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Preface

This book was written for researchers and engineers interested in the precipitation
of oxides and the physicochemical properties of their surfaces. Oxides play an
important role in the blooming science of finely divided materials.

The main objectives of this book are twofold:

e to describe the logic behind the formation of oxides from solutions,
¢ to introduce the basics of the physics and chemistry of oxide surfaces, which are
at the core of the behavior of small particles in suspension.

In spite of the extensive scientific literature, there are few books on this topic.
Precipitation s usually discussed using the macroscopic concept of solubility
product. From this angle, the behavior of cations in solution appears very confusing.
Moreover, the physics and chemistry of aqueous oxide solutions are an equally
important topic from both fundamental and. practical standpoints. They are seldom
included in university curricula. : ‘ :

[ wrote this book, at Jacques Livage’s instigation, using the classes I teach at the
University Pierre and Marie Curie in Paris as a bjueprint. I have also included Marc
Henry’s partial charges model, based on the principle of electronegativity equaliza-
tion as demonstrated by Sanderson. The pedagogical interest of this model is its
simplicity. Like any model, its use requires a full understanding of its limitations.

. The second part of the book contains results of our research with Elisabeth Tronc. 1

wish to thank her and express the great esteem I have held her in throughout our
collaboration. I am also grateful to the students we have supervised together:
Philippe Belleville, Christophe Barbé, Philippe Prené, Colette Levraud, Martine
Richard, Lionel Vayssiéres, Virginie Boulet, Corinne Chanéac.

;1 am greatly indebted to Elisabeth Trone, Clément Sanchez and Frangois Ribot
for their Suppoft and the time they have spent reading and reviewing this manuscript.
I have also greatly appreciated the many discussions I have had with Roland
Contant on tungsten polyanions and phosphate-tungsten anions. =

I would like to thank the editors as well as the French and foreign colleagues who

. have allowed reproduction of their documents, in particular M. Figlarz (Amiens),
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E. Matijevic (Potsdam), C.J. Brinker (Albuquerque), T. Sugitomo (Sendai) and CJ.
Serna (Madrid).

[ wish to thank my wife, Arlette, for her patience during many evenings and
weekends spent working on this book, and for her support during the past few years.

[ also wish to thank Jean Lefcbvre, and acknowledge the memories of Gaston
Charlot and Pierre Souchay. Their teachings initiated me into the science of
solutions. They are, without doubt, the foundation of my interest in the phenomena
discussed here.

J.P. JOLIVET
Paris, July 1994

Introduction

Metal oxides have long generated technological and industrial interest because of
their very diverse properties (optical, electrical, magnetic, etc.), combined with
their overall characteristics of hardness, thermal stability and chemical resistance.
Silica SiO, is now one of the most widely used materials in the world because of its
optical properties, characteristics as an electrical and thermal insulator, hardness
and chemical stability. Ferrimagnetic iron oxides (spinel ferrite y-Fe,0s, hexaferrite
BaFe,,0,0) are the materials of choice for data storage and transmission. Some
oxides with variable clectron mobility are used as semiconductors (V;Os) or
superconductors (YBa,Cu305). Materials with high ion mobility have a promising
{future as solid electrolytes and cathodes for balleries. Ferroelectric or dielectric
oxides of perovskite structure (BaTiOs, PbZiTiOy) are extensively used in electronic
devices.

‘Nanomaterials’ also generate interest because of the specific properties linked
to the nanometer size of the particles. Some unusual optical and electrical properties
are due to a phenomenon known as quantum confinement. The large surface/volume
ratio also leads to the use of some of these materials in catalysis. The excellent
sintering characteristics of fine powders are useful in the fabrication of ceramics
and composites. The dispersion of smail particles in various solvents allows the
Fabrication of thin films and antirefiection coatings, or improvements in the optical
performance of mirrors.

Various techniques are used in the processing of oxide micro- or nanoparticles.
They include dividing a bulk solid through mechanical abrasion (crushing),
electrical or thermal erosion (laser ablation) or condensing ions or molecules. Gas
phase compounds are deposited and condensed on to various substrates by CVD
(Chemical Vapor Deposition). Precipitation and co-precipitation of ions. from
solutions have been used for many years in most industrial production of fine
powders for ceramics or catalyst supports. The Bayer process for the synthesis of
alumina is based on the precipitation of gibbsite AI(OH)3 from aluminate solutions.
Titanium oxide pigments (TiO,) are synthesized through controlled hydrolysis of
TiCl, solutions. Zirconia ZrO, is prepared from oxychloride ZrOCl, solutions.
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Prechl‘pitation from solutions is also used in hydrothermal synthesis. It is also
involved in geochemical phcnomena and even some biological processes such as
calcification and kidney stone formation. ,

Solution chemistry offers many possible routes for ‘chemical manipulations’ and
allows various combinations in the synthesis of solids of diverse structures,

compositions and morphologies. It is also referred to as ‘soft chemistry’, since it

frequently takes placc at room temperature or around 200-300°C under standard
hydrothermal conditions, conditions which also allow the synthesis of metastable
phases. The control of the texture of the solid (porosity and surface area) is also
much easier than in classical high-temperature processing techniques.

Controlling the method requires a good understanding of the formation process
of colloidal particles, i.e. how the ions go from the solution to the solid. This is a
complex phenomenon from chemical and structural standpoints because it involves
a set of chemical reactions, and the experimental conditions (concentration, acidity,
temperature, nature of the anions, etc.) also have a strong influence on the structural,
morphological and dimensional characteristics of the solid phase. Precipitation is
the result of a process of inorganic polycondensation involving the hydrolysis of
metal ions in solution and the condensation of hydroxylated complexes:

M—-0OH + M—OH M—-OH—M, M M, M—-OH-—M

The various stages involved make this indeed a complicated process. There is a
wide diversity in the behavior of various elements, as shown in the following
examples:

e Pentavalent vanadium forms polyanions of various degrees of condensation in
solution, in which the coordination of vanadium varies from 4 to 6. Under certain
conditions of acidity, the oxide precipitates and forms entangled ribboris.
Phosphorus (V), however, stays in solution as a monomer in the form of phosphate
anions. :

e Aluminum forms the hydroxide AI(OH)3, whereas in the case of iron the Fe(OH);3
phase is unstable. It dehydrates spontaneously and crystallizes as a-Fe,O3 hematite
or a-FeOOH goethite. The isostructural a-AlIOOH (diaspore) forms only under
hydrothermal conditions. '

e Chromium(V[) and tungsten(VI) exhibit different behavior. The chromate ion

[Cr04]2’ forms the dimer [Cr7_O7]2_ in solution at any acidification level and does
not precipitate a solid phase. The tungstate ion [WO4}?~, however, forms upon
acidification a series of polyanions of variable degrees of condensation in which
tungsten is hexacoordinated. It may also, unlike chromium(VI) and molyb-
denum(V1), form the oxide WO3 by precipitation.

Hydrolysis, condensation and complexation reactions of cations in aqueous solution
are the phenomena involved in the formation of the solid by precipitation. These are
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the focus of Part I in this book. Analysis of the behavior of the elements allows the
identification of the structural relationships between species in solution and the
solid, and it allows for an interpretation of the transformations taking place during
ageing of suspensions. -

Part 11 is concerned with a very important aspect of the physicochemistry of
oxide particles: the oxide-solution interface and its reactivity. The high surface/
volume ratio of submicron particles gives the solid a specific surface area that can
reach several hundred square meters per gram. The behavior of particles in the
dispersion is. therefore controlled to a large extent by the characteristics of their
surface: ' '

o The formation of sols, gels or aggregates depends on the repulsive or attractive
forces between the surfaces.

e The growth of particles is controlled by the forces exerted on their surfaces.

e Adsorption or grafting depends on the interactions between the surface and the
ions or molecules in the solution.

Since these various forces are directly related to the physicochemical conditions of
the mediuim, it is possible to control these phenomena by adjusting the concentration
of the solution. Some of the unique properties of the solid are also due to the small
size of the particles, and hence to the large oxide-solution interface. For example,
some reactions on the surface, such as ion or electron transfer across the interface,
may trigger a response in the core of the particles.

A r LR ey
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Part I

INORGANIC CONDENSATION



1

Water and Cations in Aqueous
Solution

v

Water is the most widely used dispersion liquid in inorganic chemistry because of
its exceptional ability to dissolve mineral salts. It is safe, chemically stable and
remains liquid over a wide temperature range. It is the solvent of choice for metallic
cations because it is the most convenient reaction medium, in the laboratory as well
as on an industrial scale. The ability of water to dissolve ionic and ionocovalent
solids stems from two main characteristics: the high polarity of the water molecule
(u = 1.84 debye) and the high dielectric constant of the liquid (e = 78.5 at 25 °C).
The polarity of the water molecule is responsible for its good solvation power,
_i.c. its ability to attach itself on to ions as a result of electrical dipolar interactions.
Water is also an ionizing liquid, i.c. able to polarize a covalent bond because of its
Lewis base (electron donor) character. For example, the solvolysis phenomenon
allows the ionization of the HCl molecule.

The high dielectric constant makes water a dissociating medium because the
decrease in electrostatic forces between solvated cations and anions allows their easy
dispersion in water (the attractive force F between two charges ¢ and ¢’ separated
by a distance r is given by Coulomb’s law F' = gq 'fer?). Both characteristics are
seldom found simultaneously in usual liquids. For example, the dipole moment of
the ethanol molecule (1 = 1.69 debye) is of the order of magnitude of that of water,
but the dielectric constant is smaller (¢ = 24.3). Therefore, this alcohol is solvating
but poorly dissociating, as it stabilizes solvated ions in pairs, and therefore it is a
poor solvent for jonic compounds.

The effect of water on an ionic solid such as an alkali halogen MX is limited
to the simple dispersion of solvated ions as Mt 1H,0 (4 <n<8) and X~ - mH,0
(m = 6) at any pH. Cations of higher charges, transition metals most notably,
strongly retain a number of water molecules around them and form true aquo
complexes [M(OHz)n]? with well-defined geometry. Water molecules are true
ligands because a o donor effect towards the empty orbitals of the cation adds to
water—cation dipolar interactions. In such complexes, solvation water molecules
may be more or less stable, depending upon the size and charge of the cation, and
the acidity of the medium. Some water molecules lose protons spontaneously and
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are transformed into hydroxo (OH™) or oxo (0% ligands. The acid—base character
of cations in solution is duc to proton exchange between the solvated complex and
watcr. The degree of protonation of the oxygenated ligands, governed by hydrolysis
equilibria. directly influences the reactivity of metal cations as far as condensation
phenomena are concerned. Thereflore, itis important to know, under specific condi-
tions (pH. concentration, temperature, etc.) the nature of the coordination sphere of
the cation in the various complexes in solution.

1.1 PROPERTIES OF WATER AS A SOLVENT

1.1.1 ELECTRONIC STRUCTURE OF THE WATER MOLECULE

The symmetry of the water molecule is C,, Its molecular orbitals (MOs) are formed
by linear combination of the atomic orbitals (AOs) of the oxygen atoms (2s, 2p) and
of the hydrogen atom (1s) according to the LCAO method. They exhibit one of the
syminetries that correspond to the four irreducible representations of the Cy, group
(A, Ay By, By). Theoretical calculations give the following expressions for the
four MOs of lowest cnergy [1]:

22, 0.85(2s) +0.13(2p.) + 0.81(Is, + Isy), £ = —36eV
thy 0.54(2p,)+0.78(1s, — Isy),  E=—19¢eV

3a, 0.46(2s) — 0.83(2p.) — 0.33(Is, + Isp), E=—l4eV
b, (2p,), £ = -l12¢V

Each of the occupicd MOs contains two clectrons, whereas the antibonding MOs of

higher energy (4a,, 2b,) are empty (Figure 1.1a). The photoelectronic spectrum of
water. obtained via UV excitation with the He(D) line of helium (21.2eV), shows the
bonding nature of the b, and 3a; MOs (presence of fine vibrational structure),
whereas the b, MO is strictly non-bonding owing to symmelry limitations [1].

The main propertics of the water molecule may be predicted from its electronic
structure.

e The high polarity, which explains the solvation of ions, is due to the electro-
negativity diffcrence between oxygen and hydrogen. The propensity of oxygen to
attract the electronic charge is much greater than that of hydrogen. The high
coefficients of the oxygen AOs in the expression for the occupied MOs point to the
fact that the clectron density is shifted towards oxygen [2] (Figure 1.1b). The
electronic chafge carried by each of the atoms (partial charge) may be calculated
from the above-mentioned expression for the MOs. The ‘partial’ charge of an atom
in a combination is defined (sec Appendix to Part 1) by the total atomic population,
which includes its formal charge (degree of oxidation) and half the overlap charge
due to bonds with other atoms, the overlap charge being considered localized on to
the atoms [1].
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Figure 1.1 (a) Molecular orbital diagram of the water molecule and (b) electronic
probability of presence. Reproduced by permission Academic Press from [2]

The calculation of the partial charge is a complex task because it requires
knowledge of the overlap integrals for each occupied MO. It leads to extremely
variable results depending on the method of calculation. For the sake of simplicity,
we have chosen to use the model presented in the Appendix, which is based on the
principle of electronegativity equalization within a compound. Although the model
is relative and approximate, it does provide a simple estimationsof the charges on
atoms in a combination.

According to (A.10), the average electronegativity x of the water molecule is

. /X VX0 40
Q//xi) +0/Vxo)

and from (A.8)

SH) = XX~ 402, §0) =-2X0 — 04

It is useful to point out that the relationship between the ionic character of bonds and
the dipole moment of a molecule is not trivial. The ionic moments of the bonds are
only one of the contributions to the molecular dipole moment. The size difference
between atoms, as well as the dipole moments of free pairs, must also be taken into
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consideration [3]. Assessment of the effective charges on atoms based solely on the
molecular dipole moments is therefore subject to controversy.

o The Lewis base character is due to the electrons in the 3a, MO. This MO is
essentially built on the hybridization of the 2s and 2p, AOs of oxygeu. It is strongly
delocalized towards the outside of the molecule, as indicated by the high coefficients
of the corresponding AOs and their negative contributions in the combination. The
water molecule behaves like a donor ligand of a o pair, which explains its ionizing
properties and its aptitude to coordinate Lewis acids (complexing properties).
However, the non-bonding b; MO entirely localized on oxygen (Figure 1.1b),

exhibits a very weak 7 donor character and does not allow the creation of a bond.

1.1.2 STRUCTURE OF LIQUID WATER ,

Compared with similar compounds (H,S, HsSe, H,Te), liquid water has very
peculiar properties: its boiling and melting points are unusually high, the volume
change at the melting point is negative and the density maximum is found at around
4°C: the diffusion of protons and hydroxyls in water is particularly fast compared
with other ions. Such peculiarities are the result of associations between waler
molecules through hydrogen bonds. Such interaction occurs when the hydrogen
atom, bound to a highly electronegative atom (F,O,N), is associated to another
electronegative atom:

1’1\5“ 5

JO--H—0O

H H
Within this bond, the hydrogen atom may occupy two positions of identical minimal
energy, each of which is very close to the oxygen atom. A small potential barrier
separates both positions, but the hydrogen alom may cross it by tunneling. The
energy of the hydrogen bond is about 20-40k]J mol__l. _ co

Under usual conditions, water crystallizes as hexagonal ice. In this structure, the
hydrogen bonds, which arc strongly directional, allow each oxygen atom to surround
itself with hydrogen atoms in an almost symmetrical tetrahedron (Figure 1.2a).

As ice melts, the breakdown of a number of hydrogen bonds decreases the
geometrical constraints between water molecules. They become mobile and able
to get closer to cach other. This is why the density increases and goes through
a maximum at around 4 °C, above which thermal agitation dominates and causes
dilatation of the liquid. Molecular dynamics calculations [5,6] show that, al
ambient conditions, the number of isolated molecules in the liquid is very small
(Figure 1.2b). The molecules form, on average, 2—3 hydrogen bonds and primarily
form polygonal assemblies of tetrahedral geometry. Such limited-size associations
have a very short lifctime ofAIO_”’s but they form constantly. The structure of
the liquid is therefore not topologically related to that of hexagonal waler. The
liquid may be considered as a disordered three-dimensional network of hydrogen
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Figure 1.2 (a) Struclure of hexagonal ice (bond length O---H---0 276 A, 0-H 14,
O---H 1.754, angles B~-O-H 109.5° [4]), (b) fraclion of the molecules involved in various
numbers of H bonds in liquid water at 10°C [5]) and (¢) hydrogen bond network in liquid

water (molecules are shown as points). Reprinted with permission from [5]. Copyright 1973
American Chemical Sociely

—

bonds, which form statistical connections allowing fast proton and hydroxyl
transfers [6,7].

The ionizing and dissociating power of liquid water leads to appreciable self-
dissocjation of the molecules:

2HO «— H3O::)lvalcd + Hos—olvalcd K. = [H3O+HOH4]. =10"" at 25°C

Hence, water molecules are amphoteric in nature. The liquid is a protic solvent for
which the acid—base concept is linked to the proton exchange between water and
any proton acceptors (bases) or donors (acids).

The structure of the oxonium ion H3O' has been investigated by NMR on
monohydrated crystals of strong acids (HC104-H,0, HNO;-H;, H;SO4-H;0)
[8,9]. The results indicate a planar or slightly pyramidal geomelry involving
H—O—H bond angles of 120 or 118° respectively, with H-H distances of 1.72A.

Solvation of the oxonium ion by water molecules occurs through hydrogen
bonds and creates [H30-nH,0]" entities. The degree of solvation, i.e. the number
of water molecules forming the ‘coordination sphere’, varies depending on whether
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the ion is in aqueous solution or involved in a solid network. The di-aquo hydrogen

jon [H;O-H-OH,]* (n = 1) was identified using neutron and X-ray diffraction in

crystals of HBr-2H,0 and in some complexes such as trans[Co(en),Cl,]CIl-2H,0,
HCI [10}. The O-0 distances in the di-aquo ion are about 2.40 A, the hydrogen
atoms being approximately in a central position with respect to oxygen atoms. .

In solution, the structural information obtained using diffraction techniques (X-
ray, neutrons) points to the presence of four water molecules in the immediate
surroundings of the'H3O+ jon (n =4) [11,12]. Neutron diffraction indicates a
tetrahedral configuration of the oxonium jon solvated in aqueous molar solutions of
HC! or HBr [13], whercas the analysis of the radial distribution functions obtained
via X-ray diffraction on concentrated HCI solutions reveals a pyramidal gcometry
{14]. Threc solvation molecules form short hydrogen bonds (O—0 distance 2.44 ,Z\.).
The fourth molecule of water, much further away (O-0O distance 2.90 /\ similar
to that observed in pure water), is located at the corner of a trigonal pyramid
(Figure 1.3a). The techniques give different results because neutron diffraction
gives an average O-0O distance [14]. The energy of short bonds, calculated by
the LCAO method, is about 190kJ mol™" [15], while that of the long bond is
almost zero. Therefore, one of the water molecules interacts very weakly, and it is
possible to consider the solvated proton as a ‘molecular’ entity [HoO,]", itself
solvated by other water molccules'lhrough weaker hydrogen bonds, of the order of
20-40kJ mol ™.

The hydroxyl ion, HO™, present in the structure of many complexes in the
monosolvated state [ HO-H-OH] ™ (O-0 distance 2.29 A), exists in solution as a
‘molecular’ entity [H,04]7, itself solvated by other water molecules [10] (Figure
1.3b). This ion is the strongest Bronsted base in water. This is why self-dissociation
of molecules is weak and why the O?” fon is never present in aqueous solution.
It follows that oxides never dissolve in water without an acid—base protonation
reaction of O™ jons.

‘\O/H""'
| :
1’ .
2941 < 190 kJ mol” ; 1‘1
:% - LO0-._ 11""
_HAQN TS _H™ 3 M7
- H= 0" ~-H=0
/ H \%\ = 40 kJ mol™' 1‘1
H . 0
g o 2,8A o—H ~y.
' 7 TH \ N
H S~ H
(a) (b)

Figure 1.3  Probable structure of hydrated jons: (a) [HeO4l™; (b) [H;04] . From [14]
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Figure 1.4 Hydration schemes (a) of hydrophilic cations and anions in aqueous solution
and (b) of hydrophobic cations

1.1.3 HYDRATION OF IONS AND THE STRUCTURE OF SOLUTIONS

The dissolution of ionic or polar solutes is explained by the polarity and the high
dielectric constant of water. The solvation of ions allows their separation in solution.
The structure of solvated ions is investigated using spectroscopy techniques
(EXAFS, XANES, NMR, infrared, Raman), or diffraction and diffusion techniques
(X-ray, neutrons) [11,12]. Such techniques have shown that solvated cations and
anions are linked to water molecules through the oxygen and hydrogen atoms
respectively (Figure 1.4a).

The number of water molecules involved in the solvation of a cation increases
with its polarizing strength, i.e. as the cation charge z increases and its radius r
decreases. The polarizing strength of an ion is defined as the z/r? ratio. The
attraction and organization of water molecules around ions subjected to dipolar
interactions occur over several layers, and it is convenient to distinguish the first
hydration ‘sphere’, which contains the water molecules in contact with the cation,
from the outer and more distant layers.

{a) First Hydration Sphere

Monovalent cations such as alkaline ions are surrounded by a first hydration sphere,
the gcomelry and composition of which are poorly defined. The Li* ion, the
smallest and most polarizing in the scries, is surrounded by a tetrahedron of water
molecules. The larger and less polarizing ions (Na™, K*, Cs™) have a first solvation
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Table 1.1 Hydration enthalpies (kJmol ™~ ! 25°C) and ionic radii (/.\) of a few jons [16]
lon —AH° Radius Ion —AH® Radius
H* 1100 -

Li* 522 0.78 Cr* 1930 0.80

Cs* 285 1.65 Fel" 1956 0.83

Mg 1940 0.78 NiZ* 2120 0.78

Ba?' 1320 1.43 crt 4620 0.65

ALY 4700 0.57 Fe* 4450 0.67

Table 1.2 Exchange rate constant for the water molecule in the first hydration
sphere of metal cations [16]

lon k(s™" Ton k(s™hH
Ca®*, Sr2*, Ba®" ~5x 10825 x 107 '

Lit, Na*, K*, Cs* ~5% 10%-5x10°

Mg?* 10’ Belt 102
Crt 3Ix 108 AT ~
Fe’* 3% 10° CFet 102
Ni?t 4x 10" . Crt 3x107°

sphere of 6-8 water molecules. The symmetry of the solvation sphere of these
cations cannot be defined precisely because the electrostatic interactions with the
water molecules are relatively weak (Table 1.1) and the solvation molecules are
exchanged rapidly with those from the medium [12] (Table 1.2). In addition, the
number of water molecules that form the first hydration sphere of these cations varies
with the concentration, the temperature and the nature of anions present in solution.

Small-size, high-charge cations develop stronger electrostatic interactions with
water and have strong hydration energy (Table 1.1). Therefore, the geometry of
such hydrated cations is well defined. Structural investigations [l 1,12] point to a
tetrahedral symmetry for the tetra-aquo [Be(OH2)4]2+ jon, an octahedral symmeltry
for the [M(OH,)e]*t (M =Mg, Ca,Zn,Cd, Hg, Pb, etc.) and [Al(OHz)G]3+ hexa-
aquo ions and a square-base antiprism geometry for [Sr(OH,)5}*", for example. The
coordination of cations is directly related to their size.

All divalent and trivalent ions from the first transition series are hexacoordinated.
The octahedral coordination of thesc ions is in agreement with crystal field theory.
The interactions between the water molecules and these cations are clearly the
result of the g-donor ligand role of the water molecules, through the overlap of the
3a, MO with the d orbitals of the cation. Hence, the bond exhibits a strong covalent
character and the hydrated cations are really coordination complexes. Some distor-
tions of the hydration sphere are observed with Cr?* and Cu** owing to the Jahn-
Teller effect. The labile character of the water molecule, when coordinated to
transition elements, is very variable (Table 1.2). Some hexa-aquo complexes, which
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are strongly stabilized by the crystal field, are inert towards substitution reactions.
This is the case for [Ni(OH,)e]?* and [Cr(OH,)e)>" of electronic configurations
t§,¢5 and 3, ¢ respectively, for which formation of the transition state during the
substitution causes the most energetically costly change in clectronic configuration
(see Chapter 2).

It is difficult to predict the degree of solvation for jons with a charge higher than
three, because they are subject to hydrolysis reactions and, except in a highly acidic
medium, the hexa-aquo forms are mostly unstable. :

(b) Outer Solvation Spheres

The sccond solvation sphere is more difficult to characterize because of the rapid
exchange with the watér molecules from within the solution. Studies undertaken
according to the aforementioned techniques and via simulations imply that, for the
majority of cations, the immediate environment of the solvated ions consists of 12
water molecules. The average O—O distance between the oxygen atoms of the first
and second hydration spheres, which is about 2.7 Z\, is shorter than the average
intermolecular distance between water molecules in pure water (about 2.9 A)
[11,12]. The number of layers of water molecules attracted and oriented by a cation

- increases with its polarizing strength.

{c) Structure of Solutions

The presence of a cation in solution induces local ordering of the water molecules
owing to dipolar interactions propagating beyond the second solvation sphere. Four
or five layers of water molecules are influenced by the diffusion of ions in solution.
One may define the hydration of an jon by the number of water molecules it carries
with it in its movements through the solution, whereas its coordination corresponds
to the number of water molecules in direct contact with it in the first hydration
sphere. The orientation and order of the hydration layer modify appreciably the
structure of the solvent [17]. An LiCl solution is more viscous (1.146cP at 20°C,
0.1 mol1™}) than water at the same temperature (1cP), whereas a CsCl solution
(0.947 cP at 20°C, 0.1 moll'l) is less viscous than water. Small ions with a high
charge density are able locally to alter the primitive structure of water through the
rupture of hydrogen bonds and the reorganization of numerous solvent layers,
forming a completely different structure from the pure liquid. Such behavior is
typical of ions such as Li*, Na*, Mg®", F~ and HO™. These are called ‘type I
structuring ions’. . '

lons of intermediate size and charge develop interactions with water that are
strong enough to break the hydrogen bonds locally, but they cannot keep many
solvent molecules around them. The loss of the primitive structure of water is not
counterbalanced by the restructuring of the water molecules around the ion. This is
the case for K+, Cs*, NHJ, NO7 and ClOg, which are called ‘destructuring’ or
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Figure 1.5 Transfer enthalpy for ions of various sizes from water towards propylene
carbonate. Reprinted with permission from [19]. Copyright 1969 American Chemical Society

‘breaking’ ions. Solvation of these jons is much weaker than for structuring jons,

which cxplains the decrease in viscosity of a Cs™ solution compared with a solution *

of Li* ions.
Weakly polarizing ions such as quaternary ammonium cations [NR4J* (R =CHa,
C,Hs, etc.) are not able to break the network of hydrogen bonds but, rather, are

incorporated within the liquid, thereby altering its Jocal architecture drastically.

Around these ions, the liquid forms polyhedral cages similar to those found in
clathrates [7,18) (Figure 1.4b). This type of interaction is sometimes called
‘hydrophobic interaction’, in contrast to the hydrophilic structuring jons of type L.
These are calted ‘type Il structuring ions’.

These three types of behavior are clearly separated on the transfer enthalpy from
waler to propylenc carbonate for monovalent ions of various sizes [19] (Figure 1.5).
The breaking ions, which devclop weaker interactions with water, have the smallest
transfer energy.

1.2 ACID-BASE PROPERTIES OF IONS I[N AQUEOUS
SOLUTION

The overlap of valence orbitals between the solvated ion and the water molecules
allows an electron transfer from the 3a; MO of water to the AOs of the cation,
which are either empty or partially filled. The transfer is more significant (the M-0O
bond is stronger) if the cation is strongly polarizing, i.e. if its charge is high and its
jonic radius is small. ¥

The M — OH, transfer decreases the electronic density in the bonding 3a, MO
and weakens the O—H bond. The ionic character of.the O-H bond increases and the
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Table 1.3 Distribution of the partial charges ¢ in [M(OH5)6)*" complexes, as
calculated using the partial charges model in the Appendix

Complex X S(M) S0O) S(H) 6(H,0)
[Mn(OHz)G]Z+ 2.657 +4-0.59 - —-0.33 +0.28 +0.23
([CrOHy)e)* Y 2762 4+0.68 ~0.29 1+0.34 +0.39
[Ti(OHy)e) 2.848 +0.98 ~0.25 1+0.38 +0.51
[V(OHp)s)**  2.983 +0.84 ~0.20 +0.45 +0.70

positive charge on hydrogen increases. Concurrently, the positive charge on the
cation decreases (Table 1.3).

Coordinated water molecules are stronger acids than water molecules in the
solvent itself. They tend to de-protonate according to

IM—OH,J™ <% (M_oH|& I+ 4 1 2 (M—0)& " + 2H, (1.1)
The acidity of the aquo-ion is directly dependent on the magnitude of the o transfer,
and the cation may be coordinated to three types of ligands: aquo (H;0), hydroxo
(HO™) and oxo (O%7).

The elements of small formal charge (z = 1,2) do not polarize oxygen very
strongly. They form aquo, cations in a large domain of acidity. The oxides of such
clements are ionic and exhibit basic behavior in water:

Li 0 + 9H,0 —— 2[Li(OHy),)" +2HO

On the other extreme of the classification, elements of high charge (z = 5,6,7)
polarize oxygen very strongly and form anionic oxo complexes. The oxides are
covalent and acidic in water: _

z=5 NyO5+H,0 —— 2NO; + 20

2 T

z2=0 SO4 + H,0 —— S0} +2Hn'(1

;=17 CLO,;, +H,0O—— ZCIQ; + 2H:q
Some metals have several degrees of oxidation. Their oxides may therefore exhibit
two types of behavior:

el O, + 15H,0 % 2[Cr(OH,)J*" + 60H

cr¥'0, + H,0  —— [CrO, > +2H],

Equilibria (1.1) are the hydrolysis equilibria of the cation [20]. They depend on
its intrinsic characteristics (formal charge, size, nature of the element) and may
be- displaced by changing the medium acidity. Therefore, it is possible, to a
certain extent, to modify the nature of the coordination sphere of the cation.

At
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Figure 1.6 Nature of the ligands in the coordination sphere of a cation as a function of ils
formal charge z and the pH of the medium. Reproduced by permission of Academic Press
from [2]

The possible modifications are shown on an experimental diagram indicating
which ligand is present as a function of the charge of the cation and the pH [21,22]
(Figure 1.0).

In the aquo domain, all coordinated water molecules keep their proton, whereas
in the oxo domain, oxygen cannot be protonated. In the hydroxo domain, at least
one hydroxo ligand is present within the coordination sphere.

Hence. the Mn(1V) ion may exist as the oxo form [MnOg4]™ at any pH. This form
does not exhibit any basic character because of the small charge density on the
oxygen atoms, which are strongly polarized by the cation (see Chapter 4, Section
4.3). In other words, MnO,0H is a strong acid in water. The hydroxo and aquo
forms of the cation do not exist in water, within usual acidity domains [20]. On the
other hand, the Mn(ll) ion exhibits a poorly defined acidic character in water. At
pH < 6, it forms the hexa-aguo complex [Mn(OHz)(,]H. The addition of a base
allows the formation of aquo—hydroxo complexes, but the Mn(II) cation is unable
to polarize oxygen enough to break the OH bond of the hydroxo ligand and form
O~ in solution. _

The Cr(V1) ion is present in water at pH >7 as the oxo form [CrO4)*". At
pH < 7. protonation is possible because the polarization of oxygen by the Cr(V1)
ion is weaker than by the Mn(V1]) ion. [CrO;(OH)] ™ exists in solution around pHl 4.
In a more acidic medium, the Cr0,(OH); form predominates in very dilute solution.
However, it is impossible to obtain cationic forms of Cr(VD) corresponding to an
additional protonation of the oxygen bound to chromium. This occurs with Cr(1D)
which forms the [Cr(OHz)()JJJr aquo complex at pH < 2. Around pH 4-5, the
hydroxo form Cr(OH)a(OHy)3 leads to the hydroxide which redissolves in the
alkaline medium into [Cr(Okl)4(OH2)2]“ but the oxo ligand does not appedr in
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Table 1.4.

SiV(OH), PYO(OH);  SY'05(OH): C1V0,(OH)

Ky 9.8. 2.1 (-0 (=9
Table 1.5
s r(A) N Most acidic form
Ti'* 0.68 6 aquo-hydroxo [Ti(OH)(OHy)s 1+
Sitt 0.41 4 aquo—hydroxo [Si(OH);(OHz)]+
cH 0.15 3 oxo—hydroxo [CO(CH),°
Table 1.0

HCIO HCIO, HCIO; HCIO4
Z(CD +1 43 +5 +7
S(CH? -0.05 0.04 0.09 0.12
§(H)° 0.33 0.42 0.47 0.51
pK 13 2 0 (-9

@ Charges calculated for the protonated form using the partial charges model.

the coordination sphere of Cr(1lI) owing to the excessively -weak polarization of
oxygen by the cation.

The increase in polarization of oxygen by the cation of increasing charge is
clearly illustrated by the series of tetrahedral compounds in Table 1.4. As the charge
of the cation increases, the number of oxo ligands bound to the central element
increases at the expense of the hydroxo ligands, which see their acidic character
increase [23]. The oxo ligands, which cannot be protonated, do not have a basic
character because they are in fact bound to the cation through o and 7 bonds
(Chapter 4, Section 4.3).

The decrease in size of the cation decreases its coordination number N and
increases its polarizing strength. This effect is clearly seeri on the more acidic forms
of the elements in Table 1.5 [20].

Both size and charge factors intervene together, since the size of the ion depends
on its charge. The simultancous effect of both factors is clearly seen in the chlorine
oxides (Table 1.6) [13].

1.3 MODEL OF THE ACID-BASE BEHAVIOR OF CATIONS

The behavior of cations toward hydrolysis is very well known. It is described by
thermodynamic equilibrium constants [20,23-26]. They allow the calculation of
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the distribution of species as a function of the pH and the solution concentration.
They can be combined with the complexing constants of the cation for any ligand
[241. However, the situation is very complex whenever condensation rea;tion_s occur
because the relevant thermodynamic data are almost non-existent in the hterature.
The partial charges model, presented in the Appendix, is a simple quantitative
approach to the problem. Let us summarize below the main conclusions of the
model to acid—base cquilibria.

The problem is the definition of the nature of the coordination sphere of a cation
of charge z and coordination N as a function of the pH of the medium. This is
equivalent to calculating the hydrolysis ratio h of this element in the equilibrium:

N i o) g
IM(OH,), )" 225 [M(OH), (OH,),y_ )" -+ hH

solvated

Intuitively. it is logical to assume that an increase in the charge on the hydrogen of
the water molccules coordinated to the cation (first solvation sphere) weakens the
O_H bond. In a manner similar to the equalization of electronegativities of atoms
in a chemical bond through clectron transfer, it is generally accepted that a
chemical reaction allows cqualization of the average electronegativities of the
reactants through a change in composition (see the Appendix). Therefore, the
deprotonation reaction of the aquo complex occurs in order to equalize the
electronegativitics of the hydroxylated complex and water. A criterion may be set in
order (o find the composition of specics in equilibrium as a function of the pH
(A.14). The principle is described in the Appendix (A3.2). The conclusions are
summarized in the following equations, which allow the determination of the
limiting forms of the cations in solution. ’ .
At pH =0, the hydrolysis ratio h of the complex [M(OH)n)*" is given by

(2.621 = x3)

=136z - 0.24N — = (A1T)
VXM
whereas at pH 14 we obtain
0.836(2.341 — Xy
h— 104z 1025y’ — 2B Xi) (A18)

v X

The results from cquations (A.17) and (A.18) (Table 1.7) are in good agreement
with the experiments [20].

Onc may nole that in equations (A.17) and (A.18) the acidic nature of a cation
is governed by thrce parameters: the charge z, the size (via the coordination
number N) and the electronegativity. The most important factor is the formal
charge of the cation. The limits of the existence domain of the aquo-—hydroxo
[M(OH,)w_ (OH)|*~ " and oxo-hydroxo (MOpn_;(OH)]®¥~#="~ forms as a func-
tion of z and the pH are easily calculated using h=1orh=2N~—1in the general
expression (A.16). The experimental pH-charge diagram is easily confirmed.
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Table 1.7 Results of equations (/\.17)'and (A.18), showing the most acidic and basic forms
of some elements in aqueous solution o

M. b N x* h Acid forms N’ h Basic forms
Mn 7 4 1.63 7.8 MnO,(OH) 4 85 MnOjy

Cr 6 4 1.59 6.4  CrO,(OH), 4 73 CrO%”

p s 4 211 55  PO(OH), 4 8 PO}

\Y 5 6 . 1.56 4.5 VO,(OH,) X 4 6.2 VO,(OH)>~

Ti 4 6 .32 29 Ti(OH),(OH, 3"‘ 4 4.8 TIO(OH)7

Zr 4 8 129 24  Ze(OH),OHHY 6 5  Zr(OH)5(OHy)~
Si 4 4 1.74 338 Si(OH);(OH,)* 4 5.1 SiO,(OH)3~

Fe 36 172 19  Fe(OM)OH,?" 4 4 Fe(OH);

B 3 3 202 29 B(OH)Z(OHZ)+ 4 42 B(OH);

Mn 2 6 163 05  MnOHp) 4 28 Mn(OH);(OH,)~
Ag 12 168 0.1  Ag(OH,)7 2 12 AgOH);

Li 1 4 097 -—-12 Li(OHz-')Z+ 4 0.9 Li(OH)(OH,),
The cation is considered here in-its standard state (activity = 1). The &t values relatives to other conditions (such as

concentration) could be obtained using an empirical constant in the hardness calculalion {equation (A.6)].

Generally, cdtions of formal charge z lower or equal to 4 form aquo-hydroxo
complexes [M(OH),(OH3)n_,]P* in an acid or-neutral medium (h <z). In an
alkaline medium, they may exist in hydroxo forms [M(OH),]*~?~. Elements of high
formal charge (hjgher than 4), form oxo—hydroxo anions [MO;,_n(OH)an_n ]2~
It must be clearly stressed that, owing to the approximations of the model, no
information regarding the . respective amounts of species in solution may be
obtained (see the Appendix). In a molecular entity, atoms of similar chemical nature
arc treated similarly. Consequently, the results are mere estimations that must
be used with caution, particularly if structural peculiarities are present. This is the
case of the shortening of bonds owing to 7 overlap, a frequent phenomenon in the
case of small cations of high formal charge (z = 4). Vanadium (r = 0.54 /3;) is a
typical example. The [V(OH,)]>* species does not exist in aqueous solution, even
in an extremely acidic medium. Its spontaneous hydrolysis ratio is 4 and the main
species in an acidic medium is the cis-dioxo vanadic ion [VO,(0OH,)4]™" [20,23,27].
Formation of the dioxo—aquo configuration is favored compared with the [VO(OH),
(OH,)1] " or [V(OH)4(OH,),]" configurations, because the cation, which is strongly
polarizing, forms V-0 bonds of strong 7 character, thereby allowing a decrease in
its partial charge and the ionicity of bonds in the complex. This results in a strong
distortion of the environment of the catiou. This effect is not as strong in the case of
vanadium(IV), of smaller oxidation state and larger size (r = 0.59 A) V(IV) forms
[VO(OH,)s]** which contains only one short V-O bond (1.6 A) [28,29). The =
character of the short bonds sharply lowers the basicity of the oxo ligand and is
responsible for the stability of the monomeric forms of the vanadic and vanady]
cations in solution. It must be stressed that the water molecules in trans of the
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Table 1.8 Exchange ratc constants k (sﬁ'. 25°C) for water molecules in various
hydroxylated species of iron(111) [32,33]

a [Fe(OH)6)”" U“*e(OH)(OHz)s]z,+ [Fe(OH)2(OHp)a}"

k 1.7 % 10° 4.5% 10° 10¢ -

6 (H,0) +0.40 +0.29 +0.16

Table 1.9 Partial charge on the water molecule in the coordination sphere of aluminum, as
a function of the hydrolysis ratio of ‘the cation

[AI(OH )™ [AIOIOH)s [AIOH)(OHal" [AOH);(OHz):) [AI(OH)(OH2)2 17

N 2.754 2.675 2.588 2.487 2.373
dn,0 +0.37 +0.26 1-0.14 0 -0.16

short V-O bonds arc very far from the vanadium (V—O=2.4‘Z\ in the vanadyl
jon), which explains their high lability and the multiple coordination of V(IV)
and V(V) ions {30,31] (sce Chapter 4, Section 4.3). Titanium Ti(IV), with radius
y = 0.61 A slightly larger than V(1V), does not seem 1o form such oxo bonds.
The [Ti(OH)Z(OHz),‘]H, which is strongly acidic, forms [Ti(OH)j(OI{2)3]+ and
[Ti(OH)4(OH2)2]0 which are not stable as monomers (see Chapter 3).

Another interesting point is the decrease in coordination of some small-charge
cations (z < 4), soluble in a basic medium as anionic hydroxo forms. This reduction
in coordination is explained by the decrease in polarization of the coordinated water
with the decrease in overall charge of the complex. The increased exchange rate for
these water molecules can be correlated with the decrease in their partial charge
(Table 1.8).

In the zero-charge species M(OH) (OH2)n -2, {he water molecules carry a near-
zero partial charge, so it is difficult to say that they act as Jigands. These molecules
may be considered as belonging to the second hydration sphere. With aluminum for
example, the partial charge of the water molecules in the hexacoordinated complex
of various hydration ratios decreases steadily until it becomes negative (Table 1.9).
The latter situation is ol course unrealistic because it would mean an electron
transfer from the cation to the water molecule. In fact, 27A1 NMR spectra do show
Al in coordination 4 in an alkaline medium {341, which confirms that, in these
conditions, water molecules have lost their nucleophilic character owing to the
decrease in the partial charge of the cation.

Transition metal cations of high formal charge (z > 4), highly polarizing and
hexacoordinated in an acidic medium, adopt a tetrahedral configuration in an
alkaline medium for other reasons. Because of their small size, and the presence of
empty low-energy d orbitals, the tetra-oxo forms are stabilized by a system of 7
bonds. This point is discussed in some detail in Chapter 4, Section 4.3.

Aside from structural characteristics specific to complexed cations, the partial -

charges model is useful in explaining the general behavior of elements in solution.
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Figure 1.7 Charge—clectronegativity diﬁg’r‘lm. obtained from (A.19 i
.. . agra @ . and (A.20),
the strong acidic or basic behavior of elements : ( ) showineg

In particular, the strong acid or strong base behavior may be explained using the
formal charge and the electronegativity (see the apbendix, Section A.3.3). The

results of the model, summarized in Figure 1.7, are in accordance with experimental
observations.

1.4 MECHANISM AND KINETICS OF HYDROXYLATION

Owing to the strong lability of water observed for aquo complexes (Tables 1.2 and

|.8), hydroxylation through neutralization may be treated as a ligand exchange
reaction by substitution:

- M(OH,)§" + HO 5, —— M(OH)(OH,)§~"* + H;0

However, the hydrogen bond network in the liquid ensures fast diffusion paths for
thc proton and the HO™ ion, so that the reaction may as well proceed though a
direct attack of the aquo ligand by the hydroxyl:

H y H

./ MO
H-+"O—H “H—0-H

M—0, -

N

This mechanis_m probably occurs in the case of hydroxylation of the oxo forms. It is
somewhat unlikely that the oxo ligand, which is strongly nuclebphilic and has low
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basicity, could be substituted by the hydroxyl ion. Therefore, the reaction must
procced through direct reaction of the proton or water on the oxo ligand:
MO, + Hy, —— MO, oW H,0
H 3
- s s
M-0"---H—O ——= MO0
H _ H
The kinetics of ncutralization are extremely fast [20] and diffusion-controlled,
which means that the reaction rate is limited only by the approach of the reactants.
Hydrolysis is. strictly specaking, a ncutralization carried out by the water

molecule: )
[M(OH,) 7"+ H,0 —— [M(OH), (OH,)y_J "+ 1H,

For this reaction [20] _
AHP(752 - 9.6 K mol ™!, AS® = (~1484 4 73.12)) mol ™!

from which AGgg = (119.5 —31.352) kJ mol "

The reaction is spontancous (AG* < 0) for elements of charge equal to or greater
than 4. Thercfore, at room lemperature, tetravalent elements do not exist as purely
aquo complexes, cven in a stongly acidic medium. For elements with a charge z
smaller than 4, AG® becomes negative only if the temperature is higher than 298 K.
Therefore, it is necessary to heat the solution in order to carry out hydrolysis of
the cation (forced hydrolysis or thermohydrolysis). This technique is used in the
preparation of particles of narrow size distribution [35]. Indeed, neul}'allzatlon gf a
solution by addition of a base inevitably leads to local pH gradients, causing
inhomogeneities in the hydrolysis products, which condense in an anarchical
manner. Often, they lead to amorphous solids and, under such conditions, the
particle size is very heterogencous because of the overlap of nucleation and growth
Kkinetics in the solid phase (scc Section 2.3). Heating of a solution to ca50-100°C
makes it possible, particularly with trivalent clements (Al, Fe, Cr) [35], to carry out
the hydrolysis homogencously, in conditions close to thermodynamic equilibrium.
Under such conditions, the slow speed of formation of the hydrolyzed precursors
allows decoupling of the nuclcation and growth steps from a kinetic standpoint.
This allows narrow particle size distributions. Many examples of the usefulness of
thermohydrolysis are given below.

15 WATER UNDER HYDROTHERMAL CONDITIONS

The thermohydrolysis of cations in solution involves heating temperatures that do
not excecd the boiling temperature of the solutions at atmospheric pressure. As
discussed previously, the increase in temperature allows water to act as a reactant in
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hydrolysis. It also allows acceleration of the kinetics of-various reactions such as

the transformation of solids in suspension.

The hydrothermal conditions of an aqueous medium correspond to temperatures
and pressures higher than 100°C and 1 bar respectively. Such conditions allow
considerable modifications of the chemistry of cations in solution. They favor
the formation of metastable structures, more complex, of lower symmetry and
involving smaller enthalpy and entropy changes than ‘normal’ conditions [36,37].
Hydrothermal conditions also pertain to the geological processes during which
many minerals have been formed. In the laboratory, such conditious are realized by.
heating a solution in a closed system (autoclave or ‘pressure bomb’) at temperatures
ranging from 200 to 400°C. Zeolites are a good example of the use of such
synthesis conditions [38]. Other examples will-be discussed later in this book (see
Chapter 4). ‘

Although at this time, no systematic understanding has emerged to account for
the role of such conditions in the nature of the reaction products, it is likely that the
properties of the solvent play a fundamental role because these properties are
significantly influenced by temperaturc and pressure. The thermodynamic proper-
ties of water for temperatures of up to 1000°C and pressures of several tens of
kilobars are well known [36]. Quantitative data are summarized in various review
articles [36,39]. Three main points must be stressed:

(a) The dielectric constant of water decreases as temperature increases. It increases
with increasing pressure [40] (Figure 1.8). Hydrothermal solutions are therefore
characterized by low diclectric constants and electrolytes completely disso-
ciated under normal conditions will preferentially form ion pairs or complexes
of small electrostatic charge.

P (kbar) ' _
517 T ] T T T
90
~+180
7
0 0
3 -J 50
40
critical point
.1 —
| !
100 300 500 700 (°C)

Figure 1.8 Change in the dielectric constant of water as a function of temperature and
pressure. Reproduced by permission of Elsevier Scicnce Ltd, The Boulevard, Langford Lane,
Kidlington, OX5 1GB, UK from [40]
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Figure 1.9 lonic product of water as a function of temperature and density of the liquid.
Reproduced with permission from (42]

(b) The viscosity of water decreases with increasing temperature [41], which
leads to an increased mobility of the dissolved species compared with normal
conditions.

(c) The ionic product of water increases strongly with temperature [42] (Figure 1.9}).
Conductivity measurcments allow the determination of the Jaw of variation of
the ionic product with temperature:

log K. = —(3018/T) — 3.55

The increase in temperature enhances thc dissociation of water and leads to a
decrease in its acidity scale (defined by — log K,). The strength of acids and bases is
thercfore appreciably modified compared with ‘normal’ conditions. Concurrent with
the decrease in the diclectric constant of the medium, the effect of hydlotherma]
conditions on the bchavior of acid—base couples of the type HA/A™ and HB */B
may therefore be very different. This is the case for solvents such as water or alcohol,
for example [43]. This explains why the basicity of the chlorine ion is much higher
under hydrothermal conditions. In water at 500°C and 2kbar, the equilibrium
constant of

ClI” + H;0 <= HCl + HO"

is 9 orders of magnitude higher than for normal conditions [41]. It is perhaps for
this reason that quaternary ammonium cations [RdN] and some amines R—NHj,
R,~NH and R3—~N (where R is a hydrocarbon chain) play a unique role in
the hydrothermal synthesis of compounds with a zeolitic structure [38,44,45]. Such
amines form acid—base couples of the HB*/B type and are able, like [RaNJ*

cations, to involve steric effects and hydrophilic/hydrophobic balances tunable by
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the structure of the R groups. They also involve electrostatic interactions and
hydrogen bonds with several ionic or molecular entities in solution.

Under mild hydrothermal conditions, around 200°C in the presence of a liquid
phase, an increase in pressure of up to 10 bar does not seem to have a marked effect
on the nature of the products obtained. On the other hand, thermal effects, which act
by decreasing kinetic barriers, mostly influence the physicochemical properties of
the solvent, favoring electrostatic interaction and the formation of hydrogen bonds.
These interactions, that play a major role in the molecular recognitibon that
characterizes the formation of cryptates {46,47], are probably the cause of the very
surprising structures observed under those conditions (see Chapter 4, Section 4.3.1).
However, the state of current knowledge of these reactions requires some caution in
the interpretation of the mechanisms involved under such conditions.
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Condensation and Precipitation
"~ in Aqueous Solution

The condensation of ions in aqueous solution creates entities in which identical or
dissimilar cations are linked through various types of oxygenated bridge like HO™

or 02", The precipitation of hydroxides through the addition of a base to aquo
complexes, such as '

(AL(OH,),)>* + 3HO fyyaeq —— AL(OH); + 6H,0
or the synthesis of oxides through the addition of an acid to an anion cdmplex
[S10,(OH),)*™ + 2H {jyqea — SiO; + 2H,0 “

arc classical examples. Within the solid, Al** and Si*" are linked by hydroxo or
oxo bridges respectively. The solid is obtained as submicron particles.

Under other conditions of acidity, the condensation reaction may Jead to discrete
and soluble entities, polycations or polyanions of various size, depending on the
degrec of condensation:

13[AI(OHy)g)* + 32HO™ — [Al;304(OH),,(OHz) 5] ™ + 70H0
4[Si0,(OH),] > 4 4Hpes —— [S1404]*" -+ 4H,0

solvated
The propensity of an element to condense and precipitate in solution depends
on its nature and on the physicochemical characteristics of the medium. For
example, acidification of the chromate ion does not cause precipitation. A mere
change in the color of the solution is observed, from yellow to orange, which
corresponds to the formation of the bichromate ion, made up of two corner-sharing
tetrahedra:

2[Cr04]% + 2HpO" —— [Cry07]*7 + 3H,0

The condensation of chromium(VI) stops at the dimer stage, irrespective of the
extent of acidification. On the other hand, tungsten(VI) condenses to a much larger
exlent but increases its coordination. Acidification around pH 4 of the tungstate
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[WO,]?" leads to the dodecatungstic polyanion in which the coordination of tungsten
is octahedral [1,2]:

12(WO4]*" + 18H;0" — [HoW1040]® + 26H,0

Coordination 4 Coordination 6

Under more acidic conditions, condensation of the tungstate ion proceeds to the
hydrated oxide WO3-nH;0. However, there is no direct structural relationship
between the solid and the polyanion.

Simitarly, weak alkalinization of aquo cations causes the formation of
polycations:

2[Cr(OHy)g)?" +2HO™ —— [Cra(OH), (OHy)g)*" + 2H,0

Under stronger alkalinization, chromium forms a series of increasingly condensed
polycations [3], and then a hydrated hydroxide gel Cr(OH)4(OH;); {4]. Different
behavior is observed for iron(111) and aluminum(l1l). Aluminum forms the stable
hydroxide Al(OH); (gibbsite, bayerite) [5], whereas the ‘Fe(OH);” hydroxide has
never been identified. It transforms very rapidly to an oxyhydroxide through
spontaneous dehydration [6].

These cxamples show that the condensation of metal cations is directly linked to
their acid—base characteristics, but also that elements with similar characteristics
may have very different behavior. In all cases, condensation may be more or less
advanced, and precipitation represents the last stage of the reaction.

Precipitation of cations is often considered a simple phenomenon because it is
so common. However, the transition of the ion in solution to the solid comprises
complex phcnomena that are true inorganic polymerization (polycondensation)
reactions. From a certain angle, the reactions are analogous to organic polymeriza-
tion, but a systematic analysis is more difficult in inorganic chemistry because of
the wider diversity of the elements involved. Itis indispensable, however, to analyze
the processes involved in solution during formation of the solid, because they
will govern some of the chemical, structural and morphological characteristics of
the resulting solid. Understanding these phenomena would allow control of the
characteristics of finely divided oxide powders (alumina, zi{conia, titanium dioxide,
iron oxide, etc.) which are used in many applications [7,8].

Before examining the specific behavior of a few elements, this chapter will
identify the main characteristics of condensation and precipitation reactions in
aqueous solution.

21 MECHANISM OF THE CONDENSATION REACTIONS

By analogy to organic polymerization processes, on¢ may identify several steps in
the condensation processes of metallic elements in solution.
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{a) Initiation

Condensation occurs when an acid is added to an oxo species ([CrO4]2, for example)
or if a base is added to an aquo form {[Cr(OH2)6]3+}. This leads to the formation of
the hydroxo ligand on the monomer:

[M—O]~ + H;0% ——— M—OH # H;0 «—— [M—OH,]" + HO~

Hydroxylation of the metal cation may be obtained through an acid—base reaction
(neutralization, thermolysis, etc.) or through an oxidation—reduction reaction. The
charge—pH diagram (Figure 1.6) shows that reduction and oxidation of cations as
oxo and aquo species, respectively, allows them to reach the stability domain of
hydroxo forms. Hydroxylation is the initiation stage of the process and the hydro-
xylated complex is the precursor of the condensation products.

(b} Propagation

As soon as a hydroxylated species appears in the solution, condensation may take
place and lead to oxygenated bridges between cations.

If the coordination of the precursor is not saturated, as is sometimes the case with
some metallic elements present in an alkaline medium as hydroxo {[Al(OH),,,]_}
or 0X0 {[VO4]3", [WO4]2_} ions, extension of the cation coordination may occur via

_nucleophilic addition (see-Chapter 4, Section 4.3):

~M-OH + - M—OH —— —M-OH-M-OH
[-M-0]” 4+ -M—OH —> [-M-0—-M-OH]~

In an acidic medium, the' maximum cation coordination is always achieved in the
aquo—hydroxo monomeric complex, and hence the reaction must proceed though
nucleophilic substitution. This reaction may take place via one of three simple
mechanisms: dissociation, association and a concerted mechanism or direct dis-
placement [9].

Dissociative substitution is a two-step process involving the formation of a
reduced-coordination intermediate. The starting complex has enough thermal
energy spontaneously to break a bond and release the leaving group. In the second
step, the nucleophile completes the cation coordination (Figure 2.1a).

Associative substitution is also a two-step process, this time involving a high
coordination intermediate. The creation of a bond with the nucleophile (first step)
occurs prior to the release of the leaving group (second step). From an energy
standpoint,- this release is favored by the formation of a bond with the entering
group in the transition state (Figure 2.1b). In a concerted or direct displacement
mechanism, the substitution is a one-step process, in which the leaving group and
the nucleophile contribute simultaneously to the formation of the transition state.
The formation of the bond with the nucleophile and the breaking of the bond
with the leaving group are synchronous (Figure 2.1c). The associative and direct
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Figure 2.1 Reaction paths for nucleophilic substitution reactions: (a) dissociative; (b)
associative; (c) direct displacement

displacement mechanisms are often difficult to distinguish, unless an intermediary
compound can be identified direclly.

In each of the mechanisms, the transition states are very reactive. Therefore, (he
first step is rate-controlling and the dissociative process is called unimolecular
nucleophilic substitution SN;. The associative and direct displacement mechanisms,
which require two partners in the transition state, are called bimolecular nucleo-
philic substitutions SN;.

Condensation by substitution requires a charge donor, the nucleophile, which is
able 1o attack the metal cation, which bears a positive charge and is an electron
acceplor. The cation must also possess a coordinated group which may be elimi-
nated (leaving group). Ligands most casily removable bear a positive charge §*. In
a non-complexing medium, three types of ligand are likely to existin the coordina-
tion sphere of the cation: the aguo (H,0), hydroxo (OH) and oxo (O) ligands. What
is their role in nucleophilic substitution reactions?

(i) Let us consider the aquo species IM(OH)~}*". The partial charges on the metal
and the aquo ligand are positive:

§(H,0) = +0.23
§(H,0) = +0.39

[Mn(OH,),)*"
[Cr(OHy) ]!

v = 2.657

§(Mn) = +0.59
6(Cr) = +0.68
The aquo ligand has no nucleophilic character and may only play the role of a

Jeaving group. Condensation of the aquo species alone does not occur since the
water molecule never acts as a nucleophile. '

(i) In oxo species [MO,]@"~#7 | the partial charge on the metal is positive while
that on the oxo ligand is highly negative:
[MnO4]” x = 2.533
[CrO4]~ x = 2.055

§(Mn) = +0.52
5(Cr) = +0.27

5(0) = —0.38
5(0) = —0.57

The oxo ligand could be an excellent nucleophile. In fact, the calculated charges on
oxo ligands are probably incorrect since the M—O bonds have a strong character
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in the oxo species. The basic character, and hence the nucleophilic strength, of the
oxygen atoms is probably much smaller than would be expected from such values
of partial charges. The = character of the bonds does not allow the oxo ligands to
act as leaving groups. Therefore, purely oxo species cannol condense.

(iii) In the aquo-hydroxo [M(OH),(OHp)n_n] ™" and oxo-hydroxo [MOp_,
(OH), 1" ~"=2~ forms, both nucleophile (OH™) and leaving (H,0) groups are present.
Usually, the hydroxo ligand bears a negative partial charge. If the partial charge were
positive, the ligand would be acidic and would lose its proton. Indeed, the charge on
oxygen is always negative and would not be sufficienl (o shield the cation—proton
repulsion. Therefore, the hydroxo ligand is a nucleophile and the presence of the aquo
ligand allows the condensation reaction to occur. Under these conditions, the reaction
leads to the formation of hydroxo bridges:

M—OH + M—OH, —— M—~OH=M + H,0

Since the aquo ligand is usually very labile (see Seclion 3.1), the reaction proceeds
through a dissociative SN| mechanisim with the formation of a reduced-coordina-
tion intermediate. The rupture of the M—OH, bond occurs before the formation of
the M—~OH~-M bond. However, in the case of transition metal ions highly stabilized
in octahedral symmetry by the crystal field (Cr**, Ni®*), the lability of coordina-
tion water is very low and the condensation must proceed via an associative
mechanism with temporary formation of the [H30,]™ bridging ligand.

The bridging OH groups are called ‘ol” in order to distinguish them from terminal
hydroxo ligands {10,11]. The reaction leading to the formation of a hydroxo bridge

s called ‘olation’.

In the absence of aquo ligands within the coordination sphere, a hydroxo ligand
may act as a leaving group if, through proton transfer in the transition state of a SN,
mechanism, the formation of an aquo ligand is possible. The proton in the ol bridge
of the transition state is more acidic than that of terminal hydroxo ligands and may
migrate on one of them to form the aquo ligand. This ligand may be eliminated if its
partial charge is positive. In this case, condensation occurs with the formation of
oxo bridges and procceds through oxolation [10]:

H . ,
M-OH + M-OH —— M-0-M-OH —— M~-0-M + H,0

Assuming that there are no labile groups within the coordination sphere of the
reactants, the oxolation reaction mechanism is associative. The coordination of the
transition state must increase by one unit before a leaving group can be released.

Experimentally, oxolation is often much slower than olation. For example,
condensation via oxolation of silicic acid Si(OH)4 around pH 3 is much slower than
condensation via olation of aquo-hydroxo complexes of litanium and zirconium.
It is possible that the difference in mechanism would make olation intrinsically
faster than oxolation. A comparison is difficult because it would require the
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study —cverything else being equal—of the kinetics of each reaction with the same
chemical element. In addition, the generation of a leaving group during oxolation is
often heavily dependent on the acidity of the medium, which makes the reaction
very sensitive to acid—basc equilibrium. This effect is particularly pronounced with
silicates (see Section 4.1.1).

Therefore, the presence of a hydroxo ligand bearing a negative charge (a
nucleophile) in the cation coordination sphere is required for condensation to take
place. However, this is not a sufficient requirement. Nucleophilic attack by the
hydroxo ligand may only take place if the cation can be subjected to it, in other
words, if its electrophilic character is high enough. Generally, many examples have
shown that condensation occurs only if the partial charge on the cation in the
precursor is equal to or higher than 0.3 (when the charge is calculated with the
model presented in the Appendix). This empirical -value defines the threshold for
the onset of condensation, whatever the partial charge on the hydroxo ligand.
Therefore, the criterion for condensation in solution is the double condition

S(0H) <0,  §(M) > +0.3

The validity of this requirement may be demonstrated with a few examples. In the

[Cr(OH)(OHz)S]Z"' jon, §(OH)= —0.02 and &(Cr) = +0.64. The monomer may

condense and various polycations are observed in solution [3] (see Section 3.2.1).
With phosphates, the calculatious give

[PO5(OH))*” x =218  §(P)=+003  6(OH)=-048
[PO,(OH),)”  x =249  6(P) = +0.19 §(OH) = —0.20
[PO(OH),] v=271  §(P)=+035  6(0OH)=00

Condensation of anionic species does not occur because the electrophilic character
of the cation is too weak. Phosphoric acid does not condense, because the OH ligand
does not have a nucleophilic character. In fact, the first acidity of phosphoric
acid is quite high and the OH ligand is unstable. Condensation of the phosphate
cannol occur spoutaneously in aqueous solution [12]. Soluble polyphosphates are
metastable and more or less rapidly hydrolyzed in an acidic medium. Their
condensation is obtained in the solid state only and through heating in order to force
dehydration [13].

The hydrolysis ratio of the cation, which controls the number of hydroxo ligands
in its coordination sphere, may be understood as the functionality of the precursor.
The most {requent oxo or hydroxo bridges are

_O(H) M, LO(H).
M—O(H)—M M\ /M /O(H)-M M:O(H);M
01¢3)) M 0]¢3))
np-O(1]) 2u5-0(H) py=O(H) 3p5-O(H)

The hydroxo ligand is able to form one, two or three bonds through the weakly
bonding 3¢MOs and the non-bonding = orbitals (Figure 2.2).
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H

Figure 2.2 Molecular orbital diagram for the HO™ ion

Sharing  of corner - edge . tace
between \
\ ,{
tetrahedra \
relative distance oy 0.58r
octlahedra
relative distance r 0.71r

Figure 2.3 Relative distances between cations in octahedral and tetrahedral environments
sharing a corner, an edge or a face

The simple pz—O(H) bridge corresponds to corner-sharing coordination poly-
hedra, whereas the 21, =O(H) double bridge corresponds to edge-sharing polyhedra.
Connectivity of the coordination polyhedra through a face [3u;—O(H) bridge] is
rare. The p3—O(H) bridge, which links three polyhedra through single hydroxo or
oxo bridges, is often cbserved. Figure 2.3 shows the relative distances between
cations for associations of tetrahedra and octahedra.
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As the number of shared corners grows, the electrostatic repulsion between
cations becomes mcxedqmgly strong. Elcctrostatic repulsions are very high in edge-
sharing tetrahedra. Face sharing tetrahedra are never observed, either in solution or
in the solid state. The repulsion is not as strong between octahedra and edge sharing
in this case is rather frequent, although face sharing is still rare.

{c) Termination

Under given acid-base conditions, spontaneous interruption of the growth of an
object in solution may occur at various stages. Condensation may be limited to the
formation of ofigomers or continue until the prcc1p1l’1l10n of a solid. Chromium(V1)
does not go beyond the stage of the [CrO 1?~ dimer and never precipitates in
solution. Chromium(I11), on the other hand, forms a series of soluble polycations as
long as the hydrolysis ratio /1 is smaller than 2.5 (see Chapter 3), and the oxide
precipitates for i1 = 3.

Condensation of hydroxylated and electrically charged complexes alivays ends at
a more or less advanced stage, leaving discrete species in solution, either polyca-
tions or polyanions, depending on whether the monomeric complex is a cation or an
anion. Indeed, onc cannot indefnitely accumulate electrical charges on a polymer.
When should condensation stop? As soon as conditions allowing nucleophilic
substitution are no longer present. Because condensation causes water elimination,
the change in composition of the reaction product modifies its average electro-
negativily, causing charge redistribution within its structure and, therefore, a change
in the reactivity of the functional groups. Hence, OH ligands in the polymer may
lose their nucleophilic character [6(OH) > 0] and cations may lose their electrophilic
character [6(M) < +0.3]. Usually, the nucleophilic ch"lracter of hydroxo ligands
cancels itself out in polycations, and the nucleophilic character of the cation canccls
itself out in polyanions.

However, condensation of clectrically neutral ions continues indefinitely until the
precipitation of a solid (hydroxide, oxyhydroxide or more or less hydrated oxide) or
of a basic salt in the presence of complexing ligands. Elimination of water never
leads to a sufficient change in the average electronegativity to cancel the reactivity
of functional groups.

In theory, a hydroxide M(OH), is formed via endless condcnsalxon of aquo-—
hydroxo complexes. However, the hydroxide may not be stable. Its spontaneous
dehydration, more or less rapid and extensive, generates an oxyhydroxide MO,
(OH),._5, or a hydrated oxide MO, - xH,0. The reaction takes place via oxolation
in the solid phasé with elimination of water from hydroxo ligands. The reaction is
associated with structural changes in order to preserve the coordination of the
cation. One can formally predict the likelihood of dehydration, considering that, if
water molecules can form in the hydroxide, they may be eliminated when they are
no longer subject to interactions with the cations from the solid. The formation of
water molecules in the solid requires that the charge on the oxygen of the hydroxo
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Table 2.1 Partial charge of waler in a few hydroxides

Hydroxide 6(1H,0) . Ideniified phases

Mn(OH), -0.06 - Mn(OH),, MnO

Fe(OH), —0.01 Fe(OH),, FeO

Cr(OH); +0.01 Cr(OH);(OH3)1, Cr(OH);
ClO(OH), Cr203

Fe(OH)a -0.07 FeO(OH), Fe,04

Zr(OH)4 +0.002 ZrO5_ (OH),,-nH0
ZFOZ

Ti(OH)4 +0.01 TiO,

be not excessively negative in order to allow proton migration. Then, the stability of
the hydroxide is simply related to the charge on water in the hydroxide.

If §(H,0) <0 in the hydroxide, the hydroxo ligands are too negative and hence
too weakly polarized by the cations for water to form. The hydroxide is stable. If
§(H,0) >0 in the hydroxide, oxygen in the hydroxo ligands is highly polarized by
the cations. The formation of oxo bridges is favored. A structural change leads to
the formation and elimination of water.

A calculation of the partial charge on the water in a few hydr0x1des shows that,
as long as §(H,0) <0, the hydroxide is indeed obtained. However, if 6(H,0) >0,
the hydroxide is unstable and forms an oxyhydroxide or a hydrated oxide in
aqueous solution (Table 2.1). This means that in stable hydroxides the metal—
oxygen bond is strongly ionic. An increase in the covalent nature of the bond favors
the formation of oxyhydroxides or oxides.

Usually, elements with a +2 charge precipitate as hydroxides, and those with a
43 charge as oxyhydroxides (the final stage of evolution is the oxide). Those of
higher charge form oxides of various levels of hydration [15]. This sequence is a
clear illustration of the increasing polarization of the hydroxo ligands by the cation,
which is associated to the covalent nature of the metal-oxygen bond. One must
point out the case of chromium(Ill), for which the Cr(OH)3(OHy); and Cr(OH)s
phases, which will be described later, are obtained owing to the particularly inert
chemical nature of this element [16]. After heat treatment, an oxide is always
obtained.

In summary, condensation of cations in solution is initiated when the acidity
allows the presence of the hydroxo ligand in the coordination sphere of the cation.
This occurs through the addition of a base to aquo complexes of elements of formal
charge equal to or smaller than 4, or through the addition of an acid to oxo
complexes of elements of charge equal to or greater than 4 (Figure 2.4). Two
reactions, olation and oxolation respectively, ensure the development of condensa-
tion. The condensation of cationic and anionic hydroxylated complexes is always
Jimited. It leads to polycations and polyanions respectively. The formation of a
solid requires the preserice of zero-charge complexes. It is also p0§51ble (although
Jess common) to involve redox phenomena in order to decrease the formal charge
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Figure 2.4 Possiblc initiation mechanisms Tor condensation reactions of metal cations in
solution

on the metal and force the appearance, under given acidic conditions, of the hydroxo
ligand in the coordination sphere of the cation.

The very rough classification suggested in Figure 2.4 must be somewhat mili-
gated, particularly for elements carrying a formal charge between +3 and +35.
Parameters such as clectronegativity, size and electronic configuration affect the
acid—basc properties and must be taken into account in-order to clarify the behavior
of such elements. Boron and aluminum, for example (z = +3), have radically
different behavior in solution. This is also the case for silicon and titanium (z = +4)
or phosphorus, antimony and vanadium (z = +5). Examples will be discussed in
Chapters 3 and 4.

22 MODEL OF CATION CONDENSATION IN AQUEOUS
SOLUTIONS

The behavior of chemical elements with respect to condensation and precipitation
may appear very disparate at first glance. In fact, a study of reaction mechanisms
and reaction products allows the extraction of a few general rules of behavior. The
analysis may be rcfined by the inclusion of a few criteria leading to a simple and
general rationale explaining the behavior of elements in solution. The general
approach will be described below, and the quantitative treatment is presented in the
Appendix.

The study of the condensation mechanisms of dissolved cations in solution has
shown that the presence of a hydroxo ligand in the coordination sphere was required
for the reaction to take place. This imposes restrictions on the electronegativity of
the element involved. For example, the zero-charge molecular form MOxHoy—, Of
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Figure 2.5 Charge—electronegativity diagram drawn using equations (A.15) to (A.18),
showing five classes of behavior for the zero-charge MOxH;n form of a Mt cation. In
domains 1 and V, the clement remains monomeric and soluble. Elements in domain 11
condense by olation only, and those in field 1V by oxolation. Both condensation processes
may be simultaneous for elements in field 111 ‘

an element carrying a formal charge z will behave as a strong base if the electro-
negativity x 5 of M is lower than the limit x sz, or as a strong acid if x 3 is higher
than the x a, limit. Under such conditions, condensation in solution cannot occur
and the element will exist as a monomeric cation or anion (domains I and V in
Figure 2.5). :

If Xli,z<Xlt4 <Xap hydroxo ligands in zero-charge MOyHaw_, are ‘stable’
because their negative charge prevents their acidic dissociation. Condensation is not
hampered and a solid is formed. If coordination water molecules are present in the
precursor, condensation via olation leads to the hydroxide M(OH).. Otherwise, an
oxide MO,, may be formed via oxolation. One may assune that dehydration of
the hydroxide leads to formation of the oxide. This remark makes it possible to

~set a criterion on hydroxide stability, taking into account the possibility of water

elimination through internal dehydration (see Section 2.1). The criterion will be
obtained using 6(H,0)=0 in the charge balance equation of the precursor or of the
hydroxide {equation (A.17)]. An electronegalivity xo1, emerges, which limits the
domain (x B < X< XOI,Z) within which cations may condense via olation only and

form stable hydroxides from zero-charge precursors. Such elements have moderate

" electronegativities for low oxidation levels: Ag(l), Ca(Il), Mg(1I), Mn(1D), AI(II)

(Figure 2.5, domain II).
If X 14> Xoio hydroxides are not stable. Oxyhydroxides or oxides are obtained
via dehydration if olation and oxolation are competing mechanisms. If there is no
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aquo ligand in the coordination sphere of the monomeric precursor, only condensa-
tion by oxolation may occur. It leads to the formation of often poorly condensed
polyacids which form polyanions. Formation of polyanions is a result of the
interruption of condensation at a stage when hydroxo ligands become acidic
[§(OH) = 0]. Such considerations again make it possible to separate two types of
behavior in the clectroncgativity domain: xo ; <X <Xz

As long as the hydroxo ligand remains negatively Chargéd in the growing entity,
condensation does not stop. The formation of a solid oxide phase is possible. As
soon as the hydroxo ligand acquires a zero or ncgative charge, condensation ceases
and leads to the formation of polyacids of various degrees of condensation. The
§(OH)=0 criterion, introduced in the charge balance equation of the MOxHon .
species [equation (A.18)] gives a value for Xp, such that, if xg;, <Xm <Xpa.
condensation via olation and oxolation leads to oxyhydroxides or to oxides (Figure
2.5, domain 111). The term depends on the relative kinetics of both reactions. If
oxolation is fast compared with olation, the solid is an oxide [Zr(1V), Ti(IV)]
[17,18]. If it is slow, the cocxistence of oxo and hydroxo bridges leads to an
oxyhydroxide {Fe(I11), Cr(lID] which may later form an oxide through ageing or
calcination [15]. Hydration may occur in such compounds owing to water trapped
in the pores of the material or adsorbed on the particles (hydrated oxides), or as
hydroxo groups (ol bridges) in the oxyhydroxides. ‘

Elements for which xpa - <X < X, (Figure 2.5, domain V) form polyacids of
various degrees of condensation. Some high-charge transition metals [V(V), Cr(V]),
Mo(V1), W(VD)] strongly polarize the hydroxo ligands in the complexes formed
during stoichiometric acidification (MO -+ xH™) and their condensation via oxola-
tion stops fairly early. The condensed entities are strong acids that form polyanions
[1,2]. In a way, thesc entities are the last stage of evolution for condensation via
oxolation. However, some of these elements [V(V), W(VD)] are able to form solids
after ageing (hours or days) of the sotutions. Polyanions are not directly involved
because there is no relationship between the structure of the solid and that of the
polyanion. Quite to the contrary, growth of the solid always seems to involve at
least an olation stcp belween monomeric or oligomeric species resulting from
decondensation equilibrium of the polyanion. Some examples of possible formation
mechanisms of oxyhydrates such as V,0s-1H;0, WO5-H,0 or WO5-2H,0 arce
discussed in Chapter 4. o

Antimony(V) and tin(1V) form polyacids and oxides by oxolation (Figure 2.5)
(sce Chapter 4), but onc or several olation steps are also involved. Zero-charge
complexes such as SHh{OH)s(OH,) or Sn(OH)4(OH;), contain aquo ligands.
Hydrated antimony oxide HSbO3 - H,0 precipitated in solution is a strong acid in
which the solvated protons in the three-dimensional oxide network are mobile and
can be substituted by cations [19}. In the case of silicon(IV), although the Si(OH)4
precursor is able (o condense via oxolation only, a solid is formed: Si0, - nH,0
[20a}. In silica, the terminal hydroxo ligands exhibit a rather strong acid character
and the solid may be described as a high molecular weight polyacid. In fact, the
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charge of the hydroxo groups on the growing polymer becomes positive at a late
stage of condensation and the polyanions gel or flocculate by aggregation in aqueous
solution.

In the case of boron, the hydroxo ligands in B(OH); bear a negative partial
charge. However, boric acid does not condense because the partial charge on the
cation is too small. The monomeric form B(OH); is stable in solution. The solid
phasc, obtained after drying, is made of monomeric units connected by hydrogen
bonds [15,21]. Boron appears to be a unique element in the respect that the
coordination 3 in boric acid is stabilized by the strong « character of the B—OH
bonds. After alkalinization, borates are in tctrahedral coordination and are able to
form polyanions with boric acid (sce Chapter 4).

Figure 2.5 summarizes the acid—basc propertics and possible condensation
behaviors in solution for all elements of the periodic table. It is possible to
predict and understand the main trends on the basis of their electronegativity and
their oxidation level. The next chapters are concerned with the specific behavior
differences for elements within one class.

2.3 KINETICS OF SOLID FORMATION: NUCLEATION,
GROWTH, AGING

Hydroxide, oxyhydroxide or hydrated oxide solid phases obtained via precipitation
are madc of particles whose average size may range from a few tens of dngstrom to
a few microns. Particle morphology may vary depending on synthesis conditions,
and aging in aqueous solution may bring-about significant dimensional, morpho-
logical and structural changes. In order to understand how small particies form
and what influence experimental paramclers have on their characteristics and
evolution, it is useful to review the kinetic aspect of condensation mechanisms.

2.3.1 STEPS OF FORMATION OF A SOLID
The precipitation of ‘a solid involves four kinetic steps [22-25].

(i) Formation of the zero-charge precursor [M(OH)Z(OHz)N_Z]O, which is able to
condense and form a solid phase. Hydroxylation of the cation is a very fast acid—
base reaction, but the speed of formation of the zero-charge precursor in solution is
very variable depending on whether the reaction starting from cationic complexes,
for example, takes place through the addition of a base, thermohydrolysis or the
thermal decomppsition of a base such as urca.

(il) Creation of nuclei ihroh_gh condensation (olation or oxolation) of zero-charge
precursors. The condensation rate is a function‘of the precursor concentration and,
as long as it is small at the onset of cation hydroxylation, the rate is almost zero
(zone I, Figures 2.6 and 2.7). Beyond a critical concentration Cpnin, the condensation
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Figure 2.6 Change (a) in the number and sizes of particles formed in solution and (b) in the
concentration C of the soluble precursor of the solid phase [23] during precipitation. The
condensation rate, which is zero for C < Cpin, becomes infinite for C > Chax. Cs is the
solubility of the solid phasc
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Figure 2.7 Nucleation rate 2 and growth rale ¢ as a {function of the precursor concentration
in solution. Zones labeled 1, 11 and 11 correspond (o those in Figure 2.6

rate increases abruptly and polynuclear entities—the nuclei-are formed in an
‘explosive’ manner throughout the solution (zone II, Figures 2.6 and 2.7). Indeed,
nucleation is an abrupt kinetic phenomenon because, since its order 15 high
compared with the precursor concentration (see later), it is either extremely fast
or non-existent within a narrow concentration range (Figure 2.7). If the rate of
generation of the precursor is significantly smaller than the condensation rate,
nucleation sharply reduces the precursor concentration and the condensation rate
decreases cqually rapidly. When the precursor condensation is again close to Crin,
formation of new nuclei is no longer possible.

(ili) Growth of the nuclei through the addition of matter, until the primary particle
stage is reached. This step follows the same chemical mechanisms as nucleation:
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olation or oxolation. However, for a concentration close to Cuin, the nucleation rate
is very small and precursors condense preferentially on existing nuclei, which
causes their growth until the precursor concentration reaches solution saturation, in
other words the solubility limit of the solid phase (zone IlI, Figure 2.6). Growth,
which has a kinetics of first or second order, is a somewhat faster process. Precursor
condensation during precipitation is a furiction of the respective rates of precursor
generation and nucleation. Nucleation and growth phases could therefore be
consecutive or overlap and occur simultaneously if the precursor concentration
stays higher than Cyia.

The number, and therefore the size, of the primary pariicles that form from a
given quantity of matter is linked to the relative nucleation and growth rates. In
order to obtain particles of homogeneous size, it is necessary that the nucleation and
growth steps be separated to ensurc that a singular nucleation stage takes place, and
that their growth, via accumulation of all remaining matter, be controlled. This
implies that the nucleation rate should be much greater that the rate at which the
precursor is generated. Under these conditions, nucleation is very brief and clearly
decoupled from the growth phase. If the nucleation rate is not high enough
compared with the rate of generation of the precursor, the precursor concentration
remains higher than Cp;, throughout the reaction, and nucleation and growth are
simultancous. The growth of the first nuclei is much larger than that of the younger
ones, which leads to a large particle size distribution.

(iv) Ageing of the particles in 3u5pensi0n Jeads to various possible modifications of
the primary particles after their growth. ‘Ostwald ripening’ leads to an increase in
the average particle size, and possible aggregation (zone 1V, Figure 2.6). Ageing
may also trigger a change in morphology and crystalline structure or even cause
crystallization of amorphous particles. In fact, ageing is one of the most important
phenomena which must be considered, because it determines the characteristics of
the particles after precipitation.

The following sections explore the main characteristics of nucleation and growth, as
well as various ageing mechanisms.

2.3.2 NUCLEATION

Nucleation corresponds to the first stages of precursor condensation and solid
formation. What are the parameters that affect the size of nuclei and their rate of
formation? :

The free enthalpy change of nuclei P, formed from n precursors P, includes a
term due to the chemical potential difference (us — ur) of the P entity in the solution
and in the solid, respectively, as well as a term representing the energy required for
formation of the surface of the nucleus [22]: BT

AG = n(ps — pL) + Ay 2.1)
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where v is the intcrfacial tension or energy, v = 9G/9A, and A is the surface area of
the solid (see Section 8.2.1).

Assimilating activity and concentration, the chemical potential difference may be
written as (ps — pu.) = kT In(cs/cL) = —kT InS, where ¢ is the precursor
concentration in the solution, ¢s is the solubility of the solid phase and
S = ¢ /cs is the supersaturation ratio of the solution.

The radius r of nuclei (assumed to be spherical), formed from 2 precursors of
molecular volume v, is r = (3nv/4x)'"?. The surface of the nucleus is A = n2/3
(367rv2)'/3 and the free enthalpy of nucleation is

AG = —nkT InS + r12/3(367rvz)l/37 . (2.2)

The surface tension -y is usually positive and the solution is usually supersaturated

(§ > 1). The first term of equation (2.2) is negative and the second one is positive. |

Under these conditions of spontancous precipitation, the formation of nuclei in
homogeneous solution requires passage through a maximum in the free enthalpy of
reaction (Figure 2.8). This maximum corresponds to the formation of the activated
complex in the transition state of any chemical reaction. _

The activation cncrgy required for nucleation corresponds to that of the
maximum change in AG as a function of n. The number of precursor molecules n*
in ‘critical’ nuclei is given by d(AG)/dn =0, or

32my3v?

_ ‘ o 2.
T AT s (2.3)

AG

AG*|-eees b

¢ n* \ n
c

Figure 2.8  Variation in the {ree enthalpy of formation of nuclei as a function of the number
of precursor molecules 1 associated in the nucleus. Curve a for a solution that is not
supersaturated (S < 1); curves b and ¢ are for a supersatured solution, with §¢> S, > 1
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and the corresponding change in free enihalpy is

n 16my3v?
AG" =—kTInS = ———= 2.4
O = NS = sy (2:4)
The radius of the critical nucleus is given by the Gibbs—Kelvin equation:
2vyv
¥ — * 4 l/3 — 25
! (3n"v/4m) TS (2.5)

The size of the critical nuclei is smaller for higher supersaturation and smaller
surface tension. For a given solid, the latter is a strong function of the physico-
chemical conditions of the medium (see Chapter 8). The critical nuclei are in
an unstable equilibrium with the solution. They correspond to a maximum of
AG = f(n), which means that a small changc in their size leads to either dissolution
or growth because (AG)/dn <0 in either case. In fact, the probability of growth of
the nuclei is higher than that of dissolution, and precipitation is spontaneous.

From a kinetic standpoint, the nucleation rate J represents the number of nuclei
formed per unit time per unit volume. it is expressed as [22]

—AGN)

(2.6)

J=Uy exp( T

where Jo is the frequency of collisions between precursor molecules (usually
between 10'0 and 10 em™3s™!") and AGy is the nucleation activation energy,
which includes two major contributions. The first is the height of the energy barrier
AG* required for the formation of a nucleus large enough to be stable [equation
(2.4)]. The second component, AGR, is related to the type of chemical reaction
(olation and/or oxolation) involved in the process. It is usually of the order of
35kJmol~'. Basic or acid catalysis in oxolation (see Chapter 4) decreases the
activation energy of the reaction to a few kJ mol~' [26].
Hence, the nucleation rate may be written as

AG* + AGR , 167y302
——| = Jyexp —
kT 3(kT)°(In S)

with J§ = J, exp(—AGR/kT). ‘
Nucleation phenomena are difficult to investigate experimentally because their
rate changes very abruptly with concentration. At 300 K, with usual parameters for
oxides (y = 100mim=2, v =2 x 10~ m3mol ™, Jy=10%cecm™3s71), 10° nuclei
arc formed per lem?s™! for § = 100. The reaction is instantaneous, whereas
for S = 10 a single nucleus is formed every 107%s and nucleation is impossible.
Nuclei are also very difficult to detect owing to their small size (the degree of
condensation 1’ is typically a few tens of units). Usually, an ‘induction time’ fiq
is determined via light scattering, fj,q being-the time at which theiftensity of
the scattered light changes sharply [27]. From the final size and amount of matter

J =Jyexp [ (2.7)
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formed, onc may calculatc the number of particles and determine a pseudo
nucleation rate J = N/ling. Measurements for various supersaturation conditions §
allow estimation of the pre-exponential term Jg and of the surface tension of the
solid, v [22,28,29].

Strictly speaking, nucleation does not have a definite kinetic order, although
experimental log J = f(log§) curves do fit approximately on a straight line over a
few decades of J [22]. Within a small concentration range, it is possible to write
J = k,C", where n is roughly equal to n*, the number of monomers in the critical

nucleus. This is only an approximation because 1" is itself a function of § [equation

(2.3)], and the probability of a simultaneous collision between n* monomeric
precursors is zcro. More probably, the formation of the critical nucleus is the result
of consecutive bimolecular steps. However, it may depend on an n*th power of the
concentration, considering that, since all steps are very fast, they all contribute to
the global equilibrium {30].

When crystals of a solid are present in the precipitation medium, nucleation is
often sharply accelerated. This is a typical catalytic effect due to a decrease in
activation energy. The latter is a function of the solid-liquid surface energy -y
[equation (2.7)], and, when the surface of the foreign solid is compatible with that

of the precipitating solid surface because of the presence of adsorption sites (see.
Chapter 9) or structural similaritics (see Section 4.3.2), the solid—solid surface

tension ~' is smaller than the solid—solution tension ~y [22]. Nucleation on the
surface of the foreign solid occurs more easily. The nucleation is called hetero-
gencous, and it is used in the secding process, in which ctystals of the desired solid
are placed in the solution [31,32]. The very small energy barrier allows epitaxial
growth of the nuclei cven at small supersaturation levels. Helerogeneous nucleation
also allows the coating of particles with a different oxide, avoiding homogeneous
nucleation of the seed. Oxide particles [chromium, iron (hematite), titanium, silicon]
can be coated with other oxides (aluminum, chromium, yttrium, etc.) [33-35].
Helerogeneous nucleation can also be avoided using ultrafiltration and careful
washing of the particles before precipitation, in order to avoid the presence of
nuclei or heterogeneitics [22].

Nucleation is usually difficult to control using the concentration of the precursor,
but it may neverthcless be efficiently controlled by a modification of the solid-
liquid surface tension. Effects of the adsorption of anions or cations, pH variations
and the ionic strength of the precipitation medium will be discussed in Chapter 8.

2.3.3 GROWTH

The unstable nature of critical-size nuclei formed during the nucleation stage
Jeads to their growth through incorporation of the precursor molecules, which
continue to be generated after nucleation. The average size of the final particles
depends on the number of nuclei and the amount of matter available during the
synthesis, but the width of the particle size distribution is linked to the mechanism
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of nuclei growth. The kinetic step that limits the growth rate may be either the
diffusion of the precursor towards the surface or a surface reaction prior to
incorporation [22].

(a) Diffusion-limited Growth

It takes place when the chemical reaction of incorporation is very fast. The change
in particle size with time is given by [22,36] '

dr _ D(C—Cyv
v o r

(2.8)

where r is the radius of the particle (assumed spherical), D is the diffusion coeffi-
cient of the solute of molar volume v and conceritration C, and Cs is the solubility
of the solid.

The width of the size:distribution Ar is given by [22,36]
Ar '(1'0>2Ar0 '

v o

: (29)
where ry and Arg are the nuclei size and the width of the size distribution respec-
tively. The larger the growth, the smaller is the relative width of the distribution
Ar/r. When the size of the particles is very large, of the order of 10pum, their
movement in the solution creates turbulence and convection currents that lower the
concentration gradients near their surface and accelerate their growth. It is rare,
however, for diffusion-limited growth to lead to monodispersed solutions because,
under high supersaturation, nucleation and growth steps overlap and the formation
of nuclei is continuous during a large part of precipitation.

{b) Growth Limited by a Surface Reaction

The kinetic step is the incorporation of the precursor on the surface of the nuclei,
and a new nucleation step, this time on the surface, must take place in order to form
two-dimensional nuclei (Figure 2.9a).

ST T

Figure 2.9 (a) Surface nucleation with two-dimersional growth of the nuclei, The hatched
area répresents (he surface created by the formation of the nucleus. (b) Spiral growth around
a delect
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Primary homogencous nucleation and surface nucleation are analogous pheno-
mena, but the activation encrgy of the latter is smaller because only the outer limits
of the nucleus participate in the creation of the surface. If the surface nucleation
rate is much smaller than the two-dimensional growth rate for the surface nucieus,
each new layer comcs from a single nucleus. Growth takes place according to
a ‘mononuclear’ mechanism which is a function of the surface area. If surface
nucleation and growth rates gre similar, several nuclei form simultaneously and
may fit into one another. New layers begin to form prior to the previous ones being
completely covered. This ‘polynuclear’ growth mechanism is independent of the
surface area [22,36).

Quantitative analysis shows that, for the mononuclear mechanism [22], the
growth rate of the particles is

dr 2 om
— =k, r°C (2.10)
dr
where &, is the rate constant, and i is the approximate number of precursor
molecules contained in the surface nuclei. Because their growth rate is proportional
to the surface area, the larger particles grow faster. This mechanism leads to a
broadening of the relative size distribution of the particles:

Ar () A (2.11)
r o ¢} Yo ) ’

The polynuclear growth rate is

dr :
. k]C(m-i'Z)/J 2.12
dr (2.12)
and the retative width of the size distribution is written as
Ar roN O ) i '
2 (£> il (2.13)
r r/ory

Other growth mechanisms may take place, such as spiral growth. It takes place from
a structural defect such as a dislocation formed during nucleation or during the
initial steps of grow[h Subsequent growth maintains the defect by wrapping itsell
around it (Figurc 2.9b). This mechanism allows the growth of particles on a singular
defect, since it creates little or no increase in the solid—liquid interface and therefore
the activation energy is very small and this mechanism may occur at very low
supersaturation (§ = 1).

Growth mechanisms do not obey the same power laws of concentration and
particle size fequation (2.8), (2.10) and (2.12)]. Therefore, they will occur as the
predominant mechanisim in different concentration ranges (Figure 2.10). However,
as precipitation progresses, the medium concentration decreases and the particle
size increases. Several mechanisms contribute to growth, and composite rate laws
[22.37] must be used to describe the evolution of the system.
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r

o
Figure 2.10  Domains of predominance of the mdm growth mechanisms: M mononuclear;
P polynuclear; D dilfusion. The evolution of 13 (dashed lines) with concentration is

approximalely linear during precipitation initiated through mechanisms 1 (a); 2 (b) and 3 (c).
From [22]}

2:3.4 AGING

Nucleation and growth steps create particles under kinetics control following a
reaction path of minimum activation energy under conditions imposed on the
system (acidity, concentration, temperature), but the products are not necessarily
thermodynamically stable.” Aging of the suspensions, which may take place over a
very large time scale (hours, days or months), allows the system to tend towards or
to reach stability, and this is why ageing is often associated with modifications of

' some physical or chemical characteristics of the particles. Some of the most

frequently observed phenomena are described below.

{a) Increase in Particle Size

This is manifested by a shift in particle size distribution owing to the disappearance
of the smaller molecules and the formation of larger ones (Figure 2.11a). This
evolution is possible because, if the liquid—solid interfacial tension is positive, true
thermodynamic- stability is reached when all precipitated matter is gathered in a
single particle. The surface area of the solid is therefore at a minimum [equation
(2.1)]. From another point of view, the Gibbs—Kelvin equallon (2.5) shows that, for
a concentration corresponding to saturation, only particles .with radius r are in
equilibrium with the solution. For particles with r < r the solution does not appear
to be saturated and they must redissolve. For those particles with » > r the solution
is supersaturated and the particles, must grow (OAG/In < 0). The process involves
transport of matter through the solution in what are referred to as ‘dissolution—
crystallization’ mechanisms. This process can be very slow, because it occurs for
very low concentrations (S =2 1) and because, as is the case for hydroxides or
oxides, it requires breaking of hydroxo or oxo bridges. This secondary growth must
proceed through surface nucleation or spiral growth.
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Figure 2.11 (a) Particle size distribution of Fe;0, magnetite during aging and (b) Size
distribution normalized for various times. From [39]

A quantitative treatment of the kinetics of the phenomenon [22,37,38] shows
that this secondary growth process leads to a change in the absolute particle sizc
distribution, but the normalized particle size remains unchanged (Figure 2.11b).
This peculiarity is one way of confirming that secondary growth follows the laws of
Ostwald ripening, without involving other phenomena such as aggregation or
coalescence. In practice, the evolution of the systein stops before all particles are
transformed because the increase in the size of the particles decreases the rate of
dissolution, and a pseudo-equilibrium is soon reached.

A decrease in the area of the solid-liquid interface may also occur via particle
aggregation. It is {avored by the physicochemical conditions of the medium (pH,
ionic strength) which minimize the surface electrical charge of the particles (see
Chapters 6 and 8). In the absence of an electrical double layer, particies attract each
other and aggregation allows, more easily and rapidly than crystalline growth, a
decrease in the drea of the oxide—solution interface, and hence the attainment of a
pseudo-stable state.

One must note that aggregation does not necessarily occur at a specific stage of
the evolution of the system. It may occur as early as the onset of nucleation, or at
any stage during growth, causing formation of dendrites, mosaic crystals or fractal
structures [40].
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Aggregation of primary particles bolsters the dissolution—crystallization
equilibria because the areas close to the contact point bé_tween particles (concave
surfaces) have smaller solubilities than the areas of positive curvatures (convex
surfaces). Gibbs—Kelvin equation (2.5) may be rewritten as

S, 2vu l
LA et : . 2.14
Sw P (kTr) | - (2.14)

where S, and S, are the solubility of a particle with radius r and of a flat surface
(infinite radius) respectively. Therefore, the contacl zones between particles fill

~ themselves until the solubility difference between the different zones is appreciably

decreased. The phenomenon is more predominant as the size of the primary
particles is small. This may lead to coalescence, i.e. ‘fusion’ of the primary
particles, chain stiffening of spherical particles and even their transformation into
fibers or sticks. Such morphological transformations are observed with aggregates
of silica [20b] and tin oxide particles [41], for example.

{b} Change in Crystal Type

In the case of a crystal that may exhibit various allotropes;, the least stable and most
soluble phase usually precipitates first. This metastable phase is transformed during'
ageing inito a more thermodynamically stable phase. This phenomenon, known as
the Stranski rule [42], is explained using kinetic considerations.

Equations (2.5) and (2.7) show respectively that, for a given supersaturation
level S, the nucleus size is smaller and the nucleation rate is larger for a smaller
solid—solution interfacial energy 7. Since solubility is inversely proportional
to interfacial tension [43], precipitation of the most-soluble phase is favored
kinetically (it is the least stable thermodynainically). Because of its solubility
and metastable nature, this phase is of course more prone to ageing, which
leads to recrystallization of theé more stable phases, usually through heterogeneous
nucleation [31]. This phenomenon is typical of many hydrates, such as titanium
oxide TiO; which forms the anatase and rutile phases consecutively (see Section
3.2.3b), or aluminum hydroxide for which the amorphous phase Al{OH);-xH,0 is
transformed into boehmite first and bayerite later [44,45], or again amorphous iron
oxyhydroxides (ferrihydrites) which form goethite a-FeOOH or hematite a-Fe;0;
(see Section 3.2.1c).

At times, heavily hydrated metastable phases, either amorphous or weakly

“crystalline, are formed initially during neutralization of cations such as AI(III) and

Fe(11I). The particles seem to form by aggregation of very small nuclei, rather than
by crystal growth. In fact, the first stages of hydrolysis and condensation can lead
very rapidly to polycationic entities that are very hydrated and chemically inert.
They do not act as a reservoir for monomers but, rather, they aggregate because of
the cancellation of their charge during.neutralization, causing the formation of a
solid without structure. Internal modifications (dehydration, crystal rearrangement)
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allow subsequent nucleation of more stable phases [31,46,47}. Some examples are
discussed in the following chapters (see Section 3.2.3a).

Preferential precipitation of the least stable phases may be used as a means
of controlling and regulating the nucleation processes in order to form particles of
homogeneous size. The initial precipitation of a basic salt, for example, containing
ligands other than hydroxo or oxo, forms a reservoir which releases the metallic
cation slowly and maintains its low concentration in solution. This favors nuclea-
tion of the stable phasc of the oxide and allows growth of monodispersed particles.
In these conditions, an ‘ideal’ separation of the nucleation and growth steps may be
obtained. The synthesis of chromium oxide particles from a basic sulfate is a perfect
examplc of this mechanism [48] (see Section 5.5.1).

{c) Changes in Morphology

The morphology of particles formed by precipitation is very intricately connected

to the experimental conditions of the synthesis. Recrystallization of a solid in-

suspension into a more thermodynamicaily stable species is frequently associated
with a change in the shape of the particles. It is difficult to predict the shape of the
particles in a solid because the same crystal structure may exist under. various
morphologies.

A sphere is, from a thermodynamic point of view, the most favored geometry
because ils minimal surface/volume ratio decreases the free enthalpy of nucleation
fequation (2.1)]. Stall particles of many solids are very often spheroidal. However,
particle anisotropy develops during growth, for structural or chemical reasons.
Growth may be favored along preferential axes or crystallographic planes because
the chemical reactivity of surface groups, on which the precursors bind, depends
on many parameters such as local structure and electrostatic charge, as well as
aggregation of primary particles. The last two factors are strongly linked to the
pH of the solution and to the presence of complexing ions. Hematite (a-Fe,03)
particles of various morphologies arc obtained through recystallization of akaganeite
(3-FeOOH) under various cxperimental conditions [49] (Figures 2.12 and 2.13) or
in (he presence of various complexing agents [50] (cf. Section 5.4). The role of such
parameters is discussed in more detail in Chapters 5 to 8.

In summary, the precipitation in solution of small solid particles follows four
main kinetic stages. For most fundamental studies or applications, it is usually
desirable to obtain particles of homogeneous size. This imposes a control over the
rclative rates of these stages via a control of the essential parameters on which they
depend: precursor concentration and solid—solution interfacial tension (at a given
lemperature).

The precursor concentration (supersaturation level) must be maintained as low
as possible after nucleation, in order to prevent, as far as possible, simultaneous
occurrence of nucleation and growth. Several techniques may be used to this
effect.
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Figure 2.12 (a)* Akaganeite particles -formed by treatment of a solution of FeCly
(0.018mol1™") and HCI (0.0l mol1™ "y .at 100°C for 12h and (b) transformation inlo
pseudospherical hematite particles after I' week of heating; (c) akaganeite particles formed by
heat treatnent of a solution of FeCly (0.018 mol 171 and HCI (0.05 mol 1“1) at 100°C for 1 h
and (d) transformation into double ellipsoidal hematite after | week of heat treatment; ()
aggregates of akaganeite particles obtained by heat treatment of a solution of FeCl;
(0.45 moll_') and HCI (0.0lmoll*l) at 150°C for 13 min and (f). transformation inlo
particles of cubic hematite after 24h of heat treatment. Reproduced by permission of
Academic Press from [49]
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Figure 2.13  Iemalite particles obtained by addition of .sodiun} hydroxi(?e to an FeCl,
<olution (final Fe concentration 1 mol I="): (a) pseudocubic particles obtained a.fler heal
treatment at 100°C for 8 days of a suspension of (OH /Fe=5.4); (b) p}alelets obtained ;fler
heat (reatment at 180°C for 2 of a suspension of (OH /Fe=8); (c) sE;ndle—sPla[_)ed particles
obtained by heal treatment at 100°C for 2 days of a solution of 2 x 10 - moll1~" in FeCly and
3% 10" mol ™" in NaH,PO,. Reproduced by permission of Academic Press from {50]

When a reaction takes placc under a set of fixed _constraints (composilign,
concentration, acidity, tlemperature, etc.), it is necessary (o study the way in Wh-l(:'h
these constraints are applied to the system. Let us consider, for example, an acidic
solution of a cation at fixed temperature and concentration. At pH <1, hex.a-aquo
ions are predominant and stable as monomers. Precipitation ’of the s-olnd requires the
presence of hydroxylated complexes which are obtained by increasing the pH of lhe‘
solution. From a thermodynamic point of view, it is easy to l{nk the rate of
hydrolysis of the cation to the pH of the solution, and therefore-: it is easy to know
the form(s) present in the medium and to predict which species w111.be formed:
polycations, polyanions or solid phase(s), and it is 90551-ble to adjust the pH
accordingly. From a kinctics point of view, the situation 1s complex becausc a
destabilization of the solution may occur in different ways.

(iy Addition of a Base

During the addition of a droplet of a base in the solution, a strong PH gradient e.xists
Jocally around the droplet because the mixing and homogenezahor.] are 1'elal1vely4
slow (of millisccond order in a turbulent medium) compared Willh jl;e rale. of
exchange of the protons with the aquo complex (k; 1010 n}ol s .). Before
reaching equilibrium, a collection of species of variable hydrolysis ratios is fomlled,
cach of which with its own rcactivity. Condensation via olation of these various
forms occurs in an anarchical manner, in time and in space, which results in
particles of very different sizes that do not necessarily correspond to thermodynamic

equilibrium if kinetic constraints are involved.

Tt -
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(i) Thermohydrolysis

Rather than modifying the composition of the system abruptly, it is preferable to
work near equilibrium, in a homogeneous system. This may be achieved by
generating the reactant (the base) within the solution while heating. The reactant
may be water itself during thermohydrolysis (see Section 1.4), or a thermally
unstable molecule such as urea:

(NH,),C=0 + 2H,0 —— 2NH] + CO3%~

which acts as a buffer and maintains the solution around pH 7.8.

These reaction rates may be adjusted thermally, and it is possible to tune both
the extent and the rate of hydrolysis, thereby controlling nucleation. This results in
a narrow particle size distribution. Similarly, thermal decomposition of metallic
complexes or basic salts allows regulation of the precursor concentration and control
of the precipitation of the solid. Matijevic’s research [35,51] clearly demonstrates
the efficiency of such techniques. _ ' ‘

Another factor, which is seldom considered, is the oxide--solution surface
tension. This quantity can vary considerably for a given solid, depending on chermical
composition and surface electrical charge density: These values are controlled by
the pH and the ionic strength of the medium. Tuning these values allows, for a given
metal concentration and in particularly favorable cases, -modification of the
respective rates of nucleation and growth, as well as the control of aggregation and
ageing processes {52]. Further discussion on this topic, which requires a detailed
description of the oxide—solution interface, can be found in Chapter 8.
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Olation: Polycations and Solid
Phases

Condensation of cations by olation takes place by formation of hydroxo bridges (ol
bridges) [1]. The OH ligand acts as the nucleophile in the nucleophilic substitution
reaction. _It only undergoes a change in coordination as it goes from terminal ligand
in a monomer to bridging ligand in a condensed species. Therefore, this mechanism
requires the pre-existence of a leaving aquo group, in order to prevent deproton-
ation of the OH ligand (see Section 2.1). Thus this rcactlon concerns neutral (h < z7)
or charged aquo—hydroxo complexes [M(OH),,(OHZ)N ,,] =M+ formed by elements
with an oxidation number smaller than or equal to 4. Condensation leads to soluble
polycations if h < z, or to solids if & = z. The solid is an oxide or an oxyhydroxide
as the formal charge of the cation increases. The formation of an oxide requires that
an oxolation step should follow the olation reaction. '

3.1 THE OLATION REACTION

3.1.1 MECHANISM

The olation reaction between aquo—hydroxo complexes, or between aquo—hydroxo
and aquo complexes, may be schematically written as

~M-OH + ~M—OH; — s —M—OH—M- + H,0

The reaction involves elimination of the aquo ligand. It is kinetically controlled
by the lability of the M—OH, bond, which is usually rather high (Table 1.2). The
lability of the M—OH; bond increases as the formal charge z of the cation decreases
and its size fincreases (owing to the small polarizing power of the cation) {2,3]. In
this case,-condensation proceeds via a dissociative (SN;) mechanism involving an
intermediate compound of reduced coordination number. In the absence of -other
specific factors such as the presence of complexing ligands or steric “effects, the
olation reaction is usually very fast, and is essentially diffusion-controlled.
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Transition elements for which the crystal field stabilization energy (CFSE) in
octahedral configuration is high (Cr** d?, Ni** d®) form aquo complexes of very
low reactivity, i.e. incrt towards substitution {4]. The large change in CFSE owing
to symmetry changes contributes to the activation energy of the reaction. For the
formation of a pentacoordinated intermediary compound with Cg, symmetry:

[M(OH,)gJ*" — — [M(OHy)sJ*" + H,0
Symmetry O, Cay

the Chﬂl'lge in CFSE is 6CFSC = CFSECJU — CFSth For FC3+, 6CFSE = 0. The Fe—;
OH, bond is very labile and the ratc constant of the reaction is approximately 10
s=' It is about 107%s™" for Cr**, for which dcpsg = + 0.24,.

For these elements, the reaction mechanism is probably more complex. Analysis
of the structure of condensed Co(111) compounds in low spin configuration, as well as

studies of Cr(I11) cations strongly stabilized by the crystal field, reveal the existence

of the bridging ligand [H30;]7 [5] (Figure 3.1). This ligand is formed by a stron§
hydrogen bond between the OH of one cation and the H,O of the other. The [H30;]
is unstable, but its existence, albeit temporary, shows that condensation proceeds,

(b) (c)

Figure 3.1 (a) Fragment of the chain of trans-|Co(en), (H;0,))2"* - 2n Clo; bearing the
[H30,]~ ligand jn which the proton appears approximately in the central position along the
0-0 axis (distances O-0 244 A, O-H 1.22A, O-Hop bridging about 0.95 A).. Crysdlill
structures of (b) [(lrcn)Co(H;Oz)z—Co(lren)]‘1+ and (c) cis[(bipy)zCr(H3Oy_)gCr(bxpy)2] ,
where en=cthylencdiamine, bipy =bipyridine and tren = triaminotricthylamine. From [5]}
with permission
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for these elements, according to an associative mechanism with the formation of an
outer sphere complex or the formation of an ion pair during the transition state:

H
f
M--OH + H,0-M —— M-0--- H—?—M
H

This step is followed by breaking of the M—OH, bond and climination of the aquo
ligand:

H

N
M=0 - H=0-M = M=OH-M + H;0
H

The [H30,]" bridges have a rather long lifetime because of the chemical inertia of
the cations, but they are not very stable. With more rqactive elements, the OH
bridge forms immediately and such intermediate compounds cannot be isolated.

Condensation of monohydroxylated species may lead to the formation of chains
of corner-sharing polyhedra, or to the formation of dimers in which the polyhedra
share edges via a double ol bridge. This type of bridge is forined via intramolecular
olation after the formation of the first bridge. If a hydroxo ligand maintains a
sufficiently high nucleophilic strength, the same mechanism may occur once more
with a third cation, causing the formation of a p3—OH bridge. Large complexing
ligands do limit edge or corner sharing of the coordination polyhedra by steric
effects (Figure 3.1).

3.1.2 STRUCTURE
The structure of condensed species is controlled by several factors:

o The hydrolysis ratio, h, controls the number of ligands able to form single, double
or triple ol bridges (Figure 3.2). The hydrolysis ratio characterizes, in a first
approximation, the functionality of the cation in the condensation process.

o The geometry of the condensation polyhedron limits the mode of association
because sharing corners, edges or faces involves increasingly short distances
between cations (Figure 2.1). Edge sharing of octahedra is the most common
geometry. Face sharing is rare. It does occur in some amino—hydroxo complexes of
Co(lI11) (Figure 3.2). However, these compounds do not form via hydrolysis, owing
to the chemical inertia of Co>* (d® low spin), but via oxidation of Co(II) complexes
[6,7]. Face-sharing octahedra are more commnonly seen in the oxide corundum
structures formed by trivalent elements.

e Cyclization stabilizes the p1,—OH corner bridge. This bridge is usually unstable
and is found in a few polycations (for divalent and trivalent catiohs) such as
Be®* and Au’* [8] (Figure 3.2). [Bis(OH),,(OH,) ]®" is an interesting structure

x
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up-OH bridges

s

[HgaO(OH)(OHg)x]5+  [Beg(OH)3(OH2)xI3*  [Big(OH)12(OH2)xI8+

2 nup-OH bridges

¥E

(Zr4(OH)g(OHp) 1216+ [Ma(OH)g(NHz3)12]6+ [Al1304(OH)24(OH211 7}
M3+ = Cr Co

3 np-OH bridges § E g %@{9\ éz

[Coo(OH)3(NH2)gl3+  [Cog(OH)g(NH3)e)3*

1z-OH bridges [M4(OH) 4(OHg)J4+
M2*= Co, Ni, Cd (x=12)
Pb (x=4)

L b R

[Ma(OH)5(OHp)4+  [Mg(OH)4(OH2)xI2+  [PbgO(OH)g(OH)4]4+
M2+ = Sn, Pb M3+ = S, Y, La, Ce

Figure 3.2 Several polycations with various modes of connection between coordination

polyhedra
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(Figure 3.2), consisting of simple hydroxo bridges forming the edges of an octahedra
of bismuth atoms. It appears that metal—metal interactions (dgi_pi = 3.71 A) might
play a role in the stabilization of this geometry (9]. Perhaps is it also the case
for the Pb?* polycauon [PbsO(OH)6(OH,)4]**, where one distance is very short
(dppi_vp2= 3. 44 A, Figure 3.2) whereas the others vary from 3.67 to 4.09 A [10]. In
the absence of such factors, the corner bridge is poorly stable and edge sharing
is more frequent. For entropy and structural reasons, the formation of the double
hydroxo bridge in discrete species is more likely than a chain condensation creating
high molecular mass species.

3.1.3 GROWTH

The condensation of aquo—hydroxo cationic complexes [M(OH), (OH,),_,]¢™"
I < zis always limited. It stops spontaneously when a finite degree of condensation
is reached. The condensed species remain soluble as polycations, which are usually
entities of molecular size. ' :

As the degree of condensation increases, accumulation of electric charges on the
condensed species, as well as compositional changes due to dehydration, decrease
the nucleophilic character of the hydroxo ligands. Both factors increase the average

_electronegativity of the polycation, which in turn increases the charges 6(OH) and

8(M) and the condensation stops as soon as condensation criteria are no longer met
(Scction 2.1b). Therefore, it makes sense that the degree of condensation would
increase with the hydrolysis ratio of the complexes because the hydroxo ligands,
which are more numerous in complexes of Jower charge, maintain their nucleophilic
activity until the late stages of condensation.

For example, chromium(li) hydrolyzed at & = 1 forms the dimer [11]

OH
2[Cr(OH)OH,)s)*t =—= [(1{20)4c< >Cr(OHz)4]4+ + 2H,0
OH. _
For the 1 = 1 monomer: x = 2.69, §(Cr) = +0.64, §(OH) = —0.02; for the dimer:
x = 2.73, §(Cr) = 4-0.66, §(OH) = +0.01. Subsequent condensation of the dimer
cannot take place.
The hydrolysis ratio & = 1.33 corresponds to the presence of h=1 and A =2
forms. They undergo more extensive condensation [11]:

| OH I /5+
2 P |Cr\OH S
2[Cr(OH)(OHys)** + [Cr(OH),(OH,),] Lo L] v amy0
e

|

For the h = 2 monomer: x = 2.60, §(Cr) = 40.59, 6(OH) = —0:10;-for the trimer:
x = 2.72, §(Cr) = +0.66, §(OH) = 40.01. Here again, condensation stops at this
stage. '
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On the other hand, condensation of neutral complexes M(OH),(OHy)n -, (1 = z)
is not limited. Colloids can form, i.e. solid fragments from a few tens or hundreds
of angstroms (o a few microns. The increase in average electronegativity in the
growing species is due only to dehydration, and this increase is never sufficient
to make the hydroxo ligands lose their nucleophilic character. As a result, a solid
phase precipitates, usually a hydroxide M(OH),. This phase may be unstable and
may spontaneously dchydrate by internal oxolation to form oxyhydroxides MO(OH)
or hydrated oxides MO_, -nH,0O (Section 2.3).

It must be stressed that the polycations are not usually the nuclei from which the
solid forms. During the slow alkatinization of the solution, when the conditions are
met for the formation of the hydroxide, the structure of the transient polycation(s)
changes so that there is usually no structural relationship belween polycations and
solid. This is probably duc to the lability of the-polycations, which also causes great
difficulty in understanding their chemistry and their structure. The most inert ones
{chromium(III) trimer and aluminum polycations, such as [Al 1304(0H)24(0OHy) 1,17 F)
maintain their structure during charge cancellation by alkalinization, and they
flocculate as disorganized solids. These condensed, aggregated entjties in the
metastable ‘amorphous’ phase [formed under kinetic control (see Section 2.3)
during rapid precipitation] may reorganize during ageing, causing crystallization of
the solid.

During thermolysis of acid solution, the thermal effect and the acidity of the

medium often allow direct synthesis of thermodynamically stable phases which may
be different from those formed by neutralization. Frequently, these are oxyhydi-
oxides or oxides. In some cases, their structure may be described in terms of a
building block of similar topology to that of the polycations (Section 3.2.3). Under
experimental conditions allowing control of nucleation kinetics, crystallization of
the solid may correspond to an extension of the short range order of the polycation.
This control usually involves control of the rate of generation of the precursor and
control of the activation energy. In this case, it is tempting to consider that
polycations are the structural templates for the nuclei. This may also be the case
during ageing by dissolution—crystallization of some metastable phases. We shall
now discuss a few examples. |

3.2 CONDENSATION OF TRIVALENT ELEMENTS

The solution chemistry of trivalent elements is very complex because of the large
number of polycations and solid phases they may form. It serves, however, as a
good illustration of the previous considerations. :

In spite of the structural similarities between their oxides M;05 and oxyhy-
droxides MOOH [12a,b], chromium, iron and aluminum exhibit very different
behaviors in solution.
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. Chromium forms small polycations, usually kinetically stable [11,13], whereas
iron polycations are very labile and form colloids very easily [14-17]. Among
these three elements, only aluminum is able to form the very peculiar ‘Al,3’
polycation (Figure 3.2) [18-20]. :

Isos.lruclural solids are formed-in very different conditions. Precipitation of
chrorryum leads to strongly hydrated hydroxide gels Cr(OH)3(OHy), [21-25).
Aluminum also forms amorphous gels [26,27] and transforms into various
cryst.alline forms of AI(OH); (gibbsite, nordstrandite, bayerite) [28] or oxyhy-
drox1de.'y-AlOOH (boehmite), depending on the acidity. Diaspore, a-AIOOH, can .
be obtained only by hydrothermai synthesis, and corundum, a-Al,Os, is obtained
by heating hydroxides or oxyhydroxides at high temperature after the formation
of ‘transition aluminas’. The hydroxide Fe(OH); does not exist. It dehydrates
spontaneously, at any temperature, and forms in suspension, depending on acidity
and temperature, a-FeOOH (goethite) isostructural with diaspore, .or a-Fe,04
(hematite) isostructural with corundum [17]. ¥-FeOOH (lepidocrocite) isostructural
with bochmite results from the oxidation of ferrous hydroxide in suspension [17,64].
In the presence of chloride ions, 8-FeOOH (akaganeite) forms spontaneously. This
phase does not exist with aluminum.

Such differences in behavior appear to be linked to the size and electronic
configuration of the catjons.

The acidity in solution of these elements increases in the sequence Cr, Al, Fe
as shown by measurement of the pH at the onset of precipitation (Figure 3.3).,
Table 3.1 contains some characteristics of the ions.

Hydroxylation of aquo cations as

[M(OHz)6]™* + HyO <= [M(OH)(OH,)]>* + H*

solvated

S (mol™)
1072 5
\jr(OH)j Al(OH); 'Fe(OH)3'
0%k, N/ | SN G L
2 6 10 2 6 10l 'éléI1JO'pH

Figure 3.3  Precipitation of Cr(III), Al(IID) and Fe(i_]]). From [29a]

Table 3.1 Characteristics of a few trivalent elements

A]3+ Cr3+ Fe]+
Electronic structure 2p¢ 3d’ 3d?
Tonic radius (A) 053 . 0.65 0.64
X4 1.47 1.59 172




60 Metal Oxide Chemistry and Synthesis

is fast in all threc cases (k= 10°s~") {30}. Hydrolysis is a simple acid—base
reaction involving proton exchange bétween the solvent and the coordinated water
molecules. Its aclivation encrgy is very small (see Section 1.4).

The lability of coordination water is, on the other hand, very variable {2-4].
Exchange of the ligand by a dissociative nucleophilic subsltitution reaction requires
an aclivation energy corresponding to the formation of a pentacoordinated inter-
mediate compound (see Section 2.1) [4]. The rate constants for coordination water
exchange are of the order of 107% 1 and 10%s7! for Cr**, AI*" and Fe'*
respectively [4]. Chromium(lll), whose d? configuration is strongly stabilized
in octahedral symmecltry by the crystal field, is inert lowards substitution reactions
(see Section 3.1.1). For Fe(111) of high-spin d” configuration in an oxygen environ-
ment, the CFSE is zero for any symmetry. This explains the good lability of
coordination water. Al** (Table 3.1) is a smaller ion, and its coordinated water
molecules are more polarized. The differences in the lability of coordination
water for these three elements leads to large differences in the kinetics of olation
reactions.

3.2.1 OLIGOMERIC SPECIES: POLYCATIONS

Although a study of the condensation of Cr(lll) in solution is complicated by the
slow reaction rates, this chemical inertia is actually beneficial in the analysis and
separation of the species formed. Several species are isolated on ion-exchange resin
from solution hydrolyzed at i = HO™ /Cr = | at a pH close to 4. These specics are
oligomers with the acidity constants shown in Table 3.2.

The addition of a base causes the creation of a pH gradient, and several
hydrolyzed specics may cocxist because of their poor reactivity. Although the
structure of thesc species cannol be resolved by diffraction because of the absence
of crystals, a study of the solution indicates the most probable configurations.

The formation of the dimer from the & = [ precursor may be written as

. OH
! - /
21Cr(OH)(OHy)5I*" === [(H,0)4CT, Cr(OHp41* + 2H,0
OH

Table 3.2 Acidity of chromium(Il) polycations [13]

Complexes pK
[Cr(OH,) )" 43
[Cra(OH),(OHy)g] " 37
(Cry(OH)(OHy),)*" 43
[Cra(OH)(OHy) o)** 35
(CraO(OH)5(OHy) " 0.9

‘intramolecular hydrogen bond (Figure 3.4). Elimin
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We discussed earlier that this dimer is stable in solution

o since the bridgi
groups do not exhibit nucleophilic ch e bridging OH

. aracter. The crystal structure i
has .been obtained via X-ray' diffraction after dissolztion of the hy(:Jt;ol:il:l?sl:r
Section 3.2.3) in paratoluenesulforiic acid or in mesitylene-2-sulfonic acid [22] )
The early condensation stages of Cr(Ill) proceed by the formation of binuc
ouler sphere complexes involving the bidentate ligand [H50,]

lear
- formed by an
. : . ation of a water molecule forms
[theddlymel in wh.lch polyhedra share corners. Elimination of a second water molecule
(ia s t(.) _[h? di-pu—OH ionin which the polyhedra share edges {31,32]. These
transformations are associated with a color change: the precursor i = 0 and the

1
(Cra(H302)2(OHo)g1t+ [Cr2(OH)2(OHa)g)4+
green / blue
1.33 - 7
\'_t@ < 5 . H+
* / [Cr3(OH)4(OHy)g]5+
\
1.50— .
[Cr4(OH)g(OH2)19J6+ (Cra(OH)3(OH2) 73+

1.75 —

h =HO/Cr

Figure 3.4 Cr(11I) polycations in aqucous solution
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hydrated binuclear dimer are green, whereas the di-p—hydroxo jon is blue [33].
The monomer—dimer equilibria have been characterized thermodynamically [34].

The acidity of the [CrZ(OH)z(OHZ)g]4+ dimer is stronger than that of the
monomer (Table 3.2) because of an intramolecular. hydrogen bond beween two
water molecules in cis configuration with respect to the equatorial plane of the
compound. This bond tends to stabilize the deprotonated form [Cr(OH)3(OH), 1+
with the bridging ligand [H305]" (Figure 3.4). The same is true of the cis form
[Crz(OH)z(OHz)z(NH;)(,]’“, which is more acidic than the trans form and cannot
form intramolecular hydrogen bonds [33]. '

The deprotonated dimer [CrZ(OPI)j(OHZ)-,]3+ forms other polycations with an
identical overall hydrolysis ratio because a decrease in its charge increases the
nucleophilic character of hydroxo groups [x = 2.68, §(OH) = ~0.03]. It may react
in scveral ways: with the i1 = [ complex, the trimer [(:r3(OH)4(OI-Iz)9]5+ forms,
containing three 1i,—OH bridges and a central p3—OH bridge (Figure 3.4). This is
the most inert chromium polycation [11,13,23,35]; it may also dimerize and form a
planar tetramer [Cu(OH)(,(OHz)m]G"' (structure 11, Figure 3.4).

The same planar tetramer can be formed from the trimer and an & = 2 precursor
via an intermediate form [Cr,,(OH)(,(OHz)”]G"‘ (form I, Figure 3.4) {11]. Internal
olation leads to the planar tetramer [Crd(OH)(,(OHz)m]GJ'. At higher pH, deproton-
ation of the p3—OH bridge in form 1 leads by internal olation to the tetramer
[CraO(OH)s(OHy) 017 (structure 111, Figure 3.4). Reaction kinetics has shown that
interconversion between forms (11) and (111) depends on the acidity of the medium
[36]. :

This structural analysis is confirmed by the fact that acidification of the tetramer
leads to a monomer—Ltetramer mixture, irrespective of how it was formed. The
tetramer synthesized by reaction of a 3!Cr-tagged monomer with a large excess of a
non-tagged trimer (to prevent formation of the tetramer from the monomer alone)
yields, after separation on an ion-exchange resin and degradation in an acid medium,
2 mixture of monomer and trimer both containing the same amount of SICr (111
This result allows the exclusion of other configurations that could not allow Sicr
exchange, such as

| oH.|
~N AL s ~.
Cr< C
o T
HO~ lCr/OH
~
1—1c|)/ |
~ . OH
/(|:r/\
Similar polycations probably exist with Al and Fe, but the trimer [Al;(OH)4
(OHy),)>" is the only one to have been observed using potentiometric titration
{37]. 'H, "0 and 27A1 NMR have recently confirmed that the di-j; hydroxo dimer
is not formed in appreciable amounts by neutralization of acid solutions {19,20].

Olation: Polycations and Solid Phases 63

A sulfate of the dimer does crystallize from sulfuric acid solutions [38], but
ZTAl NMR shows that, when crystals are dissolved in pure water, the monomer
[AI(OH,))*" and a trimer of unknown structure form, at the expense of the dimer
[19]. Solution dilution leads directly and rapidly to the [Al;304(OH)4 (OH) 1,17+
[19,20] polycation (see below).

Iron polycations are not as well known as chromium or aluminum polycations
because of the lability of ferric complexes. Only a few polycations (dimers, trimers)
have been characterized in acidic solutions (pH < 1.5) [39]. [Fe,(OH),]** and
[Fe,0]** dimers are present in organic complexes such as L;(H,0)Fe(OH),-
Fe(OH,)Ls and LsFeOFeLs, where the L ligand is a tridentate picolinate and Ls a
tridentate amine [16,40,41]. Other polydentate ligands, such as proteins, are able to
stabilize many polynuclear iron complexes [42-45}. The existence of the aquo
complexes [(H,0)4Fes(OH),(OH,)4)** and [(H,0)sFe,O(0H,)s)** is very probable
in spite of the lack of structural data.

3.2.2 LARGE POLYCATIONS

The three elements behave quite “differently near a hydrolysis ratio of 2.5.
Chromium forms inert tetramers, whereas aluminum forms the unusual polycation
[Al304(0H)24(0OH;),,]7" having a Keggin-type structure. Twelve AlOQq oclahedra
divided “into four trimer groups surround a central AlO, tetrahedron [18,19]
(Figure 3.5). At a similar hydrolysis level, iron forms colloidal species with a much
higher degree of condensation (1 = 100) [16]. -

These differences in behavior may be ascribed to differences in the electronic
configuration of the cations. One may assuine that the three elements form, at least
temporarily, the trimer [M3(OH)4(OH)g]>* (M = Al, Fe, Cr). This trimer is seen in
many systems since it is the most able to minimize electrostatic repulsions because
of its geometry. It may act as an intermediate species for condensation at a later
stage. In this entity, the oxygen atom in the z3—OH bridge forms three bonds with
cations and a fourth one with the proton (Figure 3.5).

The small Al(lll) cation has a larger polarizing effect on the oxygen of the
13—OH bridge than on the oxygen from the p;—OH, and therefore the u3—OH
bridge is more acidic (Figure 3.5). This causes dissociation of the p3—OH bridge
[46]:

]
[Al3(OH) (OHy),]** + H,0 —— [AL,O(OH),; (OH,),|** + H;0%

and makes the water molecules in cis (with respect to the p3—0 bridge) more acidic
than the molecules in trans. Formation of the [H;0,]™ ligand (Figure 3.5) can also
favor deprotonation of the aquo ligands in cis under moderate hydrolysis conditions
(h <2.6):

[Al30(OH)4(OH,)e)** + 30H™ — — [Al;0(OH),(02H3)5(OHz);} " + 3H,0
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2200 -400 -600
[Al1304(0OH)24(OH2) 127+ ppm

Figure 3.5 Possible formation mechanism of [Al304(0H)24(0H2),2)"+ and ¥ Al MAS-
NMR spectrum of the sulfate salt of the polycation Al,3 measured at 9.4 T, with spinning
speed of 15kHz: *spinning sidebands (J. Hernandez and J.P. Jolivel, unpublished results)

The ;23—0O bridge of the trimer becomes able to act as a nucleophile towards a
I = 0 monomer but, because of steric effects, the central element cannot reach
coordination 6 and Al adopts a tetrahedral coordination. In the end, the following
complex forms:

[AI(OH,)¢]*" + 4[A;O(OH);(02Hy)3(OH,),] "
. [AI[AI;0(OH),(02H3)5(OHz)3 4} ™+ + 6H,0

The four trimers coordinated to the central aluminum atom may subsequently
undergo intramolecular condensation by olation, with elimination of water
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10-1

Cal 1M

60 40 20 Oppm 80 62.5 4 O ppm
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Figure 3.6 (a) ¥ Al NMR spectra of AICly solutions hydrolyzed at /1 = 0.5. The peak at
around 4 ppm is due to oligomers (di-, tri- or tetramers). (b) 27 Al NMR spectra of a solution
of AICl;y (1mol I"") hydrolyzed at 4 =1 and diluted 10 times rapidly with water.
[AI(OH),4])~ at 80 ppm is used as a reference. From [19] with permission

molecules in cis:
{Al[/-\13O(OH)6(OH2')6]4}7+ — [A11304(OH)24(OH2)I2]7+ + 12H,0

This last step ensures the stability of the cation. It is further favored by heating the
h = 2.6 aluminum solution around 80°C. Under such conditions, it is possible to
probe the polycation by NMR [20]. Distortion of the AlOg octahedra is significant,
as indicated by the very large peak on the MAS-NMR spectrum of the polycation at
solid state (Figure 3.5). '

This reaction mechanism is in agrement with 'H, "0 and *’Al NMR of
moderately hydrolyzed solutions [19] (Figure 3.6), which indicate that only small
oligomers, probably trimiers, condense directly without intermediates during the
formation of Alyj. '

This type of M3 polycation is not observed with chromium or iron. The main
reason seems to be ‘the difficulty these ions have in adopting the tetrahedral
coordination, even if the Fe(lll) ion can be tetrahedrally coordinated in some
complexes in solution and in solids such as spinels (see Section 5.6). In addition,
when the d orbitals of the cation are partially occupied, the donor effect of the
oxygen in the p3—OH bridge of the trimer [M3(OH)4(OH,)s " is not as large as
with aluminum. Hence, deprotonation of the bridge is probably more difficult. On
the other hand, one may consider that the d orbitals of iron and chromium are more
diffuse than the p orbitals of aluminum, allowing a better overlap with the orbitals
of oxygen of the 13—OH bridge. Therefore, the acidity of the OH ligand is high and
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Figure 3.7 (a) Sol (Fe?' 6.25 x IO’Jmoll_l) after 1 year of ageing (pH = 1.95),
containing 20-40 A colloids and gocthite particles. (b) In a more concentrated medium
(Fe™ 6 x 1072 mol I=', pH =1.50), the particles aggregatc as tactoids. Reproduced by
permission of Elsevier Science Ltd from [49]

the nucleophilic character of the oxo ligand is very low. It is, however, difficult to
compare the acidity of the ji3—OH bridge in different trimers because specific
distortions for each cation may change the acidic properties. Consequently, reaction
of the iron or chromium trimer with the non-hydrolyzed precursor must lead
preferentially to the tetramer (forms 11 or 111, Figure 3.4). )

Contrary to Cr(Ill) condensation in solution, the condensation of ferric ions at
I < 2.5 is difficult to control because of their labile nature. Fast condensation
proceeds until the formation of polymers or colloids (red sols made of ~ 30 A
particles [ 16,39]). X-ray absorption (XANES, EXAFS) [47] indicates that Fe(lll) is
always in G-coordination. FeOg polyhedra share edges and corners via oxo and
hydroxo bridges. The local environment around Fe is nonetheless similar to the one
observed in goethite a-FeOOH and akaganeite §-FeOOH (see below). The particles
aggregate very slowly in solution, in an orderly fashion, and form tactoids that
recrystallize as goethite (Figure 3.7) [38,47-49].

Stabilization of iron polycations requires strongly complexing and bulky ligands
forcing a reduction in the reactivity and functionality of the cation {42-45]. Large
oxo~hydroxo polycations can be stabilized by N-(2 hydroxyethyl)iminodiacetic
acid N(CH,COOH),(CH,CH,OH), a tetradentate ligand that coordinates the cation
with carboxylic groups, the alkoxy ligand and the nitrogen [50] (Figure 3.8).

These are the largest iron polycations known to date, containing 17 and 19 metal
cations. It should be noted that the core of the ferric clusters contains u3—OH
bridges only, with a topology close to that of the tetramer involved temporarily in
the formation of goethite (see bclow).
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Figure 3.8 Structure of (a) [Feys(u3—0), (ua—OH)(1a—OH) o (L)g(H0),** and (b)
[FC[g(/L}-O)()(/l}—OH)G(Uz—OH)S(L)IO(H20)12}+,Whel'eL:N(CHzcooH)z(CHchon).
From ([50] with permission ) l

3.2.3 SOLID PHASES: HYDROXIDES, OXYHYDROXIDES, OXIDES

The formation of solid phases of trivalent elements occurs around h & 2.5. Above
this value, the concentration in a zero-charge precursor is sufficiently” high for
nucleation to take place. Hydroxylation of the cation can occur via the addition
of a base, thermohydrolysis (see Section 1.4) or hydrothermally (see Section 1.5).
Most often, different processing techniques lead to different crystal structures and
morphologies. Kinetic and/or thermodynamic factors, as well as the solvent, are
likely to affect the behavior of complexes in solution and orient the reaction
mechanism. : '

{a) Hydroxylation via the Addition of a Base at Room Temperature

Alkalinization of an aluminum nitrate solution around pH6-7 with sodium
hydroxide or ammonia causes the immediate formation of a translucent amorphous
gel. This unstable gel crystallizes more or less rapidly and forms different crystalline
phases depending on the acidity of the medium: at pHG6 or 7, it leads to the
oxyhydroxide v-AlIOOH (boehmite), whereas at pH <5 or pH > 8, AI(OH),
gibbsite or bayerite forms, respectively. The reaction path during transformation of
the gel is related to changes in the solubility of aluminum with the pH of the
medium (Figure 3.9).

The amorphous gel formed immediately upon neutralization of acidic solutions
[55] is a metastable and poorly defined phase. It is probably due to aggregation of
intermediate and inert specics such as the Aly; polycation. During the evolution of
the gel at room temperature, the NMR peak characteristic of Al(11l) in tetrahedral
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Figure 3.9  Solubility diagram of an amorphous aluminic gel (data obtained from {29b])

coordination disappears as crystallization takes place [26]. This metastable nature is
due (o the amorphous structure of the solid particles: as the particles become
crystalline, lattice energy is released and the free enthalpy of the system decreases.
How the crystal structure develops is a function of the conditions of the system.

Al pH 6-7, i.c. at the solubility minimum of aluminum, matter transport through
the solution is difficult and reorgamzation of Alj;-type entities is more easily
accomplished within the solid. The transformation involves partial dehydration and
leads (o y-AIOOH boehmile, in which the oxygen lattice is f.c.c. and similar to that
of Alj3. Although boehiite s nol the thermodynamically most stable phase at room
temperature, it is probably kinetically stabilized because the system is constrained
to evolve without heating and transforms on the lowest activation enecgy path.

For pH<6, and pH> 8, solubility of aluminum is appreciable. Gel trans-
formation can occur via matler transport in the solution, in a dissolution-
crystallization process (sce Scction 2.3.4). Slowly generated soluble species in smail
concentration, probably monomers, feed the formation of AI(OH); which is more
stable than bochmite at room temperature (AG g5« kI mol="): AI{OH); = —546,
~v-AlIOOH = —4306).

At pH > 8, the precursor of the hydroxide phase is probably the tetrahedral
[AOH):(H,0)]°. Indeed, alkaline solutions contain mostly aluminate ions
[AI(OH),4]~, as confirmed by *’Al NMR [56]. This complex ion is stable as a
monomer. Through acidification or reaction with water:

_[AI(OH),)” + H\0" (H,0) == [Al(OH);(OH,)|° + H,0(HO")

it forms a zero-charge entity that may condense rapidly by addition. Addition and
solvation cause an increase in the coordination of the Al**.cations, which leads to
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the formation of oligomers in which Al’* is once again in coordination 6:
2[Al(OH),;(OH,)]” + 2H,0 == [Al,(OH),(OH,),]°

We may then consider a reaction mechanism involving octahedral dimers
[Al,(OH)s(OH,).4]° whose further condensation by olation leads simply and directly
to the planes characteristic of the structure of the hydroxide (Figure 3.10). At
pH < 6, the soluble species are octahedral, so that the dimer [Al;(OH)(OH;)4]°
may form directly to allow formation of the hydroxide from the gel along the same
reaction path.

Depending on the pH of the medium, aluminum hydroxide crystallizes as gibbsite
or as bayerite. Both structures are based on the stacking of identical layers of edge-
sharing Al(OH)g octahedra (Figure 3.10). In gibbsite, the order of the stacking is of
the ABBA type (oxygen atoms of two adjacent sheets are facé-to-face), whereas in
bayerite, stacking is of the ABAB type (oxygen atoms form a hexagonal close-
packed structure) {28,12c]. Within the sheets, hydrogen bonds between OH groups
maintain the cohesiveness..It is probable that, depending on the pH, the charge on
OH groups on the surface of the sheets could be somewhat different, which would
tend to modify their solvation. As a consequence, their interaction through the
hydrogen bonds is modified, thereby favoring one structure or the other. Gibbsite
appears to be slightly more stable than bayerite (enthalpies of formation AH?, 298 K
are respectively —612.5 and ~610.1 kJ mol™"). Contrary to what is expected, the
Bayer process (using bauxites) produces gibbsite. In this process, cooled and
neutralized alkali aluminate solutions are seeded with gibbsite, and the growth of
this phase is due to a heterogeneous nucleation process.

The addition of a base to a solution of ferric nitrate causes the formation of a
gelatinous precipitate in acidic media (pH 2-2.5). We have previously discussed
the fact that it is difficult to limit the condensation of ferric ions because of their
high lability. Ferric gels are made of oxyhydroxides of various degrées of hydration
(ferrihydrites). Several wide reflections observed By_ XRD are characteristic of
planar sheets of edge-sharing octahedra [two-line or six-line ferrihydrite depending
on the degree of ordering within and between layers, of approximate composition
Fes(O, OH, H20) 2 and Fe4 (O, OH, Hy0)(;] [47,58-60].- Analysis of the gels
using EXAFS [47] shows two Fe-O distances at 1.92 and 2.08 A corresponding to
the Fe—O and Fe—OH bonds respectively. The local order around iron seems to be
the same as in goethite a-FeOOH and akagancite §-FeOOH (Se€ Chapter 5, Figure
5.16). The amorphous nature of ferric gels and polymers is due only to the small
size of the coherent diffraction domains.

Ageing of ferric gels (ferrihydrites) in suspension at room temperature or heated
at moderate temperatures leads mostly to hematite a-Fe,O3; at 5 < pH < 10
[39,60-62]. Outside of this pH range, and particularly during precipitation in an
atkaline medium (pH > 10) [60], the suspensions mostly contain goethite c-FeOOH.
Ferric hydroxide Fe(OH); does not exist as such in the precipitation products. This
phase has only been identified in a very rare mineral, bernalite, found in the Broken
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Figure 3.10 Possible reaction mechanisms for the formation of AI(QH); (gibbsite,
bayerite) during evolution of the aluminic gel at pH < 5 and pH > 8. XRD of the solids
precipitated at pH 10 and aged (a) at pH 4.5 for 1 month (gibbsite) and (b) at pH 10 for 1 week
(bayerite) (J. Hernandez and J.P. Jolivet, unpublished results)
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Hill mine in Australia. Its structure is quite surprising for a hydroxide, since it is
made of corner-sharing Fe(OH)s octahedra. In this perovskite structure, some water
molecules occupy a few large voids in the lattice {1 15]. IFerric gels evolve, following
both types of mechanisms already described in the case of aluminum gels.

The transformation of ferric gels into hematite occurs within the acidity range
where the solubility of Fe(Ill) is minimum, and therefore the dissolution~recrystal-
lization equilibria are not favored. Under these conditions, formation of the oxide
stems from dehydration of the gel and in sifu structural reorganization. This
mechanisim was shown in EXAFS investigations of ferric gels precipitated at pH 6.5
at room temperature and aged at 92 °C [62]). The electron density radial distribution
functions around iron in the freshly made gel (Figure 3.11) show iron—iron distances
characteristic of corner-sharing octahedra (3.45 ;Z\) and cdge-sharing octahedra
(3.05 A), which indicate short-range order. Up to 6 h ageing time, hematite crystals
are not observed by XRD, but a peak appears on the radial distribution functions,
indicating Fe—Fe distances at 2.86 A characteristic of face-sharing octahedra. The
intensity of the peak increases with time and hematite peaks appear on the XRD
spectrum after 6h ageing time. Crystallization of ferric gels into hematite is
therefore the result of a solid state process initiated by octahedra sharing faces, and
is favored by aggregation and dehydration of the solid [63]. The acidity range in
which iron solubility is minimum corresponds to the range in which the surface
charge on the particles is the simallest and where aggregation and internal dehydr-
ation of the solid are most favored (see Chapter 7). Dehydration is kinetically
enhanced at higher temperatures and leads directly to the thermodynamically stable
phase. Thermolysis of diluted ferric solutions (0.06 mol1™h), in the absence of

130 h
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(a)

Figure 3.11 (a) Radial distribution function around Fe during crystallization of a ferric
gel into hematite at 92°C. The arrow indicates the appearance of the shoulder characteristic
of Fe—Fe distances of 2.86 A. (Reproduced from [62] 1990 by permission of Elsevier
Science Ltd The Boulevard, Langford Lane, Kidlington OX5 1GB, UK (b) Structure of
hematite a-Fe,O5
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previous precipitation of ferric gel, causes the formation of hematite according to a
process very similar to the one just discussed [61] (see the discussion below).
Under acid conditions where, at room lemperature, the solubility of Fe increases
slightly, the ferric gel tends to form goethite. A dissolution~—recystallization process
seems (o be involved. Under these conditions, nucleation of the solid phase takes
place through condensation of zero-charge species formed in a process similar to
the formation of polycations. Growth of the solid may be interpreted as taking place
from the planar tetramer [M4(OH)12(OH2)4]U; this process indeed appears highly
probable for Fe(lll) (Section 3.2.2). Condensation of these species by olation can
lead dircctly to embryos of double chains of octahedra, characteristic of the
structure of goethite. The chains connect by oxolation because of the relative
kinetics of each reaction. Connection between the double chains occurs through
113—0 bridges and hydrogen bonds between the chains (Figure 3.12). Growth of the
chains may take place later in a dissolution—recrystallization process, resulting in
particles of high anisotropy where the largest dimension corresponds to the
direction of the chains. In a more acidic medium (pH < 4), processes of formation

Figure 3.12  Possible formation mechanism of goethite o-FeOOH in solution, via ageing or
thermohydrolysis
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of goethite and hematite compete [60]. Although the solubility of the ferric
complexes increases, their charge is also much higher {[Fe(OH)(OH,)|* and
[Fe(OH),(OH,),J*" complexes}, and therefore the nucleation of goethite is more
difficult. In addition, the acidity facilitates oxolation within the solid ferrihydrite
precursor (see Section 4.1). Under these conditions, the formation of hematite is
favored by the kinetics.

Chromium(11l) differs from aluminum and iron in its exceptional chemical inertia.

“The fast addition of a base in a solution of Cr** ions also causes the formation of a

gel owing to cancellation of the charge on the aquo complexes or polycations.
Various hydrated hydroxides are formed, and they are made of aggregates of species
that previously existed in solution.

The dddition of a base to the monomer [Cr(OH,)s]?" causes the precipitation
of the grey-blue hydrated hydroxide Cr(OH)3(OHy)s, in which Cr(OH)3;(OHjy)s
octahedra are connected by double [H30,]” bridges formed by hydrogen bonds
between hydroxo and aquo ligands [21,25]. The solid contains planar hexagons
similar to those observed in aluminum hydroxides AI(OH); (Figure 3.13).

The formation of this. phase may be described from the monomeric precursors
[M(OI-I)3(_OH2)3]O or [M(OZH3)3JU in which the [H30,]” groups are chelating in
nature:

/HH
H. O
o] _o-H H H
B T | =10
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H O 7O HTOT Y
H H H H

The mode of coordination of the [H30,;]” ligands may become bridging quite
easily, after a simple change in the orientation of hydrogen bonds between the OH
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Figure 3.13 Planes of chromium hydroxide Cr(OH);(OHy,),. [Cr(OH)_;(OHéjﬂ octahedra

are connected by the bridging ligand [H;0;]
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and the OH; groups. The formation of chains and rings is therefore possible. Their
size is controlled by steric factors imposed by the bridging ligands. The rings
aggregate easily and form the embryos of the solid phase. '

The structure of polycationic dimers and trimers (Figure 3.4) is preserved during
neutralization in a pyridine buffer (pH = 6.9) because of their poor chemical
reactivity. The hydroxides Cry(2—OH),(OH),(OH,), - 2H,0 [22] (blue-green) and
Cr3(;+—0OH),(OH),(OHz), - 4H,0 [23] (light green) form, in which the dimers and
trimers, respectively, are connected by the [H30,]™ ligand.

The kinetic stability of these compounds towards dehydration is quite low They
usually transform spontaneously as early” as 60°C or through ageing at room
temperature into the green amorphous phase characteristic of chromium gels [24],
and later into oxyhydroxides CrOOH and into the more or less hydrated oxide
Cr,04[21,23,51-54]). Chromium hydroxide can also be obtained by acidification of
strongly alkaline sofutions of chromite {Cr(OH)4(OH3),]™ [23]. From a thermo-
dynamic point of view, the instability of hydroxides appears to be due (o the positive
charge on the waler molecule (Table 2.1). :

In summary, hydroxylation of cations in solution by the addition of a base
generates almost instantancously a large amount of zero-charge entities, and
therefore condensation is very fast. The speed of the process does not leave enough
time for the crystal to form and the resuiting solid is amorphous. Crystallization is
not immediale because inert species can form very rapidly, causing flocculation
when their charge is cancelled (Alj; with aluminum and chromium complexes,
for example). In fact, the species can be so labile that their condensation takes
place in an anarchical manner without the formation of long-range crystalline order
(ferrihydrites). The driving force behind the evolution of such poorly structured
solids is the formation of a more thermodynamically stable crystalline phase because
of the enthalpy gain associated with the release of lattice energy. Depending on
acidity (i.e. solubility) conditions, the transformation of a metastable phase may
involve one of the following mechanisms: dehydration—structuring in, situ or
dissolution—crystallization. In the latter scenario, the difference in thermodynamic
stability between the solid phases and the differences in their solubilities crcate a
continuous flux of matter al very low concentrations through the solution, which
allows the slow transformation of the entire amount of initial material (gel or
gelatinous precipitate) into an organized phase.

{b) Thermohydrolysis

Hexa-aquo complexes of trivalent elements are stable in an acidic medium at room
temperature. Hydroxylation of these complexes by water may, however, take place
by heat treatment (see Section 1.4). Heating of an acid solution of Al(III) ions to
about 80-100°C causes the formation of boehmite y-AIOOH [67,68]. In similar
conditions, Fe(Ill) forms hematite. Thermolysis of acid solutions of chromium
causes the formation of oxyhydroxides of poorly defined structure, as well as
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Figure 3.14 Possible forms of the tetramer for M(III) elements

the hydrated oxide Cr,O5 [54]. Hydrothermal techniques also allow the synthesis
of other oxyhydroxides such as a-AIOOH diaspore isostructural with goethite,
«-CrOOH brucite [69],. -CrOOH isostructural with InOOH ([70] and a variety
named ‘y-CrOOH’ although it is amorphous by XRD [71}.

During the thermolysis process, deprotonation is slow. Species in solution
may therefore condense during slow hydroxylation, forming intermediate species
of similar structure to polycations. These entities may aggregate and condense
to form a crystallized solid, as in the case of the dissolution—crystallization process.

It is reasonable to assume that boechmite may forim by thermolysis of aluminum
solutions, starting from [Al4O(OH)10(OH2)5]O or [Al4(OH)12(OH2)4]0 tetramers.
These are good structural models for the oxyhydroxide nuclei and they may be
considered in a first approximation as the building blocks of the solid phase.

During studies of the early stages of condensation of trivalent elements, it was
observed that two forms of tetramer may result from an octahedron fixed on the
compacl [M3(OH)4(OH,)e]?* flipping in one direction or another (Figure 3.14). The
tetramer with a p4—0O bridge (form III) appears favored in the case of aluminum
because of the nucleophilic character of the p3—-OH bridge (see Section 3.2.2):
Condensation of [Al4O(OH)10(OH2)5]O by olation and oxolation could lead directly
to the formation of corrugated sheets of AIO(OH) containing 14—0O and pp;—OH
bridges. These sheets are characteristic of the y-AIOOH phase and are linked by
hydrogen bonds between the hydroxo groups on adjacent sheets (Figure 3.15).
Another reaction mechanism could involve the formation of bochmite from the
planar tetrameric precursor rapidly forming double chains of octahedra, in a process
sunilar to the formation of goelhil‘e (Figure 3.12). Connections between these
chains could take place by oxolation between the p3;—OH of one chain and the
terminal ligands of apother. This seems rather unlikely because the growth of
‘fibrillar’ boehmite particles is preferenlial along their ¢ axis perpendicular to the
corrugated planes of the lattice, rather that in the direction of the chains. Diaspore,
isostructural with goethite, forms only under hydrothermal conditions [around
400°C, 6 kbar, conditions in which the physicochemical properties of water are
very different from the standard conditions (see Section 1.5), and can affect
drastically the structure and acidity of the oligomers]. Therefore, the formation of
double chains of octahedra from the planar precursor [Al4(OPI)1i(OH2)a]O appears
difficult.
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Figure 3.15 Possible [ormation mechanisim of boehmite y-AJOOH by thermolysis

In the cases of chromium and iron, we have discussed the fact (see Section 3.2.2)
that the planar configuration of the tetramer (form II, Figure 3.14) is strongly
favored. However, the strong lability of the ferric species probably forces a very
rapid condensation, cven if the formation of hydroxylated species is slow. During
the first hours of thermolysis at 100°C, at a pH close to 2, the six-line ferrihydrite
is obtained as small particles a few tens of dngstroms in diameter. The particles
aggregate to form, after a few hours, much larger monocrystalline particles
of hematite. The size of the hematite particles decreases when the pH of the
thermolyzed solution increases from 2 to about 4. This would $uggest that the
formation of hematite from ferrihydritc takes place by in situ recrystallization of
the aggregates and by dissolution—crystallization, the latter process being favored
at low pH when the solubility of Fe is higher. Under these conditions, goethite does
not form as it docs at room temperature (Figure 3.12). An increase in temperature
probably increases the reactivity of the ferric tetramer and the tendency towards
oxolation (which is already high at room temperature) and leads to the formation
of the most thermodynamically stable phase. The situation is somewhat different
in the case of chromiun(Ill). The planar precursor [Cra(OH),2(OH,)41" is able to
condense by olation and oxolation, as in the case of goethite. However, because of
the low lability of coordinated water, both reactions become kinetically competitive
and, instead of forming chains by rapid olation as in the case of goethite at room
temperature, the simultaneous reactions lead to the formation of sheets containing
13—-OH and p3—-O bridges characteristic of the a-CrOOH phase (Figure 3.16). The
sheets are connected by hydrogen bonds and form structures similar to that of Cdl,.
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Figure 3.16 Possible reaction mechanism for the. formation of chromium okyhydroxide
a-CrOOH and hydroxides M(OH); of brucite structure

>

It is clear that, in spite of a few analogies, Al(I1l), Fe(Ill) and Cr(I1l) each have
their own behavior in solution. The spontaneous tendency of the hydroxylated form
of iron to undergo rapid dehydration probably explains the poor solubility in an
alkaline medium. With aluminum or chromium, for which oxolation is less likely,
hydroxo bridges are relatively stable with respect to dehydration in the hydroxides.
However, they are easily dissolved in an alkaline medium because free hydroxyls
are better nucleophiles than hydroxo bridges in the solid. Howevef, iron and
aluminum oxides are poorly soluble in an alkaline medium because oxo bridges are
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much more stable than hydroxo bridges. In addition, because of its small size,
aluminum can easily acquire a coordination of 4 that can be further stabilized by =
interactions with the hydroxo ligands. Therefore, aluminum can dissolve as the
anionic monomer [AI(OH),]” or, in a concentrated and very strongly alkaline
medium, as the polyanion [AL4(OH) )%~ [65]. The treatment of bauxites and the
separation of both clements in- the Bayer process are based on this difference in
behavior between aluminum and iron {66]. In the mineral, which owes its red color
to the presence of hematite, aluminum is present as boehmite v-AIOOH (French
bauxites) or gibbsite AI(OH); (American or African bauxites). After treatment in a
strongly alkatine medium at about 200-250°C, aluminum is dissolved, separated
from iron oxide, recrystallized as hydroxide and calcined to obtain alumina Al,Os.

3.3 CONDENSATION OF DIVALENT ELEMENTS

3.3.1 POLYCATIONS

For a similar hydrolysis ratio, polycations formed by divalent ions must attain a
higher degree of condensation than those formed by trivalent ions, owing to the
smaller formal charge of the cation and the higher nucleophilic character of the
hydroxo ligands. For a hydrolysis ratio i = |, the olation reaction for divalent
elements usually goes beyond the stage of the [M,(OH),(OH,)s]?* dimer [30]. The
partial charge on the ;1,—OH bridge is negative in this dimer, whereas it is positive
in those of trivalent clements forming stable dimers (Table 3.3). Condensation
must therefore proceed, and the casiest route is an olation reaction converting all
u2—OH bridges into p3—OH bridges (Figure 3.17). Very compdct polycations
{M4(OH)4(OH,),J** [ = 4, Pb(l), or 12, Ni(I)] are produced, in which ;13—OH
bridges are located above the faces of the tetrahedron formed by the metal cations.

Such polycations exist with Pb(lI) (XRD) [72] and Ni(il) (measurements of
reaction kinetics) [73]. In spite of a lack of structural data, similar species are also
assumed to exist for Co(I1), Cd(1) and Mg(1l) [30].

The compactness of the tetramers may cause magnetic coupling of the cations

(Ni, Co) or melal—metal interactions (Pb). These interactions are favored by the’

fact that aquo and hydroxo ligands are located outside the metallic cluster. The

Table 3.3 Partial charge on the 11;—OH bridge in dimers of divalent and
trivalent clements

z=+2 5(OH) z=+3 6(OH)
[Mny(OH),(OH,)g)** o1 [Fe;(OH),(OHy)g** +0.03
[Coz(OH),(OH,)g)*" ~0.10 [Cra(OH),(OHy)g)** +0.01
[Niz(OH),(OH),),)*" —~0.09 [A1,(OH),(OHy)g]** 0.00
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Figure 3.17 Tetrameric polycations {drined by [MZ(OH)Z(OH2)3]2+ dimers

coordination number of the cation can vary from 6 (Ni, Co) to 4 (Pb) via elimination
of water molecules, without affecting the geomeltry.

Little data are available on the hydrolysis of elements like Pd** and Pt** {30].
These d® elements, usually larger than Ni?*, are usually subject to a strong crystal
field and adopt the square—planar coordination [74].

Cu(1l) forms linear polycations rather than compact tetramers {75]. Owing to the
Jahn-Teller effect typical of a d? jon in an octahedral field, the decrease in the
symmetry of -the coordination polyhedron (O,, — Cy4p) is due to the lengthening
of two Cu bonds in trans (from 1.94 to 2.38 A) [76]. These two water molecules -
are therefore less acidic than the others, so that hydrolysis and condensation must
involve the ligands located in the equatorial plane of the coordination polyhedron
(Figure 3.18). The [Cu(OH)(OH,),0)*>" dimer (corner-sharing) which probably
exists for pH < 3 [77] forms linear polycations [Cu,( OH)z,, L(OH,),,,4)*" with
edge bridges [75,78], at higher pH.

3.3.2 SOLID PHASES.

Neutralization of divalent elements around h = 2 leads to the rapid formation of
stable hydroxides M(OH), (Table 2.1) which usually exhibit the lamellar brucite
structure (Cdl, structure) with 3—OH bridges on both sides of the cationic sheets
[12d] (Figure 3.16).

There is no structural relationship between the compact tetramers of Figure 3.17
and the hydrox1de The nuclei of the solid phase could be planar tetramers
[M4(OH)8(OH2)3] formed by olation between neutral species [M(OH)2(0H2)4] .
Zero-charge dimers similar to those involved in the formation of compact tetramers
can create pu3—OH bridges as they are forming the planar tetramer. The growth of
nuclei, always by olation, must take place rapidly in the plane and lead to the
layered brucite-type structure seen in many hydroxides of divalent elements.

Copper hydroxide Cu(OH), exhibits a different structure, isotypical of boehmite
~-AlOOH. Its formation may be explained by the addition of zero-charge chains
LCu(OH)z(OHz)Z]B coming from the neutralization of linear polycations (Figure
3.18). Therefore, 114—OH bridges form in the hydroxide [79]. These bridges where
oxygen is pentacoordinated are obviously unstable towards oxolation. This is why
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[Cu(OH)2(OH2)4]0

CuO:

PdO, PtO §

Figure 3.18 (a) Possibic reaction mechanism of the formation of copper hydroxide
Cu(OH); isostructural to boehmite. In CuOq octahedra highly distorted by the Jahn—Teller
effect, there arc four Cu~OH bonds of 1.94 A and (wo of 2.63 A. (b) Structure of CuO
tenorite and of PdO and PO

the blue hydroxide tranforms into black CuO tenorite after moderate heating or at
high pH [80]. Its structure is made of chains in which copper is in square-planar
coordination and surrounded by y4—O bridges [12e]. Pd?* and Pt>* exhibit a
similar behavior, i.e. their hydroxides are unstable. PdO and PtO have higher
symmetry than CuO (Figure 3.18) [12e]. Hydroxides with the brucite structure are
stable even in a strongly basic medium. They form MO oxides (NaCl structure)
above 300°C [81].

3.4 - CONDENSATION OF TETRAVALENT ELEMENTS

Tetravalent elements are soluble only within narrow acidity ranges, which causes
their chemistry to be complicated and poorly known. These elements belong to (wo
families of very distinct electronegativities, the d-block and the p-block, which have
very different characteristics (Table 3.4).
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Table 3.4 Characteristics of a few letravalent elements

Ti Zr Hf Ce Th V) Si Ge Sn Pb

XM 132 129 136 17 124" (1.56) 174 2 1.89 1.92

Electronic s @ % a0
configuration

Jonic radius (A) 0.60 0.72 0.7 103 1.0 (0.59) 0.26 054 0.69 0.77

Coordination 6 .. (D8 ........ ol (5-6) 4 46 6 6

Solubility ... pH<OS5-1......... oL pH> 10-12......

The weakly electronegative d° clements are Soluble only in a strongly acidic
medium, where they undergo spontancous hydrolysis. They exist as monomeric or
aquo-hydroxo condensed cations. The high electronegativity of p-block elements
allows their solubility only in a strongly alkaline medium, as anions or 0xo or 0Xo—
hydroxo polyanions (29,30]. This difference in behavior, which is due to the
large electronegativity difference, is clearly seen in the charge—pH and charge—
electronegativity diagrams (Figures 1.1 and 2.5).

The median position of the clements on the scale of formal charges on the
charge—pH diagram allows their coordination by two of the three aquo, hydroxo or
oxo ligand types. The hydroxo ligand is predominant in the coordination sphere
over a wide pH range, and these elements have a strong propensily to precipitate.
The charge-electronegativity diagram (Figure 2.3) predicts the formation of oxides
(Ti, Zr, Hf, Ce, Th) and polyanions (Si, Ge, Sn, Pb). The hydroxides M(OH)4 are
usually unstable. They spontaneously dehydrate to form hydrated oxides MO, - nH,0
which are frequently polymorphous. '

The behavior of these elements is illustrated by the difference between titanium

" and zirconium, and titanium and tin. The latter does exist in an alkaline medium as

stannates and, as with silicates, condenses mostly by oxolation. These elements are
studied in Chapter 4.

3.4.1  POLYCATIONS

Because of their high formal charge, tetravalent cations uundergo spontaneous
hydrolysis even in a strongly acidic medium [30]. Ti(IV) exists at pH = O as
[Ti(OH)(OH,)s]1*t. The positive charge on the OH ligand (§ = +0.06) does not
allow condensation, and therefore this acidic jon is in equilibrium with the
[Ti(OH);(OHy)4] %+ complex. This species, in which hydroxo ligands carry a small
negative charge (6§ = —0.01), appears to remain monomeric in solution [82,83], in
equilibrium with the titanyl ion [TiO(OH,)s]** formed via intramolecular oxolation
(see Section 1.3). To the author’s knowledge, however, there is no experimental
evidence proving the existence of this ion in a non- complexmg mediuin. In media
of lower acidity, [Tl(OH);(OHz)ﬂ probably condenses, but very little data are



32 Meral Oxide Chemistry and Synthesis

available concerning the condensation of titanium(IV) in solution, other than
studics of [TigOg(OH),2(OH,), 14+, an octamer of unknown structure [84,85].

Zr(1V) is larger than Ti(1V) and its coordination number is higher. In solution it
acquires the squarc—antiprismatic 8-coordination. Zirconium is conscquently less
acidic than titanium. [Zr(OH,)g)*" (pK &~ —0.3) is nonetheless a strong acid that
hydrolyzes spontancously in walter (o form [Zr(OH)(OH2)7]3+, In this complex, the
charge on the hydroxo ligand is almost zero (6(OH) = —0.007). The complex is
acid and forms the dihydroxo complex [Zr(OH)z(OHZ)G]“, which condenses by
olation [§(OH) = —0.007] and forms. in the absence of complexing jons, a cyclical
tetramer with double hydroxo bridges:

4[Zr(OH),(OHy)J?" ——— [Zra(OH)5(OHa),6)™ + 8H,0

This tetramer is stable in solution. It has been characterized using various
techniques, in solution [86—88] and in the solid state [89,90]. Zirconium maintains
its antiprismatic coordination number 8 (Figure 3.22). The geomelry and the high
coordination number of Zr** ions do not allow formation of compact oligomers as
in the case of trivalent and divalent clements. This is probably why the polycation
forms rings and limits its condensation. .

3.4.2 SOLID PHASES

Tetravalent ions arc oo polarizing to form stable M(OH)4 hydroxides. Spontaneous
dehydration via oxolation leads o the oxide MO, (Table 3.1)

M(OH),MO(OH),(OH;) —— MO(OH), + H,0 —— MO; + 2H;0

There are several crystal structures for TiO,: rutile is thermodynamically stable,
whereas anatasc is metastable. In these phases, oxygen lattices are hexagonal close-
packed and face-centered cubic respectively. TiOg octahedra share edges and
corners in rutile, but only sharc edges in anatase (Figure 3.20). The anatase—rutile
transition takes place between 400 and 1200°C. It is strongly influenced by the
type of anions in the precipitation medium (Chapter 5). There are other polymorphs
of TiO,: brookite is formed under hydrothermal .conditions [9t], and TiO,; B is
obtained by heating Ti,O5(OH), around 500°C (itself obtained from K, TisOo in an
acidic medium [92]). These phases will not be studied here.

In a poorly complexing or non-complexing medium, depending on the precipita-
tion conditions (chlorohydric ot nitric acid), titanium forms TiO, rutile in a highly
acidic medium and at high temperatures. The anatase form is obtained for lower
acid and temperature conditions (Figure 3.19) [93-95].

The behavior of titanium may be explained by taking into account that the first
stage of condensation (by olation) of the zero-charge precursor [Ti(OH)4(OH2)2]0 is
the formation of the dimer [Tiz(OH)g(OHz)z]O in which both octahedra share an
edge (double hydroxo bridge). The growth of this embryo by olation with monomers
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Figure 3.19 Precipilation of TiO; rutile R and anatase A as a function of medium acidity
and temperature (a) With HCI; (b) with HNO;. From [93]

may lead to nuclei of various geometries, for example straight or curved small
chains (Figure 3.20).

Subsequent condensation of thesc embryos by oxolation is likely to trigger
crystallization of rutile or anatase respectively. Given the respective possible posi-
tions of water molecules in the dimer, the probability that the growth of the embryo
would take place through edge sharing in the same plane to form straight small
chains is much smaller than the probability of edge sharing in different planes,
leading to curved or bent chains. Therefore, crystallization of anatase appears far
more likely than that of rutile, under any experimental conditions. However, since
rutile is the thermodynamically stable phase, its formation probably takes place
through a dissolution-crystallization mechanism (Ostwald ripening) at the expense
of anatase. Strongly acidic media and high temperatures favor these equilibria
(Figure 3.19). Indeed, anatase crystallizes as small particles at low temperature in a
low acidity medium, where the solid is the least soluble. In a more acidic medium,
it is probable that anatase would form first, but the higher solubility of the oxide
promotes the dissolution—crystallization equilibria which then allows growth of
rutile. The considerable increase in particle size with time during thermohydrolysis
shows clearly that this mechanism does take place [94] (Figure 3.21). In addition,

(hydrolysis of TiCly in vapor phase always exclusively forms anatase [95]. In these

conditions, the absence of solvent does not allow a transition to the rutile phase.
The formation of anatase in solution appears to be linked (o kinelic (rate of
precipitation) and thermodynamic (solubility) considerations. Other tetravalent
elements that also adopt 6-coordination (V, Sn, Pb) only form the rutile variety
of their oxides [12f]. The psecipitation of SnO, (cassiterite) probably involves a
precursor similar to that of titanium, Sn(OH)4(OH,),, during hydrolysis of SnCly
[96,97] or acidification of stannate [Sn(OH)G]ZV [98] (see Section 4.3.1). It is

* possible that kinetics (lability) and thermodynamics (solubility) could. favor the fast

redissolution—crystallization equilibria, which do not allow an intermediate anatase
phase to form prior to crystallization of cassiterite.
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Figure 3.20 Possible formation mechanisms of TiO, rutile and anatase [rom aqueous
solutions

Zirconium(1V), because of its large size and coordination number, never forms
rutile but forms a gelatinous precipitate of the oxyhydroxide Zr0,_»(OH),, - yH,0.
X-ray and neutron diffractions suggest that this amorphous phase has a two-
dimensional structure [99]. Crystallization around 400°C forms the metastable
tetragonal ZrO, phase (Figure 3.22).

Around pH 4-5, the amorphous solid could be the product of flocculation or of
rapid condensation by olation of the neutralized tetramer [Zr4(OH)m(OH2)8]°:

nZry(OH),4(OHy )y —— [2r4(OH) 4], + 81H,0

The unstable solid phase dchydrates slowly (slow oxolation).
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Prolonged reflux of solutions around pH 2.5 leads, after about 20h, to sols of
monoclinic ZrQ, (distorted fuorite structure) [100,101]. It does not appear that
the tetramer [ZrA(OH).G(OHZ)g]O is involved in the reaction. Indeed, the geometry

of the coordination polyhedron of zirconium is not the same in the tetramer

(antiprismatic, 8-coordination) and in monoclinic zirconium (7-coordination, Figure
3.22). In addition, acidification of the medium by thermohydrolysis (the pH
decreases from 2.5 to 0.4 after 40h reflux) [100] probably destroys the tetramer,
and it is likely that the growth of the solid takes place via a mechanism of acidic
oxolation between monomers (see Chapter 4).

Amorphous zirconia boiled in a strongly basic medium forms cubic zirconia
{100]. It is stable up to 650°C. As for monoclinic zirconia, it does not appear that
the tetramer is involved in its formation.

3.5 MIXED-VALENCE SYSTEMS

The coprecipitation of different cations leads, in most cases, to segregation into
separate phascs (sec Chapter 5). If the cations are chemically identical but exhibit
various degrecs of oxidation, this is not necessarily the case and mixed-valence
crystalline phases may be obtained. These phases are usually not formed by one
type of cation alonc. The Fe(lll)-Fe(ll) pair is a typical example.

We have seen above (Scction 3.2) that precipitation of ferric ions in solution
forms an oxyhydroxide that turns into goethite (a-FeOOH) or hematite (a-Fe;O5)
through very different reaction mechanisms. In the presence of ferrous ions, ferric
ions form a spinel oxide over a wide range of compositions. Alkalinization at
pH > 9 of a Fe(ll)/Fe(lll)=0.5 mixture forms stoichiometric magnetite Fe3O4
[102-104]. Small quantities of ferrous ions [Fe(1l)/Fe(1ll) > 0.1] lead to a similar
structure but containing vacancies [105,106].

Fe;O, magnetite crystallizes in an inverse spinel structure where all ferrous ions
and half of the ferric ions occupy half the octahedral sites of the f.c.c. oxygen
lattice. The other half of the ferric ions occupy 1/8th of the tetrahedral sites [12g].
The unit cell may be written [Fe**],,.[Fe’* Fe?*] . Os. The spinel lattice can
accommodate large non-stoichiometries, from Fe3O4 to y—Fe; O3 (maghemite). The
latter may also be written [Fe?? ]lclr1[FeW3L|/3]ocnO4 (where L represents cation

vacancies in the octahedral sublattice). The octahedral sublattice is subject to
electron delocalization between Fe(11) and Fe(111) [107~109]. At room temperature,
Méssbauer spectroscopy has shown octahedral cations with a +2.5 charge. The fast
electronic exchange between Fe(l1l) and Fe(ll) in the solid seems to be responsible
for the spinel crystallization.

The crystallization of magnetite during precipitation of a stoichiometric mixture
of Fe(111) and Fe(ll) is too rapid to allow an analysis of the mechanism (Figure
3.23e). Crystallization is slower for substoichiometric mixtures.
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Fe(lll) for various reaction times (a) x =0, ¢ = 5 min (ferric ferrihydrite); (b) x = 0.15,
t =1 min; (c) Mdssbauér-spectra at various temperatures for x = 0.15 and ¢ = 1 min; (d)
x=0.15,£ =5 min, { = I5 min, ¢ = 24 h; (e) x = 0.5, 1 = | min. Reprinted with permission
from [106]. Copyright 1992 American Chemical Society

The Fe(ll)/Fe(Ill)=0.15 mixture initially forms particles about 25-30 A in
diameter, very similar to the particles observed in the ferric gel or the ferrihydrite
(Section 3.2.3, Figure 3.23a). The wide diffraction rings (Figure 3. 23b) suggest a
local two-dimensional organization of the anions and some correlation between the
layers. At low temperatures, between 80 and 105 K, the Mgssbauer spectra exhibits
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two components duc to Fe(IIT) and Fe(Il) ions. Above 105K, the Fe(ll) contribution
disappears and a valence 2.5 contribution appears (Figure 3.23c). The relative area
of this component is double that of Fe(II) below 105K, indicating that all ferrous
ions in he solid are involved in the electron exchange before a long-range spinel
lattice forms [106]. Crystallization occurs during room-temperature ageing of the
non-stoichiometric material. The piesence of Fe(ll) appears necessary for the
formation of the spinel structure, which also seems stabilized by the electron
delocalization. Other divalent ions (Mn, Zn, Cu, Ni, Co) that do not cause electron
delocalization may also form the spinel lattice, but they usually require large M2+
concentrations and higher processing temperatures (111-113].

Agceing of a suspension of the solid Fe(I1)/Fe(111)=0.15 causes the formation of
two distinct families of particles [105]. The first type are Fe(Il)-deficient [Fe(II)/
Fe(lll) &~ 0.07} and preserve their original size. The other type grow to 10001500 A
after about 24h (Figure 3.23d) and are richer in.Fe(Il) [Fe(Il)/Fe(Ill) ~ 0.33}.
These large particles are formed via a process of dissolution—crystallization, and
their composition indicates that mixed Fe(Il)-Fe(Il) complexes, with Fe(ll)/
Fe(Il)=0.3, are involved in their growth. For Fe(Il)/Fe(Ill) < 0.3, both types of
particle coexist in various proportions because Fe(Il) is immediately extracted
from the sofid via the dissolution—crystallization equilibria that feed the large
particles.

The driving force behind crystallization appears to be the formation of mixed
ferric—ferrous entitics rich in Fe(1l), which ensure the stability of the structure. The
crystallization of small particles poor in Fe(Il) is the result of in situ dehydration

and local structural rcorganization without change in particle size. This type of*

transformation requires a minimum Fe(Il) content because, if Fe(Il)/Fe(lll) is
smaller than 0.1 in the entire mixture, small 30 A particles form.temporarily but
transforim into goethite after a few weeks [105]. When Fe(II)/Fe(11I) reaches 0.3, all
the Fe(Ill) may now be involved in the processes of redissolution. The particles
grow but they remain homogeneous in size and composition. )

The development of the inverse spinel structure of magnetite can be described as
starting with tetramers such as [FeA(OH)m(OHZ)dO, for example. They are ferric—
ferrous compounds formed by the dissolution equilibria in the initial material
(Figure 3.24). In such a very compact tetramer containing only p3~OH, the electron
delocalization is optimized. The Fe(1l)--Fe(IlI) electron transfer is allowed by the
overlap of d orbitals, which requires short metal—metal distances [110]. This entity
may be a model of the nuclei of the solid. Condensation by olation forms chains and
planes rather rapidly, and the connection between planes can be made by any excess
octahedral feriic ions Fe(OH)3(OH,);. They act as hinges, forming Fe-O-Fe
bridges by oxolation (Figure 3.24). This imposes steric constraints on Fe(Ill) ions.
Since there is no crystal field stabilization energy, they can easily switch to a
coordination number 4 characteristic of the inverse spinel structure. This process is
somewhat similar to the onc involved in the formation of the Al;; polycations (see
Section 3.2.2).
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Figure 3.24 Possible reaction mechanism for the formation of the spinel lattice of Fe3O4
magnetite from a solution of ferric and ferrous ions

The Fe(Il)-Fe(lll) electron transfers, which allow the {ormation of iron oxide
spinel, also play a role in the crystallization of the ferric gel adsorbed on the surface
of colloidal particles of magnetite [114] (see Chapter 9). The electron mobility
in the magnetite lattice is also responsible for the transformation to ~y-Fe,0Os
maghemite (see Chapter 9).

Ferrous ions act as dehydrating and structuring agents for ferric ions. Indeed,
dehydration of ferrous hydroxide is not spontaneous. Dehydration of ferric gels
is slow. The clectron delocalization occurring during the association of both
types of cation alters their behavior and allows the stabilization of a particular
structure.

The formation of solid phases and the behavior of some elements may thus be
interpreted directly from the analysis of phenomena in solution..In Chapter 5, we
shall see that modification of the nature of the coordination sphere of the precursor
by complexing in solution can greatly influence reactivity and allows control of the
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formation of other crystalline phases or modification of the morphology of the
particlcs. :
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4

Oxolation: Polyanions and Solid
Phases

Oxolation is the process of creation of oxo bridges between cations that do not have
aquo ligands in their coordination sphere [1]. Therefore, this reaction occurs only
with elements of high formal charge (z = 4), which exist in a dilute alkaline or
neutral medium as oxo anions or oxo-hydroxo monomers [Si(1V), Cr(VI}] (see
Section 1.1, charge—pH diagram). '

Some of these elements (Section 2.2, Figure 2.5), such as Sn(IV) and Sb(V), exist
as monomeric hydroxo forms in an alkaline medium {[Sn(OH)s}*~, [Sb(OH)s] ™}
[2]. After acidification, the aquo ligand appears in the coordination sphere of the
cation and the initial condensation steps of [Sn(OH)4(OH)]™, [Sn(OH)«(OH,),]°
and [Sb(OH)S(OHZ)]O take place by olation. However, because the coordination
sphere contains one or two aquo ligands only, most of the condensation process in
fact occurs by oxolation.

The case of boron(lll), which also condenses via oxolation, is somewhat unique.
In an alkaline medium, boron exists as borate [B(OH)4] ™, but it is one of the few
elements to undergo a coordination number reduction upon acidification, leading to
monomeric boric acid B(OH), [3]. Therefore, condensation between boric acid and
borates takes place by oxolation only.

Transition metals of high formal charge, such as V(V), Nb(V), W(VI) and
Mo(V]), also undergo oxolation. However, their behavior is also somewhat peculiar,
because the coordination of tetraoxo species [MO4)® ™~ changes from tetrahedral
in an alkaline medium to octahedral at some stage of the acidification and condensa-
tion processes [2]. '

Such éxamples are evidence of a large diversity in behavior. The specific
bechavior of some typical elements will now be examined.

4.1 OXOLATION REACTION

The ligands of an anionic form carry a highly negative partial charge. For an oxo
bridge to form between such entities where the maximum cation coordination is
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satisfied, a substitution must occur, which implies forination of a leaving group
such as a water molecule. This molecule does not exist in the coordination sphere of
the initial entities. Therefore, it is likely that the oxolation reaction occurs via a
two-step SN, associative mechanism:

(i) nucleophilic addition with formation of an ol bridge:

st

H
& st 8 l 5
M-OH+M-OH —— M-0O-M-0OH

leading to an unstable transition state because of the coordination increase.

(i1) proton transfer from the ol bridge to a terminal OH ligand, forming a leaving
aquo ligand:

H
& boog!
M~([)—M—OH — M-0-M--0 H —— M-0-M + H,0

The leaving water is present initially in the coordination sphere as an OH ligand z}nd
not as coordination water (aquo ligand). This tends strongly to tie the oxolation
rates to the acidity of the medium, contrary to what happens in the case of olation.
The reaction can be calalyzed, and it is possible lo distinguish basic, acid or neutral
oxolation from a kinetics standpoint. Neutral oxolation is usually the slowest of the
three, as evidenced in the case of silicates. Their condensation rates are 10 times
faster at pH 1 than at pH 2, the slowest at pH 3 and 100 times faster at pH 6 than at
pH 4 {4]. N

Basic catalysis is due (o hydroxy! ions from the medium reacting on positively
charged centers of the reactants [5], such as the cations themselves, or the protons
of the hydroxo ligands of the cation. Since we are considering oxo—hydroxo or
hydroxo forins of cations with saturated coordination, the protons themselves wn.ll
be allacked by the hydroxyls. The negative charge on the nucleophilic oxygen is
increased, and the first step of oxolation is eased. This is illustrated by the following
concerted mechanism involving hydroxyl ions and water molecules:

HO_._ . HO__.
.17? H H H
M08 + M—O — [M“O---M-"_O._.H |
H_ H ¥
© Transition state

— - M-0O-M+HO™ +2H,0

An increase in pH has two opposite effects. It strengthens the catalysis by favoring
deprotonation of hydroxo groups, thereby increasing’their nucleophilic strength. In
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doing so, it also decreases the number of hydroxo ligands in the precursors (the
hydrolyis rate increases). Since the number of groups decreases, the progression of
the reaction, and hence the growth, is limited.

Acid catalysis of oxolation takes place on the negatively charged centers of the
reactants. Protonation of hydroxo ligands facilitates the formation of expendable
aquo ligands in the transition state, and strengthens the acidity of the ol bridge. The
second step of the reaction is therefore favored:

+ + 5 OH2
H6 . H5 R I[»[ -

! & ! o
M—O-M-0H--- H* = [M~0-M~OH,]" ——~ [M—0O-M]* +Hy0

Transition state

——~ M-0-M + H;0"

If the medium acidity increases, the formation of positively charged aquo—hydroxo
specics is possible. Such species are even more prone to nucleophilic attack by
the hydroxo forms. Elimination of the proton, which allows a decrease in the charge
of the transition state, is also favored. However, an excessive amount of acid
inhibits the nucleophilic power of the hydroxo ligand and therefore limits the
reaction. '

Oxolation may occur over a wide range of pH. The reaction rate will be at a
minimum when the reactants carry no charge (neutral oxolation). This is not the
case for the olation reaction, which involves aquo-hydroxo forms for which
condensation rates are limited only by the lability of the water molecule.

Some high-charge, small-size transition metals exist in solution as tetraoxo forms
for which the maximum coordination is not satisfied [V(V), Mo(VI), W(VD)]. At a
certain stage, which depends on the metal, condensation is associated with an
increase in the coordination number. Then it takes place by nucleophilic addition,
as described in Section 4.3.

It has been established (see Chapter 3) that, for cationic species, condensation by
olation is always limited. The same applies to condensation by oxolation between
anionic or neutral forms.

(1) Condensation may stop because all hydroxo ligands have reacted and there are
no expendable groups left on the growing polymer. Condensation is limited by the
acidification rate of the precursors, as in the case of vanadates acidified at H*/
V=1

2[VO3(OH)]*” —— [V,04]* + H;0

Further condensation of pyrovanadates requires higher acidification. For H*/V =2,
the reaction proceeds until the formation of metavanadates:

4[VO,(OH),]™ ~— [V4012)*" + 4H,0
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(ii) Hydroxo ligands of a condensed species may become excessively acid. The
reaction stops, again for lack of expendable groups: '

9 9

2Cr0,(0I), — O*(ljr—(ljr—o
HO OH

S(OH) =-0.01 S(OH) =+0.04

The dimer is a strong acid (ICr,041%7, 2H™). Hydroxo groups are dissociated and
condensation stops, leaving polyanions in the solution. This is also observed in the
case of V(V), Mo(VI), W(VI), etc. Dehydration causes an increase in the average
electronegativity, and hence an increase in the partial charge on hydroxo ligands
and the loss of their nucleophilic power.

One may anticipate that the oxolation reaction between _[MONH2N_Z]O Zero-
charge species would not be limited and would lead to the formation of an oxide, in
a manner similar to the formation of hydroxides via olation (Chapter 3). This is not
the case becausc hydroxo ligands always become strongly acidic at some stage of
the condensation. The oxolation reaction alone always leads to strong polyacids
which, depending on their degree of condensation, are either soluble (in the case
of high formal charge transition metals) or insoluble [Si(IV)] (see Section 2.2).
Strongly acidic oxides, of varying levels of hydration, are formed whenever
condensation begins by an olation step [Sn(IV), Sb(V) and some high formal charge
transition elements]. This is a significant difference in behavior between oxo-—
hydroxo and aquo—hydroxo forms.

The most widcly encountered oxo bridge is the 1, —O bridge, which corresponds
to corner-sharing polyhedra. This is the case for chromates, borates, phosphates and
silicates (CN=4), and for niobates and antimonates (CN=06).

These few generalitics will now be discussed further in a few characteristic
examples.

4.2 p-BLOCK ELEMENTS HAVING THEIR MAXIMUM
COORDINATION IN THE MONOMER

4.2.1 Si(lV): SILICATES

In most of its oxygenated compounds, silicon is found in coordination 4. The basic
unit is the SiOy4 tetrahedron which may share corners but cannot share edges {6].
Sharing edges would create exceedingly high Si—Si repulsions. Silicates are very well
known in the solid state, but their chemistry in solution is still poorly known owing
to the large number of species and the complexity of the equilibria involved [2,4].

Silicate solutions are obtained by dissolving metasilicate Na,SiOs, which is
made of infinite chains of SiO4 tetrahedra [6]. Breaking of the chains is almost
immediate in water, and dissolution is fast.
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Table 4.1 Characleristics of monomeric silicates in solution

s From pK X S(OH) 6(S)
h=6  [SIOy(OH), - 210 ~055 4020
h=5  [SIOOH)]" 1(3 237 -030 4035
h=4  [Si(OH)° T s 0.12  +047
=3 IS(OHROIt S 274 1003 4056

The possible silicic monomers in solution are summarized in Table 4.1. By
convention, the hydrolysis ratio 4 is expressed with respect to the aquo form chosen
as a reference, whether it exists or not (see Section A.3.2).

The it =6 species is a very strong base which exists in water only for very
alkaline medium. Conversely, the & = 3 species is a strong acid existing only in
very acidic medium [2]. '

AtpH= 12 (hydrolysis ratio & = 5.5), condensation of 1 = S and /i = 6 species is
limited to the dimer (pyrosilicate) made of two corner-sharing tetrahedra:

[SIO(OH)] ™ + [Si0,(OH), |~ ~— [Si,0,(OH), "~ + H,0

The dimer is stable because of the excecdingly weak electrophilic character of the
cation (x = 2.183, §(Si)= +0.25, §(OH) = —0.22).
The h =5 form [§(OH) « 0, §(Si)>0.3] is highly prone to condensation:

2[SIO(OH),]™ —— [Si,05(OH),*~ + H,0

In the dimer, x = 2.346, §(OH)= —0.33 and 6(Si): +0.34. Condensation should
not stop at this stage. Corner-sharing tetrahedra tend to form rings and lead to
oligomers with degrees of condensation between 3 and 8 [7]. The cyclic tetramer is
the most abundant species for pH between 11 and 12. These species are the metasi-
licates. Within this pH range, equilibria are fast owing to the basic catalysis of
oxolation.

The structure and distribution of polysilicates in solution has been determined,
prior to the advent of 2Si NMR, using a very elegant method, trimethylsilylation
[9]. The technique converts labile silicates into inert derivatives by abrupt acidifica-
tion in the presence of trimethylsilane chloride CISi(CHy);. Silicates are converted
into the corresponding silicic gcids and the very reactive silanol end groups are
rendered inert by the trimethyl silanes:

~Si~0~ + H* —— —Si—OH “ N _5i_ 6_Si_Me; + HCI
Assuming that such reactions do not trigger structural rearragements of the silicales,
the distribution of the silylated species reflects the composition of the initial
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Figure 4.1 Main structurcs of silicates in aqueous solution™ (silicon concentration
1.5mol 17!, KOH/Si= I, 22°C). SiO, tetrahedra, shown using different symbols, share |
(m). 2 (0) or 3 (e) corners, The double cages are stabilized in solution by tetraalkyl-
ammonium calions. Reproduced {rom [7] with permission

solution. Of course, acidification is the critical step. The compounds formed are
extracted from the aqueous phasc in an appropriate solvent [hexamethyldisiloxane
(CH)6S1,0] and analyzed using gas phase chromatography for the most volatile
derivatives, or using gel permeation and mass spectrometry for the heavier ones.
High resolution NMR techniques have allowed in situ characterization of.concen-
trated solutions {7,9—14]. Figure 4.1 shows the structure of the most probable species.
The nature of the cation in solution has a profound influence on the structure of
cyclical oligomers. With tetraalkylammonium ions [NR4]J* (R=CH;, C;Hs, C3H7,
etc.), cages made of double cycles of 3—5 SiO, tetrahedra are stabilized and have
been observed in solution [15-20]. Tetramethylammonium hydroxide promotes
formation of the cubic octamer [SigO0]* ™ (Figure 4.1), which is obtained indirectly
after the prismatic hexamer [SigO;s]° . This species corresponds to the final evolution
of the solution in the presence of tetracthylammonium hydroxide. If tetrabuty-
lammonium hydroxide is used, the decamer [Sim025]10_ seems to form preferably.
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The crystalline structure of these various species has been determined via X-ray

. diffraction, using various ethylenediamine complexes of transition metals as cations.

The effect of tetraalkylammonium ions has not been clearly determined yet. It
could be due to'the particular structuring role of this type of ions on the solvent,
and/or to a polarization effect on the anions. In the presence of [N(CH3)4]", 80% of
silicates exist in solution as the double cycles of four silicon atoms ([SigO0]%7).
The addition of Na™ swiftly replaces the cubic units with simple [Si4O,,]*~ cycles.
Transverse bonds between cycles are broken, probably because of the strong affinity
of the solvated Na* for the basic oxygen in the silicaté.

Between pH 3 and pH 9, the neutral Si(OH), is predominant in dilute solution
[2]. Oxolation leads to gels of amorphous ‘hydrated silica’ [SiO;-xH,0}, [4]. In

_ fact, the oxide'itself does not form. A heavily hydrated polymeric gel does instead,

with many terminal Si—OH groups of high acidic character (pK around 2). One
may consider that the gel is made of large-size polyanions which aggregate by
‘secondary’ condensation of silanols from different units.

In the domain of predominance of Si(OH),, around pH 3, condensation is slow. It
is accelerated strongly when the pH of the medium deviates from a value of 3.
Variations in the rate of consumption of monomer reflect the acid or basic catalysis
with the acidity domain {21] (Figure 4.2).

Around pH 7-8, gelation is instantaneous. The catalysis is due to the presence of
[SIO(OH);]) ™. At pH < 2, the presence of [Si(OH)3(OH,)]" accelerates the reaction.

Particles formed in alkaline or acidic media exhibit very different morphologies
{4,21]. At pH>3, the molecular weight of the species in solution increases rapidly
immediately from the onset of the reaction. Chains are highly branched and form a
three-dimentional network leading to spherical particles a few hundred dngstroms
in diameter and formiug particulate gels. At pH <3, molecular weights remain

log V
ir
3_
2._
. 1L— .
A S T N S N S
0 2 4 6 g  pH

Figure 4.2 Rate of dlsappc1rar1ce of the monomer at various pH (Si concentrmon 6g/lin
$i0;,, temperature 20 °C). From [21]
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relatively small throughout the process. Condensation mostly generates oligomers
(a degree of condensation of 2-6) which aggregate and gel slowly, forming diffuse
aggregates of very small particles about S0 A in diameter (polymeric gels). The
influence of medium acidity on the morphology of the particles may be explained
using the previously described mechanism for oxolation catalysis.

It is possible to predict the overall structure of the polymer, considering that, at
an early stage of condensation, a branched chain contains several types of groups:

oH 0 oH

| ! I
HO—S$i— 0" 0=Si~00=5-0-
OH OH OH
A B C

Lel us consider the three different types of groups: Si(OH)3(0X) [A], Si(OH)(OX);
[B] and Si{(OH),(OX), [C], where X represents the rest of the chain of average
chemical composition SIO(OH),. The X group is also a ligand with average electro-
negativity: x(X)= x[SiO(OH),]=2.63. Partial charges on sites A, B and 'C are
given in Table 4.2.

In an alkalinc medium, catalysis involves the first step of the condensation
mechanism, i.e. nucleophilic attack by the anionic forms (or OH™). It can be
seen that the charge on all Si of the growing chain is higher than on the monomer
[6(Si)=0.47}. Thereforc, nuclcophilic attack by silicic anions must take place on
the chain, and preferentially on sites with highest partial charge, i.e. in the middle
of the chain (sites B and C). Condensation creates many nodes, in agreement with
experimental observation.

In an acid medium, catalysis impacts the second step of condensation. Elimination
of the proton in the -ol bridge in the transition state is eased by the protonation of an
OH ligand, which favors formation of the leaving group (aquo ligand). The OH
groups concerned are those located at the ends of chains, which bear the highest
negative partial charge, or even those of the Si(OH)4 monomer. As a result, poorly
crosslinked and poorly condensed chains are formed. Therefore, the morphology of
the particles is heavily dependent upon the conditions of acidity in which condensa-
tion takes place. ’

Particles and polymers may remain dispersed in the medium, forming sols,
or they can agglomeratc and gel more or less rapidly. In general, oxide colloidal
particles cxhibit a stability minimum when the surface charge o is zero (sec

Table 4.2 -

Site X 6(Si) 6(OH)
A 2.64 +0.50 —0.06
B 2.78 +0.58 +0.06
C 2.71 +0.54 0
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Figure 4.3 Gelation time and stability range for ‘silica’ sols as a function of pH. From (4]

“with permission

Chapter 6). The attractive forces between particles (Van der Waals forces) are no
longer compensated for by the repulsion -due to charged surface groups, and the
particles flocculate. When the-acidity of the medium allows existence of a positive
or negative surface charge, collisions between particles caused by Brownian motion
become inefficient. Particles repel each other and the sol is stable. The behavior of

_silica is quite different. Stability is at a maximum at the point of zero charge

(pH=2) because gelation is also the slowest [4] (Figure 4.3).

On either side of pH=2, gelation is faster because acid or base catalysis
accelerates the condensation rate of Si~OH groups between particles. At pH <2,
the surface charge is too small to provide efficient repulsion between particles. At
pH>2, base catalysis of oxolation has the same effect, which is maximum for
pH=6. For pH> 6, the surface charge'is high enough for the sol to remain stable.

(a) Aluminosilicates

Silicon is, after oxygen, -the most abundant element in the earth’s crust, which
explains why soil, rocks, clay and sand are almost entirely made of silicates which
include most metallic elements in extrabrdinarily diverse one-, two- or three-
dimensional crystalline structures. Aluminosilicates are an important class of
materials owing to their properties and their importance in geology, mineralogy,
agronomy, ceramic science, catalysis and many industrial appplications.
Aluminosilicates are also likely to form by condensation of silicate and aluminate
complexes. Silicates can react with many elements, and with aluminum as the
aluminate ion [AI(OH)4] ™ in particular. The aluminate ion has a very low propensity
towards condensation but it can be incorporated easily in polysilicates: silicates
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behave as polymerizable ligands, allowing the formation of mixed compounds, and
aluminum adopts the same letrahedral coordination as silicon in an alkaline medium.
In addition, Al-O-Si—O-Al chains are energetically favored in comparison with
Al-O-Al bonds {95]—there are no direct bonds between AlQ; tetrahedra in natural
aluminosilicates. Mixed polyanions are certainly formed by oxolation belween
aluminate and various silicates [SiO4_, (OH),J“ ™™~ (I < x < 4):

—Si—OH + HO~AI(OH); —— —Si~0-AI(OH); + H,0

The structure of species in solution depends on numerous parameters (pH, tempera-
ture, nature of the cation of the base, Al/Si ratio, etc.) and remains uncertain. The
interpretation of #’Al and *°Si NMR spectra is complicated and uncertain because
of the high lability -of Al1-O-S8i bonds, 2-3 orders of magnitude higher than that
of Si-O-Si bonds [96,97]. In the presence of alkaline cations (Na*, Cs*), the
complexes: [(HO):AlOSi(OH),0Si03H;_,]" "M~ and ((HO)3AlOSiO5H;_J&*+D-
are detected in solution. With tetraalkylammonium cations, cages similar to those
observed in silicatc solution were found with different substitution ratios of silicon
by aluminum.

Depending on the reaction conditions (composition, acidity, temperature, pressure,
elc.), they can lead to the formation of many compounds {6]. The following provides
some structural information on two large classes of aluminosilicates.

¢ Clays are natural compounds formed in geological layers under hydrothermal

conditions. Their structures, which are usually two-dimensional, are based on the -

stacking of sheelts of SiOy4 tetrahedra (Si layers) and AlOg octahedra (Al layers). Van
der Waals forces between the sheels ensure (he stability of the structure. The
organization of the layers may vary. Substitution of Si by Al in the Si layers and/or
of Al by divalent cations [often Mg(lI)] in Al layers gives the network a negative
charge balanced by cations (Na*, K*, H*, Ca®", etc.) located between the sheets
[6,22a,b]. The resultis a very large number of structures and chemical compositions.
For exemple, the sheets of kaolinite Si;OsAl,(OH), and its substituted derivatives
contain one Si layer and one Al layer (Figuré 4.4a). Derivatives of pyrophyllite
Si409Al,(OH), contain an Al layer between two Si layers (Figure 4.4b). Substitu-
tions within Al layers lead to the formation of montmorillonites of generic formula
SiyO;g(Al,_ M2")(OH),, C, where C is the exchangeable hydrated cation, most
likely calcium (Figure 4.4d). If C is sodium, the compounds are called bentonites.
Substitutions within Si laycrs form the beidellites (Sis_.Al)O;9Al,(OH),, C,.
Muscovite (mica) is the compound for which x = | and C=K" (Figure 4.4c).

Substitutions taking place simultaneously in both types of layer lead to
vermiculiles (Sid_.rAlA_)OmM%;,M;_”(OH)v C,_, or to saponites (Si,_,Al, )0 M3*
(OH),, C,. The latter are derivatives of talc SizO;oMg3(OH),. Some of these clays
can swell (montmorillonites, saponites) because water may place itsell between the
sheets and separate them since they are held together by the electrostatic forces of
the solvated exchangeable cations (Figure 4.4d).
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Figure 4.4  Structures of a few clays

e Zeolites are another class of aluminosilicates in which corner-sharing SiO4/AlO,
tetrahedra form giant, very open polyhedral structures (Figure 4.5). Zeolites are
formed via precipitation or hydrothermal synthesis [23a,b,24]. Their synthesis
requires the presence of quaternary ammonium cations or that of crown ether
complexes which act as templiltes and orient the structure. Many crystalline varieties
can be obtained, depending on the composition (Si/Al), the nature of the charge-
balancing cation and the type of complex initially formed in the solution.

The structure of zeolites is characterized by the existence of lzi'rée‘channels
and voids where the charge-balancing cations are located. These cations may be



104 Metal Oxide Chenstry and Synthesis
Sodalite type A

sodalite unit

NagAlzSizO2Cl Na12[Al125i12048}-27H20

>S4 5

Mordenite
NaAlSi5O42-3H,0

ZSM-5  Zeolite Socony Mabil

Figure 4.5 Structure of a [ew 7eolites. These structures are based on corner-sharing SiO,4
and AlOy tetrahedra forming various motifs such as the sodalite unit (6.6 A in diameter)
shaped as a cuboctahedron. This unit contains 2.2 A wide openings on hexagonal faces. The
structure of the zeolite is formed by stacking such cuboctahedra to form small cubic or
hexagonal prismatic voids. These voids may be connected to one another directly (sodalite)
or (hrough prismatic channels (zcolites of type A, for example). The large voids contain the
charge-compensating cations and account for about 20-50% of the total volume of the
crystal. Mordenite, the most silica-rich natural zeolite, contains large parallel channels
formed by cycles of twelve tetrahedra (9.5 A in diameter) and smaller channels (8-tetrahedra
channels) trapping water molecules. The channels are connected by other perpendicular
channels formed by 5- or 6-letrahedra channels. In the ZSM-5 zeolite, a’synthetic zeolite
widely used as a catalyst, the Si/Al ratio is higher than 20. The larger the Si/Al ratio, the
lower is the number of exchangeable cations and the network becomes hydrophobic

exchanged for other cations, and hence the widespread use of zeolites as ion-
exchange materials. H* zeolites play a considerable role as catalysts, particularly in
the cracking of oil because of the large number of acid sites in the structure [23a,24)].
In the dry state, the cavities are able to contain many different molecules. Zeolites
may be used as mofecular sieves for adsorption and separation of gas mixtures.
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‘Because of its electrical charge, the aluminosilicate network is hydrophilic and is
used to dry non-aqueous solvents. The aluminate ion may be removed from the

structure without significant modification of the framework, giving the network a
hydrophobic character. The resulting material is used as a molecular sieve for the
separation of paraffins: linear molecules are adsorbed in the network whereas
branched molecules are excluded from it. '

4.2.2 Sb{V): ANTIMONATES

Antimony(V), always hexacoordinated in solution, exists in an alkaline medium as
[Sb(OH)e} ™. This species is stable as a monomer owing to the weak electrophilic
character of the cation. A calculation gives x = 2.478, §(OH)= —20.21 and
d(Sby=+0.26<0.3.

Acidification of antimonate in solution leads to condensation phenomena
culminating in the formation of polyanions and antimonic acid gels. .

Antimonic polyanions are poorly known. Potentiometry seems to indicate that,
for an acidification ratio H/Sb of 0.6, a species condensed 12 times: is in
equilibrium with the monomer [Sb(OH)s]™ and with the protonated forms: of the
polyanion {25] of unknown nature.

Acidification of potassium antimonate KSb(OH)e in solution by K*/H* jon-
exchange on a resin (in order to avoid an increase in the ionic strength of the
medium) leads immediately to the formation of an opalescent suspension which
becomes clear after about 30 min at room temperature. After about 24 h, a crystal-
line gel of antimonic acid particles HSbO5- 1.5H,0, of pyrochlore structure, is formed
[26,27,28]. The structure contains corner-sharifg SbOg¢ octahedra (Figure 4.6).

The protons of antimonic acid can exchange easily with alkaline cations or the

" silver ion [26,27,29,30]. Ionic conductivity measurements (31,32] show that the

protons are very mobile in the network. A study of the dehydration linked to the
exchange [30], as well as "H NMR of antimonic acid {32], seems to indicate that
exchangeable protons do exist as H3O"-solvated ions within the channels of the
structure, so that the solid may be represented by [H30%][SbO4]7-0.5H,0.
Formation of the solid phase cannot result from an oxolation reaction alone. It
turns out that acidification of antimonate leads to the neutral hydroxo-aquo species
Sb(OH)s(OH;) which can condense by olation {x = 2.60, &Sb)= +0.32, 5(OH) =
—0.10, 6(H,0)= +.O 16]. This form can rapidly lead to amorphous particles of
various sizes, such as entangled polymer chains of corner-sharing oclahedra which
are responsible for the opalescence observed upon acidification. Dlsappeﬁrance
of the opalescence is probably duec to the rearrangement of these species into
smaller-size entities, as indicated by the decrease in molecular weight of the soluble
compounds [28]. Such entities are susceptible to becoming the nuclei of the
crystallized solid. In fact, if the ageing process is halted (through freezing of the
suspension in alcohol, for example), various types of hydrated amorphous antimonic
acid are obtained [33,34].
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Figure 4.6 Pyrochlore structure of antimonic acid. SbOg octahedra are connecled by oxo
bridges (corner sharing). The solvaled protons are distributed in the hexagonal channels of
the structure

Hence, the reaction mechanism in Figure 4.7 is proposed, which explains the
development of the crystaliine structure and the presence of exchangeablc protons
in the nctwork.

The [Sb(OH)S(OHz)]0 specics, which contains one molecule of water only, allows
the formation of small rings of corner-sharing octahedra, rather than the formation
of chains. The smallest units that appear to be at the origin of the final structure are
the Sb(OH)ys rings (species 1). The nucleophilic activity of the hydroxo ligands
(x = 2.635, §(OH)= —0.07) allows these rings to bind, by olation and oxolation, to
(he remaining antimonate (rom the initial amorphous precipitate, and form inter-
mediate compound J1, SbyO,(OH) 6. 1ts topology seems {0 be the most favorable
for the stabilization of rings, which are therefore capped by a fourth octahedron.

At this stage, a condensation by olation is no longer possible. Intermediate
compound 11 may, however, condense by oxolation (x = 2.658, §(0H)= —0.05)
and form a pyrochlore network quite easily. Not all the hydroxo ligands in units 11
are removed during condensation, and the overall chemical formula of the solid is

SbO,(OH). In fact, the hydroxo ligands in the solid are highly acidic: x = 2.819, .

§(OH)= +0.10. Therefore, these ligands have a tendency 10 undergo acid dissocia-
tion when in contact with the hydration water from the solid. The solid is probably:
more accurately described by the formula {H,0%, SbO71-nH,0. Although this
proposed mechanism is speculative, it is simple and logical and does account for the
phenomena observed. 1t must be stressed that both olation and oxolation are
involved in the formation of the hydrated oxide.
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Figure 4.7 Possible reaction mechanism for- the solution synthesis of anlimonic acid
(pyrochlore structure) :

A similar reaction mechanisimn is seen for tin(IV). Hydrated tin oxide is usually
formed by the addition of a base to SnCla solutions [35,36,37] or by acidification of
sodium stannate [38]. In either case, condensation leads to SnO;-nH,0 (cassiterite)
of the rutile-type crystal structure (see Section 3.2.3b).

The essential structural difference between the pyrochlore lattice of antimonate
(corner-sharing MOg octahedra) and the rutile lattice of the stannate (edge and
corner-sharing MOg octahedra) appears to be due to the difference in formal charge
between the two elements. The octahedral coordination of tin(IV) [2] in the neutral
species Sn(OH)4(OH2)2 Jeads to the presence of two waler molecules which allow
the onset of condensation by olation, as in the case of antimony (V). However,
electrostatic repulsions between Sn(1V) cations are smaller than between Sb(V)
cations. Therefore, in the case of tin, SnOg octahedra share edges (double hydroxo
bridges) and tend not to form rings. Chains link up at a later stage by oxolation,
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forming a rutile-type structure. In Section 3.2.3b, we have seen that an anatase
structure of Sn0; is never obtained.

As in the casc of many systems, the morphology of the oxide or oxohydroxide
particles is strongly dependent on the experimental conditions. However, it seems
that small spherical crystalline particles (about 20 A in diameter) are always formed
initially [37,35]. Aggregation and dissolution—crystallization equilibria eventually
lead to a change in morphology (from spheres to short sticks), as well as to higher
crystallinity. .

4.2.3 B(H): BORATES

Boron is a highly electronegative element (x5, = 2.02) which forms a very small
cation B¥ (jonic radius 0.27 A). In aqucous solution, boron exhibits two coordina-
tion modes: tetrahedral in the borate, [B(OH)4) ™, or trigonal in boric acid, B(OH)s.
The pK, of the couple is 9.5 [2]. Both forms are stable as the monomer, the borate
for pH> 11 and boric acid for pH<T.

Contrary to what is usually observed, acidification of the borate leads to a
reduction in coordination number. This is why boric acid acls as a Lewis acid,
behaving as an OH™ acceptor rather than a proton donor:

B(OH), 4+ OH™ —— [B(OH)4]"
or
B(OH); + HZO - [B(OH)A] S+ H:(“)W:Ilcd

One could consider that a walter molecule in the coordination sphere of boric acid
could act as a proton donor:

B(OH),(OH,) + H0 —— (B(OH),)” + H:0"

In fact, "B liquid NMR [39.40] and the structure of the solid [3] show boron Dy,
_symmetry in boric acid. This is why the B(OH); forin is proposed. The decrease in
coordination of boron during acidification in aqueous solution is, to our knowledge,
a phenomenon never observed with any other element. 1t could be due to a 7 donor
effect from the three hydroxo ligands, as in the BX, halogens [41].

The [B(OHy,))™ ion exhibits a T, symmetry. Its MO diagram is shown in Figure
4 8a. The 7 donor character of the ligands is small and the 7 symmetry AOs of the
ligands remain non-bonding [41].

Protonation of the borate forms a H,0 ligand, and causes an increase in the B-O
bond length and a decrease in the symmetry (Tq — Csy). The B(OH);(OH,)
complex is not stable, and water is easily eliminated from the coordination sphere.
Boron is too small to imaintain four-coordination (rpas[ror- = 0.19 < 0.225, the
characteristic value of tetrahedral coordination in the ionic model). In addition, a
switch to Daj, symimetry allows the three hydroxo ligands to establish pz—pr
interactions between the empty p: orbital of boron and an orbital of m symmetry
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Figure 4.8 MO diagram for (a) [B(OH)4) ™ and (b) B(OH);. The diagrams are drawn by
analogy with the diagrams of BX; and BX, respectively. From [41).
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Figure 4.9 Protometric titration curves of borate for various concentrations, showing an
intersection point correspounding to a maximum of condensation. Reproduced from [42]

from each ligand (Figure 2.2). As a result, three strong o bonds (labeled a} and ¢ in
Figure 4.8b) and one 7 bond (labeled a}) are formed. The formation of 7 bonds in
boric acid causes a decrease in the partial charges on boron’ and the hydroxo

* ligands, compared with those derived from ¢ bonds alone. This is probably the

reason why boric acid does not condense in solution or in the solid. (It is also why
the partial charges model cannot be used in a discussion of these species in

“solution).

Polentiometry measurements [42,43] show that the borate and boric species may
co-condense. The acidification ratio of the borate must be between 0 and 1 for both
species to coexist in solution (11 >pH>7). Condensation goes through a maximum
for an intermediate pH value. This is shown by the intersection of the protometric
titration curves [42-44] (Figure 4.9).
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Figure 4.10  Structures of (a) polyborates, (b) boric acid and (c) metaboric acid

Potentiometric mecasurements show that acidification of borate forms, in sequence,
the following specics: a dimer in diluted solution, a tetramer in a concentrated
solution of acidity p = Hjya/B = 1/2 and a trimer (p = 2/3).

For p = 1/2, the formation of the dimer is

[B(OH),]” + B(OH); — (B,0(OH)s]™ + H2O
For a high concentration (= 0.4 moll"'), the dimer itself dimerizes to form the
cyclic tetramer [BJOS(OH)AJZ* (Figure 4.10):
2[B,0(OH)4]” —— (B4Os(OH),J*™ + 3H:0
For a higher acid content (p = 2/3), the trimer is formed:
[B(OH),]” + 2B(OH); — [B303(OH),}” + 2H,0
This species is stable in solution owing to cyclization (Figure 4.10).
For p > 2/3, the system decondenses and the boric acid monomer is predominant

in solution. 1t would seem that, around p = 4/5, condensation proceeds as far as the
pentamer (Figure 4.10):

(B(OH),|” + 4B(OH), —— [BsOs(OH),]” + 6Ha0

The existence of this specics in solution deduced from NMR investigations is still
controversial [39,40]. Its lifetime in solution is probably very short sincc the
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hydrated potassium pentaborate K[BsOg(OH)a}-2H,0 is rapidly hydrolyzed in
solution.

i most condensed boron compounds, the basic structure is a six-membered ring
(three boron atoms and three oxygen atoms) which always contains one or two
tetrahedral borons that form conuections between rings [6] (Figure 4.10).

Cyclization explaius condensation in solution. In the solid, boric acid forms rings
linked together by hydrogen bonds. Since boron adopts a trigonal configuration, a
Jayer structure develops (Figure 4.10b). '

Metaboric acid HBO, forms various crystal structures by dehydration of the trimer
(T>100°C). The orthorhombic form, obtained by quenching, is made of trimer
rings linked by hydrogen bonds in a layered structure (Figure 4.10c). The monoclinic
form is made of chaius {B304(OH)(OHI, in which 3- and 4-coordinated boron
coexist. In the cubic form, BO4 tetrahedra are linked by hydrogen bonds [6].

Metallic polyborates have important industrial applicatior{s: millions of tons
of borax Na;Bs0s(OH)4 8H,0 (tetramer chains linked by hydrogen bonds) are
produced each year. This material is widely used in the synthesis of ceramics, glass
fibers, thermal. insulators, enamels, fire retardants, etc. Boron oxide B,05 (partially
ordered network of B3O5 rings) is used mostly in the fabrication of borosilicate
glasses (Pyrex). Owing to its small thermal expansion coefficient, the resulting glass
exhibits good resistance to thermal shock.

43 TRANSITION METALS FOR WHICH CONDENSATION
LEADS TO AN INCREASE IN COORDINATION NUMBER

In their maximum oxidation state, V(V), Cr(Vl). Mo(V1), W(VI) and Mn(V1l) have
the d? electron coufiguration, carry a high charge and are relatively small. In an
alkaline medium, they exist as tetraoxo [MO4](8_Z)~ monomers [2] (see Section 1.1,
charge—pH diagram). ‘

These complexes condense by protonation, the extent of their condensation being
inversely proportional to their acidity. In the series [VO4]3’, [C1'04]2_, [MnO4] ",
the strength of the conjugated acids [MO3_,.(OH)_,](S'Z"‘)_ increases with the charge
of the cation, and hence the extent of the condensation is decreased (Table 4.3).
Mn(V1]) exists only as the monomer [(MnO4]™. Polarization of the OH group is
extremely high and the MnO;(OH) acid does not exist in diluted solution {2].

For identical formal charges, the degree of condensation increases from Cr(V])
to W(VI). In this series, the strength of the acid decreases,. but the variation in
condensation cannot be justified by this simple fact because the size of the cation
increases, and, moreover, Mo(VI) and more importantly W(V1) donot form condensed
species from the tetrahedral motif [45,46]. '

Fot some transition elements, the transition from 4-coordination to 6-coordination
observed during protonation and condensation may be qualitatively explained by
considering 7 bonding with the ligands (see the case of boron, Section 4.2.3).
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Table 4.3  Characteristics of a few d transition elements of high oxidation state

Form vO3i- CroZ- MnOj MoO2~ woi-
pK 13.2 5.6 (-2) 39 4

) 75 0.8 — 3.9 4
lonic radius (A) 0.56 0.52 0.46 0.62 0.67
RyRo 0.40 0.37 0.33 0.44 0.48
Coordination 4-5-6 4 4 4-6 4-6
Condensation 10 2 1 7-8 7-12

““Ihe radius of Q7" is assumed equal to 1,40 A for the calculation of R/ Ro. The radius of cations is from Shannon and
Prewitt [47).
* . - . . .

Highest degree of condensation of polyanions in aqueous solution.

In their tetraoxo form, d° transition metals may involve their d and p atomic
orbitals in 7 bonds with the oxo ligands. The ligands of e symmetry are the ones
involved, since the t; (d and p) are already involved in ¢ bonds and can only
participate in small overlaps (Figure 4.11) [41,48,49]. 7 bonds can be very strong in
oxoanions, in particular in [MnO4]~ [48,49], owing to the strong polarizing power
of Mn(VIl) caused by its small size and high charge. Therefore, oxo ligands in
[MnO4]™ are not basic and cannot be protonated, even in a strongly acid medium.

With larger and more highly charged d? cations, tetrahedral coordination is still
favored ‘because the antibonding orbitals are empty, but the 7 overlaps are less
pronounced than in the case of Mn(VIl). Therefore, the basic character of the oxo
ligands is stronger. Protonation becomes possible and the formation of hydroxo
ligands further weakens the 7 transfers. Under such conditions, the steric demand of
the largest cations is no longer balanced by sufficiently strong 7 bonds, and a change
in coordination occurs. This change occurs via condensation with the addition of
tetrahedra, or by solvation in a diluted (and/or acidic) medium. The cation acquires
the octahedral coordination of symmetry Oy, Dy, or C4,—even with a single o
system, which has more favorable crystal field stabilization than in coordination 4
with ¢ and 7 bouds. By comparison, the size of Ti(1V) is similar to that of Mo(V])
and W(VI), but its charge is smaller, and therefore it cannot form = bonds, and
formation of the oxo ligand does not occur. Titanium remains in coordination 6 in
the aquo—hydroxo form, which is insoluble in an alkaline medium.

The stage ol protonation for which a change in coordination takes place is a
direct function of the charge and size of the cation, because the basic character
of oxo ligands is inversely proportional to the polarizing strength of the cation.
For V(V), a change from coordination 4 to 6 is observed for H*/V =3 which
corresponds to the species [VO(OH);]O. For Mo(VI]) and W(VI), the coordination
expansion occurs earlier, at | < H* /M <2, which corresponds to [MO3(OH))™ and
{MO,(OH),}" species (sce Section 4.3.2). This explains why W(VI), or very rarely
Mo(VI), does not form condensed species from tetrahedral motifs. Cr(VI) and
Mn(V11) are too small to expand their coordination beyond 4. A change in coordina-
tion would require a cation/oxygen radius ratio close to 0.414, which corresponds
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Figurc'd.11  Molecular orbital diagram for {MnO4)”. From [49]

to the size of octahedral sites in a close-packed stacking of oxygen atoms (Table
4.3). It is probable that the inability of these two elements to exceed coordination 4
1s responsible for their limited solution chemistry.

Extension of cation coordination may take place through two different
mechanisms, according to acidity conditions:

(i) When the acidity of the medium allows the existence of [MO,(OH),J*~ anions,
nucleophilic addition of these protonated moeities may take place by condensation
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MO30H + MO30H

Figurc 4.12 Tetrahedra addition with formation of chains and rings

LV(V), Mo(VD), W(V1)}]. Protonation increases the length and decrcases the 7
character of the M—OH bonds. The mechanism Jleads to cdge-sharing polyhedra and
the formation of rings or chains [50-52) (Figure 4.12).

(it) In the acidity range where zero-charge species are formed, a coordination
increase may take place by solvation, i.e. via the addition of aquo ligands on the
tetrahedral mocitics. Under such conditions, water is a better nucleophilic agent
than the OH ligands on thesc cntities. This mechanism explains the formation of
vanadium and tungstén oxides, as will be discussed in the following sections.

4.3.1 V(V): VANADATES

It is interesting to draw a parallel between the behavior of phosphates and that of
vanadates. The central element has the same formal charge, in a similar tetraoxo
environment. However, whereas phosphates may only condense via thermal
dehydration of the salid [53] (sce Section 2.1), vanadates condense spontancously
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in solution in acid conditions. The diffcrence in the behavior of V(V) and P(V) is
due to the smaller size of phosphorus which increases its polarizing strength.
Therefore, P-O bonds have a higher covalent character than V-0 bonds, and
phosphorus is considerably less electrophilic than vanadium.

(a) Polyanions

The condensation of vanadates is seen very clearly in the shift of proton titration
curves as a function of vanadate concentration [2,5] (Figure 4.13). In addition, the
various stages are clearly differentiated by distinct cquivalent points.

From p = HYjeq/V = 0-1, the shiftin titration curves is such that ApH/A log
C>0 {5]. Condensation occurs and the cquivalent point indicates the formation of
pyrovanadate:

VO 2HT —— [V204]" +Ha0
or

2[VO5(OH)[” — [V204]"" + H20

Monomer, coordination no. 4
N |
p w Pyrovanadate, coordination no. 4
13 +
1t -
Metavanadates,
coordination no. 4 coordination no. 5
gl in solution in solid state KVOg, H20
Yar T=g> ( Decavanadate
X coordination no. 6
5t
3L ‘ Monomer,
coordination no. 6
0.001
1 on
1 1 1
0 1 2 3 H*consumed IV

Figure 4.13 Titration curves of vanadate solutions for various vanadium concentrations.
Reproduced by permission of John Wiley & Sons from {2]
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the same structure in solution and in the
jon (labeled I, 11 and 11l in Figure 4.15a)

ry and Synthesis

solid [56]. Three types of vanadium
are present in the ratios 1/2/2. Their

coordination polyhedra share seven, four and five edges respectively.
Such compact stacking of octahedra creates signiﬁcant.repulsions between

vanadium atoms, which find thcmselves a

ppreciably shifted towards the outside

of the polyanion. v_0O bond lengths vary from 1.60 A (V=Clerminal) 1O 232 A
(V=Ocenrar) (Figure 4.15a). The strong distortion of the coordination polyhedron
causes the poor basic nature of the external oxygens. In water, the most protonated
form of decavanadate is [HZV,OOzg]4~ (cquivalent point H*/V=2.6, Figure 4.13).
In a walcr/acetonitrile mixture (Ect,CN = 36.2), a medium less dissociative than
pure water, it is possible L0 obtain [H3V loOZgP’ [56]. Various protonaled sites have
been identified via X-ray diffraction and polynuclear NMR (‘H, 170, 5'V) [56).
The terminal oxygens of the very short V=0 bonds cannot be protonated. In
[HVIOOZS]S’ the oxygen in ji3 is the most basic and reacts with the proton. As a
result, the V=0 bond is stretched (40.1.A), and an important charge redistribution
occurs in the polyanion, so that subsegtient protonation sites will not be the same
(Figure 4.15b). ;

[HZVI()Ozg]d—— may undergo easy deprotonation and form [Vl0023]6’ by the
addition of sodium hydroxide. The slowness of the equilibria prevents rapid
evolution to the melavanadates [45]).

Upon stronger acidification (H*/V>2.0), [H2V10028]4— does not form the
protonated species that one would expect. Within this acid range, the ApH/Alog €
term is negative (Figure 4.13) and the system decondenses to give the octahedral
vanadic cation [VO,(OHy)al " [2,45):

[HyV100g]" + 14H;0" + 18H0 <= 10[VO2(OH),]"

The intersection of the titration curves at H*/V=2. indicates a maximum of

condensation.

Decondensation of the system in this acidity range may be explained by the
nature of the coordination sphere of V(V) in the monomer. We noted previously
(Section 1.3) that, because of the high polarizing nature of V(V), vanadium appears
to be better stabilized in a dioxo—aquo form [V02(0H2)4]+ involving 7 bonds than
in oxo-hydroxo—agquo [VO(OH)Z(OHZ)3]Jr or hydroxo—-aquo [V(OH)A(OHz)z]+
forms:

OH ’ 0 *
0y ] oH Ol OH;
Yo A
1—120/ | ~oH H,0” | “OHy
OH, OH,

Hence, condensation is inhibited because both oxo groups are involved in very short
V_0 bonds which destroy the nucleophilic character of such ligands, leaving them
poorly basic and not prone to protonation. :
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(b) Solid Phase

During the titration of sodium or ammonium vanadate at a high ionic strength,
no solid phase is formed around H*/V =3 corresponding to the existence of the
zero-charge species. The decavanadate is in equilibrium with the non-condensed
cation [V02(0H2)4]+ and the kinetic phenomena are such that there is a direct
transition from one form to the other [2,50].

However, if a solution acidified at H*/V=3 with a low jonic strength is aged
(acidification taking place via an jon-exchange resin) [57,58], the solution gels ina

few hours if the vanadium concentration is higher than 0.1 mol 17", The vanadium
oxide gel, V,0s5 - nH,0, is made of entangled ribbon-shaped fibers, several thousand
angstroms in length, about 1000 A wide and 10 A thick [59] (Figure 4.16).

The structure of the fbers (Figure 4.17) is very different from that of the
decavanadic polyanion formed immediately after acidification. The oxide is there-
fore not the result of aggregation of polyanions. Rather, it is the result of polyanion
decondensation equilibria during which zero-charge precursors are formed and
removed from the solution via unlimited condensation. In fact, the solid forms only
if acidification takes place in a medium of weak ionic strength favoring weakly
charged species [60].

The formation of V,0s may be explained by considering the zero-charge
monomers [VO(OH)3(OH2)2]0 and [VQZ(OH)(OH2)3]O in equilibrium with the
decavanadate. As soon as they appear in solution, these entities condense by olation
since both hydroxo and aquo ligands are present. The formation of chains is the
result of the structure of the precursors: short V=0 bonds prevent condensation

Figqre 4.16 TEM micrograph of a vanadium oxide gel V,05.nH;0 obtained via
acidification of sodium metavanadate on an ion-exchange resin :
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oxolation oxolation

olatioy

Figure 4.17 Possible formation mechanism of a V,05.nH,0 gel from the neutral precursor
VO(OH):(OH,),

along their axis. Scveral possible chain structures are possible, depending on the

prccursor:
0 0 0
- OH, || OH,
| or, | _OH, | OHy [| OHy
H,0-V-0H + H0ZV—OH —— H,0—Y—~OH—_ZV—0H
W 207‘ O/l O/
OH, Ol OHl, O1l,
olation Type 11
0 0 0
oH || OH
|| OH || OH )| oH |l YT
171207v401—1 + H,0V—OH —— H,0—V—OH—Y—OH
Ho | : 1o~ | o~ | HO
O, OH, OH, OH,
' Type 1

Type 11 chains formed by the dioxo precursor cannol. link tole.ach other. How.ever,
subsequent condensation by oxolation of type I chains stabilizes p,—OH bridges
into j13-0 bridges, leading to the formation of ribbons cqnnecteq by hydrogen
bonds [61] (Figure 4.17). Upon thermal dehydration, V405 crystallizes. . .
This reaction mechanism is oversimplified because gelation of vanadic agd
requires the presence of traces of V(1V), which appear spontancously during
acidification with an ion-exchange resin or with addition of alcohol [58,62]. The
role of V(1V) as a catalyst is not quite clear yet {63]. It may act as an initiator .of the
initial condensation, either by olation of vanadic complexes or in the oxolallon.of
the chains. Indecd, the nucleophilic power of the hydroxo ligands in the species
formed by V(IV), [,VO(OH);,_(OHz)ﬂO, is probably greater than that of the bydroxo
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ligands present in the correponding forms of V(V), because of the smaller formal
charge on the cation.

The conductivity of vanadic gels has both ionic and electronic components. lonic
conductivity stems from the mobility of protons in the water-swollen space between
the sheets, and it occurs in wet gels. Electronic conductivity is due to the mobility
of clectrons between V(IV) and V(V) sites in the lattice, and occurs only in dry gels
[64]. This leads to interesting applications such as the fabrication of antistatic strips
on photographic film, for example [65].

Although qualitative, the proposed mechanism stresses that the formation of
vanadium oxide does not stem from an oxolation reaction alone. This is also true for
other elements [Sn(1V), Sb(V), W(VD), etc.). The formation of solid phases of metal
oxides by precipitation always involves at least one olation step, because oxolation
alone leads only to the forimation of polyanions (see Chapter 2).

{¢) Other Vanadic Polyanions

The decavanadic ion is the largest isopolyanion formed in water by pentavalent
vanadium in the presence of alkali or protons. ‘A change of solvent and/or cation
may allow formation of other species, some of which exhibit very surprising
structures.

We have already discussed the effect that the nature of the solvent and the
presence of some cations, particularly quaternary ammonium cations, have on the
reactivity of many systems. Silicates are one such system. It is also the case for
polyoxometalatés, and in particular polyoxovanadates. Furthermore, the formation
of V(IV)/V(V) mixed-valence polyanions also increases the number of structural
varieties. Recent studies by A. Miiller in Germany and W.G. Klemperer in the
United States, have shown spectacular results in the chemistry of polyoxovanadates.
In the following sections, the synthesis and structure of some of these compounds
arc discussed.

i Vanadium V compounds

After refluxing the decavanadate V10028H, [N(1Bu)4]4 in acetonitrile for 1-2 min, it
is posSible to extract the [CH3CN.VlZO32]4_ anion [66] as a tetraphenylphos-
phonium salt. The compound contains vanadium atoms in pyramidal 5-coordination,
and exhibits a very open ‘basket’ structure holding a molecule of acetonitrile almost
in its entirety (Figure 4.18a).

Prolonged reflux of V10025H3[N(nBu)4]5 in acetonitrile yields a very compact
polyanion [V13034)>~ with a structure based on extremely distorted VOg octahedra
[67] (Figure 4.18b). The structure is reminiscent of Keggin’s description of the
tungstic polyanions (Figure 4.24), but the trivanadic groups and the thirteenth atom
of vanadium form a much more compact two-layer configuration.
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Figure 4.18 (a) Structure of [V,ZOJZI'“ (the vanadium atoms are shown as filled circles).
Reprinted with permission from [66]. Copyright 1989 American Chemical Society from [00].
(b) Structure of [VUOM]J”. Reprinted with pcrmission from [07]). Copyright 1992 American
Chemical Society from [67]

i V(IV) compounds and V(IV)]V(V] mixed-valence compounds

Some V(1V) oxopolyvanadates or some mixed-valence (VAV)IV(V) compounds
formed in agueous solution are a very unique family of compounds. Their
architecture appears to be controlled by a template around which the structure
develops. .

Vanadium(1V) forms lV|8042]'2* from VOSQy in an atkaline medium (pH 14).
Corner- and edge-sharing VOs pyramids form a 4.5 A diameter shallow sphere [68]
(Schlemper’s structure, Figure 4.19a) which traps a water molecule within its
volume. In the structure, V(IV) atoms (dl) are separated by an average of 2.95A
and exhibit antiferromagnetic coupling.

Reduction of KVO3 by hydrazine hydroxide followed by the addition of HCI,
HBr or Hl yiclds the compounds K()[HAV%O;,Z(X)]-IGHZO with X=Cl, Brorl
[69]. The halogen ion is also at the center of the hollow sphere (symmetry is close
1o Da.). The structure is very similar to Schlemper’s (Figure 4.19b). A similar cage
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Figure 4.19 Cage structures of polyoxovanadic ions: (a) v | 2=

19 ) a : O42(H;0 duced

by permission of the American Chemical Society from [I(JBS];;Z (bz) )[]H4V|(;§)ii(()xl;§g_

%TS\’}-BS' & )<]c51 [(H;/E&%n(oNq%]lg*;((d> [V15036(CONT" 3 (€) [VioOar(OFI™™;
2V15044(N2))7 75 (8 ( VA - ission

O B 031 72) 22054 1% () [V340s2] "7 . (Peproduced by permission

[70] §0nlaining a citrate jon also exists in [HV1YVY0,,(NO,))O™ (Figure 4.19¢).
Tfeamllvg \1/205 with LiCO; and later with hydrazine sulfate gives the compound
Li7[Vg V7O36(CO3)]-39HZO. The v,sogg shell (Figure 4.19d) contains the

“carbonate [69].

Partial reduction of NH,VOs by hydrazine sulfate in aqueous solution forms
[v.goﬂ(og{)g]gNH,;.-11Hzo. Twelve octahedra V!VO4 and six tetrahedra VY04
form an ellipsoid surrounding a vVYQ,, tetrahedron which itself shares corners with
four octahedra from the shell [71] (Figure 4.19¢). This compound-heated at 75°C in
aqueous solution in the presence of NEt,BF, and NaN, forms {H VIV Y 0, (NI-
(NEty)s 172] (Figure 4.190). ’ Ve Y0
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The hollow cage has Dy, symmetry and contains the N3 jons. If treated with
NE,CIO, under the same conditions, the V4 compound forms [HV YV 1,04,(ClO,)]
(NEt), [72] (Figure 4.19g). The hollow cage (symmelry D,q) encapsulates the
perchlorate ion. Finally, the reduction of KVO5 at 90°C in an aqueous solution of
hydrazine hydroxide forms K ol V140g2] - 20H,0. Its cage ‘structure contains 30
atoms of vanadium [12V(IV), 18V(V)] in pyramidal 3-coordination, and contains a
(VV0,]0, [73] core (Figure 4.19h).

It is interesting to notc that in these structures the encapsulated anions (Cl0y,
N3, NOjy) are not an integral part of the framework. Their position within the
cavity is controlled by weak interactions with vanadium and oxygen atoms of the
shell, which do not affect the crystalline structure [72). There is no ionocovalent
bond between vanadium and oxygen or between vanadium and nitrogen. In
[H;_V[EOM(N;)]S', the shortest N - - - O distances are 3.05 A.In [HV27_054(C104)](”,
the shortest V - --O(ClO3) distances are 2.96 A.

The [V'YVY0,,(OH),(OH,),(C4HsPO,)g]°~ [74] anion exhibits an even more
interesting structure. The shell contains CgHsPO3 ligands (Figure 4.20) and traps
two CI7, two NH} ions and two water molecules. The jons form a planar cycle
within the cage, and the distance between them are similar to that observed in the
NH,CI lattice. Hydrogen bonds within the cavity appear to make a contribution to
the electrostatic interactions creating the organized structure.

From a strictly topological standpoint, this family of polyoxovanadates (Figure
4.21) illustrates a very peculiar process of molecular organization in inorganic
chemistry. Encapsulation of anions of molecules within shells themselves anjonic in
nature appears to influcnce and control the architecture of the system, and hence the
usc of the terms ‘template’ or ‘guest-host’ supercomplexes, which are reminiscent
of the chemistry of zeolites or of supramolecular organic chemistry [75].

o @& o

Figure 4.20  Structure of [V,4Ozz(OH)A(OHz)z(CGHSPOJ)s]@- (Reproduced by permission
of VCH from [74] ‘ ‘
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Figure 4.21 Simplified polyvanadic structures built b in A
i b S y template effect (lengths in A):

(a) [HaV1502(X)]°" (X=Cl, Br ot 1); (b) [HV 150.(NOy 0 (©), (H;Vig0u(N3)J 3

(d) [HV22054(ClO4)1"™; (€) [V140s55] 0-. Reproduced by permission of VCH from [72}

The causes of this effect are not well understood at this time. This shell type of
str.ucture in which the building block is a pyramid is probably imposed by the large
anions (halogen, nitrate, perchlorate, V4O4). They are likely to combine the weak
repulsion with vanadium-coordinated oxygen and the attraction with the cation
itself. These interactions are possible because of the pyramidal coordination of
vanadium and the frans effect of the terminal V=0 group. This type of structure
does not occur with tungstate and molybdate, since both of them prefer octahedral
coordination.

This architecture is probably possible because V(IV) and V(V) can have several
coordination numbers. This results in strong magnetic and/or electronic coupling
qwing to the presence of V(IV) in d' electron configuration. Although the contribu-
tion of such couplings to the overall energy of the system is small, they may
influence the cohesion of the hollow sphere. This sphefe does not form with V(V)
alone, although this ion can also adopt the same pyramidal geometry as V(IV).

4.3.2 MO(VI): MOLYBDATES: W(VI}: TUNGSTATES

At pH>7, molybdates and tungstates exist in solution as tetraoxo ions MO?2~.
Upon acidification, they form many polyanions [2,45,46]. These are compi‘ex
systems and we shall limit our discussion to a few of the most stable compounds.

Molydbates in solution reach equilibrium much faster than tungstates, which may
take a few days or a'few months at room temperature [45). Thermodynamically
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Figure 4.22 Protomelric titration of [MOO4]2# for different molydenum concentrations.
Reproduced by permission of John Wiley & Sons from [2]

stable tungstates arc formed only after many intermediz{le cgmpounds are formed
146]. In both cases, 6-coordination is reached during acidification. A fe.w polyanions
of Mo(V1) contain both MoO4 tetrahedra and MoQg oclahedra. Polyanions of W{VI)
contain only WOy, octahedra {45,40).

(a) Molybdic Polyanions

A titration curve of a molydbate solution does not exhibit a clear equivalent point, -

only a rather {lat equivalence zone around H* /Mo= .5 [£.15] .(Figure .4.22). This is
due to the presence of many different equilibria and species in solution. .

The predominant species is a heptamolybdate (paramolybdate) formed according
to the following reaction: :

7[MoQg)*™ + 8H" —— [Mo7044)°” +4H,0

This species has been the focus of many studies [46]. No inlen.nediale. compot.md
with 1< n < 7 has been observed. Between .pH 5 and 3, thls4 species coexists
with its protonated forms [HM07024]5~ (pK=4.4), [H,Mo07044]"" (pK=3.5) and
[H3Mo0,024)" (PK=2.5). ’

The paramolybdate structure is an assemblage of edge-shan.ng octahedra
(addition mechanism) (Figure 4.23). One may consider that it derives from the
structure of the decavanadate M;¢Qzg, from which three octahedra would have been
removed [76].
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Figure 4.23  Structure of a few molybdic ions

The composition of more acid solutions (pH 2-3, H"/Mo=1.5) is even more
unclear at this time. Investigations point to a series of protonated heptamolybdates,
or a mixture of hepta- and octamolybdates [MogOZ()]“* [46]). The latter has been
isolated; its stmcture'(ﬂ-[MogOZG]‘_‘—) is also a derivative of the V3045 motif from
which two octahedra would have been removed [76] (Figure 4.23). It is possible to
stabilize an o isomer of the octamolybdate in the presence of tetrabutylammonium.
This polyanion contains a six-atom ring of octahedral molybdenum, capped on each
side by two tetrahedral molydenum atoms (Figure 4.23). The addition of a cation
such as K* triggers oo — [ isomerization probably by solvent structuring effects
[46]. :

In non-aqueous media (DMF, DMSO), acidification of the molybdate forms a
very compact hexa-condensed structure, (MogO,9]*~ (Figure 4.23). This structure is
common to many systems, [W(VYD), Nb(V), Ta(V)] and contains highly deformed
octahedra in which Mo—0 distances can vary greatly: Mo—Orminat 1.68 /BX, Mo-
Opridging 1-93 ix, Mo—Ocengat 2.32 A [46]. The metal atoins are, as is usually the case
in most polyanions, strongly pushed towards the exterior of the structure.

A very large polyanion condensed 36 limes has been observed in a more acid
medium (H*/Mo=1.8) [77] (Figure 4.23). It probably exists in small concentra-
tions only. This polyanion contains two identical Mo, units each made up of
a crown of 11 molybdenumm atoms surrounding a Moy group in which two Mo



128 Metal Oxide Chemistry and Synthesis

atoms have a coordination of 7. Both Mog are connected by four shared oxygen
atoms.

At higher acidification (H"/Mo>2), soluble polycations are formed without the
[ormation of solid phases [78,791. The molybdic hydrates obtained in strong acid
media are described below. Upon the addition of a base, these compounds
decompose rapidly to form the [MOO4]2# monomer.

(b) Tungstic Polyanions

Acidification of tungstatc in an aqueous medium leads to a large number of
polytungstates [45,46}, only two of which arc thermodynamically stable:

e paratungstate B, condensed 12 times and formed at around pH 6
12(WO42 + 14H" —— (H,W1,04]'0 + 6H;0

e o-metatungstate, also condensed 12 times but formed at around pH 4:
12(WO.)" + I18H" —— (HyW 2040 + 8H,0

These two polyanions represeit the final stage of evolution for acidification
HY/W=1.17 and 1.5 respeclively. Paratungstate B crystallizes after 12 days at
room temperature. o-Mctatungstate is completely formed in 15 days at 50°C.

The structure of these compounds (Figure 4.24) contains W30,4 lincar groups
and W40, rings made up of edge-sharing octahedra. These groups share corners:
two lincar groups and (wo rings form paratungstate B; four rings form the
a-metatungstate (Keggin structure) [46,55]. In both cases, tritungstic groups form a
central cavity where two protons fit. These protons have been studied using neutron
diffraction and NMR [46]. They are attached to the most basic oxygen atom, shared
by the three octahedra in the rings (j13-O bridges). In a-metatungstate, it is' not
possible to titrate the protons, and it is also impossible to exchange them with the
solvent [80] since they arc not accessible. The internal protons of the para B are
more accessible and can be exchanged with water [81].

In the structure of c-meta, the four oxygen atoms in p3 bridges form a tetrahedral
cage which may only be occupied by P(V), Si(IV) or Ge(1V) to form Keggin-type
heteropolyanions [45,46]. A few phosphatotungstates are described in Chapter 5.

Both polyanions (para B, a-meta) are the product of a very complex series of
transformations. Somc intermediate compounds have only recently been character-
ized in solution, using 183w and 70 [82,83] NMR. The complexity of the system is
due to the large differences in the reaction kinetics of several equilibria. Some
equilibria are attained in seconds or minutes, whereas others require days or weeks
[45,46]. : '

Acidification of [WO,)?*™ at around pH 6 (H*/ W =1:15; 8H"/7W) forms, very
rapidly, paratungstatc A, [W70241°7: ’

TWOLE + BHY T [Wo Ozl 4 4H20
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Figure 4.24  Structure of a [ew tungstic ions

The crystal structure of the polyanion, obtained from the piperidinium  salt
(CsH,oNH,)sl W7024] [84], is similar to that of the paramolybdate. It has long been
assumed that paratungstate A was an hexatungstate [45]. After a long controversy, it
was established that its most probable form was that of an heptatungstate (84].
Although a hexatungstate [H;;W(,OZZ]S* has recently been identified in solution via -
IR and Raman spectroscopies, and characterized by XRD as a sodium salt, it seems
to be present only in small concentrations [85] (Figure 4.24). This gives an idea of
the number of possible species present in solution within such a narrow acidity
range. It also illustrates the complexily of the equilibria involved.

It is impossible to protonate para A (NMR peaks are stable as a function of pH
(83]), at least until'pH 5.5, after which a transformation into para B occurs. The
mechanism is probably very complex.
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The formation of a-mctatungstate in a more acid medium is not direct either.
It seems o take place after rapid formation of para A, which then transforms
itscll into an unknown specics, the W-metatungstate. This compound would in
turn form the f-metatungstate isomer that would slowly transform into the stable
a-metatungstate. The o and /3 isomers differ by a 120° rotation of one tritungstic
group around the Cj axis (Figure 4. 24).

Tungsten and oxygen NMR investigations of the acidification of para B solutions
{83] show that it adds an additional proton (pK,=4.59) to form [HyW 2042])".
Previously, we described the presence of two protons on j13-O bridges within
the central cavity of the polyanion (sites a). The shift in NMR peak positions with
the pH is very complex. 1t appears that the later protonation sites are predominantly
b-type ji2~O bridges which are internal to the polyanion, as. well as c-type
external sites ;-0 (Figure 4.24). The existence of several protonated isomers
[H3WIZO42]9’ is also a sourcc of speculation. Some carry three internal protons,
with two of these on b sites, which causes the displacement of one of the protons on
13- bridges. The same phenomcenon is observed with the decavanadate (Figure
4.15), in which the sccond and third protonation stages modify all the protonation
sites. Other isomers of [H;W,ZOAZJ()" would carry the third proton in rapid
exchange on external c-type i,-O sites. The conversion from one isomer to another
appears to be limited by the cxchange of the proton between jnternal and external
sites of the polyanion. These species are metastable. They evolve towards an
intermediate compound lacking symmeltry. This specics seems to be a derivative
compound of para B, [I»I7W,,Om]7“. resulting from the elimination of one WQOq
oclahedron from one of the lincar groups [83] (Figure 4.24). This species could be
one of the intermediates rcsponsiblc for the transformation into -melatungstate or
yellow decatungstate [W,(,O;Z] , the only colored isopolytungstate.

The latter is formed in water in more acid conditions (H"/ W > 1.5, pH<2), or in
a weak ionic strength medium and/or in the presence of quaternary ammoniun
cations [45] (Figurc 4.24). The decatungstate is metastable in water and slowly
transforms into a-metatungstate. 1t can be stabilized in a non-aqueous medium
(methanol, DMSO). Acidification of tungstate in methanol leads to a very compact
hexalungstale [W(,O,glz" with a structure similar to that of the molybdate, niobate
or tantalate (Figure 4.24). The addition of water causes rapid transformation into
decatungstate [W,4O3,]%" (the half-reaction time is 8 min at 25°C). The reverse
transformation of decatungstate in methanol is much slower (1,,,=4 days at 35°C).
In mixed solvents (addition of water), both ions are at equilibrium (45,46].

Similarly to vanadates and molybdates, WO, octahedra in polytungstates are
very distorted [46]: in the rings, the W—=O\erminal bond is pamcularly short (1.70 /\)
and the W—OLemral located in frans position is very long (2.26 /\) The cation
is shifted towards the exterior of the polyanion because of the 7 character of the
W-0, bond. This short bond creates a layer of oxygen atoms strongly polarized
towards the inside of the polyanion owing to dm—pm interactions (as in V{30,8).
Hence, oxygen atoms arc poorly basic and limit their protonation. This prevents
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subsequent condensation Vvia elimination of water. One may also consider that, if
condensation were to continue, it would become much more difficult for metal
cations to move in order to reduce any repulsion: no edge sharing would then be
possible. Therefore, the smaller the metal, the easier it is for interactions to relax,
and hence the larger the number of edge-sharing octahedra per polyanion unit:

RV(V) > RMO(Vl) =~ RW(V[)
[V1002s]°” [MogOs)*™ [W1024]°

It is possible for larger tungsten and molybdenum polyanions (o form, such
as ((HyW12040]°" or [M03s0115(H,0)56]*™), but they involve. ‘corner-sharing of
octahedra in order to alleviate electrostatic repulsions between metal cations.

[t is important to stress an important difference between Mo(VI) ‘and W(VI).
There are very few isostructural polymolybdates and polytungstates: the para A
(M7024]°™ and the compact hexa [Mgolg]ZA. Most molybdates are of the cis-dioxo
type (two lerminal oxygens in cis), whercas most tungstates are of the mono-oxo
type (only one terminal oxygen per octahedron). Only the cis-dioxo tungstate (para
A) is unstable compared with the molybdate. It is very difficult to understand this
difference in behavior. Since single M—O bonds have the same length in tungstic
and molybdic polyanions, (1.92 'A), one would think, as Pope [46] speculated, that
better orbital overlap would occur with tungsten, since the reach of the 5d orbital is
larger than that of the 4d. The molybdales could therefore compensate the weakness
of single bonds by an increase in the number of multiple 7 bonds.

The difference in electronic configuration also has interesting consequences
regarding the possible reduction of the metal. The distortion of the WO octahedron
imposes the C4, symmetry in the polyhedron because of the shostening of the W—0,

. bond. This bond is too shost to exhibit o character and' may be considered a double
-7 bond. A simplified molecular orbitals diagram (Figure 4.25) shows that, for this

symmetry, the d, orbital is still non-bonding, whereas in the case of molybdenum
the same orbital is used to create a second 7 bond corresponding to the cis-dioxo
configuration.

It is now easier to understand why the two-clectron reduction is reversible in the
tungstic polyanion: electrons occupy the empty d, orbital. Its non-bonding character
has little influence on the structure. However, in the cis-dioxo configuration, electrons
must place themselves in the available orbitals, which are antibonding, causing
important structural modifications and, in most cases, irreversibility of the reduction
(86,87].

The reversible nature of the reduction in tungstic polyanions gives them an
important role as catalysts. The polyanions ensure electron transfer during redox
reactions in solution. The initial form is regenerated by reoxidation upon exposure
to air [46]. The importance of polyoxometallates in this field is strengthened by
their high Bronsted acidity. The biological activity of some polyoxometallates also
makes them good candidates for medical applications: heteropolyanions (88] are
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Figure 4.25 Simplified molecular orbital diagram for a Ca,, WOs complex in a lungstic
polyanion '

particularly interesting since they form a large and diverse family of compounds. A
study of these compounds, although undoubtedly fascinating, would be beyond the
scope of this book. However, a fcw phosphatotungstic polyanions are described in
Chapter 5.

{c} Solid Phases: Tungstic and Molybdenic Oxides and Hydrateé

The difference in behavior of Mo(V1) and W(V1) in polyanions is also observed in
the solid hydrated phases. The greater versatility of tungsten is reflected in the
larger diversity of its oxides, as nicely shown in work by Figlarz et al. [89,90).
As in the case of the vanadates, ageing or heating of tungstic acid solutions of
weak ionic strength (acidification by resin exchange) leads to the formation of an
opaque solution and of a precipitate after a few hours. For Cw <0.5mol1™", the
pale yellow precipitate is WO,;-2H,0. 1If Cw>0.7 moll~!, it is a dark yellow
WO0;-H,0 [91]. The particles observed look Jike ordered or tactoidal platclets
192,93] (Figure 4.26). These hydrates are also obtained by acidification of NaWO4
with concentrated HCl (HCl=3 mol l’l) (94]. The WO5-2H,0 hydrate precipitateé
at room temperature and WO, -H,0 forms at 100°C. .
Acidification of tungstate on a resin immediately causes formation of the
decatungstate in equilibrium with the octahedral monomer [WO(OH)d(OHZ)]O‘ Only
one molecule of watcr is present in the coordination sphere, in trans position from
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Figure 4.26 SEM micrograph of a tungstic gel of WO5-H;0 formed by acidiﬁcalion of
sodium lungstate on a resin. From {92]

the oxo group. This is different from what happens with the vanadate. Condensation
along this axis is therefore blocked and the only possible reaction is oxolation by
two-dimensional growth and the formation of po—O bridges. The sheets obtained
are piled on top of each other, in a more or less ordered manner, and are bound
together via hydrogen bonds between water molecules and oxo groups on each side
of the tungstic sheets.

MoO5-2H,0 precipitates very slowly, after about 3 weeks, from a solution of
sodium molybdate in concentrated nitric acid (=4 mol1~") at room temperature.
Through dissolution of the hydrate in 12mol 1™’ hydrochloricl'acid, followed by
dilution to 3 mol1™", MoO5-H,O crystallizes. Both hydrates aré made of sheets of
corner-sharing octahedra and are isomorphous of their tungstic homologues [89].
However, their formation is more difficult since more brutal synthesis conditions
are required for octahedra to share corners. This behavior is similar to the behavior
of tungstic and molybdenic polyanions. .

Hydrothermal treatment at 120°C of a tungstic gel, or of a suspension of
WO5-2H,0, forms the hydrate WO;-1/3H,0. Depending on the nature of the
precursor used, it forms either needles or platelets (Figure 4.27) (89,90].

The orthorhombic structure of the hydrate WOs- 1 /3H,0 consists of planes of
corner-sharing octahedra. These planes are slightly offset from one another and
are connected by the corners of some octahedra. Some water molecules are al
the corner of some octahedra (Figure 4.28)..WO5-1/3H,0, stable until 250°C,
dehydrates at higher temperatures to form the hexagonal oxide WOs. Its structure is
similar to that of the hydrate but the planes coincide on top of each other (Figure
4.28). Thercfore, the lattice contains hexagonal channels in which hydrogen or
alkaline atoms can be inserted to form the family of hexagonal bronzes M, WO,
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-

Figure 4.27 WO;-1/3H,0 obtained by hydrothermal synthesis (a) as needles if obtained
from tungstic gel and (b) as octagonal platelets if obtained from WO3-H;0. Reproduced
from [90] Copyright 1989 with permission from Elsevier Science Ltd, The Boulevard,
Langford Lane, Kidlington OX5 1GB, UK

[90]. Chemical intercalation of n-butylLi or naphthaleneLi(Na) is reversible until
x = 1. Beyond this level, insertion forces the oxide to become amorphous.

The pseudomorphous transformation of WO;5-1/3H,0 into hexagonal WO,
preserves the initial particle morphology. Although a direct parental relationship
could be secn between both phascs, the transformation actually takes plaée via
complete reconstruction of the structure [90]. Elimination of water forces the
rearragement of W-0O bonds, but the organization of the bonds is similar in the 001
planes in cach phasc. Therefore, the nucleation energy of the metastable hexagonal
crystal is minimum and oxide nuclei appear first on the 001.plane of the hydrate.
The transformation proceeds via progressive and oriented displacement of the
oxide—hydrate interface. Around 400°C, hexagonal WO, transforms into mono-
clinic WO, (Figure 4.28). This transformation is non-pseudomorphous but it also
takes place via prefercntial orientation of the nucleation of the thermodynamically
stable phase.

Hydrothermal treatment at 110°C of a solution of molybdic acid obtained by
acidification of molybdate on a resin or by dissolution of Mo0Os3-2H,0 also causes
the formation of the hydrate MoOs- 1 /3H,0. Its morphology is different from that
of its tungstic homologue (Figure 4.29) but both are isostructural [94].

On the other hand, dehydration of MoO3-1/3H,0 at 300°C forms the mono-
clinic oxide MoO5. Transformation of MoOj3- | /3H,0 into the monoclinic oxide
proceeds according to a mechanism of preferentially oriented nucleation and
growth. However, in molybdic phases, the common arrangement of Mo-0 bonds is
of the ReOj5 type, which explains why the monoclinic phase of MoQO3; would have
the lowest nucleation cnergy. Nevertheless, this phase is metastable and transforms
at 400°C in the orthorhombic variety (Figure 4.30). In this structure, molybdenum
exhibits the cis-dioxo configuration charactetistic of the stable Mo(VI) polyanions.
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Figure 4.28 Structures of tungstic hydrates and oxides: {(a) WO5-1/3H,0 (001) plane and
connection between 001 planes; (b) hexagonal WO; with one-dimensional channels along

the c axis; (c) hexagonal bronze M, WQOs3; (d) monoclinic WOs; (e) pyrochlore WO; (111
planes)

The difference in behavior between tungstic and molybdic hydrates and oxides
probably stems from a difference in the = interactions in the W-O and Mo-0
bonds [46,90]. .

The effect of the cations on the development of the structureis- clearly seen
with tungsten, which forms, in the presence of Cs* or Rb*, a pyrochlore phase
of tungstic oxide (M,0),W;0¢, with M=Cs", Rb" and 0.3<x<0.5 [90]. The
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Figure 4.29  Particles of MoOj5- 1/3H,0 obtained by hydrothermal synthesis. Reproduced
from [90] Copyright 1989 with permission from Elsevier Science Ltd, The Boulevard,
Langford Lane, Kidlington OX5 1GB, UK

Figure 430 Structure of orthorhombic MoOs

synthesis involves heating an acid (pH 3) solution of sodium tungstate and cesium
or rubidium carbonate at 90°C. Another processing route involves boiling the
carbonate/tungstate solution in polyethylenc glycol with acetic acid [90]. The
reaction is complete after 20 h. Heating paratungstate B (NH4),W 504, - 5H,0 under
similar conditions forms the pyrochlore phase (NH40)o.sWOs. Three-dimensional
channels in the pyrochlore structure allow easy and complete exchange of the
ammonium ions for the protons in an acid medium. The Cs™ and Rb™ ions are
more difficult to exchange because of their size. Contrary to antimonic acid of
similar pyrochlore structure (sce Section 4.2.2), atmospheric water in thie exchanged
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phase WO3-0.5H,0 is very mobile and weakly bound to the electrically neutral
lattice {90]. :

Such examples of condensation of oxo—hydroxo and hydroxo species illustrate
different types of behavior leading either to infinite networks or to discrete species
(polyanions). Two parameters appear to be essential: the size of the cation and its
ability to be a good 7 acceptor. ' '

The latter parameter is a consequence of the ability of an element to involve low-
energy, empty d orbitals in the metal-oxygen bond. Metal-oxygen « bonds in
which the oxygen loses almost entirely its properties as a base are therefore
terminal bonds with no possibility of condensation to oligomers (polyoxoanions).
This behavior is typical of transition metal oxides. For these elements, the size of
the metal ion also limits the condcnsation: the small size of Cr(VI) forbids an
increase in its coordination number.

Elements such as Si(IV), Sn(IV), Ge(IV), Sb(V) and Te(VI), for example,' have
sizes comparable with Mo(VI) and W(VI). However, they cannot form 7 bonds
with oxygen (no termjnal oxygen) since they lack accessible d orbitals. Some
polyoxoanions formed under specific acid conditions may protonate upon increased
acidification, and may increase their condensation by .aggregation or oxolation
between particles. This leads to large chains or planar structures, or even networks
of tetrahedra (Si) or octahedra (Sn, Sb, Te). There is no short M—O bond in the
coordination polyhedron to hinder protonation and condensation. This might be an
opportune time to point out the case of P(V): the presence of the P=0 double bond
decreases the electrophilic character of the cation and prevents its condensation
in solution. In addition, if the oxolation reaction is the only one to occur in
sollition, condensation is always limited and causes the formation of polyacids. The
formation of solid phases is usually the result of a double condensation process,
oxolation and olation.

Although we have stressed the ‘agueous chemistry’ aspect in this chapter, all
condensation processes are influenced by some countercations and by the solvent.
The few examples discussed here show that these factors are likely to open the way
for new synthesis routes for many applications such as the control of the formation
of oligomers by the cationic (or anionic) template effect.
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Complexatidn and Condensation

Up lo this point, hydrolysis and condensation have been analyzed taking into
account the role of aquo, hydroxo and oxo Jigands in the coordination sphere of the
cation. However, some of these ligands can often be substituted by molecules or

' anions from the solution. The modification of the coordination sphere of the cation
can strongly affect its behavior during condensation and precipitation.

Depending on the conditions of acidity and temperature, thermohydrolysis of
hydrochloric or nitric solutions of Ti(1V) leads to the formation of either the rutile or
anatase forms of TiO, (see Section 3.4.2). In a sulfuric medium, anatase is always
obtained, under any experimental condition [1]. Thermohydrolysis of chromium(IIl}
in a perchloric acid solution gives soluble products only, whereas in the presence of
sulfate, sulfate-free Cr;O3 monodisperse particles are obtained [2]. Some anions also
have a significant influence on the size and the morphology of particles of a given
compound (spheres, platelets, needles, elc.), as was nicely shown by Matijevic [3).

The role of anions is very variable because the complexation of a cation can have
varying efficiencies, and may take place al various slages of hydrolysis and
condensation. Anions or molecules possessing electron donor atoms (Lewis bases)
compete with aquo, hydroxo or even 0xo ligands to form the coordination sphere
(inner sphere complexes). The stability of the complex depends on the relative
nucleophilic character of the ligands under given acid—base conditions.

Polydentate molecules or anions (acid—alcohols, polyamines, aminocarboxylates),
strongly bound to the cation by several coordination bonds, are able to form very
stable chelates, in particular with transition metal ions [4]. Such ligands may
replace all others and shield the cation from other reactants. In particular, the cation
becomes almost insensitive to pH variations, in wide acidity ranges, and remains
soluble as a monomer [5,6]. Some strong monodentate ¢ donor ligands (NH3) and

, o/ donors (CN7) play a similar role. These ligands are well known and they are
used very frequently in analytical chemistry in order to prevent precipitation.

Some mono or polydentate anions can affect permanently only part of the
coordination sphere of the cation if they do not prevent hydrolysis and condensation.
Phosphates, chromates, sulfates, carbonates and sometimes chlorides and nitrates
are good examples. They form basic salts in which the complexed anions are an
integral part of the structure of the solid.
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Under certain conditions, particularly in an acid medium, some anions or
molecules are able to form a temporary complex with the cation, at specific stages
of hydrolysis and condensation when the cation 1is in monomeric or oligomeric
form. Even if the anion is not present in the final solid, complexation often guides
the behavior of the purely aquo~hydroxo or oxo—hydroxo form of the cation,
thereby influencing some characteristics of the solid such as structure, morphology
and particle size.

A similar effect is sometimes observed with weakly complexing anions that only
form ion pairs with the cation (outer sphere complexes). Weak electrostatic interac-
tions or steric effects may be responsible for important structural changes such as
those observed in the template effect or in vanadic polyanions (see Section 4.3. lc).
Some cations play a similar role in the construction of anionic cages (silicates,
Section 4.2.1), as they intervene by forming ion pairs and/or causing a particular
structuring effect of the solvent (Section 1.1.3). Examples of these effects are
discussed in the following sections, with the examples of iron and some phosphato-
tungstic polyanions. ‘

If the anions are involved at the end of the condensation process, complexation
takes place on the surface of the particles and therefore acts only on the stability of
the dispersion (sol or flocculate) by affecting the structure of the electrical double
layer (see Part 11). ‘

Examples of the influence of anions on the behavior of metallic elements are
numerous in the literature. In this chapter, we shall briefly describe the role of the
main physicochemical parameéters in cation complexation. We shall give examples
of some of the consequences of complexation on the behavior of cations in solution
and on the characteristics of the resulting products. : '

5.1 COMPLEXATION OF CATIONS

The complexation of an aquo cation in solution by a X"™ species of coordination
number « may be written as

[M(OHZ)N]H +aX'"m —> [MXG(OHz)N_aa](Z»a"H+C!(1H20

The stability of the complex depends on the donor character of the various compet-
ing ligands (Lewis bases). From a purely thermodynamic standpoint, the stability of
~ the complex is characterized by its stability constant Kr:

o
£ IM(OHy) o (X"

The values of these constants have been published [4'—6].
The stability constant of the complex is independent of the equilibria of other
species in solution, and is not always representative of the effective complexation.
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Indeed, anions are Bronsted bases and are likely to protonate, thereby losing their
ability to coordinate the cation. Because of the acidity of the aquo ligand, hydroxo
ligands may be better Lewis bases than the X"~ ligands. Frequently, the acidity of
the medium affects the complexation equilibrium, and the acid—base reactions of
hydroxylation of the cation and protonation of the X"~ anion become side reactions
parasitic to complexation. Therefore, the complexation equilibrium of the cation
must be characterized by an ‘apparent’ or ‘conditional’ constant taking into account
these parasitic reactions {6].

A quantitative analysis of complexation requires knowledge of the thermo-
dynamic constants of all equilibria involved. Some data arc available in the literature
[4-6], but when it comes to the complexation of condensed species, very little data
are in fact available. It is possible, however, to use a simple model in order to
establish simple criteria allowing a qualitative description of the aptitude of a ligand
to coordinate a monomeric or oligomeric cation. "

The complexation of an aquo: metallic cation by a species X (monodentate of
formal charge —1 for simplification purposes) can be written as '

(M(OH, )" + X~

> [MX(OHz)N—I](ZﬁlH + H;0

This problem (see the Appendix, Section A.5) relies on the establishment of criteria
related to the stability of the M—X bond in the complex. The overall approach is
summarized below.

First, the M—X bond must resist ionic dissociation. This means that the ligand X
must be an electron donor (g donor) and therefore that its charge must be greater
(less negative) than —1. This condition is not sufficient because the M—X bond
must also resist protonation of the¥ligand or hydrolysis of the cation. Therefore, the
charge of the protonated ligand must remain negative in the following forms of the
complex: '

[MX(OH,)y_ V" = (MOCH)(OH)(OHy)y ,)©7""

These conditions may be expressed with the criteria 6(X) > —1 and 5(HX) < 0 in
the complex. If introduced in the expression of the average electronegativity of
the complex [MX(OHz)N_I](Z*'H, the criteria are converted (see the Appendix,
Section A.5) into values of average electronegativity, Xpiss and Xiiyq, corresponding

~ respectively to the ionic dissociation of the complex and to its dissociation via

hydrolysis of the cation and protonation of the ligand X:

x(X) < xpiss = XIM(OH,) &,

and
Y(HX) > Xitya = x[M(OH)(OH,) §73""]

The.following is an example applied to the behavior of bidentate anions on Fe(I1I)
as a function of medium acidity. ’
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Table 5.1  Average critical electronegativities for complexation of Fe(Iil)

h . Xllyd PHityg XDiss PHpiss
0 x|[Fe(OH)(OH,)3'] = 2.80 ~19 x|Fe(OHy); "] = 2.90 —4.8
I x[Fe(OH),(OH,)! ] =2.68 % 1.5 x[Fe(OH)(OH,)3" | =280  -19
x|Fe(OH),(OH,)"] = 2.53 x 5.8 x[Fe(OH),(OHy), ] = 2.68 x1.5
x[Fe(OH);] =234 1 X[Fe(OH);(OH)*] =2.53 . x5.8

CHzCOO" H2PO4 HCO3- HSO4~ NO3~ ClO4"

] o | |l o1 ol @ | l‘> X(X‘)
L 1 | ! ool L‘l oy Y (XH)
: CH3COOH H3PO4 HpCO3 'H2$O4 HNO3
. HCIO4

22 2.4 26 238
-« 1 1
pH 14 0

Figure 5.1 Complexation ranges ol the hydrolyzed forms of Fe(lIl)

The overall equilibrium of complexation of iron by a ligand X~ is

[Fe(OH), (OHy),_,|® ™" + X <==> [Fe(OH), X(OH,),_,]* " + 2H,0

The limit values of xnya and xpiss for various hydrolysis ratios are calculated in

Table 5.1.

Figure 5.1 shows the domdms of electronegativity in which the ligands are likely
to complex. the various hydrolyzed forms of iron(Ill). [ClO4]™ can only form a
complex with thc h =0 species of iron. For higher hydrolysis ratios, ionic
dissociation takes place. This indicates that a stable bond can form in solution only
between partners of reasonably similar electronegativity. Complexation of the
cation by [ClO4]~ occurs only in a strongly acid medivm allowing the existence of
the most electronegative cation form, and hence the form most likely to accept the
ligand — cation electron transfer. The A = 0 form of iron can also be complexed by
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nitrate and sulfate ions, but not by the carbonate nor the acetate. Within this acid
range, anions are protonated and these weak acids are eliminated. The complex
is destroyed by hydrolysis. The # =1 form could be complexed by the sulfate
or carbonate ion. The & = 2 form can be complexed ouly by the sulfate and the
carbonate. Both the carbonate and the acetate can form a complex with the & = 3
tform.

The relationship between average electronegativity and pH, applied to xpiss and
Xuyd, allows an estimation of the approximate acidity range of the complexation
range (see the Appendix, Section A.5). The sulfate, as [HSO4]”, will form
complexes with forms h = 0, | and 2 of iron from very acidic media up to pH ~ 3
(Figure 5.1). Above pH 3, [SO4]2_ will react on the /i = 2 and 3 forms of iron.

A generalization of this approach, taking into account the role of medium acidity
on cation hydrolysis and ligand protonation, allows the design of electronegativity -
pH plots which indicate the acidity range in which a cation (or one of its condensed
forms) is likely to form a complex (see the Appendix, Section A.5).

It must be stressed that such diagrams are only qualitative. They allow a deter-
mination of whether or not an anion may act as a ligand, but are of no help in
describing the extent of the reaction, i.e. the amount of cation that has formed the
complex. These diagrams must therefore be handled with extreme caution. They may,
however, be useful, in the absence of thermodynamic data, to take into account
possible complexation phenomena in a solution.

5.2 BASIC SALTS OF ZIRCONIUM(IV)

A few strong complexing ions are able to remain coordinated to the cation throughout
hydrolysis and condensation. They are therefore included in the structures of the
solid. Since these structures include ions other than oxo or hydroxo ions, they
are called ‘basic salts’. In a way, these anions play a role in the formation of the
network since, under similar acid conditions, no solid is formed in their absence.
Most metallic elements form basic salts in nature, such as carbonates, sulfates
and phosphates, which play an important role in mineralogy. A few structurally
interesting zirconium(IV) compounds are discussed below.

In an acid medlum zirconium exists mostly as the polycation [Zr,(OH)g,
(OH,) 4. ‘](8 I+ (see Section 3.2.3). One may consider, in a first approximation,
that this species can form complexes with several anions in solution. The electro-
negativity-pH diagram of the polycation is shown in Figure 5.2.

[Cl1O4]” ions are highly electronegative (x[Cl1O; ] = 2.85) and play no complex-

"ing role within the usual pH range, independently of the coordination.

Complexation by chlorine takes place between pH 5 and il. In acid solution,
both anions behave as counterions of the tetramer units of zirconium (Figure 5.3a).
This is confirmed by XRD, which has shown that crystals of ZrOCIO, - 8H,0 and

- Zr0Cl - 8H,0 are indeed made of {Zr4(OH)g(OH,) )% tetramers and ClO; or CI™
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2 0 2 4 6 8 10 12 1apH

: . 8 -
Figure 5.2 Electronegalivity—pH diagram for the complexation of [Zra(OH)a(OH2)16) v
by monodentale anions (solid lines) or bidentate anjons (dotted lines)

Figure 5.3 Structures of (a) ZrOCl,-8H,0 and (b) Zr(OH)z(NOJ)2-4.7HZO

anions are not directly connected to the polycation {7,8). Thus, when a solution of
ZrOCJ, is heated and refluxed in an acidic medium {pH <2.5), the chlorine ions
are not involved in the formation of monoclinic zirconia (see Section 3.2.3) (9]
However, when amorphous zirconia precipilates at higher pH, significant amounts
of anions are found in the solid [7]. The amount of chlorine ions.retained in the
solid depends on the pH and decreases as the precipilqlion pH incre.ases.. ‘

In a first approximalion, the nitrate ion does not form complexes w1lh‘ Z}rconlupl,
except under highly acidic conditions. ‘Therefore, in moderately acidic media,
zirconium should form the tetramer polycation as in the case of the perchlorate or
the chloride [10]. However, after dissolution of zirconia in concentrated nilric.ac1d,
the basic salt Zr(OH),(NO3)2 - 4.7H,0 crystallizes. Its structure consists of chains of
[Zr(OH)z(OHz)z(NO3)+],. built with Zr in coordination 8 (dodecahedra), lhems#lves
linked by double OH bridges. Each atom of zirconium contains a bidentate nitrate
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group in its coordination sphere (Figure 5.3b). The chains are connected in the solid
via other nitrate ions and via hydrogen bonds with water molecules (11,12].

The sulfate ion is more complexing than the nitrate and forms many basic
salts over a wide pH range (Figure 5.2). In these salts, the various coordinations
of the sulfate lead to networks of varying dimensionality. The basic sulfates of
sirconium exhibit a very large structural diversity depending on the thermohy-
drolysis conditions.

In an acid medium, for the hydrolysis ratio /it =1, the compound Zr,(OH),-
(SO4)3(H;0)4 is obtained. In its structure, sheets contain dimers of Zr in coordina-
tion 8 connected by SOy bridges. Each sulfate group is linked to three dimers. The
double bridges on the dimers ensure conneclivity between sheets [13] (Figure 5.4a).

For a hydrolysis ratio h = 2, hydrated chains of pentagonal bipyramids sharing
two edges are bridged by sulfate groups in the compound Zr(OH),(OH)(SOy) (14]
(Figure 5.4b). Upon elimination of a water molecule, the structure changes. In the
compound Zr(OH)2(SOy), chains of antiprisms connected by edges and tetrahedra
are connected by other sulfate groups [15] (Figure 5.4c).

In a strongly acid medium, around hydrolysis ratio h = 0, sulfates will form

. instead of basic salts. Zr(SOy4), - TH,0, stable at low temperatures, is made of

Z15(11-SO4)2(OH2)8(SO4)2 dimers. The cation is in dodecahedral coordination 8. It
is linked to two bridging and two chelating sulfates [16] (Figure 5.5a).

At room (empemlure' in Zr(SO4), - 4H,0, the chelating sulfate groups become
bridging. The structure includes sheets in which zirconium is in antiprismatic

Figure 5.4 Structures of basic sulfates of zirconium: (a) Zr,(0OH),(SO4)3(OHy)s; (b)
Zr(OH)2(OH)(S04); () Ze(OH)2(SO4)
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Figure 5.5  Structures of some zirconium sulfates: (a) Zr(SO4)2 - THRO; (b) Zr(SOy)2-4HL0;
() Zr(SO4)2-H20

B

connection of chains of bipyramids by
CrO4 octahedra

connection between ZrOg and ZrO7 polyhedra

Figure 5.6 Structures of basic zirconium chromates: (a) ng(OH)IU(CrO‘,)“»2!—120; (b)
ZF(OH)z(CIO4)

coordination 8 [17] (Figure 5.5b). At 100°C, bridging increases at the expense of
hydration: in Z1(S04), - H,0, new sheets are observed -in which zirconium is in
coordination 7 [18] (Figure 5.5¢c). Above 300°C, dehydration is complete and
bridging is maximum in the three-dimensional compound Zr(SOa4)> [18]. _
Various basic salts are also formed by zirconium and chromate. The latter 1s
slightly more complexing than sulfate. The compound Zrg(OH)1o(CrON -2H,0,
formed around h = 1.25, includes chains of [ng(OH)10(Cr04)3]‘(’+ where CrO4
groups are both bridging and chelating [19] (Figure 5.6a). . .
In the solid Zr(OH),(CrOa), sheets of [Zr3(OH)6(CrO4)]f‘"+ include zirconium in
coordination 8 (dodecahedral) and 7 (pentagonal bipyramidal) bound to chromates
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[20] (Figure 5.6b). Both types of zirconium atom are connected with double OH

. bridges, and the sheets are connected by CrOy tetrahedra.

These examples illustrate the gradual structuring role of anions as a function of

- their complexing nature: the C1O, ion has no nucleophilic character and can only

act as the counterion of polycations in solution. The nitrate, in certain circum-
stances, allows opening of a cyclical polycation and the formation of independent
chains. Chains and sheets are obtained with the sulfate and the chromate.

53 COMPLEXATION BY THE PHOSPHATE ANION

The complexing ability of the phosphate ion on metal cations is much more
pronounced than that of the sulfate. The complex stability constants and solubility
products are much higher than with the sulfate [4—6], and phosphate complexation
occurs over the entire accessible pH range.

Complexation of a metallic cation by an oxygenated anion such as the phosphate
or the sulfate ions may be seen as a heterocondensation reaction. There 1s no
fundamental difference between these reactions, which proceed following the same
path of nucleophilic substitution and lead to the formation of oxo M-0O-P(S)

" bridges. In Section 2.2b, we discussed the fact that polyphosphalés and polysulfates

do not form in solution because the electrophilic character of the central element
[P(V) or S(VD)] is too weak. This is due to the high formal charge and the small size
of the element, leading to extreme polarization of the oxygen atoms. In addition to
the four o bonds in the tetrahedron, these elements form 7 bonds with oxygen.
These bonds are made possible; in the Ty symimetry, by the overlap of the 2p,
orbitals ‘of oxygen with the 3d (d;2,dx2-y2) orbitals of the phosphorous or the
sulfur [21,22]. Chlorine in the perchlorate ion is in the same situation. For boron,
the energy difference between the 2p and 3d orbitals of the cation is too large for
bonds to ocecur in [B(OH)4)™ (Section 4.2.3).

The formation of a system of  electrons in the tetrahedron decreases the partial
charge of the central element, as well as that of the oxo ligands, compared with a o
system. They do not exhibit basic characteristics. However, hydroxo ligands of the
anion can be'sufficiently nucleophilic to bond to a cation. The nucleophilic character
of the hydroxo ligands depends on the number of 7 bonds in the tetrahedron, i.e. on
the formal charge of the element. The formation of complexes and of basic salts
may therefore be understood as a condensation of bridging anions

PO,_(OH)]O9 o [SOs(OH)J"™"

with cations more or less hydrated. Depending on the pH of the medium, this
reaction will be an olation or an oxolation, and the principles of condensation may
be applied directly to complexation by polydentate oxygenated anions. Since there
isonly one bond in the POy tetrahedron, instead of two in the SO4 tetrahedron, the
nucleophilic character of the phosphate is superior to that of the sulfate. The ability
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of the phosphate to form complexes is therefore greater. Moreov'er, [he.phosphale
can be tri- or tetracoordinated, whereas the sulfate is generally dicoordinated. For
these reasons, phosphates are a very diverse family of minerals. The same reasoning
explains why [CIO4) 7, which has almost no basic and nucleophilic cha.raclf_:rs,
almost never forms any complex. Conversely, the absence of a 7 bond in SiO4
allows the silicates to condense by themselves and to constitute, with many other
metal cations, a family of compounds even more diverse than the phosphates (see
Section 4.2, aluminosilicates). .

In the following section, we describe a few compounds formed with the phos-
phate and elements of increasing formal charge (Zr(1V), Sb(V), W(.VI)]. All these
elements can be strongly complexed by the phosphate, but the formation pf extended
networks requires at least one step of condensation by olation (see Section 2.2). As
in the case of oxo—hydroxo forms of cations, oxolation alone between complexes
jeads to heteropolyanions. This is observed in the case of high formal charge
elements such as Sb(V) and W(VI).

§.3.1 ZIRCONIUM

The acid phosphate of zirconium Zr(HPO,), - H20, written a-ZrP, has attracted
attention because of its lamellar structure (Figure 5.7). This type of framework
gives the material some ion exchange properties as well as the possibility of inter-
calation of various molecules [23]. . 5 »
Figure 5.2 shows that the phosphate can complex zircon'ufm over the entire pH
range. The addition of zirconium to phosphoric acid in solution [with PO4/Zr =2

Figure 5.7 Structure of a-Zr(HPO,),- H;0
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to prevent the presence of basic salts Ze(OH) (HPO,);-y/2] forms a gel. The quasi-
amorphous particles of the gel crystallize after reflux in concentrated phosphoric
acid {23].

The phosphate in the network allows the formation of planes in which the
zirconium is in ¢oordination 6 owing to six phosphate bridging ligands, each POy
being coordinated to three metal ions (Figure 5.7).

Neutron diffraction shows that each phosphoric tetrahedron includes an OH
bond {24]. Therefore, it is the [HPO4]2_ form that is involved in the formation of
the solid, which may be thought of as being formed by precursors of the type
[Zr(HPO,;)Z(OHz)X]O condensing by olation. Cohesion between the planes is due
to hydrogen bonds between the POH groups and the water molecules present
between the sheets [25]. The interlayer cohesion is rather strong but also allows

swelling of the material in aqueous solution, as in the case of vanadium gels

and contrary to what happens in the case of antimonic acid gels whose framework
is three-dimensional (see Section 4.1.3). The protons can be exchanged by various
cations (alkalis in particular), but Zr(HPOy), - H,O 1s a poor proton conductor
(=2 x 107> Qcm™! at 300 K) owing to the localization of the proton in the structure
[26]. In the slightly more hydrated phases [Zr(HPO,), - 3.6H,0], the mobility of
protons is increased by the swelling and the solvation, and the conductivity increases
(=2 x 103 Qem~! at 300K). It remains inferior to that of antimonic acid
(=5 x 1073 Qem—! at 300 K) [26] in which the protons are highly mobile because
they are not localized (see Section 4.1.3).

Similar structures are formed by FIf(IV) and other tetravalent elements such as
Ti(1V), Ge(IV),.Sn(IV) or Pb(1V) (23]. Their stability in water is reduced because
M-0-P bridges are prone to hydrolysis. Ce(1V) phosphate of similar stoichiometry
appears to form a different (unknown) structure, and the material is fibrous rather
than lamellayr {27].

5.3.2 ANTIMONATE

Complexation of antimony(V) by phosphates leads, within some composition
ranges, o the opposite effect to that observed with zirconium: the formation of a
network is avoided, but phosphatoantimonic polyanions are formed. The presence
of phosphate in the coordination sphere of antimony no longer allows the presence
of water. Therefore, condensation by oxolation alone is limited. In fact, the
phosphate acts as a stabilizing or depolymerizing agent.

The addition of phosphoric acid to freshly made antimonic acid (see Section
4.1.3) prevents precipitation of the pyrochlore phase and allows stabilization of
phosphatoantimonic high polymers as sols [28]. Incorporation of phosphates in the
high polymers alters their crystal structure [29] and leads to a significant reduction
in their size and Eluanli[y, {0 the benefit of phosphatoantimonic polyanions. The
ratio P/Sb = 0.5 is the threshold for the existence of high potymers in solution. The
composition and degree of condensation of the polyanions are functions of the pH
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{0)

Figure 5.8 Configurations of phosphaLoamimonic anions: (a) [Sb3(OH)1102 (PODI
formed at ptl > 7; (b) [Sbﬁ(OH)2005(PO4H)3]6— formed at pH < 4. From [30] and [31]

3

of the medium. Between pH 9 and 7, a trimer of composition P/Sb = 0.33 forms,
and at pH < 4, a hexamer of composition P/Sb = 0.5 [30,31). Probable configura-
tions of these polyanions are shown in Figure 5.8.

The formation of basic phosphatoanlimonic salts is possible under very energetic
synthesis conditions. In a highly concentrated phosphate medium, (85% H3POu),
the HSb(PO4)2-xH20 acid is formed [32]. Its structure is close to that of a-ZrP
[33], because the presence of Sb(V) instead of Zr(1V) increases the polarization of
oxygen by the cation and decreases the electrostatic charge on the anionic sheets.
Hydrogen bonds between sheets are also weaker and the material swells more than
a-ZrP in water.

In the solid state, potassium phosphatoantimonates are formed by calcination of
mixtures of KNO3, Sb20s, and NH,H,PO, for 2-3 days at lempéralures ranging
from 900 to 1000°C [34-36). The structures of the compounds K:sSbsO12(PO4)2
and K4Sb304(PO4), are shown in Figure 5.9. The corresponding'phosphatoz\mi—
monic acids arc obtained by K*/H"' exchange in an acid medium [33].

It is interesting to note that the depolymerizing role of the phosphate occurs
during solution synthesis as well as in the solid state. In solution, an increase
in phosphate concentration causes the formation of* polyanions. In the solid, it
decreases the functionality of the compounds. In HsSbsO1,(PO4)a, H3Sb306(PO4)2,
(Figure 5.9) and in HSb(POy), (Figure 5.7), where the phosphate content increases
(P/Sb =04, 0.66, 2), the degree of connectivity of the SbOg decreases gradually.
In the latter compound, as in a-ZrP, isolated SbO,, octahedra are only connected via
PO, tetrahedra. The same effect is observed in’Ti(IV) phosphates [23].

The lamellar phosphaloantimonic acids have good potential as catalysts because
of their high acidity and the possible intercalation of various molecules between the
sheets [33]. :

5.3.3 TUNGSTATES

Many anionic species, silicates, germanates, arsenates, borates and, in particular,
phosphates can be incorporated in the structure of polyanions of high formal charge
transition elements (see Section 4.2). They can form heleropolyoxoanions [37,38].
The phosphate is the heteroanion that forms the largest variety of compounds’ with
Mo(V1), W(VD and V(V). Phosphatotungstates are interesting because the presence
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(a) . : (b)

- o ' . .
I<1g(,;u[r3e6]5.9 Structure of (a) KsSbsO12(PO4), and (b) K3Sb306(PO4); from data in [34]
an :

of the phosphate increases the number of possible structures of the isopolyanions.
These structures have been studied by 31p and '8W NMR, and some have been
examined by XRD.

As with many other iso- and heteropolyoxometallates, phosphatotungstates
contain fragments made of edge-sharing WO, octahedra. These fragments are
connected by corners-sharing octahedra in many different ways. The WOg octahedra
are always highly distorted. The length of the W-O bonds varies from 2.4 A (3
bridging oxygen) to 1.7A (terminal oxygen). The short bond, which has the
character of a multiple bond, decreases the basicity of oxygen so that it cannot
accept a proton. This limits the ability of octahedra to share edges and prevents the
formation of large compact entities (see Section 4.3.2). In the more stable species,
the PO, tetrahedron is most often tetracoordinated. The P-O distances are usually
identical in the tetrahedron and vary from 1510 L6A.

Many factors are involved in the solution equibria (see Section 4.3.2): the acidity
of the medium, the nature of the acid, stoichiometry P/W, concentration, tempera-
ture and the nature of the solvent and of the cations. In addition, polyanions are very
labile and frequently lead to isomers. As a result, their chemistry is extremely
complex, and the variety of species formed is so large that many have not been
identified yet. Therefore, it is difficult to follow their transformations, but it is
possible to attempt to describe the topology of the system.

Most phosphatotungstates belong to three structural types. The first type is that of
the Keggin polyanion a-[PW|2040]3_ [39] (Figure 5.10). Its structure is analogous to
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Figure 5.10  Structure of (a) a—[PW,ZOm]“* (Keggin structure) and derivatives (b)
a—[PWHO]L)]L and (c) Acy-[PW9034]9', {a') v isomer of Keggin’s polyanion (two W30713
groups have rotated 60°). From [37] by permission. (d) Vacancy compound [PW 10016l ™
Reprinted with permission from [42]. Copyright 1981 American Chemical Society

that of ce-metatungstate {H,W ,2040]6* (Figure 4.24), but the central cage is occupied
by the phosphoric tetrahedron linked on each corner to the four oxygen atoms in ji3
of the cage. The polyanion is formed by the addition of excess phosphoric acid to
sodium tungstate Na, WO, dissolved in hot water, after the addition of hydrochloric
acid. Crystallization occurs upon cooling of the sotution [38a].

There are five possible isomers of the Keggin a-polyanion, created by a /3
rotation of 1, 2, 3 or 4 tritungstic groups and forming the 3, v, 6 and € isomer
respectively. The c form is the most stable because the cation—cation repulsions are
minimized and the dw—pm overlap is favored [37]. The ~y isomer is rare and the ¢
form is unknown [the Al3 polycation (Figure 3.5) represents the € isomer where the
four M;0,5 groups have turned; the broadened 2’ Al NMR signal indicates the strong
distortion of the environment of cations owing to edge sharing between trimetallic
groups in the polycation].

a—[PWnOw]}* is very soluble in water. However, its stability range is limited
(pH < 1). Itis converted into a vacancy compound upon.loss of tungsten atoms. It
is also parent to a family of heteropolyanions of similar structure to Keggin’s. By
alkalinization, it leads rapidly and irreversibly to the following species [40]:

a-[PW1204)> " == a-[PW, O]~ == Ac-[PWyO34)””
ey [HPO,)? + (WO
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Figure 5.11  Structure of the [P2W5023]6' anion. Reproduced with permission from [42].
Copyright 1981 American Chemical Society

Their structures (Figure 5.10) have been obtained for the most part from investiga-
tions in solution [40] as well as from 3'p NMR [41]. All species can be synthesized
by direct acidification of mixtures of tungstate and phosphate ions [40].

The treatment of tungstic acid by cesiuim hydroxide followed by neutralization of
the solution up to pH 7 by phosphoric acid leads to the compound CsgP2WsO2s
with the very surprising structure shown in Figure 5.11. It is made of a ring of edge-
sharing WOg octahedra, except for two of them which share only corners. The
phosphoric tetrahedra are tricoordinated [42]. Heated in water at 100°C, this
compound rapidly forms the [PW 10O36) "~ ion (Figure 5.10) which derives from
Keggin's structure by a 7/3 rotation of two tritungstic groups and the removal of
(wo octahedra [42]. These structural modifications reveal the great complexity
of .equilibria in solution and stress the importance of the nature of the cation. In
the presence of sodium or potassium instead of cesium, the synthesis leads to
[PW9034]9*;'The second structural type is that of the a-[Pzw,go@_]ﬁ* polyanion
(Dawson’s structure) [43,44] formed by connecting two a-PWg units by the corners
of octahedra (Figure 5.12). It is obtained by refluxing sodium tungstate in the

_ presence of excess phosphoric acid. In the 8 isomer, one polar group W30O,3 has

rotated by 60° [45,47]. Both isomers can be separated by fractional crystallization
of the ammonium salts [38b]. '

After alkalinization, a-P,W g forms a series of vacancy compounds through
elimination of polar octahedra [46] (Figure 5.12):

a-[P2W13062]6_ == a‘[PZWHOGl]lO#
> a—[P2W15056]l2ﬁ e [HPO;‘]A + [WO4]27.

After the loss of equatorial and polar octahedra, a—[P2W1706,]’0" forms [H,Po W2
Oug)'?~ (Figure 5.12). In a lithium acelate/acetic acid buffer solution and in the
presence of potassium ions exclusively, this ion causes the formation of crystals of
Kszi5H7PgW4golg4 [47] In fact, [PngOGl]lO* and [H7PgW4gO|84]33- ions form
simultaneously during acidification of a-P,W,, following a series of complex
equilibria involving several species and isomerization.
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Figure 5.12 Structures of (a) a—[PzwlgO(,z](" (Dawlszon’s structure) and of 1l2h—e vacancy
compounds (b) a-[P;W170611'%7, () a-[PaW150s] *~, (@) (HoP,W 2043 " and (€)
[P3W430|34]40' (potassium ions within the crown are shown as ellipsoids). Reprinted with
permission from [47]. Copyright 1985 American Chemical Society :

The cyclical structure of [H7PBW430134]33‘ (Figure 5.12) is formed by the
connection of four P;W 5 units. The cycle contains eight potassium cations located
at varying distances (2.7-3.1 A) from internal oxygens. The remaining charge of.[he
cation is compensated by K* and Li* located outside the crown. The polycation
does not form only in the presence of potassium ions, but also in the presence
of other alkalis (K™, Li*). Potassium ions can therefore play a key role in the
synthesis. The phenomenon seems analogous to what is observed for polyvanadic
cages (see Section 4.3.1¢), and it is possible that its formation is due to a template
effect. . .

The Preyssler anion [NaPSWmOHO]M‘ is another example of a phosphatotungs%lc
cage [48,49] (Figure 5.13). The cycle contains a Na™ ion appearing to be essen?ml
to its formation. It is statistically distributed on two sites on the Cs axis of the ring
(Figure 5.13). Both sites are separated by 2.5 A and can be occupied simultaneously
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Figure 5.13  (a) Structure of [NuPSWJOO”U]M'. (b) PW 05, fragment shown parallel to
the Cs axis. The arrows perpe'ndicular to the Cs axis indicate the planes where sodium is
tocated within the crown. Reprinted with permission {rom [49]. Copyright 1985 American
Cheimnical Society

by sodium only. The sodium ion cannot be exchanged by protons but may be
exchanged by calcium after heat treatment at 120°C for scveral hours. This anion
appears to be a by product of the synthesis of P,W g [48].

The third type of phosphatotungstic compound is the polyanion [(HeP,W21074)87.
Its structure derives from P,W g by the insertion of three 6-coordinated atoms of
tungsten between the two PWy halves [50] (Figure 5.14a).

The three internal oxygen atoms in the equatorial plane and separated by 2.40A
interact and create a disorder in the positions of the three tungsten atoms to which
they are connected (Figure 5.14b). One of these atoms (W) is pushed out towards
the outside of the polyanion and is coordinated to an internal oxygen atom that in
fact belongs to a water molecule. The protons undergo slow exchange with the

- solvent and form hydrogen bonds with the two other oxygen atoms in the same
_plane [50]. Each of the two other turigsten atoms in the equatorial plane carry one

coordination water molecule so that the global formula of the compound is
[P;W4,07,(0Hy)3]% . :

The polyanion is formed by acidification of a-KgPWqOs34 or K;PW, 039 with
the stoichiometric amount of tungstate [38¢,40,50]. The presence of potassium or
rubidium is necessary [46]. The polyanion is stable in an acid medium (pH < 2) but
degrades at higher pH into- [PaWo0070(0OH),)!%~ and [P, W 9060(OH)]™ [40].
Their structure derives from P,;W,, by elimination of one and later two tungsten
atoms joining the two PWy halves (Figure 5.14).

In P, Wy ions, one of the PWo groups undergoes a rotation of 60 ° (Figures 5.14c
and d). The ions are also unique because coordinated water molecules are located in
trans-dioxo configuration on the tungsten atoms [40,51}. One of these ions (Figure
5.14c) behaves as a tetradentate ligand of transition elements such as. Co', with
cobalt occupying the tungsten vacancy [40}. Owing to its structure, the other
‘isomer’ does not form complexes with metal ions.
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Figure 5.14 (a) Structure of the polyanion [P2W2|O7|(OH2)3]6 gnd (b') a.rrafngsmil;;otr)ll
tungsten and oxygen atoms and water molecules near the equatorial plé)nfi 0 ‘[O-e,;nd (dj
From [50] b}/ permission. Structure of vacancy compounds (c?d[}’zwzoozjo( d_zgz] e”;liSSion
(P2 W120072] 4= (e) Proposed structure for [PaW1904se(OHDI . Reproduced by p

of Conseil National de la Recherche du Canada from 140}

[P2W|9069(OH;)]'4' is the product of the alkalinization of PZ.V.Vzo at af'ou.nd pH:"l
[52,40] or the acidification at a pH slightly lowet than 7 of a b(?nlmg, stonchlomeln ic
mixture of tungstate and phosphate in the presence of potassium [52}. Thf.: 108 1lsl
poorly stable (it decomposes as PW ;) but 1101.1ethele.ss forms complexes with Co
[52]). Like the other polyanions in this series, it requires the presence of pol.assnum
to form. Since there is only one junction tungsten atom (Figure 5.14e), the presence
of these cations within the polyanion allows the structure to be stable by keeping

i the polyanion open [53].
botphirjlzl\;/;, (l)liere aF;e Z few phgsphate-rich phosphatoztou_ngstates such as [Psvl\/zLBQ;g-
(OH)J]ZO— (541, [P4W14058]l2ﬁ (54,55], [P6W18079] {54} and [P4W3040] [56]
(Figure 5.15). .
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Figure 5.15 Structures. of (a) [P5W,3075(OH)3]20' (from [54] by permission) (b)
lP4W14053112_ (reprinted with permission from {55]. Copyright 1988 American Chemical
Society), () [P()ngow]m” (from [54] by permission) and (d) (PaWgOuol'?™ (reproduced
from [56] by permission)

These polyanions are formed in concentrated solutions of mixtures of Na, WO,
and Na,HPO, (ratio 3/1), acidified with acetic or perchloric acid in various
solvents. Their structure is based on edge- and corner-sharing distorted octahedra
and does not seem to be related to any of the previously described families.
Although it is always possible to identify fragments of Keggin structure in these
structures, they contain different tetra- or tricoordinated phosphoric groups.

. These examples of phosphatotungstic polyanions are a good illustration of the
structural diversity caused by a tri- or tetrabridging ion such as the phosphate. Like
antimonates in solution, the phosphate does not form networks because it forms
complexes of high formal charge cations, which condense exclusively by oxolation.
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Figure 5.19 TEM micrograph of thermohydrolysis products at 75°C of KCr(SOa);
(@ x 104 mol 17!, initial pH 3.7, final pH 3.3). Reproduced by permission of Academic Press
from {2b]) :

particles form later at the expense of the veil. The particles are sulfate-free and have
a narrow size distribution. The complexing role of the sulfate towards chromium is
therefore only temporary.

The potential precursors of a solid phase are the zero-charge complexes
[CrOH)(SO.OH,);5]°, [Cr(OH),(HSO,)(OH),]° and [Cr(OH)3(OH,)5]°. The
sulfated complexes are stable (x:'2.653,6(804)= —1.25,8(HSO4) = —0.97) and
may condense by olation, with a maximum functionality of 1 or 2, to form linear

" polymers. As they entangle, they form the filamentous veil. In polymers such as
[Cr(OH)(SO4)(0H,),]Y (which contains p,—OH bridges) and [Cr(OH),(HSO,)1°

i

(which contains 2u;—OH bridges):

o, ,0 o, ,OH
/S\ /S\
o, ,0 -0, ,0
"'OH‘—/Cr\-OH‘“ "'OH—/Cr\—OH'“
H,0 OH, -+HO OH--

x =2.688 8(SO,) =-1.18 x =2.745 S(HSO,) =-0.73

complexation of chromium by the sulfate must remain effective, as shown by the
partial charge on the sulfate tigands.

As the polymers precipitate, the chromium concentration in the solution
decreases, and most notably the concentration in [Cr(OH);(OHz)J]O, which becomes
unable to form the oxide by homogeneous nucleation. Heterogenous nucleation may
therefore take place. It occurs by reaction with the sulfated polymers but requires
elimination of the sulfate. Indeed, taking as an example the dimer produced by such
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a reaction -

OH OH

o_ 0, 00_| oHn,

/S\ / r\ /Cr\ :

0 O] oH | oH, ;
OH, OH

‘a HSO, ligand [x = 2.597,6(HSOy4) = —1.11] loses its ability to form a complex

(6§ < —1). The sulfate is gradually removed during dissolution and the crystal-
lization of sulfate-free oxide nuclei takes place on the surface of the polymer. The
initial precipitation of the sulfated polymers allows regulation of the nucleation
of the oxide by limiting the quahtity of soluble species. The growth of the nuclei
takes place in a uniform and isotropic manner and results in the formation of
monodisperse, spherical particles. -

5.5.2 IRON OXIDE

When particles of the same oxide can exhibit various morphologies, this is
frequently the result of temporary complexation. Matijevic (3,60,73,76,78] has
described these phenomena. An excellent example are the various morphologies of
hematite (a-Fe,04) particles formed by thermohydrolysis of acid solutions of
chlorides, nitrates or ferric perchlorates [60] or of alkaline solutions of iron chelates
with triethanolamine [78a,b] (Figure 5.20). Additional examples are shown in
Figures 2.12 and 2.13.

As a rule, it is difficult to predict the effects of experunental conditions (pH,
temperature, concentration, type of anion, etc.) on the morphology of the particles,
because the factors that most strongly influence the preferential growth of one crystal
face rather than another are difficult to comprehend. The photographs in Figure 5.20
show that a-Fe,04 particles are increasingly anisotropic as the complexing nature
of the anion increases.

It seems that complexation plays a role both during the nucleation step (regulation
of the amount and pature of the precursors in solution) as well as during the growth
stage. Since the oxide is free of complexing anions, it is likely that complexation
takes place only on the surface of the particles (see Chapter 7). The most complexed
faces must be less able to attach additional matter during growth, which results in
these faces being larger than the less complexed ones.

Thermohydrolysis of ferric chloride solutions causes the formation of acicular

' particles of [-FeOOH initially (see Section 5.4.1). Al iron concentrations of

2% 1072-4 x 1072 mol 1™, they slowly transform by dissolution-crystallization
into spherical or ellipsoidal particles of «-Fe,05 [61,70] (Figures 5.20, 5.21 and
2.12). The chloride ions are not complexing enough to cause préferential orientia-
tion during the growth of the highly anisotropic particles. The size and morphology
of the hematite particles are more dependent upon the size and aggregation of the
initial particles of 4-FeOOH which act as substrates for heterogeneous nucleatjon
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Fioure 5.20 «a-Fe,0s particles formed by the thermohydrolysis of acidic solutions of Fe(I1l)
(I§O°C, pH 0.5—2;) ijnplhe presence of ions (a) C1I7, (b) ClO_‘,', ©) NO; and (d) H,PO;, z(\)nd
by the thermohydrolysis of alkaline solutions of Fe(lll)~-triethanolamine che;lales (250°C,
NaOH 1.2 mol 171 in media (e) C1O] and H,0, and (f) NO3 and CH,COO™. Reproduced
by permission of E. Malijevic

[70]. At a high chloride concentration, iron complexation must be too impor.lan.l and
the recrystallization equilibria of hematite are.no longer involved. Akaganeite 18 the
only phase obtained during ageing of the solutions [61). .

In the presence of nitrates, hematite forms according to a different process.

Thermohydrolysis first forms goethite a-FeOOH which subsequently induces -

crystallization of the remaining iron as hematite: after 3h at 100°C for soluliohns
containing 2 x 1072 mol 17! Fe(NO3) and 5 x 1072 mol ™' HNOs, goethite
represents 48% of the solid, whereas there is only 8% left after 32h when iron
has almost completely precipitated [61b]. The particles are about 0.5 um lon.g
and 0.3 um wide, with an aspect ratio of 1.6. Electron diffraction confirms their

composite nature. Towards the extremities, the diffraction pattern corresponds o
monocrystalline hematite, whereas the pattern for the center of the particle shows
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Figure 5.21 Formation steps of spherical particles of «-Fe,O3 by the thermohydrolysis
“at 100°C. of FeCly solutions (0.02 mol 1™": (a) onset of turbidity (8-FeOOH); (b) after 5h;
(c) after 1 day; (d) after 2 days. Reproduced from [6!] by permission

goethite hematite

_ growth directions

Figure 5.22  Anisotropic growth of hematite on a goethite nucleus. From [61b)]

additional spots due to goethite [61b]. Thermohydrolyis under similar conditions
but for more diluted solutions (6 X 1072 mot 1™ yields hematite exclusively, but
the particles are heterogeneous in shape. The ellipsoidal morphology of hematite
does seem to be the result of a template effect caused by the goethite formed
originally. Heterogeneous nucleation and growth of hematite take place on an oblong
nucleus of goethite (Figure 5.22).

A similar mechanism is probably responsible for the formation of the doubly
ellipsoidal particles of hematite seen in Figure 2.12d. The large initial particles of
[3-FeOOH act as a substrate for recrystallization by heterogeneous nucleation.
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Tea Ex

Figure 5.23} Formation steps of ellipsoidal particles of a-Fe,05 by the lhermohlydro]ysis at
100°C of FeCly solutions (0.02 mol 17" containing KH,PO,4 (4.5 x 10~* mol1™"): (a) onsel
of turbidity (8-FeOOH); (b) alter 2 days; (c) after 4 days; (d) after 6 days. From [61] by
permission ) :

Hematite forms at the expense of J-FeOOH but the dissolution—crystallization
equilibria are not able completely to resorb the akageneite in the presence of a high
concentration of chlorides [70}. ,

The anisotropy of the hematite particles is more pronounced in the presence of
phosphate (Figure 5.23). The aspect ratio reaches 6 (Figure 5.23d) and increases
with increasing phosphate concentration [61,71].

The process also starts with the formation of #-FeOOH particles, but the growth
of a-Fe,05 particles during dissolution—crystallization is limited by adsorption of
the phosphate. Cancellation of the surface charge (Chapter 7) causes aggregation of
the particles in a direction parallel to their long axis. Aggregation, which causes
interactions between surfaces and their desolvation, as well as medium acidity are
factors favoring the slow desorption of the phosphate. This causes the recrystal-
lization of tactoidal polycrystalline aggregates into monocrystals [61a,b]. The
monodisperse characteristics of a-Fe,05 particles obtained from aggregation
phenomena remain difficult to explain.

A complexing ion such as the citrate also allows, in small concentration (Cit/Fe
< 0.1 mol%) the formation of hematite particles. The particles are obtained by
thermohydrolysis of ferric chloride solutions and exhibit a well-controlled cubic
morphology [79]. However, because the citrate forms stable and charged iron .chclatves,
high citrate concentrations cause the dissolution of the hematite particles [80,81}.
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5.5.3 ZINC OXIDE

Control of the morphology of oxide particles depends on the kinetics of formation
of the zero-charge precurors, i.e. on the hydrolysis and condensation steps. The
nature and the amount of complexing cations in the solution are also important. For
elements of charge +11I and 41V, kinetic control is attained by thermohydrolysis or
forced hydrolysis. In this process, cation hydrolysis is carried out by water itself
through an increase in temperature (see Section 1.4) in order to obtain a negative
change in the free enthapy of the reaction. For elements of formal charge -+11 in an

‘acid medium, the temperature required to obtain deprotonation of the aquo cation

would be too high. Control of the kinetics of the reaction can be achieved through
generation of controlled amounts of a base into the medium, or through the slow
release of metal cations in a basic solution (see Section 2.3). This can be done by
thermal decomposition of compounds like urea, formamide [76] or soluble metallic
chelates in an alkaline medium (Figure 5.20). The production of zinc oxide particles
by thermal decomposition of hexamethylenetetramine complexes is an example: of
the technique [82] (Figure 5.24d).

7ZnO wiirtzite is obtained as prisms and needles. In the presence of a strongly
complexing ligand such as hexamethylenetetramine, the chloride or nitrate ions

na

Figure 5.24 Change in the morphology of ZnO single crystals formed in a solution of
Zn(NO3), (0.05 mol1™") and hexamethylenetetramine (0.05 mol 17') heated at 100°C: (a)
onset of turbidity; (b) after 3 min; (c) after 7 min; (d) after 30 min. Reproduced from [82]
with permission ' -
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from the initial salt have very little influence on the characteristics of the particles.
Both morphologies can be obtained in similar concentration and temperature
conditions, and therefore they are probably strongly affected by kinetic factors only
[82]. It is interesting to point out that spheres are formed at the beginning of
thermohydrolysis (Figure 5.24a). They aggregate and appear to coalesce to form
embryos of elongated crystals (Figures 5.24b and c). These embryos grow by
dissolution-crystallization (Figure 5.24d). Under slow kinetic conditions (low
temperatures, in particular), prismatic particles with clearly defined faces are
favored at the expense of cylindrical acicular particles. Some prisms formed by
thermohydrolysis at 830 °C transform into needles after heating at 100°C.

5.6 SYNTHESIS OF POLYMETALLIC OXIDES

Using several examples, we have established that rigorous control of the chemistry
of cations in solution permits the modification of the characteristics of the final
products. When several cations are involved, problems are far more complicated
because polycondensation of different elements can only take place if several
specific conditions are met simultaneously. From a thermodynamic point of view,
mixed compounds should be more stable than the compounds formed by each of the
cations. From a kinetic point of view, the mixed phase must form at least as rapidly
as the phases formed by each cation. Each cation must also have similar condensa-
tion rates. Incorporation of several elements in one network, without bringing in
high activation energies since the reactions occur at low temperatures, imposes
criteria on size, coordination and charges that are probably more stringent than a
high temperature dry process would impose.

Coprecipitation of different cations sometimes leads to the thermodyanically
stable mixed oxide, or to metastable mixed phases. It also often leads to segregation
of metallic clements in separate phases. The activation energy required for crystal-
lization of the mixed phase must be provided by heat treatment, as in the classical
routes of solid state chemistry. However; there are a few advantages to working
in solution. Precipitation most likely would produce nanometer-size particles.
Small-size powders tend to make homogeneous mixtures, and the particles are very
reactive owing to their large surface area. Even if the synthesis per se requires heat
treatment, lower temperatures and lower processing times are usually required
compared with the use of micrometer-size powders. In addition, grinding of coarse
powders is avoided, which also prevents contamination issues.

The complexation of cations in solution plays an important role in the synthesis
of polymetallic oxides. It can allow an adjustment in the reactivity of different

elements via a modification of their coordination sphere or, more simply, by bringing-

together cations in complexes.
This would ease the formation of mixed oxide phases during hydrolysis and
condensation. A few examples are described below.
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Figure 5.25 Spinel structure. A, B and C are conventional designations of the oxygen
planes

5.6.1 SPINEL FERRITES AB;04

The spinel structure A"B",0, (Figure 5.25) is formed by many pairs of elements
A and B [83]. The structure is called normal or inverse, depending on whether the
divalent cations occupy the tetrahedral sites or some octahedral sites of the oxygen
f.c.c. network, respectively (see Section 3.5). This type of oxide usually exhibits
interesting ferrimagnetic properties resulting from antiferromagnetic coupling
between the magnetic moments of the ions on the tetrahedral and octahedral
sublattices [84]. These materials are used as a magnetic recording medium.
Magnetite Fe;0, is easily formed by coprecipitation of ferric and ferrous ions in
stoichiometric ratio (see’ Section 3.5). Although Fe>* and Fe”™ have very different
acid—base characteristics [85], the spinel is formed almost immediately upon
coprecipitation by a base [86, 87]. We have seen that electron delocalization
plays a role in favoring the spinel structure and seems (o be the ‘catalyst’ in the
crystallization process. Electron transfer also appears to be involved in other
preparalion routes of magnetite: oxidation of ferrous hydroxide gels in an alkaline
medium by air or nitrate ions [88,89], adsorption and reaction of ferrous ions
on lepidocrocite 7-FeOOH [90] or maghemite -Fe,O3 [91] and adsorption of
ferric ions on m'agnelile_. itself 192] (see Chapter 9). The required presence of
divalent and trivalent cations in the formation of the spinel structure explains
why maghemite y-Fe,O3, whose structure contains only ferric ions, cannot be
formed by a direct precipitation route. -Fe,O3 can be obtained under various
experimental conditions from oxidation of magnetite (see Chapter 9). It can also
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be obtained by reduction with hydrogen from hematite, followed by reoxidation
[93]. This technique offers the advantage of preserving the morphology of the
hematite particles, which allows the fabrication of acicular particles of high
coercive field, particularly useful in magnetic recording media. However, these
particles exhibit microstructural defects (mosaic crystals, porosity) which affect
their performance. '

The synthesis of M''Fe,Q, ferrites by coprecipitation of Fe® ™, Co®*, Ni2™*
or Mn®** ions is possible within the 50-100°C temperature range (94-97].
Crystallization of the spinel is not immediate as in the case of Fe?*. It involves
dissolution—recrystallization processes {rom a poorly organized or amorphous
precipitate consisting of hydroxides of the bivalent cation and ferric hydroxyhy-
droxide {96,97]. The lack of electron mobility between Co**, Mn®* or Ni?* and
Fe>* . owing to the redox potential of Fe’* /Fe?™ being inferior to that of
M”/M“, is probably responsible for the slow crystallization.

Coprecipitation of ferric ions and divalent jons such as Mg?™, Cd**, Zn** and
Pb** does not lead to the spinel structure, but to M(OH), and the oxyhydroxide
FeOOH (98]. The synthesis of the spinel requires heat treatment of the correspond-
ing hydroxides or carbonates. Spinel ferrites partially replaced with divalent
elements are prepared indirectly by precipitation of Fe?™ and M?™ as hydroxides,
followed by oxidation of the suspension at 65°C in air {99-103]. The stoichio-
metric phases are never obtained, however, except in the case of zinc. Precise
conditions of acidity and composition (M? +/Fe”) must be chosen in order to
prevent precipitation of hydroxides or basic salts of the divalent element and
formation of 'the oxyhydroxide a-FFeOOH.

Replacement of Fe?* by Cr>™" in the octahedral sublattice of the inverse spinel
structure cannot be achieved during coprecipitation of Fe®*, Fe** and Cr> . It may
be achieved by forming a gel containing a mixture of the hydroxides M(OH); in an
alkaline medium. The mixed oxide Cr,Fe,_Os is precipitated by hydrothermal
treatiment of the gel, followed by heat treatment around 400°C under hydrogen
{104]. The chromium present in the starting gel is not entirely incorporated in the
ferrite particles. The chromium content seems to be a function of the heat teatment
time of the gel. This is probably due to the difference in crystallization kinetics
between iron oxides and chromium oxides, which might cause heterogeneities in
the composition of the spinel. A similar chrome-substituted ferrite is formed from
thermal decomposition of the mixed oxalate complex (NH3);3{Fe;_,Cr,(C204)3])3-
H,0O {105-107). Low-temperature reduction of the solid solution (Fe,_,Cr,);03
under hydrogen forms the mixed spinel.

The difficulties in synthesizing the mixed spinel seem related to both thermo-
dynamic and kinetic issues. Hydroxides (and/or basic salts) of divalent elements are
more stable than the ferrite at low temperatures. The large reactivity™ difference
between iron and chromium explains the rapid crystallization of iron oxides or

oxyhydroxides compared with the chromium compounds, as well as the segregation -

of both elements. : :
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Figure 5.26 Structure of barium hexalerrite BaFe ,0,9. R and S blocks with an asterisk
have rotated by 180° around the ¢ axis

5.6.2 HEXAGONAL FERRITES BaFeq,01g

Hexagonal ferrites (or hexaferrites) are magnetic oxides containing several blocks
in their structure [62,108]. The BaFe;,0,, structure (Figure. 5.26) contains blocks
of half unit cell of spinel (blocks S) connected to blocks containing three layers of
h.c.p. oxides (blocks R). These blocks do not belong to a’particular structural type.
They simply link the S blocks together. In other types of hexagonal ferrites, T
blocks containing four layers of h.c.p. oxides also act as links between S blocks.
Changing the stacking sequence of two or three types of block leads to an entire
family of hexaferrites, the most simple of which is BaFe;20,.

In these structures, iron is in coordination 4 and 6 in the spinel blocks, and in
coordination S and 6 in the R blocks (Figure 5.26). These compounds are ferri-
magnetic. In BaFe ,0,9, magnetization is unaxial and parallel to the ¢ axis of the
unit cell. The high magnetocrystalline anisotropy of hexaferrites is responsible
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for their high remanent magnetization and high coercivity, i.e. high resistance to
demagnetization. These materials are used in the fabrication of permanent magnets
[109]. '

Conventional synthesis of BaFe ;0,9 requires a high temperature (1100°C)
reaction between iron oxide and barium carbonate. The material is shaped
after grinding and sintering at 1200°C. This process causes the creation of many
defects in the stoichiometry or in the stacking sequence. It also -causes local
precipitation of Fe,O3 which decreases the coercive forces [109]. To avoid such
problems, it is possible to synthesize the material at lower temperatures from
solutions.

Coprecipitation of ferric chloride in excess NaOH and in the presence of barium
carbonate forms a mixture of mixed hydroxides and basic carbonates which,
upon calcination at 710°C, form the barium ferrite. The magnetic properties are
optimized by subsequent heat treament at 950°C. This method produces platelet-
shaped particles with an average size of 0.3 pm [110]. Another technique involves
oxidation of ferrous oxalate by hydrogen peroxide in the presence of excess oxalic
acid. The addition of barium carbonate (Ba/Fe = 1/12) forms.mixed complexes of
Fe3* and Ba’™. The complexes are destroyed in an alkaline medium (carbonate
buffer) and form a mixed hydroxide gel. The hexaferrite crystallizes as circular
platelets after heat-treatment at 700°C [110].

The easy magnetization axis of the platelets is perpendicular to the large faces.

Micrometer-size (0.1-0.3 um) particles allow the fabrication of high-density
storage materials which use the vertical component of the magnetic field of
the recording head. For longitudinal recording, acicular particles with the easy
magnetization axis parallel to the axis of the needle are more suitable, but this
morphology is not frequently found in hexaferrites. An indirect technique can be
used to obtain such materials starting from acicular particles of goethite a-FeOOH.
A gel of these particles is treated with barium ethoxide Ba(C,HsO), in alcohol.
Elimination of the alcohol upon reaction of the alkoxide with the hydroxyl groups
on the surface of goethite causes adsorption of the barium. Upon heat treatiment,
barium diffuses inside the particles and crystallization of hexaferrite occurs at
750°C, preserving the morphology of the starting particles {110,11 1].

5.6.3 PEROVSKITE OXIDES ABO;

Many compounds of perovskite structure (Figure 5.27) exhibit intersting ferro- or
piezoelectric properties. They are widely used in the fabrication of multilayer
ceramic capacitors (BaTiO;, PbTiOs, PbZr;_ Ti, 05, PbFeg sNbgsOs, etc.) [112].
Some perovskites such as PbZrg.sTigsO3 and (Pby_ LaZryTiy_y)1-403 exhibit
electro-optic properties used in the modulation of light by an electric field. LiNbO3
exhibits non-linear optical properties [113].

Traditional synthesis of BaTiO3 and of many other titanates involves grinding
and calcination above 1000°C of titanium oxide and barium carbonate [112,114].
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Figure 5.27 Perovskite structure ABO;

The main difficulty is in avoiding the formation of the very stable pyrochlore phase,
which lowers the dielectric performance of the material. This is why many
parameters such as the stoichiometry of the mixture, the method and duration of
grinding (i.e. the particle size) and the duration and temperature of heat treatment
are involved in the process. Abrasion of the grinding medium causes unavoidable
contamination. High sintering temperatures require the use of expensive heating
elements, palladium for example, in the fabrication of capacitors. Although some
improvements have been made in solid state synthesis [114], other methods based
on coprecipitation of titanium and parium now allow the synthesis of the perovskite
phase at much lower temperatures, with higher purity and as small particles. It is
possible to fabricate thin films for capacitors simply by depositing the suspension or
the gel on the metal electrode. The small particle size allows sintering at lower
temperatures with inexpensive copper or nickel electrodes.

A possible synthesis route is the formation of mixed titanium-barium complexes
such as oxalates or citrates [115,1 16]. These anions are able to form complexes
with many metal cations, allowing their simultaneous dissolution and homogenous
precipitation at the molecular scale. A mixed citrate BaTi(CglisO7)3- 6H,0
crystallizes by the acidification at pH < 2.6 of a solution of both citrates, at any
stoichiometry {116]. Thermal decomposition of the compound leads, after many
steps, to the formation of BaTiO; between 600 and 700°C. It is interesting to note
that the pyrolysis forms barium carbonate at 360°C and a BaCO3-TiO, mixture
around 500°C (identified by XRD and TGA). This shows that barium titanate does
not crystallize directly upon heat treatment of the coprecipitate, but that the stable
phases (barium carbonate and titanum oxide) form first. The perovskite appears by
solid state reaction at 700°C, a temperature well below that required when coarse
powders are used, and without the formation of the pyrochlore. The decrease in
crystallization temperature is due to the reactivity of the particles, allowing diffusion
over a shorter distance.

It is also possible to synthesize BaTiO3 in ‘soft’ conditions by heating aqueous
supensions of Ba(OH); and TiO; at 90°C [117]. The reaction takes place only with
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fine powders of anatase (7 mz/g) or titanium oxide B (72 mz/g). The B variety is
obtained by treatment of K,T1,0q in an acid medium, followed by heat treatment at
500°C [118] (see Section 3.4.2). Conversion of TiO, B into barium titanate is
complete after 24 h at 90°C. It is only 50% complete with TiO, anatase and 15%
with rutile under the same conditions. Similar results are obtained under hydro-
thermal synthesis (250°C, 3.5MPa). Crydtallization of the titanate occurs by
reaction of the barium on the surface of the TiO, particles. Conversion of the oxide
requires diffusion of the barium through the titanate layer, and the reaction is much
faster if the oxide particles have a less stable crystalline structure and a large sur{ace
area, therefore if they are small [117,119).

Many other perovskites are also prepared from organometallic precursors
such as TI{OR),, Zr{OR),4, Nb(OR)s and Ba(OR),, Sr{OR),, where R is an aliphatic
hydrocarbon [120]. A stoichiometric mixture of barium and titanium atkoxides in
alcoholic or benzenic solution is first refluxed (= 90 °C) and hydrolyzed with water.
The titanate precipitates as 50-150 A particles. Refluxing alkoxides leads, upon
elimination of ether R,O, to oxoalkoxide clusters where Ba—~O~Ti bonds are stable
towards hydrolysis. Hydrolysis occurs in order to eliminate the organic ligands
located on the outside of the clusters and to facilitate their condensation. Crystalliza-
tion of the material occurs at the synthesis temperature.

Since alkoxides of low formal charge metals are highly condensed and therefore
poorly reactive, the synthesis of many perovskites (titanium, zirconium, niobium,
barium, strontium or lead) can take place by hydrolysis of the alkoxide by an
aqueous suspension of hydroxide (Ba, Sr) [121] or by an aqueous solution of a lead
complex such as the acetate [122]. Iron is introduced as acetylacetonate in the
case of PbFey sNbysO; [123]). The calcination temperature varies with the nature
of the metallic cation. 1t must be adjusted if the formation of undesirable phases
is possible, such as the pyrochlore phase in the case of PbMgg 13Nbg O3 and
PbZr,_,Ti,O5 [122]. A fast ramp rate prevents or minimizes its formation.

5.6.4 SUPERCONDUCTING CUPRATES

The crystal structure of high T, (90K) superconducting cuprates is based on a
perovskite lattice with an orthorohombic distortion [124] (Figure 5.28). In the
various families of these compounds, copper ions exhibit various coordinations:
four planar—square, five pyramidal, six octahedral. In all cases the four bonds in the
perovskite layers are shorter that the Cu-O bonds between layers.

The most studied phase, YBa,Cu;O;_,, can be synthesized using traditional
ceramic processing by calcination of barium carbonate, yttrium oxide and copper
oxide. Because of the stability of the barium and since the reaction takes place by
diffusion in the solid state, temperatures of the order of 950°C and reaction times
of at least 48 hh are required in order to obtain well-crystallized phases. The main
difficulty is to obtain a dense powder allowing high critical currents. Sintering at
temperatures ranging from 900 to 950°C causes grain growth without densification.
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LapCuO4 YBayCuz07° Bi2SrpCaCu0gys

Figure 5.28 Structures of three copper-based superconductors .

As a result, grain boundaries seriously alter the superconducting properties owing to
the penetration of magnetic flux between the grains [125]).

These difficulties call for a technique allowing a decrease in the processing
temperature. This can be achieved starting from mixtures of the elements in
solution. Two routes can be used: coprecipitation and’fast drying of solutions.
The superconducting phases are obtained, depending on which route was chosen,
between 650 and §50°C. However, the advantage of these techniques——forming
small particles to improve the homogeneity and reactivity of the compounds-—is a
major problem because the small size decreases the Meissner effect. It is necessary
eventually to sinter the particles and therefore to use high temperatures. The
advantages of the processing route are therefore somewhat lost because of the poor
properties of the material. There is, however, still an advantage in the synthesis of
thin film for electronic applications. The coprecipitate or initial gel is deposited
on an MgO, SrTiO; or ZrO, substrate. The crystallization temperature of the film
prevents strong interactions with the substrate and diffusion of impurities along
grain boundaries. However, film/substrate interactions can texture the sample,
i.e. align the particles so that the ¢ axis of the perovskite is perpendicular to the
substrate. This allows an increase in critical current density and improves the
properties of the material [125].

Coprecipitation of yttrium, copper and barium is most often done with carboxy-
lates (citrates, oxalates, acetates) from solutions of nitrates. Control of the pH,
temperature and concentration make the precipitation as quantitative as possible in
order to preserve the stoichiometry of the mixture [126-129]. Long-chain carboxy-
lates (2-ethylhexanoate, neodecanoate) ensure the solubility of metals in volatile
solvents such as xylene or xylene—pyridine mixtures, in order to make drying at
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low temperatures (150 °C) possible on various substrates [130—-132]., Chelation of
metal cations by ethyleneglycol [133] produces viscous solutions able to form films.

The formation of the perovskite phase requires heat treatment of the precipitate
or gel. The organic components are removed between 200 and 400°C and the
metallic elements segregate as oxides (Y,03, CuO) and carbonate Ba,COs5. Since
the small size of the particles causes short-range heterogeneities only, crystallization
of the perovskite occurs around 850- 900°C" [134,135]. These methods are
interesting in the fabrication of thin textured films.

No truly superconducting film can be processed below 900°C because of the
poor reactivity of the intermediate phases. Also, the heat treatment time must be
kept below 20 min in order to prevent diffusion of impurities between the film and
the substrate. The use of carbon-free reactants prevents the formation of carbonates
and decreases heat treatment times.

A mixture of nitrates in solution can be sprayed directly on a hot substrate
(200°C), subsequently heated at 800°C and reheated (for a few minutes) around
900°C. This technique was applied to the synthesis of YBa,Cu;O; [136-139],
Bi,(Sr, Ca);Cu,04 (135,140] and T1,Bay,CayCuyOp [135].

The presence of carbon can also be prevented by precipitating the hydroxides at a
high pH around 60°C, which decreases the solubility of the hydroxides, and most
notably barium hydroxide. The hydroxides are then decomposed at 600 °C and form
YBa,Cu;0¢ ., around 850°C [141] Heat treatment at 920°C allows sintering of
the ceramic.

The examples shown in this chapter illustrate the important role of anions in the
condensation and precipitation of cations in solution. The choice of anion must
be made carefully in order to synthesize the chosen phase and in order to obtain
particles of the chosen structure or morphology. Complexation does not play as clear
arole in the synthesis of polymetallic oxides. Indeed, heterocondensation in solution
does not always allow the formation of mixed solids. Judicious use of complexation
reactions may allow the control of both the functionality and the electrophilic
character of the cations through a modification of the coordination sphere.
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Appendix to Part 1

Partial Charges Model and
Applications to
Aqueous Chemistry

The acid-base properties of an aguo complex stem from the polarization of the
coordination water (see Chapter 1). The reactivity of complexes in nucleophilic
reactions such as ligand exchange and condensation is mostly controlled by the
polarity of the bonds (see Chapter 2). In order to predict the likelihood of a reaction,
it is useful to know the electronic density distribution in the chemical entity, which
is given by the ‘partial’ charges on individual atoms.

Many attempts have been made at developing such a model, but no method is
completely satisfactory because it is impossible to measure the charge on an atom.
The isomeric displacement measured in Mdssbauer spectroscopy depends on the
environment of the atom, but only the density of ‘s’ electrons is involved since they
are the only ones to have a probability of presence on the nucleus. Although some
interesting correlations have been made between the isomeric displacement of an
atom and its effective charge calculated from [1], Mdssbauer spectroscopy does not
allow a calculation of absolute charges on atoms. The same is true of NMR. The
chemical shift measured depends on all the magnetic fields imposed on the nucleus,
not only on those of electrons near the nucleus involved in the bonding. XPS or
ESCA do.not give a direct measurement of the atomic charges either.

Ab initio calculations of molecular wave functions are possible only for small,
simple molecules. The relationship between the dipolar moment and the ionic
character of the bonds seemns like a direct method to estimate the charge distribution
on atoms, using bond length and geometry. Things are somewhat more complicated,
however, since the ionic moments of the bonds are only one of the contributions of
the- molecular dipole moment. Differences in atom size and dipole moments of free
pairs must also be taken into account.

The partizil charges model [2], based on Sanderson’s principle {3] of electro-
negativity equalization jn a compound, does not allow an absolutely accurate
estimation of the charges, and in this respect.has limitations similar to other
methods. However, it is interesting to study its application to some problems of
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reactivity in solution, such as the behavior of an element during hydrolysis,
condensation or comptexation. The model is quile simgle ar}d in some cases can
bypass the absence of thermodynamic data. This appendix will describe the model
and its use, and will point out some of its limitations.

A.1 IONOCOVALENT BONDING, PARTIAL CHARGES AND
ELECTRONEGATIVITY

A.1.1 IONOCOVALENT BONDING AND PARTIAL CHARGES

A chemical bond between atoms may be described by molecular orbitals charac-
terizing the situation of bonding electrons in the field created by the nucleus. In the
simplest case of a molecule A-B, a bonding molecula_r orbillal of the form

U = apa + bs

describes the contribution of atomic orbitals ¥ and 1 using the coefficients a zm.(l
b. The charge density between nuclei resulting from the formation of the bond is

given by
W2 = a2 + b2y + 2abatds

For a molecular orbital describing an electron, factors a? and b? represent the net
electron population on atoms A and B. The overlap population is gi\./en by the
2abSap term (Sap is the overlap integral). Distributing the overlap population equ‘ally
over the atoms, and assigning each part to the atoms, the global atomic populations
are obtained (Mulliken populations {4]). Since atoms A and B have different abilities
{0 attract electrons, the charge distribution between nuclei is asymetrical.

For éxample, formation of the HF molecule involves the 2s and 2p a}omic
orbitals of fluorine and the ls of hydrogen. For isolated atoms, the population of
these orbitals is, respectively, 2s2, 2p° and Is! When the atoms are at equilibrium

distance in the molecule (0.92 A), the electronic population of fluorine is 7.46.

electrons in the 2s and 2p orbitals, and hydrogen carries 0.54 electrons in the 1s
orbital [5]. The transfer of 0.46 electrons from hydrogen towards fluorine ingica.les
the ionic character of the bond. The partial charge on each atom in the combination
represents the difference between the electronic populations in the isolated state fmd
in the corbined state. Thus, for hydrogen §(H) = 1 — 0.54 = +0.46; for fluorine,
§(F)=7-7.46 = —0.46. ' '
In more complex structures such as the [MnOg4)” ion, the molecular orbital
diagram (Figure 4.11) involves the 3d, 4s, 4p orbitals of the metal. The electron
: : 5818 4 0.182 4 0.344 he metal
population of manganese 15 3d 4s 4p , or 6.344 electrosns 2on t :
[6-8). Compared with the configuration of the isolated atom 3d°4s”, the pamz}I
charge on the metal is 7 — 6.344 = +0.656. The charge on each oxygen atom 15
therefore (—0.656 — 1)/4 = —0.414.
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‘The formal charge, which corresponds to the degree ol oxidation of an atom,
is different from its effective ‘or ‘partial’ charge in a combination—unless that
combination is purely ionic. The formal charge represents the charge of the isolated
atom and allows determination of the stoichiometry of a combination, assuming a
—2 charge for oxygen and a +1 charge for hydrogen.

The partial charge of an atom in an ionocovalent compound represents the
charge of the atom in its environment, taking into account the formal charge and
the charge shared with the ligands (the Mulliken population). This charge is
assumed to be localized on the atom, but in fact the electrons ‘given’ by the ligands
have only a very small probability of presence on the atom considered. This
assumes that no oxido-reduction takes place to decrease the partial charge of
manganese in (MnO,]~ from +7 to +0.656. Similarly, in the octahedral complex
[Ni(OH,)g]?*, magnetic measurements show that the ion is in d® (1§, €3) with
a magnetic moment due to two single electrons. The electronic spectrum of the
complex corresponds to transitions between the terms of the d® configuration in Oy
symmetry. The partial covalent nature of the bond is reflected in the fact that there
are different parameters for Ni2* and the free ion, such as the spin—orbit coupling
constant and the decrease in the interelectronic repulsion parameter (Raccah’s
parameter). ) ‘

The ionicity of the bond is characterized by the coefficients a and b of the
molecular wave functions and is directly related to the energy of valence orbitals
and to the electropegativity of neutral atoms xa and xp. During the formation
of the bond, the most electronegative atom attracts the bonding electrons and
acquires a negative partial charge, and the least electronegative atom acquires
a positive partial charge. For atoms with a large electronegativity difference, the
limiting case @ =0 and b = | corresponds to an overlap density of zero. The
molecular orbital degenerates into two atomic orbitals, one of which captures
both bonding electrons,-thereby forming the ionic bond. The charges are + 1(A)

- and — 1(B).

A.1.2 ELECTRONEGATIVITY

Introduced by Pauling {9], electronegativity is a measure of the ability of an atom in
a molecule to attract electrons. There is much confusion surrounding this very

" flexible concept, as reflected in the many different scales proposed to characterize

the same parameter. In fact, there are several definitions of electronegativity, and
they do not necessarily cover similar concepts.

The total energy E of an isolated atom as a function of the number of electrons ¥
around a nucleus of atomic number Z is shown in Figure A.l. Assuming that the
variation is continuous and differentiable, Parr, et al. {10,11) have shown that the
slope OE/ON is exactly equal to the chemical potential of the electrons:

~pe = —(9E/N), (A1)
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z+1  electron number

N
]
3]
N
I
—
&

Figure A.1 Total energy of an atom (atomic number Z) as a function of the number of
electrons. From [12]

Development of the expression of the energy gives (12]
E(N) ~ E(Z) + (N — Z)(DEJON), + [(N — 2)*/2)(82E/ON?),
The first ionization potential [ and the elect affinity A4 can be expressed as
[ 7 E(Z — 1) — E(Z) = —(0EJON), + (1/2)(8*E/ON?), -
A= E(Z) - E(Z+ 1) = —(JE/ON), - (1/2)(8*EJON?),
and hence: .
(1/2)(1 +A) = —(OE/ON), = —pe = Xa (A2)

In fact, lczkowski and Margrave (13] were the first to propose that (DEJON) =
(1 4 A)/2 be called ‘electronegativity’. y ‘ .

This definition introduces electropegativity as an electronic chemical potential
similar to a thermodynamic chemical potential: in any system of atom.s in a non-
equilibrium state, there must be a flux of electronic density from the regions of high
potential to the regions of lower potential. o o .

This gives an absolute estimation of electronegativity since ionization potential
and electron affinity both refer to the fundamental state of the atom [11].

The hardness of an atom as introduced by Pearson [11,14,15] is

= (1/2)(0p/ON), = (1/2)(@%E/aN?), = (1/2)(/ = 4) (A3)

The hardness of an atom is directly related to its size. Here E is proportional to qz/.r
(g is the electric charge and r is the distance). The hardnf:ss Ta = (82E(8N2) is
therefore proportional to r~!. Hence, as a system is increasingly confined in space,
its hardness increases and its polarizability decreases. In fact, hardness reﬂects{ the
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resistance of the electronic chemical potential to a change in the number of electrons
around the atom. It is expressed in eV, as is electronegativity. The converse of
hardness is the softness ¢ = 1/n [11]}.

According to the definition in equation (A.2), the absolute electronegativity of an
atom is a function of its charge: '

Xa = ~e = —p +nAN : ‘ (Ad4)

—p3(= x9) relates to the neutral atom (standard state). The nAN term reflects the
deviation from the standard state owing to the charge variation AN.

Strictly speaking, equation (A.4) can only be applied to isolated atoms. As atoms
come closer together, they are subjected to an external potential due to the proximity
of other nuclei and electrons. The absolute electronegativity only indicates the
direction of the electron flux between two atoms, and as such reflects the chemical
reactivity of free atoms [11]. This discussion can be applied to atoms as well as
molecules.

The concept of absolute electronegativity is compatible with the MO model.
Indeed, the first ionization potential of a diamagnetic molecule is the energy of the
highest occupied molecular orbital (HOMO). Electron affinity is the energy of
the lowest unoccupied molecular orbital (LUMO) [I 1]. The electronic chemnical
potential p, = —x, is the average energy of these orbitals, and the hardness 75
is equal to half the band gap. The donor or acceptor character of a ligand on a
metal or a metallic ion may therefore be indicated by comparing their respective
electronegativities.

As defined by Mulliken {16], electronegativity is written using an expression
similar to the absolute electronegativity:

XM = (1/2)(11) + Av)

However, it is not the same thing, since Mulliken’s definition involves the potentials
I, and A, in the valence state of the atom. The valence state describes an isolated
atom as if it existed in combination with other atoms [17). Therefore, this is not the
fundamental state but a statistical average of stationary states chosen to represent, in
the isolated atom, the electronic interactions taking place when the atom is involved
in a combination. The calculation of excitation energies [18] using the method of
linear combination of AOs (LCAO) involves the energy contribution of spectro-
scopy terms for various electron configurations. The Mulliken electronegativity is
an energy expressed in eV.

Electronegativity according to Mulliken is in fact a property of the orbitals. In
theory, it is defined only for the bonding orbitals but it is difficult to differentiate
between orbitals that are not equivalent. The absolute electronegavity, which is
defined as a potential, is a property of the atom.

Many other descriptions of electronegativity have been proposed [12]. Allred
and Rochow’s definition [19] is based on the electrostatic interaction between
electrons and nucleus Zegi/ 1. Z ey is the effective charge on the nucleus calculated



188 Metal Oxide Chemistry and Synthesis

using Slater’s rules, and r is the covalent radius as proposed by Pauling. Therefore,
the size and shape of the atom are taken into account, and the resulting electro-
negativity is of the ‘Mulliken type’. Gordy [20] considers the electrostatic potential
between the nucleus and the outer electrons. The potential is estimated using
(n 4 1)/r, where n is the number of electrons on the outer layers and r is the
covalent radius.

Sanderson defined a scale of electronegativity [21] based on the assumption that
the reactivity of an atom, i.e. its propensity to retain its own clectrons and attract
others, is linked to its compactness. The most inert elements, the rare gases, are the
most compact. Therefore, a chemical combination is the result of the tendency of the
atoms to attain the configuration of the most chemically inert elements. Sanderson’s
electronegativity is characterized by the stability ratio S, which is defined as the
ratio of the compactness of an atom to that of the most inert (or compact) element /
of its period—the rare gas: $ = D/D;, with D =Z/V = 3Z/4mr3. Here Z is the
atomic number of the atom and r is the covalent radius. Sanderson’s electro-
negativity is a dimensionless number.

The Mulliken, Allred—-Richow, Gordy and Sanderson electronegativity scales
are all different but they all characterize an atom in a combination, and hence
it is possible to convert one scale into another. The absolute electronegativity
characterizes isolated atoms and their ability to react (electronic chemical potential).
It does not take into account the changes in size and shape of the electron density
and external potential to which electrons are subjected when the atoms combine.

Pauling’s electronegativity is a different concept based on the idea that, in a
heteronuclear molecule, polar bonds are stronger than purely covalent bonds.
Pauling’s electronegativity is a measure of the ionic resonance energy [9].

Quantum mechanics tells us that the energy of a motecule is intermediate between
the energies of the limit structures liable to represent the real structure. A molecule
containing a single, partially ionic bond should be more stable than the normal
covalent structure without any ionic character. Assuming that the energy of a
purely covalent A—B bond is approximately equal to the average of the energies of
the A_A and B—B bonds, Pauling relates the energy gain to the the concept of
electronegativity [9,22], and defines empirically the electronegativity difference
between both atoms as the square root of the difference between the energy of the
jonocovalent bond (experimental) and that of the purely covalent bond [22]:

X5 = xp = [8Hap — (1/2)(AHan + AHyy)]'?
or \
XPA - X{)} = [AHAB — (AALIAA X A[‘IBB)UZ]I/Z

For Pauling, electronegativity is a constant of the atom, irrespective of the
combination in which it is involved. Pauling’s electronegativities, which are obtained
from thermochemical data, include the average structure effects of the atom in the
combination. They have the dimension of a square root of energy. Pauling stressed
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this peculiarity much later [23], pointing to the fact that if the energy of a bond
A—-B is developed into a Taylor series of the term (x% — x§), the linear term is
zero and the first significant term is (x% — x§)?. This stems from the fact that the
polarity of the bond should be independent of the sign of the difference xh - x‘é,
which means that the polarity remains unchanged whether A is more electronegative
than B or B is more electronegative than A. The first term in OE/Jx must therefore
be zero.

Mulliken’s electronegativity scale can be converted into Pauling’s using the
following relationship [24]:

xm = (xF/0.335) +0.615

This linear combination between two quantities of different dimmensions stems from
uncertainties in the calculation of electronic affinities. In fact, the exact calculation
of the valence states allows'a precise evaluation of the ionization potential,
electronic affinity and hydridation s in the valence state, leading to [18]

X" = 13557 — 1.37
The relationship between the Allred—Rochow scale and Pauling’s scale is

x' = (0.359Z ./ r?) + 0.744

A.2 PARTIAL CHARGES MODEL

Since electronegativity, defined as a potential, is a function of the charge 6 [equation
(A.4)], the model is used to determine this function and assumes that, in any atomic
combination, the electronegativity of each atom is adjusted through variation of the
charge.

A.2.1 DEPENDENCE OF ELECTRONEGATIVITY ON THE CHARGE

Let us consider neutral atoms in a combination. The absolute terms x, and 7, of the
free atoms are subjected to a perturbation Ax and An owing to atomic changes in
size and shape because of the covalence effect. The local electronic potential on
each neutral atom i is (xai + &X)-

Because of electron transfers due to the formation of a bond, partial charges on
the atoms create an electrostatic potential adding itself to the local electronic
potential. The electrostatic potential consists of a term (7. + An)é; resulting from
the charge &; on atom i and a term £(8;/R;;) due to charges §; on neighboring atoms
j at distances R;;. The electronegativity of the combined atoms [25]

"
Xi = Xai ¥ Ox + (i + AN)G+ Y (§/Ry) (A5)
JEiL=
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This expression requires knowledge of the perturbations to which the electro-
negativities and hardnesses are subjected in the combination. Since Ax and An are
unknown, we write '

X' = Xa+BX, n'=n,+ A4y
In these expressions, x* are Mulliken-type electronegativities whilgh consider an
average environment for the atoms. Mulliken electronegativities require knowledge
of the valence states of each atom and are difficult to use. The Pauling scale is
inadequate because it requires knowledge of bond energies easily determined only
for small elements forming small, simple molecules. Allred and Rochow’s electro-
negativity will be used throughout the following discussion because it is easily
calculated for any element.

Hardness and electronegativity are related. Since 7 is proportional to the
reciprocal of a distance, choosing the Allred—Rochow scale (x Zcrr/rz) leads to
the following expression [2]:

' =kyXi (A.0)

where k 1s a constant.

A.2.2 ELECTRONEGATIVITY EQUALIZATION PRINCIPLE

When two atoms A and B of different electronegativities form a bond, an electron
transfer occurs, for example from A to B. The more electronegative B atom acquires
a negative charge. Its electronegativity decreases. The less electronegative atom
A acquires a positive_partial charge. Its electronegativity increases. The electro-

negativities of each atom converge towards an average value x indicating that

equilibrium is attained and electron transfers are completed. This is known as the
electronegativity equalization principle postulated by Sanderson (3].

Since electronegativity is defined as a potential, x equalization is equivalent to
equalization of the chemical potentials (= 0G/dn) related o transfer of matter.
The direction of electron transfers is governed by the relative values of electro-
negativities. The intensity of these transfers is related to the hardness of the atoms
involved.

The principle may be generalized to complex atomic structures and the many
electron transfers involved stop when each atom in the combination has attained a
common average electronegativity x that is also the electroflegativity of the group.
Since the electronegativities of individual atoms converge towards an average value
x, which is a function of their partial charges, knowing this average value would
allow, in principle, calculation of the partial charges. :

A.2.3 CALCULATION OF THE AVERAGE ELECTRONEGATIVITY

In a first approximation, the perturbation induced on atom i by neighboring atoms is
neglected compared with the perturbation caused by the charge 6; on atom i. The
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electronegativity of atom { in any combination can therefore be written (2] as
Xi =X +0;6  with np =k} (A7)

Calibration of the constant k is done using the charges in NaF [§(Na) =
—8(F) = 0.75] as proposed by Sanderson [26]. Using the Allred—Rochow scale,
k= 1.36 [1].

At equilibrium, in the combination, the equalization principle gives

X;=x or Xxi+mé=x
and
X —Xi
6 =24
H (A8)
or
6 =0} (x = x7) ' (A.9)

if softness (the reciprocal of hardness) o} = 1/n} is used.
Charge conservation in the combination imposes

2,6, =2
and finally

= Si/Xx} +1.362
L/ /XD | (A.10)

or
_ Loixitz

X ot (A.11)

x may therefore be calculated for any atomic combination, from the composition,
the charge z of the group and the electronegativity of each atom (Table A.1). It is now
very easy to calculate the partial charges. Several calculations have been made in
Part 1.

A.2.4 APPROXIMATIONS USED IN THE MODEL

For x to vary linearly with the charge 6; according to equation (A.7) implies that
the chemical composition of the structure is solely responsible for the charge
distribution. This means that the model is not able to differentiate between structural
isomers, which is a considerable limitation.

In the most rigorous relationship [(A.5)], which relates the electronegativity to
the charge, the structure is explicitly taken into account in the sum since it involves
the perturbation to which atom i is subjected owing to other charge-bearing atoms
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Table A.1 Allred—Rochow electronegativities x* compiled from References [27] to [29]
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(6;) at distances Rj. Calculation of the sum requires precise knowledge of the
structure and results in a set of linear equations. There is a structure (or geometry)-
based version of the model based on the above-mentioned calculation of the
average electronegativity [30]. This calculation will not be described in detail here,
even if some of its results are discussed.

In fact, in most cases, the structure of the combination is unknown, and the
simplified approach assumes £6;/R; < x/, where x* is a Mulliken-type clectro-
negativity. Average structural and environmental effects are taken into consideration
in this term, but the results must be analyzed with caution if there are structural
peculiarities. This is particularly true with 7 overlaps. Contributions from 7 and o
bonds are a priori taken into account simultaneously and indiscriminately in the
charge calculation, and they need not be separated when 7 electron delocalization is
present, since the bond lengths are the same. However, localized 7 bonds are shorter
than ¢ bonds and it is no longer possible to obtain a correct charge distribution.
Similar difficulties are encountered for atoms of identical chemical nature which are
treated similarly irrespective of their formal charge or the type of atoms to which
they bond. '

It is also very clear that the charges obtained depend on the hardness 77} and the
constant k. Therefore, only relative charges are obtained, which depend on the
calibration of constant k. This calibration-was obtained without taking geometric
factors into account, and no geometric factor was used in the calculation of the
average electronegativity either. This gross approximation must not be ignored
during analysis of the charge distribution in any entity.

It must be stressed that the model does not allow for any distinction between
isomers, and therefore it must not be used to identify any property related to the
structure of the combination.

Although it is simple in its approach, the model is nonetheless an interesting
guide for the study of reactivity in solution, and more specifically for the under-
standing of hydrolysis and condensation reactions.

Calculations of charge distributions usually show that, independently of the
formal charge of the cation, the partial charges of cations and anions are always
smaller or close to +1 and —1 when calculated with the constants of the model.
Although the model can only provide for a relative idea of the charge distribution, it
does appear that a bond polarity higher than one, corresponding to the departure of
one electron, cannot be obtained in solution. The analysis of electron population in

-atomnic orbitals participating in the molecular orbitals confirms these results. It also

appears that the same is true in the solid state, as can be seen in electron density
maps obtained by X-ray and neutron diffraction on about one hundred compounds
at the present time. If the bond is very polar, it is usually destroyed by ionic
dissociation (salt dissolution). Charge separation higher than one electron must
cause a redox transfer. The phenomenon is associated with fast reorganiztion of the
coordination sphere of the species involved in order to minimize subsequent charge
separation. In the present state of the model, it is not possible to account for such
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transfers. This would require taking into account structural changes in the entities -

involved in the activated complex [31].

A.2.56 GUIDELINES FOR THE USE OF THE MODEL

The average electronegativity of a chemical structure controls the distribution of
partial charges on the constituents of this entity. Calculations show that the evaluation
of partial charges is easy and fast.

The likelihood of a reaction (hydrolysis, gondensation, complexation, etc.) may be
predicted using very simple electrostatic criteria. Chemical equilibrium between two
reactants corresponds to equalization of the average electronegativities of the
products, the equalization resulting from the compositional change of the reactants.

Considering an atom or a group X in the structure, and comparing the partial
. charge 8(X) of the group with the formal charge p of the same group in solution, a
critical state of the bond between X and the rest of the structure is attained when
§(X) =p or 0. : ' :

It is also possible to impose an average value of the electronegativity and look for
a chemical composition of a particular species that will reach the imposed value. It
is then possible to impose a criterion or a limiting condition for the chemical process
to take place. The criteria are expressed as critical electronegativities or critical
compositions calculated from the equation of charge conservation in which the
constraint §(X) = p or 0 is introduced. The criteria may also involve the stoichio-
metry of the species considered. y

From a purely practical standpoint, calculation of the average electronegativity of
any entity may be done using either (A.10) or (A.11). These relationships are easily
programmable into a pocket calculator. Equation (A.11) is particularly interesting
because it involves softness values, which are additive in a group of atoms. [Softness
is the reciprocal of hardnes&, equation (A.9).] Therefore, the average electro-
negativity of a species

[M(OH), (OHg)y_y} &
according to (A.10) is
_V/x(M) + N/X(O) + (N - ny/x(H) + 1.36(z — h)
R0 M/ (0) + (@ = 1)/ /X
or according to (A.11) is

_ a(M)x(M) + No(0)x(0) + (2N — ho(H)x(H) + 1.36(z — h)
X= o(M) + No(0) + (2N — L)o(H)

or, again, using

(M(OH), (OH,) &% = [M(OH,),|** — hH*
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_ o[M(OHy) *"[x[M(OHy) ] ~ ho[H *|x[H]
o[M(OH,)*"] — ho[H ]

(A.12)

This is a considerable simplification of some expressions of the average electro-
negativity of complex groups, which allows, once and for all, certain calculations
to be made for a given system. This type of calculation is used to describe
complexation.

A.3 APPLICATION OF THE MODEL TO THE ACID-BASE
PROPERTIES OF CATIONS

The acid—base properties of a solvated [M(OH,),]*" cation in solution are reflected
in the overall equilibrium '

[M(OH,), " + HyO <=== [M(OH), (OH2) 5] + hH

solvated
Can we predict, under standard conditions (1 mol 17" concentration and 298 K, for
example), the hydrolysis ratio of the cation as a function of the acidity of the medium?
From the angle of the partial charge model, equilibrium corresponds to equaliza-
tion of the average electronegativities of the reaction products. We can assume that
proton exchange takes place between the solution and the cation until the average
electrbnegativity of the hydrolyzed species, xn, is equal to that of the solution, Xs.
The equilibrium condition will be obtained at the value of & for which x; is equal
to xs. Therefore, it is necessary to determine the average electronegaltivity of the
medium (solvent) as a function of acidity, which means relating xs to the pH.
Indeed, any change in pH of the solution displaces the hydrolysis equilibrium and
causes a change in the average electronegativity of the medium.
Electronegativities are microscopic potentials that do not depend on macroscopic
parzlmeters such as concentration, pH or temperature. Therefore, it is necessary
to establish a relationship between both sets of parameters. This can be done by
considering the structure of the solvated proton (see Chapter 1, Section 1.1.2) in the
‘standard’ conditions'as defined above.

A.3.1 pH-ELECTRONEGATIVITY RELATIONSHIP

The solvated proton in agueous solution corresponds to the ‘molecular’ entity
(Hg¢Q41™", in which the proton is coordinated to four water molecules through strong
hydrogen bonds with energies of about 200 kJ mol ! (see Chapter 1, Section 1.1.2).
This entity is itself solvated in solution by other water molecules forming weaker
hydrogen bonds with energies of about 20-30kJ mol™". _
Delocalization of the proton in water occurs through the disordered network of
hydrogen bonds in the liquid. Owing to their quantum nature, protons cannot be
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distinguished from the hydrogen atoms of the water molecules. Therefore, solvated
species [HoOq4] ™" -nH,0 share their protons with liquid water. In the same way that
electronegaltivities become equal when atoms share electrons, equalization of the
average electronegativities of solvated protons and water is supposed to take place
though rapid proton exchange. Therefore, the average electronegaltivity of an aqueous
solution changes with the pH, which represents the proton concentration. We can also
consider that it represents the number of water molecules associated with the proton.
Al the macroscopic scale, the chemical potential of the proton in solution is

pn = pb 4+ RT Inay = pyy — 0.06 pH (A.13)

where ayq is the activity of the proton, and RT In=0.06 log at 298 K.
Al the microscopic Jevel, considering that the electronegativity represents the
chemical potential of the efectrons, x = —fi, we may write

i = —kxu and 1l = —kx[HgOL;]'+

choosing the [HyO4]" entity as the state of reference (pH = 0) for the solvated
proton. Therefore

xit = x[HoO4) " — 0.06k ' pH = x5 with  x[HgO4]" = 2.621

We shall assume that dilution of the proton in solution amounts to delocalizing it
over a large number of water molecules. Therefore, at pH=7, the proton concentra-
tion becomes so small that we can consider the entity [H*, (H,0),] in which n is
very large. The value of k, which relates the pH scale to the electronegativity scale,
is obtained by considering that, at pH=7, x;1 = xs = x[H20] = 2.491. Finally, the
following relationship is obtained:

xs = 2.621 — 0.02pH (A.14)

Therefore, the electronegativity of an aqueous solution decreases linearly from
2.621 to 2.341 as the pH varies from O to 14. It must be noted that the electro-
negativity of the solution at pH 14 is that of the molecular ‘entity’ [H;O4)"
(x = 2.334), formed by the hydroxy! ion solvated through very strong hydrogen by
three water molecules (cf. Chapter 1, Section 1.1.2). This is in agreement with the
consideration that, at pH 7, xs = x[tH20].

In articles preceding publication of this book ([32], for example), the reference
for the solvated proton is [HsO,]" (x = 2.732) and equation (A:14) is x5 = 2.732
—0.035pH. This relationship gives similar results, but we believe that equation
(A.14) is in better agreement with the structure of the solvated proton.

A.3.2 HYDROLYSIS OF CATIONS

The application of this result to the hydrolysis of a cation in solution

[M(OHy),J*" + H0 <==> [M(OH), (OH)y| ™" + hHE iea

—-
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is done by writing the equilibrium condition
—h ! '
x[M(OH), (OH) {7} | = xs (A.15)

In accordance with the principle of electronegativity equalization, proton exchange
between the metal complex and the medium takes place until their average electro-
negativities become equal.

Writing each expression of x in'(A.15) using (A.10) and (A.14), we easily obtain

2.621 — 0.02pH — x 3,

VX

(1367 — N)(0.236 — 0.08 pH) —

I
h=|—mMmM —
[1 +0.4IpH}

(A.16)
At pH=0, the hydrolysis ratio of M(OHp)4' is
2.621 — x=»
h = (1362 — 024w — 2021~ Xk (A.17)
X
whereas at pH=14 it is
h=(l.14z + 0.25N") — 0836(2341 = Xiu)

= (A.18
vV XM )
The value of h indicates the number of protons spontancously released by
[M(OH,),]%* in solution. Equations (A.17) and (A.18) show that the acidity of a
cation is essentially governed by three parameters: its charge z, its size (through its
coordination number N) and its electronegativity. The main factor is the formal

- charge of the cation z. Size (through the coordination number) and nature (through

its electronegativity) are parameters of lesser importance.

If the calculated values of 4 are negative, the aquo ion does not exhibit any acid
character. However, it may be deprotonated by the addition of a base and eventually
form a hydroxo complex. If 4 is greater than 2N, the element exists in solution only
in the aquo form and does not exhibit any basic property.

The calculated values of & need not be integer. If they are not, two species
in equilibrium should be considered, and at least one of these should be a
hydroxo form. These species correspond to the integer values of & that frame the
calculated value. The results (Table 1.7, Chapter 1) are in good agreement with the
experiments.

A.3.3 ACID-BASE PROPERTIES OF ELEMENTS IN AQUEOQUS SOLUTION

One may approach the acid—base behavior of elements in water from a different
angle. '

Let us consider an element M** that may exist as the zero-charge molecular form
MOyHan—,. This species can have two extremély different behaviors in water:
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there is a negative charge on the hydroxo ligand in the [MONHZN_Z]O form and this
species is likely to condense. The reaction proceeds by olation and/or oxolation
mechanism(s) depending on the value of the formal chairge zZ.

Olation takes place only if the aquo ligand exists as such in the coordination
sphere of the cation (see Chapter 2). The reaction leads to formation of a solid
phase of the hydroxide M(OH),. The reaction is the only one taking place (meaning
that the hydroxide is stable), as long as §(H,O) is negative in the solid. If §(H,0) is
positive, oxolation by internal dehydration may become a-competing mechanism.

It is possible to set the limit above which olation is the only reaction taking
placeby imposing the criterion §(H,O) = 0 and applying it to the neutral species
MOynHown -, [or to the hydroxide M(OH),]. The charge balance is

(M) + N6(H,0) — z8(H) =0 or (M) —z6(H) =

with

2.49 — /x4
1.36/x

The charge balance equation is an equation in /x whose solution relates the critical
XoL,. to the formal charge z of the cation:

JXoL: = —0.136z + [(0.1362)” + 2.49] /2 T (A21)

XoL,; as a function of z is shown in Figure 2.3.

When x4 s such that x5, < x3; < xoL,; condensation takes place by olation
only, leading to the stable hydroxide M(OH),. This is the case for manganese(ll),
for which x 3, = 1.63 < xor,2 = 1.766.

If xoL,: < Xp < Xa,., the partial charge on the water molecule formed during
the proton transfer is positive. Oxolation is now involved, leading to formation of an
oxyhydroxide or an oxide, depending on the level of dehydration.

This reaction implies proton transfer, from the previously formed ol bridgé (in
the transition state) to an adjacent hydroxo ligand, followed by elimination of the
formed water molecule. Proton transfer is possible only if §(OH) is negative on the
olated species, and as long as §(OH) remains negative during condensation, the
oxide MO/, may, in theory, form. As soon as 8(OH) becomes positive, at any stage
of the process, the polymer behaves as an acid and forms polyanions.

Since §(OH) = 0 is the threshold value for this behavior, we may apply this
criterion to the oxide MO, ; in order to determine a critical electronegativity xpa, ;
beyond which polyacids are formed:

5(M) + 2/26(0) =
in MOyHopy_,, with

Xp = XH,0 = 2.49 or 5(H) = +0.2 and (M) =

2.711 — x4

1.36\/X 1y

X=xon=2711 and  §0)=-031, &M)=
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from which

JXPaz = —0.105z + [(0.1052)* 4-2.711]'/2 (A.22)

If X34 < Xxpa,., both olation and oxolation compete. They lead, trom the zero-
charge form, to the formation of oxyhydroxides or hydrated oxide, either crystalline
or amorphous (see Chapter 2).

A5 APPLlCATlON OF THE MODEL TO THE COMPLEXATION OF
CATIONS IN SOLUTION

Complexation of an aquo form of a metal cation by a monodentate species X of
formal charge —1 can be written as

(M(OH)y )" + X~ —— [MX(OH,),_,]% " + H,0

The reaction takes place by nucleophilic substitution and involves competition

“ between the donor strengths of the. X group and the leaving group H,0. The sub-

stitution creates a new distribution of the partial charges in the complex, compared
with that of the hexa-aquo complex.

The inner sphere complex may exhibit some stability if an M «— X transfer takes
place, allowing formation of a stable ionocovalent bond. The X~ anion must be less
electronegative than the entity [M(OH,),, l](z_l)+ and the partial charge §(X) of the
ligand in the complex must be gruater than —1. If the anion X7 is more clectro-
negative than [M(OHz ](Z ', an electron transfer M — X should take place,
which would lead to a pamal charge 6(X) smaller than —1 iu the complex. Unless
an acid-base reaction takes place, the bond is completely ionic in nature. It
dissociates in water and the anion X has no complexing role. At most, it acts as a
counterion to the metal ion. As long as §(X) > —1, the complex will resist ionic
dissociation.

Owing to its basicity, the X~ anion may attract a proton from the solution or from
the coordination sphere of the cation:

[MX(OHy )y, == [M(XH)(OH)(OH, )y ] “™*

The HX species may nonetheless remain coordinated to the cation if the charge
6(HX) in the complex is negative. In’ this case, the ligand HX maintains a higher
donor strength than that of water. If the charge §(HX) in the complex is positive, the
HX ligand will probably be displaced from the complex by water molecules which
will effectively replace the HX ligand because of the mass action law, in spite of the
fact that they will be positively charged when coordinated to the cation. The
complex will resist cation hydroly51s and anion protonation as long as §(HX) < 0.
Therefore, stability of the complex in solution is connected to the double condition

§(X)=—1,  6(HX)=0
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Table A.2  Average electronegativities of X~ and HX ligands, and partidl charges in Fe(lIT)
complexes for h = 2. :

X~ CH,;COO™ H,POy HCOy HSOy NOY ClOy
x[X7] x2.24 . x2.49 x 2.49 x 2.64 ><2.76" x 2.86
x[HX] X 2.49 x2.71 %279 »2.88 . x3.08  x3.10
x|complex] x2.51 x2.61 x2.62 X 2.66 x2.69 %273
5(X) -0.14 —0.64 -0.71 -0.94 —1.10 —1.26
§(HX) +0.07 - =038 —045 -0.65 -0.80 —094

Let us consider the behavior of bidendate anions towards Fe(Il1) for h = 2. The
complexation of Fe(OH),(OHy)} [x =2.61] by a bidentate ligand X~ can be
written as

[Fe(OH),(OHy),|" + X <= [Fe(OH),X(0H,),]° +2H,0
&= [Fe(OH),(XH)(OHy)]°

“The partial charge of a few ligands X in the X and HX forms in the complex are

shown in Table A.2. Ions [NOs3]™ and [C10,)~, whose partial charges are more
negative than — 1, do not have a complexing role for the considered form of iron.
The ionic character of the bond is too strong and ionic dissociation takes place.
[NO;]~ and [ClO4]” behave as counterions. The average electronegativity of the
ligand is too high compared with that of the metallic form and no M « X transfer
can OCCur.

The acetate ion (weak base) is protonated and a. molecule of acetic acid is
eliminated from the coordination sphere [6(CH;COOH) > 0]. The excessively
small average electronegativity of the acetate ion makes it susceptible to protona-
tion. The phosphate, carbonate and sulfate ions are the only ones to resist

. protonation and are able to form stable complexes. The average electronegativity of

these ligands is sufficiently close to that of the metallic form for the M«X transfer
to occur. These conclusions are in good -agreement with experimental observations
(6] and may also be reached differently, since the stability criteria of a complex can
be expressed directly in terms of electronegativity.

Setting a limit value of §(X) = —1 in the [MX(OH2),\,_1](Z_1)+ form amounts
to considering the entity [M(OH2)N_1]Z+ of average electronegativity xp. If the
electronegativity x(X) of the species X~ is smaller than xp, the'charge 6(X) on the
ligand in the complex is greater than —1 and the complex is stable. xp imposes the
stability threshold of the complex towards ionic dissociation. Similarly, setting
the limit value §(HX) = O'in [M(XH)(OH)(OHz),\,_2](z_l)+ amounts to considering
the average electronegativity xn of [M(OH)(OH,) y_,] @D+ I y(HX) is greater
than . the charge 6(HX) is negative. The complex can be stable. xu fixes the
stability threshold of the complex with respect o hydrolysis of the cation or
protonation of the ligand.
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The criterion of complexation of a cation by a Jigand X may therefore be
x(X) <xp and x(HX) > xu
In the preceding example of iron hydrolyzed at h = 2, we obtain
xo = x[Fe(OH),(OH,)3] =2.68  and  Xu = x |[Fe(OH),(OH,)°] = 2.53

The average electronegativities x[NO3 | and x(C10;] (Table 5.1) are greater than
xp. The complexes will not formn because of ionic dissociation. The acetate
complex must be destroyed by hydrolysis because x[CH3COOH] < xu. Phosphate,

- carbonate and sulfate will resist hydrolysis and ionic dissociation, since, for each

one of them, x(X) <xp and x(HX)>xu-
This reasoning is easily extended to multivalent anions X"~ . Criteria controlling
the complexation are obtained in a similar manner:

§(X)>—n- §(XHp_x) > —(n = x), 5(XH,) <0

associated with corresponding values of xp and xu.

Complexation of a metal cation in solution is governed by two main variables:
the acidity of the medium and the electronegativity of the complexant. The influence
of medium acidity on complexation is taken into account by the nature of the
cationic species considered, i.e. a form of the type [M(OH)h(OHg)N_h](Z_")"‘ for
which the hydrolysis ratio A is easily determined as a function of the acidity of the
medium (see Section A.2). It is possible to establish a direct relationship between
both quantities in order to determine, as a function of pH, the ability of a chemical
species to act as a ligand. :

In a medium of given acidity, hydrolysis of a cation M(OH,)%" can be written as

[M(OH2)N]Z+ +H;0 — [M(OH),,(OH2)y 4] I 4 hH

solvated

This hydrolyzed form reacts with an X"~ ligand (of coordination mode « according to

[M(OH), (OHa)y_) ™" + X" —— [M(OH),(X)(OHz)y_s_a) """
' . + aH20

The basic character of the anion, for a given pH, is reflected in the reaction with the
solvation water molecules of the complex:

[M(OH),,(X) (OHy)y_y_o) © ™" —— [M(OH), ,, (XH,) (OH2)y o)
and the complete reaction is
[M(OH)J<* + X —— [M(OH), 1 (XHe) O )pa ) 7
' +hAHE e + 20 (A.23)

solvated

If the cation were ajone in the solution, its hydrolysis ratio would be h. Owing to
complexation by a basic species, the cation undergoes an additional hydrolysis g, so
that the overall hydrolysis ratio of the cation is (h + q).
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The problem is to determine the acidity range in which cation complexation
by the various forms of the ligand X is effective. The,approach is explained
below. .

The stability threshold of the protonated form XH, with respect to ionic

dissociation of the complex considered in (A.23) °

[M(OH)IH-{/(XH‘I)(OHz)Nf.‘l—n~q] (ati=n)t

is imposed by the condition §(XH,) = ¢ — n in the complex. This amounts, as in
the previous cases, to equalizing the average electronegativity of the free ligand
[XH,,]({"””, X4 lo that of the entity

[M(OH)IHq(OHz)N‘h”(Pq](z—hﬂ,),;,

of average electronegativy Xp-

Electronegativity xp is a function of i and g, and hence of the pH. The principle
behind the calculation is to establish the relationship between the critical value of
X4 and the pH of the solution. '

Using the equation

[M(OH),, ,(OF2)y_yn ] = [M(OH), )y " = (1 + q)H" — b0

htq
the average clectronegativity xp is [equation (A.12)]

_omxm — (B4 g)onxn — agi,0X1,0
b=

(A4
oM — (h + (1)0'“ = Q0H,0 ( )

where oym and xa represent the softness and the average electronegativity of
M(OH,) 4, respectively, and op, X and o0, X11,0 represent similar quantities for
the proton (H') and the water molecule.

From equation (A.24), we obtain

‘

_ UM(Xq - XM) - Q'UHZO(X(/ - Xuzo)
O—H(Xq - XM)

h+q (A.25)
Assuming that the pH of the medium is controlled by the composition of the system,
the hydrolysis ratio of the cation is that of the cation if it were alone in the solution
in the absence of any complexant. Here, /i (see Sectiop A.2.5) is given by

) = omxs = xu) (A.26)
UH(Xs - XH)
in which x, = 2.621 —0.02pH [equation (A.14)].
Introducing (A.26) in (A.25) gives
omlXs — xXm) +q= UM(X{/ — XxMm) — aUHzO(Xq — tho) .(A.27)
Uu(xs—Xn) , UH(Xq"XM)

Appendix to Part 1 205
Hence
A(M) — aB(H,0 A(M
(M) (H20) _ _AM) L iaq) (A.28)
(Xg — xn) (xs — xu)
with

AM) = om(xs — Xm)
B(H,0) = omo(xt — XH,0)
C(a, q) =gou + aon,o

Terms A, B and C are constant relative (o, respectively, the cation M, the medium
and the anion. It is worth noting that equation (A.28) involves quantities that
characterize the three partners involved in the chemical reaction.

Equation (A.28) establishes very simply the relationship between the average
electronegativity of XHI™, xq, and the pH of the medium X, for given values of g
and ¢ (coordination mode of the anion). Therefore, it allows a calculation of the
acidity range corresponding to the metal complexation by various forms of species
X, protonated or not.

For example, for aluminium:

wm = x|AI(OH,) Y] = 2.754, om = o|AI(OH,)¢) = 9.053
xu = x[H'] = 4.071, oy = o{H} = 0.507,
xu,0 = x|[H20] = 2.491, om0 = o[H,0] = 1.408
For ¢ =0 and a = 2:
A(M) = 11.922, B(H,0) = 2.224, C(2.0) =2.816
and equation (A.28) becomes
[7..474/(,\(4:0 =4.071)} —2.816 = 11.922/(xs — 4.071)

For various values of xg, the relationship xs = 2.621 — 0.02 pH gives the corres-
ponding values of the threshold pH for the dissociation of the [AI(OH),}(X)
(01-12)4_,,](3""")4‘ complex., _

For the coordination mode selected, a set of nxy(0 < g <n) = f(pH) curves is
obtained, coresponding to the n value of xp (ionic dissociation of the complex)
relative to the X"~ anion and its n — 1 protonated forms XHZ‘”, as well as a
Xg=n = f(pH) curve corresponding to the value of xu (dissociation of the complex
via hydrolysis) for the form XH, (Figure A.2).

For a given anion; the domain of acidity for likely complexation is found between
the values corresponding to the average electronegativities of the forms X"~ and
H, X. Outside this range, complexes do not form because the bonds are too polar.
Within this range, water is a better ligand than the acid form of the anion. This is
illustrated in the case of aluminium (Figure A:2). Similar diagrams (see Figures 5.2
and 5.18) can be drawn for any cation using the set of equations in (A.28).
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Figure A.2 Electronegativity versus pH diagram for the complexation of AIP* by
monodentate anjions. For example, the acidity range for complexation by chloride ions is
determined by the values of x(Cl7) and x(HCI)

Figure A.2 calls for a few remarks: .

e In the preceding discussion, it was always assumed that the stoichmetry of the
complexes was [1;1] it would be possible to consider the formation of complexes
of various stoichiometries, but the limitations of the model would not allow a
precise analysis of such species. If such complexes formed, they would do so
within the stability domains of the {I;1} complexes.

e The model implies that a monoatomic anion such as Ci~, for example, should

have an extremely high complexing strength owing to its small electronegativity.

This contradicts experimental results. [n fact, solvation of the anion leads to
the formation of [CI(H,0),]™ entities with a lower complexing strength than the
anhydrous form. The average electronegativity of the hexa-aquo ion {34,35] is
x[CI(H,0) ¢ ] = 2.395, which corresponds for aluminum to an ionic dissociation
" pH of 10.2 (Figure A.2). For the protonated form of the anion, we consider the
hydrate [HCI, H,O] for which x = 2.470, and hence pH = 2.8 for the hydrolysis
of the complex, still in the case of aluminum. Therefore, it is expected that
complexation of aluminum by the chloride will be observed within those two pH
values, which agrees with experimental data. There are no stable chlorinated
complexes with [AI(OH2)6]3+, even for a high chloride concentration {36,37] or in
the solid state for AICl5- 6H5O [38]. However, it is difficult to obtain a chloride-
free precipitate of AI(OH) from AICly solutions [39] whereas elimination of
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anions through washing of the precipitate is easy with aluminum nitrate or
perchlorate. Indeed, complexation of aluminum by nitrate and perchlorate occurs
only in a strongly acidic medium (Figure A.2). The fluoride ion is smaller than
the chloride and can only form units containing four water molecules [F(H,0),|”
[35] with an average el'ectronegalivity of 2.422. Since hydrofluoric acid is a weak
acid, the HF species (x = 2.934) is assumed to be unsolvated. The stability
domain for the complexation of aluminum by fiuoride ions is much wider than in
the case of the chloride, ranging from very acidic media to pH 9 (Figure A.2). A
series of inner sphere complexes [AlF,,](J‘”)Jr with- n = 1-4 has been
characterized by '"F NMR [40,41].

o This diagram is based on purely electrostatic criteria without consideration of any
structural characteristics such as the chelate effect which stabilizes complexes,
compared with monodentate ligands, or the 7 donor character of some ligands.
Cation and ligand concentrations do not appear in the model either. Although the
model agrees broadly with the experimental results, this considerable limitation
should remind us that the 'model gives only indications of the possibilities of
formation of a complex. Application of the model to this type of reaction only
allows us to determine if a ligand is likely to enter the coordination sphere of a
cation and to displace one or several aquo or hydroxo ligands, for example. In no
instance does the model allow us to draw conclusions on the effective formation
of a given complex, nor does it provide quantitative information on the reaction.
In the absence of thermodynamic data, however, the model does provide useful
information allowing us to determine whether it is reasonable or not to expect the
formation of some complexes.

The partial charges model, is a simple and convenient method for the broad predic-
tion of the behavior of elements in solution. Electronegativity, i.e. the electronic
chemical potential, seems to be an adequate and useful ‘concept in the under-
standing of the direction of electron transfers between atoms. Therefore, it is a
useful concept in predicting the evolution of a chemical system, since the principle
of electronegativity equalization can broadly characterize an equilibrium situation.

Because of its many approximations, and mostly because it contains no concentra-
tion or structural considerations, the model is unable to provide quantitative
information and may in no circumstance be a substitute for thermodynamic data.
When structural issues such as the presence of multiple bonds are likely to affect
the reactivity of a species, the model should be used with extreme care. In addition,
the analysis of hydrolysis and condensation reactions with the partial charges model
would require modifying the hardness value for each cation. This is also true for the
study of complexation, which may only be treated from an extremely qualitative
standpoint. However, qualitative information is better than no information at all.

In spite of these disadvantages, the partial charges model does rationalize the
chemistry of cations in solution regarding hydrolysis and condensation processes.
This is its main contribution.
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Part 11

SURFACE CHEMISTRY OF OXIDES

Oxide particles formed by precipitation or coprecipitation from solutions are usually
colloidal: at least one of their dimensions is of the order of a few hundred to a few
thousand &ngstroms. Their specific surface area (the surface/volume or surface/
mass ratjo) may reach several hundred square meters per gram. This explains
why the behavior of small particles is largely dominated by the physicochemical

" characteristics of their surface.

s The dispersion of particles in a liquid depend on the attractive or repulsive forces

“exerted between their surfaces. Control of the force balance allows control of the

agglomeration of the particles, as well as the formation of sols or gels. It is often
necessary to obtain non-aggregated systems in an aqueous or non-aqueous medium
if optimum properties are desired in the dried sol or gel. If the particles have
aggregated or flocculated, the performance and the mechanical properties of the final
material are adversely affected owing to heterogeneities in density and porosity.

e The division state of a solid formed via precipitation is governed by the forces '
exerted on its surface (thé interfacial tension). These forces determine the extent of
the surface, and hence the size of the particles. The average size and particle size
distribution are crucial parameters that must be controlled because they have direct
implications” on the materials from which the particles are derived: catalysts,
composite materials or magnetic suspensions such as ferrofiuids.

o Adsorption of ions or molecules from the dispersion medium depends on the
characteristics of the surface, most particularly on the electrostatic charge density
and on the structure of coordination sites. Fixation of various species on the surface
of oxide particles plays a critical role in many areas: transport of matter in industrial
or natural waters, catalysis or corrosion phenomena and synthesis of a stable and
homogeneous dispersion.

To comprehend and ;ontrol these phenomena, knowledge of the physicochemical
characteristics of the surface of the particles is indispensable. Unfortunately, if
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many techniques allow the characterization of cations in solution and withi'n the
solid, it is much more difficult structurally and chemically to probe the surface of
nanometer-size objects. Firstly, it is very difficult to define the geometry of the
surface of very small particles. Secondly, the surface often conlain§ fJ(T,fecls .such as
dislocations, stacking defects and steps, which have different rea~ct.1vmes. 1t is ofl.en
very difficult to characterize the reactivity of the surface b(_acause it is hard [.O 1denu‘fy
the reaction sites. The fact that few guantities are accessible to the experlmenlalllsl
further complicates the research. Most of these quanliti.es must be treated with
adjustable parameters using models of different complexity. o ‘

The current state of the art does allow us lo give a reasonable interpretation of
experimental data. The next few chapters will introduce tbe reader to the .fund.a—
mental concepts of the oxide—solution interface. The main factors governing s

physicochemical properties are also analyzed.

6

‘Oxide—Solution Interface

A dispersion of solid particles in an aqueous solution is a two-phase system. Both
phases are separated by an interface where the system is discontinuous and where
matter exchange occurs between both phases. These exchanges involve chemical
reactions, in a first approXimation in two-dimensional space, since the thickness/
surface ratio of the contact zone is very small. The behavior of reactants must be
very different whether they are in the liquid phase in contact with the solid or away
from the surface. Furthermore, chemical reactions involve the surface of the solid
phases, whose characteristics are neither those of the bulk nor those of the metallic
ion in solution. In fact, cations at the surface of oxide or hydroxide particles are
immobilized and subjected to stresses owing 1o their proximity to the solid. These
ions, which were mobile in solution prior to the formation of the particles, are now
part of the solid. However, they still keep a ‘memory’ of -their initial properties
(acid—base characteristics, the ability to undergo ligand exchange) since one side

“of their coordination sphere is still in contact with the solution. However, their
properties are now affected by the structural constraints to which they are subjected.

They are also sensitive to changes in the properties of the neighboring solvent
(structure, dielectric constant). ‘

Two key points characterize the surface of oxide particles and dominate their
physicochemical properties: the surface is electrically charged and it is highly

hydrated.

6.1 ORIGINS OF THE SURFACE CHARGE

The charge on oxide particles results from the ionization upon contact with water of
hydroxyl groups on their surface [1-3]. How are these groups formed?

From a macroscopic standpoint, there is a difference in the chemical potential of
the constituents in both phases in contact. Owing to kinetics (low ionic mobility in
the solid) and thermodynamics (solubility product), migration of cations towards the
liquid phase and dissolution of the oxide do not occur. The difference in the chemical
potential of oxygen does decrease through adsorption of water and dissociation of the
adsorbed molecules, which explains the presence of hydroxyl groups on the surface.
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H air or water

Figure 6.1 Water chemisorption on an oxide surface

From a structural standpoint, the coordination number of cations on the surface
of an oxide synthesized by ‘dry’ techniques (CVD, electric arc, solid state reactions)
is necessarily lower than that of ions within the solid. Upon exposure to ambient
atmosphere, satisfying the coordination number of the surface lon is the driving
force behind the chemisorption of water which causes its dissociation and combina-
tion (Figure 6.1). :

When hydroxide or oxide particles precipitate in solution, surface hydroxyls are
naturally present since they come from the coordination sphere of the last cations
incorporated as zero-charge complexes.

Like hydroxo complexes in solution, surface groups (M—-OH) ionize in contact
with water:

M-0O~ + H,0*" &= M~-OH + H,0 <= M-0OH; + HO~ '

The charge on surface groups can be negative, positive or zero depending on the
nature of the oxide, and give the surface a basic, acidic or neutral character
respectively.

Acid—-base properties of surface ligands are different from those of the ligand on
the monomeric cation in solution. Firstly, the structure of the surface groups is
variable. They may be mono, di- or tricoordinated, depending on the structure of the
solid and the orientation of the crystal in the particle. Because of their proximity to
one another, these groups are also subjected to short-distance electrostatic interac-
tions. Such interactions increase the acidity of water molecules and the basicity of
oxo ligands. Each type of site will behave differently depending on its own structure.
As will be discussed later, the charge distribution is inhomogeneous in density and
in sign, and therefore the problem requires more careful analysis. However, the net
surface charge density, oy, is defined as

oo = (F/A)([M-OH{} — [M-07]) (6.1)

where A is the surface area of the particles (m*17"y and represents the surface area
per unit volume of particles, and F is the Faraday constant (96 500C mol ™ 1); the
quantities in brackets are the concentration (mol1™") in charged surface sites. og
can be as high as 0.2-0.4C m~2. This quantity is measurable using potentiometric
titration (see Section 6.3).

The surface charge on an oxide is the result of acid—base equilibria. Hence, it is a
function of pH and of the ionic strength of the solution. oy may be positive, negative

- Oxide—Solution Interfuce 213
Table 6.1 Point of zero charge of several oxides 1]
z Oxide PCN
+11 MgO ~12.5
ZnO 9-10
+111 a-Fe; O3 ' ©55-9
a-Aly0s 6.5-10
+1V TiO, 3.5-6.5
Si0O, 2-4
+V Sb,0s ~0.5
+VI1 WO, ~0.4

or zero, depending on the medium. The point of zero charge (PZC) is an important
characteristic of the surface. It defines the pH of the medium for which the charge
oo becomes zero. Hence, the PZC is a reflection. of the acidity of the surface. For
pH < PCN the charge is positive, whereas for pH>PZC it is negative. The value of
the PZC is directly related to the nature of the oxide and depends on several factors.

() Polarization of surface groups by the cation. This polarization is related to the
size and the charge of the cation. If the cation is small and more charged, the
electron transfer M« O becomes important and the basicity of surface oxygens is
small. Hence, surface groups behave as stronger acids. Table 6.1 (see also Table 7.1)
gives the PZC of various oxides.

Reversal of the charge, i.e. a change in the sign of oy, can be oblained by
modifying the pH if the PZC is neither too high nor too low. If this is not the case,
the sign of the charge and its magnitude are almost independent of pH, as in the
case of molecules and strongly basic or acidic ions in solution.

(ii) Crystal structure and particle morphology. They impose the coordination and
the relative proportions of mono-, di- or tricoordinated hydroxyl surface groups.
Since each type exhibits different acid—base properties, the PZC of the oxide will
be dependent on the crystal structure and the particle morphology. This is why the
PZC of a-FeOOH is 9.1 whereas that of y-FeOOH is 7.4 (see Table 7.1).

(iii) Heat treatment and physicochemical history of the oxide. Both factors have a
strong influence on the PZC. Particles fired at very high temperatures are less
readily hydrated and hydroxylated. Below 200°C, molecular water physisorbed
via hydrogen bonds on surface groups is removed. The surface groups reimnain
unaffected up to about 400 °C. At about 700 °C, hydroxyl groups dehydrate if they
are adjacent to one another (two groups are required to eliminate a water molecule).
When only isolated groups remain, no further dehydration can occur if the tempera-
ture is not high enough to allow their'diffusion on the surface. This is the only
possibility for a reaction and water elimination. This occurs at temperatures ranging
from 800 to 1000 °C, depending on the oxide {4]. Rehydroxylation upon contact
with water is usually slow, and oxides that have been subjected to high firing
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temperatures (and hence are highly dehydrated) will exhibit a PZC significantly
different from that of a fully hydroxylated material [1]. During rehydroxylation, the
PZC shifts slowly back towards that of the completely hydroxylated material. This
process may take several weeks or even several months. Acidity changes that
parallel hydration variations may be due to changes in the coordination number of
surface groups and to ‘modification of the crystal structure in the near-surface
volume of the particle {5].

The history of the particles and their morphology have a considerable influence
on their surface properties. Specifically, treatments to which they have been
subjected during synthesis, as well as the presencé of adsorbed species, may be the
reason for the various PZC values reported in the literature for ‘identical’ materials.
For some materials, these values can differ by several pH units (Table 6.1).

6.2 SOLVATION AND STRUCTURE OF THE INTERFACE

As with ions in solution, the polarity and ionization of surface groups cause their
solvation. The presence of a hydration layer on the surface of particles plays a major
role in the behavior of colloidal dispersions.

6.2.1 SOLVATION OF THE PARTICLES

In an earlier section, we saw that hydrogen bonds in liquid water are responsible for
a number of properties of the liquid, and that the presence of ions in the liquid does
alter its local structure (see Chapter 1). The surface groups M~-OH, M—-OH3 and
M-O" are polarized and develop very strong interactions with water. They also
have a very strong structuring effect on the liquid. Measurements of immersi‘on'and
adsorption heats, as well as dielectric measurements on a-Fe,O3, ThO; or SiO,,
show that the 2—3 layers of physisorbed water adjacent to the first chemisorbed
water layer are immobilized by pairs of hydrogen bonds forming an order similar to
that of ice. These bonds are still present at room temperature 13,6-8] (Figure 6.2).

e i
Q.. /O"S' _
Hy g M HygH H\O’H<—-— second physisorbed layer

\H\O/H‘ o H <«—— first physisorbed layer

Q
HoH B <«—— chemisorbed groups
oo g
.‘OMOM_‘Q*{)‘ S

.

Figure 6.2 Adsorption of water on an oxide surface. From [6] by permission
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The ordering of solvation layers disappears away from the surface. Beyond a
distance ranging between a few angstroms to a few tens of angstroms, depending on
the nature of the oxide, water recovers its liquid characteristics [9]. Large amounts
of water may participate in the solvation of a surface. The hydrodynamic size of the

‘particles, measured by quasi-elastic light diffusion, is very frequently greater than

the size observed by SEM or XRD. The 80 A ~-Fe,04 particles (as measured by
microscopy and XRD) have, at pH=2 (positively charged surface), a hydrodynamic
diameter of approximately 140 A. Therefore, a 30 A thick layer of water is trans-
ported with the particles in their movement within the suspension.

The thickness of the highly structured hydration layer is usually a few molecular
diameters. It increases with increasing polarity of the surface and increasing surface
charge density. This solvation water constitutes the ‘Stern compact layer'. Its
characteristics (thickness, dielectric constant) are difficult or impossible to determine
experimentally, but its presence allows the differentiation of interactions between
surface and several electrolytes: proton, hydroxyl ion and ions that are inactive
from acid—base standpoints (see below).

The transition zone between the ordered layers of solvent, the first of which
are strongly attached to the surface, and ‘liquid’ water is characterized by the
‘destructuring’ of the solvent. It is a process similar to that around ions in solutions.
Water molecules within this zone are subject to competing forces: forces due to
neighboring molecules in the solution, and forces due to orientation imposed by the
surface of the particle. Within this zone the viscosity of the solvent is minimal, and
this is where the solvent ‘glide’ or ‘shear’ takes place when the particles moves {9].
The structure imposed in the solvation layers influences the forces exerted at short
distance between hydrated surfaces [10,11].

6.2.2 SURFACE-ELECTROLYTE INTERACTIONS

The presence of a network of hydrogen bonds in the entire liquid phase, including
the solvation layers of the particles, allows easy diffusion of H* and HO™ ions
towards the oxide surface. These ions participate in chemical reactions taking place
on hydroxyl groups, and the structure of water near the surface does not hinder their
movement. Of these two ions, the proton is the only one truly chemisorbed since it
forms OH or OH, ligands. HO™ ions deprotonate surface ligands to form water.
These ions are responsible for the charge oo [equation (6.1)], and for the potential
created by this charge. Protons and hydroxyl ions are called potential-determining
ions, or PDIs.

The non-specific electrostatic forces caused by the surface charge attract ions of
opposite sign (counterions) and repel ions of same charge (co-ions). Depending on
the nature of the counterions, their interaction with the surface will be more or less
strong. o

lons of relatively weak charge density {ions such as Cs™, [N(CHy4)t, [Cl04]7,
see Chapter 1} cannot penetrate the strongly structured water layer near the oxide
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Figure 6.3 Oxide-aqueous solution interface

surface. The minimum distance they are able to reach corresponds to the thickness
of the Stern layer. This limit is called the outer Helmholtz plane, or OHP, and
corresponds to the glide plane of the solvent (Figure 6.3).

When subjected to electrostatic attraction and thermal agitation, counterions
form a diffuse layer in the solution, beyond the OHP. The electric potential g
caused by the surface charge and neasured at the OHP (at the limit of the diffuse
layer) is the zeta potential, ¢, which is calculated from the electrophoretic mobility.
This is the only measurable potential for oxide particles. The charge of the diffuse
layer, og, represents the countercharge of the particle (Figure 6.3). Since it compen-
sates for the surface charge, electroneutrality imposes og + dyq = 0.

Some ions are attracted towards the surface by electrostatic forces and have a
particular affinity for the solvation layer. With oxides, the structuring ions penetrate
the ordered solvent layer most easily because they have a tendency to preserve local
order in the zone. Alkalis, for example, are adsorbed on negatively charged oxide
surfaces in the following sequence Li* >Na*>Cs™. This order is due to the fact
that water molecules are poorly mobile near the surface and compensate the entropy
loss by an increase in bond energy with the most strongly hydrated cations [11] (see
also theé study on flocculation in Section 8.1.5). On the other hand, Agl colloids
adsorb more specifically on destructuring ions [12]. Ag™ and I” are also destructur-
ing and do not cause strong solvation of the surface. '

The mobility of ions within the solvation layers is limited by the strong structur-
ing of the layer and the strong clectrostatic forces near the surface. This was clearly
demonstrated in NMR investigations of the relaxation times of 23Na adsorbed on
the surface of silica [13]. The relaxation time of adsorbed Na™ is longer for ions in
solution, but does not allow the formation of ion pairs or complexes with negatively
charged sites on the surface. The solvation layers of the adsorbed Na* do not appear
(0 be affected and, since these ions are only subjected to non-specific electrpstatic
forces, they are only constrained ot to diffuse outside the solvation layer of the
particles. The chemical component of the free enthalpy of adsorption of these ions
is zero. Their bonding energy is of the order of a few kT [14]: Interactions between
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the ion and the surface probably occur via hydrogen bonding between charged
groups and solvated surface groups as in

8
$i-0”-H_ .H—O_

. /O: /NH(OP12)4+
S0 -1 H-0

The role of the counterions on a charged surface is not limited to maintaining the
electroneutrality of the dispersion. Since these ions are near the surface, they also
shield electrostatic repulsions between charged groups, which modifies the surface
charge. At a given pH sufficiently far from the PZC, the number of charged sites is
limited by their mutual repulsion. Attenuation of this repulsion by the counterions
adsorbed in the solvation layer allows an increase in the surface charge. Therefore,

* the surface depends, for a given pH, on the concentration of counterions, and hence

also on the level of shieldihg. This is the salt effect, which is used in the experi-
mental measurement of the PZC (see Section 6.3).

Some ions or molecules are attracted to the surface by non-specific electrostatic
attractions and are able to penetrate the Stern tayer and bind chemically on surface
sites. Most often, these ions are complexing anions, easily hydrolyzable cations or
neutral molecules forming true coordination complexes with surface groups.
Depending on the strength of the interaction between the adsorbed species and the
surface, inner sphere or outer sphere complexes are formed. These species are called
physisorbed or chemisorbed respectively. This phenomenon is known as ‘specific’
adsorption, or surface complexation, and a chemical term appears in the free
enthalpy of adsorption. Specific adsorption is further discussed in Chapter 9.

6.3 EFFECT OF IONIC STRENGTH AND DETERMINATION
OF THE PZC ,

The net surface charge gg = (F/A) ([MOH;] —-[MO7)) is a function of the acidity

. of the medium. pH measurements and titration curves give access to the amount of

protons or HO™ ions consumed after known additions of acids or bases to the
colloidal suspension. They allow calculation of the charge of the particles [2,15,16]
(Figure 6.4). Since the absolute value of the charge is not known a priori, a single
acid—base titration curve does not allow determination of the PZC. Therefore, the
electrostatic shielding effect of charged surface sites by the ions in the electrolyte is
used. : '

. At a given pH, the net surface charge increases with increasing electrolyte
concentration, as shown in Figure 6.4. Electrolyte ions accumulating at the OHP or
penetrating further into the Stern layer (cations if the charge is negative, anions if it
is positive) shield on the one hand the repulsions between charged surface sites, and



218 Metal Oxide Chemistry and Synthesis

og (Cm™2) 10-1 M
10-2M
-0.2 [©
10-3 M
0.1 |
4
0 [ R pH
5 8 10
0.1
02 I

Figure 6.4 Variation in the surface charge of TiO, anatase as a function of the pH of NaCl
solutions for several concentrations. Reproduced by permission of Academic Press from [17]

on the other hand the repulsions between the surface and the PDls (protons,
hydroxyl ions). The latter become less repulsed by the surface. With the addition of
the electrolyte, more sites are ionized and the surface charge increases. At the PZC,
the electrolyte has no effect. This is why all curves have a common intersection
indicating the PZC, or point of zero salt effect [18].

The sol or suspension is at equilibrium for a given pH, for example basic, in the
presence of an electrolyte that does not adsorb speciﬁcally (KNO;3, for example)
(point 1, Figure 6.5). It is subsequently titrated until point 2. At this point, more
electrolyte is added. The pH increases and the positive charge increases uatil point
3. The suspension is then titrated by a base until point 4. More electrolyte is added
(point 5) and an additional titration by a base is carried out (point 6). If indeed
the electrolyte is indifferent, which means that its ions are subject only to the
electrostatic constraints, all curves will intersect at the PZC. At the onset of the
experiment, the surface charge is unknown and the first curve cannot be placed on
the y axis. But the intersection point of all subsequent curves, indentified as the
PZC, allows a determination of the origin of the charge axis. Hence, if for a given
oxide and several electrolyles of varying concentration the same intersection point
op = f (pH) is obtained, it is clear that this point is the PZC and that no specific
adsorption takes place. : .

If the electrolyte contains an ion specifically adsorbed, the intersection point of
the oo = f (pH) curves shifts and no longer represents the PZC determined with
‘indifferent’, or non-specifically adsorbed ions. Specific adsorption of cations shifts
the intersection towards lower pH; anions shift it towards higher pH. For example,
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Y
PZC

Figure 6.5 Proton tilration curve of an oxide suspenston for various electrolyte concentra-
tions. Reproduced by permission of Academic Press from [18]
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Figure 6.6 PZC for hematite, a-Fe,Os5, as a {unction of the electrolyte: (a) KCI, (b) LiCl,
(c) Ca(NOs),. The PZC shift is more pronounced with Ca** since i1 is more strongly
adsorbed than Li*. From [19] by permission

specific adsorption of Ca** on a-Fe, 04 shifts the PZC from 8.5 10 6.5 (Figure 6.6),
whereas adsorption of SO}' increases it from 8.5 to 9.5 [19-21].

Specific adsorption of cations near a negatively charged surface shields the
negative charges and promotes desorption of protons on adjacent sites. Cancelling
the charge requires a pH lower than in the absence of any adsorption, causing a
decrease in the PZC. Similarly, anions adsorbed on a positive surface increase the
PZC. In this .case, oo = f (pH) curves for various electrolyte concentrations no
longer have a common intersection point. The greater the affinity of the ion for the
surface, the greater the shift in PZC. If the ion affinity is very high, the surface may
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be saturated at very small concentrations. In this case, the gg = f (pH) curves do
have a common intercept but it does not shift with electrolyte concentration. This is
why it is necessary to use several electrolytes to measure the actual position of the
PZC.

6.4 CONMPONENTS OF THE SURFACE COUNTERCHARGE

When particles are suspended in a medium of given acidity, they acquire, in the
presence of an electrolyte that does not adsorb specifically, a positive charge for
pH <PZC, or a negative charge for pH>PZC. How is this surface charge compen-
sated for in the solution and how can the shielding effect of counterions be
measured?

Shielding of charged surface sites is described quantitatively by the Esin—
Markov coefficient, 3 [18,22].'This coefficient was introduced initially in the case
of the mercury/electrolyte interface. It represents the variation in applied potential
required to maintain a constant surface charge when electrolyte acitivity increases:

OFE
d(ln~yc),

where E is the applied external potential and -y is the electrolyte activity coefficient
at concentration c.

The surface potential of oxides is related to the concentration of PDIs, and hence
it is also related to the pH. Therefore, # can also be expressed as

JpH
d(log yc),

Experimentally, ( is determined using the 'ApH/Alog"yc ratio, which represents
"the horizontal distance between the curves in Figure 6.4 for a given spread in ionic
activity of the medium. The usefulness of this parameter is that it allows a calcula-
tion of the components of the countercharge of the colloid.

If 5~ and o are the respective contributions from anions and cations to the
surface countercharge, then o7 + o+ = —ay, where oy is the net surface charge.

Thermodynamic considerations [19] show that in the case of an electrolyte
(2" 27 '

1zt +2z (0o~ I+ (ot
B=-—-—Zr= "\ ) =TV o \o
Z 2tz 0oy / , 4 ztz 00/ 4

where a is the ionic activity.
For a [ : 1] electrolyte, integration of these expressions gives

[ =

b=

n [eJ] 1% + _ ago 1 [ R _
o :~~2——+§ . Bdo + opyc o :—v2—+§ . Bdo+ opze
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Figure 6.7 - Concentration profile of the constituents (o the surface countercharge near the
pzC

where o7t + 0pzc = 0. Here oy and o, are the contributions of the cations
and anions to the countercharge at PZC (oy = 0).

~ If there is no specific adsorption and if the number of ionized sites is zero at PZC
(see Section 7.1.3), then o}, = 0pyc = 0 and B = 0 at the PZC.

Near the PZC (8 = 0), we may write 3¢~ /dog = Jo”" /dog =~ —1/2 and
0" o' = —0y/2
This shows that cations and anions have an equal contribution to the compensation
for the surface charge. At the PZC, there is no charge and no countercharge, but if
oy becomes slightly positive, for example, half the charge oq is compensated for by
excess anions from the electrolyte (counterions attracted by the surface), and the
other half is provided by a deficit in cations (co-ions repelled by the surface). The
jonic concentration profile is shown in Figure 6.7.

If the stxrf;lce charge increases, the g coefficient increases in absolute value
towards +1. If g9 < 0, 3 decreases towards — 1, o~ towards 0 and oV towards —oyg.
If og > 0, § increases towards +1, ot towards 0 and o~ towards —op. Essentially,
the electric charge is compensated for by ions of opposite charge [22,23]. lons of
the same charge as the surface are repelled and their concentration is negligible near
the surface.
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7

Modeling of the Oxide—Solution
Interface

To the previous phenomenological considerations, it is necessary to add a
quantitative approach that could link the characteristics of the medium with those of
the surface. More specifically, the acid—base characteristics of the surface and the

- charge variation as a function of pH must be characterized. Unfortunately, very few

surface-specific experimental quantities are accessible to experiment, and the
structural details of the surface are usually unknown or impossible to determine.
Building a model of the oxide—solution interface is therefore required in order to
understand the behavior of particles in suspensions.

7.1 SURFACE ACIDITY

Is it possible quantitatively to describe the variation in the surface charge of an
oxide with the acidity of the medium and predict the value of the PZC?

Structural considerations aside, surface group acidity can be characterized by the
following equilibria:

[(-MOH][H]

~MOH ¥ ~MOH + H, K% = 7.
2 @ s i [_MOH—Z{»] ( l)
_ ~MO7|[HF]
~MOH ~-MO™ +HT, K% = [EMOT)IHS | 7.2
= : -~ [£MOH] (7:2)

The constants K(jr and K9 involve the local proton concentration [H ] in equilibrium

“with surface groups in their immediate environment. These protons are subjected to

the electrical charge of the surface. In order to relate the local proton concentration
to the proton concentration in the solution in zones unaffected by the surface charge,
we must consider their electrochemical potential. '

The electrochemical potential ! of ion i of charge z; subjected to a local electro-
static field 1 is expressed as a function of its chemical potential p; as

=ty FY
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where F is the Faraday constant, 96 500 Cmol~"'. For the i species distributed
between two phases A and B, the equilibrium condition is

Iia = B
or

J8 + RT W0 Cyp + 2 Fibp = pigy + RT InCig +2; Fiby
where C; and Cip are the concentrations of ion i in both phases (¢; = Ci/Na, with
C; being the concentration in mol 1™", and No Avogadro’s number).

Assuming that the standard chemical potentials 9 are the same in both phases,
and that the electrical potential is zero in one of them (¥ = 0), we can write

C,‘A = C,’B €eXp (—Z,' F'l/)A/RT)

This is Maxwell—Boltzmann’s equation, in which a is the electrical potential at
the point where Cia is measured. 1f Cio is the concentration in ion i far from the
particle, in the zone not affected by surface clectrical charge, the concentration of
at a distance r is

Cir = Cioo cxp (=2 14, /RT) . (7.3)

For the protons subjected to the electrical potential 1y at the surface of the particles,
we can write

H}] = [H ") exp(—Fo/RT) (7.4)

[H™] is the proton concentration in the solution, far from the interface (which’

controls the pH). Using (7.4) in (7.1) and (7.2) gives
o _ [-MOH]|[H"] [-MO~[H "]

+ = T[CMOHT] Cvion] P (/KT

exp(=Fypg/RT),  K° =

or .
K® =K' exp(~Fyy/RT), K% =K exp(=F4o/RT) (7.5)

In these expressions, K * and K~ are the affinity ratios. They are called the intrinsic
constants and characterize the acidity of surface groups in the absence of an electric
field (¢ = 0). )

One of the main difficulties in understanding the physicochemistry of particles is
the identification of the reaction _sfles on the surface. Most often, the effective
structure of the surface is unknown. The solid may be amorphous or, if it is
crystallized, the identification of faces and their relative amounts cannot be known.
The morphology of the particles is also difficult to determine and it is not necessarily
uniform. Electrophoretic measurements allow the determination of the acidity
ranges in which particles carry a positive or negative charge. With this technique it
is also possible to determine when the sign of the surface charge changes. Since
more detailed information is not available, we are limited to considering an average
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behavior of the surface, with one type of amphoteric surface sites. This means that
the sites involved in equilibria (7.1) and (7.2) are the same as those involved in
equilibria (7.5). It is obvious that this description of the surface sites is chemically
unrealistic, bécause fwo protons reacting on the same ligand would involve consi-
derable clectrostatic repulsions. For monomeric species in solution, the same cation
cannot successively exhibit the three aquo, hydroxo and oxo forms. For surface
sites, the constraints that limit acid—base equilibria are even stronger.

In the absence of a good technique able to characterize reaction sites, surface
acidity is considered to be an average value. The constants K % and K (or K™ and
K ~) related to amphoteric sites are often treated as adjustable parameters in models
of the oxide—solution interface. A model of multiple site complexation has recently
allowed a better description of the surface of oxide colloids, as well as an
inlerpretalibn of their behavior.

7.1.1 SURFACE ACIDITY INTRINSIC CONSTANTS: THE

MULTISITE COMPLEXATION (MUSIC) MODEL [1,2]

The model is partially ‘derived from analyses by Kossiakoff and Harker (3] and by
Parks [4]. The model assumes that it is possible quantitatively (o assess the strength
of oxyacids using electrostatic considerations. ‘

The acid—base character of oxygenated surface groups is a function of the degree
of compensation for the charge on oxygen by the surrounding cations. In an ionic
solid, electroneutrality results from the mutual and local compensation for the
charge of ions surrounding themselves with ions of the opposite charge. In order to
account for the geometry of the ionic arrangement, Pauling introduced the concept
of formal bond valence, v = z/N, defined as the ratio of the charge of the cation z to
its coordination number N. It expresses the degree of charge compensation for a
bond. For example, in AI(OH),, gibbsite, the +3 charge of aluminum in coordina-
tion 6 is compensated for by that of six OH™ ions. The bond valence of the cation is

=z/N =3/6 =1/2. In other words, the charge of each HO™ in the solid is
compensated for by a fraction of the charge of two AI>". The charge of the anion is
equal to the sum of the bond valences around it, and the compound can be formally
written Al(OH)g/2.

Compensation for the negative charge of surface oxygens by coordinated cations
is not always complete. A formal partial charge § may remain on the surface

.ligands. For example, for singly coordinated OH ligands, the formal charge 6 can be

variable:
Si—OH v=4/4 =1 §=1-2+4+1=0 Si—OH°
Ti—OH v=4/6=2/3 6=2/3-2+41=-1/3 Ti—OH™'/3
Al-OH  v=3/6=1/2 §é=1/2-2+1=-1/2 Al-OH /2
Mg-OH wv=2/6=1/3 6=1/3-2+1=-2/3 Mg—OH™?/?
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For a doubly or triply coordinated OH:
AL-OH  v=1/2 =2x1/2-2+11=0 A'lz—OHO
AL=OH  v=1/2 6=3x1/2-2+41=+1/2  AL—-OH*/?
The charge 6 = nv — 2 +p ('p is the number of protons of the surface ligand) on the
oxygen aloms causes them lo exhibit an acid—base character. Their protonation
equilibria are
M,-O 3 4 HY &=> M OHM™ VK, (7.6)
M,~OH* 1) 4 g+ «e—= M, OH", K, 5 (1.7)

For consistency with the previously defined constants, the intrinsic dissociation
constants are '

_ M, 0" D) H)

nl =

[M,OH ™ Dj[H]
| and Kna = :
(M, OH (1)) (M, OH{™)

Since the acidity of a group increases with increasing positive formal charge, the
MUSIC model allows a simple calculation of acidity constants, starting from
electrostatic considerations.

The change in free enthalpy of reactions (7.6) and (7.7) includes a purely
electrostatic component AGY, corresponding to the electrical energy involved as the
proton comes closer to the surface, and other ‘chemical” components AGSh:

AGY = AGY + AGY : (7.8)

ch

The calculation consists in calculating the ‘electrostatic term and in describing
explicitly the parameters involved in the constants K, ,. The use ‘of the bond
valence concept simplifies the calculation by providing a way of removing the
influence of other ligands in the coordination sphere.

Assuming point charges, the term AGgl,
to O-H or OH-H and M-H interactions:

ZHZO(H)N€2 +HZH’UN€2

AGY =
dmer dme,L

el T

(7.9)

where L is the M—H distance, r is the O—H distance (Figure 7.1), Zy = 1, Zp = —2
and Zoy = —1. Here €, and &, are the microscopic effective dielectric constants,
and €, has no real physical significance owing to the simplicity of the model. It is
involved in only one term representing a sum of electrostatic interactions.

Taking into account K as the dissociative constant of the considered reactions,
the equilibria constant is '

AG® = —RT In(1/K) = AGY + AGY, (7.10)

ch

is due to the approach of the proton and
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MZ+

Figure 7.1 Geometry of the -M-OH surface groups

or
) ' ZuZogyNe*  nZyuNe?
—RTIn(1/K) = AGY +
(1/K) ch 4reyr dre, L (7.11)
or'again
Bnu .
log(l/K):pK:A—T . (7.12)
with
_ _ZH ZO(H) N€2 _ AG(c)h and B = ZHN€2
2.3RT4ne,r 2.3RT T 2.3RT47e,

where A and B are constants which can be estimated using solution chemistry data.
They are needed in the calculation of the intrinsic constant K, using v and L.
The protonation of oxo or hydroxo monomers in solution:

M-O®™ ¢ HY = MOH™), kT, ' (7.13)
M—OH®D 4 g+ «— Mon{¥, K7 (7.14)

is characterized by equilibrium constants [5] which are indeed correlated to the
v/L ratio for elements of similar electronic structure. This is true for a wide
range of formal charges (1-5) and coordination numbers (4—8) (Figure 7.2). The
mtrinsic constants XK', in the protonation equilibria of monomers can therefore be
written as ‘

By

log (1/KY ) = pKY, =A’—-L~ (7.15)

which is analogous to (7.12) for n = 1.

The parallel straight lines in Figure 7.2 indicate that the successive protonation
constants of oxo and hydroxo species are about 14 units apart. This difference is
roughly the same for water couples (H3O+/HZO, pK = 0, H,0/HO™, pK = 14).
This difference is quite Jarge because the protonation steps take place on the same
ligand and involve strong H-H repulsions. In polyacids, successive pK values are
distant by about 5 pK units {6].

One may assume that for surface reactions the main difference with monomeric
species in solution is the AGY, term in the expression for the intrinsic constant
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logK™ 1,x
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0.2 0.4 06 V/LA

Figure 7.2 Protonation constants of hydroxo and oxo monomer complexes as a function
of the bond—valence/M—H distance ratio. e is for the protonation of neutral hydroxo

complexes of metals with a rare gas configuration (log K'5); o is for the protonation of oxo

forms of the same elements (log K7',). Constants tog K7 and log Ky of d'° elements are

denoted by m and o, and those of water (OH and H;0) are labeled a; L values are estimated
from ionic radii. Reproduced by permission of Academic Press from [1]

[equation (7.11)}, assuming that the difference between K, and K, » remains the
same. For aluminum, the protonation constant of the AI(OH); monomer, K’l’"2, is 5.7
[5]. In gibbsite AI(OH)3, a material well defined structurally and involving mono-
coordinated surface groups —Al(OH)‘”z, the experimentally determined K2 is
10+ 0.5 [1]. The difference between pK values is caused by the structural and
proximity constraints to which the protonable groups are subjected.

In order to obtain the pK of surface groups, it is necessary to change the A’ term in
(7.15), i.e. effectively shift the straigtht lines in Figure 7.2. Using the experimentally
determined value of the protonation constant of simply coordinated Al-OH groups,
one obtains average values A = 34.06 and 20.16 (for K, and K, » steps respec-
tively) and B = 52.7 (L is in angstroms). Used in (7.12), these values allow the
calculation of protonation constants of singly, doubly or triply coordinated groups.

The M~H distance, L, which varies in each case, is obtained from crystallographic

data. A few examples are given below. :

Gibbsite AI(OH); particles look like hexagonal platelets (Figure 7.3). The large
faces 001 only exhibit doubly coordinated OH groups (density is 13.8 groups/nm2).
The sides of the particles (hkO faces) contain single and doubly coordinated OH
groups (9.6 and 4.8 groups/nm2 respectively). For singly coordinated groups, the
L s distance is 2.59 A [2]. Equation (7.12) gives

pKi2 = 20.16 — 52.7 x 0.5/2.59 = 9.98

_AI-OH~'2 4 H* ¢== —AI-OH}'?,  pK, =10
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001 face {(AlzOH)

hko faces (AlROH + AljOH-1/2)

Fi‘gu're 7.3 Gibbsite particle AI(OH),

For doubly coordinated groups [L_iy=2.43 /3‘].’ a similar calculation gives
pKa | = 34.06 — 52.7/2.43 = 12.37
—AlL—O" +H* <= —Al,-OH, pKy, =123

and
pKy, = 20.16 - 52.7/2.43 = —1.53

~AlL,—OH +H* <= —Al;-OH;, pK,, = —~1.5

The pK of the —AlO‘/—AlOH'”2 equilibrium (pK,,;=23.88) is very high and the
singly coordinated groups are therefore present only as ~Al-OH™Y% or —Al-
OH'ZH/Z, depending on the pH. Doubly coordinated groups exist only as —-Al,-OH
within the usual pH ranges.

Acicular particles of goethite a-FeOOH have three types of face. The 100 faces
bear singly (1), doubly (11) and triply coordinated (111) OH ligands (Figure 7.4). The
density of all three types is the same (3.3 groups/nmz), as calculated using the
dimensions of the unit cell. The 010 and 001 faces carry type (1) and type (I[) groups
(7.1 and 8.6 groups/nm® respectively).

The calculated protonation constants are

_Fe—OH™'2 4 H} <==> —FeOH; "’ pK,, = 107
~Fe, -0~ +H} <= —Fe,~OH pK,, =137
—Fe,~OH +H} <= -Fe,—OHJ pK,, = 0.1

_Fe;—O"2 4 H! &= —Fe,~OH"'/?  pK,, =43

" The —Fe,—OH groups are chemically inert and do not contribute to the charge

within usual pH ranges. Figure 7.5 shows the degree of protonation of various
surface groups as a function of the acidity of the solution.

CeO, is also a good example [7). The 100 faces of the particles carry doubly
coordinated groups Ce,—OH (6.8 groups/an). The 111 faces carry tricoordinated
Ce;—OH and singly coordinated Ce~OH groups in equal amounts (7.9 groups of
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100 face
FesO(H) Fego0H() Fe OH(2)

i

010 face
Fe QOH(Q)
Fe1OH(2)

FeiOH()  Fep0H()
001 face

Figure 7.4 Crystal of goethite showing the surface structure of faces 100, 001 and 010

u3-003
p2-OHO |

p1-OHo 05 I n1-OH03

0 | 14 pH

Figure 7.5 Protonation range of various groups on the surface of goethile

each type/nm?). The same is true for the 110 faces (9.6 groups/nm?). Their
calculated acidity constants are '

Ce,—0~¥? £ HY &= Ce;-OH™Y2  pK,, =23 (a)
Ce,—OH™'/2 4 H' &==> Ce,~OH;'*  pK,, =92 (b)
Cey—O~ + H*  <== Ce,—OH° Ky = 14 (c

- Ce,—~OH® + H*  <==> Ce,~OHJ pKy, =0 (d

CeamO~ /2 f HT &= Cey—OH*'/? pKy | = 4.2 e

)
)

(e)
Ce,~OH*/2 4 HY &= Ce,~OH3”? " pKy, =-98 ~ (f)

v
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Table 7.1 Characteristics of the hydroxylated groups on the surface of aluminum oxide
Al O3

Surface groups ' . —Al-OH™'"*  -Al,-OH ~Al;—QH+7?
Calculated pK, i 24 12.3 1.6
Bond energy of the proton (eV) [8] 21 19.4 17.7

Infrared .absorption frequency (em=Y [9) - 3785-3800 3740-3745  3700-3710

Equilibria (a), (c), (d) and (f) do not occur within usual acidity ranges. The only
surface groups present are Ce,—OH™Y% Ce,—OH and Cey—OH Y2,

The 100 faces, which carry only doubly coordinated groups [equilibria (c) and
(d)], remain practically unchanged in the entire acidity range. Faces 111 and 110
are always unchanged at any pH [equilibria (b) and (e)]. The PZC of these faces
(which is in fact an isoelectric point, see Section 7.1.3) is close to 7 since they have
both types of group. Therefore, when the morphology of the particles and the
crystal structure of the faces are known, it is possible to calculate the charge as a
function of solution pH, and to calculate the PZC (see Section 7.3.3).

The calculated values of the equilibrium constants are quite reasonable (see
Section 7.3.3). The acidity of surface groups increases notably with the degree of
coordination of the hydroxylated groups. This effect can also be shown by calculat-
ing the bond energy of the proton in the hydroxyl groups coordinated to the surface
of model clusters [8]. The bond energy decreases with increasing coordination of
oxygen (Table 7.1). The weakening of the O-H bond with the coordination number
of the hydroxyl ligand is also reflected in the decrease in its infrared resonance
frequency {9)] (Table 7.1).

It is interesting to note that, in these examples, no group exhibits amphoteric
character, in spite of the fact that-some faces of the particles might be positively
or negatively charged. Each type of group is only involved in one protonation
equilibrium over the entire pH range. Therefore, the successive involvement of two
protons on the same group appears completely unrealistic. This seems to be a general
property of the surface of oxide particles that is contrary to widely held beliefs [10].

A thorough analysis of the origin of the electrostatic charge can explain the
preferential development of some faces of a crystal. It also explains, to a certain
extent, the irreversible and ordered aggregation which leads to the formation of
tactoids [11] (see Chapter 8).

7.1.2 EVALUATION OF THE PZC

If details of the morphology and structure of the particles are unknown, surface
acidity and PZC can be characterized only using average values of the equilibrium
constants. It is assumed that surface groups are able to react with two protons at
most, to form a molecule of coordination water, which leaves an uncompen-
sated charge -+v on the metal [12]. The approach taken by Parks [4] and the
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MUSIC model allows us to write the following equilibrium:

M—0®V" 4 2H! <= M—-OH} ' (7.16)
characterized by the intrinsic dissociation constant

K :M T : (7.17)

[MOH3]
At the PZC, the overall neutrality of the surface imposes
(2 — v)[MOC ™7 = v[MOH}]

The constant in (7.17) may therclore be expressed as

U[H /C]2
2—w
or
2—wv .

pK = log — 2PZC (7.18)

Substitution of (7.17) in (7.12) gives
1 2 -
PZC = A - BZ——I g 2" (7.19)

In this equation, the A and B terms are constants analogous to the constants
in equation (7.12). In this case, both protons are treated as a single point charge +2;
L is the M—H distance.

Constants A and B are catculated using the experimental values of the PZC of -
Al,O5 (PZC=9.1) and MgO (PZC=12.4) [12]. The calculated values of the PZC
for oxides and hydroxides are generally in good agreement with experimental data
(Table 7.2) [4,12].

Since 4 and B are calculated with 6-coordinated elements (7.19), there is a large
difference for compounds with a coordination number different from 6. In solids
containing hydrogen bonds, the experimental PZC is lower than the calculated one
because hydroxyl ions in the lattice tend to anchor. hydroxyl ions of the solution
within the surface layer [4]:

~M—OH +OH™ —— —M—=OH---OH~

This anchoring is not dissociative. Corrective terms must be added to equation
(7.19) for elements stabilized by the crystal field because the CFSE is involved in
the AGY, term of equation (7.12).

This model of the PZC and surface acidity constants appears to provide us with
a rather sinple and accurate characterization of the mechanism by which an oxide
or hydroxide surface acquires a charge in an aqueous solution. In the absence of
structural data, the reversal of the surface chqrge is exphmed by considering an
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" Table ’I7.2 Calculated and experimental data for the PZC of various solids [12] (the solids

conlaining hydrogen bonds are in italics)

Coordination PZC

Malterial z M Ligand v v/L calc. exp.
MgO 2 6 6 173 0.107 12.4 12.4
Mg(OH), 2 6 3 173 0.109 12.3 12
2rO; 4 8 4 172 0.153 12.1 10—-11
Zn0 2° 4 4 12 0.167 x93 x9.3
Zn(OH), 2 4 2 172 0.169 x 9.2 x7.8
a-Al O, 3 6 4 1/2 0.171 X 9.1 x9.1
a-AlIOOH -3 6 - 172 0.170 x 9.2 x7.7
v-AlOOH 3 6 — 172 0.171 X9l x 8.3
a-Fep, 04 3 6 4 172 0.164 x 9.4 x9.4
a-FeOOH 3 6 - 172 0.164 X 9.5 x 9.1
v-FeQOH 3 6 - 172 0.166 x 9.4 x 7.4
ThO, 4 8 4 12 0.145 105 x9-9.3
Y,03 3 6 4 112 0.152 10.1 x9.0
SnO, 4 6 3 2/3 0218 x 6.7 X 6.6
TiO, 4 - 6 3 2/3 0.224 x 6.3 x6.2
WO, 6 6 2 1 0.340 x 0.3 x 0.5
SiO; 4 4 2 | 0.382 —1.8 x1.8

average reaction site involving two steps of protonation:
M-0~ +2H*' <= M-OH + H" <= M—OH/
This corresponds, in the MUSIC model, to nv = 1 (groups Si—-OH", Al,—OH?, or

' Fe,~OH°, for example). If one of the values of pK is outside the range of pH

accessible in solution, a single equilibrium occurs and PZC =pK. In some models,
changes in surface charges with pH are analyzed with equilibrium constants that are
mere tuning parameters and have no structural significance to the mechanism of
charge acquisition (see Section 7.3.2).

7.1.3 POINT OF ZERO CHARGE OR ISOELECTRIC POINT?

These terms are used routinely in the literature, most often indiscriminately, to
describe conditions in which the surface charge on colloidal particles is zero.
However, they are two different concepts that must be defined clearly.

The surface charge of an oxide may be zero for two reasons:

e absence of positive or negative charges. The surface is characterized by a PZC.
This is the case of the 001 faces of gibbsite (see Section 7.1.1).

¢ equal amounts of positive and negative charges. The IEP (isoelectric point) is the
pH at which positive and negative charges compensate each other exactly (440

 faces of gibbsite). :
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The difference between PZC and IEP is the fraction of ionized sites when the net
charge is zero. This fraction depends on the relative strengths of the acids MOHF
and MOH, and on that of the bases MOH and MO™. (The previous inodel illustrates
these concepts quite clearly.) This fraction can be calculated from the intrinsic
constants of surface equilibria {equation (7.5)]:

[MOH]?
[MOHS}[MO-]
If ApK is high (ApK >4), [MOH]> [MOH;]=[MO~]. The acid MOHJ is much
stronger than the acid MOH, and the base MO~ is much stronger than the base MOH.

The predominant species is MOH and the number of ionized species is very simall.
In this case, the PZC is used.

If ApK is small, the MOH} and MOH acids have similar strength. The same is
true for bases MO~ and MOH. The number of charged groups MOH} and MO~ is
large. The oxide is characterized by an IEP. ' '

More quantitatively, if N is the total number of surface groups and 2N’ is the
number of charged groups when the net charge is zero, we have

N = [MOHJ] + [MOH] 4 [MO~]
N’ = [MOH{] = [MO]

pK™ — pK" = ApK = log (7.20)

The fraction of positive or negative groups, § = N'/N, is

ApK = 2log l_;20
o
The change in § with ApK is given in Table 7.3.

In the case of ionic solids like Agl, all sites are charged when the net charge is
zero (6 = 0.5). In this case, the IEP is used. For most oxides, ApK > 2-3. The
fraction of ionized groups is small when the charge is zero, and the PZC concept
should be used.

At the PZC of the oxide [MO ™ ]=[MOH; }. The PZC is therefore defined as
PZC = 1/2(pK* + pK™) = 1/2(pKS + pK?) (7.21)

This is of course a very general approach applicable only in the case of a two-pK
system (two protons involved per surface group, see Section 7.1.2). A more refined
analysis such as the MUSIC ‘model shows that, in most cases, a single protonation
equilibrium must be considered per surface group. The pH at which the net charge

Table 7.3 o
ApK 6 4 2 0
0 9.9%x 1074 9.8x 1073 8.3x 1072 0.33

PzZC ' PIE
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is zero depends on the relative fractions of each type of group, as well as on their

“respective pK. For many oxides, cancellation of the global charge takes place

through compensation, and most often, such surfaces are characterized by an IEP
(see Section 7.1.1). '

7.2 SURFACE CHARGE-POTENTIAL RELATIONSHIP

In order to improve the description of the electric charge distribution around
particles, it is useful to divide the analysis into two parts: a study of the inner zone
(the compact layer) and a study of the outer, or diffuse, zone of the double layer.
The particles are assumed to be isolated and unable to interact with each other.

7.2.1 INNER PART OF THE DOUBLE LAYER

The ionization of surface MOH groups is characterized by the local equilibria (7.1)
and (7.2). Under fixed acidity conditions, the net surface charge density og is

oy = (F/A)((MOHJ] — [MO])

where A is the total surface area in m?17". Considering the total number of surface
groups per unit area, Ny (in mol m~2):

N, = ([MOH3] + [MOH] + [MO™]) /A
we can write '

[MOH]] —~ MO~}

= FN, 7.22
o * [MOHZ] + [MOH] + [MO™] (7.22)
which, taking into account (7.5), may be rewritten as
H*]/K* —Fajg/RT) — (K~ /[H* Fapy/RT
o~ oy, (YK exp (- Fo/RT) — (K[ ) exp(F/RT) 5 oy

I+ ([H*]/K+) exp(—Fipo/RT) + (K~ /[H*]) exp (Fipo/RT)

which is the equation of state of the surface [13]. It links the charge gy to the
potential v, (at the surface) at a given pH.

The surface potential of an oxide g is not directly accessible to experiment
because no reversible electrode is able to carry out this measurement. However, it
would be useful to know if a Nernst-type equation is likely to link the potential g
to the activity of the PDIs in solution. This is the case for the ionic solid Agl: the
surface charge is acquired via adsorption of PDIs which also form the lattice. The
adsorption equilibrium of Ag™ ions, for example, is characlerized by the equaliza-
tion of the electrochemical potentials of these ions in the solid phase and in the
solution:

(hg)e = (Bag)s
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The indices ¢ and s refer (o the crysiul and the solution. Therefore
(N(/)\g)c + RTIn (aAg)c + Fl/}c - (ﬂ?\g)s + 'RTln((’Ag)s + F'l/)s (724)

Far from the particle in the solution, ¥, = 0, and when the net charge is zero (IEP),
“p. = 0. Therefore

(Hag)e + RT In(aly,)e = (1g)s F RT In(a}y,); + Fh, (7.25)

The a* refer to the aclivities at the IEP. Subtracting one equation from the other, we
obtain

RTIn{ap,/ap,). + . = RT M(ap,/ahg)s

Assuming that the aclivity of Ag™ is constant in the crystal even as the charge
changes, we can wrile

RT

(aAg)c = (a;\g)c and wc = T ln(aAg/q:\g)s
or
RT  [Ag") RT |
e — In ———— = 2.3 — (pAgpyc — pA 7.26
7 (AR e 7 PAgpzc — PAB) ( )

This is the Nernst equation. It is valid assuming that the aclivity of Ag* on the
surface of the particle is independent of the charge {14,15]. This is a valid assump-
tion since, when the charge is zero (IEP), there is a large amount of Ag‘L (and I7)
ions on the surface (8 = 0.5). Therefore, the development of the net surface charge
does not significantly alter the number or the surroundings of Ag"' ions on the
surface. ,

For an oxide in which the PDIs are the protons, a relationship similar to (7.26)
may be written:

23RT .
Y = = PZCopH) ‘ (1.27)

Should we assume that the activity of charged surface siles remaing constant when

the pH of the solution changes (during the charging process)? Does the potential

1N, as defined above, effectively represent the surface potential 4q? [10,13,16].
From equations (7.1), (7.2), (7.4) and (7.21), we may write

2.3RT RT . [MOHY]
=22 pzC - pH) - o2
Vo= PH) — 25 " o)
or
RT  [MO7]
=3 —-l —_—
o =N+ N O] (7.28)

Here 1o — 1w is a function of the ratio of the amounts of charged surface sites and
becomes smaller as [MO_]/[MOH'{] becomes closer to 1. If ApK is high, the
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number of charged groups is small near the PZC [equation (7.20)]). When a net
charge is acquired, the terms [MOH ] or [MO7] change with respect to each other,
and the reaction of the surface to changes in pH no longer follows a Nernst-type
relationship. However, if ApK is small, the number of charged groups is high at the
PZC. The relative variation in [MOHZ ] and [MO 7] is small during the development
of the charge, and the surface does exhibit ‘Nernstian’ behavior [14,15,17]. Although
Nernst’s law does not rigorously apply to oxide surfaces, it is a good approximation
when the difference beiween the pK values of surface equilibria is small.

7.2.2 DIFFUSE PART OF THE DOUBLE LAYER

The electrical charge of the particle surface creates, in its immediate surroundings
in the electrolyte, an electrical perturbation attracting ions of opposite charge and
repelling-ions of identical charge. Counterions are subjected to the surface potential
as well as to thermal agitation. They are distributed in a diffuse layer whose charge
o4 compensates for the surface charge op. It is possible to determine the charge oy
and to determine its distribution near the surface.

The net charge of the diffuse layer is

o4 = p‘rdr3 (7.29)

d .

where d is the thickness of the Stern layer and p; is the net charge density at a point
» in the solution. This charge is related to the potential at the same point through
Poisson’s equation [18]:

Vi = —p /e

where ¢ is the dielectric permittivity of the medium. It is the product of the relative
permittivity of water (the dielectric constant), €waer = 78.3, and the permittivity of
vacuum, g =8.854 x 1079C? 17 m~ " Hence, £ uier £0=0.954 X 107'°c?3 tmh

For the sake of simplicity, the surface is often assumed to be planar, and we can
write

02 fdr? = —p,fe (7.30)

For a symmelrical. electrolyte [z: 2] of concentration C, the charge density py is
expressed using equation (7.3):

5o = 32, FC, = 2F(C} — C]) = 2FClexp(~2, /RT) ~ exp(eFih /RT)
= 2z C sinh(—zF,/RT) _ (7.31)

(The charge density is the number of particles per unit volume, in moles per m?>.)
Hence, the Poisson—Boltzmann equation

A%, /dr? = (2zeco/€) sinh(—zepe /kT) - (7.32)
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with the following boundary conditions: % = %4 when r = d, the thickness of the
Stern layer, and 3 = 0 (dp/dr = Q) when r — oo (the surface is 1solated)
Therefore, the charge of the diffuse layer [equation (7.29)] is &

d '
o4 = EJ (2 /drd)dr = eldp /], , (7.33)

Multiplying both sides of equation (7.32) by 2di/dr gives
2(dyp/dr)(d*4p, /dr?) = (42FC/e) sinh (zF i, /RT)(dy/dr]
which, aflter integration, gives
(d/dr)? = (4CRT /e) cosh (zF4, /RT) + constant
Because of boundary conditions, constant = 4CRT /¢, and hence
(dvp/dr)? = (4CRT /€)[cosh (zFp, /RT) — 1]
‘which can be rewritten as
(d/dr)? = (2CRT /€)[exp (eF1p, J2RT) — exp(—zFa, J2RT)]*
and hence
(dp/dr) = £(8CRT /€)' sinh (zF 1), /2RT) (7.34)

A negative sign is chosen since the absolute value of (di/dr) always decreases
when 1 is positive, and vice versa. The absolute value of i always decreases as the
distance from the surface increases. If (7.34) is introduced into (7.33), we obtain

oq = —(8¢CRT)"/? sinh (¢F1pg/2RT) . (7.35)
wlhich is Grahame’s felation. In water at 25 °C, the charge of the diffuse layer is (for
a symmetrical electrolyte [z : z] of concentration C)

oq = —0.1173v/Csinh (19.48z1)4) (7.36)

with ogin Cm~2, C in mol I™" and 4 in voits. Equation (7.36) shows that a variation
in electrolyte concentration creates a variation in oy and/or in 4. In order to
calculate the size of the diffuse layer, i.e. the zone affected by electrical perturba-
tions, we must know the dependence of 1 with the distance ». A second integration
of the Poisson—Boltzmann equation (7.32) gives [18,19]

2RT | 1 + vexp[—~r(r—d)]
e l—ryexpl—r(r—d))]

P = (7.37)

with
_exp(zFa/2RT) — 1
" exp(zFe/2RT) + 1
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and x = (F*LC,z 2/£R1)1/2 (2F21 103 /eRT)"?, where [ is the 1omc strength,
I = (1/2)Xz%c,. The 10° factor is due to the conversion from mol m~ > to moll™".

For weak potentials, the electrical energy is small compared with thermal energy.
Therefore, zFapq/2RT < | or 219 < 50 mV, and exp (2F o /2RT) = | +(2F o /2RT).
Equations (7.36) and (7.37) can now be wrillen, respectively, as

o4 = —ekty (7.38)
e = g exp[—r(r — d)] (7.39)

The most important parameter in equations (7.37) to (7.39) is «, which has the
dimension of the reciprocal of length. In water at 25°C, x=0. 329VI A
Distance «~! is the ‘Debye—Hiickel length’ and represents the ‘thickness’ of lhe
diffuse layer. This happens to be a misnomer because, over distance x ', the potential
decreases only by 1 /exp (1) = tq/2.7, but, in the weak potential approximation,
the diffuse layer [equation (7.38)] can be ueated as a parallel-plate capacitor
Cy = ex with plates separated by distance x ™~ ! The variation in the potential in the
solution, as a function of the distance from the surface, depends on the concentra-
tion and the charge of the ions present in the electrolyte (Figure 7.6).
The main observations from Figure 7.6 are:

s The size of the electrically affected zone is of the same order of magnitude of the
size of the collojdal particles: k! = 30 Afora[l:1] electrolyte of concentration
C = 10" mol 17!,

s The thickness of this zone is very sensitive to the concentration and the charge of
ions in the electrolyte, i.e. very sensitive to the ionic strength. As these increase,

the diffuse layer is compressed («~" is small).
Yr/LPd i/ y
1 j 1

Electrolyte 1073 M

(1:1)
2:2)

(3:3
0 1 1 L 1 L
20 60 100 r(A)

(@) o ()

Figure 7.6 -Variation in the potential in the diffuse layer, as a function of distance,
calculated from the OHP (weak potential approximation). Influence of (a) electrolyte
concentration (1:1) and (b) charges of ions in the electrolyte (z:z). Marker e indicates the
distance ! Data from (18]
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e The response of the double layer to a change in ionjc strength is a change in the

charge and/or the potential [equation (7.36) or (7.38)]. :
These observations will be particularly useful when we discuss interactions between
colloidal particles.

7.2.3 INTERFACIAL CAPACITANCE

The potential 1) on the surface of an oxide is an unknown and non-measurable
quantity since there is no réversible electrode capable of measuring it. In addition,
there is no simple analytical relationship between the charge and the surface
potential. These two quantities may, however, be linked if the interface is assumed
to be a capacitor of capacitance K = o¢/o [20]. In principle, the double-layer
capacitance is a measure of the shielding effect of the surface charge by the
countercharge: the better the shielding, the higher is o for a given potential 1.

From a practical standpoint, the differential capacitance is considered, C = dog/
dafy. It represents the slope of the curves og = f(3)g) or og = f(pH) for a given ionic -

strength [14,17]. This value is accessible experimentally from measurements of the
change in surface charge as a [unction of pH [21]. It is assumed that the surface
potential obeys Nernst's law. Both capacitances are related by the expression
C = K + 1po(dK /daho) [20] and they are equal for weak surface potentials.

If the Stern layer is distinguished from the diffuse layer in the interfacial zone,
the surface potential may be written as

o = (Yo — ) + Y

or _
Yo _ Yo ta ( tha > (-%) o (7.40)
g0 go —04q ao . )

If there is no specific adsorption, oy = —ogy, and hence

o — Lo
Yo _ (Yo =) [ Y S L
og ag —0d K KS Kd

The latter expression represents two capacitors in series. Here, K and K are the
integral capacitances of the Stern layer and of the diffuse layer respectively. A
similar expression is true for the differential capacitances: .

bt ' (7.41)

The magnitude of Cy is typically around | Fm 2% and may be obtained from the
total capacitance C (obtained experimentally) and from the capacitance of the diffuse
layer, Cy = e/n" [obtained with equations (7.38) and (7.35)] [21,22]. Assuming
that €' is the permittivity of the Stern layer of thickness d, then Cs = €'/d. It was
shown [22] that, for high ionic strengths (e.g. 1 mol I™Y, C, is almost independent
of the surface charge or electrolyte concentration. The variation in Cs for low ionic
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strengths should, in principle, account for some specific effects such as the penetra-
tion of counterions in the Stern layer, or a change in the orientation of water mole-
cules in the solvent layer adjacent to the surface. However, the capacitance of the
diffuse layer is very sensitive to electrolyte concentration [« is proportional to VI,

~equation (7.37)]. Therefore, any factor increasing the ion concentration in the

dilfuse layer (potential and/or high ionic strength) also increases its capacitance.
The 1/Cq4 term becomes small because the system behaves as if the capacitance
were constant and equal to the capacitance of the internal layer.

If specific adsorption occurs, the adsorbed ions are assumed to be located on an
average plane b within the Stern layer. This plane is called the inner Helmboltz
plane (IHP) (see Section 7.3.2). The adsorbed ions develop a charge oy, and are

- subjected to a potential ¥,. The surface potential may therefore be written as

o = (Yo — o) + (Yo — Ya) + . (7.42)
Dividing by oy givés

Yo _ Yot <¢b - %) (-_%) n (ﬂ) (—_@) (7.43)
leli} ag ) —dy g0 —04d ao

or

T B B S .

w==t+=|—]+t=|— 7.44

G G C2<00> Cd<00 ' (7.44)
where C; is the total capacitance of three capacitors in series, C, and C, being the
capacitance of the zones between the surface and the b plane (IHP), and between
the b plane and the OHP, zones with permittivities £, and &, respectively; Cy is the

capacitance of the diffuse layer.
Taking R = (—ay/0g) and using o¢ + 0, + g4 = 0, we get:

iil+<L+L>(1~R) . (7.45)
¢ G Cy Cy

In the absence of spf_:ciﬁc adsorption, o, = 0, and —~oy = 0g, and hence
T L

C G G Gy G G G

~\yhich are the resulls of equation (7.4).

7.3 MODELS OF THE OXIDE-SOLUTION INTERFACE

In order to explain the expérimemal data, i.e. obtain an accurate description of the
change in surface charge as a function of the acidity of the medium (g = f(pH)
curves), many models have been developed [23,24]. All of them describe the surface
reactions using mass-action laws and matter balances, with the surface potential
being linked to the surface charge 'using an electrostatic model. The models differ in
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Figure 7.7 Two-layer model and the variation in the potential through the interface

where they place species in the interfacial zone, as well as in the equations used to
link potential and surface charge. A description of the most frequently used models
follows.

7.3.1 BASIC MODEL (TWO-LAYER)

In the most simple approach, we assume that the surface charge that QeVeloped as a
result of acid—base reactions is compensated for by anions or cations from the
electrolyte, which constitute the diffuse layer. The Stf:rn layer is .consxdered emply
of any ion and is characterized by a differential capacitance C, (Figure 7.7) [24,2.5]:

Equations (7.23) and (7.36) express the relationship between charge and potential:

(1)K ) exp(—Fibo/ RT) — (K~ /I exp(Fo/RT) 1
00 = PN T3 (7R ) g Fof &) + (K~ /T D exp(Fn/RD) )
~0.1173v/Csinh (19.5%,) - (7.36)

These two equations involve four interfacial variables (oo, o4, Yo, Pg), LWO var.la.blbes
characterizing the medium (pH and electrolyte concentraion C) and qu?nlmes
specific to the surface (acidity constants K" and K~ and lhe’lolal group density Ny).

The quantities accessible to the experiment are l.he. surface charge go as a
function of pH, the potential of the diffuse layer Pa» assumlate.d. tohthe eleclrokmelli
potential ¢, and the total density of reactive sites Ng. The equ111br1um constants K
and K~ are determined graphically or numerically (see Section 7.3.2.) from the pH,
gy and N, for various electrolyte concentrations and typ§s. The MQSIC model (sef
Section 7.1.1) allows simplification in the calculation of the intrinsic constants K
and K™.

The equations of the system are:

g4

o The equation of state of the surface [equation (7.23)]. .

o The expression for the charge of the diffuse layer {equation (7.36)].

e The electroneutrality of the system: og -+ 04 = 0 . .

o The capacitance Cs = oo/ (o — a); Cs s obtained graphically or fitted and is of
the order of 0.2-2 Fm 2. .
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This system of equations is resolved graphically and allows the calculation of the
oo = f(pH) curves. A semiquantitative agreement with experimental data accounts
for the position of the PZC of the oxide [25]). However, it is not possible properly to
fit the curves og = f(pH) and ¢ = f(pH) with the same set of parameters. Generally
speaking, the calculated surface charges oy are mwuch smaller than those measured
via titration. This would suggest that the surface charge is partially compensated for

by a charge locatéd inside the Stern layer which contributes to a decrease in the
electrokinetic potential.

7.3.2 SITE COMPLEXATION MODEL (TRIPLE-LAYER)

The concept used in this model is the idea that the surface charge, which is due to
adsorption/desorption "of protons, is partially shielded from the solution by the
presence of counterions in the Stern layer [26,27]. This is confirmed experimentally
(see Section 6.3.3). These ions are supposed to form ‘complexes’ with the surface
groups. These complexes can be treated as jon pairs, but no specific bond type is
defined in the model. This is why these ions are said to be specifically adsorbed,
only to indicate that they can penetrate the Stern layer, whether the interactions are
specific or not.

Specifically adsorbed ions are difficult to locate. They are supposed to be on an

_average plime b within the Stern layer, and hence the need for the introduction of a

third layer. This plane is called the inner Helmholtz plane (IHP) and carries a
charge oy, (Figure 7.8), where adsorbed ions are subjected to a potential ¥,. The b
plane is separated from the surface by a distance of the order of the ionic radii of the

adsorbed ions [26].
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Figure 7.8 Oxide—solution interface with (a) the position of charged species on ideal

AN AN

. planes and (b) the decrease in the potential starting from the surface. Reproduced by

permission of Academic Press from [26]



244 Metal Oxide Ch‘emi.s'lry and Synthesis

The model considers that the surface charge is acquired owing to adsorption/
desorption of protons:

| B [-MOH]M*]

~MOH/} &= -MOH +H, K = NEYGIER exp(—Fo/RT) (7.1)
-MO~|[H*
~MOH <= -MO ™ +H/, K% = [—[ﬁgﬁ]—l exp(—Fpo/RT) (7.2)

bul also by complexation equilibria of calions or anions:

-MO™ 4 C} &= -MO c*r ~MOH; + A; = ~MOH, A~
which may be combined with the former to give

~_MOH + C == -MO C* +H/

[—MO"‘C"'][H*]
[-MOHJ[C *

_MOHJA &= —-MOH + A +H]

EMOHIA '] s — 7.47)
kn = AT Pl — /RT) (

- = exp (= F (o — ) /RT) (7.46)

Equilibria (7.406) and (7.47) account for the fact that cqmplexalion is relale(.l o
acid—base reactions, and that it is involved in the mechanism of charge generation,
with proton adsorption/desorption equilibria. The charge oo, obla_ined by'prglm
titration, represents the number of protons released or cor}sumcd in all. reactions
within the Stern layer, and not only the protons involved in the .formallon of the
MO~ and MOH species. Hence, all ions participating in the creallgn of cha{‘ges (7.0
and ay, are called potential-determining ions (PDls), although this name 1s very
often reserved for H* and HO™.
Charge gg can be wrilten as

7y = (F/A)([-MOH] | + [-MOH; A7] — [-MO~] — [-MO~CY)) (7.48)
and the charge ‘shielded’ by the complexation, oy is

oy = (F/A)([-MO"C*] - [-MOH; A7) (!7.49)
The remainder of the charge is compensated for by that of the diffuse layer:

g = —(F/A)([-MOH;] - [-MO7]) : (7.50)

which may also be calculated from equation (7.35).
Electroneutralily imposes

oo+ op +ag=0 - (7.51)
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The total density of charged sites, which includes all possible forms of these groups,
expressed in units of charge density, is

Ny = (F/A)Ns
= (F/A)([-MOH3] + [-MOHJ A™] + [-MO~] + [-MO~C*]) (7.52)

The potentials g and (9 — %) are related to the surface charge through the
wnterfacial capacitance [equation (7.44)]. '

The 1 l-équation system (in the case of a single electrolyte) is solved numerically
{26,23,17] to fit experimental curves o9 = f(pH) and ¢ = f(pH) from experimental
data on pH, electrolyte concentration, total density of surface sites, total area A and
temperatdre. The other necessary parameters are the differential capacitances,
which are considered to be constant in the various zones of the interface, and the
cquilibria constants (7.4), (7.5), (7.46) and (7.47). The capacitance C, is considered
equal to 0.2 Fm7? and the adjustable parameter is C,. The equilibria constants are
determined graphically or numerically (see below) from the experimentally obtained
N; and g¢ = f(pH) curves obtained for several electrolyte concentrations.

The fit of experimental curves og = f(pH) for non-porous crystalline oxides
(TiO,, Al;O4, Si0,) is quite good.

For example, in TiO, (Figure 7.9), the ApK between the acidity constants is 6.4
and that of the complexation constants of the electrolyte is 2.6. C, calculated by the
model ranges from 1 to 1.4 Fm™?, depending on the nature of the oxide and that of
the ions adsorbed. These values are in agreement with expcrimental data obtained

Go(Cm‘2) -
0.2 |

‘i’.d (mV)

0.1

Figure 7.9  Surface charge and diffuse layer potential for TiO, as a function.of pH and for
several electrolyte concentrations. The continuous lines are derived from the model.
Reproduced by permission of Academic Press from [26]
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from the gg = f(pH) curves [21] and allow an estimation of the a\"erage distance of
approach of adsorbed jons near the surface sites: 1-1.5A.

The main difficulty in the implementation of this model is the large number of
variables involved, particularly in the calculation of the equilibrium constants of
surfacc ionization.

(i) The graphical optimization method is based on the calculation of intrinsic
adsorption ‘constants’. They depend on the surface charge and hence on the pH, and
they are calculated by extrapolation at pH= PZC and zero electrolyte concentration.

The intrinsic constants K £, Qa and Qc are obtained from (7.5), (7.46), (7.47) as

* = L’{%ﬁ% = K9 exp(Fio/RT) (7.53)
K™ = % = K% exp(Fio/RT) . - (7.54)
0c = [‘%ﬁo—cﬁlﬁf‘]—] = Ke explF(to — ¥h)/RT] - (7.55)

L= [L?%L‘:—/]\[H]—] _ K oxp(F(sho —)/RT] (7.56)

From (7.45), we can write
K+ Kﬂ CXp[(FNS Umax/RTcl)(UO/Ns)]
K~ =K% exp{(FN, 0 /RTC)(00/N,)]
Q/\ = Ka GXP[(FNs O—mzlx/RTCI)(UO/Ns)]
QOc = Kc CXP[(FNS Ulll:lx/RTcl)(UO/Ns)]

These last four equations show the explicit dependence of the affinity ratios K* and
Q on the surface charge. '

log K* is plotted as a function of pH, i.e. as a function of the ratio g¢/N; =
and for several electrolyte concentrations ¢ according to log K* = f(a + c). A
double extrapolation at a =0 (PZC) and ¢ =0 allows the calculation of the
equilibrium constant and the total capacitance C; (Figure 7.10).

For the complexation constants, the variation in log ¢ with (@ % log c¢) is doubly
extrapolated at o = 0 and ¢ = 1. The choice of electrolyte concentration function,
cither /< or logc, is purely arbitrary and made for technical convenience.

The data available for the calculation of K* are og and ;. In order to calculate
these values, we must assume that for pH > PZC, [MOH] and [MOHFA™] are
negligible compared with (MO~} and [MO~C*] (the reverse is true for pH < PzC).
This imposes a very high ApK = pK™— pK* (ApK > 4, see Section 7.1.3) in
order for the approximation to be valid over the entire pH range. Unfortunately, this
hypothesis cannot be verified internally because the method always gives a high
value of ApK [17]. In addition, these extrapolations are sometimes not at all linear
(Figure 7.11) and may result in several sets of parameters.

il
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Figure 7.10 (_a) Yariat.ion in the surface charge of TiO, anatase with NaCl concentration
and (b) dete.rmlnatlon via double éxtrapolation of the affinity ratio pK~. Extrapolations are
the dashed lines and filled markers. Reproduced by permission of Academic Press from [28]
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Figure 7.11 .Calculalion of alfinity ratios pK~ (a) and pQc (b) by the double extrapolation
method for SiO,—-NaCl. Reproduced by permission of Elsevier Science Ltd from [29]

(i) The numerical optimization method has the advantage of not requiring any
hypothesis. It consists in minimizing the difference

[E(Uexp - Ucalc)z/(’? —m-— l)]l/z

where n is the number of experimental data points and wm is the number of
parameters to.be calculated (K%, K9, K¢, K4 and C)) using standard procedures
{17,23]. The method gives a good fit of the o9 = f(pH) and ¢ = f(pH) curves, but,
here again, more than one set of parameters is obtained. Some initial values must be

introduced in the calculation. The method can accommodate small or large values
of ApK [17].
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In fact, confidence in the results can only be ensured if additional information
can confirm the order of magnitude of ApK. Such information may be obtained
from experimental measurement of the differential capacitances C! = —doy/dpH =
(doy/dpy) — di,/dpH) near the PZC [14,17]. Equation (7.28)

2.3RT RT . [MOHJ] '

o = 220 (7 = pH) - o In B2
Yo 3 (PZC — pH) S7 In MO |

may be rewritlen as

2.3RTC, RTC,
= —— — - l
0o i (PZC — pH) SR n ——w[MO_]

For small ApK, ncar the PZC, the term In((MOH;1/[MO™}) is negligible and

MoK

C! =2.3RIC/F. Ior Jarge values of ApK, [MO~]>[MOHJ] for a pH slightly’

larger than the PZC, and therefore
_23RTC, d in[MO"}

< F dpH

High values of C; suggest small values of ApK, j.e.-a Nernstian behavior of the
surface.

Figure 7.12 illustrates thesc considerations. It shows the components of the surface
charge as dctermined by application of the triple-layer model on a real system for

g {Cm—2)
0 045} T (Cm~2)
' - {-03
T T
o2

-0.1071

| ApK=1.5 104
MO K*_ =~ Co
T e 0.0

-0.05} =
/MOH;No;
! 101
0
1 . toz2
—_.__MoHa .. —
I - 403
go5 ¢ * ] S .
4 6 8 10 4 8 8 10 pH
@ (0)

Figure 7.12  TiO,- 10~ mol 17! KNOj5 system. Constituents of the charge, calculated with
the triple-layer model, with constants obtained by (a) graphic -extrapolation (ApK = 6.4,
pKY =26, pK™ =9, pKec = 7.1, pKa = 4.6) and (b) numerical optimization (ApK = 15
pK!' = 5.1, pK™ = 6.6, pKe = 5.1, pKa = 6.6). Reproduced by permission of Academic
Press from [17]
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both small and large ApK. Changes in the quantities of various surface sites show
that a large ApK satisfies the conditions required for the graphical extrapolation
method ((MOH7 ] and (MOHYA™ 1< [MO~] and [MO~C*] at pH > PZC), where-
as a small ApK corresponds to a pseudo-Nernstian behavior of the surface, requiring
a large number of charged sites near the PZC.

The advantage of this method is that it takes into account the influence of the jonic
strength on the charge of the particles. The model also simultaneously accounts for
the variations in charge and electrokinetic potential with pH, for reasonable values
of system parameters. Nevertheless, the position of the ions through the interface
must be considered carefully.

7.3.3 APPLICATIONS OF THE MUSIC MODEL

In the previous models, the surface acidity constants are obtained by fits of experi-
mental data. Let us look at what happens when the intrinsic acidity: constants are
obtained using the MUSIC model (see Section 7.1.1).

Surface acidity constants K9 are obtained by incorporating the Boltzmann
accumulation factor exp(— F1py/RT) into the calculated intrinsic constant. The charge
and surface potential are related using a classical two-layer model [og = C(tho—Pa)l,
with the charge of the diffuse layer given by equation (7.35) [30]. Specific
adsorption of the electrolyte is taken into account by the formation constants of ion
pairs [2,30].

The charge on cach type of face of gibbsite AI(OH); particles (see Section 7.1.1)
is calculated as a function of pH [2] (Figure 7.13a). The large faces containing

Tg (Cm~2)
Oo(Cm_z)
i edges 0.05F edges
0.20 | g g
L 0 ;
O L]
i planes \ _0.05F - .
-0.20t : overall
4 12
4 6 8 10,12 6 8 10,
o (a) (b)

Figure 7.13  (a) oo = f(pH) curves calculated for the large faces and the edges of gibbsite
particles, for an NaCl concentration of 0.5 mol 1" and a Stem layer capacitance fixed at
[.4Fm~% The adsorption constants of electrolyte ions are pKs =pKc=0.1. (b) Overall
g0 = [(pH) curves calculalted for gibbsite. The specific surfaces of the.edges-and the large
faces are 3.4 and 16.4 m¥/g. The parameters used for the calculation are the same as in (a).
The markers show experimental data. Reproduced by permission of Academic Press {from (2]
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doubly coordinated groups are not charged except for high pH, in agreement with

the predictions of the calculations of intrinsic constants. However, the edges of the * -

particles are reactive over the entire pH range owing to lh.e presence of singly' aer
doubly coordinated groups. The global charge of the particle (Figure 7.13b) is in
good agreement with potentiometric measurements [2,30}. :

The same analysis has been made for goethite FeOOH. We have secen (see
Section 7.1.1) that the charge on the 010 and 00l face$ is due. to the mono-
coordinated groups Fe;—OH. The charge on the 100 face is (-iue to smgly' and l{lply
coordinated groups. Doubly coordinated groups can be considered chemically inert
in the range pH 3-11. '- '

The variation in the charge of differcnt laces, calculated as a func.llon of pH, is
shown in Figure 7.14. The charge of the 100 faces is zero over a wide pH-range.
This is not due to an abscnce of charged species but to the exact compel.lsatlon for
the charge of different sites (Figure 7.14b). This is a clear illustration of the -

-2
o (Cm™2) 001 0.3 .
0.4 A . . singly
' 010 ]
: We doubly
0.2 1 global OJ o~
100 _
b
) ' dinated groups
0 —3 sl c:)or L|nale g‘;ro lp
1 1 1 L 1 1 1 - . -
3 5 7 9 pH 11 3 5 7 9 pH 11
(a) (b)

Figure 7.14 (a) oo = f(pH) curves calculated for lheZOOl, 010 and 100 faces 9f goethite
(NaNO; 0.1 mol 17", Stern layer c.apacilance21.54 Fm_‘, pKc=pKA=0.75, spec1‘ﬁc s_urfact;
area of the three types of face 5, 45 and 50 m*/g respectively). (b) Calculated conlrlbutlonsbol
several types of site to the charge of 100 faces v.vilh the same parameters as for (a). (c)'Glollald
oo = [(pH) curve for various NaNO; concentrallpns. The calculated curves are sho‘wr} in soli '
lines, experimental data points are shown using markers. Reproduced by permission o

Academic Press from [2]
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concepts of IEP and PZC. The overall behavior of goethite particles can eventually
be caleulated using an averaged sum of the charge on the different faces. The fit of
the experimental data is excellent (Figure 7.14c).

The use of this model requires precise knowledge of some structural information
of the system studied. The system must include particles of well-defined shape, size
and structure. The ‘sensitive’ parameters are the total density of active surface
groups N, and their mode of coordination.

The results given by all these models are strongly dependent on many physico-
chemical characteristics (preparation techniques, impurities, particle size distribu-

- tion, crystal structure of the surface, preferential growth of some faces, etc.). These

parameters have an influence on the PZC and on the values of the ionization
equilibrium constants. They must be carefully determined for each type of particle.
Because of the large number of particles involved, and because of approximations
in the models and in the experimental measurements, the results do not always
lead to singular solution. Although site complexation models remain one of the
best descriptions of the oxide—solution interface, it is not possible to identify
the exact nature of the complexes involved. The reactions are selected to fit the
experimental data with a given model, and the model controls the values of the
parameters. This is why surface complexation models should be treated as fitting
models rather than models able to describe chemical processes at the interface.

Furthermore, these models are usually applicable only to ‘model’ systems: non-
porous crystallized materials such as SiO, quartz, TiO,, rutile, FeOOH rutile,
aluminum oxides or hydroxides [Al,05, AI(OH)}, etc. In all these cases, the
interface is assumed to be completely polarizable, i.e. mass transfer takes place
between the surface (planar and ideal) of the particles and the solation only. Recent
work [31-33] takes into account some heterogeneities on the surface such as sites
of various energies uniformly distributed or grouped in zones.

7.3.4 OTHER MODELS OF THE OXIDE-SOLUTION INTERFACE

(a) Gel Models

In gel models (or porous layer models), one fraction of the surface charge is assumed
to diffuse inside the solid, in a highly hydrated zone of a structure comparable to
that of a gel [34-37]. Therefore, it is assumed that acid -base reactions causing the
charges take place within a volume of the solid of finite thickness also permeable to
counterions. With the gel model, it is possible to explain the kinetic character of
PDI adsorption. During the addition of an acid or a base during proton titration, the
pH of the suspension changes rapidly but’slowly recovers its initial value. The
process can take weeks or months. This phenomenon has been studied extensively
in Fe;0; [38], TiO, [21] and ZnO [39].-It has been linked to the formation of a layer
of a-FeOOH goethite on the surface of Fe,03 or to a ligand exchange reaction
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between surface HO ™ and anions from the electrolyte [21,39]. The mathematical
treatment of this type of model is particularly complex {36,37].

{b) Model with Variable PZC :

Owing to the small solubility of oxides, there are too few metal ions in solution for
their transfer to affect the surface charge. However, the reaction

0%

Zia 20T = H,0

does assume reversible transfer of O~ between the solid and the solution [40]. This
is, in addition to acid—base reactions on the surface, a second mechanisn) of charge
generation, because of the non-stoichiometry of the transfer of ions. frogl_lhe solid
(an excess or deficit of 02~ ions with respect to metal ions). This O™ transfer
affects the pH of the solution and titration curves and has tgle same effecl- as the
adsorption or desorption of two H™, depending on whether O™ is-lost or gfnned by
the lattice. Since ions from the lattice are located below the surface, they are involved

in much slower reactions than surfacc acid—base reactions, which means that they

can play a role in the kinetic effect observed during potentiometric til.rafions.

The partial reversibility of the oxide—solution interface. (the way it is used for
Agl, i.e. transfer of ions from the nerwork through the m.lerface), means that a
composite system must be considered, in which two mechanisms create the charges
oy and oy located on different planes H (the surface plane) and O below the surface
(Figure 7.15). _ . o

The net charge density oy, resulting from jonization of surface sites Is given by
equations (7.23) and (7.28) (ncglecting specific adsorption) and can be written as

§sinh((—Fpu/RT) + 2.3(pHy — pH)]
I =TT TS cosh [(— Fm /RT) + 2.3(pHg - pH)]

(7.57)

solid

O plane

: D
OHP

Figure 7.15  Charge distribution on ideal planes and decrease in the potential from thc O
plane. Reproduced by permission of John Wiley & Sons from [25]
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where or is the density of surface sites, § = 2(K~/K*)'/?, pHy = (1/2) (pK*+
pK™). Here, pHk is the pH value for which oy = 0 and represents the PZC of the
completely hydrated (hydroxylated) oxide.

Reversible transfer of O~ ions consumes (or rcleases) protons in solution and

creates the charge og. The corresponding potential 1 is linked to the pH of the
solution in the Nernst equation:

2.3RT '
Py = — (PHO - pH) (7.27)

where pHy is the pH for which og = 0; pHy represents the PZC of the anhydrous
oxide.

The charge oy of the diffuse layer is given by (7.35) and the potential v/ is exerted
on the outer plane (OHP) (Figure 7.15). The capacitance of the various zones are

go - . o9 + oQ
Cop=——— and Cy=—-— 7.58
* " Yo —u T U = (7.58)

System-electroneutrality imposes oo + o + 04 = 0.

Because of the existence of two types of surface charge, the surface must be
characterized by an IEP. At the electrokinetic isoelectric point, pH =1EP, and
o4 = 0. Therefore, gg = —oy and ¥y = 0.

The charge oy can be expressed, using (7.58),. (7.27), (7.57), by the two
independent equations ’

gy = (2.3RT/F)C0([)H — pHO) - (759)
_ 8sinh[2.3(pHg — pH)]
o =TT S cosh [2.3(pHk — pH)] (7.60)

Equation (7.59) is a straight line passing through pHg at oy = 0 (positive slope)
(Figure 7.16). Equation (7.60) is a curve passing through pHg at oy = O (negative
slope).

The IEP is the intersection point of the curves of Figure 7.16. It is always found

“between the limit values pHg and pHg. It is a function of oy and is given by

Co _ &sinh[2.3(pHg — PIE)] 1
or 1+ 8cosh[2.3(pHy — PIE)] | (2.3RT/F)(PIE — pH,)

This relationship shows that, when or is large, IEP — pHg. If o7 is small, then
IEP — pHy (Figure 7.17). Since o7 is related to the hydroxylation of the surface,
any change in hydration of the oxide creates a change in the IEP.

Therefore, during hydration of an oxide in aqueous medium, the slow evolution
of the PZC can be dscribed to the contribution of O?~ jons (and/or metal ions) from
the network. The transfer of O*~ must probably occur if the surface charge is the
result of adsorption/desorption equilibria of hydroxylated complexes [41]. It is also
involved in the behavior of colloidal magnetite Fe;Oy in a weakly acidic medium
which gives rise to the desorption of Fe** from the lattice [42] (see Section 9.1.3).
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Figure 7.16 Graphic determination of the IEP using the intersection of (7.59) (a) and
(7.60) (b). System parameters: K = 107, K~ =10""", pHy =7, pHo =7, pHxk =9,
Co=Chu=1Fm2 gy=2C m~2. Reproduced by permission of Academic Press from [40]
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Figure 7.17 Relationship between the IEP and the hydration of an oxide sur{azce. The
system constants are those listed in Figure 7.16 using values of 0, 0:1 ?nd 0.2Cm for OT-
The ionic strength is indicated on the figure. Reproduced by permission of Jotlin Wiley &

Sons from [25]
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Stability of Colloidal Dispersions

The stability of colloids in waler has several aspects, depending on whether one
considers (he permanence of the dispersion of the particles or the division of the
solid.

If the particles are small enough in mass and size, they are subjected to Brownian
motion and can form a stable, homogeneous suspension. In this sol, the particles
repel each other and disperse spontaneously in the liquid. If, however, they attract
cach other and aggregale, they scparate from the liquid and flocculate. The stability
of a sol imposes repulsion forces so that a kinetic energy barrier prevents them from
getting (oo close (o cach other. These forces may be caused by electrostatic forces
on the surface. In this case, the pH of the solution and (he nature and concentration
of the electrolytes must be considered. The stability of the dispersion may also be
due to adsorption of macromolecules, causing steric effects on the surfaces. The
strength of the surface—macromolecule interaction and the coverage of the particles
influence the dispersion in an aqueous or non-aqueous medium.

Another aspect is the stability of the size, structure and morphology of the
particles, which is not always guaranteed. Ostwald ripening involves a series of
transformaltions causing the initial particles (o evolve into a more stable thermo-
dynamic state (Scction 2.3.4). The driving force is the oxide—solution interfacial

tensjon which allows, through a change in surface area of the system, a decrease in
its free enthalpy. Stabilization of the particles towards ageing requires control of the

interfacial tension. This stabilization is directly linked to adsorption phenomena,
which are themselves controlled by the pH and the ionic strength of the solution.
This is called thermodynamic stabilization. :

These two aspects of stability involve very different forces controlled by the same
parameters: pH and ionic strength. It is crucial to understand the influence of these
parameters since even a small variation can cause drastic changes in the particles
because of the-large surface arca involved. To reflect such properties, De Gennes
used the (erm ‘matiére molle’ (‘soft matter’) to describe such systems [1].
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8.1 KINETIC STABILITY OF THE DISPERSIONS. CONTROL
OF PARTICLE AGGREGATION

The stability of dispersed particles towards aggregation and flocculation is described
by the DLVO (Dejarguin, Landau, Verwey, Overbeek) theory. Taking into account
all forces applied on the particles, the th'eo‘ry allows a calculation of the energy
barrier to avoid permanent contact. This.is what is meant by “kinetic’ stability of the
dispersions. The forces involved are of (wo kinds:

¢ Repulsive forces caused by the interaction between electrical double layers and
controlled by the physicochemical parameters of the system. In Section 6.2, we saw
that the surface charge and the size of the counterion diffuse layer are linked to the:
pH and (o the ionic strength of the solution.
o Altractives forces, which are always present (London-Van der Waals forces) and
are a sole function of the materials involved.

How are such forces involved as the particles come (ogether during Brownian
collisions? This is indeed a complex problem becausc the interaction energies
depend on the transient behavior of the double layers during the collisions. A
quantitative treatment of this problem is beyond the scope of this book. However, it
is probably useful to give a qualitative description of the phenomena involved.

8.1.17 ELECTROSTATIC FORCES

When two charged particles come together, the interpenetration of the diffuse parts
of the double layers causes a local increase in ionic strength, 7, in the zone between
the particles. The diffuse layers are made of identical counterions and repel each
other, but their repulsion domain x ™! decreases because # is proportional to v/7 (see
Section 7.2.2). Therefore, the Stern layers interact with each other.

(a) Static Aspect of the Interactions

Let us assume that oxide particles are dispersed in a solution of given pH containing
an electrolyte [1 : 1] of concentration ¢. What happens when two particles, previously
sufficiently distant not to affect each other, come closer to a separation distance D7
This can be modeled using the variation in the charge and potential as a function of
the distance between surfaces. This analysis is simplified assuming planar surfaces
and the validity of Poisson’s equation for the entire space between particles.

Since the particles are initially far from each other, the surface charge density oy
is linked to the surface potential g for any pair of dissociation constants (Kt K)
and for any pH:

([H*)/K ) exp (= Fepo/RT) — (K~ /[H*]) exp (Fho/RT)

0 = FNs ([H*]/K*)exp (—=Fio/RT) + (K~ /[H¥]) exp (Fypo/RT)

(7.23)
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Figure 8.1 Variation in the potential (solid line) between two charged surfaces, resulting
from the overlap of the diffusc layers (dotted lines)

The countercharge density at a given point between the surfaces is given by
equation (7.31):

pr = FCeolexp (—zF 1, /RT) — exp(2F1p /RT)) (7.31)
It is related to the potential v, at this poipl by the Poisson equation:
A2, /drt = —p, /e (7.30)

for which the boundary conditions in the zone between surfaces are [de,/dr],—q =
o4 = —og and [, /dr),_p;, = 0 because of the symnetry of the system [2,3].

As the particles come closer together, the overlap of the diffuse layers causes an
increase in the potential in the zone between the surfaces (Figure 8.1). To a first
approximation, this potential at a given point is equal to the sum of the potentials
caused by cach surface. Therefore, within this zone of the solution, the counterion
density increases as the particles come closer to each other. As a result, an osmotic
pressure develops which tends to repel the particles [2-4].

If the approach is stow enough as to maintain equilibria between surfaces and
solution, the increase in potential near the surface tends to force a decrease in PDI
concentration {equation (7.4)}:

(4] = [H*Jexp (~Fy/RT) (14)

The stability of the equilibria causes deprotonation (pH<PZC) or protonation
(pH>PZC) of surface groups, which decreases the net charge and decreases the

potential between surfaces. 1f’ the particles touch, their charges may, in theory,

cancel each other.

When oxide particles come together, the surface charge and potential change
simultaneously. The charge variation (or dissociation ratio of the surface groups) as
a functjon of the distance between particles is calculated using equations (7.23) and
(7.31) for given values of the pH, electrolyte concentration and boundary conditions.
The mathematical solution is complex [5-7]. The main results are shown in
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Figure 8.2, for particles with surfaces characterized by various pairs of K+ and K~
constants. Therefore, during the interaction between particles, changes ‘in the
surface potential are regulated by variation in the charge.

The efficiency of the regulation depends on the ability of the surface to respond,
through charge variation, to the pH variations near the surface (pHy). This ability
is itself proportional to the difference ApK = pK™ — pK™ between the acidity
constants of the surface sites (Figures 8.2 and 8.3). A small ApK increases the

og/eNg 120 mV
1072
Wo(mV) 1073
150 1, ‘ .
RN ~1omv | 10
100 [ 100
—e 80 5
N 10
5o = o
L N —1 L 1 1
0 50 100 150 0 50 100 150

separation distance (A)
(a) b)

Figure 8.2 "Variation in the potential 7y (a) and in. the charge oy (b) as a function of
the distance between two surfaces of PZC =7 and ApK = 3 (solid lines) and 6 {dotted lines).
Electrolyte concentration 1073 mol 1™} (k7! = 96 A). The potentials are given for an infinite
separation distance. Reproduced from [5] by permission

Cg / eNs

L L

3 -1 0.1 3 pHePZC

Figure 8.3 Surface charge o as a function of surface pH [equation (7.23)] for various
values of ApK. Reproduced from [5] by permission ' '
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Figure 8.4 Surface potential as a function of the separation distance in the case of an
interaction (a) al constant potential and (b) at constant charge. One of the surfaces is
displaced from A towards C. g is indicated by the slope of the tangent at the origins of the
potential variation with distance [oq = —e(dip/dr), ). In case (a) the decrease in the slope
indicates a gradual decrease in the surface charge

ability of the surface to regulate the potential, i.e. to decrease the charge during the
interaction (Figure 8.3). If ApK is small, the surface carries only few non-charged
groups at any pH (see Section 7.1.3). For example, for a positively charged surface,
a decrease in the concentration of protons near the surface decreases the charge
because of the decrease in the number of M-OH S groups and the increase in the
number of M=O~ groups. If ApK is large, the charge decrease occurs only through
a decrease in the number of M—~OHJ groups. Thercfore, g is ificreasingly sensitive
to pH variations as ApK becomes smaller (do/dpH increases) (Figure 8.3).

When ApK increases, the pH range for which do/dpH is maximum moves away
from the PZC, and controlling the potential becomes increasingly difficult because
de/dpH is smaller (Figures 8.2 and 8.3). The limiting case is the ‘constant potential’
interaction (Figure 8.4). In fact, this is a case of perfect regulation taking place for
reversible surfaces for which the surface charge is caused by preferential adsorption
of tons from the network. Agl is a good example. For such surfaces, the amount of
non-charged sites is zero and the surface follows Nernst’s equation for all conditions.
Since the surface potential 1y — 1y (Nernst potential) when D — 0 [equation
(7.27)], the interaction between surfaces carrying charged sites only takes place at
constant potential [5]. The ApK = 0 case is not a case of perfect regulation since
the [raction of zero-charge sites is not zero.

If pH;>>pK™ or pH; < pK™*, the charge oq is maximum and becomes quasi-
independent of the pH. The interaction takes place under ‘constant charge’
conditions (Figure 8.4) until very small separation distances, where the charge must
cancel out abruptly by adsorption (or desorption) of protons, or by compensation
and readsorption of counterions. At this point, there is no longer a relationship
between the surface potential and the pH of the solution. V
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The calculation of electrostatic repulsion energy between surfaces for which
charge relaxation is incomplete is not trivial [8]. In the limiting cases (constant

~ charges and potentials) and for small surface potentials, approximate expressions

for the interaction energies of spheres of radius a are, respectively [3,8,9]:
Vg/)) = 2meapiin|l + exp(—xD)] (8.1)
Vl({’) = —2neap}In(l ~ exp(—xD)] ‘ (8.2)

In these expressions, the potential w4 at the Stern layer is approximated by the
electrokinetic potential (. :
For large distances (D>> '), both expressions give

VEM = V&’) = 2meay] exp (—xD) (8.3)
- and if the weak botential approximation is not valid, equation (8.3) becomes (9]
32meak?T?~?
VR = —“éTZ_Z——— exp(—K,D) (84)

where z is the charge of the counterions and
_exp(zetpg/2kT) — |
T exp (zewq/2kT) -+ 1

The repulsion energies Vg corresponding to various types of interaction are clearly
different for small distances only (Figure 8.5). The case of charge regulation (which
depends on" the value of ApK) is always found between the constant potential
(perfect regulation) and constant charge (no regulation) limits. The two parameters
that have the greatest influence on Vg are the surface potential 1y (or ¥y) and the
concentration and nature of the clectrolyte (¢, z), which are reflected in .

{b) Dynamic Aspect of the Interaction

Studies of the stability of colloids usually assume that the double layers are
permanently at equilibrium (constant charge) or, on the contrary, independent from
the medjum (constant charge). The constant potential environment concerns only
systems with complele relaxation of the double layer, such as reversible colioids of

- the Agl type. When the superficial charge is the result of the near-complete ioniza-

tion of surface sites of weak acid—base nature (clays, latex), there is no mechanism
for a decrease in surface charge, aside from readsorption of counterions. The
interaction takes place at constant charge and the double layers do not relax at all.

Oxide colloids exhibit an intermediate behavior between both limiting cases
because charge acquisition involves protonation or deprotonation equilibria. The
dynamic nature of the chemical equilibria allows regulation of the interaction. In
addition, aggregation and flocculation are obviously kinetic phenomena involving
several processes, each taking place at its own rate. It is perhaps useful to consider
their respective time-scales [8]. '
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Figure 8.5 Electrostatic interaction energy Vr as a function of the separation distance for
constant potential, constant charge intcractions and under regulation conditions ApK =6
(dotted lines), ApK = 3 (solid lincs). lonic strength 1072 mol1~'. The potentials shown on
each curve are for an infinite separation distance. Reproduced from [5] by permission

The duration of a Brownian collision, 7g, may be estimated by considering the
time required to cover a distance 2%~ (interaction distance) for particles of diffusion
coefficient Dy, = kT /6nma (1 is the viscosity of the solvent, and a is the radius of a
spherical particle):

5 = (2 ")2/2D, = 12mna/k*kT

For particles of 500 A radius, in water at 25°C and for a salt concentration of the
order of 107'=10 " mol 17", x ! ranges between 10 and 1000 A and T (L
1077 s. The diffusion of particles is not completely free, however, since at short
separation distances they are slowed by hydrodynamic interactions. This effect is
difficult to quantify because the movement is not uniform. The probable duration of
this interaction seems to be of the order of 10 ™*s {10]. ,

Relaxation of the double layers involves two characteristic times, one related to
the relaxation of the diffuse layer (7p), the other concerning the relaxation of the
Stern layer (7s).

The relaxation time of the diffuse layer represents the average displacement time
of jons (of diffusion coefficient D;) over the distance x~': 7p = (x~1)2/D; =~ 10~8s.
One may consider that the diffuse part of the double layer is always fully relaxed as
particles come closer together. '

There are several mechanisms by which the ions can move within the Stern
layer [10]: diffusion in solution, lateral diffusion in the Stern layer and surface
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conductivity. To our knowledge, little information has been published on this topic
[11,12], and none of it deals specifically with oxides. The speed of the process is
controlled by the surface discharge current i. Considering a surface charge density
oo of about 0.1 Cm™2 and current densities of the order of 1-107'" A cm =2, the
relaxation time of the compact layer 75 = ¢o/i ranges from 107> to 10° s [8].

Relaxation measurements on Agl colloids destabilized by.coulostatic impulses
(using Ag—Agl electrodes) have shown durations of the order of 1 ms [10]. This
would seem to indicate that relaxation in the Stern layer is slower than Brownian
motion. The issue has not been resolved for oxides. One may expect shorter
relaxation times because of the fast diffusion of the proton and the OH ™ ion in the
strongly structured surface hydration layer. _ :

Comparing the time-scales of the various processes involved does not allow a
clear description of the behavior of the Stern layer as the particles come closer to
one another. It is likely that, if relaxation occurs, it does so—at least partially —
during the collision. It is very important to take this behavior into account, since it
is likely to influence the reversibility of flocculation.

8.1.2 VAN DER WAALS FORCES

These forces are always present and always attractive between particles of the same
nature. They are the result of fluctuations in the dipolar interactions at the molecular
level {2,3,13]. The potential energy of this intcraction is a function of the separation
distance r between dipoles, and has an » =% dependence. The sum of the interactions
between macroscopic objects (as far as molecular dimensions are concerned) yields
an interaction energy that is a function of »~2.

Assuming two identical spheres of radius a, with surfaces separated by a distance
D (center-to-center separation distance R = D+ 2a), the potential energy is [8]
A ( 2a° 2a* R? - 4a2>

Vo= —— In

G\R daz TRzt R? (8:5)

where A is the effective Hamaker constant for the system. It is a function of the
Hamaker constants for the particles and the dispersion medium. For objects interact-
ing in a vacuum, the Hamaker constant is [2,3,13]

A=7'Cpipy

where p) and p; are the number of atoms per unit volume in each object, and C is
the coefficient of the potential interaction of atom pairs (V = —Cr=%). For particles
1 in a medium 2, an approximate ‘expression of the effective Hamaker constant is

A= (VA - V/h)* (8.6)

Typical values of A are usually of the order of a few k7" (3.5-8 x 1072 for oxides,
3.7 % 1072°J for water) {2,3,13].



264 Metal Oxide Chemistry and Synthesis

For small separation distances (D/a< 1), an approxnmale expression of the
interaction energy is {8]

A (L D
VA= —=—{=+2In= 7
" 12(1)' ! L> (87)

where L = a 4 3D/4.

For large separation distances (10—100nm), intermolecular London—Van der
Waals forces vary with the —7th power of the distance (the retardation effect). This
retardation effect is due to the fact that intermolecular interactions propagate as a
complex electromagnetic field [3]. A dipole oscillating in a molecule A emits a field
propagating at the spced of light towards a molecule B where it induces an oscillat-
ing dipole which in turn emits a field towards A. If the time between emission from
A and reabsorption of the field reflected from B is negligible compared with
intramolecular motion, A finds itse!f in the same configuration during emission and
reabsorption, and the interaction energy is maximum. If the propagation time of the
field is comparable with that of changes in internal configuration, the interaction
energy is smaller. The main consequence of the retardation effect is a decrease in
the reach of the Van der Waals forces. This effect does not play any role at moderate
distances.

In a first approximation, the in(luence of the electrolyte on the potential energy
V A is not taken into consideration. Therefore, this potential energy depends only on
the nature of the particles and on the dispcrsion medium (Hamraker constant), as
well as on the particle size and their separation distance. The attractive character of
the interaction is reflected in the fact that V 4 is negative.

8.1.3 TOTAL POTENTIAL ENERGY OF THE INTERACTION

The calculation of the total potential energy Ve of the interaction between particles
is the foundation of DLVO theory [14]. The total interaction energy is the sum of
the repulsion and attraction cnergies V4 = Vi + Vi (Figure 8.6).

Energy Vi varics exponentially with the distance between surfaces. 1t is a function
of the pH and the ionic strength reflected in the potential ¥y (or ig) and in x.
Energy V4, in a first approximation, is insensitive to the physicochemical conditions
of the medium and varies with the reciprocal of the distance. Therefore, Vj is
always predominant at small separation distances, and for short distances (1-2 nm)
the interaction energy falls drastically and causes Vi to approach minus infinity. In
fact, for very short distances, the repulsive forces due to the interpenctration of
strongly oriented solvent layers (structural forces) and to the overlap of electron
clouds (Born forces) become stronger than the Van der Waals forces [15-17]. As a
result, a primary minimum appcars on the curve of Vy as a function of distance
(Figure 8.6).

Depending on the physicochemical characteristics of the dispersion (pH, ionic
strength), several situations must be considered. For highly charged suifaces in the
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Figure 8.6 Interaction energy V¢ = Va 4 Vg as a function of distance: (a) the surfaces
repel each other strongly; (b) the surfaces are in slable equilibrium in the secondary
minimum if it is sufficiently decp; (c), (d) the surfaces in unstable equilibrium cause limited
aggregation and slow flocculation of the particles; (e) the surfaces are strongly attracted to
one another and the particles flocculate rapidly

presence of a ditute electrolyte, hence for large Debye lengths !, the particles
repel each other more intensely as they come closer to one another. The energy
barrier, which corresponds to a Vi maximum (Figure 8.6a), can reach from a few
tens of kT to 100KkT and thus prevents the aggregation of the particles which are
maintained in a kinetically stable dispersed state. If the surface charge is small and
the ionic strength is high, the interaction energy is close to the variation in Van der
Waals energy (Figure 8.Ge). This is an attractive system for any distance between
particles, and their flocculation is fast. For highly charged surfaces in the presence
of a concentrated electrolyte, the total energy exhibits a small minimum (secondary
minimum) prior to the barrier (Figure 8.6b). The particles repel one another at short
distances, but they can remain at a given equilibrium distance corresponding to the
secondary minimum, without flocculating. This is probably the process of formation
of physical gels. In the gel state, particle aggregates form a loose network which
traps the solvent. The presence of the solvent prevents the collapse of the aggregates
(flocculation) and the system forms a semirigid medium with unique rheological
properties [18].

As the energy barrier decreases the stability of the dispersion decreases and
aggregation becomes possible or even favored. Cases c and d in Figure 8.6 illustrate
the kinetically unstable critical state for which coagulation is slow. The sol may
appear kinetically stable because of the establishment of temporary stationary states
in which aggregation is partially compensated for by dispersion. These stationary
states allow the formation of aggregates of various sizes without complete
flocculation of the sol. This regime is called kinetically limited [19,20].

For a given particle size, the height of the energy barrier depends essentially on
the following factors:

o The concentration and charge of the ions in the electrolyte (Figure 8.7a). An
increase in these parameters causes a decrease in Vg through the decrease in the
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Figure 8.7 Interaction energy V¢ between two spherical particles of radius a = 100 nm
with 7 = 298 K and z = | as a function of (a) electrolyte concentration through the term x
(1ha = S0mV) and (b) potential 1y (5 = 3 x 103 m~1). Hamaker constant 6.1 x 10720 ],
€ =785 Vr and V, arc calculated from equations (8.4) and (8.5). Reproduced by
permission of Butterworth-Heinemann Publishers, a division of Reed Educational &
Professional Publishing Ltd from [9] '

Debye length x ' (x is proportional to z4/c). An electrolyte will be increasingly

flocculating with increasing charge and concentration of the ions it contains.

(Schulze—Hardy rule {21}, see Section 8.1.5). This explains the flocculation of
muds carried by rivers (freshwaters) when they come in contact with salt water in
the ocean. It also explains the presence of lime in clay soils: the bivalent Ca” " ions
cause the aggregation of clay particles into grains, which make the soil less
compact and more amenable to water circulation.

o the surface charge, and therefore the potential (Figure 8.7b). A high potential
increases Vi without changing V, and therefore increases the position of the
maximum V. Figure 8.8 shows the increase in the aggregation with pH in sols of
v-Fe,0j5 particies. Limited aggregation, which does not cause complete flocculation
of the particles, probably takes place in the secondary minimum.

An increase in the Hamaker constant A makes V 4 increasingly negative and the Vy
maximum decreases. This factor should not be taken into account in the analysis of
the stability of a system, because the value of A is fixed since it is a function of the
characteristics of the materials. The same is true for particle size. If phenomena
such as Ostwald ripening do not occur, the particle size is constant for any given
system. However, it should be pointed out that the energy of Van Der Waals forces

Stability of Colloidal Dix)}é&riOﬂx _ 267

& S

pH=12 2.5 3 4

" Figure 8.8 TEM micrographs showing the aggregation of iron oxide particles (y-Fe,0s3,

average diameter 90 A, PZC=8) in a cationic sol at various pH. Polyvinyl alcohol
introduced in the sof prior to drying allows the preservation of the dispersion on the grid [22]

will increase with the size of the particles. This would explain why, in poly-
dispersed systems, flocculation of a fraction of the distribution may occur at any
pH. One should not forget that if the goal is to form a stable sol through an increase
in surface charge caused by an increase between pH and PZC by acidification or the
addition of a base, an opposite effect is Usually obtained owing to the increase in

. ionic strength of the medium.

Interaction energy diagrams (Figures 8.6 and 8.7) show that, if the particles reach
small separation distances (through a decrease in the charge or the addition of an
electrolyte), the system reaches an energy wall and dispersion should no longer be
possible. Elimination of the electrolyte through dialysis, and/or an increase in
surface charge, increases the energy barrier which no longer allows dispersion of
the particles. Peptization of flocculates is frequently used in the synthesis of sols.
For redispersion to take place, the surface charge must be compensated for, rather
than cancelled out, by counterions pressed against the surface, between flocculation
and redispersion. Direct contact between particles must be avoided in order to limit
Van der Waals forces. The minimum distance between particles must therefore
remain at least equal to the Stern layers, so that the particles may keep their
strongly structured hydration sphere intact [8,23,24]. Diagrams corresponding to
the flocculation and repeptization of the colloids (Figure 8.9) differ from those of
Figures' 8.6 and 8.7 in the absence of a deep minimum owing to a larger minimum
separation distance, which is limited to twice the thickness of the Stern layer.

The important parameter in Figure 8.9 is the total energy V3 at the shortest

‘separation distance between particles. If V9 is negative (Figure 8.9a) there is no

energy barrier and the coagulation of the colloids is fast. A decrease in electrolyte
concentration by dilution or dialysis and/or recharging of the surface by a modifica-
tion of the pH would increase V.%, but the energy curve does not exhibit a sharp
magimum (Figure-8.9b). Therefore, the flocculate must repeptize rapidly. This
assumes that desolvation and the mechanism of potential regulation at the expense
of the charge do not take place [24,25].

Therefore, the smaller the ApK of the oxide, the greater is the rate at which
peplizatioh must take place, otherwise it must be carried out under such acid
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Figure 8.9 Total interaction energy Vi for (a) locculation and (b) peptization. Thickness of
the Stern layer « = 2 A: radius of the particles @ = 500 A; elfective Hamaker constant
A =5 x 1072 J; the concentration ¢ of a |1 : 1] electrolyte and the diffuse fayer potential 1y
are shown on the figure. Reproduced by permission of Academic Press from (23]

conditions that the surface charge is maximum and cannot be regulated easily.
Thesc diagrams are also valid for swelling clays which always keep a small quantity
of water intercalated between sheets. Flocculation is reversible. Rehydration on
contact with water occurs spontancously and sheel separation, which increases with
the dilution, may go as far as dclamination or formation of sols.

8.1.4 KINETICS OF FLOCCULATION

The cfficiency of the energy barrier against flocculation (or coagulation) i
characterized by the stability ratio W [26,8]:

oo
W = [ Eexp[V(x) /KT )dx (8.8)
J 2a

where V(x) is the total interaction energy Vr = Vg + Vy, at distance x = D + 2a
between two spherical particles of radius a.

The largest contribution to the Fuchs integral [equation (8.8)] comes from the
range of distances in which V(x) exhibits a positive maximum, and therefore
equation (8.8) can be simplified [27] into

W = (1/2ka)exp (Vm/kT) . (8.9)

In the absence of a maximum in the variation of V(x), W is close to 1. Under these
conditions, coagulation of the sol is fast. The flocculation rate is limited only by the
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diffusion of particles- towards one another by Brownian motion. For particles of
radius a, diffusion coefficient D and conceitration 11, the number of collisions is
given by the flux Jo of particles whose centers pass through each sphere of radius
R = 2a surrounding the central paiticle. The Aux (in s~ "), calculated using Fick's
law, is given by : ‘

JY = 8 Dang

This relationship gives only the number of pairs formed by collisions, and it would
be more accurate to take into-account the formation of multiplets. The time of
formation of doublets in the regime of fast coagulation is given by ;/; = 1/7° or,
calculating the diffusion coefficient by the Stockes—Einstein law D = kT /6w an, we
obtain ¢y, = 3n/4ngkT. In the case of water, at 25°C, 1y, = (210”/no)s if ng is
given in the number of particles, per cm”. A moderately concentrated sol (no = 1014
particles per cm’, i.e. a concentration of metallic elements of about 10~ Zmol 17
has a coagulation time of about a millisecond.

“The presence of an energy barrier decreases the number of effective collisions,

.and the coagulation rate becomes proportional to the flux:

Jo=J%w

The stability ratio thus expresses the ratio of the number of collisions due to
Brownian motion per unit time to the number of effective coliisions leading to
flocculation. For an encrgy barrier of 20kT and particles for which ka =2
(a= 1004, k=" = 50A for example), the stability ratio calculated using (8.9) is of
the order of 10%. For the previously considered particles, the coagulation time is
about 1.5 days. This time would be increased to 7 months for a barrier of 25 kT.

A change in electrolyte concentration (at constant pH) allows a modification of
the height of the energy barrier [equation (8.3)] and thercfore allows a variation in
the stability ratio W. In the slow coagulation regime (charged particles, moderate
salt concentration), an increase in salt concentration decreases the energy barrier
and log W varies linearly with logc [27] until the rapid coagulation regime is
attained, where log W remains zero (Figure 8.10).

The intersection of the two lincar parts of the diagram is the limit concentration
beyond which the energy maximum Vy of the energy barrier disappears. From a
practical standpoint, the stability ratio W is the ratio of the fast flocculation rate of a
sol in the presence of excess electrolyte to its flocculation rate at a given electrolyte

‘concentration. The ratio is determined by the ratio of the initial coagulation rates, as

observed by spectrophotometry for example [28-31].
Like flocculation, peptization (redispersion) can be characterized by a factor
/
{20]:

W= J 00 x~2exp(V/(x)/KT) dx = Wlexp (VE/AT)] -

where V/(x) = V(x) ~ V%, and V% is the depth of the primary minimum (Figure 8.9).
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Figl.ll'(! 8.10 Influence of the electrolyte concentration on the flocculation rate of hematite
particles (a-Fe,O3) of average diamcter 47.5nm and PZC=8.2 (a) at pH 11.8 with
counterions K* and (b) at pH 4 with counterions ClO; . Reproduced from [28] by permission

The peplization rate is: J, = J%/W’ and the overall rate of aggregation is
J=Jy ~ Jp = (JO/VV)“ - exp(vpr/kT)]

The expression of the effective stability Weg = W[l — exp(V9/kT)] ™" shows that
aggregation is slower, or even zero, as V7 is increasingly positive (Figure 8.9). It is
therefore understandable that a system could be maintained ‘in a state of limited
aggregation (which is often observed in sols) when both (V,, — v9) and v are
small, of the order of a few kT. :

It is interesting (o note that the particle size has no influence on the interaction
energy diagrams. When the radius of the particle (assumed spherical) is very large
compared with the distance between surfaces (D/a<<1), both Vx and Va are
proportional to the radius and therefore the shape of the diagram does not change.
In particular, the sign of VY is independent of size [24].

Depending on the flocculation rate, the structure of the aggregates can differ.

When the particles aggregate slowly, the aggregates are compact and frequently
non-redispersable because there is enough time for desolvation and relaxation
of the double layers to take place. The aggregate is highly compact because, in
such a situation, the particles can increase the attractive Van der Waals energy by
ir}crezising the number of contact points. However, if flocculation is fast, aggregates
usually exhibit a loose and voluminous structure because of the large amount of
trapped solvent. The fast flocculation rate also prevents particles from organizing
themselves within the aggregate. This aggregate is frequently peptizable, as long as
the relaxation of double layers is not appreciable. If left unperturbed for a long
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time, the aggregate becomes progressively irreversible. The charge is no longer
screened or compensated and tends-to decrease or even become zero. Therefore,
peptization of small particles should take place immediately after their flocculation.

8.1.5 CHARACTERIZATION OF THE OXIDE-SOLUTION
INTERFACE BY THE FLOCCULATION KINETICS

The log W/log ¢ diagrams are a simple source of information on the behavior of
ions near surfaces and on the properties of the surfaces themselves. An excellent
example is the study of hemalite sols (a-Fe;O3) prepared by thérmohydrolysis
(100°C) of Fe(NO3); solutions aged at pH 1.6 for 2 weeks [28,32]. The PZC of the
material (=8.2) allows the formation of sols in an acidic or alkaline medium.

The critical salt concentrations, (Cjim), corresponding to rapid coagulation have
been determined, at fixed pH, for various monovalent ions (anions at pH < PZC,
cations at pH>PZC). They are obtained from the diagrams in Figure 8.10 and
transferred on to Figure 8.11. The flocculating strength of anions in an acidic
medium (103 >F~ >CH;CO; > CH,CICO; >CHCl,CO, >Br” >NO37 >CI™ >
ClO7 = I7) and that of the cations in an alkaline medium (Li* > Na* > K* =~ Cs™)
follow the same order as the structuring role of these ions on water, as delermined
by the viscosity of aqueous solutions or hydration heats [34] (see Section [.1.3c).
Since a small limit concentration is the reflection of strong adsorption, the surface
of hematite particles is strongly structuring towards water.

The surface of an oxide will adsorb an ion strongly if their behavior in water are
similar [33] (see Section 6.3.3). Hence, structuring ions 107, F~, Li* and Na™ are
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Tigure 8.11 Critical flocculation concentrations for hematite particles as a function of pH
for anions (a) and cations (b). Reproduced from [28] by permission
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Table 8.1  Flocculation sequence of several oxides

Oxide PCN Sequence Oxide PCN Sequence
WO, 0.5 Cs* >Li" TiO; 6 Lit >Cs*
V205 |2 Cr203 7

6-Mn0O, 1.5 ) [3-MnO, 7.3

Si10, 2-3 ; Zn0O 8

strongly adsorbed when the surface is positively and negatively charged, respec-
tively, whereas destructuring jons such as ClO;, 17, Cs"™ and K* are not adsorbed.
Using flocculation sequences, or immersion heats [35], it is possible to distinguish
the destructuring oxides'(PZC <4) from the structuring ones (Table $.1).

Values of ¢, for a-Fe,O5 in an acid medium are 80-150 mmol l_', and 20-50
mmol I~ in an alkaline medium. Electrokinetic potentials at flocculation are also
higher in an alkaline medium (25-28 mV) than in an acidic medium (8-14 mV)
(32]. This shows that, in spite of a weaker surface potential, a positively charged
surface is more stable towards flocculation, and therefore that attractive van der
Waals forces are weaker than between negatively charged surfaces. The attraction
energy depends on the nature and size of (he surfaces, not on the sign of the charge
or on the electrolyte concentration. The decrease in interparticle attraction appears
to be due only to the screening of these attractions by water molecules, which are
more strongly adsorbed on a posilive, more structuring surface than on a negative
surface. The center-to-center distance between particles at flocculation is therefore
greater in an acidic medium than in an alkaline medium. This also explains why,
soon after flocculation in an acidic medium, particle peptization is observed after a
simple dilution. This is not the case for negatively charged and less hydrated
particles. The distance between flocculated particles is immediately very short and
the Van der Waals energy is much higher (of the order of 20kT). Figure 8.11a
shows two regimes in the variation of the limit flocculation concentration as a
function of pH. The lincar part, common to all ions, is extrapolated to the PZC of
the oxide (obtained independently by varying the electrokinetic potential as a
function of pH): the ions behave non-specifically in this range. The break in the
curve, which corresponds to deviation from the general behavior of ions, may be
considered as (he specificity threshold beyond which ions penetrate the Stern layer
under the influence of the surface potential 9. The measured values of 4 at the
specificity threshhold, plotted as a function of the surface potential ) [calculated
with the Nernst equation (7.27)] (Figure 8.12), show thal specific adsorption takes
place at higher polentials if the structuring (destructuring) strength of the jous
decreases (increases).

Specific adsorption phenomena are more pronounced for multivalent jons because
of their higher structuring strength. Their flocculating strength is also markedly
higher than that of monovalent ions, and the Schultze~Hardy rule stipulates that
the ¢pim - z® product is constant [21,24].
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Figure 8.12 )4 as a function of 1y at the specificity threshold for various anions adsorbed
on a-Fe,0;. Reproduced from [28] by permission

It is also interesting to note that peptization by dilution of sols fiocculated in an
acid medium, is immediate if they have not aged more than 2 min. Beyond 15 min
evolution, ultrasonic irradiation must be used. It is difficult to repeptize sols
flocculated in an alkaline medium, independently of ageing time [32]. This clearly
illustrates the effect of the relaxation of the solvation layer in flocs. Elimination of
adsorbed water allows sharing of solvation layers, a decrease in interparticle distance
and hence an increasc in attraction energy, making peptization more difficult.

8.2 THERMODYNAMIC STABILITY OF THE DISPERSIONS.
CONTROL OF PARTICLE SIZE

The classical analysis of nucleation and growth phenomena (see Section 2.3) involves »
the concentration of precursor of the solid phase as the main parameter controlling
the particle size, because it regulates the relaliive‘imporlance of each reaction step
and their possible overlap. During Ostwald ripening, the system reaches thermo-
dynamic equilibrium. However, for a given concentration of the solution, the particle
size decreases as the difference between PZC and the precipitation pH of the cation
increases. Under such conditions, Ostwald ripening is almost non-existent. The fact
that the divided state of the solid may be limited permanently makes the thermo-
dynamic stability of oxide particles a reality from a dimensional point of view.
This concept can be applied to microemulsions [36]. Microemulsions are homo-
geneous, transparent dispersions of waler, oil (toluene or cyclohexane, for example)
and surfactant. These micellar systems form spontanecously and are very stable.
Since the phases in contact are fluid and since t_he molecular interactions are weak,



274 Metal Oxide Chemistry and Synthesis

such systems are very labile and a change in composition or temperature can easily
cause a change in the size or the structure of the particles [37]. Such systems can

probably be treated as colloidal systems from a thermodynamic standpoint as well

as from a kinetic standpoint. The reactivity of oxides is much lower than that of
microemulsions since breaking a metal—oxygen bond requires a large activation
energy. The spontaneous division of solids caused by the modification of a parameter
of the dispersion is usually not observed, at least in short times. However, since itis
possible significantly to affect the particle size without involving Ostwald ripening
by changing some synthesis conditions (acidity, ionic strength of the medium,
concentration, temperature, etc.), it is possible to assume that thermodynamic
equilibrium is reached in these systems.

In the classical treatment of precipitation, the surface energy of the solid is
considered constant. This constant is related to the chemistry of the system, and the
fact that this energy is also a function of the chemical composition of the oxide—
solution interface is ignored. In turn, we have seen that the characteristics of the
interface are closely related to the acidity and the ionic strength of the solution (see
Chapter 6), i.c. to the physicochemical conditions of the synthesis. The growth of
particles of any substance depends on the ability of the system to decrease its

surface area. This ability is characterized by the surface energy (or tension), v also’

involved in the change in free enthalpy of formation of the dispersion. Since the
interfacial energy depends on the chemical composition of the interface, it would be
expected that thermodynamic criteria would control the stability of the size of oxide
colloids. This problem is different from the stability of a dispersion towards aggre-
gation, which is characterized by a kinetic energy barrier (Fuchs’ integral) similar
to the activation energy of a chemical reaction involving deformation of molecules
within an activated complex. :

In the expression of the interfacial energy, v = (3G/0A)p r, (sce Section 8.2.2),
we observe that if + in a two-phase system is positive, spontaneous evolution
(G <0) tends to decrease the extent of the interface (9A <0). This is what happens
to a drop of water in air, to two immiscible liquids or during the growth of particles
during ageing (Ostwald ripening). 1f -y is negative, the interface must spontaneously
expand (0A>0). If 7 is zero (or slightly positive owing to the contribution of
entropy to the free enthalpy of formation of the dispersion [36,41]), equilibrium is
reached. This postulate, which explains the formation and stability of microemul-
sions, can be applied without obstacles to oxide particles. It does not necessarily
imply the spontaneous division of the solid, which would involve elevated activation
energies, but it allows for an understanding of the reasons why the size and stability
of particles during ageing can be regulated by the physicochemical conditions of
the precipitation medium. :

In order to explain the influence of these parameters on the size and stability of
the particles, and in order to understand if it is possible effectively to control the
dispersion of a solid during precipitation, itis useful to understand how the interfacial
energy relates to the physical chemistry of such systems.
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8.2.1 SURFACE ENERGY (TENSION) AND INTERFACIAL ENERGY

Within a liquid, there are isotropic attractive forces between molecules (Van der
Waals, hydrogen bonds, etc.), but the molecules located on the surface of the liquid
are subjected to uncompensated forces which-tend to attract them towards the inside
of the liquid. Therefore, as many molecules as possible leave the surface for the
interior of the liquid, and’the surface tends to contract spontaneously. The surface
energy represents the difference in interaction energy between particles, depending
on whether they are located on the surface or within the condensed phase. Assuming
that in a condensed phase the interactions between nearest neighbors dominate, and
that all interaction ener'gics, u(r), can be added to each other, the potential energy
per molecule within the liquid is {3,9]

EAliq = 1/2;AAliq X UAA(’-m)

where zaaliq is the number of neighbors of the molecules in the liquid at a
distance ry. ' ‘

The potential energy per surface molecule is also given by

EAsurl' - I/zzAAsurl' X UA/\(’.S)
where r; is the distance between molecules on the surface. Assuming that ry = r;
and zaasut = 1/22antiq, We have '

EAsurf - EAliq = UA/‘\("m) X (ZAA/Z)(I/2 - 1)

Since vaa is negative, the difference Easurr — Ealig is positive. It is necessary to
provide energy in order to form a surface.

When two liquids A and B are in the presence of one another, any A molecule
leaving the bulk of the liquid for the interface progressively loses about half of its
interactions with other molecules, but it also gains about the same number of inter-
actions with B molecules. The potential energy of an A molecule at the interface
can be written as

Easur = 1/2zaasut X VaA(Faasurt) + 1/228 surt % VAB (7B surr)

For A and B molecules of similar sizes
ZaAsurl + ZABsurf = ZAAlig = ZBBlig

If vap(rap)>vaa(raa), Easut> Eatiq, and if vap(rap) <vaa(raa), Easur < Eaiig-
The same is true for B molecules. Therefore, in order to create a surface, A and B

" molecules must be brought towards the interface and the energy change per

molecule is ’
AE = (Easut — Enrig) — (Epsurr — Epiig)
If AE is pos’i'tive, the interface must shrink as much as possible, whereas if AE is

negative, the interface must expand and allow mixing of the two liquids. It is also
necessary to take into account the entropy change, which favors dispersion, even if

AE is slightly positive.
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Table 8.2 Surface tension and -interfacial tension for a few
liquids (in mNm~" or mIm~? at 20°C)

Interface " Liquid/vapor Water/liquid
Water x 7275 —
Benzene x 28.88 x 35
CCl4 x 26.77 x 45
Hg 476 375

The contribution of surface energy to the total energy becomes important if there
is no change in encrgy within the liquid, or if the system is sufficiently divided for
the surface energy to be comparable with the energy within the liquid. The work W
necessary for the creation of the surface is proportional to the number of molecules
brought from within the liquid to its surface, e.g. it is proportional to the area 6A of
the newly created surface, §W == v0A. The proportionality factor -y represents the
surface energy (or tension) in the case of a liquid/gas or solid/gas interface. It is
calied the interfacial energy (or tension) in the case of a liquid/liquid or liquid/
solid interface. It has the dimension of [MT~%} and is expressed in mJm~?2 or
ergem 2. It is the energy required for an increase of the surface, reversibly and
isothermally, by one unit. If G is the change in free enthalpy associated with
the formation of a surface 9A, then v = (8G/9A)p 4 ,. For liquids, -y is usually
expressed as a force per unit length (surface “tension’), given in mN m~! or dyne
cm~!'. Itis worth noting that all units of v have the same dimension [MT™?] and that
the numerical values of « are the same [2,3]. .

The surface tension of liquids is measurable experimentally. A few values are
given in Table 8.2. The surface tension of solids is not measurable directly because
their small lability does not allow them to reach equilibrium, but it can be calculated
(2,38-40]. It varies from 50 to a few hundreds mJ m~2.

8.2.2 DECREASE IN INTERFACIAL ENERGY OWING TO
ADSORPTION

The free enthalpy of a system may be divided into two components associated with
its bulk (c) and its surface (s): G = G+ G*. The terms may be expressed as

G =U+PV TS+ Zun;, G =U+~vA - TS® + Zpun;

Within the two-dimensional space that is the surface, the PV term and its differential
V' dP have no physical significance and may be neglected. Differentiating G* gives

dG* = =S%dT + Ady + vdA + Sy dn] + Spnidpy, (8.10)
From both principles of thermodynamics, we may write '

dG = (9G/AT)dT + (9G/IP) dP + (9G/In) dn
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or ' . :
dG® = —S°dT + vdA + Sy, dnd - (8.11)

Subtracting (8.11) from (8.10), we obtain: Ady + Znidp =0, an expression more
widely known as

dy = —(E”?/A) dp; = ‘Er,' dp; . (8.12)

where I'; is the adsorption density of the ith constituent on the- surface. Equation
(8.12) is the Gibbs adsorption equation. It shows the influence of the composition of
the zone near the surface on the interfacial tension. This relationship is analogous to
the Gibbs—Duhem relationship, £n; dy; = 0, obtained in a similar manner from the
expression

dG® = VAP = SAT + Sp;dn; + n; dp

which applies to bulk phases and does not take surface energy into consideration.

Equation (8.12) shows that adsorption of substances (increase in I') decreases
interfacial tension. This is why molecules of fatty acids or alcohols that exhibit
a polar hydrophilic head and a hydrophobic tail are called surfactants. These
amphiphilic molecules are soluble in*water and in hydrocarbons. They prefer to
segregate at the water/air interface or at the water/oil interface as monolayers,
since this situation is energetically favorable compared with complete solubiliza-
tion into one phase or the other. The decrease in surface energy of alcoholic solutions
in water (Figure 8.13a) shows that the tendency of alcohol molecules to occupy the
water/air interface increases with the length of the hydrocarbon chain. Conversely,
the surface energy of water increases with the concentration of ionic solutes
(Figure 8.13b). The water—ion attractive forces are stronger than lhe“waler—water
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Figure 8.13 Sun‘ace energy of'aqueous solutions as a function of concentrition in (a) alco-
hol qnd (b) sod.lum chloride at 20°C. Reproduced by permission of Butterworth-Heinemann
Publishers, a division of Reed Educational & Professional Publishing Ltd from [9]
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interactions, and the ions migrate towards the bulk of the solution. The adsorption is
negative and -y increases.

The adosption of surfactants (wetting agents) decreases the interfacial tension of
water and promoles expansion of the interface. If, through the adsorption of such
molecules, the jnterfacial tension between two non-miscible liquids is sufficiently
decreased or becomes negative, emulsification is spontaneous since the interface
may expand without increase in free enthalpy. This explains schematically the
formation of microemulsions. .

In the case of oxides, the Gibbs adsorption equation (8.12) gives the variation in
interfacial tension of particles in the presence of a basic solution XOH (or an acidic
solution HY) and an clectrolyte XY [39-41]:

dy = —(Tu — Ton) dpxon — (I'x = T'y) dpexy (8.13)

where I, the adsorption density, is expressed in number of moles adsorbed per unit
area.

Since the adsorption takes place on a charged surface, the electrochemical
potential of the adsorbed species, i}, must be taken into consideration (u; =
j1; + z; Fp). Neglecting the specific adsorption of X+ and Y™ ions, for an-elevated
and constant jonic strength ([XY]>> [XOH], dux = 0), (8.13) becomes

dy =~y — Ton) dreon (8.14)

The surface charge is g9 = F (I'yy — I'on) and (8.14) becomes
dy = —(o0/F) dpon — oo dif , (8.15)

where vy is the surface electrical potential.

Equation (8.15) shows that, on the one hand, the interfacial tension is maximum
at the PZC, for which oq and 1fq are both zero, and, on the other hand, there are both
a chemical and an electrical contribution to the decrease in interfacial tension.
Since the charge and the surface potential are directly related to the pH and the
jonic strength of the medium, the surface energy of the solid is certainly controlled
by these parameters.

The variation in the interfacial tension of various oxides is calculated from the
integration of o = f(pH) curves for different ionic strengths (Figure 8.14) [39-40].
The variation is similar to that calculated after integration of equation (8.15) [41], by
calculating the chemical contribution dpon using the Langmuir model, and evaluat-
ing the electrical contribution using the Grahame equation (7.35). A large decrease
in oxide—solution interfacial tension, reaching zero or even negative values, is
therefore predicted for high ionic strengths and far from the PZC of the oxide.

Since adsorption causes a decrease in interfacial energy, and since spontaneous
dispersion of the systems occurs for v <0, the stability criterion, v = 0, must be
associated to the pH value corresponding to the point of zero surface tension PZST
[41]. Two PZST can be defined since adsorption of PDIs may take place on either
side of the PZC (Figure 8.14). '
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Figure 8.14 Surface energy as a function of pH, calculated from o = f(pH) curves, for
ThO; and AlO3 at various ionic strengths. Reprinted with permission of from [40].
Copyright 1969 American Chemical Society .

The PZST is calculated by integration of equation (8.15) [42]. This integration
will not be discussed here.

Depending-on the value of -y (surface energy at PZC usually between 50 and
300 mJ m=?%), and for given experimental conditions (/, pH), a two-phase macro-
scopic system will be obtained in which the minimum interface is reached (PCN <
pH<PZST in the case of a negatively charged surface, v>0) or, if pH > PZST,
7 = 0, a thermodynamically stable dispersion is obtained in which the particle size
does rot change during ageing.

8.2.3 CONTROL OF THE PARTICLE SIZE OF OXIDES

Magnetite Fe3O4 is an interesting oxide because spheroidal particles crystallize
almost immediately during precipitation at room temperature (see Sections 3.5
and 5.6.1). Figure 8.15 shows the change in particle size for particles formed
via coprecipitation of a stoichiometric mixture FeCly 4 0.5FeCl, in anaerobic
conditions, in a basic solution where the pH is maintained constant with an
automatic potentiometric apparatus, and in which the jonic strength is stabilized by
an electrolyte [43]. The higher the pH and ionic strength /, the smaller are the
particles. In addition, for a given ionic strength, there is a critical pH, pH* defining
a pH (pH>pH") with which particle size does not change during ageing (Figure
8.16). If pH <pH”, the particles tend to become coarser after their formation.
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Figure 8.15  Average size of Fe;O4 parlicles formed (a) at various pH (] = 0.5M) a.nd (b? at
various ionic strengths (pH=12) after 8 day ageing at 25°C. Reproduced with kind
permission from Kluwer Academic Publishers from [43]
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Figure 8.16 Average size of Fe;Oa synthesized al Yarious pH, (25°C, 1-.——0.5.M)
immediately after precipitation (o) and afler 8 day ageing (®). Reproduced with kind
permission from Kluwer Academic Publishers from [43]

The chemical composition and electrostatic charge of the surface of the particles

are determined by the pH and the ionic strength of the solution. The pH influences
the protonation—deprotonation equilibria of the surfac'e lllydroxylated groups
(magnelite is negatively charged at pH>PCN=8). The ionic strength / ensures
shielding between the charged groups on the surface and, at a given pH, the surface
charge increases with / (sce Section 6.3). The increase in surface charge by proton
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desorption decreases the interfacial tension compared with its maximum value
obtained at the PZC of the oxide [equations (8.12) and (8.15)].

Above the critical pH, pH*, which can be assumed equal to the PZST, the particle
size seems to be controlled by the difference ApH = pH — pH* and does not change
‘with time (Figures 8.15 and 8.16). This suggests that particles form in conditions in
which the surface is electrostatically saturated and in which the very weak inter-
facial tension allows an increase in surface area at little energy expense. The larger
the difference ApH = pH — pH", the smaller the particles since an increase in the
number of charged sites leads to an increase in the size of the interface. The
nucleation activation energy decreases when -~ decreases [equation (2.4)]. Under
such conditions, dissolution—crystallization phenomena do, not take place since the
driving force for the reduction of surface area is very small (the vdA term has
almost no influence on the free enthalpy of formation of the dispersion). If the
precipitation pH is lower than the critical pH*, the surface is not electrostatically

" saturated and the interfacial tension remains strongly positive. The system tends

'spontaneously.to reduce its interfacial area. Secondary growth via Ostwald ripening
must take place and the final particle size depends mostly on the lability of the
dissolution—crystallization equilibria.

The interfacial tension should therefore not be treated as a constant for an oxide,
and it appears that it is probably the most relevant parameter in particle size control.
It is easy to understand why, from this standpoint, pH and ionic strength are major
parameters affecting precipitation. Although little data are currently available, the
example of magnetite can probably be extended to other oxides. The effect of
medium acidity, for a given ionic strength, on the growth or stability of the solid
phase is shown in Figure 8.17. _

When PZC <pH <PZST (zone A), particle growth is not limited during synthesis
(the surface charge is not saturated). Kinetically stable dispersions may exist in

particle size

B

-,

PZC PZST ' pH

Figure 8.17 Varialion in particle size as a function of precipitation pH (pH > PZC, swiface
charge < 0)
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this domain, but some evolution in the size of the particles is possible (Ostwald
ripening) in order to minimize the interfacial area. The B zone characterizes thermo-
dynamically stable dispersions (pH > PZST, saturated surface charge). The particle
size is determined by the difference pH — PZST. (Research is under way in order to
determine the particle size variations within this pH range [42].)

Within zone C, pH>»PZST, solid particles cannot form. The solution is
homogeneous and contains mono- or polynuclear complexes owing to the dissolu-
tion of oxides or hydroxides in a strongly acidic or basic medium.

When an oxide is formed under the conditions of zone A (non-limited growth), it

might be expected that a change in the pH or ionic strength would bring the system

back into zonc B, leading to spontaneous division and thermodynamic equilibrium.
The height of the activation energy barrier limits the evolution of the system in
mos! cases. Under more extreme conditions (pH very distant from the PZST, i.c. a
strongly acidic or alkaline madium), the oxide is dispersed through a ‘dissolution’
mechanjsm.
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Interface Reactions and
Adsorption

The surface of oxide particles in water is a privileged reaction zone. Dissolved

species such as metal cations, anions, neutral molecules or polymers are likely to
attach themselves and adsorb on it. Owing to the large surface area of colloidal
suspensions this phenomenon can have significant magnitude, and adsosption plays
a role in many different processcs such as matter transport in ‘natural or industrial
waters, in geochemistry, catalysis and stabilization of dispersed media. Adsorption
of polymers on oxide particles also allows the fabrication of organic—inorganic
hybrids. Adsorption (or ‘sorption’ if more than a monolayer of matter is attached) is
a very important phenomenon and it would be useful to understand the interaction
mcchanism between oxide particles and species in solution.

Hydroxylated groups, which are the causc of the surface charge (see Chapter 0),
may also act as coordination sitcs for dissolved cations, or may be substituted by
anions (surface coordination). They may also act as nucleation sites for a solid
phase in the case of surface precipitation. Therefore, several possible mechanisms
should be considered in the overall phenomena of adsorption, and most of them
may be described in terms of the classical concepts of coordination chemistry.
However, adsorption cxhibits some specific characteristics because one of the
partners is a sotid with structural and physical properties that may play an important
role. Although adsorption often involves only the surface of the particles, if the
solid exhibits appreciablc ionic mobility (in the case of an ion-exchange material),
or electronic mobility (for a mixed-valence materiat), acid—base surface reactions
may trigger various phenomena in the core of the particles, reactions which in turn
may cause ionic and/or electron transfers through the solid—solution interface.

9.1 ADSORPTION OF METAL CATIONS

Oxide particles suspendcd in an aquecous medium carry hydroxylated groups
bearing positive or negative charges that modify the properties of water in the
solvation sphere. These characteristics, which are related to the pH of the solution,
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cause an interaction between the surface and cations in solution. Like many other
phenomena we discussed, adsorption is closely linked to the acidity of the medium,
for any oxide or cation in solution [1]. This is because the pH of the suspension
controls both the hydrolysis of the cation and the surface charge of the oxide.
However, there are several types of interaction, depending on the nature of the bond

- between the adsorbed ion and the surface.

9.1.1 ELECTROSTATIC INTERACTION AND OUTER SPHERE
COMPLEXES

Non-hydrolyzable, non-structuring cations, such as Li* or Na™, adsorb on oxides
when the surface is negatively charged (pH > PZC). lons are attracted towards the
surface by ‘non-specific’ forces: electric charge, preferential solvation within the
heavily structured hydration sphere of the surface (sec Sections 6.2.2 and 8.1.5).
Such ions are called ‘physisorbed’ since they are restricted to the solvation layer
and they exhibit reduced mobility. This is the case for Nat, whose relaxation time
(determined by 2Na NMR) is longer near the surface of silica than in solution [2].
Preferential solvation of structuring cations within the hydration sphere of the
surface js clearly shown by the adsorption sequence Lit>Na*t>K*>Cs* (see
Section 8.1.9).

A similar interaction occurs with the very stable complexes of various C'mons
such as Cu”*, Ni** or Co®*. At high ammonia concentration (pH > 8), [M(NH4)¢J2*
complexes dominate in solution and are adsorbed on various substrates [3]. The
UV-visible characteristic absorption of the nickel amino complex is not shifted
upon adsorption on silica [4]. Adsorption of these complexes does not cause a shift
in the intersection point of the proton titration curves (i.e does not cause a shift in
the PZC of the oxide [5]). The negatively charged surface of the oxide acts as the
counterion of the cation complex [M(NH;)61** (M=Cu?*, Ni** Co?*), Jeading,
at the most, to the formation of ion pairs:

-5i-0 NHy4 -Si—

7]
2+ A~ ) 0"
-+ Ni(NHpg", 247 —— 4
~Si—0”NH .. -Si-0~

H3N
DNi(NHy )}

H3N .

4 +2NHy + 2A”

Some very stable metal complexes with very bulky ligands (phenanthroline,
bipyridyl) may appear specifically adsorbed without modification of their coor-
dination sphere [5]. The large size of the ligands and their polarizability allow a
significant contribution of Van der Waals forces to the energy of adsorption.
Some aquo cations may be adsorbed non-specifically. This is the case for Cu?* in
an acid medium (pH < 3) impregnated in porous silica, where the pores. are small
(<6nm). The EPR spectrum of copper is characteristic of hexa-aquo ions
[Cu(OH2)6]2+ exhibiting axial symmetry (6], but their rotation and reorientation
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time is 1.5 times longer than that of ions in aqueous solution. Their mobility is
strongly affected by the structuring of water near the surface. The cations appear
trapped within 8—10 layers of solvation, forming a ‘vitreous’ matrix filling the small
porcs. With larger-pore silica, the water filling the pores is not so strongly
structured, and a sccond EPR signal characteristic of [Cu(OH,)g]** ions in solution
is observed [6].

Oxides more strongly basic than SiO,, such as MgO and Al,O3, develop.stronger
interactions with [Cu(OHZ)[G]2+ jons. The EPR spectruin of copper is similar to
that of the solid [6]. Although the cupric ions are not desolvated, the [Cu(OH,)e]*!
are immobilized on the surface. A similar situation is encountered when they are
adsorbed at pH 2.7 on TiO, |7}, i.e. well below the PZC of the oxide (pH = 6.2).
Although the ions cause an increase in the electrophoretic mobility of the oxide (see
below) because they increase the surface charge, their ‘static’ EPR spectrum is
typical of cupric ions hydrated in a distorted octahedral environment. This means
that the axis of the tetragonal distortion does not change at the time-scale of EPR
spectroscopy.

In this type of interaction, there is no change in the coordination sphere of the
adsorbed cations. In fact, their solvation by the surface hydration layer is higher
than with ‘liquid’ water. From a coordination chemistry standpoint, sodium and
cupric jons form ion pairs with the surface (the surface is negatively charged), or
perhaps outer sphere complexes [8] probably involving hydrogen bonds between
surface hydroxyl groups and the coordination water, through the bridging ligand
[(H30,] {9,101

7 gH  H
~M-OH H,0_ -M-O--H—0_ .
+  Cu(OH,)2* 2A~ 4 ,Cu(OHyp)s ", 2A”
-M-OH H, ~M-— ;)\ "‘H—O
H

In fact, in the process of ‘pliysisorption’, the surface acts as a solvating agent for the
cations. At most, the cations shield the surface charges without modifying the PZC
of the oxide.

9.1.2 CHEMISORPTION AND INNER SPHERE COMPLEXES

Cations that hydrolyze easily, such as Zn(1l), Cd(1I), Hg(II), Pb(II) and Al(I1I), and
transition metals have a strong affinity for oxide surfaces, and adsorption may occur
against electrostatic forces, and for pH vaiues inferior to the PZC of the oxide.
Adsorption of these cations is a strong function of the pH, since there is a narrow
pH range, usually 1-2 units, for which the adsorption rate (the degree of saturation
of the surface) changes from 0 to 100% (Figure 9.1).

The pH for the onset of this phenomenon is always lower than the pH at which
the cations alone in solution would hydrolyze or precipitate. This brings about the
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Figure 9.1  Adsorption isotherms at 25°C for Fe(I1I) (1.2 x 10~4M), Cr(lIl) (2 x 107M),

Co(1) (1.2 x 10=*M) and Ca(ll) (1.4 x 10~ 4M) on Si0; as a function of pH. Reproduced by
permission of Academic Press from [11]

issuc of the adsorption mechanism for such cations [1,12,13]. The process may
occur via adsorption of previously hydrolyzed complexes
[M(OHa)g]™* + nH0 <==> [M(OH),(OHy)] ¢~ + nH,0*
(rHO™) - : (nH,0)
that physisorb on the surface: '

7

S=OH + [M(OH),(OHy)5-,J " == S(OH),,, [M(OH), (OHy)_,J*™* + miH,0

An equivalent process with régards to the stoichiometry of proton exchange may
also involve hydrolysis of complexes by the surface:

7

S-OH + [M(OHp)gl™ === S(0),, M(OHy)5_,)* ™" + nH;0*

The issue is to determine whether cation hydrolysis precedes and enhances their
ability to adsorb, or whether hydrolysis is a consequence of adsorption. In the first
scenario, we are dealing with physisorption of hydrolyzed complexes whose coor-
dination sphere is not affected by adsorption. In the second scenario, penetration
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Figure 9.2 Adsorption of Co(Il) on a-FeOOH for various concentrations. (1 g solid in
200 ml solution). Reproduced by permission of Academic Press from [14]

of the coordination sphere of the cation by oxo or hydroxo ligands causes their
chemisorption as inncr sphere complexes.

In fact, although the adsorption isotherm cannot predict this, both mechanisms
occur, depending on the pH of adsorption, as shown in the following examples.

{a) Structural Considerations

Adsorption of Co(1I) on a-FcOOH goethite occurs between pld 6 and 7 [14] (Figure
9.2). If alone in solution, Co®" forms the {Co(OH)(OH,)s}* complex around pH 7.
At a concentration of 0.1 mol1™", the hydroxide precipitates around pH 8 [15].
XPS spectroscopy shows that adsorbed Co(ll) exists under various forms
depending on the pH of the reaction [14]. At pH < 6.5, cobalt is adsorbed as the
hexa-aquo ion. Since the PZC of the surface is 6.5, aquo ions form outer sphere
complexes with the neutral and negatively charged groups of the surface (—Fe; OHy,

—~Fe,0% . see Section 7.1.1). The adsorption density'is small because the surface is '

charged positively.
Between pH 6.5 and 7.5, XPS' parameters of adsorbed Co are very similar to

those of the hydroxide Co(OH),. Since, in a solution of the same concentration, .

cobalt alone hydrolyzes only at pH > 7.4, it is very likely that hydrolysis of Co(1l)
is induced by surface groups rather than by the acidity of the solution. Surface
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hydroxyls act as hydrolyzing ligands, and cobalt chemisorption is the result of the
formation of inner sphere complexes.

If adsorption takes place at pH > 8, XPS data show the presence of Co(OH), and
CoO(OH) on the surface. These forms are also identified by XRD and XPS in the
precipitates formed at the same pH in solutions containing Co alone. This strongly
suggests that hydrolysis and precipitation of cobalt occur, in solution, and the
precipitated particies are later physisorbed on goethite. - _

Therefore, three adsorption mechanisms seem to take place, depending on the pH
of the medium. A similar behavior is observed for the adsorption of Co(ll) on SiO,
and TiO, (11}, on ZrO; and Al;O5 {16] and for the adsorption of Zn(11), Cd(Il)
Cu(Il) and Pb(ll) on amorphous ferric oxyhydroxide [17,18].

The hydrolyzing role of oxide surfaces is very elegantly shown in M&ssbauer
investigations of the adsorption of 3" Fe(lIl) on hematite a-"%Fe,05 [19]. Since °Fe
is Mossbauer-inactive, the spectrum of ferric ions is not obfuscated by that of the
particles. '

At pH 2.5, the oxide surfwce is positively charged and ferric ions are present in
dilute solution (10 Smoll™!) as [Fe(OHy)g]*" (70%) [Fe(OH)(OH,)s}*+ (20%),
[Fe(OH),(OHa)al" (3%) and [Fe,(OH),(OH,)s1*H (6%). Méssbauer spectra of the
suspension (Figure 9.3a), which exhibit a sextuplet, show that all adsorbed ferric
jons interact magnetically with the substrate. The parameters of the adsorbed jons
(isomeric shift, average hyperfine field) are very similar to those of solid hematite.
Within the adsorbed layer, ferric ions occupy sites characteristic of the structure of
hematite, and hence the layer is an extension of the crystalline network of the

iy PR
A VY
A
‘.; Yo \ [
N LI /MN"""“‘—"
B\ |
.MC FaTatota Ve Vol ! u
N e -
. : g vt -, \” 4!
L o _
Ly BukyoePe203 16 0 s 18
-16 0 mmvys ~ +16
(a) _ {b)

Figure 9. 3 Mossbauer spectra at room temperature for *’Fe(l1l) jons adsorbed on hematite
particles a->%F¢,05 (a) at pH 2.5 (A suspension; B after drying; C after heating at 600 °C for
6 I; D after heat treatment at 600 °C for 6h) and (b) at pH 6 (A suspension; B after drying).
Reprinted with permission from [19]. Copyright 1990 American Chemical Society
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particles. In this acidity range, ferric ions are not able to nucleate on the solid, and
most certainly not on the corundum structure (see Section 3.2.3), and therefore they
are hydrolyzed by hydroxy!l groups and chemisorbed on the oxide surface.

If adsorption takes place at pH 6, no Méssbauer signal is observed. After drying,
a strong quadrupolar doublet is observed along with a weak magnetic component
(Figure 9.3b). In this acidity range, iron forms a ferric gel physisorbed on the
substrate, with no strong chemical bond. The lack of a signal is due to the very
weak absorption of y-rays by the gel weakly bonded to the surface of the particles.
Dehydration at room temperature decreases the mobility of the physisorbed gel,
generating a Mossbatier spectrum similar to that of amorphous ferric gels. At pH 4,
adsorption involves both mechanisms.

Adsorption of hydrolyzable ions takes places through various mechanisms in
which hydrolysis by surface nucleophilic groups and hydrolysis by the solution
itself (OH™, water molecules) compete. Therefore, as long as the hydrolysis and
precipitation pH is not reached, the surface is likely to behave as a ligand, leading
to chemisorption through a true substitution reaction:

4 H H ' ﬁ H 2

-M-O " H-0_ M-

ML, — glM Ly + 2H,0 =—= g ML, + 2H"

-M-0H-Q -0 -M-0’

4H H ﬁ 4

This reaction is analogous to olation and oxolation reactions between hydrolyzed
species. [t involves, at pH = PZC; oxo or hydroxo ligands from the surface acting
as nucleophiles within the coordination sphere of the adsorbed ion. This reaction is
also responsible for the adsorption of mixed aquo—amino complexes of nickel.
Washing silica suspensions which have adsorbed hexamino nickel(I) complexes
leads to the formation of tetra-amino complexes. The shift in the UV-visible
absorption towards lower frequencies makes it possible to follow the level of
replacement of NH; by H,0, and then of water by SiO™ {4,10]:

/

4 .
=Si-O" H,O_ I ON

+ Nl(NH3)4 — 4 Ni(NHy), + 210
—Si—0™ 1,3 -5i=0f

The presence of removable aquo ligands in the coordination sphere of the nickel
causes an increase in the adsorbed amounts. The same pheno_menon takes place
with [Cu(OH,),(NH;),,]*" complexes formed at pH < 9 [10,20].

(b) Electrophoretic Mobility

The various regimes of interaction between ions in solution and the surface, as a
function of pH (chemisorption of the cations, physisorption of the oxide or the
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' Figure 9.4 Electrophoretic'mobility (a) for various SiO, amounts and (b) for TiO; in the

presence of Co(NOj;);. Reproduced by permission of Academic Press {rom [22]

hydroxide) are measurable on the electrophoretic mobility of the suspensions. The
mobility mg of the particles is defined as mg = vg, where vg is the velocity of
the particles under an electric field £ [21]. Depending on the sign of the particles,
the particles move in thé direction of the field or in the opposite direction. At
pH=PZC, the mobility is zero.

Adsorption of a hydrolyzable cation in large enough concentration completely to
cover the available surface area of the suspension can modify the electrophoretic
behavior of the particles. Three charge reversals (CR) are observed as the pH
increases (Figure 9.4).

Reaching the PZC (or the IEP, isoelectric point), causes CR; (&). It is close to
pH 2 for SiO; and 5.5 for TiO, (Figure 9.4). Adsorption of positively charged
entities (aquo ions, hydroxylated complexes) progressively compensates for the
negative charge on the surface, leading to CR; (4) around pH 8 (Figure 9.4). As the
pH increases, the positive charge on the adsorbed species decreases, and CRj
indicates the PZC of the adsorbed layer (pH 11). The position of CR; and CR,
depends on the number of ions that have been adsorbed. When coverage of the
surface is complete, CR; is identical to the PZC of the hydroxide or oxide formed
by the adsorbed cation alone. CR;, which is inferior to the precipitation pH of the
cation alone in solution, marks, in fact, the pH of the onset of precipitation on the
almost completely covered surface [22,16).

This variation in electrophoretic mobility reflects the progressive change in nature
of the surface during adsorption, assuming a homogeneous distribution of the ions
on the surface. It turns out that this behavior is not generalized because the
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Figure 9.5 Electrophoretic mobility (EM) of goethite particles (20 m?/1) adsorbed at
various concentrations (solid markers): (a) Mg(ll), (b) Mn(ll); boehmite (20 m2/1) having
adsorbed (c) Mg(Il) and (d) Mn(ll). Open markers indicate the electrophoretic mobility of
both solids measured in the presence of NaClO,4. Reproduced by permission of Academic
Press from [23] ' :

adsorption mechanism depends on the nature of the surface as well as on that of the
adsorbed ions.

For example, adsorption of Mg(ll) an goethite, a-FeOOH, begins below the PZC,
and a 10-25% coverage is sufficient to bypass the CR, of goethite (Figure 9.5a)
[23]. However, adsorption of Mg(1l) on boehmite, v-AIOOH, is complete at the
PZC and modifies only slightly the position of the CR, (Figure 9.5b). Adsorption of
Mn(Il) on both oxyhydroxides also does not affect the position of their PZC (CR,)
(Figure.9.5¢, d). ‘

EPR studies of manganese adsorbed on boehmite show that:Mn(Il) ions form
an antiferromagnetic material analogous to Mn(OH),, [23]. Since the amount of
adsorbed Mn(Il) would be sufficient to form several compact layers of the
hydroxide, the lack of influence on the electrophoretic mobility seems to indicate
that manganese hydroxide is adsorbed as clusters that do not cover the boehmite
surface very uniformly. The surface remains largely exposed to the solution and is
able to maintain its physicochemical characteristics. This must also be the case.
during adsorption of manganese on goethite because no effect is observed on the
CR; of goethite. Manganese might form very small clusters Mg(OH), which would
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exhibit a strongly widened EPR signal owing to the local magnetic field produced
by ferric ions near the surface [23).

However, adsorption of Mg(Il) on goethite takes place homogeneously on isolated
sites of the surface, thereby preventing reversal of the surface charge.

This difference in behavior can probabty be explained by the difference in the
energy of adsorption for the ions and that of the nucleation of the hydroxide on the
surface of the adsorbant. If the adsorption energy is larger than the nucleation
energy, homogeneous coverage of the surface is favored. If the opposite is true,
heterogeneous nucleation of the hydroxide can take place. In other words, the

- nucleophilic strength of oxo or hydroxo ligands of the boehmite surface is not as

high as ‘that of the surface groups on goethite. The surface groups on boechmite
(PZC = 10) are less acidic, and therefore less nucleophilic or complexing, than on
goethite (PZC = 8-9). This is in agreement with the results of the MUSIC model
(see Section 7.1.1). Mg(II) ions cannot nucleate the hydroxide on goethite and are
adsorbed as inner sphere complexes. Mn(Il) jons are more sreadily hydrolyzable
than ‘Mg(Il) ions and condense preferentially in solution, before adsorbing as
Mn(OH), clusters on both surfaces.

The magnetic behavior of Mn(Il) and Cu(ll) adsorbed at pH > 6 on TiO, shows
that they also form hydroxide or hydrated oxide clusters on the surface of TiO; [7].

{c)] Adsorption Isotherms

Another useful technique for the study of various adsorption regimes is the use of
isotherms linking the adsorption density I’ (the amount of cations adsorbed per unit
surface area) to the cation concentration C in solution at equilibrium.

Isotherm models initially used for adsorption of gas molecules ou to solids can
now be applied to adsorption in solution. Two such models are most widely used [13]:

¢ The Langmuir isotherm:
[Jo

I +kC

where k the adsorption equilibrium constant and Iy, is the maximum adsorption
density. The fundamental hypotheses of the model are that all adsorption sites are
equivalent, and that the adsorption energy is not a function of the extent of surface
coverage. This means that there is no interaction between adjacent species adsorbed
on the surface. I" is proportional to C at low concentrations and reaches a maximum
Iuux at high concentration.

¢ The Freundlich isotherm:

P =kC'

.
I'= Fmax

with n >"1
This purely empirical model assumes that adsorption energy decreases logarith-

mically with adsorption density, and hence there is no linear relationship between I’
and C. Adsorption density is, in principle, not limited.
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Usually, Langmuir isotherms describe experimental data reasonably well for siall
adsorption densities and pH lower than the precipitation pH of the cation alone in
solution, when the cations are adsorbed in monolayers. Plots of log I' = f(log[M**],,)
are linear with a slope of 1. This is the case for adsorption at pH < 6.4 of Cd(ll),
Zn(11) or Cu(ll) on amorphous iron oxyhydroxide at a concentration smaller or equal
to 107 mol 17" [18]. It is also true at pH < 7 for Co(II) and Ni(Il) on SiO, [24], for
Co(l1) on Fe;04, Al,04 and MnO, [25] and for Ag™ on TiO, anatase [26]. However,
at high cation concentration, or for a pH higher than the precipitation pH, adsorption
data are better described by the Freundlich isotherm. The logI" = f(logM**],,)
plots are linear and their slopes are smaller than | (adsorption on amorphous iron
oxyhydroxide of Cd, Zn and Cu at C > 10"mol 1™ [18] and Ag at pH 8 [27]). In
this case, adsorption is not limited to a monolayer, which was a restriction imposed
by the Langmuir isotherms. )
These behavior differences are often explained by the heterogeneity of adsorption
sites [18,13], and composite isotherms can be used to fit experimental data [28).

(d) Models

Many modelis try to provide a quantitative analysis of adsorption phenomena
on oxide surfaces. Most of these models are based on the formation of surface
complexes [1,13,29]. They consider the competition between the variation in free
enthalpy due to chemical and electrostatic interactions and the variation in solvation
energy of the adsorbed cations {30]. Some models also consider equilibrium
constants derived from the mass-action law (the triple-layer model) [31,32].
Combining surface complexation and precipitation of cations in solution is a way of
treating the problem continuously over a very wide range of concentrations [33].

The models fit experimental data quite well without identifying or describing the
surface complexes chemiically. In fact, these models often look more like ‘tuning’
exercises than real tools improving our understanding of interfacial phenomena. For
example, identical data are sometimes remarkably fitted using very different
‘chemical’ parameters [29]. Therefore, the physical significance of these models 18
highly questionable. :

Surface heterogeneities are often invoked to explain a change in regime of the
adsorption mechanism. However, taking such heterogeneities into account does
not significantly change the results of adsorption simulation [34]. Since various
mechanisms and various ‘types’ of adsorption (homogeneous layers formed via
chemisorption, physisorbed surface clusters—see sections a and b) can occur, it is
not surprising that a single model cannot describe all the phenomena observed over
a wide range of concentrations. It seems logical to assume that adsorption of cations
by the formation of inner sphere complexes cannot be treated like the precipitation
or physisorption of a hydroxide. The required change in approach is indeed related
to the fact that the chemistry of the system is dominated by surface properties in the
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case of complexation, and by the chemistry of the cation in solution in the case of
precipitation.

9.1.3 CATION ADSORPTION AND INTERFACE TRANSFERS

Cation chemisorption on many oxides comprises various mechanisms that involve
the adsorbing surface without involving the core of the particles. The interface is
polarizable, and there is no exchange of matter between the inside of the solid and
the solution. .

The high room-temperature electronic mobility of mixed-valence oxides such as
Fe304, Mn304, MnO; and V,05-xH,0 makes these materials particularly interesting
in suspension. Acid-base surface reactions and cation adsorption may cause a
redox response inside the colloid as well as ionic or electronic transfers through the
solution-solid interface. A few examples related to iron oxide spinels are discussed
in this section. )

Rapid electronic exchange takes place in Fe;O4 magnetite at room temperature
(see Section 3.5). Mossbauer spectroscopy gives an average valence of 2.5 for
the cations in the octahedral sublattice, which justifies the use of the formula
[Fe ¥ y[Fe3°"],,O4. Oxidation of magnetite into maghemite -Fe,053 preserves
the inverse spinel structure, but the octahedral sublattice now contains vacancies:
(Fe3*] [Feg73V,/3]0hO4, where Vare the cation vacancies. Colloidal magnetite can
be converted easily into maghemite in various ways. The conversion is apparently
reversible. These properties are due in large part to the electronic mobility.

(i) Colloidal magnetite oxidizes readily in air, or in a neutral or alkaline suspen-
sion, by chemisorption of oxygen:

[Fes][Fe3**)04 4 0.250; —— 1.125[Fe>*][Fe 5V, 5]04

Mobile electrons are trapped by adsorbed oxygen. The excess positive charge in the
lattice forces migration of excess ferric ions towards the surface in order to
coordinate’ the O~ jons formed on the surface. They form new cation sites that
extend the crystalline lattice (cf. Figure 9.7). These uew sites participate in electron
transfers and allow the reaction to proceed until complete oxidation of the oxide.
Overall, the migration of Fe>" and electrons towards the surface is compensated for
by. the migration of cation vacancies towards the inside of the particle. Because
of the small size of the particles, approximately 8 nm in diameter, and their large
specific surface area, the reaction kinetics are fast.

(ii) In a suspension acidified with HClO,4 to about pH 2, and in the absence of
oxidizing agents, the same transformation takes place by elimination of ferrous ions
from the lattice of the particle [35]. The titration curves of suspensions containing
various acid concentrations exhibit two equivalent points (Figure 9.6).

. The first equivalent point around pH 4 corresponds to an excess of free acidity.
The second point corresponds to the end of precipitation of ferrous ions as Fe(OH),.
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Figure 9.6 Titration of Fe;0, + HCIO,; by N(CH3),0OH. The ratios [H ™ 1,agea/ Fe(Dinigia
are indicated on the curves. Titrations are carried out 5Smin after acidification. Dashed line:
titration 45 min after acidification. Reproduced by permission of Academic Press [rom [35]

The total reaction balance involves consumption of two protons for one Fe(ll) .

released into the solution.

The protonation of surface hydroxyl groups causes localization of mobile
electrons from the lattice, and the formation of ferrous ions will compensate locally
for the charge of protonated sites on the surface. This, in turn, causes a lengthening
of the O-Fe(ll) bonds compared with O-Fe(l11) bonds, and, under such conditions,

"unstable surface Fe(ll) ions go into solution as solvated species:

o 4 H

I .
Fe2 *_0-Fe*™*“OH —— [Fe’*'—0O-Fe?*-(F

g\H

B Fe>*-OH + [FC(OHz)elz';

The mobile electrons from the lattice renew the surface ferrous sites, which are now
eliminated from the lattice, but, under these conditions of acidity, no ferric ion
appears in the solution. Migration of Fe(ll) (inore probably as Fe(1ll) +e) towards
the surface and the formation of vacancies enable the excess positive charge to be
resorbed in the solid. Hence, there is an interface transfer of electrons and ions
towards the solution, combined with migration of vacancies towards the core of the
particles. The net reaction is '

Fe3*|[Fe2 104 + 2HT —— 0.75[Fe*"|[FellV, 5]04 + Fe?" + H,0
2 5/3Y1/3
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Ferrous ions are desorbed with an equivalent amount of oxygen, according to
[Fe(11),0%7) g + 2H* —— Fe(ll) + H,0

This transformation is characteristic of the small size of the particles and observed
to a much lower extent in micrometer-size particles. It occurs in two consecutive
steps. The first step, elimination of surface ferrous ions (i.e. formation of cation
vacancies near the surface), is almost immediate. The second step is slower and
must be limited by the diffusion coefficient of ferric ions in the lattice. Although
diffusion takes place between nearest neighbors by a cooperative process, it is a
relatively slow phenomenon. In small particles of high surface/volume ratio, the net
diffusion involves the addition of rather short distances. The conversion of magnetite
into maghemite is therefore compatible with reasonable observation time-frames (a
few days at room temperature), without a measurable reduction in particle size.

The same transformation is observed if the acidification around pH 2 is made by
the addition of a solution of ferric ions. However, the phenomena are more complex
and the characterization of the solution [by titration of excess Fe(Ill) as Fe(OH);
and titration of the released ferrous ions as Fe(OH),] shows that in this case some
ferric ions are fixed by the particles, and that ferrous ions are released into the
solution in the stoichiometry [Fe(I1D)sonuion)/ [Fe(11Djixea] = 1.5 [35]. The main effect
of the Fe(1Il) addition is the significant structural disorder on the surface, unlike in
the case of the acidification of suspensions with HCIO, (Figure 9.7). The stoichio-
metry of the reaction is

. [Fe**)[Fe25t)O, + 2/3Fe*t —— [Fe”][Feg'/'ij\/lﬂ]o4 + Fe?t

solid

The structural disorder on the surface implies that adsorbed ferric ions are not
reduced, or at least not completely, by electrons migrating from the inside of the
particles and subsequently released into the solution. In fact, fast protonation of the
surface owing to the presence of ferric ions leads, as with HCIOy, to desorption of
Fe(ll). Ferric forms are simultaneously hydrolyzed by the surface and chemisorbed
in a more or less crystalline order, bringing enough protons (from water mnolecules
and hydroxyl groups) for the desorption of ferrous ions to proceed further.

If ferric ions are precipitated at pH 8 in-the presence of colloidal magnetite, a
ferric gel forms immediately. Gel particles are physisorbed on the magnetite and are
identified in Méssbauer spectroscopy by a quadrupolar doublet superimposed on
two sextuplets of magnetite due to Fe3* and Fe?5* respectively [36]. During ageing
of the suspension, the intensity of the doublet decreases and the relative intensity of
the Fe3* sextuplet increases compared with the Fe 23 sextuplet (Figure 9.8), which
indicates formation of non-stoichiometric magnetite.

Investigations of the structure and amount of ferric gel show that the adsorbed gel
slowly forms a spinel layer by epitaxy on the lattice. Electron transfer through the
surface of the magnetite particles forms ferrous ions locally, which induce
crystallization of the gel, in a process similar to the co-precipitation of ferric and
ferrous ions (see Section 3.5). '
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Figure 9.7 (a} Variation in the width L of XRD peaks and (b) Mssbauer spectra (300 K) of
freshly prepared colloidal magnetite (average particle diameter 8 nm): a, M; treated with
HCIO,: g, H; treated with Fe(NOa)y: m, Fe; and oxidized in air: o, (diffraction data for
particles oxidized in air and treated in an acidic medium are indistinguishable. Reproduced
by permission of Academic Press from [35]

(iii) -Adsorption, around pli 6, of easily reduced ions such as Ag+, Pt2+, Pd?*,
Cu?" on colloidal magnetite causes reduction of the cations and formation of
metallic particles (Ag, Pt, Pd) or the formation of hydroxide Cu(OH). Conversion of
magnetite into maghemite occurs in this case without iron desorption from the
particles [37,38}. Around pH 6, the cation adsorbed on surface hydroxylated sites
forces (as does the proton) the localization of a mobile electron from the lattice, but
it also traps the electron. The cation can now be reduced without Fe(Ill) desorption.
The excess positive charge in the lattice is still compensated by the migration
of ferric ions towards the surface. These ions increase their coordination by
hydroxylation:

9

OH
2.5+ 2 2.5+ b 3+ A 0
Fe® "-O-Fe*" —OH, Ag OH Fe —O—Fe3\+ + Ag
OH

2
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Figure 9.8  Evolution of Mossbauer spectra (300 K) for magnetite particles in the presence
of ferric gel (‘Fe(OH)y’/Fe30,=2.25) during ageing of the suspension. Reproduced by
permission of Academic Press from [36]

The net reaction involves consumption of a hydroxyl ion by an electron removed
from the solid:

(Fe’¥|[Fe3*)O, +Ag* +OH —— 1-1_25[136”][}:3273\/1/3]04 +Ag”+0.5H;0

This transformation only involves a transfer of electrons near the interface
compensated by adsorption of OH™,

(iv)  When magnetite has been converted into y-Fe,O5 in acidic medium, via Fe®"
desorption, the latter may be readsorbed through an increase in the pH (pH > 6),
but the ‘reduction’ process is not, strictly speaking, the reverse of the proton
‘oxidation’ described in (ii) [39]. In the presence of the colloids, ferrous ions
precipitate at a much lower pH than if they are alone in solution (Figure 9.9, a
curves). The amount of adsorbable Fe(Il) corresponds to a Fe(I1)/Fe(I1);,ica ratio
of 1/2. Beyond 1/2, Fe(Il) precipitates as if it were alone in solution (curves b,
Figure 9.9). Although the stoichiometry of the adsorption is 2 mol HO™ per mol
Fe*, the iron adsorbed does not exist as Fe(OH),. A layer of magnetite forms by

" epitaxy on the y-Fe,05 particles. Crystallization of the adsorbed layer stems from

the coexistence of ferric and ferrous ions, the latter being formed by electron
transfer from the adsorbed layer towards the inside of the particle. The reaction
stops when half the octahedral sites within the initial colloid are equally populated
by ferric and ferrous ions. This corresponds to the net stoichiometry Fe(1D) adsorbed/
Fe(lll)ioy=1/2. The kinetics of the reaction is fast, and suggests that charge
compensation in the solid takes place by proton incorporation rather than by iron
diffusion. ‘
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Figure 9.9 Titration of y-Fe,05 by N(CH,),OH in the presence of ferrous ions. The ratio

[Fe* ¥ Jagaca/ [Fe* Jinisat is shown on the curves. The dashed curve shows the titration of Fe®"
alone. Reproduced from [39] by permission

Adsorption of Fe(Il) occurs within a pH range inferior.by two points to the range
of precipitation of Fe(OH), (Figure 9.9). This shows the role of the oxide surface as
a hydrolyzing and condensation agent. The increase in pH necessary for iron
adsorption also leads predominantly to the creation of nucleophilic sites on the
surface. These siles (—OH,—0%") penetrate the coordination sphere of Fe(OHz)é+
ions by substitution. The pH increase does not'lead to adsorption via hydrolysis and
decreases its charge. Adsorption of Co(ll) on to -y-Fe,Us is very limited and the
surface hydrolysis of Fe,CoQO, is greatly reduced at pH 2 [35]. The spectacular
difference in behavior of the colloid with Fe(Il) or Co(Il) is due to the lack of electron
transfer between Co(ll) and Fe(I1I). Therefore, it is clear that electron delocalization
plays a fundamental role in surface phenomena. The behavior of colloids of iron
oxide spinel is similar to that of microbatteries discharging and recharging themselves
by acid—base reaction on the surface. Various récharging processes by ‘reduction’ of
the colloids are possible, either through the formation of a stoichiometric material
(chemical reduction of «-Fe, O3 by organic compounds such as dimethylformamide)
or by preservation of metal vacancies (electrochemical reduction in an alkaline
medium) [40]. All these reactions, including oxidation of magnetite in air, stem from
the same electronic process: transfer through the interface towards (or from) an
adsorbed layer, relayed by a transfer though the particle (Figure 9.10). The intrinsic
mechanism is the same, even if the phenomena that induce the transfer through the
interface, and even if external conditions governing the behavior of surface Fe(Il),
are very different. lon and/or electron exchange reactions between the colloid and its
surroundings underline the importance of the spinel structure in the use of iron oxide
in applications such as heterogeneous catalysis. -
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Figure 9.10  Fe;04 — v-Fe,0; transformations induced by adsorption of various species.
Dashed circles represent the intial size of the colloid in each transformation. In each case,
adsorption is assisted by outward electron transfers within the particle, which renew the
reactive chemical species on the surface (Fe** ions). The surface may be oxidized in situ
(steps 1 to 3) or desorbed (steps 4 and 5) depending on the physicochemical characleristics of
the medium. In all steps, electron transfers are associated with migration of Fe?* from the
octahedral sublattice towards the surface of the particle, causing formation of cation vacan-
cies. Step 5 is apparently reversible. Adsorption of Fe** and HO™ (step 6) is also assisted by
electronic and ionic (HT) inward transfers, but without appreciable Fe migration. This results
in the epitaxial growth of an Fe;04 layer

Fe2+

9.2 ANION ADSORPTION

Whereas the surface of oxides may act as a ligand for cations in solution, the specific
adsorption of anions or weak acids occurs by substitution of aquo or oxo ligands on
the oxide surface.

Infrared absorption spectra show that the oxalate, benzoate and phosphate replace
mono-coordinated groups on the surface of poethite, ferric gels or gibbsite. Such
ligands have a bridging coordination mode for small adsorption levels and at around
pH 3-4 [41-43] (Figure 9.11).

Only the monocoordinated hydroxo groups of these surfaces are replaced. The
characteristic infrared "absorption baud of Fe,~OH at 3840 cm™! (2584 cm™! for
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Figure 9.11 Coordination (a) of oxalate, (b) of benzoate and (c) of phosphate on the
surface of oxides or hydroxides

Fe;—~0OD) decreases with increasing adsorption. The presence -of oxalate on the
surface causes only minor alteration of the 3660 cm ™' band characteristic of doubly
and triply coordinated OH groups (2702 cm™" for deuterated groups). Phosphate
replaces all monocoordinated groups on the surface because it is a stronger
complexant of Fe than oxalate. The exclusive replacement of monocoordinated OH
groups by the oxalate is clearly observed in gibbsite. The adsorption corresponds
exactly to the number of such groups present only on the sides of the particles
shaped as hexagonal platelets (see Figure 7.3) [42]. The absence of replacement
of Al,—OH groups by the oxalate is also confirmed by the weak adsorption on
imogolite, an aluminosilicate of tubular morphology that has only doubly coor-
dinated OH groups on its surface [44].

The reactivity of surface hydroxylated groups towards anion substitution
decreases as the acid character of these groups increases. Doubly and triply coor-
dinated groups are more acidic and carry negative charges which do not favor
electrostatic attraction with anions. In addition, these groups form bonds with
surface cations that are more covalent in nature than the bonds formed with mono-
coordinated groups. Their replacement is therefore more diffcult.

The symmetry and the charge of the anion play an important role in its adsorption
and its mode of coordination. This has been clearly demonstrated in infrared
spectrocopy investigations of various anions on a ferric gel [45]. In air-dried
suspensions, nitrate ions preserve the D3, symmetry of the free nitrate. Vacuum
dehydration forces an interaction with the surface, and nitrate ions adopt a C,,
symmetry characteristic of monocoordinated nitrates. The carbonate ion (Ds,
symmetry when free) is monocoordinated (C,, symmetry) to surface groups even
in the air-dried, hydrated gel. The carbonate ion is more strongly adsorbed than
the nitrate: the higher charge on the carbonate reinforces the interactions with the
surface. Similar phenomena are observed with ions of tetrahedral symmetry in the
free configuration. The interaction between the perchlorate ion and the surface of
the dried gel is purely electrostatic in nature. After vacuum drying, the ion is
coordinated to the surface in a monodentate mode. Sulfate and selenate ions, on the
other hand, are already doubly coodinated (C,;) on the surface of the hydrated gel.
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Figure 9.12 Coordination of (a) lactate, (b) l-tartrate, (c) mesotartrate and (d) citrate on
oxide or hydroxide surfaces

Because of their small size, these anions can chelate cations on the surface of the
oxide. Polycarboxylate anions such as oxalates or hydroxycarboxylates act as
bridges. These ions are able to adsorb themselves by forming, in addition to a bond
via the carboxylate groups, an alcohol group which may deprotonate and coordinate
the surface. This effect depends on the structure of the ligand and on the nature
and geometry of the groups to be replaced on the surface. This has been observed
with’ mesotartrate on goethite, and with lactate and 1-tartrate on ferric gels [46]
(Figure 9.12).

This effect seems to be specific to surface coordination because it is not observed
with mononuclear complexes in solution [47]. The molecular structure of the citrate
group, coordinated by its three carboxylate functions, does not allow the alcohol
group to participate.

Specific adsorption of anions is a surface complexation reaction and, as a rule,
anions do absorb more efficiently if their complexing nature is high in solution
[1,48-51]. The complexing nature depends to a large extent on the structure and
geometry of the anion, which define its mode of coordination. The chelating or
bridging effect, which reinforces the complexing nature of the anion in solution,
also stimulates its adsorption. Some chelating anions such as EDTA and amino-
carboxylates may form soluble complexes more stable than the oxide, and may
prevent cation precipitation in some pH ranges. They also allow dissolution of small
oxide particles [52] (see below). For example, these ligands are used in the clean-up
of industrial facilities for.the dissolution of corrosion products.
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Adsorption of anions or neutral molecules on oxides is controlled by the same
parameters (pH, concentration, temperature) as those involved in complexation of
cations in solution. The pH of the suspension imposes both the level of protonation
of the anion and the surface charge of the oxide. As in the case of cation
complexation in solution (see Chapter 5), there is an optimum pH range for anion
adsorption. Adsorption is characterized by complexation equilibrium constants,
determined using an approach similar to the calculation of complexation constants
in solution from acid—base titration of suspensions [48-51]. ‘

Some models try to explain the variations in surface charge and potential on
the basis of a specific model of the interface [53—55], but some do not use such
models [56]. Various models provide good fits of experimental adsorption curves
as a function of pH and ionic strength. These models are not described here
because of some of the remarks expréssed above: their ability to fit experimental
data does not necessarily reflect their ability fully to describe the mechanisms
involved in adsorption phenomena. The models usually do not take into account any
structural specificity. The type of complexes formed, the position of ions and the
characteristics of the interface are usually imposed by the parameters used to fit the
data. _ , .

It is interesting to examine some characteristics of anion adsorption on oxide
surfaces.

i Adsorption and magnetic behavior

The behavior of small magnetic particles is usually different from the behavior of
the bulk. This behavior is a function of particle size and may be influenced by
surface effects or interactions between particles.

If the dimensions are smaller than 20—50 nm, the particle is a single magnetic
domain. The anisotropy energy is proportional to the volume of the particle and, for
very small (< 10 nm) particles, may be comparable with thermal energy even below
room temperature. Under such conditions, the magnetization is no longer pinned in
an easy magnetization axis as in a macroscopic crystal, but may fluctuate from one
easy magnelization axis to another. This phenomenon is called superparamagnetic
refaxation.

The magnetic anisotropy energy is a measure of the energy required to make the
magnetization vector switch direction. It has many contributions. The most important
ones, for a macroscopic crystal, are the magnetocrystalline energy and the shape
anisotropy. The lower symmetry of surface atoms, compared with that of atoms in
the bulk, generates another type of magnetic anisotropy. This surface anisotropy can
be neglected in macroscopic crystals but becomes appreciable in nanoparticles
because of the large number of atoms located near the surface. It also depends on
the geometry of the surface and may be sensitive to the presence of adsorbed
species. If the particles are close to one another, their magnetic moments may
interact. This gives rise to the anisotropy of interaction. The interaction may be long
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range (magnetic dipolar) or short range. (exchange, superéxchange from surface to
surface). The latter are strongly influenced by phenomena at the interface.

We have seen that the aggregation of y-Fe,O; particles in water can be controlled
by tuning the acidity of the medium (see Section 8.1.3 and Figure 8.8). Aggregates
of various sizes and shapes can be formed. Dipolar magnetic interactions (=2 kT),
much weaker than electrostatic interactions (= 10 kT), should not contribute to
aggregation but instead may cause magnetic coupling which affects superpara-
magnelic relaxation, and it has been shown that the magnetic behavior of the
particles is correlated with the configuration of the cluster [57] (Figure 9.13a).
Small, linear aggregates (= § particles), sufficiently distant from one another, give
spectra (A) characteristic of superparamagnetic relaxation. Branching and inter-
twining of chains of particles causes an increase in dipolar interactions and faster
relaxation (spectrum B). A similar effect is observed when small clusters are
coucentrated. The cancellation of the surface charge on the particles causes the
formation of very large three-dimensional aggregates with strong surface/surface
coupling, and the superparamagnetic relaxation is blocked (spectrum C).

Figure 9.13 (a) SEM micrographs and Mdssbauer spectra (300 K) of y-Fe;Os colloids. The
samples are sols stabilized using a polymer, containjng aggregates of various sizes and
morphology. They were obtained through modification of the surface charge. (b) Mossbauer
spectra (290 K) of y-Fe,05 particles (powder) flocculated with vanous acids. Reproduced by
pcrmlssmn of Elsevier Science Lid from [59]
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Adsorption of ions or molecules can affect surface anisotropy and interactions
between particles because the surfaces are separated by counterions, adsorbed ions
and hydration water. Coupling of surface spins decreases as the affinity of the
adsorbed species for the surface increases. The decrease in magnetic coupling,
which follows the sequence NO; < SO%‘ < HCitr?~ < HPO}’, is parallel to the
increasing complexation of ferric ions (Figure 9.13b). The citrate and phosphate
ions have a higher complexing nature and form paramagnetic surface complexes.
The corresponding spectra exhibit a quadrupolar doublet superimposed with the
magnetic component [57-59].

ii  Adsorption and thermal stabilization

Surface effects play a spectacular role in the thermal stabilization of the spinel
structure. The thermal stability of the adsorbed layer is an important factor in the
increase in the temperature of the v — «a-Fe,O4 transition [60a,b] (Figure 9.14a).
With an adsorbed layer of citrate, the transformation occurs as early as 300 °C after
extended heating (Figure 9.14b), but it does not occur until 800°C with the
phosphate.

After the adsorbed layer has decomposed, sintering occurs by the formation of
oxo bridges during dehydration of hydroxyl groups facing each other. As local
structural constraints develop, particularly near the contact zones, local recrystalli-
zation takes place which eventually expands to all the particles in the aggregates,

| TN
I

SOy .._“\ s

PO, \
35’ 1 day
330°C W
400 800 °C P 0 o 12
(a) (b)

Figure 9.14 (a) Differential thermal analysis of y-Fe,Oj particles (10 nm). The endotherm
shows the ¢ — «a-Fe,0; transition. (b) Mossbauer spectra of y-Fe,O5 particles heated at
330°C for various times, after decompostion of the adsorbed citrate. The sextuplet of
hematite appears at 330°C after 8 days of heat treatment. Reproduced with kind permission
from Kluwer Academic Publishers flom [60a]
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Figure 9.15 Hematite particles formed via thernal conversion of small ~-Fe,04
particles [61] :

forming large monocrystalline domains [60b] (Figure 9.15). The phosphate acts as
an anti-sintering agent.

Some condensed phosphates such as the tripolyphosphate [P30,0}> or the
hexametaphosphate [PO,]¢~ are less complexing than the monophosphate but
bulkier and also prevent sintering of goethite particles during the preparation of
v-Fe;05 by the formation of Fe;O4 in the dehydration-reduction—reoxydation
process.[62]. Condensed phosphates, when adsorbed on goethite, allow the initial
acicular particles to maintain their geometry during heat treatment, thereby
allowing an increase in the coercive forces in the resulting particles.

iii Adsorption and dissolution

Much work has been published on the dissolution of iron oxides in connection with
the iron cycle in geochemistry, decontamination processes or the clean-up of
industrial facilities. We have already seen that strong chelating agents such as
EDTA or amino acids can adsorb on the surface of oxides and promote their dissolu-
tion because they can form anion complexes that are more stable than the oxide
[52,63,64]. Citrates and oxalates, among others, act in a similar way [65].
Dissolution of oxides is markedly accelerated if oxidation-reduction processes
occur in conjunction with anion adsorption [66]. The adsorption of ascorbate on
hematite is a good example [67] (Figure 9.16). The reduction of ferric ions is shown
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Figure 9.16  Dissolution of hematite in the presence of ascorbate at pH 3. In the absence of
ascorbate, Fe(Ill) concentration. Reprinted with permission from [67]. Copyright American
Chemical Society .

by titration of the ferrous tons in solution. Three steps are involved in the dis-
solution process:

o adsorption of the ascorbate by formation of a surface ferric complex,

e electron transfer through the surface complex and formation of a ferrous ion,

o desorption of the ferrous complex, which is unstable within the acidity range
required by the ascorbate adsorption (2 < pH < 4). The solubility of the reduced
and complexed surface ions is higher because Fe(I11)-O bonds are more labile
than Fe(1l1)-O bonds. In‘fact, the process is similar to the oxidation of magnetite
by elimination of ferrous ions in the same acidity range (see Section 9.1.3).

A similar mechanism can occur with sultur and reducing compounds such as
thioglycolate [68].

The reduction of surface ferric ions may also occur through other mechanisms.
Adsorption of ferrous complexes (oxalate, malonate) causes an electron transfer
through the ferrous—ferric surface complex [67]:

)
O N
Felt l /Fe” Fe{‘ D\ C—C\ Fe 1
\O. 2 Cl g G 0

The reducing strength of complexes of ferrous ions is higher than that of aquo
complexes [Fe(OHz)(,JZ"', but the electron transfer through the surface complex is
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possible (or favored) if the ligand can form a conjugated system after adsorption.
This is the case for citrates, oxalates, malonates, etc. This occurs in the dissolution
of goethite [67] and in the dissolution of magnetite by ferrous oxalate [69] or by the
EDTA-Fe(II) complex [70] and by ferrous sulfate [71]. The tris(picolinato)V(ll)
complex promotes the dissolution of NiFe,O4 through the same mechanism [72].

The reduction process may be initiated by UV irradiation of photosensitive
anions such as EDTA [73], citrates [74] or mercaptocarboxylates [75,76}. The
reduction mechanism takes place by injection of electrons into the solid, through
excitation of the charge transfer bands in the ferric surface complex. Free radicals
generated by radiolysis (y-ray irradiation) of the suspensions also causes reduction
of the surface ions. Hematite, goethite and magnetite dissolution can therefore be
obtained using viologen radicals [77} or (CH3),C OH [78], but the reduction is
fimited by the recombination of the radicals.

A reverse mechanism may occur upon irradiation (photolysis or radiolysis) of a
semiconducting oxide (hematite, magnetite, TiO,, ZnO, WO,, etc.) [79]. Electron—
hole pairs are created in the colloid and sent into the conduction band. Fast
recombination can be prevented by adsorbed species such as anions or neutral
molecules acting as traps for electrons or holes. Polyvinyl alcohol strongly adsorbed
on TiO; traps the holes, and the lifetime of the electron in the colloid ranges from
minutes to hours. They can react with species in sotution and, for example, reduce
tetranitromethane [80}:

C(NO,), + e~ — C(NO,); + NO,

The citrate ion and the thiocyanate ion SCN™ (which oxidizes into (SCN);) also act
as hole traps. The efficiency of the trap depends on the ability of the ion to adsorb
and oxidize.

Species prone to reduction may adsorb on the colloid and prevent electron—hole
recombination by trapping the electrons. Methylviologen MV?** is strongly
adsorbed on TiO; at pH > 6. Immediately after flash irradiation, it is reduced to
MV™ with a characteristic optical absorption at 392 nm. Holes can’ oxidize HO™
tons into H,O; and O, and the carbonate ion into the COJ radical, and can also
oxidize various organic compounds [80]. Similar reactions have been observed in
other colloidal oxides. Since photoelectrochemistry is outside the scope of this
book, it might be best to refer the reader to Henglein’s excellent papers [79,80} on
the subject. .~

9.3 POLYMER ADSORPTION

Adsorption of macromolecules on the surface of oxides is perhaps the most ancient
technique used for the stabilization of small particles. In Ancient Egypt, for the
production of ink, carbon particles were stabilized in water using arabic gum.
Adsorption of polymers on many types of particle is of considerable industrial
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interest today, and is the object of much research. For example, it is at times
desirable to prevent aggregation and adhesion of particles during rehydration of
stored dried particles. On the contrary, it might be necessary to. use polymers as
binders in the production of glues or coatings.

The physics and chemistry of these systems is complex, essentially because of
the many possible adsorption mechanisms involved. It is also difficult to determine
the internal structure of the adsorbed layers or what interactions might develop
between them. There are a few excellent review papers on these topics [81-84]. We
shall only briefly describe here the main interaction mechanism between the surface
of oxides and various macromolecules.

9.3.17 NON-IONIC MACROMOLECULES

Polymers such as polyethylene oxide, polyacrylamide and polyvinyl alcohol are

linear, flexible molecules with no charge, which adsorb non-specifically on the -

surface of oxides. Interaction with the surface takes place though hydrogen bonds
between polar functional groups of the polymer chain and the hydroxylated and
protonated groups on the surface [85]. In polyacrylamide for example, adsorption is
due to interactions between the oxygen of the carbonyl group and the protons of the
surface group, rather than from the interaction between the proton of the nitrogen
and the negatively charged sites:

MOH/MOH; - -- O=C—(NH,) MO~ - H,N-C=0
I ~ |
—(CH—CH,)— —(CH-CHy)—

Indeed, although the polymer is not charged, adsorption density decreases with
increasing pH, irrespective of the nature of the oxide. Surface sites are much
better proton donors than the amide group, and hence the surface charge plays an
important role in the adsorption mechanism. Since this mechanism involves
hydrogen bonds, it must compete with surface solvation processes. The affinity of
the polymer for the surface will be weaker when the surface sites are more prone to
solvation. Adsorption density on the polymer decreases in the sequence Fe,Os,
Cry04, Al O3, TiO, (anatase), SnO,, Si0,, which is also the increasing sequence of
solvation energy [85]. The particle—polymer interactions compete with the particle -
water interactions. The term adsorption is used if the surface prefers the polymer to
the solvent, and depletion is used if the opposite is true.

Although the interaction energy between surface and each chain segment is very
small (smaller than kT), chains adsorb very well because of the large number of
contact points: the affinity of the macromolecule for the surface usually increases

with its molecular weight [8'6]‘ Nonetheless, the interaction of the polymer with the .

surface remains rather weak because it may be desorbed easily by adsorption of low
molecular weight molecules (acetone, butanol). For these smaller molecules the
entropy loss due to conformation changes is smaller [86].
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Figure 9.17 Conformation of a non-ionic polynmer (a) in solution; (b) adsorbed on an oxide
surface and (c) adsorbed and acting as a bridge between particles

The configuration of adsorbed chains is difficult to determine (87,88]. Upon
saturation, adsorption does not dramatically alter the radius of gyration of the
macromolecule, which is neither inflated nor collapsed owing to adsorption [89,90].
The conformation of the adsorbed polymer remains similar to that of a free macro-
molecule in a good solvent, and exhibits tails and loops belween contact points
(Figure 9.17). The adsorbed layer provides excellent steric protection against
aggregation [81,83,91].

When the surface is not polymer-saturated, adsorbed chains have a ‘fatter’
appearance. The thickness of the polyethylene oxide layer adsorbed on silica
particles is about 6 times smaller at half-saturation than at saturation [89]. Under

such conditions, a few chains can bridge several particles and cause focculation of
the colloid [81]. ‘

9.3.2 CHARGED POLYMERS

Polyelectrolytes and ionic surfactants adsorb more strongly than neutral macro-
molecules on charged surfaces, because the adsorption energy contains an electro-
static contribution from sites of opposite charge on the polymer and on the oxide
[84,92]. The nature of the adsorbed layer can lead to large variations in the behavior
of the particles. :

The polyelectrolyte, such as polyvinyl chloride, polyvinylpyridine or polyethy-
leneimine, is a flexible chain bearing many charged sites (Figure 9.18a). The
poly}ner is ‘flattened” against the surface of the particles, and no tails and loops are
created because of the repulsion between sites of similar charge on the chain
(84,88} (Figure 9.18b). In a sense, the polyelectrolyte acts as a counterion and
causes flocculation of the colloid [91]. If the chains are long, they may also act as a
bridge between several particles.

Surfactant molecules such as sodium dodecylsulfate SDS™ Na™ or dodecyl-
trimethylammonium bromide DTAB Br™ have a structure consisting of a carbon
chain with a single polar head group. The surfactant is attached to the surface of the
particle through electrostatic interactions between the head and charged sites on the
surface (Figure 9.18c). As in the case of polyelectrolytes, the adsorption density
depends on the sign and number of surface charges.
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Figure 9.18 Polyelectrolyte (a) in solution and (b) adsorbed on a charged surface.
Adsorption of an amphiphilic ionic surfactant, forming (c) a hydrophobic monolayer and (d)
a hydrophilic double layer :

Table 9.1 Adsorption of surfactants on TiO, powders (PZC =4.7) {93_]1. Aqueous dispersion
at 100 g/1 TiO,, SDS I mmol 1"1, DTAB 8 mmol 17[, NaCl 0.01 mol

Charge sign

Adsorption density

pH Surfactant Surface (mmol m™?)
SDS x2 — + 0.6l
x 6.7 — — 0.11
11 — — 0
DTAB* x2 + ‘ + 0
x 6.8 + — 0.23
1L + — 1.2.

Since they contain only one ionized group, sut'faglallts ‘cannot act as bridggs
between particles.-However, the oxide particles flocculate in water because the tail
of the surfactant is hydrophobic. With the surfactant, the particles can be dispersed
in a non-aqueous, non-polar solvent able to solvate the tail of the surfactant.
Non-ionic surfactants [alkyl ethers of epolyethylene glycol of general forjngla
C,.H,,1O(CH,CH,0),H with m =18, n=12-98] or long-chain monoacids

n

[oleic acid CH3(CH,);CH=CH(CH,),COOH, lauric acid CH3(CH2)|0COOH,
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stearic acid CH3(CH,);sCOOH] play a similar role. Fatty acids are used in the
preparation of ferrofluids, in the dispersion of magnetite or maghemite particles in
kerosene or various oils [94].

Dispersion of particle—surfactant systems in water occurs through the formation
of a double layer, according to a surface micellization process {95] (Figure 9.18d).
The tails of a second layer of surfactants interact with those of the adsorbed
molecules, so that the double layer formed at the surface is once again hydrophilic.
This approach is used in the fabrication of magnetic ink for ink jet printers:
oleic acid is adsorbed on the surface of magnetite or maghemite particles [96].
After the particles have been rendered hydrophobic by oleic acid, tliey can be
dispersed in water after subsequent adsorption by a surfactant [Triton N-101, CoH
CsHsO(CH,CH,0)6H] in the presence of PEG, glycerol or monobutylether.

9.3.3 POLYMER GRAFTING

Polymers and ionic or non-ionic surfactants may be desorbed by a change in the pH
or competitive adsorption from small molecules. Anchoring the adsorbed layer may
be greatly reinforced if chemical bonds are created through grafting reactions. This
allows greater stability of dispersions, as well as the formation of protective layers
on corrosive materials. It can also render surfaces hydrophobic and non-wetting, or
allow fabrication of organic—inorganic hybrids. _

Several grafting techniques can be used [97]. They usually involve polymerizing
monomers on the surface of the oxide, or the reaction between surface sites and a
polymer containing a chémically reactive group. In polymerization reactions, the
surface must participate in one step of the reaction. /nitiation of the reaction may occur
on functional sites of the surface acting as catalysts in the polymerization process:

—X* + monomer —— —X—polymer

Propagation of the reaction may take place on groups bound to the surface acting as
fronomers or co-monomers. Some surface sites may also deactivate chain growth
and ensure termination of the polymerization:

=Y -+ "monomer —— —polymer + Y*

The surface sites required to ensure incorporation of the particle into the macro-
molecule must be created prior to the grafting reaction. Surface hydroxylated groups
are used, usually replaced by chlorine or a benzene ring in the case of silica. The
proton may be replaced by alkyl groups.

It is sometimes easier to activate the polymer rather than the oxide. Surface OH
groups can react with chlorosilanes or alkoxysilanes incorporated into the polymer
chain (styrene, methylmetdcrylate, for example) in a toluene or xylene solution [97]:

~M-OH + X—Si—{CH-CH,} —R — ~M—0-Si~[CH~CH,]|,~R + HX

l |
£ iz
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Such grafts have been made on various oxides: SiOs, TiOs, Cr,03, Fe;0s3, Zn0, elc.

The main parameters in the reaction are the reaction time, the polymer and oxide
concentrations, the size of the macromolecule and the chemical nature of the oxide,
on which the type and number of surface hydroxyl groups depend. Generally
speaking, the amount of grafted polymer increases with increasing temperature
(which increases chain mobility) and decreases with the size of the macromolecule
owing to steric effects. '

Another grafting technique, used for example in the case of TiO,, involves the
use of a coupling agent such as titanium alkoxide Ti(OR");(OR), bearing several
alkoxy groups, such as R’=-CH(CH;); or R=-~COC,7H;5 [98]. The synthesis
medium is chloroform, dichloromethane or diethylether. The R’ groups are more
ramified and polar than R groups and readily hydrolyze with surface OH and
adsorbed water, and the alkoxide condenses on the oxide surface. The synthesis of
ordered multilayers of phosphonate of zirconium on silica is a very elegant illustra-
tion of this technique [99]. The process involves functionalization. of silica in a
phosphonic acid containing silyl groups (Figure 9.19), followed by immersion of
the silica in zirconium oxychloride. The surface is subsequently treated with another
phosphonic acid solution. The process is repeated several times to form a crystallized
multilayer film. )

Polymer adsorption on an oxide surface is of great interest. The technique allows
stabilization of dispersions in various aqueous or non-aqueous media; it also allows

H3
HO-Si-(CH2)3-POsH2
- O CH3 NN PO2T Zoce
o (1) SN PO (2)
:;A,: P03 y s
22; — H203PC8H16PO3H2
PN Ce—
i~~~ PO; (3)
NN POJ\ . O3PS A AN PO (2) +(3)
- ——> multilayer film
N
0P S ASAAS PO T

Figure 9.19  Formation of multilayer films on the surface of silica particles. Reprinted with
permission from {99]. Copyright 1991 American Chemical Society
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Figure 9.20  Encapsulation of oxide particles through monomer polymerization in a double
layer

the synthesis of organic—inorganic hydrids for various applications, or polymer
encapsulation -of particles. A surfactant adsorbed on the oxide, or ou a grafted
polymer, forms a double layer which stabilizes the particles against aggregation in
water. Monomers ‘dissolve’ preferentially in the double layer and can be poly-
merized in sifu using a water-soluble initiator. The polymer thus formed is bound to
the. surface of the particles by the entanglement of its chains with those of the
double layer [93,98] (Figure 9.20).

The surface of oxide particles is not always as inert as is often assumed. In many
respects it does play a role similar to that of discrete species in solution. The wide
diversity of the phenomena observed implies a very rich surface chemistry that
clearly demonstrates the unique nature of the oxide-liquid interface. In many
instances, a complete description of its behavior requires the combination of concepts
from solid state chemistry with concepts from solution chemistry. Much research is
still necessary to understand completely the reactivity of this very unique space.
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Adsorption isotherms 293
Affinity ratio 224
Aging 39, 45, 87 .
Aggregation 46, 47, 168, 267, 270"
Akageneite, see lron: i-FeOOH
Aluminum -
Al(OH); 59, 67, 68, 228, 249, 302
a-AIOOH 47, 67,233
y-AlIOOH 67, 68, 233
Al,O; 69, 233
complexation in solution 206
polycations 63, 64
Aluminosilicates 101, 302
Anatase, see Titanium dioxide
Antimony
antimonic acid 36, 105, 152
antimonates 105, 152
phosphatoantimonates 152

Barium hexaferrite 173
Bayer process 78
Bayerite, see Aluminum: AI(OH);
Bond valence 225 :
Boron

boric acid ~ 108

borates 37, 108

oxide 111

polyborates 110
Brucite 77, 80

Cassiterite, see Tin oxide
Catalysis
of the oxolation reaction 94, 99, 116
of nucleation 41
Cation acidity 12, 15, 197
Charge-electronegativity diagram 19,
35
Charge-pH diagram 14, 34

Chemisorption 212, 217, 286, 295
Chromium
chromate 32, 96, 112, 148
a-CrOOH 75, 76
Cr,03 74, 163
ferrites 172
hydroxides 33, 59, 73
polycation 54, 57, 60
Complexation
on surfaces 225, 243, 285
in solution 141, 142, 201
Coordination number 9, 212
change of 27, 111
decrease ol 15
sphere 9, 16
Copper
cuprates 176
hydroxide, oxide 80
polycations 79
Clays 102, 103, 261, 268
Critical flocculation concentration
271

Debye-Hiickel length 239

Dehydration 32, 213

Diaspore, see Aluminum: «-AIOOH

Diffuse layer 216, 237

Dissolution—crystallization 44, 54, 72, 83,
88, 108

Double-layer model 242

DLVO model 257, 264

Electrical double-layer 216, 235

Electronegativity 185

Electronegativity—pH diagram 144, 146,
163, 206

Electrophoretic mobility 290

Esin-Markov coefficient 220
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Ferrites

bartum hexaferrite 173
hexagonal 173
spinel 171
Flocculation 268, 271
kinetics 271
sequence 272
Freundlich isotherm 293
Fuchs integral 268, 274

Gibbs, adsorption equation 277, 278
Gibbs-Kelvin equation 41, 45
Gibbsite, see Aluminum: AI(OH),
Goethite, see Iron: o-FcOOH
Grahame relation 238

Growth 38, 42

H30; ligand 29, 55, 61, 73
Hamaker constant 263
Hardness 186, 190, 193
Helmholtz ptane 216, 235, 241, 243
Hydration
of the surface 212, 214, 271
of ions 9
Hydrogen bond 6, 8, 19, 55, 73, 120, 161,
214,217,275, 310
Hydrothermal conditions 20

Inner sphere complexes 286
Interfacial capacitance 243, 253
[soclectric point 233, 251, 253
Iron )
«-FeOOH 69, 161, 167, 174, 213, 229,
233, 250, 288, 301, 309
f-FeOOH 48, 69, 160, 161, 167
y»-FeOOH  [ol, 171, 213, 233
a-Fe,05 48, 69, 71, 214, 233, 270, 271,
289
y-Fe,Ox 86, 171, 215, 267, 295, 305
Fe;0, 46, 86, 171, 279, 295, 309
ferric gel 69, 87, 290, 297
hydroxides 33, 59, 69 .
lability of the coordinated water 18
polycations 63, 66

Kinetic stability 257

Langmuir isotherm 293
Lepidocrite, see Iron: FeOOH

Maghemite, see Fea0n
Magnetite, see Fe;0,

Maxwell-Boltzmann equation 224
Molybdenum
hydrates 132, 134
motybdenates 112, 125
oxides 134 .
Multisite complexation (MUSIC)
model 225

Nernst equation 236, 253, 260
Nickel

ferrite 172

polycation 78
Nucleation 37, 39

heterogencous 43, 44, 167, 293

homogeneous 37, 39
Nucleophilic addition 27, 113
Nucleophilic substitution 28, 53, 94

Olation 29, 53

Ostwald ripening 39, 46, 83, 273, 28!
Outer sphere complexes 285
Oxolation 29, 93

Oxonium ion 7

Palladium oxide 80

Partial charges model 183
Peptization 267, 269
Perovskites

oxides 174

structure 175

synthesis 175

Phosphate 30

complexation 149
Phosphatoantimonates 151
Phosphatotungstates 152
n-bond 15, 108, 112, 131, 137, 149, 193
Platinum oxide 80
Poisson-Boltzman equation 237
Point of zero surface tension 278
Polymers

adsorption 309

grafting 313

Potential

surface 235
electrochemical 223
electrokinetic 216, 272

Regulation of the surface charge - 258
Relaxation ]
of the double layer 258, 262
superparamagnetic 305
Rutile, see Titanium oxide

Index 321

Salt effect 217
Segregation 172
Shielding 217, 280"
Shulze-Hardy rule 266, 272
Silica 36, 47, 96, 213, 216, 233, 286, 314
Silicates 94, 96, 101
Solvated proton 7
Solvation 4
of surfaces 212, 213, 267
of cations 9,11
Specific adsorption 218, 243, 271, 284
of anions 301
~ of cations 284
of polymers 309
Spinel 86, 88, 171, 295
Stability
of dispersions 256
ratio 268, 269
thermodynamic 257, 273
Stern layer 216, 240, 242, 262, 272
Stokes—Einstein law 269
Stranski rule 47
Structuring ions 11, 216, 271
Surface
acidity 212, 213, 223, 255
acidity constant 223, 224, 246
charge 211, 216, 220, 235, 243, 248
energy 40, 42, 47, 274
equation of state 235, 242
tension 40, 275, 276
Surfactant 273, 277, 311

Template effect 103, 122, 124, 156, 167
Tenorite, see Copper oxide

- Thermohydrolysis 20, 51, 58, 74, 166
Tin
oxide 47, 83, 107, 233
. slannate 36, 83, 93, 107
Titanium
oxide 33,47, (61, 176, 233, 245, 248,
309, 314
polycations 81
titanates 174
Triple fayer model 243
Tungsten
tungstic acid 132
oxide, hydrates 132, 233, 309
phosphatotungstates 152, 184
tungstates 152, 182

Vanadium
oxide 119
vanadates 111, 114, 12!
vanadic acid 118
vanadic cation |7
vanadyl cation 17
van der Waals forces 263, 275

Zeolites 103
Zinc oxide 169, 233
Zirconia, see Zirconium oxide
Zirconium
basic salts 145
hydroxide 33, 84
oxide 33, 84, 233
oxyhydroxide 33, 84
phosphate 150
polycation 82



