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INTRODUCTION

A hydroxyl ion acts as a ligand if it participates in the inner coordination
sphere of a central particle forming thus a hydroxo complex. It is necessary to
distinguish between the terms “hydroxo complex” and “hydrolytic complex”. Both
these terms are very similar but are not identical since the former denotes all complexes with a hydroxyl group in the coordination sphere regardless of the mode of
Coord. Chem. Rev., 6 (1971)
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formation while the latter infers those hydroxo complexes which are formed in a
hydrolytic reaction and/or which participate in the hydrolytic equilibrium. By the
term “hydrolysis” one usually understands those reactions* which cause the acidity
of aqueous solutions of certain electrolyte?. However, a sufficiently general and
unambiguous definition of hydrolysis has not been presented as yet. This is caused
by disagreement over the meaning of the general acid-base concept within which
hydrolysis takes placez4.
Analyzing the large amount of published data on hydroxo complexes we
emphasize the characteristic features of the hydroxyl component of these complexes, e.g. the role of the hydroxyl ligands in the formation of hydroxo complexes
of various types, their adaptability to external conditions (mainly the effect of the
central particle), their ability to form chemical bonds, etc.
The behaviour of the hydroxyl group will be naturally related to that of
other ligands. The properties of non-hydroxyl ligands will therefore be briefly
mentioned in certain parts of this review to indicate these more general relationships_
However, it seems useful to summarize first the properties of the free (uncoordinated) hydroxyl ion.

B. UNCOORDINATED

OH- ION

The gaseous OH- ion can be experimentally produced by an electronic
discharge -in a gaseous mixture 5_ In agreement with theoretical predictions the
dimensions found for OH- differ insignificantly from those of the uncharged OH
species. The electron affinity of OH is 1.83 +_ 0.04 eV, and the energy of the
valence vibration o,(OH-)
= 3735 t 560 cm-‘. The index of refraction of the
OH- ion in the gas phase (at 3. = a) is 4.61 and in the condensed phase it decreases
to 4.2P.
Solvated (hydrated) OH- ion has already been put in chemical contact with
a medium and from a general point of view can be thought of as a central particle.
In aqueous solutions it is bound by rather strong hydrogen bonds to three water
molecules (as proven by IR and NMR measurements’**). The hydroxyl hydrogen
hardly participates in the formation of these bonds89g, causing an asymmetric
structure for the hydroxyl hydrate. Its effective radius calculated from spectroscopic
data” is 1.63 A roughly equal to its crystallographic radius**.
* Substitution reactions of the type R-X i- OH- = R-OH _t X- are sometimes denoted by the
term “hydrolysis’.‘.
** The crystallographic radius of OH-, 1.41 A, was obtained by comparison with the radii of
corresponding duorides”. The value of 1.45 A derived for the spherical mode11tJ3 and the
values of Pauling’s radii,r,, = 1.36 A and rH = 1.325 A, for the di-spherical dumb-bell mode114*1s
are in agreement with these results.
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Electrolysis of tritium-labelled aqueous electrolyte solutions lead to the conclusion’ 6 that the hydroxyl ion, in a similar manner to Cl- and SOh2- ions,
transports only 0.176 moles H,O per OH-, i.e. this fraction of water molecules is
considered to be bound firmly.
From extraction experiments with a series of tetraalkylammonium hydroxides in various organic solvents it follows that under these conditions trisolvates
are formed in which the hydroxyl group offers three positions for a very strong
hydrogen bond”, analogous to its behaviour in water.
X-ray structural analysis of the solid NaOH - 4Hz0 revealed18 that the
hydroxyl group is surrounded by six molecules of water in a strongly flattened
octahedral arrangement, the hydroxyl oxygen being in five cases an acceptor for a
strong hydrogen bond (bond length 2.68-2.73 A) and in one case the donor for a
very weak hydrogen bond (bond length 3.11 A). There is therefore a pronounced
difference in properties of the hydroxyl oxygen in the solid and liquid phases.
The properties of the hydroxyl ion are considerably modified in solids; for
example, its radius in solid hydroxides varies in the range from 1.35 to 1.80 A (cfRef. 11) or from 1.32 to 1.84 a (cf. Ref. 10) depending on the nature of the corresponding cation. The electronegativity of the hydroxyl ion depends on the cation
counterpart and varies from 3.1 to 2.15 from univalent to tetravalent cations”,
implying that the covalent character of the metal-OH bond increases with increasing valence of the cation.
On the contrary, in typical ionic compounds with spherical symmetry of the
hydroxyl ion* ‘, e.g. RbOH and CsOH, its radius equals 0.957 and 0.960 A,
respectively’l, identical in fact with its radius in water (0.957 A).
Theoretical considerations of the bonding abilities of the hydroxyl ion are
based on the assumption of sp3-hybridization of the valence orbitals of the hydroxyl oxygen oriented therefore towards the vertices of a tetrahedron22. One of
these hybrid orbitals, together with the Is-orbital of hydrogen and with certain
participation of p-orbitals, forms the O-H bond, the other three hybrid orbitals
being able to form bonds with other species. This is in very good agreement with
the behaviour of hydroxyl ion in solution described above. Quantum-chemical
calculations based on the above-mentioned assumptions gave the value of proton
affinity of hydroxyl about 50% higher than the experimental value. The charges
on oxygen and hydrogen were calculated to be - 0.8 194 e and - 0.1809 e, respectively, while the experimental values are -0.79 e and -0.21 e as measured in
LiOH crystals by the NMR method *4 . The dipole moment was calculated to be
0.54 D (the values calculated by the same method for water and ammonia are
1.88 and 1.89 D, respectively: these results are close to the experimental values of
1.84 and 1.46 D, respectively).
The free hydroxyl group is diamagnetic, its molar magnetic susceptibility
being - 12 x 10d6 c.g.s. units23. The value persists in complexes with diamagnetic
central ions forming an additive part of the overall susceptibility of the complex_
Cuord. C/rem. Rev., 6 (1971)
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In complexes with paramagaetic central ions its role can be more complex. For
example, in aatiferromagaetic materials the appropriate cations can interact magnetically via bridge ligands (so-called “superexchange”), but it is more the question
of solid state physics than that of coordination chemistry; to say nothing of the
fact that in such cases the role of a ligaad as such has not been as a rule expressed
explicitly.
It seems indisputable24-28 that the hydroxyl ion as a ligaad is able to form
both CT-and n-bonds with unoccupied and/or partially occupied orbitals of the
central particle.
A model of hydroxyl ion as a ligand, having three electron pairs oriented
towards the vertices of a tetrahedron available for the formation of bonds with
central particles, follows thus from these theoretical assumptions and from experimental data.

C.

COORDINATED

HYDROXYL

ION

The properties of the coordinated hydroxyl ion may conveniently be discussed in terms of its coordination number (i.e. the number of species coordinated
directly thereto). A coordination number higher than 1 implies that it fonas a
bridge. It is possible that the same two central particles are bound by several
‘OH-bridges. The basic characteristic of such ligaads can be expressed by the
symbol ,.(I& where L is the given ligaad, x is its coordination number and y is
the multiplicity of bridges; x = 1 and y = 0 stand for a terminal ligaad.
(i) Hydroxyl

ligands with coordination number 1 (type ,(OH),)

Ligands of this type appear in the inner coordination sphere of mononuclear
as well as of polynuclear complexes (in the latter case along with bridging ligands
of higher coordination numbers). The covalent character of a bond between the
hydroxyl and the central particle can vary within certain limits. If the metal-OH
bond is predominantIy electrostatic, it manifests itselfia the Ramaa spectrum only
as a band of weak intensity (the hydroxyl behaves as an easily polarizable dipole
of eylihdrical symmetry20*2g) while the covalent metal-OH bond gives rise to iatense liaes3’. The covalent character of the bond can also be characterized by the
energy of metal-OH valence vibrations in the IR spectrum, which is a measure of
the shift of electrons along the bond towards the metal ioa3*-33.
The energies of metal-OH valence vibrations in 3Ca0 - A1203 - 6H20 or
3Sr0 - Al,O, - 6H2O (containing two relatively isolated octahedrons [Al(OH),j3 *
and therefore corresponding better to the formula34 M,“~Al(OH),],)
fall in the
region from 400 to 530 cm-‘.
Similar vibrations in the hydroxo complexes
[M’v(OH),]2 - (Mlv = Pt, Pb and Sa3’) fall in the range from 300 to 500 cm-‘.
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Moreover, the energies of the M-O vibrations in a series of hydrated metal cations
(Cu*+, ZIP+, Hg2+, Mg2+, In3+, Ga3+, Fe3+, etc.) are found in a similar region30s3 5 from 320 to 475 cm’ I_ The values of these valence vibration&correspond
to force constants from 0.8-1.9 mdyn/A corresponding to bond orders36 from
O-2-0.6.
The strength of the covalent bonds to OH- and to H,O as ligands in mononuclear complexes is evidently similar so that it is not surprising that in the onedimensional spectroscopic series these ligands are located close together3’. Spectroscopic and magnetochemical measurements confirm3’ the formulae for mono-’
nuclear hydroxo complexes M’3[M*r(OH)J and Na,[M”(OH),]
for M’ = Ba2+
or Sr2+ and Mu = Mn, Fe, Co, Ni, Cu and Zn.
(ii)

Hydroxyl

ligands

with coordination

number

2 (type

2(OH),)

It is obvious that a ligand forming a bridge must be part of a polynuclear
complex. Simple bridges 2(OH)I and 3(OH)1 as well as double bridges ,(OH), and
triple bridges 3(OH)3 are observed in hydroxo complexes. Quadruple bridges
2(OH)4 have not been characterised but are assumedj* to occur in the hydrolytic
products of thorium formed in ion-exchange resins under precisely defined conditions and to which the formula [Th(OH),Thln4+ was ascribed. This conclusion
needs verification.
On the other hand quadruple acetate bridges 2(Ac)4 have already been confirmed in anhydrous UIv-acetate3 g and in hydrated acetates of copper, chromium
and rhodium40.

Hydroxo complexes with an open (noncyclic) structure contain bridges of
this type in dimers [M-OH-M]. A metal-OH bond of weak covalent character is
supposed41 to be most favourable for these complexes. The stability of these
dimers is not very high42. They usually app ear in a hydrolyzed system together
with a higher or predominating complex, e.g. [(U02)20H]3+
together with the
trimer at high concentrations of uranyl ions43, Pb20F3+ together with the predominating complex Pb4(OH),4’ in a wide range of concentrations44, BezOH3+
together with the cyclic trimer (BeOH)33+ (again in wide range of concentrations4548), Cd20H3+ as the most important complex from the low number of
soIubIe hydroxo complexes of cadmium at high concentrations of Cd4’, Hg20H3 +
appears together with [Hg,(OH),]‘+
at high concentrations of mercury”; similar
hydrolytic complexes of Cu” have been observed5r. The same bridge also appears
in the ammine-hydroxo complexes of Cr”’ s2*53 of the type [Cr,(OH) (NH,)r,]Cl,
which (according to spectroscopic measurements) contain the group CrHoH\Cr
with an an&e of about 135”. On steric grounds alone this angle should be at least
140” (I$ Ref. 54).
C’oord. Chem. Rev., 6 (1971) 65-93
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In the case of analogous oxygen bridges 2(O)1 the angle M-O-Mis affected
by the participation of n-bonds 55--57, being 110” if their contribution is negligible
and 180” if x-bonds participate highly in these bonds.
The trimer (BeOElJs3+ with an assumed45*46*58 hexagonal ring structure
belongs to the hydroxo complexes with a closed (cyclic) structure. Another type
of a cyclic hydroxo complex includes for example the undissociated tetramers
[(CH3)2AuOH]4 and [(CH,),GaOH],
(Refs. 59, 60) which form eight-membered
rings with 2(OH)1 bridges; schematically:
r

These compounds have a flat but not strictly planar structure. The mean value of
M-OH-M angle is 111o in the case of the gold compound (which is very near to
the tetrahedral angle 109.5”) and 135” in the case of the Ga complex. On the other
hand, the mean value of the C-Me-C angle is 84” and 129”, respectively.
The hydroxo complex [Bis(OH)l J 6 + is interesting from the point of view
that the octahedron of central ions is bound partly by direct metal-metal bonds
and partly by 2(OH)1 bridges over edges of this octahedron61. A similar geometric
structure was also found in thecomplexes [PtCl,], = Pt,Cl,, (Ref. 62, p. 152) and
[M&11J2 -i-m
- Nb,&l14 and Ta6Q4 (Ref. 63); it is not known whether together
with the 2(Cl)l bridges there are also metal-metal bonds in these complexes. The
IR spectra of MBX,, systems (M = Pd, Pt; X = Cl, Br) have been discussed64.
We can conclude

that mere 2(OH’),

bridges do not form a sufficiently strong

linkage between central particles. The presence of an additional stabilizing factor
(e.g. formation of n-bonds, cyclic configuration of the complex or binding of
central ions by metal-metal bonds) is necessary if a more stable complex is to be
formed.

Bridges of this type are very common appearing in the hydrolytic complexes
of many cations (Cu’+, Zn’+, Snzf, Pb’+, U022+, A13+, Sc3+, Y3+, Ga3f,
In3+, Cr3+, Fe3+, Ce4+, U4+, Th4+, etc.)65-68_ The simplest complex with
.(OH), bridges is
[_(:::-I
which is often the most well established polynuclear hydroxo complex of the given
cation.

z(OH), DRIDOES IN
I
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Th4+, see note”
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Zr4+, distorted dodeca-75
hedron’
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UOzz+, plane pentagon 70

UOlz +, plane pentagon 69

Coord. Central io11and
its polyhedron
H No*

OFormaicompositionU02(OH)2 * 3,2CO(NH& *I- ~0.731”;preparation and some propertiessee Ref. 79. bFormalcomposition UO3 * HCI * 2H20. eAverage
value 2.37A. dAnaveragevalue. CD~e~
not contain dimers,merely 2(OH)2bridges.‘Forms1composition4ZrO2 * 5Cr03 * 5H20. OIRspectra of that and many
other related complexes discussedin paper” (see p, 77). *Averagevalue 2.19 A. ‘Of the type Mo(CN)B*‘,JAveragevalue 2.22A, &Formalcomposition
ZrOC12* 8H2O. ‘Averagevalue 2.26 A. mPracticallythe same Th-Th separations were found in soluble hydrolytic Th complexes; a more soluble complex,
probably a tetramer, is composedof dimers8*,“If each bidentate nitrate group is comidercdas a singleligand,the coordination polyhedron may be described
as a somewhatdistorted dodecahedron.
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- Structural data on coordination
compounds, within which the binuclear
complex [M(OH),M] can be identified are given in Table 1. Complexes with
coordination number 6 seem to differ markedly from the other complexes both
with respect to the dimer bond angles and M-M separations. The reason could
be found in the smaller geometric suitability of an octahedron for formation of
four-membered rings (see p. 85 and Table 3). Relatively great structural similarity
exists in the basic dinuclear unit of the other complexes despitegreat differences
in the coordination numbers of the central ion. The angles found at the hydroxyl
bridge correspond well with the supposition of a tetrahedral arrangement of its
bonding orbitals. In view of the relatively high M-M separation it seems unlikely
that a direct interaction exists between the central ions. The apparent radius of
the zirconium central ion is rather smaller than that of uranium within the uranyl
ion (e.g., if the apparent radius of a hydroxyl bridge were equal to 1.30 A, the
apparent Zr4+ radius would be 0.80 A and that of uranium on the equator of the
UO; + group 1.08 A).
The configuration of a four-membered ring is very favourable from thepoint
of view of stability42*82. This is supported by the fact that polynuclear complexes
with less stable bridges 2(L), -where
L is e.g. a halide atom (the lower stability
following from the less effective donor properties of these elements2’) - often exist
only in the configuration of these dimers (e.g. Ref. 83). Moreover calculations
based on the eIectrostatic model shows4 that the planar structure
H-0”
I 1
[ cm--HI
is more stable than the linear structure [M-OH-M-OH]*.
The stability would
also increase if the M-OH bond were covalent.
The published data for the dimerization constants Kn = [dimer] - [monoare all greater
mer] -‘, corresponding to the equation : 2MOHrf = w(OH),Mj2=+,
than one (usually of the order of 102-105)1~6s*68*8s-87. Therefore, the free energy
change of dimerization is negative. Since entropy decreases as a consequence of the
formation of a dimer, dimerization should be an exothermic reaction and the value of
the dimerization constant should therefore decrease with increase of temperatures4.
Similar considerations were also published in connection with the hydrolytic behaviour of certain heavy metal ionss8. Unfortunately, these considerations do not
take into account the simultaneous change of entropy of the solvent. Nevertheless
the_few experimental results which are available are in agreement with the abovementioned conclusion (cf: Table 2).
* If MOH

is the basic entity then the configuration

is even more stable than the dimer.
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TABLE 2
DEPENDENCE

OF DIMERIZATlON

CONSTANT,

&

ON TEMPERATURE AND IONIC STRENGTH

CentraI
ion

85

UO,Zf

86
89

Fe’+

S-49(25)
4.97(25)
5.48(25)

4.28(40)
3.88(94)

-

0.0347, c1040.347, clod0.5~ KNOS

l-67(18)
2.43(18)
2.62(18)
2.70(18)
2.99(18)

1.56(25)
2.34(25)

l-42(32)
2.23(32)

O(extrapo1)
0.103

2.51(25)
2.59(25)
2.86(25)”

2.38(32)
2.48(32)
2.71(32)

0.203
0.303
1.000

SF

90

3.53(10)

3.33(4o)b

-

IM

Ce4+

91

2.04(5)

1.62(15)

1.22(25)

2~ NaClO*

Th4+

66

3.04(O)

3.63(25)

1.93(95)

1M NaCIOa

NaCIOd

4 From data obtained in 3~ NaClO, at 25 “C log KD = 3.18 which seems to be adequate9’.
b There is some uucertainty in these datago. c Log KD (at 35 “C) = 0.49.

The decrease of the numerical value of the constant K,, with temperature is
caused by the relatively great increase in the monomer concentration compared
with the concentration of dimer. However, absolute values of the concentration
of dimer increase, too, in agreement with the overall enhancement of hydrolytic
equilibria (i.e. in agreement with the increase of acidity and of the total concentration of hydrolytic complexes accompanied by the decrease of the concentration
of the free cation) at higher temperatures.
As regards the effect of ionic strength on dimerization, it is assumed that
the constant KD increases with ionic strength 84*87. This coticlusion is in agreement
with the experimental data for the ferric ion but was not confirmed in the case of
the uranyl ion (Table 2). It would be premature to make any conclusions because
there are few experimental

data and the conclusion

is, strictly speaking,

valid only

for sufficiently dilute solutions because it was derived from the Debye-Hiickel
theory*‘.
A very interesting complex is the tetramer [CO~(OH),(NH,),,]~+,
Le.
6t
It
is
assumedg3
that
its
central
cobalt
atoms
are
not
CWW%CGM33)4131
equivalent,

but form a triangle with one central ion in the centre (see the scheme).
at temperatures
above 77 “K for an
measurementsg4

Magnetochemical

6+

Coord. Chem. Rev., 6 (1971) 65-93
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analogous complex of the Crrn-ion, [Cr,(OH),(en),16’,
show that central atoms
are not equivalent (in agreement with the assumed structure of the cobalt complex). However, an alternative treatment of the same results”, on the contrary,
states that these measurements prove the equivalence of central ions and that,
accordingly, their configuration is tetrahedral.
New magnetochemical measurements g6 down to 4.2 “K did not resolve the
question; although the results could not be adequately explained on the basis of
the plane triangular arrangement, neither could they be interpreted on the basis
of the tetrahedral model. A structural study of the crystal [Cr,(OH),(en),](N3)6 - 4H,O shows that the chromium atoms are linked by means of four
.(OH), bridges with a Cr-OH-Cr angle of 13l”, to form a rhombus with diagonals
of 2.921 and 6.554 A in which the nearer atoms are, in addition, linked by 2(0H)2
bridges with Cr-OH-Cr angles equal to 95”. The basic skeleton is given in the
following scheme.
6+

Additional ligands (not sketched in the scheme), confer an octahedral coordination
about the chromium atoms. The central chromium atoms are not equivalent and
are arranged in a plane but in an entirely different manner than supposed originally.

(4 Type 2(OW 3

Complexes with triple hydroxyl bridges of the 2(OH)3 type are, in contrast
to the preceding types, rather rare. They can be represented by cobaltiammine
complexes

The geometry of the triple bridge in the first of these two complexes is as followsg7 :
the Co-Co distance is 2.54 A, the average Co-OH distance is 1.97 A (in one
bridge it is 1.96 and 2.03 A, in the other two 1.98 A and 1.90 A). The corresponding CdoHLCo
angles are 79” and 82”, respectively, substantially lower than the
tetrahedral angle 109.5”. Hydroxyl bridges of this complex do not reveal any
acid-base properties in aqueous solutions. In spite of the similarity of coordination behaviourg8*” of Co3+ and Cr3+ ions, complexes of this type with Cr3+
central ions are not known”‘.
Cobaltiammine hydroxo complexes cannot be regarded as hydrolytic complexes because they are not formed in any hydrolytic equilibrium in a solution of
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the central ions but they must be prepared by special preparative methods starting
from a lower oxidation form2~‘o’.
(iii)

Hydroxyl

ligand with coordination number 3 (type 3 (OH),)

If the tetrahedral model of the bond orbit& of oxygen in the hydroxyl ion
corresponds adequately to reality, then the maximum coordination number of a
hydroxyl group is 3*. Simple bridges with this coordination number were found in
several complexes with 4 or 6 central atoms. In the latter case these atoms are
arranged in an octahedral configuration, over the faces of which there are 8 ligands
of the type 3(L)1. This configuration can be considered relatively stable because it
was found”’
in basic salts of uranium(W) and cerium(IV) as [Ms(0),(OH)J’*’
entities, moreover it occurs in solutions and in the solid phase of hydrolyzed
systems of lead’03*‘04 (e.g. the complex ion Lpb6(OH),]”
with direct metal-metal
bonds)? and it is also typical of many complexes of bivalent molybdenum’07*‘08
which contain the basic entity [Mo,C1J4+ with 3(Cl)l ligands. In the case of the
tetramer [M4L,$“‘- 4)+ both central ions and ligands form two mutually penetrating tetrahedra involving the coordination type 3(OH)1_ This assumption was
confirmed in the case of hydroxo complexes of lead, both in liquid and solid
phases lo39104*1Og in which the basic entity Ipb4(OH),14’ was found.
The arrangement of trimethyl platinum hydroxide, [(CH,),PtOH],,
is entirely analogouslfO. The P&OH-Pt angle within the complex is equal to 101.2”,
i.e. close to the tetrahedral angle.
The 3(OH)1 bridge, together with three .(OH), bridges, also appears in the
oligomer [Sn3(OH)4]2 f with the following structure:
2+

The formation of a triangular pyramid with three ligands at the apices of its base
is typical “I for Sn2+. The 3(OH)l bridges have recently been found in NiJCF,COCHCOCH3)lo(OH)2(H20)2
‘I’.
The existence of a bridge of the ,(OH),-type can be formally anticipated.
This would need a configuration of three central atoms at the vertices of a triangle
bound by two hydroxyls from each side of the triangle forming thus a triangular
* The maximum coordination number 4 of oxygen is valid e.g. for the isomorphous oxides
CeGz, ThOl and UOz which have cubic symmetry of the fluorite type. These compounds cannot,
however, be considered to be complexes comparable with the ones discussed.
t According to recent measurements’05*‘06, the molecular structure of thii complex in solution
as well as in the solid should be modified a little, the correct formula being Pb6G(Gf&(ClG,&.
Coord. Chem. Rev.. 6 (1971) 65-93
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bipyramid. It is obvious that the likelihood of such a configuration will be low
because of the unusual angular correlations of the orbitals of the central atoms.
(iv)

Methods for determination of the coordination mode of the hydroxyZ ligand

An unambiguous determination of the coordination mode of a ligand by
one single method is rather exceptional, usually it is determined by a combination
of the results of several methods. The situation is still more complicated in hydrolyzed systems because individual complexes cannot normally be isolated and
directly analyzed.
Together with chemical methods vibrational spectroscopy is very useful in
the case of ,(L), ligands. Vibrational frequencies of M-L bonds for coordinated
hydroxyl and water molecules lie roughly in the region from 300 to 500 cm-’ (cf.
pp. 68, 69). Corresponding frequencies for other simple ligands (e.g. halides) are
lower because of their heavier weight and poorer donor properties relative to
oxygen2 s.
Bridges of the 2(L)1 type in linear or angular arrangement M-L-M can also
be identified from IR spectra “. The antisymmetric frequency, vg, of this configuration is somewhat lowered when bent (for the 2(O)1 bridges the absorption
occurs near 800 cm- ‘) whilst the symmetric frequency, vl, on the contrary, increases (in the mentioned case to values around 500 cm-‘). Values of these stretching frequencies depend not only on the M-L-M- angle but also on the strength
of the M-L bond.
The correct assignment of this frequency as arising from a bridge can be
confirmed by comparison with the spectrum of a suitable monomer complex,
where the corresponding band cannot appear, or by deuteration, which causes a
decrease in the value of vg (depending on the M-L-M angle). Bridges 2(OH), in
ammfne complexes of chromiumss of the type [(NH,)SCr(OH)Cr(NH,),ls+
are
bent and exhibit a strong absorption band, vg, with an energy of about 570 cm-‘.
2(OH)1 bridges in the hydroxo complex ~is(OH),,]6’,
which also contains metalmetal bonds, exhibit frequencies in the region above 400 cm-l (Refs. 61, 113).
In the IR spectrum1’4 of dimethylgallium(III) hydroxide, [(CH&GaOH],,
containing only 2(OH)1 bridges, the deformation vibrations, Bonb, exhibit sharp
and intense bands at 1013 and 1030 cm-’ shifting after deuteration to about
730 cm- ‘_ Sharp bands due to the valence vibrations, vOHb,are shifted from
3601 cm-’ to 2656 cm-l.
2(L)2 bridges also reveal themselves spectroscopically. Empirically it was
found’ “J 6 that in the IR spectra of hydroxo complexes of copper and chromium
with ,(OH), bridges, strong absorption bands can be found in the region from
400 to 600 cm-‘. Many other compounds1’7-120 containing these 2(OH)2 bridges
also absorb in this region. These bands are very probably caused by skeletal
stretching modes. Similar behaviour was also observed in complexes with 2(C1)2

HYDROXYL

ION AS A LIGAND

77

bridges, e.g. absorption at 420 cm w-Lby the gaseous dimer AI,Cl, (Ref. 121),
somewhat lower values were found in gallium chloride’22, titanium(W) chloride’23, titanium(III), vanadium(II1) and chromium(II1) chlorides’24. More general
relations in systems with halide bridges 2Q2 are discussed in Refs. 125, 126.
In a series of related dihydroxocarbonate complexes of zirconium, ,(OH),
bridges manifested themselves by intense deformation vibration bands, aoHb, near
1000 cm-‘; the corresponding band in the hafnium analogue occurs at 1018 cm-‘,
a little above the preceding ones *’ . These observations are in agreement with
results of the IR analysis12’ of the so-called zirconium oxychloride with contains
[Zr,(CH) s(H20)16] * -+ tetramer units with four 2(OH)2 bridges - their aoHb frequencies lie in the region 1000-1100 cm -I, their stretching frequencies at 3530
cm-‘. Son” frequencies in silica gel found in the region 900-l 100 cm-’ are mentioned below, p. 79.
In complexes (NH4)2Fe2(OH)4(C03)2 - nH,O, n = 1 or 3, in which dihydroxo bridges seem to be very likely, bands at 912 and 752 cm-’ (n = 1) and at
980 cm-’ (n = 3) were identified as a,,; the vOHfrequencies were observed at
3295 cm-’ and in the region 3030-3350 cm-‘, respectively’28.
Considering vibrations of 3(OH)1 bridges, which are the only bridges in
[(CH3)3PtOH]4 (see p. 75), the 8oHb frequencies were found’zg at 724 and
706 cm-‘, their vorrb at 3595 cm - ‘_ The low values of the former and the high
value of the latter, along with the sharpness of these bands, indicate absence of
hydrogen bonding in this complex. Similarly, in Ni6(CF3COCHCOCH3)10(OH)2(H20)2 with ,(OH), bridges, the voHb frequency was identified’12 as a weak but
sharp absorption band at 3560 cm- ‘.
It is evident that in a spectroscopic determination of the mode of coordination of the hydroxyl ligand the regions in which different types of hydroxyl group
manifest themselves very often overlap. A more extensive discussion of the energies
of individual types of bridges and their vibrational modes, seems to be premature.
Recently’30*‘31 t he d imer [Cu2ClJ2- = [C12Cu(Cl)2CuC12]2- was identified by its electronic absorption spectrum; this complex has an electronic absorption band at 19.000 cm-’ polarized in the direction Cu-Cu, which does not appear
in the perpendicular direction. The generality of this procedure is not known,
certain limitations follow from the difficulty in getting single crystals (with exception of complexes of Co3+ or, perhaps, even Cr3*) of the hydroxo complexes.
If the central ion is paramagnetic, the formation of dimers may be indicated
by a decrease in the magnetic susceptibility of the bound ion in comparison with
its hydrated form 52*132,133.The decrease of paramagnetism can be explained by
the partial compensation of spins of the central ions via bridges’34, but it can also
be caused by direct bonding between the ions40*‘35.
An absolute methad for the determination of the configuration of complexes,
and therefore also of the mode of coordination of ligands, is structural analysis.
The necessary single crystals of hydroxo complexes were mostly prepared in the
Coord. Chem. Rev., 6 (1971)
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form of basic salts10z*136*137,the preparation of hydroxides is very difficult.
Individual complexes participating in hydrolytic equilibria in aqueous solutions cannot be isolated. The formulae of these complexes are usually derived from
certain analytical and potentiometric data’ 3’ ; a most excellent formal approach
for the treatment of these data was formulated by SillCn’3g~140. Of course, the
conclusions are indirect and depend, among other things, on the type of model
complex chosen for interpretation of the experimental data (e.g. Sillen’s “corelinks complexes”) so that it is desirable to use more direct measurement (“fingerprint methods”)1*‘41, if possible. Among the most important are vibrational spectroscopy [hydroxo systems of Bi3+ (Ref. 61) and Pb2+ (Ref. 103)], X-ray diffraction in solutions bydroxo systems of Pb2+ (Refs. 137, 142) and Zr4+ (Ref. 120)],
ultracentrifugation [e.g. hydroxo systems of Pbzf (Ref. log), UOzz+ (Ref. 143),
Tav (Ref. 144)], light scattering [systems of PbZf (Ref. 145)], to some extent,
absorption spectroscopy [hydroxo systems of U022+ (Ref. 146) and U4+ (Ref.
147)], etc. Naturally, it is desirable to compare the conclusions derived by different
methods so that our knowledge of the configuration of complexes and, accordingly, of the coordination modes of ligands can be more reliable.

D.

REACTIONS

OF COORDINATED

HYDROXYt

IONS

(i) Dissociation of the bridge hydrogen (oxolation)
One of the possible reactions of the hydroxyl bridge is dissociation of its
hydrogen in the form of an ion into solution accompanied by the formation of an
oxygen or 0x0 bridge. This reaction is called oxolation’48 and can be expressed
by the scheme
CMW-O,Ml y+ ~2 [M(0),,M]‘Y-“‘+

+&I+

There is experimental support of this scheme, e.g. solutions of basic chromium(m)
salts become more acidic if heated, whereas the reestablishment of the former
acidity after cooling takes a very long time.
On the other hand it is well known that aqueous solutions of cobalt0
complexes with double’4g or triple ” hydroxyl bridges do not exhibit acid-base
properties. Decreased reactivity of hydroxyl bridges can probably be taken as a
general property I46 . The assumption of oxolation in the above mentioned sense
is however not convincing (c.$ Ref. 42, page 157). The behaviour of the chromium(III) systems can be explained without introducing a new term by a shift of
the hydrolytic equilibrium at a higher temperature (j-e_ by an increase of the total
amount of hydrolytic products together with an increase in the acidity of the
solution); the decrease of acidity during the period of cooling can be explained
by a slow re-establishment of the former equilibrium.
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On the other hand it is experimentally proven that some hydrolytic precipitates (essentially electrically neutral hydroxides) are able to release H+ ions into
supernatant solution, if the solution contains some electrolytes. This is especially
so in the case of iron(III)‘=e and manganese(W)’ 51 hydroxides, and of silica
gel 152S153,etc. This process also proceeds very easily in the case of the uranyl
ion’ 54S15‘. In contrast to oxolation this case is a substitution reaction of the type
[UO,(OH),UO,]

(OH), +2Na+

= [UO,(ONa),UO,

] (OH), f2H+

which proceeds only in the solid phase ’ 56_The substituted hydroxyl bridge > ONa
is thermally very stable, in contrast to the unsubstituted > OH, which decomposes
at temperatures between 300” and 400 0Ci57.
From general considerations it follows l 5s that the formation of an oxonium
oxygen in the hydroxyl bridge is connected with a shift of electrons from this
oxygen towards the central atoms. This shift increases the covalency of the M-OH
bond and simultaneously, decreases the bond strength of O-H because of weakening of its electrostatic component. This is the reason for potential acidity of the
hydroxyi bridge. Their gradual substitution can be followed in the IR spectra of
uranatesisg by the linear dependence of the uranyl antisymmetric frequency v3
(reflecting the increasing covalent character of the U-OH bond) on the relative
amount of sodium, Na/U.
If the solid phase of uranates were formed from isolated dimers

there should be three coordination states of uranyl, dependent on the number of
substituted hydroxyls, and therefore three different values of the v3 frequency,
corresponding to none, one or two substituted bridges, respectively. The intensities
of these bands would be proportional to the number of corresponding states.
However, the energy of the vg frequency actually decreases continuously with increasing Na/U ratio, preserving its rather high intensity. This means that the
dimers in the solid phase are mutually interconnected in one giant molecule and
the measured value of v3 characterizes the average state of substitution.
Direct observation of these processes by shifts in the M-O frequencies as a
consequence of the change in covalent character of the metal-bridged oxygen
bond is unfortunately not possible. The probable reason is a lower sensitivity of
these vibrations to the detailed structure, compared to the sensitivity of 0 =U =0
bonds in the uranyl ion to changes of coordination in its equatorial plane. Moreover, the corresponding bands are rather diffuse so that frequency determination
cannot be precise’ “. However, a decrease in the intensity of two absorption bands
ascribed to the hydroxyl deformation, vibration, aOH, has been observed in the
region 900-1100 cm-l caused by the substitution of cations into silica gel (a
similar effect is observed upon dehydration of unsubstituted silica gel’ 52). It follows
that these frequencies must be derived from bridging hydroxyl groups (c$ p. 77).
Cuord. Chem. Rev., 6 (1971) 65-93
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(ii) Depolymerization

and dehydroxylation

Many cations (e.g. Zn2+, Cu2+, Co2+, Sn2+, Cd2+, Cr3+, A13+, etc.) exhibit amphoterism whereby in solution it is possible to precipitate an insoluble
hydroxide by alkali and to redissolve this in excess alkali14*. In this review we
would like to discuss one special feature of these processes, namely that soluble
hydroxo complexes in acidic solutions and insoluble hydroxo complexes (basic
salts) at roughly neutral pH values usually form polynuclear (oligomeric) entities,
while after dissolution in excess alkali the same central ions form only mononuclear
complexes. In other words, depolymerization occurs with increasing OH- concentration. This can be typically represented by aluminium ions. In a hydrolyzed
solution aluminium forms hexamers as dominant entities16’, in solid hydrolytic
phase (basic salts) complicated entities with 13 aluminium atoms were identified’ 61
(their existence was also assumed in solution16’) while in alkaline solution
AI(O
anions are present 163-1 65_ Moreover, in strongly alkaline solutions
(pH > 13) A102- anions are formed by dehydroxylation as indicated by Raman
spectra’ 66 and by NMR’ 6‘. Along with depolymerization a process of dehydroxylation proceeds until a simple 0x0 ion is achieved.
Lead hydroxo complexes can serve as a similar example_ In acidic solutions
and in hydrolytic solid phase they form predominantly tetramers and hexamers104*‘37.167 whereas in alkaline solutions Pb(OH)3- anions were identified
polarographically ’ 6*sl 6’ (Lingane’ 6* regards these ions as HPbO,-).
The monomer character of these ions is also corroborated by the results of ultracentrifugation”’
as well as by the fact that the diffusion coefficients of the free ions and
the complex particles differ only by about 5 %16*. In the case of zinc the existence
of an anion Zn(OH)42- was proven by Raman spectra163*171 and by NMR
spectral ‘* while binuclear complexes Zn20H3+ exist in acidic solutions’73-‘75.
Even though hydrolytic complexes of Ga3+ ion in acidic medium are polyanion was proven’76 by an ion-exchange technique in
nuclear6 ’ the [Ga(OH),]aqueous alkaline solutions. Similarly, stannic ions form the mononuclear complex
Sn(OH)e2- in alkaline solution” ‘, although their hydroxo complexes in acidic
solutions are very probably polynuclear. At the present time complete data about
complexes of other ions are not available but the formulae given for the wellcrystalline salts of amphoteric elements14* indicate that the basic tendency would
be the same.
A similar tendency can be observed in the case of uranyl fluoride complexes”‘.
A small excess of fluoride to uranyl ion leads to the separation of
oligomer, M’,[(UO,).F,(H,O)4],
from solution. With additional fluoride there
are a diminishing number of central ions per complex and a progressive substitution of water molecules (i.e. to complexes Mr3[(U02)2F7(H20)2] and Mr5(U0&FJ). At [F-l: IVO,“‘]
2 7 the mononuclear complex, M’JUO,F,],
is formed.
The above mentioned behaviour of hydroxyl and fluoride complexes can be
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summarized as follows: many central ions in aqueous solution prefer more to bind
hydroxyl or fluoride ions than water molecules. With sufficient excess of these
anions mononuclear complexes are formed in which the number of ligands per
cation equals the coordination number of the central ion. Decrease of the excess
is compensated by increase of the coordination number of the ligands so that
oligomers (with bridged ligands) result, possibly also containing coordinated water.
Accordingly,
hydrated metal cations only form mononuclear
complexes,
because
of
the
great
excess
of
water
molecules
in
water
solution.
M&0)4=+,
Formation of bridges of the type #X,0),. is not excluded in non-aqueous solvent
systems where solvent molecules might bind the central particles less strongly than
the water molecules present. The extra two free electron pairs of the molecular
water oxygen would technically allow this possibility. The existence of 2(H20)2
bridges, in Ni6(CF3COCHCOCH3),,(OH)~(H~O)~,
has been claimed1’2.
Dehydroxylation, leading to oxo-hydroxo or up to pure 0x0 compounds,
is a special ability of hydroxyl ligands. For instance, the oxo-hydroxide geothite,
FeOOH, or haematite, Fe,OJ, can be formed from a colloidal solution of amphoteric Fe(OH), as well as from feebly alkaline solutions containing Fe3+ ions and
their hydroxo complexes ’ 7‘-’ 83. This process proceeds at room temperature but
elevated temperatures are favourable; a-FeOOH can be prepared by boiling in
alkaline solution for several hours Is1 . The same is true for deuterated hydroxide
which in alkaline suspension changes into a-FeOOD after a long time even at low
temperatures (at 35 “C in about 20 days)’ 84, CJ hydroxo systems of aluminium’ * ‘.
Oxo-hydroxo complexes are also fundamental components of some basic
salts of Uxv and Celv which under mild hydrothermal conditions (100-150 “C,
0.1-0.5~ H2S04) form chains [M(OH),],2+,
at higher temperatures (175-200 “C,
0.5-1.0~ H,S0)4 they form [M6(OHJ404]‘2’
entities (Ref. 102). Both dehydroxylation with preservation of the coordination number of the central atom and
increase in the coordination number of ligands from 2 to 3 [i.e. the change of type
2(OH)z to the types 3(OH)1 and 3(0)1] proceed with the formation of oligomers.
Ultimately even oxides MO, can be obtained so that the genetic series reaches its
limit, i.e. it proceeds to complete dehydroxylation and to the maximum number of
chemical bonds of oxygen equal to 4 [the coordination type 4(0)1]_
It seems therefore that dehydroxylation can proceed in acidic (in the case
of Utv and Ce”‘) as well as in alkaline (in the case of Fe”’ and Al”‘) aqueous
solutions so that it follows that this reaction is not directly connected with the
presence or absence of hydrogen or hydroxyl ions. Its course is after all determined
by the state of coordinated hydroxyls so that it is influenced also by the properties
of central ions and therefore also by the type of the complex.
One of the conditions for the dehydroxylation
M(OH),

+ MO + H,O

is the sufficiently close proximity of condensing particles. From the point of view
Cuord. C/mm
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of coordination it is important whether the hydroxyls ,(OH),-, are condensed from
the inner coordination sphere of the same cation or from spheres of different
cations. In the first case (c$ the equation given above) there would be a decrease
in the coordination number of the metal cation of one unit, in the second case
the coordination number of both cations would be preserved and the oxygen
bridge 2(O)1 would be formed
2M-OH

= M-O-M+-H,O.

The second reaction would possibly change the M-M distance so that there would
be a corresponding change of structure, along with the change of physical (color,
density) as well as chemical properties (solubility, reactivity etc.).
This would also be valid in the case of the dehydroxylation of bridge hydroxyl groups. Condensation from the inner coordination sphere of the same
polynuclear complex would lead to a decrease of the coordination number of the
central ions in one unit

/OH\

[M,oH,M]

= CM-O-MI

+ Hz0

while condensation between different complexes would not change the coordination number of the central ions:

Any of these possibilities cannot be a priori excluded but the coordination number
of the central ions is usually preserved (cf. the above mentioned examples of AP,
Fe”*, CeN and U”) which support the second possibility.
As for the hydroxyl ligands, the processes mentioned lead to increase of their
coordination number, in addition to their possible change into 0-ligands with
maximum coordination number 4. In the case of dehydroxylation of the bridges,
the sum of coordination numbers of which exceeds 4 [e.g. bridges of the ,(OH),,
type mutually or between 3(OH)y and 2(OH)Y bridges], a more substantial molecular and structural rearrangement should be expected. As an example of this
behaviour, the final steps in the rearrangement of the hydroxo complexes of Utv
and Cetv can serve, where the oxygen and hydroxyl bridges of the 3(L)2 type in’
oligomers [M6(OH),0,]‘2’
gradually change into MOz with 4(0)t bridges. The
coordination number of the metal in the hydroxo complexes cited remains 8 in
the arrangement of a square antiprism’02.
Dehydroxylation initiated hydrothermally should be distinguished from dehydroxylation initiated by elevated temperatures in solid samples (e.g.in hydroxides
Cd(OH), and Ni(OH), at 140-200, or at 210-330 “C, respectively’ 86, in the hydro-
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lytic precipitate SnO(OH), at about 200-600 OC’*‘, in aluminium hydroxide”’
at 250-425 “C, in the oxo-hydroxide of scandiumll’ Sc,O(OH)+ at 120-440 “C,
in the natural ox-hydroxide
crocidolith 1” between 570 and 700 “C, in hydroxo
complexes of uranyl of different types157*1 go in the range 300-400 “C, etc.). A
theoretical attempt to explain the behaviour of hydroxyl groups at elevated temperatures has been madelgl. It is based on purely physical principles (the form of
lattice potential functions, Debye temperature, bond vibrations, polarizability,
etc.), and does not consider the chemical description of dehydroxylation applied
in the present paper. Undoubtedly, no sharp limit exists between these two approaches. Their principal difference lies in the cause of the changes which in the
former case is physical, in the latter one chemical. Moreover, in the hydrothermal
preparation there is, at least approximately, reached an equilibrium during the
chemical reaction while in the dehydroxylation at elevated temperatures one has a
non-equilibrium decomposition.

E. CHEhfICAJL BONDS IN HYDROXO

COMPLEXES

(i) CIPssification of central ions according to their ability to form mono- or polynuclear hydroxo complexes

Central ions can be characterized by their behaviour to selected ligands. In
hydroxo complexes we can therefore recognize central ions forming in their genetic
series predominantly and/or characteristically polynuclear complexes, and central
ions forming predominantly mononuclear complexes (cf. e.g., Ref. 1. p. 151 and
Ref. 192, p. 397). It is necessaj to emphasize that this classification is merely a
convenience because experimental conditions substantially influence the formation of mono- or poly-nuclear hydroxo complexes of a given central ion. For
instance, polynuclear hydroxo complexes cannot be formed if the concentration
of the central ion is sufficiently low (in uranyl systems the concentration limit is
at about 10-3~1g2-1g4, in thorium systems at concentrations lower than 10m6~
only mononuclear complexes are formed’ “, etc.). This is, of course, a consequence of the mass action law so that increasing the concentration of the central
ions* causes formation of polynuclear complexes where they would not be formed
under normal condieions (i.e. at metal concentrations 10-‘-10-3~).
There are, however, several central ions which cannot be easily classified
because their behaviour does not correspond strictly to either group. This is the
case, for instance, of Mn’*, Co2+ and Ni2+ ions1ggg200, the thermodynamic data
of which are very similar20’V202.
Having this in mind we can, nevertheless, state that most metal cations
Such media are sometimes called “self’-media”1g6;
nuclear complexes only in a “self-medium”4g~50.

l
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prefer to form polynuclear hydroxo complexes1g65. Cations which do not’, include
Fe’+, Cd2+, Hgt2+, Hg2+ and T13+.
It is noteworthy that central ions, if classified according to the relative
stability of their halide complexes’ 03-zo 5 (i.e. according to the increase or decrease
of their stability in the series F- -Cl- - Br- - I-), can be divided into two groups
which are similar to those obtained if classified according to their hydroxo complexes. To the first, more numerous, group which favours coordination by Fbelong203 Hf, Ce3+, U4+, UO,‘+ Zr4’, Fe3+ and In3+ and very probably
Be2+, Th4+, PUCK, Cu2+, Zn2+, A13+ and Sn2+ (called class A acceptors). To
the second group, favouring the heavier halides (class B), belong Pt”, Cu+, Agf,
Cd”, Hgzc and Pb2+ and very probably Pd”, PdiV, PtN, Au”’ and T13+.
Omitting non-ionic forms we see that, with the exception of Pb2+ ions*,
this classification of central ions is identical with their classification according to
the hydroxo complexes. This is not easy to explain. The physical basis for the
classification of central ions according to the stability of their halide complexes
depends upon the fact that ions of the first group form essentially electrostatic
bonds203 with halides so that their stability is highest in the case of the smallest
ligand F- and decreases for heavier halides. On the other hand, the second group
favours a covalent bond to the halide ligands203 so that the fluoride complexes
are the least stablet5.
In the case of hydroxo complexes differences between the behaviour of the
two groups of central ions cannot be e%plained by electrostatic or covalent bonding
because it was confirmed by spectroscopic measurements (p. 68) that the M-OH
bond is predominantly covalent in both polynuclear and mononuclear complexes.
This is readily understood because oxygen has a very high donor ability25. The
distinction in behaviour between these two groups of elements should therefore
be looked for in the framework of the chemical covalent bond itself, i.e. among
the factors which influence its formation.
The stability of the polynuclear hydroxo complexes of many cations is
sufficiently high. The M-OH bond strength is of primary importance for the stability of such hydroxo complexes since only simple entities could occur if these
bonds were weak. Weak bonds are formed e.g. in hydroxo complexes of Fe2+ and
Cd2+ (ions of the second group). Their equilibrium constants KhI for monomer
formation
M=++OH= MOH(=-“f
do not exceed lo6 (depending on conditions)65. This is, however, not true for
other ions where the values of Khi vary in the range from 10g-1013, yet these do
not necessarily form polynuclear complexes to any significant degree. We shall
* Hydrogen ion is not a metal ion so that its properties cannot be included into the discus&n
dealing with metal ions. It would be completely formal to classify the ion H30+ = H+-OH-H+ as its polynuclear hydroxo complex.
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therefore discuss the geometry of hydroxo complexes as another important factor
determining their stability.
(ii)

Geometry of the complexes as a StabiIizitlg factor
Four-membered rings

are very abundant among hydroxo complexes and are very stable. We shall therefore discuss more deeply their geometric configuration. This ring is considered
as planar with angles 2q(M-OH-M)
and 2~(0H-M-OH);
241+2& = 180”. Under
the assumption that the spatial orientation of valence orbitals of hydroxyls is not
perturbed by their bonds with central ions, the angle 2q would be the tetrahedral
angle* 109,5” so that the angle 2~ should be equal to 70.5”. The data (see Table 1)
in general confirm the tetrahedral geometry of valence orbitals of the hydroxyl
group, disregarding, for the moment, the approximate 10” deviation from theoretical predictions in the case of octahedral coordination.
To study the effect of a given coordination number of a central particle or of
various geometric configurations of a given coordination number** on the formation of the above-mentioned four-membered ring, we have calculated the angle
2~’ with the assumption that the bonds are oriented from the centre to the vertices
of the given polyhedron. The results are given in Table 3 together with the values
of d2.s = 2&‘-70.5” characterizing the deviation from the most favourable configuration under the supposed geometry.
From this Table it follows that the most favourable angular correlation for
the overIapping of orbit& of bridges and central atoms in the direction of their
connecting line in the configuration of a four-membered ring, should be for central
atoms with the cubic geometry of valence orbitals. However, such complexes are
not found because of unfavourable energetic conditions206. The pentagonal
configuration of orbitals (the pentagonal bipyramid or planar pentagon with the
coordination numbers 7 or 5, respectively) fulfYs these conditions very well but is
not too abundant. On the other hand, the configuration of a square antiprism with
the coordination number 8 is very common. In this configuration the value of
42.~ is sufficiently small that central ions with this orbital geometry can easily
form these dimers. The formation of a four-membered ring is possible, even in the
case of the octahedral geometry with 428 = 19.5”, but distinct deviations of the
* The remaining two orbitals would lie out
may form a bond to a hydroxyl hydrogen
bond’*.
** Differences between individual idealized
high coordination numbers and they further
p. 114; Refs. 206,207).
Coord. Chem. Rev., 6 (1971) 65-93
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C ENTRAL
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Geometry of
orbitals

Coord.
nutnber

Note: 2~’ calculated for center
of the polyhedron and...

____two vertices joined by an

70.5

0

cube

8

75.0

4.5

square antiprism

8

72.0

1.5

pentagonal bipyramid

7

90.0

19.5

72.0

1.5

regular octahedron
plane pentagon

6
5

tetrahedron
square

4
4

linear L-M-L

2

109.5
90.0
180

ORBITAL

TEXT)

39

19.5
109.5

edge
. ..- two vertices joined by an
edge
. . . . two adjacent vertices of
the base
._._ two adjacent vertices
Plane figure, the angle 2s’ holds
for adjacent vertices
. . . . arbitrary two verticesJ
Plane figure, the angle 2e’ holds
for adjacent vertices
No polyhedron is formed

a Tetrahedron is derived from a cube therefore all its elements can be found in the cube. In the
case of the cube the angle cited holds true for two vertices joined by a face diagonal.

order of 10” from the ideal configuration towards the value of 2s = 70.5’ were
found.
The same value of 42~ = 19.5” is aIso valid for the square-planar geometry
with coordination number 4. Of all the hydrolyzing cations only the Be2+ ion
has this coordination number but its typical geometry is tetrahedra1208S20g.The
corresponding value of 42s = 39” is too high for the formation of a four-membered ring and the ion Be2+ does not read i1y form such a configuration On the other
hand, central atoms like Pt”*, Pd” and Au”’ with a typical square-planar coordination can form four-membered rings with halide or other 2(L)2 bridges’25V
126g210. It is possible that this fact is affected by the differences between the
behaviour of OH- and Cl- bridges.
The coordination number 2 is evidently entirely unfavourable for the formation of four-membered rings.
These considerations support the assumption of the important role of the
geometry of the valence orbitals of the central atoms in the formation of a fourmembered ring. Already these partial results indicate that there will be a large
number of cations capable of forming polynuclear hydroxo complexes because
there is certainly a larger number of central ions with orbital geometry suitable
for the formation of dimers with ,(OH), bridges than of ions which are unable to
form them.
The question arises as to what type of complexes may be formed by central
ions which do not easily form four-membered rings according to the above men* It is supposed that [PtCl&
(Ref. 62, p. 152).

contains an octahedron of Pt atoms with twelve z(C1)l bridges
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tioned criteria. They can, of course, form mononuclear complexes because there
is no geometric restriction for their formation; to a certain degree this is also true
of binuclear complexes with ,(OH), bridges so that this type of dimer is also
possible. They may also form complexes with a higher number of central ions
(3,4,6, etc., so-called oligomers) which will play an important role in the hydrolytic
genetic series if they are sufkiently stable.
However, it is very difficult to give any general conditions, even if only
geometric, for the stability of oligomers so that we shall describe here only a few
examples. Assuming that the spatial orientation of orbitals of both Be2+ ion and
the hydroxyl ligand is the same, i.e. that it is tetrahedral, the formation of the sixmembered planar ring45~46y58[BeOH],3+ requires that the angles 2.~(OH-Be-OH)
and 2q, (Be-OH-Be) would be 120”, differing thus by only about 10.5” from the
theoretical value. In the tetramer [(CH3),AuOH].+ with a square configuration of
central atoms (p. 70, this complex is not a hydrolytic one) the necessary angular
correlation is achieved by a spatial distortion of the ring, i.e. the bridges and
central atoms do not form a strictly planar* configuration; the angle 29 is equal
to 111” in good agreement with theoretical predictions. In a similar tetramer
[(CH,),GaOH],
the angle 2~ is equal to 133”; this may be caused because a tetrahedral configuration is typical of Ga”[ while a square-planar configuration of
ligands is more typical for Au”‘.
These examples indicate the possibility of stabilization of oligomers with
2(OH)1 bridges by formation of planar six- or eight-membered rings. The hydrolytic COmpkXeS
[pb4(OH)J4+,
[Pb6(OH),]4+ and wi6(OH)1z]6+ with 3(OH)1
bridges in the Grst two cases and with z(OH)l bridges in the third case (c$ p. 75
and 70) are the best studied of all oiigomers with a regular spatial configuration
of central ions. The stability of the tetrahedra or octahedra of central ions is
significantly enhanced by the participation of direct metal-metal bonds. The problem of these bonds in other oligomers of this type should be subjected to further
research.
Linear polymers with a very high (theoretically infinite) number of central
particles connected by multiple bridges are very probably only a theoretical alternative formalism used for the interpretation of experimental data2”.
From these considerations it is obvious that there will be few central ions
unable to form polynuclear hydroxo complexes?. Alkali metal or alkaline earth
metal ions reveal typically low ability to form bonds with hydroxyl ions (values
of log KhI are lower than 1.3). Included with these are such ions as Ag’ (typical
coordination number 2, log KM = 2-4), Cu+ and Au+ with an unsuitable geometry of orbit& (there are no reliable data for their afEnity for hydroxyl), Cd2+
* In these tetramersthe centralatomsdo not lie preciselyin a plane, the bridges are alternately

above and below the pair of adjacent central atoms. The structure of the trimer meOH13”+
not known but could be planar according to these considerations.
t The numerical data quoted in this paragraph are taken from Refs. 58, 63, 65.
Coon& Chem. Rev.,

6 (1971) 65-93

is

88

v. BARAN

(predominantly tetrahedral geometry, log Khl = 4-6) and the group of ions Fe2+,
Co’+ , Nit+, and Mn2+ (log Kjl does not exceed 6), the group having nevertheless
a potential ability to form polynuclear complexes in octahedral configuration.
Further, the ions Hg2+ and HgzZf have a rather high affinity for the hydroxyl
group (Jog & > 9) but their orbitals are in linear or tetrahedral configuration212.
The T13+ ion is an interesting example because it has a high affinity for hydroxyl
(log K&q= 13) and its coordination number is 4 or 6’13. Nevertheless, it does not
form polynuclear hydroxo complexes *v136*214but is able to form the complexZ1’
[C13Ti(Cl),TIC13]. With the assumption that this entity is formed from two octahedra sharing a face, the angle 2rp (TI-Cl-TI) would be theoretically equal to
77.5”, which is, however, substantially lower than the tetrahedral angle (in the
ammine Co”’ compIex with 2(OH)3 bridges the same angle has a value close to
80”, cx p. 74).
Regardless of the remarkable agreement in the grouping of central ions
according to our criteria and according to the stability of their halide complexes,
it is evidently not possible to use the electrostatic as. covalent bonding arguments
to explain the hydroxo series even if the approach has been used with great success
(but see Ref. 216) with the halides.
It seems likely that the linking of central ions by a single bridge, Z(OH), or
s(OH)r, is not very strong. Dimers with 2(OH)1 bridges only accompany other
more dominant complexes in the genetic series and entities with higher numbers of
central particles connected merely by .(OH), bridges are not known. The complexes
are significantIy stabilized by a cyclic planar (or at least flat) configuration; fourmembered rings are very abundant. In several oligomers with a regular spatial
arrangement of central ions linked by 3(OH)1 or 2(OH)l bridges further stabilization arises from additional metal-metal bonds, in addition to the closed configuration.

F.

SUMMARY

From the data it follows that the hydroxyl ion can form complexes with
most metal cations. Its bond to central ions is predominantly covalent regardless
of the type of complexes (mono- or poly-nuclear). The hydroxyl ligands very easily
form bridges, the properties of which correspond to theoretical predictions of the
tetrahedral geometry of the valence orbitals in the hydroxyl ligand. Single bridges
are probably not very strong but multiple bridges [most often 2(OH)2], together
with other factors such as the spatial arrangement of the complex, direct metalmetal bonds, x-bonds, etc., substantially enhance the stability of hydroxo complexes.
The chemical properties of the hydroxyl group are changed by coordination
so that e.g. the hydroxyl bridge could be acidic and in some cases substitution of
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is possible. Under certain conditions the
the type )OH+M+
= > OM+H+
coordination sphere could be dehydroxylated forming thereby oxo-hydroxo or,
finally, 0x0 products. In sufficiently alkaline media, insoluble polynuclear complexes of some (amphoteric) cations depolymerize into soluble mononuclear ones.
The overwhelming majority of the available data on the composition of
hydroxo complexes was obtained by indirect methods (principally by potentiometry combined with special evaluation procedures), onIy recentty have methods
been successfully applied to study directly the properties of a given hydroxo
complex (e.g. vibrational spectroscopy). No doubt their further application will
present new and more precise data for the determination of properties of hydroxo
complexes and thus even for the hydroxyl ligand itself.
In the future one might also expect further development of our knowledge
from studies of the behaviour of hydroxo complexes in non-aqueous media combined with the general development of coordination chemistry in non-aqueous
solvents.
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