. Particle size for aluminum in pH 11.0 solution [56].
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addition, two new bands have also appeared at approximately
1415 cm�1 and 1300 cm�1 [27].

Another means by which to evaluate the adsorption of an ion is
the change in the zero point of charge (ZPC). ZPC defined as the pH
at which the net surface charge is zero or the minus anion ex-
change capacity equals zero. Specific adsorption of an anion makes
the surface to which it is adsorbing more negatively charged. This
specific adsorption produces a shift in the ZPC to a more-acidic
value. Specifically adsorbed ions are held in inner-sphere surface
complexes that contain no water between the adsorbing in and
the surface functional group. Kinetic experiments using pressure-
jump-relaxation have also been used to confirm that boron adsorp-
tion proceeds as an inner-sphere complex on aluminum oxide via a
ligand exchange of borate with surface hydroxyl groups [47]. The
ZPC for the Al(OH)3 free of any specifically adsorbed anions is
9.72, whereas for the boron-containing gel, the ZPC was found to
be 7.57–8.14 [27].

In another study on the adsorption of boron onto amorphous
aluminum, attenuated total reflectance Fourier transform infrared
spectroscopy (ATR-FTIR) was utilized [48]. The study of aqueous
solutions of metal ligand systems by conventional IR spectroscopy
is limited because water absorbs energy in several areas of the IR
spectrum, resulting in very strong, broad bands in the regions
3650–2930, 1720–1580 and 930–400 cm�1. To minimize this, it
is necessary to use solutions of high concentrations in cells with
very short optical path lengths, resulting in a poor band resolution.
ATR-FTIR overcomes these problems and allows an IR spectrum of
an aqueous solution of a metal ligand to be observed [49]. It was
found that trigonal B asymmetric bands shifted to higher frequen-
cies and indicated that both B(OH)3 and BðOHÞ�4 are absorbed via a
ligand exchange mechanism [48].

Measurement of boron adsorption was carried out [48]
through measuring the boron concentration using a technicon
autoanalyzer and the azomethine method [50]. The total boron
adsorbed was the difference between the total boron added
and the boron remaining in solution. Results of this study are
shown in Fig. 8. As may be seen in this figure, decreasing tem-
perature favors absorption. This is mainly because increasing
temperature decreases the ZPC. A decrease in ZPC renders the
surface more negative at a given pH and, therefore, decreases
the adsorption of anions. It should also be mentioned that
adsorption is maximized onto high-surface-area materials. The
adsorption results at low temperature are also consistent with
the 27Al measurements which indicate complexation between
aluminum and boron is favored at low temperature.

Additional insight into the nature of the aluminum–boron sur-
face complex coordination was obtained using ATR-FTIR [48]. It
was found that the broad bands at 1410 and 1148 cm�1 are as-
signed to the B–O asymmetric stretching of triagonal boron and
to B–OH in plane bending of trigonal boron. These bands are seen
to increase in intensity with increasing boron concentration. At pH
9, which is near the pKa for the monomeric boron species, roughly
half of the total boron is in the form of B(OH)3, and half is in the
form of the BðOHÞ�4 anion. The band at 955 cm�1 is assigned to
the asymmetric stretching of tetrahedral boron, and the broad
band at 1154 cm�1 is a mixture of B–OH bending of both triagonal
and tetrahedral boron. Based on the above data, the most useful
diagnostic bands are at 1410 cm�1 for asymmetric stretching of tri-
agonal boron and at 955 cm�1 for asymmetric stretching of tetra-
hedral boron.

At higher pH, the B–O asymmetric stretching of triagonal boron
is not significantly shifted compared with 1410 cm�1, pure boric
acid. However, the B–OH bending of the triagonal boron band re-
sulted in a narrower width and a higher wave number of
1266 cm�1 from 1148 cm�1 due to the complexation on the amor-
phous aluminum [48].
Attempts to characterize the tetrahedral boron failed due to se-
vere band interference in the range of 1000–900 cm�1 from the Al–
O bond, which has a strong absorbance at 969 cm�1. Although, the
tetrahedral boron is the dominant species at pH 10.2 in aqueous
solution, it need not be the dominant absorbed species on amor-
phous aluminum due to the negative charge on the solid surface
at this pH. The appearance of the triagonal boron on the surface
of the amorphous aluminum at pH 10.2 suggests that the neutral
B(OH)3 species could be preferred due to its higher affinity for
the negatively charged surface of the amorphous aluminum than
for the borate ion, which would experience charge repulsion.

Several surface complexation models are available to describe
the adsorption of boron onto aluminum surfaces. These chemical
models provide a molecular description of adsorption using an
equilibrium approach with mass action and mass balance equa-
tions. In these models, boron adsorption occurs via complex forma-
tion with surface hydroxyl groups on aluminum. Surface
complexation models define surface species, chemical reactions,
mass balance, and charge balances and calculate thermodynamic
properties such as activity coefficients and equilibrium constants.
Two models that are particularly well suited for studying boron’s
adsorption onto amorphous aluminum surfaces are the constant
capacitance model and the triple-layer model.

The constant capacitance model of the oxide aqueous solution
interface has been applied to describe boron adsorption on alumi-
num [51]. In the constant capacitance model, anion adsorption is
assumed to occur via a ligand exchange mechanism with the reac-
tive surface functional group, AlOH; no surface complexes are
formed with ions in the background electrolyte. Specifically ad-
sorbed ions reside in the surface plane of adsorption along with
protons and hydroxyl ions. (In some cases, chemically unrealistic
values of the protonation–dissociation constants were obtained,
potentially reducing the chemical significance of the model appli-
cation [52].)

The triple-layer model has also been applied to describe boron
adsorption on aluminum [52]. In contrast with the constant capac-
itance model, the triple-layer model allows for anion adsorption to
occur specifically via ligand exchange or nonspecifically through
the formation of outer-sphere surface complexes with the reactive
surface functional group, AlOH. Outer-sphere complexes contain at
least one water molecule between the adsorbing ion and the sur-
face functional group. The triple-layer model always includes out-
er-sphere complexation reactions for ions of the background
electrolyte. Surface reactions, equilibrium constants, mass balance,



184 J. Zhang et al. / Journal of Nuclear Materials 384 (2009) 175–189
and charge balances for the application of the triple-layer model
are provided in Goldberg 1993 [53]. It has been found however that
only the inner-sphere adsorption mechanism could successfully
describe both equilibrium and pressure jump kinetic data using
the triple-layer model [47].

5. Particle size distribution

The aluminum behaviors such as the solubility in alkaline solu-
tion are functions of the particle size distribution that is affected by
the aluminum hydroxide phase and the organic elements.

Previous investigations into the particle size distribution of alu-
minum have been made using dynamic light scatting (DLS), Small-
angle X-ray scattering (SAXS), and acoustic techniques [6,54,55]. A
typical particle size distribution at pH 11 for different aging time is
shown in Fig. 9 [56]. Clearly, the volume-based distribution re-
mained unchanged with aging time for the case considered, indi-
cating that the particles are very stable against aggregation. This
phenomenon is due to the fact that the particles repel one another
because of the balance of the repulsive and attractive forces that
exit between particles as they approach on another. If all the par-
ticles have a mutual repulsion, the dispersion will remain stable.
However, if the particles have little or no repulsive force, some
instability mechanism will eventually take place, e.g., flocculation,
aggregation, etc.

The degree of particle repulsion can be measured using a zeta
potential. The zeta potential of a particle is the overall charge that
the particle acquires in a particular medium. The magnitude of the
measured zeta potential is an indication of the repulsive force that
is present and can be used to predict the long-term stability of the
product. If all the particles in suspension have a large negative or
positive zeta potential, they will tend to repel each other, and there
is no tendency for the particles to come together. However, if the
particles have low zeta potential values, there is no force to pre-
vent them from coming together and flocculating. As the pH is
raised by adding base, such as NaOH, the electrical barrier is low-
ered from a large positive value to zero at around 9.0 and then to a
negative potential at high pH, i.e., >9, the system is again stable
against further aggregation as shown in Fig. 9.

The particle size distribution is also a function of the aluminum
concentration in the solution. By using SAXS [55], Bale and Rausch
measured the particle size in nitrate and chloride solutions with
changing aluminum concentration. When the aluminum concen-
trations is 0.25 M Al, the average radius and thickness of the parti-
cles were determined to be 88 nm and 5 nm, respectively, with pH
Fig. 10. Particle growth dynamics in aluminum chloride solutions as a function of
time for various OH/Al ratios at ambient temperature [38].
between 7 and 9.8. At reduced concentrations of 0.005 M Al, the ra-
dius and thickness of the particles were found to be approximately
20 nm and 4 nm, respectively. The ‘platelet’ shape that was as-
sumed in the analysis has indeed been found to be representative
of aged, dried gels, and gibbsite, as well as boehmite, has a ten-
dency to form platelets.

Dynamic studies of the particle size have also been conducted
using quasi-elastic light scattering [38]. In these investigations, it
was found that in solutions of aluminum chloride, large particles
that were quickly formed subsequently shrank until sufficient
hydroxide was added, as shown in Fig. 10.

6. Aluminum corrosion

6.1. Corrosion mechanism

It is well known that aluminum metal is very inert in neutral-
ized solution, while pure aluminum is too reactive to be used in
concentrated alkaline solutions [57]. Experimental results show
that there are two competing processes at the aluminum metal
surface: direct dissolution of the aluminum metal and electro-
chemical formation/dissolution of the aluminum hydroxide films.
The first process is very intense, which leads to a high corrosion
rate. With elapsed time a film forms on the metal surface which
acts as a barrier for species transport. Therefore, the corrosion rate
is significantly reduced after the film forms.

Taking into account that AlðOHÞ�4 is the only stable form of alu-
minum in alkaline solution as shown in Fig. 6, the direct dissolu-
tion of aluminum is due to the following reaction:

Alþ 3H2Oþ OH� ¼ 3
2

H2 þ AlðOHÞ�4 : ð15Þ

Clearly, the direct aluminum dissolution is accompanied by hydro-
gen production. Gas bubbles have been observed at the aluminum
metal surface experimentally. Therefore, the corrosion of pure alu-
minum in alkaline solution proceeds mainly by water reduction
according to Eq. (15). The reaction [Eq. (15)] indicates that the dis-
solution rate depends on the concentrations of OH� and aluminate
ions AlðOHÞ�4 at the solid/liquid interface. So the transportation of
OH� and AlðOHÞ�4 in the solution to and from the interface, respec-
tively, is expected to play important roles on the aluminum dissolu-
tion rate [57]. If the reaction at the interface is much faster than the
transport into the solution, the dissolution rate is determined by the
transport rate. In this later case, the aluminum corrosion rate will
increase as the transport affinity is increased. This increased trans-
port propensity will increase by increasing solution velocity. How-
ever, if the transport rate is greater than the reaction rate, the
aluminum corrosion rate is determined by the reaction rate and de-
pends little on the transport of OH� and AlðOHÞ�4 through the solu-
tion, which has been reported by several researchers such as Refs.
[58,59].

The electrochemical formation of hydroxide film on pure alumi-
num surface in alkaline solution has been verified experimentally
via an open circuit [60]. And it is also considered by several other
authors such as Refs. [57,60–64]. The potential changes at alumi-
num surface in alkaline solution as a function of time are shown
in Fig. 11 [64]. The potential increases with time elapsing until it
reaches a constant value. The increase in potential with time is
known to arise from the growth of a surface oxide film [65].

As discussed in Ref. [57], the film formation is due to the follow-
ing reaction:

Alþ 3OH� ¼ AlðOHÞ3 þ 3e�: ð16Þ

The film forms due to the inwards diffusion of OH� through the
film. When a film with considerable thickness forms, the direct dis-



Fig. 11. Changes in film formation potential obtained from the pure aluminum rod
specimen with time in 10–3 M NaOH solution at various applied anodic current
densities of: s, 5 mA cm�2; h, 10 mA cm�2; 4, 20 mA cm�2; d, 50 mA cm�2; h,
100 mA cm�2 [64].

Fig. 12. Corrosion rate as function of pH in systems 1: Aluminum in 10�4 M KCl; 2:
Aluminum in 10�4 M KCl containing 10�4 M ethylenediamine; 3: Aluminum in
10�4 M KCl containing 10�4 M ethylenediamine [69].
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solution of aluminum metal ceases as well as the hydrogen produc-
tion. After that, the aluminum corrosion can be classified into a di-
rect metal dissolution by the movement of aluminum ions through
the film and an indirect metal dissolution by consecutive oxide film
formation and dissolution [57]. Because Al3þ is not thermodynami-
cally stable in alkaline solution, the direct ejection of aluminum
ions from the film into the solution can never occur, which was
shown in Refs. [64, 66]. So the aluminum corrosion after the film
formation is due to the following reaction:

AlðOHÞ3 þ OH� ¼ AlðOHÞ�4 ; ð17Þ

Therefore, the corrosion of pure aluminum in alkaline solution can
be divided into two sub-steps of a partial anodic reaction compris-
ing the electrochemical formation and chemical dissolution reac-
tions of the film, and partial cathodic reaction of water reduction
reaction [57].

In some applications, oxide layers are pre-formed on aluminum
metal surfaces to protect the substrate. The oxide layer composed
of Al2O3 is compact and protective in neutral solution. However,
the film can be attached by OH� in alkaline solutions, resulting
in film dissolution. If the oxide films were completely uniform,
both physically and chemically, it would be expected that the thin-
ning would be uniform over the whole surface. If not, it would be
expected that the normal dissolution process would be a flaw-as-
sisted process or a flaw-centered process which has been well
demonstrated in series of experiments [4]. The dissolution of the
oxide film is due to the following reaction:

Al2O3 þ 2OH� þ 3H2O ¼ 2AlðOHÞ�4 : ð18Þ

It should be noted that the dissolution of the aluminum oxide is
much slower than the direct dissolution of aluminum metal [Eq.
(15)]. On the other hand, the aluminum oxide can be converted into
aluminum hydroxide if OH� ions take up the vacancies left by oxy-
gen inwards diffusion according to the following reaction:

AlAlðoxÞ þ 3
2

V2þ
O þ 3OH� ¼ AlðOHÞ3: ð19Þ

Therefore, with time elapsing, the oxide layer may be covered into a
hydroxide layer.

6.2. Corrosion rate

The corrosion rate of aluminum in alkaline solution is a function
of the operating conditions such as the temperature, the pH, the
solution properties, etc. More specifically, the corrosion rate de-
pends on the time in a static solution. Because the aluminum con-
centration in the solution increases, the average corrosion rate
decreases with time elapsing. Therefore some different authors re-
port very different corrosion rates of aluminum in alkaline solution
because of the different exposure time. In this subsection, we will
review experimental data on aluminum corrosion in alkaline
solution.

It has been experimentally found that the corrosion rate de-
pends logarithmically on the pH [62], different dependencies being
noted on either side of the pH at which the corrosion rate is at its
minimum (close to pH 6). These results were reported by Chatalov
[67] and Pourbaix et al. [68]. Vujicic and Loverecek [69] obtained a
different logarithmic relation between the corrosion rate and pH
value. The curves of corrosion rate as a function of pH from Ref.
[69] are shown in Fig. 12. Clearly, for systems considered in the ref-
erence, the point of minimum corrosion rate is above pH 7.0 which
is greater than the pH value obtained by Chatalov [67]. On the
other hand, Vujicic and Loverecek reported corrosion rates about
50% higher than those of Chatalov’s. Long-term corrosion test re-
sults of aluminum in sodium hydroxide solution over the pH range
of 8–13 were carried out by McKee and Brown [70] up to one week
and over the pH range of 7–12 were carried out by Tabrizi et al.
[62] up to 80 days. A summary of corrosion rate data of aluminum
in alkaline solution are given in Table 3.

Table 3 indicates that the corrosion rate depends on the expo-
sure time, which is clearly shown in Fig. 13. Over 40 days immer-
sion, the weight loss increased with time elapsing. For immersion
times beyond 40 days, in solution of pH 10 and 11, the weight
losses were similar to these measured at 40 days, indicating that
there is no significant weight loss during the last 20 days. Gener-
ally similar trends were evident for immersion at 60 oC [62], with
initial high rates of weight loss which decreased with immersion
time, particularly beyond 20 days. The weight losses are converted
into corrosion rates which were shown in Fig. 14. Clearly, the cor-
rosion rate of aluminum in alkaline solution depends strongly on
the exposure time. It decreases with the increasing exposure time.
The dependence on exposure time is due to the increasing alumi-
nate concentration with time whose rate is determined by the ratio
of the sample surface to the solution volume. Therefore, when we



Fig. 13. The variation of weight loss of aluminum with exposure time at 30 �C [62].

Fig. 14. Corrosion rates based on weight loss in Fig. 13.

Table 3
Corrosion rate of aluminum in static alkaline solution.

pH Temperature (oC) Corrosion rate (g�2y�1) Exposure time Comments

9 25 22 Short term Ref. [67]
25 45 1 h Ref. [69]
25 <30 7 days Ref. [70]
60 242 7days Ref alloy

10 25 280 Short term Ref. [67]
25 355 1 h Ref. [69]
25 55 7 days Ref. [70]
30 110 40 days Ref. [62], solution replenished
30 130 40 days Ref. [62], 1000 wppm Cl�

60 165 40 days Ref. [62], solution replenished
60 65 40 days Ref. [62], 1000 wppm Cl�

11 30 270 40 days Ref. [62], solution replenished
30 285 40 days Ref. [62], 1000 wppm Cl�

60 590 40 days Ref. [62], solution replenished
60 170 40 days Ref. [62], 1000 wppm Cl�
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refer to the corrosion rate of aluminum, one must consider the sur-
face/volume ratio and the exposure time. This dependence may
also explain why different authors obtained different corrosion
rates in analogous systems.

Because the reaction and diffusion rates increases with temper-
ature increasing, the corrosion rate of aluminum in alkaline solu-
tion becomes larger as the temperature increases as shown in
Table 3. By plotting the corrosion current in 5 M KOH solution as
a function of temperature, Chu and Savinell [58] obtained an esti-
mate of the activation energy DG � 13:7 kcal=mol for the corrosion
of aluminum in alkaline solution which agreed very well with the
value 12.3 kcal/mol reported in Ref. [71]. Chu and Savinell also re-
ported that the film formed on metal surface becomes thinner with
increasing temperature, allowing OH� to more readily diffuse
through the film, thus increasing the rate of aluminum dissolution.

As discussed in Section 3.2, adding organic or inorganic ions
into the solution has a significant effect on the aluminum concen-
tration. As a result, these ions affect the corrosion rate. For exam-
ple, the addition of 1000 wppm Cl� reduces the rate by two-
thirds of that experienced in chloride-free solution as shown in Ta-
ble 3 at 60 oC and pH 10. The ions’ effects depend on the tempera-
ture. As indicated in the table, the addition of 1000 wppm Cl� has
little effect on the corrosion rate at 30 oC.

The corrosion rate may also be changed by changing the compo-
sition of the aluminum metal through adding small amount of
other elements, such as Zn, Bi, Te, In, Ga, Pb, and Ti. Corrosion rates
of various aluminum alloys were conducted by Macdonald et al.
[72] and the results are shown in Table 4. The table indicates that
the binary alloys containing <1% of the alloy elements, exhibit cor-
rosion rates in 4 M KOH at 50 oC that are higher than that for pure
aluminum. Addition of two or more alloying elements can result in
a sharp reduction in the corrosion rate to well below that for alu-
minum. Several alloys containing Ga, In, Te, and P appear to signif-
icantly reduce corrosion. The corrosion rate of Al–0.1%In alloy was
also considered by Wilhelmsen et al. [73]. It was reported in Ref.
[73] that Al–0.1%In has excellent corrosion resistant properties,
which is contradicts the results of Ref. [72].

In a static solution, the corrosion rate is a function of exposure
time. With time elapsing, the corrosion can stop eventually when
corrosion product reaches its equilibrium concentration or solubil-
ity. This is not true for a flowing system. The flow can take the cor-
rosion product away from the metal and also can bring the
reactants to the metal surface that accelerates the dissolving pro-
cess. The dependence of corrosion rate on the flow velocity can
be simply expressed as shown in Fig. 15 [74]. The figure indicates
that at low velocities, the corrosion is controlled or partially con-
trolled by mass transfer, in other words, the dissolution rate is
greater than the mass transfer rate and the corrosion product inter-
face concentration is at saturation or equilibrium. In such cases, the
thickness of the laminar mass transfer layer becomes thinner with
increasing velocity and as a result, the corrosion rate increases;
when the velocity exceeds a critical value, the mass transfer rate
becomes high enough to take all the corrosion products away for
the interface. At this point the corrosion rate is determined by
the dissolution/reaction rate and independent on the flow velocity
and the corrosion now is activation controlled. For very high veloc-



Fig. 15. Dependence of corrosion rate on the flow velocity, FAC rate = flow
accelerate corrosion rate [74].

Table 4
Corrosion rate on various aluminum alloy in 4 KOH at 50 �C [72].

Element Composition (wt%) Corrosion rate (mg/cm2/min)

Pure Al 99.99 0.515
99.999 0.876
Alcoa1100-H14 2.735

Zn 0.1 1.030
0.5 1.074
1.0 1.097
5.0 1.190

Bi 0.1 0.593
0.5 0.461
1.0 0.520
5.0 0.507

Te 0.01 0.525
0.05 0.584
0.1 0.523
0.5 0.529

In 0.01 1.910
0.05 2.287
0.1 1.965
0.5 2.106

Ga 0.01 8.740
0.05 5.707
0.1 5.845
0.5 7.627

Pb 0.5 0.736

P 0.2 0.918
0.5 0.846

0.1%P, 0.1%Ga 153.351
0.1%P, 0.1%In, 0.2%Ga, 0.01%Ti 0.057
0.07%In, 0.2%Ga, 0.01%Ti 0.051
0.05%In, 0.01%Ti 0.980
0.05%In, 0.05%Ti 0.733
0.2%In, 0.05%Ti 0.621
0.25%In, 0.01%Ga, 0.1%Ti 0.041
0.1%In, 0.2%Ga, 0.1%Ti 0.048

Table 5
Effect of some organic and inorganic additives on the corrosion of Al in NaOH
solutions.

[NaOH] Additive [Additive] Efficiency (%)

5 M Citric acid 1.0 99.4
2-Amino BA 1.0 15.6
Tetraethylenediaminetetraacetic acid 1.0 37.3
Chloramine-T 1.0 66.4
Dithizone Saturate 78.5
Sod. chromate 1.0 45.5
Sod. metabisulphate 1.0 55.9
Sod. dihydrogen phosphate 0.01 8.3
Sod. dihydrogen phosphate 0.05 31.0
Sod. dihydrogen phosphate 1.0 96.9

3 M Disod. metaborates 1.0 36.5
NaCl, NaNO3, Na2SO4, NaIO3 1.0 Activators
Dithizone 0.25 21.1
Dithizone Saturate 47.5
Polyvinylalcohol Saturate 12.6

Fig. 16. Variation of inhibition efficiency with the concentration of some organic
acids in 3 M NaOH [79].
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ities, the high shear stress at the interface can strip the protective
film on the surface of the structure. Some cavities appear at the
interface and corrosion rate increases sharply with the flow veloc-
ity. Therefore the dependence of corrosion rate of aluminum in a
dynamic driven alkaline solution is a function the flow velocity.
In different flow velocity ranges, the dependence may be much dif-
ferent. This conclusion can explain why several authors [58,59] re-
ported that the transport of OH� and AlðOHÞ�4 has little effect on
the corrosion rate, while others [1] found the corrosion rate
increasing with the flow velocity increasing. Unlike the static solu-
tion, the corrosion rate is a constant in a flowing system when the
flow is at a steady state.

6.3. Corrosion inhibitor

The inhibition of the corrosion aluminum and its alloys in alka-
line solution is well known and a number of inhibitors have al-
ready been described and investigated [75], they may be organic
[76,77] or inorganic [78]. Using polarization method as well as
weight loss method, Al-Suhybani et al. [79] studied various organic
and inorganic inhibitor effects on the corrosion rate of aluminum
in alkaline solution in detail. It was reported that various benzoin
acid (BA) as well as other organic acids inhibit the corrosion but
to different extents depending on the structure. The inhibition is
due to the adsorption of these acids and not due to neutralizing ef-
fect. Effect of some organic and inorganic additive on the corrosion
of Al in NaOH is shown in Table 5. Clearly, the citric acid shows a
best inhibition at 5 M NaOH compared with other organic inhibi-
tors. For inorganic inhibitors, dihydrogenphosphate are the best
with an inhibition efficiency about 97.0%, while the others such
as NaCl, NaNO3, Na2SO4, NaIO3 are activators.

Al-Suhybani et al. [79] reported that the inhibition efficiency
depends on both the sodium hydroxide and the inhibitor concen-
trations. Increasing the sodium hydroxide concentration leads to
a decrease in the inhibition efficiency, while the dependence on
the inhibitor concentration is more complex. Fig. 16 shows the



Fig. 17. Potential–time curves fro Almasilium alloys immersed in 0.1 NaOH
solution at 60 oC, showing the effect of aluminate and ‘silicate’ ions: curve a,
0.1 N NaOH alone; curve b, 0.03 M Si; curve c, 0.04 M Si; curve d, 0.04 M
Si + 0.0003 M A1; curve e, 0.04 M Si + 0.0006 M A l; curve f, 0.04 M Si + 0.0012 M
A I; curve g, 0.04 M Si + 0.0018 M AI [80].

188 J. Zhang et al. / Journal of Nuclear Materials 384 (2009) 175–189
dependence of inhibition efficiency on concentration of several or-
ganic inhibitors. Clearly, the dependence is not linear. More specif-
ically, the curve has a double-S shape for phathalic acid. The shape
may indicate the formation of the second layer of adsorbed mole-
cules. The figure also shows that phathalic acid and 3-hydroxy BA
has stimulating effects at low concentrations while citric acid
inhibits the corrosion even at low concentrations. The effect of eth-
ylenediaminetetraacetic acid (EPTA) is also shown in the figure.
The compound was found to be effective only at �0.5 M. At low
concentrations, it stimulates corrosion to the extent of �90% at
0.01 M.

The sodium silicates have been found to be an effective inhibi-
tor of corrosion in aluminum–alkaline systems [75, 80]. The inhibi-
tion is due to the formation of amorphous aluminosilicate film on
the metal surface. It reported that a total and almost instantaneous
inhibition can be obtained if both SiIV and AlIII were presented in
the solution. The same phase can be built up more slowly with sil-
icate ions alone. The solution potential for different silicate concen-
tration was also measured as function of time. The results are
shown in Fig. 17. After an initial drop in the solution potential be-
cause of the dissolution of aluminum, the potential increases with
time, followed by a series of oscillations that reveals a tendency for
the inhibition film to become alternately partially or totally inhib-
iting [80]. Finally, the potential reaches a stabilization value. The
larger the silicate concentration is, the greater the stabilization is
as shown in the figure. Another effective inorganic inhibitor of cor-
rosion of Al in alkaline solution is calcium tartrate which was stud-
ied by Shao et al. [81]. The authors reported inhibition efficiency
>98% for the corrosion of pure aluminum in 1 M KOH solution.
When the inhibitor concentration is low, its inhibition effect for
the anodic process is much higher than that for cathodic process.

7. Summaries and conclusions

The current status of aluminum behavior in alkaline solutions,
including the hydroxide equilibrium solid phases and the phase
transition, prediction of aluminum solubility, organic and inor-
ganic effects, aluminum corrosion and corrosion inhibition has
been reviewed. This review should serve to aid the community en-
gaged in the application of aluminum in engineering applications
in the general knowledge of aluminum chemistry and corrosion
and remind us to rethink some previous conclusions.

The solid hydroxide equilibrium phases play important roles in
determining aluminum solubility. In general, the crystalline form
of aluminum has a smaller aluminum solubility than amorphous
form does. The phase transition is a complex function of operating
conditions and the nature of materials utilized. In an alkaline solu-
tion, it is likely that the initial precipitates are always amorphous
hydroxide which can be transformed into other forms of aluminum
hydroxide by the action of water. At a specific operating condition,
more-crystalline hydroxide is produced with aging. The crystalliza-
tion process may be retarded, or the crystal habit of the precipi-
tates may be changed by adding some organic or inorganic
cation/anion such as citrate and boron. The retardation behavior
is due to activity change at the solid/solution interface due to the
adsorption of the adding anion/cation which leads to changes of
the surface charge and interfacial tension and can influence the
kinetics of the incorporation of the growth unit form the solution
into the growing solid phase.

Aluminate ions (AlðOHÞ�4 ) is the only stable form of aluminum
in an alkaline solution. The solubility is a function of solid hydrox-
ide phases and increases with pH increasing. It is noted that some
organics and inorganics can increase the aluminum solubility. The
solubility can also be affected by the particle size presented in the
solution. Nano particles are found in the solution and the particle
size distribution is affected by the hydroxide phases and the add-
ing organic elements.

Aluminum corrosion in alkaline solution is an electrochemical
process. In a static solution, the corrosion rate decreases with
exposure time. In a dynamic solution, the corrosion rates increase
with increasing the flow velocity in mass transfer controlled re-
gimes and dose not depends on flow velocity in active controlled
regimes. The corrosion rate is influenced by adding organic and
inorganic inhibitors into the alkaline solution or some other metal
elements into the aluminum metal. The sodium silicates have been
found to be an effective inhibitor with inhibition efficiency almost
100%.
Disclaimer

This paper was prepared as an account of work sponsored by the
US Nuclear Regulatory Commission, an agency of the United States
Government. Neither the United States Government nor any agency
thereof, nor any of their employees, makes any warranty, expressed
or implied, or assumes any legal liability or responsibility for any
third party’s use, or the results of such use, of any information,
apparatus, product, or process disclosed in this report, or represents
that its use by such third party would not infringe privately owned
rights. The views expressed in this paper are not necessarily those
of the US Nuclear Regulatory Commission.
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