
JOURNAL OF COLLOID AND INTERFACE SCIENCE 187, 62–82 (1997)
ARTICLE NO. CS964539

Surface Precipitation of Co(II ) (aq) on Al2O3

STEVEN N. TOWLE,* ,† ,1 JOHN R. BARGAR,* GORDON E. BROWN, JR.,* ,‡ AND GEORGE A. PARKS*

*Department of Geological and Environmental Sciences, †Department of Materials Science and Engineering,
and ‡Stanford Synchrotron Radiation Laboratory, Stanford University, Stanford, California 94305-2115

Received May 20, 1996; accepted July 30, 1996

troscopic data which suggest that sorbing metal ions form
Surface precipitation is an important process in many areas of hydroxo-bridged clusters at high surface coverages (1) . In

science and technology, including modeling contaminant segrega- the present study, the details of this transition are investi-
tion from groundwater to solid phases and dispersion of active

gated for the Co(II) /Al2O3 system using several probes of
phases on catalyst supports. XAFS, TEM, and XPS measurements

molecular structural and composition, and a review is madeof Co(II) sorbed on Al2O3 demonstrate that surface precipitates
of the various processes that may cause surface precipitation.have formed from solutions that are undersaturated with respect

In past work, the term ‘‘surface precipitation’’ has beento any known bulk solid phase. The precipitates have a structure
used to describe various precipitation phenomena that takesimilar to that of Co(OH)2(s) , but are disordered and have a

high concentration of Co vacancies. The data plus thermodynamic place at a solid–water interface, such as heterocoagulation
reasoning have been used to analyze the plausibility of various and heterogeneous nucleation of a precipitate phase. In this
models for surface precipitation and to show that for Co(II) / paper, however, we use it in a strict sense of ‘‘surface-
Al2O3 it occurs by forming a double-hydroxide phase containing induced precipitation,’’ i.e., the formation of a precipitate
substrate-derived Al(III) ions. This idea was corroborated by mix- under solution conditions that would, in the absence of the
ing aqueous solutions of Al(III) and Co(II) at the pH and concen-

substrate solid, be undersaturated with respect to any knowntration of the sorption samples, forming a stable colloidal precipi-
solid phase. The term ‘‘adsorption’’ is used to refer to thetate that is less soluble than either Al(OH)3 or Co(OH)2 . The Co
formation of metal ion surface complexes, while ‘‘uptake’’XAFS of this material was similar to that of the sorption samples.
refers to the partitioning of a dissolved species to a solidSuccessful quantitative models of metal ion transport in ground-
phase, irrespective of the sorption mechanism.water need to include the possibility of forming ternary and higher

order precipitates that include ions derived from sparingly soluble An understanding of when and how precipitates form
solids. For catalyst impregnation, surface coprecipitation can pre- at surfaces is important in a number of areas that are of
vent production of a well-dispersed precursor material. q 1997 scientific and technological importance. For example, an
Academic Press understanding of the process of surface precipitation is

Key Words: surface precipitation; coprecipitation; double hy-
required for accurate quantitative modeling of metal ion

droxide; cobalt(II) ; alumina; sorption; polynuclear complex;
uptake, especially at the highest concentrations ( 5, 6 ) .XAFS; TEM.
Unless the numbers of surface sites, metal ions, protons,
and so forth participating in the reaction are known, ex-
trapolation of a model to conditions where it has not been

INTRODUCTION calibrated can give results that are off by orders of magni-
tude (7) . In the modeling of contaminant transport in

When cations are sorbed on oxide surfaces at high surface groundwater, for instance, the widely varying conditions
concentration, it has been proposed that a transition takes that exist in the field cannot generally be reproduced in
place from mononuclear adsorption, to multinuclear adsorp- the lab. In another example, such knowledge would aid
tion, and finally to surface precipitation (1–3). Such a tran- in the prediction of contamination tolerances for cations
sition can account for the fact that, in oxide systems, the in aqueous solutions used in integrated circuit processing.
sorption capacity of the substrate rarely saturates; i.e., it is In addition, there is evidence that the process by which
not limited by occupation of all available surface sites, as cations are sorbed, be it surface precipitation or adsorp-
is predicted by standard surface complexation models (4) . tion, affects the subsequent sorption of anions (8) .
Also, a transition of this type can account for existing spec- The morphology and distribution of surface precipitates

are critical factors in certain technological applications,
1 To whom correspondence should be addressed. such as the preparation of heterogeneous catalysts and
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63SURFACE PRECIPITATION OF Co(II)(aq) ON Al2O3

the formation of coatings. In the preparation of oxide- sorption complex, as well as quantitative information about
surface sorption density.supported transition metal catalysts, such as Co/Mo/

Cobalt(II) and Al2O3 form an advantageous system forAl2O3 used for hydrodesulfurization and Co/Al2O3 for
study for several reasons. Cobalt hydrolysis and Co(OH)2Fischer-Tropsch synthesis, the dispersion of the catalytic
precipitation have been extensively studied in the past, sophase over the oxide surface is one of the main factors
reliable thermodynamic data are available (14, 15). In addi-controlling the activity of the catalyst. For smaller parti-
tion, the CoK edge is at a convenient energy for XAFS datacles on the surface, a larger proportion of metal atoms can
collection because at the CoK edge (7700 eV) the X-raysact as active sites. A number of techniques are used in
are sufficiently penetrating to perform in situ experimentscatalyst preparation to control the dispersion, but one in-
and because this energy is near the maximum in the spectralfluence is the size of the precursor clusters (9 ) , which are
brilliance of the synchrotron. The alumina powder we usedoften formed in an aqueous sorption step. However, little
(Linde-A) has the advantage that its surface and acid/basework has been done in this area (10) , in part because it
properties have already been thoroughly characterized (2).is rather difficult to characterize the distribution of the
Furthermore, the Co(II) /Al2O3 system has been the subjectadsorbed species. These issues are also important for other
of considerable previous study, including XAFS character-supported heterogeneous catalysis systems (11) , such as
ization (16–18), due to its importance as a catalyst and itssupported oxide catalysts. An aqueous sorption step is also
relevance to natural systems. Al2O3 can serve as an analogthe usual method used for producing coatings on titanium
for hydrous alumina gel, crystalline aluminum oxyhydrox-dioxide pigment particles in paints. In this case, the critical
ides, and aluminol layers in clays, some of the more commonissues are the physical completeness and integrity of the
surfaces found in natural environments.coating and its effectiveness as a chemical barrier (12) .

In this study, we have prepared samples in which Al2O3
BACKGROUNDpowder has been equilibrated with Co(II) aqueous solutions

of concentrations ranging from well undersaturated to over- A great deal of previous research has examined the man-
saturated with respect to bulk phase precipitation in the ab- ner in which aqueous metal ions sorb on solid oxide surfaces,
sence of a solid sorbent. These samples have been analyzed and a number of thermodynamic models of sorption have
with X-ray absorption fine structure (XAFS), X-ray photo- been proposed. Successful models need to account for the
electron spectroscopy (XPS), and transmission electron mi- observed dependence of sorbate uptake on the activity of
croscopy (TEM). This combination of techniques can reveal each of the reacting species, which for the simplest systems
the presence of surface precipitates and also yield informa- at low surface concentrations consist of dissolved metal ions,
tion about their morphology and structure. The characteriza- surface functional groups, and hydrogen or hydroxyl ions.
tion is comprehensive enough to justify a reexamination of Such models are expressed as one or more reactions of the
some of the hypotheses that have been offered for surface general type
precipitation.

XAFS spectroscopy, in particular, is well suited to ad- xAlOH / yCo2/(aq) / zH2O
dressing the structure, composition, and distribution of the

Å AlOxCoy(OH)(2y0x0z )/
z / (x / z)H/(aq) [1]sorbate because it is element specific; thus it is quite sensitive

to surface species if a given element occurs only at a surface.
In addition, XAFS is sensitive to both the chemical state where AlO represents a surface functional group. By altering
and the local atomic structure and can be performed on the stoichiometric coefficients of the various species, multi-
sorption samples in situ, that is, with bulk water present, dentate complexes, surface hydroxylation, or surface poly-
providing unique information about chemical species at mer formation may be described, with each proposed reac-
solid–water interfaces. Both the extended XAFS (EXAFS) tion having its own equilibrium constant. Typically, two or
and near-edge region (XANES, or X-ray absorption near- more such reactions are used to reproduce the observed over-
edge structure) are analyzed, as they provide complementary all proton stoichiometry associated with metal ion sorption,
information about different aspects of the local structure which is usually noninteger. However, macroscopic uptake
around sorbed Co. TEM is able to provide real-space struc- data alone cannot distinguish among models that propose
tural and morphological information about the substrate different sets of reactions (19).
(sorbent) and the sorbate and, in combination with XAFS, These models are basically Langmuirian in that they as-
may be used to distinguish between polynuclear surface sume a constant number of identical surface sites of a partic-
complexes and surface precipitates (13), which is difficult ular type and that no interactions occur among neighboring
with XAFS alone. XPS provides additional information adsorbed metal ion complexes. While these assumptions may

hold at low surface concentration (!1 monolayer) , at higherabout the composition, oxidation state, and bonding of the
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64 TOWLE ET AL.

surface concentrations it has been observed that ‘‘Langmuir- have suggested that surface precipitates may be present, but
they have not been as definitive as the studies cited above.ian’’ behavior cannot account for the measured extent of
Much of the original thinking about precipitation below satu-uptake (4) .
ration came from James and Healy (23), who suggestedThe conceptually simplest approach to improving this
that a surface precipitation mechanism could explain themodel is to use the mathematical framework of a Langmuir-
variations in surface charge with increasing pH in theian-type model, but to suppose that as the sorption density
Co(II) /SiO2 and Co(II) /TiO2 systems. Tewari and Leeincreases the surface complexes become ever larger. Co(II)
(24) concluded based on XPS data that a surface precipitatemultinuclear complexes are justifiable because they are
of Co(OH)2 had formed on Al2O3. An XAFS study byknown to exist in solution, though their concentrations are
Scheidegger et al. (25) suggested the formation of asignificant only in solutions that are oversaturated with re-
Ni(OH)2-like phase when Ni(II) sorbs on pyrophyllite (aspect to Co(OH)2(s) (20). In this work, Co(II) multinu-
layered alumino-silicate) . This group later confirmed theclear complexes constituted less than 0.001% of the Co in
result using TEM. Dzombak and Morel (26), in a reanalysissolution, even at the highest pH and concentration.
of the work of Kinniburgh and Jackson (27) on the Zn(II) /One problem with using this approach to model sorption
HFO system, concluded that the uptake data could be bestat high surface densities ( i.e., where the sorbate surface
explained by a surface precipitation model. Another reanaly-concentration is higher than the concentration of surface
sis of previous data was conducted by Charlet and Manceausites) is that each reaction that forms a successively larger
(28), who suggested that in a number of past studies ofcomplex requires its own equilibrium constant, leading to a
Co(II) and Ni(II) adsorption on silicates, XAFS data couldlarge number of fitted parameters. Also, this type of model
be best explained by a mechanism of neoformation, or repre-does not account for data which suggest that precipitates can
cipitation, of clay-like structures involving both the transi-form on the surface under conditions where the bulk solution
tion metal cation and Si derived from the different sorbents.remains undersaturated.
This idea, however, is disputed by O’Day et al. (29, 30),Studies using spectroscopic, electrophoretic mobility, and
who concluded that at high sorption densities Co(II) sorbs

uptake techniques have all provided evidence that the pres-
on kaolinite and quartz as a hydroxide precipitate whose

ence of a sorbent solid can induce precipitation from bulk
structure is not consistent with the neoformation mechanism

solutions that are undersaturated with respect to any known
proposed by Charlet and Manceau.

phase. Benjamin (8) showed that when the ratio of solid
In order to adequately explain evidence that surface pre-

sorbent (hydrous ferric oxide, or HFO) to sorbing metal ion cipitation (i.e., precipitation from undersaturated solutions,
(Co(II) , Cd(II) , Cu(II) , or Zn(II)) was held constant, the as defined previously) can occur, several models have been
fractional uptake changed when the total concentrations of proposed. James and Healy (23), in the same study in which
sorbents and sorbates were varied, an effect that would not they presented their electrokinetic data, proposed a thermo-
be expected for a mononuclear sorption process. Further- dynamic model in which surface potential gradients affect
more, the pH dependency of anion (SeO0

4 and CrO0
4 ) ad- the permittivity of the aqueous medium and hence the solva-

sorption on sorbents that had already been reacted with metal tion energy of the ions, but not the properties of the solids
ions was found to be consistent with surface precipitation likely to precipitate, with the net effect of allowing precipita-
of metal hydroxides at the higher metal ion and solid concen- tion at the interface while the bulk solution remains undersat-
trations studied but with true adsorption at lower concentra- urated. Ananthapadmanabhan and Somasundaran (31) sug-
tions. In an XAFS study, Charlet and Manceau (21) con- gested that as the pH increases, the charging behavior of the
cluded that Cr(III) sorbed on HFO had a local structure solid induces a disproportionate increase in the hydroxyl ion
very similar to that of hydrous chromium oxide, though the concentration in the vicinity of the interface, thus causing
solution was undersaturated with respect to Cr(OH)3. This precipitation of hydroxide. These authors did not, however,
local structure was different from that seen when Cr and Fe propose a quantitative model, nor did they explain why the
were coprecipitated at the same overall Cr/Fe concentration metal ion concentration in the interface region would be
ratio, in which case the structure was nearly identical to that unaffected by the surface charging. Farley et al. (4) proposed
of HFO. Bleam and McBride (22) studied the sorption of a model which is entirely different in concept, with the objec-
Mn(II) and Mg(II) on goethite (FeOOH) and boehmite tive of showing why surface coverage typically does not
(AlOOH), and concluded that a ‘‘clustering’’ mechanism reach a maximum at high concentration. In this model, the
was responsible for sorption in all cases except for Mg(II) / activity of the sorbing metal cation component of the precipi-
goethite. These conclusions were based on EPR data in the tate phase is made lower by formation of a solid solution
case of Mn(II) , but only on electrophoretic mobility data with the sorbent material. Katz and Hayes (3) proposed a
for Mg(II) . modification of this model that allows multinuclear complex-

ation as well as surface precipitation.Several other studies of metal ion/oxide sorption systems
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65SURFACE PRECIPITATION OF Co(II)(aq) ON Al2O3

desired (as opposed to the sudden addition of a concentrated
quantity of base in a droplet) , the oversaturation problem
can usually be eliminated. Of the studies discussed above,
only the Cr(III) /HFO work of Charlet and Manceau (21)
used coulommetric titration, so in principle this kinetic effect
could be the cause of surface precipitation in all of the other
work.

In summary, the thermodynamic models that have been
proposed to explain the phenomenon of surface precipitation
fall into two categories: those that explain the change in
precipitation behavior by invoking a change in the properties

FIG. 1. Schematic illustrating the contributions of surface energies to of the solution in the vicinity of the interface, and those that
a precipitate particle forming on the substrate. See text for definition of explain precipitation by considering changes in the precipi-
variables.

tating solid. The first type includes the model of James and
Healy (23) as well as ideas such as those of Ananthapadma-
nabhan and Somasundaran. The solid solution model of Far-In principle, precipitation could also be induced by a net
ley et al. (4) and the surface-energy effect are of the latterdecrease in surface energy, if the following inequality holds:
type. Katz and Hayes’s (3) model is in principle analogous
to the solid solution model of Farley et al., but instead ofA1Esub,prec / A2Eprec,H2O £ A1Esub,H2O . [2]
proposing that the formation of a solid solution causes the
activity of the precipitating component to be less than unity,

Esub,prec is the interfacial energy between the substrate and
they simply define the activity to be the mole fraction of all

the precipitate, Eprec,H2O is the interfacial energy between the the sorbed metal which is contained in the precipitate. No
precipitate and water, and Esub,H2O is the interfacial energy physical explanation is offered for this definition. As the
between the substrate and water. A1 and A2 are the relative following argument will show, only variations in the activity
areas of the interfaces and would be equal in the planar of the sorbing ion in the precipitate phase (as opposed to
geometry illustrated in Fig. 1. In a crack or micropore, how- the solution phase) can induce precipitation, so long as the
ever, A1 might be much greater than A2 . For surface energy interface remains in thermodynamic equilibrium with the
to induce precipitation, the net decrease in free energy con- bulk solution.
tributed by the surface energies must counterbalance the The simplest conceptual way of showing this is to imagine
net increase in free energy contributed by transforming the an isolated thermodynamic system (i.e., no exchange of heat,
undersaturated aqueous species to the precipitate phase. work or mass) consisting of two regions, as shown in Fig.

Another possible explanation for surface precipitation in 2. One region is bulk aqueous solution containing Co2/ and
sorption experiments is a kinetic effect associated with drop- OH0 and the other is aqueous solution in the vicinity of the
wise addition of base during titration. According to this idea, oxide–water interface. We make two assumptions: first, the
the addition of a droplet of base, even in a strongly stirred interface region is in equilibrium with the bulk solution, and
suspension, may cause a momentary oversaturation of the
hydroxide phase at the boundary between the dissipating
droplet and the rest of the suspension. Such oversaturation
would allow precipitates to be formed by heterogeneous nu-
cleation at the sorbent surface. The sorbent surface may also
kinetically inhibit the precipitate from dissolving, perhaps
because of inadequate mixing in the pore spaces of the mate-
rial, so a thermodynamically unstable precipitate might per-
sist through the duration of the adsorption experiment. One
way of avoiding this problem is to add the base coulommetri-
cally via the electrochemical half-reaction: FIG. 2. Illustration of alternative reaction paths for the formation of a

surface precipitate. DG1 and DG2 are the free energies associated with
transition of an ion from aqueous solution to the interface region; DG3 is2H2O(l) / 2e0 Å H2(g) / 2OH0(aq) . [3]
the free energy associated with the transition of a solid precipitate from the
bulk solution to the interface region and, for macroscopic precipitate parti-

The cell is completed by the electrochemical dissolution of cles, should be near zero. DGprec is the free energy of the precipitation
a metal, such as silver. Because the hydroxyl ions are pro- reaction; the subscripts aq and int indicate its values in the bulk solution

and at the interface, respectively.duced over a large area and may be added as slowly as
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second, the properties of the solid are not affected by its DGU M
aq õ DGU M

int . [6]
being in the vicinity of the interface, so long as the solid
particles are macroscopic in size (i.e., at least several nano- Note that since these free energies of mixing are different,
meters) . As changes in thermodynamic state variables (in the two regions are not in equilibrium. From the definition
this case, the free energy change associated with surface of the partial molar free energy of mixing (32),
precipitation) are independent of the chosen reaction path,
we can consider the precipitation of a solid in the interface DGU M

i Å RT ln ai Å RT ln gi Xi [7]
region to be equivalent to formation of the solid elsewhere,
and then the transportation of that solid to the interface. so
Since the properties of the solid are assumed to be unaffected
by the interface, the second step involves no change in free

gaq õ gint . [8]energy. As a consequence, if the solution is exactly at equi-
librium with a particular solid, it will also be exactly at

If the two regions are in fact in thermodynamic equilibrium,equilibrium with a surface precipitate composed of that solid.
the activities in the interface region and in the bulk must beIntermediate states falling on alternate reactions paths, such
equal (Eq. [5]) . In this case, the higher activity coefficientas ions in the interfacial region, as shown in Fig. 2, have no
of the interface region requires that the concentration ofeffect on the free energy of precipitation. A corollary to this
metal ion be lower there than in the bulk aqueous solution.argument is that, since there is no net transfer of charge
In this analysis, only the difference in permittivity of thewhen the solid is moved from one region to the other, the
two regions is considered; it does not account for other ef-electrification of the interface cannot induce precipitation,
fects that may be operating at the interface, such as specificso long as the solid formed has no space charge.
adsorption of ions.This conceptual argument can be couched in formal ther-

If the interface is electrified the situation is a little moremodynamic terms, as follows. Assume, initially, that the
complicated. In this case the electrochemical potential, z ,interface is uncharged so electrical effects can be neglected.
will be the same for all regions in thermodynamic equilib-In aqueous solution, the chemical potential maq of an ion is
rium. In the bulk solution the electric field is assumed to bedefined as
zero, so z reduces to m, as defined in Eq. [4] . In an electrified
region such as the surface, however,

maq Å m0 / RT ln aaq , [4]

zint Å m0 / RT ln aint / zFcint , [9]
where m0 is the standard molar chemical potential of the ion
in some reference state, R is the gas constant, T is the abso- where z is the charge on the ion, F is Faraday’s constant,
lute temperature, and aaq is the activity of the ion in question. and cint is the electric field strength at the surface. Setting
If it is assumed that the interface region is in thermodynamic the electrochemical potential at the surface equal to that in
equilibrium with the bulk solution, the chemical potential at the bulk solution,
the interface must be the same as in bulk solution, giving

m0 / RT ln aaq Å m0 / RT ln aint / zFcint [10]
aaq Å aint . [5]

aint Å expF RT ln aaq 0 zFcint

RT G . [11]
Naturally, the same argument would apply for both cations
and anions. Since the activities are the same at the interface
and in the bulk, the degree of saturation with respect to a So, in the case of an electrified interface, the activity of a

charged species differs from its value in the bulk.precipitate will be the same.
However, the activity coefficients, gi , defined as the activ- According to the conceptual argument presented above,

however, this change in activity cannot induce the formationity of a species divided by its mole fraction (concentration),
will in general be different in the interface region versus the of a neutrally charged precipitate. This is true because at a

negatively charged interface the increase in the activity ofbulk aqueous solution. This may be most clearly seen by
comparing the activity coefficients in the two regions at the cationic component of a precipitate is exactly canceled

out by the decrease in the activity of the anionic component,some particular concentration, Xi . Supposing that, as James
and Healy suggest, the permittivity of water is lower in the or vice versa for a positively charged interface. This result

shows that surface precipitation cannot be caused by theinterface region than in the bulk, the energy of solvation of
the ion will also be less, i.e., the partial molar free energy disproportionate buildup of ions of a particular charge in the

diffuse layer, as has been hypothesized (31). The argumentof mixing of the metal ion will be less negative:
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Co(OH)2(s), and these samples were characterized by ais illustrated for the case of Co(OH)2, where zCo2/ is 2 and
combination of methods that are sensitive to the differenceszOH0 is 01, giving
in local atomic arrangements and microstructures that would
be predicted by the different viable surface precipitation

aint Co2/r(aint OH0)2 Å expF RT ln aCo2/ 0 2Fcint

RT G hypotheses. In addition, a sample of Co(II) coprecipitated
with Al(III) was prepared for comparison with the sorption
samples.

1 expF2
RT ln aOH0 / Fcint

RT G
EXPERIMENTAL

Cleaning ProcedureÅ expF RT ln aCo2/ 0 2Fcint

RT
In all the experiments presented here, the substrate used

was Linde-A alumina powder from Praxair Corporation (for-
/ 2RT ln aOH0 / 2Fcint

RT G merly from Union Carbide) . All experiments were done at
room temperature, which ranged from 21 to 237C. Two sepa-
rate sets of uptake samples were studied, hereafter referredÅ exp[(ln aCo2/ / ln a 2

OH0)] . [12]
to as ‘‘set 1’’ and ‘‘set 2.’’ Different powder cleaning proce-
dures were used for the two sets. For set 1, the method

Hence, was designed to remove adsorbed anions and cations and
proceeded as follows. Linde-A powder (10 g) and MilliQ

aint Co2/r(aint OH0)2 Å aCo2/r(aOH0)2 [13] DDI H2O (40 ml) were put into Nalgene centrifuge tubes.
After thorough mixing, the samples were centrifuged at
2000g relative force at room temperature for 30–50 minand the surface does not cause oversaturation.

The consequence of this thermodynamic reasoning is that ( this centrifuging procedure was used throughout the sample
preparation), decanted, and refilled with DDI H2O; this ‘‘de-if precipitation is induced by the surface, it must be due to

a reduction in the free energy of the solid phase. As pointed canting process’’ was repeated three times. The tubes were
then titrated to pH 9 with NaOH and brought back to neutralout above, there are at least two ways this could occur: (1)

the precipitate, instead of being pure, could be coprecipitated by repeating the decanting process three times. The next step
was to titrate the tubes to pH 4 with HNO3; in this case fourwith a component derived from the dissolved substrate, as

in the model of Farley et al., or (2) the total net change in cycles of the decanting process raised the pH to 4.3. The
powder was then filtered, and, after a 12-h interval, driedthe interfacial energies of the substrate and the precipitate

could be negative. for 4 h at 707C, and then stored in air in a glass vial.
The cleaning procedure used for set 2 was designed toIn reality, substantial departures can occur from the behav-

ior predicted by thermodynamic equilibrium. In general, ki- remove a surface layer of Al(OH)3 that could form on pro-
longed storage of the powder in a humid atmosphere. To donetic factors can prevent a thermodynamically favored reac-

tion from occurring, but cannot induce a thermodynamically this, we relied on the fact that although Al(OH)3 is more
thermodynamically stable than Al2O3 in the presence of wa-forbidden transformation. As a result, the argument pre-

sented above constrains the conditions under which precipi- ter, it also dissolves much more rapidly in hydrofluoric acid
solution. Accordingly, 2 g of Linde-A powder were put intotation of a sorbate-bearing phase cannot occur, but not when

it will occur. When reaction rates are extremely high, further each of four 40-ml-capacity Nalgene centrifuge tubes, which
were then filled with 1% HF, giving a pH of 2.2. Thesedeviations can take place. For example, sorbate ions could

be trapped during rapid precipitation of another phase. How- tubes were rotated end-over-end for 3 h. After centrifuging
and decanting, 5 ml of DDI H2O were added to each tube andever, the driving forces in our system should not be high

enough to cause such anomalous effects. then poured off without mixing up the paste at the bottom of
the tube, and this cycle was repeated. The purpose of thisThe experiments in this study were designed to directly

and conclusively show that surface precipitation can take step was to remove as many F0 ions as possible without
shocking the pH. To remove the rest of the fluoride species,place under conditions where the solution is undersaturated

with respect to known bulk phases and to characterize any the paste was equilibrated 0.3 mM HNO3 for 3 h, and then,
after centrifuging, 95% of the supernatant was removed,differences that may exist between the structures and mor-

phologies of surface precipitates and bulk precipitates. Ac- replaced with water, and then mixed, and the cycle was
repeated. After a total of four cycles (one being overnight) ,cordingly, samples of Co(II) were prepared under conditions

that were both over- and undersaturated with respect to the pH had reached 5.1 in each tube. Finally, after two
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TABLE 1
Summary of Solution Conditions for XAFS Samples

Initial Final Initial Final Equilibration
Set Sample pH pH concentration concentration time

2 G Å 0.28 4.98 8.10 153 mM 10.0 mM 160 h
1 G Å 0.30 6.08 8.13 100 mM 10.3 mM 130 h
1 G Å 1.30 5.53 8.16 1 mM 34 mM 130 h
2 G Å 1.59 4.98 8.14 594 mM 5.4 mM 160 h
2 G Å 5.66 5.08 8.10 2.2 mM 225 mM 140 h
2 G Å 23.1 5.04 8.08 12.6 mM 2.17 mM 140 h

Repeat 1 4.92 8.10 9.25 mM 1.16 mM 215 h
Repeat 2 5.06 8.10 9.25 mM 1.21 mM 215 h

‘‘decanting processes’’ (as above for set 1) , the powder was Ge detector on beam line 4-2 at the Stanford Synchrotron
Radiation Laboratory (SSRL) . Multiple scans for eachdried in an evacuated desiccator at room temperature and

stored in air in a glass vial. sample were collected in order to improve the signal-to-
noise ratio. No TEM or XPS data were collected on the
samples in set 1.Uptake Experiments

For each sample in set 2, 20 g/dm3 of powder were placed
Throughout this paper, for reasons of clarity the references in Co(NO3)2 solution in 40-ml polypropylene centrifuge

to individual samples are made according to their final surface tubes and titrated to pH 5. Base additions were made ac-
concentration in mmol/m2, as measured by graphite furnace cording to the same procedure used in set 1 and over a
atomic adsorption spectroscopy (GFAA). All uptake experi- similar time span. For the highest coverage sample a set of
ments were conducted in an N2 atmosphere to prevent contami- two repeats was made in addition to the original sample, in
nation by carbonate. Co(NO3)2 solutions were prepared in con- order to test the reproducibility of the surface concentration
centrations ranging from 1004 to 1002 M by dissolution of measurements made with XPS and GFAA. At the end of the
reagent grade Co(NO3)2r6H2O solid in sparged, MilliQ water, titration, the suspensions were centrifuged, and supernatant
without any further additions to control the ionic strength (see samples for GFAA analysis were removed with a polyethyl-
Table 1 for a summary of the uptake conditions of each sam- ene syringe and filtered with Teflon filters. The remainder
ple). To determine the initial Co concentrations, withheld ali- of the supernatant was decanted and the solid split into two
quots of the solutions were analyzed using GFAA spectros- parts. One part was vacuum dried at room temperature and
copy. Base titrations were conducted using small aliquots (1– then stored in air, while the other was kept wet in sealed
100 ml) of CO2-free NaOH, the concentration of which varied tubes under N2. Blanks were conducted at the initial and
from 0.1 to 0.0001 N . final pH at solution concentrations of 50 and 1000 mM

For set 1, two different solid-to-liquid ratios were used: Co(NO3)2 , in order to determine the amount of loss to the
20 g/dm3 for the G Å 0.30 sample and 50 g/dm3 for the G container walls. The concentrations of the blank solutions
Å 1.30 sample. The two samples were stirred for 24 h at at various intermediate stages and at the final stage were
the equilibrium pH of the mixtures. Over the next 5 days, determined with GFAA. Analysis of the solution concentra-
the samples were titrated up to pH 8.1. During base addi- tions showed that the fractional final uptake ranged from 83
tions, the tubes were stirred vigorously; the rest of the time, to 99%, in all cases high enough that the signal from the
they were rotated end-over-end. In these titrations, as in all solution phase could be safely ignored in the XAFS analysis.
titrations in which powder was present, it was observed that To summarize, the main differences between set 1 and set
the pH drifted slowly downward when the solutions were 2 are that all TEM and XPS analyses were done on set 2
titrated up to pH 8. The very long titration times used were and that set 2 was cleaned with HF while set 1 was not.
required in order to make the solution pH settle at 8.1. XPS data were collected from the dried portion of the

After completion of the titration, the samples were cen- samples in set 2, using a Fisons S-Probe spectrometer with
trifuged and aliquots of the supernatant reserved for analy- AlKa X-rays and a 3-eV flood gun to achieve charge neutral-
sis with GFAA. GFAA showed that both samples had ization. TEM samples were prepared by putting a small drop
uptake §90%. The pastes remaining in the tubes were of a highly dilute suspension of the equilibrated solid on a
loaded into Teflon XAFS sample holders and were sealed conducting foil and allowing the drop to dry under N2, a
with Mylar tape. CoK edge XAFS data were collected process that took less than 5 min. The dilute suspensions

were prepared in several ways: by diluting the contents ofwithin 2 days, in fluorescence mode using a 13-element

AID JCIS 4539 / 6g19h$$143 02-06-97 14:28:25 coidas



69SURFACE PRECIPITATION OF Co(II)(aq) ON Al2O3

a reaction tube before decanting, by resuspending a dry sam- RESULTS
ple in a solution of the same pH and Co(NO3)2 concentration
as the original supernatant, and by resuspending a dry sample Adsorbent
in MilliQ H2O. The differences among these methods had
no apparent effect on the results. The TEM photos were We chose to use Linde-A alumina powder as the sorbent

in this study because it has been used in several past studiestaken with an Philips CM20FEG microscope operated at an
electron energy of 200 keV. The XAFS samples were loaded (2, 3, 39, 40) and as a result the surface properties have

been extensively characterized. According to this past work,and the data collected in the same fashion as for set 1, except
that for set 2 the XAFS data collection took place 2 months the surface area, as measured by N2-BET, is 15 m2/g (41)

and the pHPZNPC (point of zero net proton charge) has alater, using the wet paste from the sealed tubes. XAFS data
were also collected on the dried portion of the G Å 1.59 value of 8.9 (40). However, subsequent TEM analysis, plus

inquiries to the manufacturer, revealed that it is composedsample, to check if drying had a measurable effect on the
local structure of the sorbate. of about 90% a-Al2O3 and 10% g-Al2O3, which was not

revealed in powder XRD scans due to the small particle sizeThe EXAFS data from both sample sets were reduced with
the EXAFSPAK programs (33), using phase and amplitude and poor crystallinity of the g-Al2O3 grains. According to

the manufacturer, the powder has less than 0.5 wt% H2O (afunctions derived from model compounds (Co(OH)2(s) ,
Co(NO3)2(aq)) and from the FEFF 5.05 ab initio multiple- value consistent with sorption of water from ambient air) ,

leading us to believe that no Al(OH)3 is present in the as-scattering codes (34–36). Final fitting was done on the
normalized, background-subtracted raw data using all shells delivered material.

TEM photos of the as-delivered powder (see Fig. 3)simultaneously. XANES data were analyzed by comparing
sample spectra to calculations made using FEFF 6.01 (37). showed that there are two distinct powder particle morpholo-

gies, clumped in separate regions. Electron diffraction pat-In these calculations, the AFOLP (automatic atomic over-
lap) card was used, and RMAX (maximum distance from terns of the larger particles indicate that they are made up

of highly crystalline a-Al2O3. The grains are prolate ellipsoi-the absorber in R-space) was set to 6.5 Å.
dal in shape, with the longer dimension ranging in size from

Coprecipitation Experiment approximately 100 to 500 nm. Electron diffraction showed
that the smaller particles are predominantly g-Al2O3, withTo test the possibility that sorption could take place via

the formation of a ternary hydroxide of Co(II) and Al(III) , wide rings indicating that the material has poor crystallinity.
The g-Al2O3 grains do not have any characteristic shape andwe attempted to form a coprecipitate under solution condi-

tions analogous to those present in the uptake samples, but range in size from about 10 to 30 nm. From the micrographs,
it was possible to determine upper and lower bounds for thewithout solid present. Based on work by Paces (38), the

Al(III) concentration in pH 8.1 aqueous solution in contact volume fractions of the two morphologies: 70% a-Al2O3/
30% g-Al2O3 and 97%/3%. These bounds are consistentwith Linde-A powder is known to range from 0.5 to 5 mM,

on the time scales of our sorption experiments. Accordingly, with the 90%/10% phase distribution reported by Praxair.
From the TEM photos, the average dimensions of the a-for the coprecipitation experiment, we prepared 500 ml of

2 mM Al(NO3)3 solution with ionic strength of 0.1 M (from Al2O3 and g-Al2O3 particles were calculated to be 230 and
17 nm, respectively. Assuming that each phase is composedNaNO3) in a 1000-ml HDPE beaker that had been preequili-

brated with Al(III) solution to prevent container losses. In of spheres with these characteristic dimensions and that the
actual volume fractions of a- and g-Al2O3 are 90/10, thea separate beaker, we prepared 500 ml of 250 mM Co(NO3)2

solution at the same ionic strength (this concentration is relative surface areas of the two phases were calculated to
be about 40% a-Al2O3 and 60% g-Al2O3.80% of the value required to precipitate Co(OH)2 at this

pH). Each of these solutions was separately titrated to pH While a heterogeneous substrate can complicate analysis
of sorption samples, it does not turn out to have serious8.10, at which time light scattering from a HeNe laser

showed that no precipitates were present in either solution. consequences for the purposes of this study. If the XAFS
results were being used to try to determine the structureThe Co(II) solution was then added to the Al(III) solution,

with pH being monitored. A pH change from 8.10 to 8.05 of adsorbed complexes, the heterogeneous substrate would
present a greater problem, as the difference in coordinationwas observed, and light scattering showed that a colloid had

formed. Over the next 24 h, the pH of the stirred suspension of Al in the two substrates (octahedral only in a-Al2O3, but
both octahedral and tetrahedral in g-Al2O3) would makedecreased to 7.93. At the end of this period, the suspension

was vacuum filtered using a 0.1-mm polycarbonate filter. data analysis more complicated. The exact nature of these
polyhedral linkages, however, has little effect on the inter-XAFS spectra were collected from the reserved filter mem-

brane under conditions similar to those of the sorption sam- pretations of the XAFS in the present study. The heteroge-
neous substrate does not confuse the interpretation of theples.
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FIG. 3. Representative TEM image of Linde-A alumina. The electron diffraction patterns show that the regions with smaller grains consist mainly
of g-Al2O3, (A), while the larger grains consist of a-Al2O3 (B). The diffraction pattern shown for a-Al2O3 was measured from a larger region with
many more grains present than in the image shown.

TEM images, because the images themselves show the way from TEM fringe-spacing measurements for the presence
of any hydroxide phases. The TEM, however, would notin which the Co clusters are associated with the two alumina

phases. There is, however, one aspect that must be consid- be sensitive to coatings of a hydroxide phase whose thick-
ness is a just few monolayers.ered—the difference in the solubilities of the different alu-

mina phases present. Transition aluminas such as g-Al2O3 After the sorption of Co(II) , the phase composition of
the substrates was again examined in detail with TEM. Thedissolve more readily than a-Al2O3, leading to a higher Al

concentration in solution and hence to a greater likelihood micrographs (not shown) indeed indicate the presence of
particles of an Al-hydroxide phase, though the fringe-spac-of coprecipitation.

The cleaned powder of set 2 was also characterized with ing measurements cannot be made with sufficient precision
to distinguish among several forms of Al(OH)3 with similarXPS and TEM. The only surface contamination detected

by XPS was approximately 2 at.% of fluorine in the sur- structures. In order to judge how much effect the formation
of a hydroxide phase might have on the surface properties,face region, from the HF cleaning step. Low-resolution

TEM showed no change from the as-delivered material. we calculated the maximum amount of Al2O3 that may have
dissolved during the time span of the experiment. Using dataEvidence from FTIR spectroscopy (Per Persson, unpub-

lished data ) has indicated that aluminum hydroxide, most for the rate of dissolution of d-Al2O3 at pH 3 (42), we found
that a maximum of 0.5% of the Al2O3 could have dissolved,likely bayerite, forms on prolonged exposure of a-Al2O3

to water. To determine whether Al (OH)3 might have which should be a very conservative upper bound as Al2O3

is much less soluble under the pH conditions of our experi-formed, the cleaned powder was examined with high-reso-
lution TEM. The phase identity of particular particles ments. Since the reprecipitated Al(OH)3 is present as dis-

tinct grains, and because in very few cases was there anycould be constrained by measuring the fringe spacing in
these images. This method indicated that other transition evidence for coatings being formed, it seems likely that a

negligible fraction of the total surface area is made up ofaluminas (notably u-Al2O3 ) were intermixed with the g-
Al2O3 , though as a small fraction. There was no evidence Al(OH)3.
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TABLE 2
Comparison of Surface Concentrations Calculated

from XPS and from GFAA Data

Sample GFAAa XPSa

G Å 0.28 0.28 0.32
G Å 1.59 1.59 1.08
G Å 5.66 5.66 3.60
G Å 23.1 23.1 11.9
Repeat 1 25.1 11.8
Repeat 2 25.0 13.2

a In mmol/m2.

Sorbate FIG. 5. XPS spectrum of Co2p1/2–2p3/2 from sample G Å 23.1. The
satellite structure is characteristic of high spin Co(II) .A comparison of the sorption density information as mea-

sured by XPS and by N2-BET and GFAA is presented in
measurement by XPS underpredicts that by GFAA by pro-Table 2 and Fig. 4. To calculate the XPS surface coverage,
gressively greater amounts. This discrepancy suggests that,the escape depth of electrons in Al2O3 (43) was used to find
except in the sample with the lowest sorption density, thethe areal density of Al atoms that would be seen with no
Co ions are grouped in clusters that are sufficiently large toadsorbed Co. Based on the Al 2p and Co 2p peak areas and
occlude the signal from the inner Co atoms, while much ofcross sections, the areal density of Co atoms could then be
the Al2O3 surface is left bare. This conclusion is corroboratedcalculated. The same calculation was made assuming that a
by evidence from the TEM photos, where plate-like precipi-uniform Co-bearing overlayer absorbed the photoelectrons,
tates were seen in samples with high or intermediate sorptionbut the correction was negligible even at the highest sorption
density (§1.59 mmol/m2) , but not in the one with lowestdensity. In this calculation the electron escape depth was
sorption density (0.28 mmol/m2) .calculated empirically (44), assuming the overlayer to have

The oxidation and spin state of the Co atoms can be identi-the properties of Co(OH)2.
fied from the shape of the Co 2p lines (Fig. 5) . The satelliteAs the sorption density increases, the sorption density
structure on the high binding energy side of the principal
2p1/2 and 2p3/2 lines is characteristic of high spin Co2/ (45).
Due to broad spectral lines and problems with sample charg-
ing, the shakeup peak is a more easily identified characteris-
tic of the chemical state of the Co than either the absolute
binding energy or the 2p1/2-2p3/2 line separation.

Results of the XAFS analysis of the six samples, as well
as data from X-ray diffraction on the local structure around
Co in Co(OH)2 (14), are presented in Table 3. The EXAFS
and their corresponding Fourier transforms are shown in Fig.
6. For each of the sorption samples, the distance to the
first-nearest-neighbor oxygen atoms is 2.08 ({0.01) Å. This
distance is consistent with other EXAFS measurements
made on Co sorption samples and solution complexes (17,
29) but slightly smaller than the Co–O distance in
Co(OH)2(s) (2.10 Å) . The oxygen neighbors may be from
oxygen ions, hydroxyl ions, or water molecules; EXAFS is
unable to distinguish among these possibilities since hydro-
gen atoms are too light to cause measurable backscattering.

FIG. 4. Comparison of the surface concentration of Co on Al2O3 from In the initial fitting of the data, the number of O neighbors
XPS and GFAA measurements. Three repeats were done of the highest was allowed to vary. Since in each case this number was
coverage sample. The solid line shows where the two techniques give the

within 10% (the expected error (46)) of 6, the coordinationsame result. The ‘‘missing Co’’ in the XPS measurements at the highest
number that is expected for Co in this chemical environment,coverage indicates that the Co-bearing precipitates are large enough that

they occlude the Co signal more than the Al signal. the number of O neighbors was fixed at 6 in all of the final
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TABLE 3
Quantitative EXAFS Fitting Results

Set Sample NO
a s2

O
b RO

c NCo1 s2
Co1

b RCol
c NCo2 s2

Co2
g RCo2

c

2 G Å 0.28 6 0.0053 2.09 0.6 00.0015b 3.12 e e e

1 G Å 0.30 6 0.0044 2.09 0.9 0.0017 3.11 e e e

1 G Å 1.30 6 0.0044 2.09 2.5 0.0044 3.10 2.5 0.0044 6.14
2 G Å 1.59 (wet) 6 0.0028 2.08 3.2 0.0045 3.07 4.1 0.0045 6.10
2 G Å 1.59 (dry) 6 0.0024 2.08 3.0 0.0056 3.09 3.4 0.0056 6.14
2 G Å 5.66 6 0.0036 2.09 3.3 0.0035 3.10 3.3 0.0035 6.16
2 G Å 23.1 6 0.0071 2.07 4.0 0.0078 3.10 3.0 0.0078 6.18

Co(OH)2
f 6 0.004b 2.10 6 0.004b 3.17 6 0.004b 6.34

NO
a s 2

O
b RO

c NCo
d s 2

Co
h RCo

c NA1
d s 2

A1
h RCo

c

Co-Al ppt 6 0.0055 2.09 3.36 0.005 3.09 2.64 0.005 3.04

a When allowed to float, NO was within 10% of 6 for all the samples in this study (allowing for self-absorption in the G Å 23.1 sample). Since there
is reason to believe that the Co is 6 coordinated, NO has been fixed at 6 to reduce the number of fitting parameters.

b In Å2. These shells are fitted using Co(OH)2 as a model. Errors in the assumed values of s2(0.004 Å2 in each case) for Co(OH)2 will propagate as
errors in the fitted s2 values, and can result in anomalously low fitted values.

c In Å.
d Due to amplitude cancellation between the Co and Al shells, the number of second neighbors is poorly constrained. Consequently, the total number

of second neighbors (Co and A1) has been set to 6.
e There was little or no contribution from this shell in these samples.
f N and R values from X-ray diffraction (14).
g In Å2.s2

Co2 values were constrained to be the same as s2
Co1 in order to reduce the number of fitted parameters.

h The Debye-Waller factor was fixed at 0.005 Å2 for these shells.

fits. For the sample with the highest sorption density, the of Co substitution for Al in the g-Al2O3 structure shows that
this possibility is also excluded.XAFS were attenuated and the sharp features were less well

resolved, an effect that we attribute to self-absorption of In addition to the fitting information for the uptake sam-
ples, Table 3 shows the results from EXAFS analysis of thethe incident X-rays. To correct for the self-absorption, the

procedure prescribed by Tröger et al. (47) was applied. dried portion of the G Å 1.59 sample. As the fitted parame-
ters show and Fig. 6(b) confirms, the EXAFS spectra fromThe radial distance from the absorber to the second-neigh-

bor cobalt atoms is 3.10 ({0.02) Å for each of the samples. the wet and dry samples are essentially identical. This simi-
larity indicates that it is safe to extrapolate the data collectedThis distance is consistent with adjacent CoO6 octahedra

sharing edges, the arrangement found in Co(OH)2. How- on dry samples (e.g., using TEM or XPS) to the case where
bulk water is present on the surface. Of course, this conclu-ever, it is somewhat smaller than the Co–Co distance seen

in Co(OH)2 (3.17 Å) , even when the difference in the Co– sion is based on just one sample and may be applied only
to the drying procedure used in this study. In fact, in anotherO distance is taken into consideration. The smaller distance

suggests that the octahedra in the sorption complexes are sample (not shown here) where the paste was air-dried at
room temperature, the X-ray absorption near-edge structureless distorted than those in Co(OH)2, where they are flat-

tened along a threefold axis. (XANES) was markedly different from the in situ case.
The XANES spectrum of the G Å 23.1 sample is shownFigure 6 also shows a FEFF-generated simulation of the

EXAFS and Fourier transform of a Co atom sitting on an in Fig. 7. The XANES of the samples with lower surface
concentration are similar, though for these samples there is noAl lattice site in the a-Al2O3 structure. Some distortion of

the oxygen first shell has been included in order to better amplitude reduction due to self-absorption. Despite the general
similarities between the EXAFS of this sample and that ofaccommodate the Co ion in the smaller Al octahedral site.

It can be readily seen that none of the second-neighbor peaks Co(OH)2(s), the XANES spectra are markedly different. Un-
like the EXAFS portion of the X-ray absorption spectrum,correspond to those found in the data. Thus, we can reject

the possibility that the Co has been incorporated into the a- which is primarily sensitive to single scattering, the XANES
is extremely sensitive to multiple scattering among first, second,Al2O3 matrix. Further, since for a surface Al-equivalent site

the peak positions would be largely unchanged even though and more distant oxygen neighbors. This difference is a conse-
quence of several factors that act at low electron momentumtheir amplitudes would be reduced, we can also reject the

hypothesis that a Co adsorbs at such a site. A similar analysis (k), including less amplitude reduction by high Debye-Waller
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FIG. 6. EXAFS and Fourier transforms (uncorrected for phase shift, D) of samples, Co(OH)2 solid model, and a FEFF-generated model of Co
occupying an Al lattice site in a-Al2O3. Also shown in (b) is a comparison of the EXAFS of sample G Å 1.59 collected as a wet paste (‘‘wet’’) and
as a vacuum-dried powder (‘‘dry’’) .

factors, higher scattering probability at angles away from 07 as well as Co is included in the second shell. The most
plausible fit values for N and R are shown in Table 3. How-and 1807, and the high amplitude for oxygen backscattering in

this region of k space. Since these effects have significant ever, due to the inherent uncertainty in fitting multiple sec-
ond shells to data of this quality, these ‘‘best’’ fit valuescontributions out to about k £ 5 Å01 for these spectra, the

XANES analyses have been extended somewhat further from should not be considered the only possibilities.
The TEMs of the sorption samples show the presence ofthe absorption edge than is commonly the case. The differences

in XANES spectra indicate that the extended oxygen environ- plate-shaped precipitates. A notable exception to this is the
lowest sorption density (G Å 0.28) sample, where no precipi-ment around Co differs significantly in the precipitate sample

and in the solid model. tates were found. Energy dispersive spectroscopy (EDS) re-
vealed that the Co is inhomogeneously distributed throughoutFigures 6 and 7 also show the EXAFS spectrum, Fourier

transform, and XANES spectrum of the Co(II) –Al(III) co- the matrix in both a- and g-Al2O3 and that the precipitates
contain Co but little Al (Fig. 8). Since the electron beamprecipitate. In general, the coprecipitate spectra are similar

to the sorption sample spectra of intermediate surface cover- penetrates the entire thickness of the sample, it is unclear
whether the Al signal which appears to come from the precipi-age (G Å 1.30–5.66 mmol/m2) and do not resemble the

Co(OH)2 spectra. Unlike the sorption samples, however, the tate (Fig. 8b) is due to the precipitate or to Al2O3 matrix that
is either above or below it. The majority of these Co-containingEXAFS of the coprecipitate can be fit adequately only if Al
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the form of a precipitate rather than as an adsorbate, since
(a) the sorption density is so high, at 23.1 mmol/m2, that if
it were adsorbed several monolayers would need to be pres-
ent; (b) the XAFS are quite similar to that of solid Co(OH)2,
even including the characteristic feature at 5.5 Å in the Fou-
rier transform (not corrected for phase shift) which is due
to multiple scattering among linearly arranged Co atoms
(29); and (c) the XAFS is nearly the same as for Co/SiO2

(1) and for the higher sorption densities of Co/kaolinite
(48), which would be a surprising result except in the case
of a precipitate.

The combined XAFS and TEM results give a fairly clear
picture of the structure of this precipitate and its relationship
to the Al2O3 matrix. In the G Å 23.1 sample, the EXAFS is
similar to that of Co(OH)2(s) , but it also differs in various
respects. Most significantly, the distance to each of the shells
is distinguishably different from Co(OH)2(s) : the Co–O
distance is 2.07 Å vs 2.10 Å, the Co–Co second-neighbor
distance is 3.10 Å vs 3.17 Å, and the longer Co–Co distance
(ú6 Å) is 6.18 Å vs 6.34 Å (in both cases twice the closer
Co–Co distance) (Table 3). Also, there are fewer second
neighbors in the sorption sample, 4 vs 6 in Co(OH)2. These
differences are consistent, we believe, with a Co(OH)2-like
precipitate phase which is hydrous and highly disordered,
with a structure as illustrated in Fig. 12. According to thisFIG. 7. Co K-XANES spectra of the Co(II) –Al(III) coprecipitate, the G

Å 23.1 sample, Co(OH)2(s), and comparison to calculations using FEFF 6.01. hypothesis, such a solid would have a structure analogous
Though the amplitudes are not perfectly matched, the FEFF calculations are to that of Co(OH)2, with each Co having six nearest oxygen
able to successfully model the presence and positions of features B–F. neighbors, but with numerous Co vacancies. Based on the

coprecipitation data, it seems likely that some Al is present
in the coprecipitate, although no Al backscattering can beprecipitates seem to be associated with the g-Al2O3 regions.
detected in the XAFS. The Co vacancies would be charge-Lattice images of the Co-bearing phase in the G Å 23.1 sample
compensated by Al, and perhaps also by substitution of H2Oindicate that it consists of poorly crystalline grains of
for OH0 ; neutron diffraction work suggesting that H2O canCo(OH)2(s), with numerous extended defects and areas that
substitute for OH0 in high-surface-area Ni(OH)2 (49) indi-exhibit little or no diffraction (Fig. 9). There is no evidence
cates that such a substitution is possible. The hypothesis offor an epitaxial relationship between the precipitates and the
a hydrous, disordered Co(OH)2(s)-like precipitate is cor-Al2O3 grains, though in a few cases Co(OH)2(s) precipitates
roborated by the high-resolution TEM, which shows that thein immediate contact with a-Al2O3 surfaces were observed. At
precipitates are highly defected, having curved basal planes,decreasing Co sorption density, fewer and smaller Co(OH)2
extended defects, and regions so disordered that they do notprecipitates were seen, but in all cases the distribution of plate
produce diffraction fringes (Fig. 9) .thicknesses seems to follow a skewed distribution, with the

The difference between the Co–Co distance we observedminimum size (2.4 nm) being about half the mean size (4.6
and that found in crystalline Co(OH)2(s) (0.07 Å) is consis-nm) (Fig. 10). For all but the highest sorption density sample
tent with an earlier powder X-ray diffraction study (50)(GÅ 23.1), the supernatant solutions were undersaturated with
in which a-Ni(OH)2 was found to have a and b unit cellrespect to Co(OH)2(s) (see Fig. 11).
dimensions that are 0.05 to 0.1 Å smaller than in b-
Ni(OH)2. These two forms of Ni(OH)2 correspond to the

DISCUSSION
a- (blue) and b- (pink) forms of Co(OH)2, respectively.
A subsequent study, however, attributed this apparent short-Data Interpretation
ening to a systematic error in the analysis of the diffraction
data (51). In spite of this diffraction result, the EXAFSXAFS data from the sample with highest sorption density

provide information about the structure and morphology of results indicate a true shortening of the Co–Co distance in
the sorption samples relative to that in b-Co(OH)2. Giventhe surface precipitate phase. At this sorption density, there

is reason to believe that virtually all the cobalt is present in the close analogy between the structures and properties of

AID JCIS 4539 / 6g19h$$144 02-06-97 14:28:25 coidas



75SURFACE PRECIPITATION OF Co(II)(aq) ON Al2O3

FIG. 8. Representative EDS spectra from various regions of the G Å 1.59 sample. In general a varying amount of Co is found in both the a-Al2O3

and g-Al2O3 regions (as shown by the representative spectra shown for spots A and C). Some Al signal is seen when the electron beam is placed on a
precipitate particle (B). This signal may come from Al2O3 matrix lying above or below the position of the precipitate grain or from the precipitate itself.
The samples are supported on a copper grid, which gives rise to the copper signal seen in all spectra. The small peak at 7650 eV (between the Co and
Cu peaks) in (B) is due to CoKb fluorescence.

Ni(OH)2 and Co(OH)2, one possible explanation for our the theoretical calculations nor the experimental data for
Co(OH)2(s) accurately reproduce the XANES observed forXAFS results is that the surface precipitates consist of a-

Co(OH)2. In fact, it has been suggested that the structure the surface precipitates. In particular, the feature marked E
in the spectrum from Co(OH)2 is missing in the G Å 23.1of a-Ni(OH)2 is hydrous and disordered, similar to the struc-

ture we propose for the surface precipitates. On the other spectrum, and the positions of features C, D, and F are
substantially shifted. FEFF 6.0 calculations reveal that thehand, both the blue form and the pink forms of Co(OH)2(s)

have been shown to have the same XAFS (29), though it XANES spectra come about as the result of the superposition
of contributions from many different low amplitude oxygenis hard to be sure how much of the blue Co(OH)2 might

have converted to pink during the course of those XAFS multiple scattering paths. The particular details of the
Co(OH)2(s) spectrum result from contributions of pathsmeasurements.

The local structure of the surface precipitate can be con- including O atoms both in the same Co–O octahedral layer
as the absorbing Co and in the adjacent layers. However,strained still further by comparison of the CoK-XANES of

this material with that of Co(OH)2(s) and to theoretical fairly small shifts in the oxygen positions significantly re-
duce the contribution of paths which include oxygens outsidecalculations of the XANES spectra using the FEFF 6.01

multiple scattering code. As may be seen in Fig. 7, by using the octahedral layer. As a result, the XANES spectra do
not allow us to distinguish between models in which thea sufficiently large fragment of the Co(OH)2(s) structure

centered at the Co absorber (out to 6.35 Å, including all O precipitate structure is only slightly distorted compared to
b-Co(OH)2 and models in which the neighboring layersatoms), FEFF is able to reproduce accurately the positions

of features in the XANES spectrum of Co(OH)2. Neither have no crystallographic relationship to one another. This is
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FIG. 9. High-resolution TEM image of a precipitate particle surrounded by g-Al2O3 matrix. The square labeled A shows an area where diffraction
fringes from the precipitate may be observed; the fringe spacing (about 4.7 Å) corresponds to the (001) plane spacing of b-Co(OH)2 (4.64 Å) . The
regions labeled B and C have fringe spacings of 4.5 and 2.7 Å, corresponding to the (111) plane spacing of g-Al2O3 and the (202) plane spacing of u-
Al2O3, respectively.

illustrated in Fig. 7, in which two models are shown for dral layers—hexagonally closest packed CoO6 octahedra,
slightly reduced in size and less flattened than inthe precipitate XANES spectrum, one being a distorted b-
Co(OH)2(s) —accurately describes the structure found inCo(OH)2 structure (the extent of distortion being based on
the surface precipitate.the EXAFS data) , the other being an isolated distorted basal

In the lowest surface concentration sample (G Å 0.28) noplane. The XANES calculations confirm, however, that the
precipitates were seen with TEM, but the EXAFS analysismodel we propose for the structure of the individual octahe-
revealed the presence of second-neighbor Co atoms at the same
distance as seen in the higher sorption density samples (3.10
Å). There are two possible explanations for this observation:
either Co multinuclear complexes form at the surface under
conditions where no precipitates are present and essentially no
multinuclear complexes exist in solution or precipitates were
in fact present but were either so few or were sufficiently
different in morphology from those seen at higher surface con-
centrations that they could not be observed by TEM. Although
there is no simple quantitative means of determining the true
lower limit of detection of precipitates with TEM, the first of
the two explanations seems most likely. It would be remarkable
if no precipitates were observed had they actually been present,
given that many different areas of the sample were examined
and that they were so obvious in the higher concentration sam-
ples. Furthermore, comparison of the XPS and GFAA data is
consistent with precipitates being present in the higher concen-
tration samples but not in the G Å 0.28 sample, since in this
sample XPS results did not underpredict the sorption densityFIG. 10. Histogram of the plate thickness of precipitate particles in G

Å 1.59 sample, from TEM. measured by GFAA and N2-BET.
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FIG. 11. Initial and final pH values for the XAFS samples, with comparison to the saturation concentrations of blue (metastable) and pink (stable)
Co(OH)2(s) . The arrows show the path through pH concentration space that would be followed if no sorption took place, that is, the path that would
result in the most saturated conditions possible. In practice, if any sorption took place at a pH lower than 8.1, the actual path would fall below and to
the left of the arrows.

In previous XAFS work on similar systems which were neighbors found from the EXAFS analysis (about 1) indi-
cates that the complexes seen in G Å 0.28 sample are eithernot examined by TEM, it has not been possible to distin-

guish between multimeric complexes and mixtures of predominantly dimeric or made up of a mixture of mono-
mers and small oligomeric species. Dimeric (Co2(OH) 3/ )multimeric complexes, precipitates, and/or monomers. As

a result, it was impossible to determine if a true multimeric and tetrameric (Co4(OH) 4/
4 ) complexes have been postu-

sorption regime existed (as has been proposed by several lated to exist as solution species (20) , though not at the pH
workers (3, 52, 53)) , or if sorption shifted directly from and metal ion concentrations prevailing for these samples.
monomeric adsorption to precipitation (as has been sug- These polymeric complexes, though, are of a size consistent
gested by others (23)) . The small number of Co second- with our EXAFS results. Structurally, the Co coordination

environment in the polymers must be similar to that in
Co(OH)2 (s) ( i.e., they are made up of edge-shared octahe-
dra) , the only significant differences being the smaller Co–
Co interatomic distance (a difference of 0.05 Å) and the
smaller Debye-Waller factor (0.006 Å 2 difference) seen
here as compared to Co(OH)2 (s) .

Constraints on Surface Precipitation Models

In Fig. 11 it may be seen that none of the samples was
at any time oversaturated with respect to the active blue (a)
form of Co(OH)2, which precipitates before the pink (b)
form of Co(OH)2. Furthermore, since the conditions at
which the samples stabilized were all at the same pH but
different final solution concentrations, it may be conclusively
said that precipitation of bulk Co(OH)2 is not controlling
the amount of uptake. However, since the Co solution con-FIG. 12. Polyhedral representation of the structure of Co(OH)2(s) .
centration is measured only at the beginning and end of theThe arrows indicate the differences between the Co(OH)2(s) structure and

the ‘‘modified Co(OH)2(s)’’ structure. uptake reaction, it is not known what path through pH–
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concentration space the reaction actually followed. Thus, data (19). Furthermore, particular care was taken to avoid
overshooting during the final stages of the base addition;the solution may have passed through the region of oversa-

turation, especially in the case of the two most concentrated none of the samples was ever at a pH higher than 8.25.
(3) The precipitates may form during the TEM samplesamples.

For the G Å 1.59 sample, however, the TEM shows the preparation. This explanation seems unlikely because for the
G Å 1.59 sample, the most undersaturated sample in whichpresence of precipitates even though the supernatant was

never oversaturated with respect to blue Co(OH)2(s) , even precipitates were observed, the XAFS were collected both
wet and dry with exactly the same results. The drying proce-assuming that no adsorption took place (i.e., the path through

pH–concentration space is right-angled, as illustrated in Fig. dures for the TEM and XAFS sample preparation were simi-
lar, since both involved rapid drying at room temperature in11). Insofar as any uptake occurs at a pH less than 8.1, the

actual reaction path would lie below the right-angle path; as an inert atmosphere. Also, since for this sample 99% of the
Co in solution was taken up by the solid in the titration,a result, it seems likely that this sample was never oversatur-

ated with respect to pink Co(OH)2(s) , either. Even for the only a negligible amount of Co remained in solution to be
available for precipitation.G Å 5.66 sample, some explanation other than Co(OH)2(s)

precipitation must be found for the fact that the final solution (4) The surface may act as a site for nucleation. No doubt
this does occur, but if the solution is undersaturated withconcentration is a factor of 2 below the saturation of the

most stable (pink) Co(OH)2 phase. In short, there is clear respect to the precipitate phase, the nuclei which form will
be unstable and will not grow, unless there is some otherevidence that surface precipitation, as defined at the begin-

ning of the paper, has occurred in this system. effect acting to reduce the activity of Co(II) in the solid
phase.Two lines of reasoning lead us to believe that the surface

precipitation we observe in the Co(II) /Al2O3 system comes
In the background section, it was shown that changes inabout as a result of the formation of a ternary (or double)

the properties of the aqueous solution and its constituent ionshydroxide phase. First, we have not been able to propose
in the vicinity of the interface cannot induce precipitation. Inany other model that can account for the XAFS, TEM, XPS,
contrast, the other models discussed, including the surfaceand solution behavior. Second, using solution conditions
energy model, the dropwise base addition model, and thesimilar to those used in the sorption experiments, we have
solid solution model of Farley et al. (4) , can provide validproduced a Co(II) –Al(III) basic coprecipitate whose struc-
bases for surface precipitation. The surface energy model,ture closely resembles that found for the surface precipitates.
however, cannot explain the morphology of the precipitateBefore considering these two arguments, however, it is worth
particles in relation to the Al2O3 grains. If minimization ofexamining other factors that might explain the observation
total surface energy were the driving force, we would expectof precipitation from an undersaturated solution.
the precipitate to form in one of two morphologies, de-
pending on the relative magnitude of the various surface(1) The thermodynamic data for the solubility of

Co(OH)2 could be incorrect. This seems unlikely since in energy terms (see Eq. [2]) : as a coating, or filling in cracks
and pores with high radius of curvature. In the first case, thethe solubility measurements (14, 15) equilibrium was ap-

proached from both the undersaturated and the oversaturated coating would be expected to cover the maximum possible
amount of surface and therefore be as thin as possible, todirections, to control for kinetic effects. Furthermore, for

both the blue and pink forms of Co(OH)2, the solubility the point where it would be less than a monolayer thick—
the exact situation which would properly be called ‘‘adsorp-values have been determined independently by different

groups and were found to be nearly identical. tion.’’ In fact, no evidence has been found for coatings on
Al2O3 grains, either of Co(OH)2(s) or anything else. The(2) Precipitation may proceed much faster than adsorp-

tion. This would allow the right-angle path to be followed TEM does not provide evidence for the precipitates filling
in zones of high surface curvature, either; instead, the precip-in the pH–concentration diagram (Fig. 11), and then the

slower adsorption process could continue to lower the con- itates seem to form as discrete particles within the pores of
the Al2O3 matrix. We thus reject the possibility that reductioncentration even after the solution is no longer saturated with

respect to the precipitate. This explanation could apply even of surface energy could be inducing precipitation.
Note also that effects of a nearby Al2O3 interface on theto the lower sorption density samples if the pH was overshot

during the titration. If this dissolution and subsequent ad- properties of a solid precipitate, such as an electric field
effect on a polarizable solid, will in general be confinedsorption mechanism were correct, dissolution of the precipi-

tate must be kinetically inhibited even though its formation within some finite distance of the interface (in most cases
this distance should be small, i.e., no more than a few nano-is kinetically favored. This explanation is unsatisfactory,

however, because the rates it implies (precipitation proceed- meters) . Thus, from a thermodynamic viewpoint, these ef-
fects may also be described in terms of surface energies.ing faster than adsorption) contradict existing experimental
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Effects of this type will result from the relaxation of the tion is not the only possibility, merely a simple and system-
atic way of implementing the idea that a solid solution forms.assumption that there is no net change in free energy on

transport of the solid from the bulk solution region to the In nonideal solid solutions, the activity coefficient for a
given component can be less than or greater than 1 insteadinterface region (DG3 , in Fig. 2) . The effects the presence

of the interface has on the properties of the solid should of being equal to 1; i.e., the deviation from ideality can be
either negative or positive. If the two components bind morehave the same morphological consequences as any other

factors contributing to the surface energy. Consequently, the strongly to each other than to themselves, the deviation from
ideality is positive. As the positive deviation increases, atlack of TEM evidence for precipitates coating Al2O3 particles

or filling cracks and pores also lends support to the assump- some point a compound of the two will be more stable than
the solid solution. Therefore, if ternary compounds formtion that there is no free energy change on moving the solid

precipitate into the interface region. along the Co(OH)2–Al(OH)3 pseudobinary, it would indi-
cate the there is a positive deviation from ideality; i.e., aThe kinetic effect of dropwise base addition is another

possible explanation for the precipitates seen in this study. precipitate would form more easily than in the ideal case at
any particular mole fraction of Co. While the CoO–Al2O3–If this effect were causing precipitation, however, some other

kinetic effect would be preventing dissolution of the precipi- H2O phase system has not received much study, more infor-
mation is available on the analogous system MgO–Al2O3–tates during the 5 days of equilibration, the minimum titra-

tion time for samples in this study. In blank solutions (i.e., H2O. Mg2/ has an ionic radius similar to Co2/ (0.72 Å vs
0.745 Å (54)) and both Mg(OH)2 and Co(OH)2 crystallizewith no powder) , any precipitates that form were observed

to dissolve immediately. One other point worth noting is in the brucite structure. The results of a study of phase
stability in the Mg(OH)2–Al(OH)3 system (Fig. 13a) (55)that the downward pH drift that was observed in the sorption

sample titrations is exactly the opposite from the trend that show that a double-hydroxide phase does form and also that
there is a limited solubility of Al3/ in Mg(OH)2. At roomwould be expected if the drift were caused by gradual disso-

lution of Co(OH)2. Given these facts, it seems unlikely that temperature, the proposed double-hydroxide phase has
the stoichiometry AlMg2(OH)7. Extrapolating to thedropwise addition of base is the root cause of precipitation

in our samples. It may be, however, that the localized pH Co(OH)2–Al(OH)3 system, these results imply that the de-
viation from ideality is positive.shock that occurs at the drop interface allows the formation

of a stable precipitate phase that might otherwise be kinet- Based on the work on the Mg(OH)2–Al(OH)3 system,
it seems that any phase containing both Co(OH)2 andically prevented from occurring during the time scale of the

experiment. Al(OH)3 is unlikely to be an ideal solid solution. If the
solubility of Al3/ in Co(OH)2 is limited to a few percent,A more complex analysis is required to determine whether

the formation of a solid solution could be causing surface as in Mg(OH)2, in order for precipitation of a solid solution
to have occurred in the G Å 1.59 sample, the activity coeffi-precipitation in this system. In the solid solution model of

Farley et al. (4) an ideal solid solution is assumed, so the cient of Co in the solid phase would have to be approxi-
mately 0.02. In the case of the brucite-structure phase (i.e.,activity of the sorbing component in the precipitate phase is

equal to its mole fraction; that is, Co(OH)2(s)) , however, this activity coefficient would vio-
late the thermodynamic principle that Raoult’s law must be
obeyed by a component of a solution as its mole fraction

ai Å Xi . [14]
approaches 1; i.e.,

For the G Å 1.59 sample, the ion activity product of Co2/
lim
Xir1

gi Å 1. [15]
and OH0 ions is only 2% of the value required to precipitate
the most stable form of Co(OH)2(s) . Thus, the mole frac-
tion of Co(OH)2 in the solid solution can be at most 0.02. A schematic illustration of how the activity of Co(OH)2 is

likely to vary with concentration is shown in Fig. 13b. TheThis is a possibility that may be clearly rejected on the
basis of the XAFS data; if it were true, the second-neighbor activity would be expected to be approximately equal to the

concentration in the Co(OH)2(s) end member phase, butbackscattering would be dominated by Al rather than Co.
Another possibility is that the two components ( i.e., would be much lower in the double-hydroxide phase.

The remaining possibility is that the precipitate is aCo(OH)2 and Al(OH)3) form a solid solution that is not
ideal. In fact, this is much more likely than an ideal solid double-hydroxide phase, analogous to the double hydrox-

ide proposed by Mascolo et al. (55) for the Mg(OH)2 –solution, given that close approaches to ideality are ex-
tremely rare, and in any case would be unlikely over the Al (OH)3 system, and, perhaps, to the clay-like structures

proposed by Charlet and Manceau (28) for sorption oncomplete range of concentrations for two end members with
different structures. Farley et al. point out that an ideal solu- silicates. Recent work has shown that at high concentra-
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FIG. 13. (a) Phase diagram of Mg(OH)2–Al(OH)3 system, whose phase behavior should be similar to that of the Co(OH)2–Al(OH)3 system. Bhm
stands for boehmite, Gbs for gibbsite (different polymorphs of Al(OH)3) , Brc for brucite (Mg(OH)2) , and D.H. for double hydroxide (from Mascolo
et al. (55)) . (b) Schematic illustration of the Co activity variation with molar concentration of Co(OH)2, assuming phase behavior is similar to that
illustrated for Mg(OH)2–Al(OH)3 in (a) .

tions and in the presence of ammine, impregnation of g- phase can have a range of possible stoichiometries, as was
also found in the Mg(OH)2–Al(OH)3 system (55). The fitAl2O3 catalyst supports with Co( II ) results in the forma-

tion of a hydrotalcite structure (56) of stoichiometry of the EXAFS for the coprecipitate indicates that there is
amplitude cancellation between the Al and Co contributions[Co0.66Al0.34 (OH)2 ](CO3 )0.17r0.61H2O. The hydrotalcite

structure has metal hydroxide layers which are identical to the second-shell scattering. One consequence of this can-
cellation is that small numbers of Al second-neighbors can-to the brucite structure but with a third or more of the

Mg(II ) replaced by Al; anions such as carbonate, nitrate, not be distinguished in the EXAFS analysis. However, an
increased proportion of the total second shell backscatteringand chloride (as well as water molecules ) in the interlayer

space compensate the excess charge. coming from Al in the lower surface concentration samples
may cause the anomalously low Debye-Waller factors seenThe coprecipitation experiment was designed to test whether

the precipitation seen in the sorption samples might be caused in the fits for these samples. It seems likely that the presence
of Al in the coprecipitate and surface precipitates is responsi-by the formation of a double-hydroxide phase. Since the two

separate Co(II) and Al(III) solutions were undersaturated be- ble for their structures being different from that of b-
Co(OH)2(s) .fore mixing and were diluted by another factor of 2 when they

were mixed, the fact that a precipitate formed and persisted is Comparison of this result with the work by d’Espinose de
la Caillerie et al. (56) would suggest that the phase we observedefinitive evidence for the existence of a stable ternary-hydrox-

ide phase. The similarity of the Co EXAFS and XANES of in both the coprecipitate sample and the higher coverage sorp-
tion samples has a hydrotalcite-like structure, with charge bal-the coprecipitate and the sorption samples (Fig. 6) strongly

suggests that it is in fact the double hydroxide which is respon- ance being accomplished by intercalation of nitrate ions (or
possibly carbonate ions, which may be present at low levelssible for precipitation in the sorption samples. We conjecture

that the double-hydroxide coprecipitate forms as Al(III)(aq) even in the controlled atmosphere of the glove box) in the
interlayer space. However, our XPS data rule out the presenceis gradually produced by dissolution of alumina. In addition to

accounting for the XAFS, this process would account for the of either nitrate or carbonate at the concentrations required to
produce a hydrotalcite-type phase of the stoichiometry theyslow downward drift in pH seen in the sorption titration, as

Co(II) is removed from solution to form a hydroxide precipi- describe. Work by Taylor confirms that Co(II) and Al(III)
can form a double-hydroxide coprecipitate under conditionstate.

Quantitative fitting of the EXAFS shows that the Co in where CO2 is excluded (57).
Further information about the mechanism of precipitation isthe coprecipitate has more Al second-neighbors than in the

sorption samples. This suggests that the double-hydroxide provided by comparing the results of this work with our past
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work on sorption of Co(II) on single crystal wafers of a-Al2O3 from XAFS suggests that the precipitate phase has a structure
which is similar to that of cobalt hydroxide solid, but is highly(58). In that study, we found that when Co adsorbed onto a-

Al2O3 surfaces from cobalt nitrate solution at the same pH and defected and contains a significant fraction of Co vacancies.
The missing Co ions could be charge-balanced by substitutionCo concentration as in the present study, there was no signifi-

cant clustering or formation of any local structure similar to of Al3/ for Co2/ , as well as, perhaps, by H2O molecules for
OH0 ions. While the precipitate phase is associated with theCo(OH)2(s). In that study the solutions were preequilibrated

before the insertion of the wafers, which could explain the Al2O3 substrate, it does not form a coating and there is no
evidence for an epitaxial relationship between the precipitatedramatically different sorption behavior. Since the wafers were

only equilibrated in the solutions for about an hour, there was and the substrate.
From a practical standpoint, these results have several impli-no opportunity for Al2O3 to dissolve to form Al(III) in solution.

Certain other XAFS studies of Co(II) sorption, notably those cations. In the preparation of catalysts, the readiness with which
precipitates form means that a uniform dispersion of metal ionsthat used TiO2 as a substrate, have found little evidence of Co

clustering (1, 30). It has been suggested that differences in the across an oxide surface will be harder to obtain than previously
thought, based on a more traditional view of sorption. Further-atomic structure and local bonding requirements between rutile

and other sorbates could be responsible for the dramatic differ- more, on annealing, it is quite likely that a substantial fraction
of the sorbed material will end up in forms other than theence in the sorption behavior (30). Based on our results, it

seems likely that one cause for the Co/TiO2 result is that rutile active phase. However, an understanding of the factors which
cause surface precipitation should make it possible to designis much less soluble in the pH range of the equilibration than

are the Al2O3 (this study, 15, 17)), kaolinite (46), and SiO2 procedures that prevent the process from occurring.
For geochemical modelers or others who are interested in(30) sorbents used in the present work and other studies.

Although formation of a coprecipitate may be the best using laboratory data to predict uptake in less controlled envi-
ronments, our findings indicate that coprecipitation of poorlyexplanation for surface precipitation in this work, it is not

necessarily the cause of surface precipitation in all systems. characterized multicomponent phases may be a significant
cause of sorption, particularly under conditions where the con-In particular, the HFO material used in several studies is

much less soluble than Al2O3, and hence may be less likely centration of metal ions in the aqueous solution is fairly high.
If this effect is recognized as being important, studies seekingto act as a source of ions for the formation of a coprecipitate.

There are, however, other differences between the HFO solid to measure true adsorption processes should be able to prevent
coprecipitation by making fairly simple changes in experimen-and the one used in this study. For example, it is so highly

porous (surface area of 256 m2/g) that essentially the entire tal design. Some possible measures would be to minimize the
time in which the solid sorbent is in contact with the superna-solid is made up of surface, and, for the Charlet and Manceau

study (21), the substrate and sorbate ions (Cr(III) and tant, to use the most insoluble sorbent possible, and to use the
lowest possible concentration of metal ion.Fe(III)) have the same charge and ionic radius. As a result,

it may not be surprising that the Farley et al. ideal solid The effects of coprecipitation, however, are not limited to
laboratory systems—natural environments too will often havesolution model can explain the surface precipitation seen in

that system, but not in the Co(II) /Al2O3 system. near-saturation concentrations of relatively insoluble ions such
as Al(III). In areas near the source of a contaminant, where
its concentration is high, coprecipitation of ternary (or higherCONCLUSIONS
order) phases may be the dominant mechanism acting to segre-
gate aqueous contaminants to solid phases. To quantitativelyIt has been determined that Co(II) sorbs on Al2O3 in two

modes: as a disordered, hydrous, surface-induced precipitate model uptake under these conditions, it will be critical to find
out which phases may be important in controlling the sorptionat the highest sorption densities, and as small complexes at

lower sorption densities, confirming earlier suggestions that of particular contaminants and to determine the solubility of
these compounds as functions of pH and the concentration ofchanges in sorption mode take place with changes in surface

loading (1, 3) . The complexes seen at the low sorption the component species.
density include multinuclear complexes that may be analo-
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