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Ligand- and oxygen-isotope-exchange pathways
of geochemical interest

William H. Casey

Department of Chemistry and Department of Geology, University of California, 1 Shields Lane,

Davis, CA 95616, USA. Email: whcasey@ucdavis.edu

Environmental context. Most chemical processes in water are either ligand- or electron-exchange reactions.
Here the general reactivity trends for ligand-exchange reactions in aqueous solutions are reviewed and it is
shown that simple rules dominate the chemistry. These simple rules shed light on most molecular processes in
water, including the uptake and degradation of pesticides, the sequestration of toxic metals and the corrosion of
minerals.

Abstract. It is through ligand-exchange kinetics that environmental geochemists establish an understanding of
molecular processes, particularly for insulating oxides where there are not explicit electron exchanges. The substitution
of ligands for terminal functional groups is relatively insensitive to small changes in structure but are sensitive to bond

strengths and acid–base chemistry. Ligand exchanges involving chelating organic molecules are separable into two
classes: (i) ligand substitutions that are enhanced by the presence of the chelating ligand, called a ‘spectator’ ligand and
(ii) chelation reactions themselves, which are controlled by the Lewis basicity of the attacking functional group and the
rates of ring closure. In contrast to this relatively simple chemistry at terminal functional groups, substitutions at bridging

oxygens are exquisitely sensitive to details of structure. Included in this class are oxygen-isotope exchange and mineral-
dissolution reactions. In large nanometer-sized ions, metastable structures form as intermediates by detachment of a
surfacemetal atom, often from a underlying, highly coordinated oxygen, such as m4-oxo, by solvation forces. Ametastable

equilibrium is then established by concerted motion of many atoms in the structure. The newly undercoordinated metal in
the intermediate adds a water or ligand from solution, and protons transfer to other oxygens in the metastable structure,
giving rise to a characteristic broad amphoteric chemistry. These metastable structures have an appreciable lifetime and

require charge separation, which is why counterions affect the rates. The number and character of these intermediate
structures reflect the symmetry of the starting structure.
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Introduction

Interfacial reactions that concern environmental geochemists
fall into simple classes: they are either ligand-exchange reac-

tions, electron-exchange reactions or a mixture of the two.
Ligand-exchange reactions include dissolution of a mineral,
oxygen-isotope exchanges, adsorbate uptake and reconstruction

of the surface into a lower-energy state. Molecular questions
about the pathways for these ligand-exchange reactions cannot
be answered uniquely with bulk experiments. In these experi-

ments it is rarely clear which functional groups are present at the
surface, or how they are arranged, or how they interact with each
other and with solutes as the key bonds are activated.

At the size scale of nanometres, much can be learned from the
study of large metal-oxide ions that dissolve intact to make a
monospecific solution. The structure of these clusters can be
known with great confidence and they can be made relatively

inert and synthesised with targeted heteroatom substitutions so
that experiments to follow bond ruptures and dissociations can
be conducted with great sensitivity. Here the results describing

such reactions are reviewed and an attempt to draw conclusions
for the extended surfaces, where molecular details are difficult
to acquire, is made.

The enormous body of literature on molecules of vary-
ing denticity and size undergoing ligand-exchange and

ligand-addition reactions is drawn upon and oversimplified.[1,2]

An understanding of these reactions, and extrapolation to the
environment, must be made inductively. An understanding

derived from simple systems and solutions must be extended to
the complex processes of environmental chemistry in soils. The
extrapolation can be frustratingly qualitative, but nevertheless

these ligand-exchange reactions, particularly at mineral surfaces,
retard the ecotoxicity of pollutants, often by reducing the toxicant
lability or by making them susceptible to degradation by other

processes, such as microbial degradation or photolysis.

Simple reactivity trends for ligand- and oxygen-isotope
exchanges

Formalism

Most metals in aqueous solutions of interest to environmental

chemists are coordinatively saturated. Here saturated ismeant in
the sense of Pauling’s First Rule, relating ionic radius to oxygen
packing. Most metals in water have the maximum number of

coordinated atoms given by their radius ratios – exceptions
certainly exist for highly covalent materials (e.g. PtII, NbV), and
some are discussed below, but most materials near the Earth’s

surface are oxides with a metal that has a fixed coordination or
slightly variable number. In sharp contrast, the coordination
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number of the oxygens changes dramatically during common

aqueous reactions. Magnesium in periclase or in the brucitic
layer of a clay, for example, is coordinated to six oxygens both in
the bulk and at the interface (Table 1). The magnesium in the

[Mg(OH2)6]
2þ ion released by dissolution of these minerals is

also coordinated to six oxygens and in all cases the bond lengths
are near 2.1 Å. In contrast the coordination numbers of the

oxygens vary from one to six at simple kink sites on the surface
of MgO (in the bulk structure they are all six-coordinated) and
these all convert into singly coordinated oxygens in [Mg
(OH2)6]

2þ as the solid dissolves. Thus, transfer of a metal from a

solid to solution is a ligand-exchange process where bridging
oxygens are replaced with terminal oxygens. The number of
coordinated ligands is usually preserved.

Exceptions are not hard to find. Aluminium can exist in four-,
five- or six-coordination in solids and the aluminium ion
changes coordination from six in [Al(OH2)6]

3þ to five in

[AlOH(OH2)4]
2þ to four in the [Al(OH)4]

� ion[3] as the pH
rises. Aluminium is both four- and six-coordinated in the
oligomer [AlO4Al12(OH)24(OH2)12]

7þ. Boric acid [B(OH)3]
0

has boron coordinated to three oxygens but adds a fourth when it

becomes the borate ion: [B(OH)4]
�
. The metal SiIV can be

induced to change it’s coordination number from four to five to
six by ligation to simple sugars.[4] Ferric iron can be tetrahedral-

ly coordinated in some oxide minerals but is octahedrally
coordinated in most aqueous ions at near-neutral or slightly
acidic solutions usually found in nature.

Most, but not all, metals happily retain their coordination
number when they transfer from minerals to mineral surfaces to
aqueous ions. To understand ligand-exchange kinetics, one needs

to focus on the changing coordination of oxygens. In the formal-
ism of inorganic chemistry, atoms that bridge ‘i’ metal atoms are
denoted ‘mi’ and non-bridging ligands bonded by ‘i’ atoms are
denoted ‘iZ’ and this formalism is used throughout this article.

Thus, for example, the [AlO4Al12(OH)24(OH2)12]
7þ ion has a

structure that is familiar to chemists as the e-isomer of the Baker–
Figgis–Keggin class (Fig. 1, top). The ion has four m4-O in the

centre of the molecule, 24 m2-OH bridges and 12 1Z-OH2 or
bound waters. As a second example, the beautiful iron tetramer
shown in Fig. 1 (centre)[5] has two m2-OH bridges in the centre,

four bound waters or Z-OH2, two m3-O from the aminocarb-
oxylate ligands, four m3-N and eight m2-O from the carboxylate
ligands.Waters bound tometals in aqueous solutions are virtually
never bridging groups and they bond by single sigma bonds.

Therefore, one can dispense with the superscripts for ligated

waters and just call themZ-OH2 or ‘bound waters’ instead of the

more cumbersome 1Z-OH2. Finally, in Fig. 1 (bottom) is shown
the various oxygens in the decaniobate ion [Nb10O28]

6�, which is
examined in greater detail later.

Exchanging bound waters

The most important time scale for aqueous environmental
geochemists to understand is the movement of a water molecule

from the inner-coordination sphere of a metal to the bulk solu-
tion. Formost aqueous reactions, even thosewhere the incoming
ligand is not another water molecule, the rate-controlling step is

the movement of the metal-bound solvation water to get out of
the way. This two-step pathway is called the Eigen–Wilkins–
Tamm pathway and is so general as to become a rule of thumb

for aqueous processes. Thus rates of exchanges of bound waters
give general information about a host of other ligand-exchange
reactions. The rates reflect the strength of the metal–oxygen
bond and span a range of ,1020 at room temperature for octa-

hedral metal ions (Fig. 2). Some ions like [Cs(OH2)8–9]
3þ,

exchange their bound waters upon every collision with bulk
waters. In contrast, [Ir(OH2)6]

3þ exchanges a bound water for a

bulk water every 200 years[6] at room temperature.
Octahedrally coordinated di- and trivalent metals provide the

best examples because thesemetals have an interesting acid–base

chemistry in natural waters. Small highly charged metals with
strongbonds to the solvationwaters, likeAlIII, tend tohave slower
rates of exchange of bound waters than larger metals with lower

charge, like MgII. The charge density of the ion controls much,
but not all, of the kinetics of ligand substitution and covalency is
important for metals deeper in the periodic table, as is discussed
below, and transition metals with directional bonding.

Monovalent metal ions exchange waters much faster than
most divalent metal ions, and these themselves exchange much
faster than most trivalent ions. Tetra-, penta and hexavalent

metal ions usually no longer have bound waters unless they are
quite large, like ThIV, but either have bound hydroxides, like
silicic acid, [Si(OH)4]

0, a mix of hydroxide and oxo ligands, as

in phosphoric acid, [PO(OH)3] or oxo ligands only, as in the
sulfate ion, SO4

2�. The metal charge and size controls the bond
strengths and acid–base chemistry of the bound waters, and thus
is manifested in the rates of ligand substitution.

For transition metals, rates scale with parameters that
describe the d-electron structure, such as the crystal-field or
ligand-field energies and these are non-linear with electron

count (Fig. 3). Solvated metals with symmetric d-electron
configurations, like d5MnII in the [Mn(OH2)6]

2þ ion, or d10 ZnII

in the [Zn(OH2)6]
2þ ion, have much more rapid rates of

exchange relative to d8NiII in the [Ni(OH2)6]
2þ ion (Fig. 3).

Rates for transition metals tend to slow within a Group as one
goes deeper, hence rates around CoIII are slow but faster than

around RhIII and these are faster than rates around IrIII. This
trend in reactivity is dependable, and of course is expressed to
different extents for second- and third-row transition metals.
Rates are very slow in the spin-paired d6 [Co(OH2)6]

3þ,
[Rh(OH2)6]

3þ and [Ir(OH2)6]
3þ because distortion to form an

activated state requires much energy; the low-spin configuration
is very stable. If one can add a ligand that disrupts the low-spin

d6 electronic configuration, the rates accelerate dramatically but
these ligands are not geochemically common. Even a very
strong ligand in nature, such as CN�, is usually present in

natural waters at concentrations of 10�7 M or less. Water
molecules, however, are present at concentrations of 55.56 M.
Many solid reviews of this subject exist.[6–9]

Table 1. Metal–oxygen distances (M–O, Å) for hydrated cations, oxide

minerals and orthosilicate minerals (see Casey[104] for sources)

The distances are similar because the metal coordination number in the solid

is similar to that in the solute. One exception is ZnII, which is hexa-

coordinated in the solute but tetrahedrally coordinated in the oxide and

silicate minerals

Ion M–O Oxide M–O Silicate M–O

[Ca(H2O)6]
2þ 2.39–2.46 CaO 2.405 Ca2SiO4 2.346–2.392

[Mg(H2O)6]
2þ 2.10 MgO 2.11 Mg2SiO4 2.101–2.127

[Be(H2O)]4
2þ 1.67 BeO 1.649 Be2SiO4 1.645

[Zn(H2O)6]
2þ 2.08–2.17 ZnO 1.95 Zn2SiO4 1.92

[Mn(H2O)6]
2þ 2.18–2.20 MnO 2.22 Mn2SiO4 2.185–2.227

[Co(H2O)6]
2þ 2.05–2.08 CoO 2.13 Co2SiO4 2.123–2.134

[Ni(H2O)6]
2þ 2.04–2.10 NiO 2.095 Ni2SiO4 2.076–2.102

[Al(H2O)6]
3þ 1.87–1.97 a-Al2O3 1.86–1.97

W. H. Casey
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Scaling to large dimensions

As stated above, even such odd reactions as mineral dissolution
are really ligand-exchange reactions. In Fig. 4, the rates of dis-
solution of simple oxide and orthosilicate minerals are corre-

lated, as well as the adsorption of metals to the alumina surface,

to the rates of water exchange around the corresponding ion in
solution. These are all ligand-exchange reactions but differ
vastly in speed. Thus, for example, the dissolution rate of for-

sterite (Mg2SiO4) when the surface is fully protonated is plotted
against the rates of exchange of a bound water between the

μ2-OHB

[MO4Al12(OH)24(OH2)12]
7� ion

FeIII-bound water

μ2-OH

η-OH2

η-OH2

μ3-O

μ3-N

μ2-O

FeIII

μ2-O

μ3-O

μ2-OH

[Fe4(OH)2(hpdta)2)(OH2)4]0

ε-isomer of the
Baker–Figgis–Keggin

structures   

bound water
η-OH2

FeIII-bound water

(hpdta, 2-hydroxypropane-1,3-diamino-
N,N,N �,N �-tetraacetate)

μ2-OHA
μ4-O

[Nb10O28]
6�

A

B

F

G

E

C

D μ2-oxo (2)

μ2-oxo (8)

μ2-oxo (4)

μ6-oxo (2)

μ3-oxo (4)

η�oxo (2)

η�oxo (2)

colour  site   coord. (number)

Fig. 1. The coordination number of oxygens commonly change in aqueous reactions, so it is useful to

have a formalism that describes the coordination easily. (top) The [MO4Al12(OH)24(OH2)12]
7þ/8þ cation

(top) forms in the structure of the e-isomer of the Baker–Figgis–Keggin class, with four m4-oxo in the

centre of the molecule (green), 24 m2-OH bridges in two sets (blue) and 12Z-OH2 or boundwaters (red).

The metal substitution of GaIII or GeIV forAlIII is exclusively in the central MO4 site. (middle) A FeIII

tetramer has oxygens in red as two m2-OH bridges, four bound waters (Z-OH2), two m3-O from the

aminocarboxylate ligands, four m3-N shown in light blue and eight m2-O from the carboxylate ligands.

(bottom) The decametalate class of anions, here as a decaniobate, have three metal positions and seven

structurally distinct oxygens. A TiIV - NbV substitution is possible in the central metal site, yielding

[Nb10O28]
6�, [TiNb9O28]

7� and [Ti2Nb8O28]
8� versions. The legend to this last bottom figure has the

number of the various oxygens shown next to the abbreviation and coordination number. Thus there are

eight ‘C’ sites in the molecule and these are all m2-O bridges.

Ligand-exchange kinetics for environmental scientists
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[Mg(OH2)6]
2þ ion and bulk solution. As one can see, the cor-

relation is direct (see also Fig. 3), but of course does not mean
that the dissolution rates, which are slow, are controlled by rates
of water exchanges, which are fast. This plot tells environmental
chemists and geochemists that the same variables that affect the

rates of ligand exchange around octahedrally coordinatedmetals
in simple ions also affect the ligand-exchange reactions that
dissolve a monoatomic step at a mineral surface or in a surface

complex that has a similar general coordination chemistry. This
reactivity trend can be ruined, of course, if the material has a
robust, inert polymeric fabric that resists hydrolysis and disso-

ciation, such as a silicate chain or framework, but this trend is a
good starting place. It can be similarly ruined if the dissolution
rate is not controlled by rates of ligand-exchange reactions
affecting metal-oxide bonds, such as if the kinetics are con-

trolled by solute diffusion instead of slow bond ruptures.
So how do rates of exchange of bound waters vary as one goes

from simple monomer ions to mineral surfaces? Here is an

environmental question of the highest priority and, until this last
decade, the answer to this question was unknown. However there
have been several studies recently that specifically address the

role that oxide structure size plays in affecting the rates of
exchange of bound waters from a solvated metal. The efforts
have been both experimental and theoretical and are summarised

in Fig. 5 where rates of exchange of bound waters are shown for
simple monomer ions, intermediate-sized metal-oxide structures
and huge nanometre-sized structures that have isolated bound
waters, such as the enormous Mo72Fe30 Keplerate ion with 300

atoms. The plot also includes rates calculated for surface sites

exposed on aluminium hydroxide minerals. These points are

particularly important because they show that the simulations can
find rates that are credible for exposed bound waters. Dynamic
simulation methods called ‘rare-event’ methods are key because

exchange of a terminal ligand is still too slow for direct counting
of events in a computer (see Stack et al.[10]). These techniques
accelerate and sample the process, and give credible results,[11]

but the use of dynamic methods is essential.[10] Static ab initio

calculations are too sensitive to details of the hydrogen-bonding
structure of the nearby solvent to be useful for dynamic reactions
like exchanges at mineral interfaces[12,13] that are central to

environmental aqueous chemistry.
Rates of exchange of bound waters tend not to differ much for

a given metal with molecular size unless the change in size is

accompanied by a reduction in the average charge density, or
metal–oxygen bond strengths. The rates of exchange of waters
from .FeIII–OH2 functional groups on the Keplerate ion, for

example, are muchmore rapid than for the [Fe(OH2)6]
3þ ion, but

they are close to the rates observed for other molecules that have
similar charge densities, like Fe-aminocarboxylate and Fe–edta
(edta, ethylenediaminetetraacetic acid) complexes.[5,14] For het-

erogeneous oxide structure, bonding must be understood at the
functional-group level but size itself isn’t important unless there
is a steric hindrance that comes with the functional group. The

rates of exchange of the bound-water functional groups, in this
case the .CoII–OH2 on a nanometre-sized ion having the
stoichiometry of [Co4(H2O)2(P2W15O56)2]

16�, is very close to

the values for the [Co(OH2)6]
2þ ion. In the large structure, the

cobalts are organised into a brucite-like layer sandwiched
between two large polyoxometalate ions. Their local bonding
environment is controlled by the layered structure and is not

dramatically affected by the dense and dissimilar tungstate
groups.[15,16] Charge densities are important, not necessarily size.

At surfaces there are often reduced charge densities on the

metals, resulting in the relaxation of metal–oxygen bonding at
the mineral–solution interface and rapid rates of exchange.[11]

Wang et al.[11] used the measured values on a series of
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coefficients (k298) for exchange of a water molecule bound in the inner-

coordination sphere of a hydrated metal with a water molecule in bulk

solution. t298¼ (ln 2)/k298 (adapted from Casey and Swaddle[62] and Helm

and Merbach[6]). The most rapid rates in water are controlled by diffusion,

which is called the Smoluchowski limit, where every collision causes an

exchange event.
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for exchange of a boundwater from around an ion (e.g. [Ni(OH2)6]
2þ) and the

red symbols and left-hand axis correspond to dissolution rates at pH¼ 2 of the

corresponding orthosilicate mineral (e.g. liebenbergite, Ni2SiO4).
[105,113]
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aluminium hydroxide ions to calibrate the accuracy of estimates

for mineral surface functional groups on minerals like kaolinite
and gibbsite. They found that their sampling was accurate only
to within a factor of ,102 but that the rates of exchanges on

minerals were so fast that they approach the rates found for
ions like the alkali-metal ions; rates are near what is called the
Smoluchowschi limit where diffusion of the reactants is the rate-

controlling step. This simulation of simple ligand exchange at
terminal functional groups, or ionic salts,[10] is an area that is
ripe for rapid advancement in part because experimental data
exist to distinguish failures from successes.

Removing a proton from a bound water accelerates rates

At terminal waters, removal of a proton from a cationic molecule
is important because this reduces the overall charge of the aquo

ion and the strength of the bond between the metal and any
remaining oxygen. (Below cases are discussed where removal of
a proton reduces rates.) The labilising role of protons in an

aqueous geochemical reaction can be illustrated best by exam-
ining simple small molecules, where the Brønsted acid–base
chemistry is unequivocal. First, let’s look at what happens to one

of thewater-exchange reactions affecting a cationicmonomer ion

when a single proton is pulled off of a water bound to the com-

plex. This question, restated, is how are ligand-exchange reaction
rates affected by reduction of the overall charge of a cation?

½FeðOH2Þ6�3þ þ H2O2½FeOHðOH2Þ5�2þ þ H3O
þðaqÞ ð1Þ

The rates of ligand exchange of the first hydrolysis complex,

[FeOH(OH2)5]
2þ, is ,102 times more rapid than the rates of

exchange around the more highly charged, fully protonated [Fe
(OH2)6]

3þ.[6,17,18] The increased reactivity is general for metal

aquo ions – virtually all cations become more labile to ligand
exchange as the overall molecular charge is reduced by depro-
tonation. Fig. 6 shows sets of reactions that illustrate this
labilisation, from formation of oligomers to anation (adding

an anion), to water exchange rates. These trends were estab-
lished by using inert metals, like the low-spin d6 RhIII oxide
complexes, where the rates are sufficiently slow to con-

trol.[19–39] The kinetics of reactions that are blisteringly fast in
geochemical metals, like FeIII and AlIII, are sufficiently slow to
isolate the details with great confidence.

It is important to know the timescales. For most metals,
protons also move around oxygens in the molecules in
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Fig. 4. Rates of several interfacial reactions at 298K plotted against the pseudo-first-order rate coefficient

for exchange of an inner-sphere bound water from around the corresponding metal in solution (kH2O)

(adapted from Casey and Swaddle[62]). (a) The logarithms of dissolution rates at pH¼ 2 of simple metal-

oxide minerals having the rocksalt-oxide structure, with labels referring to the stoichiometry of the mineral

and the hydrated metal. The label ‘Mg’, for example, refers both to dissolution rate of periclase (MgO) and

the value of kH2O forMg(H2O)6
2þ. (b) Dissolution rates at pH¼ 2 of orthosilicate minerals having the olivine

and phenakite structures. (c) A similar plot for dissolution rates of carbonate minerals having the calcite and

aragonite structures,[114] with dissolution rates for 5# pH# 8 andSCO2# 10�4M. (d) The intrinsic rates of

adsorption of different hydrated metals onto the surface of g-Al2O3.
[115] The reactivity trends are similar

because all reactions reflect processes of ligand exchange around metals with similar coordination

environments.
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millisecond to submillisecond time scales, which is commonly

more rapid than rates of oxygen-isotope exchanges. In other
words, the net largest effect of the deprotonation reaction is
usually through the average bond strength of the metal–oxygen

bond. The proton visits all oxygens many times before an
isotope-exchange event formetals that exchange inmilliseconds
and longer, like the inert metals discussed above. The exchang-

ing moiety in these molecules is a bound water molecule
because it is much easier to exchange an uncharged bulk water
for a bound water than for a charged hydroxide ion where

electrostatic energy must be additionally surmounted.

Conjugate acids and bases

Sometimes an incoming ligand can donate or remove a proton

from the exchanging functional group as the exchange proceeds

and accelerate the reaction. These are conjugate acid–base

pathways. The cooperative role of a proton donation is well
illustrated for a mineral setting by simple experiments where
bound waters on complexes are created to have one- or two

bound waters within distances close enough to share protons.
Proton transfers during an exchange event have an immediate
geochemical use because bound waters on mineral surfaces can

be either isolated (vicinal ) or paired (geminal ) and these will
have profoundly different pH dependencies to exchange.

In Fig. 7 are shown the variation in the logarithms of the rate

coefficient for exchange of the bound waters on two nearly
identical RhIII bipyridine complexes[40]; they differ only by the
proximity of an acidic proton to the exchanging water. In the
molecule where there is no adjacent bound water, the rates drop

precipitously as the pH approaches the pKa1 of the molecule.
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Fig. 5. A compilation of rates for replacement of a metal-bound water with one from the

bulk for oxides having an enormous range of sizes (adapted from Ohlin et al.[116]). The

abscissa is the corresponding activation enthalpy of the reaction. A strong correlation is

evident because the entropies of activation tend to be near zero. Included in this plot are rates

estimated for sites on aluminum-hydroxide minerals and nanometre-sized clusters.[11]

The abbreviations are: Al30¼Al2O8Al28(OH)56(H2O)26]
18þ,[117–119] MAl12¼ [MO4Al12

(OH)24(H2O)12]
7–8þ, Mo72Fe30¼ [Mo72Fe30O252(CH3COO)12[Mo2O7(H2O)]2 [H2Mo2O8

(H2O)] (H2O)91].
[14,51] Rates tend to vary with metal charge, or metal-oxygen bond lengths.

Large molecules (e.g. Mo72Fe30) tend to have lower average charge densities than small

monomer ions (e.g. Fe(OH2)6]
3þ), which accounts for the more rapid rates.
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Here the bound water deprotonates to form a bound hydroxy

group. Themost suitable exchangingmoiety in these reactions is
a bulkwater, and a bulkwater most easily exchanges for a bound
water, not a bound hydroxide, because there is no charge to

compensate in exchanging a neutral water for another neutral

water. So, when a bound water is deprotonated, the rates drop

because the concentration of the exchangable moiety, the bound
water, decreases and it is harder to remove a bound hydroxide
ion from a cationic metal than a neutral bound water. (The

situation can be different at very high pH where a dissolved
hydroxide ion exchanges for a bound hydroxide, but at near-
neutral pH conditions, there are so few bulk hydroxide ions that
the rates of exchange by this pathway are slow.)

Other chemistry altogether occurs when there are two bound
waters that lie close enough to transfer acidic protons back and
forth as pH. pKa1. When the first bound water in this complex

is deprotonated, the charge of the complex decreases so that the
metal–oxygen bond strengths are weaker, but it is now possible
for the remaining boundwater molecule to donate a proton to the

nearby bound hydroxy group.When the pH approaches the pKa1

of the molecule, the rates of isotopic exchange soar by almost
,104 (Fig. 7) and peak when pKa2. pH. pKa1. It is only when
both bound-water functional groups are deprotonated at pH.
pKa2 that the rates decline with pH, as they did for the molecule
with a single bound water.

Bridging oxygens

Whereas the rate of exchange of bound waters, or virtually any
terminal ligand with 1Z bonding, seems to be somewhat pre-

dictable in water, the rates of exchange of the bridging oxygens
are exquisitely sensitive to details of the structure and bonding.
Pioneering work on small molecules was performed by scien-

tists such as Murmann, Spiccia, Springborg and Swaddle, who
constructed hydroxy-bridged molecules out of inert metals such
as CrIII, CoIII, RhIII and IrIII, or even aluminosilicate oligomers,
and then worked out the rate laws for hydrolytic reactions that

cleave and form the molecules.[2,8,20,23–35,41–48]

Data for these small molecules that can really help us
understand the role that protons play in labilising reactions like

isotope exchanges and dissociations. In Table 2, for example,
equilibrium constants are shown for CrIII-oxide clusters of
varying sizes (see the works of Spiccia[19,20] and Spring-

borg[48]). For anions, the polyoxometalate community[49–59]

has long worked to establish reaction pathways in nanometre-
size ions, usually anions of Group V and VI metals.

In general, knowledge about the reactivity of bridging oxy-

gens varies inversely with their coordination number. Usually
more highly coordinated oxygens (e.g. m3-O(H), m4-O, m6-O)
react more slowly than lower-coordinated oxygens, such as

m2-OH bridges, although some exceptions can be found. The
differences between different oxygens can be quite profound.
Murmann and Shelton[60] and Rogers et al.,[61] for example,

studied oxygen-isotope exchange in themolybdenum(V) cluster
(H2O)3(Z-O)Mo(m2-O)2Mo(Z-O)(OH2)3

2þ and found that the
characteristic time for exchange of the m2-O groups with bulk

solution is over 100 h at 40 8C, but the singly coordinated oxo
groups (Z-O) exchange within minutes even at 0 8C and the
Z-OH2 sites exchange in a few milliseconds or less at 25 8C.
Similarly, the oxygens in silicate clusters react in sub-second

time scales in small monomers, dimers and trimers, but are very
slow or inert in the large, more rigid, silicate octamer.[41,42,62–76]

Protonation of oxygens is key to understanding the pH

variation of the rates but the location of the proton and the
charge of the molecule controls its effect. A key path for
hydrolysis and isotope-exchange reactions in small oligomers

involves protonating the m2-OH bridges to form m2-OH2, which
are very weak. Even as a transient bridge, they lend themselves
to facile exchange for a bulk water molecule or complete
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Fig. 6. A wide range of ligand-exchange reactions are labilised by

deprotonation and the presence of structural hydroxide ions, which are

stronger Lewis bases than bound waters. These include (top) hydrolytic

condensation of CrIII complexes into oligomers; (middle) condensation of

inert-metal oligomers into higher-molecular weight oligomers; and (bottom)

water-exchange rates, intermolecular condensation reactions and CrIII–RhIII

dimer condensation and sulfate addition (see discussion and citation of

original sources in Casey et al.[120]).
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dissociation of the molecule. An isotopically distinct water

leaves the oligomer and is replaced by a bulk water that either
deprotonates if the molecule is to remain stable, or dissociates at
the bridging water as another water molecule adds to the

outgoing metal.
The relative fraction of m2-OH2 and m2-OH is controlled by

the solution pH as this acid–base chemistry introduces a distinct
pH dependence to an otherwise slow and pH-independent

reaction rate. The m2-OH2 group is a much stronger Brønsted
acid than the Z-OH2 sites in hydroxo-complexes (compare

Tables 2 and 3), which means that it is experimentally difficult
to determine a protonation constant at these key oxygens, even
for molecules for which the structure is unequivocal. (Here is
one disadvantage of using only small molecules to infer
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Vicinal sites; slow
H H H H

H
HH O O O

HH HH
H

H H HHH H
O

OOO
OO O

M M

MMM

O

Geminal sites; fast

�1

�2

�3

�4
lo

g(
k

ob
s)

C
on

ce
nt

ra
tio

n 
fr

ac
tio

n

�5

�6

�7

�8

�1

�2

�3

�4

�5

�6

�7

�8

1413121110987

pH

654321

1413121110987654321

0

0

0.2

0.4

0.6

0.8

�(OH2)2 �(OH)(OH2) �(OH)2

�OH�OH2

1.0

0

0

0.2

0.4

0.6

0.8

1.0

Fig. 7. The rates of exchange of terminal ligands are easiest when they can be converted to an exchangeable water molecule and this

depends on the local site structure.[40] On the left are the pH dependencies for oxygen-isotope exchange into twomolecules that differ

only in the proximity of a tranferable proton. In the top case, the rates of isotopic exchange drop precipitously when pHEpKa1. At the

bottom rates increase by orders of magnitude when pH–pKa1 because charge is reduced and the adjacent water can donate a proton to

facilitate the exchange with a bulk water. The reaction is illustrated in cartoons on the right.

Table 2. Deprotonation constants of terminal water molecules in CrIII

complexes as a function of the number of metals in the complex at

I5 1.0 m[34,38,106]

Stoichiometry pKa1 pKa2 pKa3

[Cr(H2O)6]
3þ Monomer 4.29 6.1

[Cr2(OH)2]
4þ Dimer 3.68 6.04

[Cr3(OH)3]
5þ Trimer 4.35 5.63 6.0

[Cr4(OH)6]
6þ Tetramer 2.55 5.08

Table 3. Deprotonation constants of l2-OH ligands in

bridged CrIII ammine dimers as a function of different

ligands at the non-bridging sites[48]

Note that the m2-OH2 bridge is a much stronger Brønsted acid

than the Z-OH2

Stoichiometry pKa

Singly bridged dimers

cis-[(NH3)5Cr(m2-OH)Cr(NH3)(enH)]
6þ 6.36

[(NH3)5Cr(m2-OH)Cr(NH3)5]
5þ 7.63

trans-[(NH3)5Cr(m2-OH)Cr(NH3)4(OH) ]
4þ ,9

cis-[(NH3)5Cr(m2-OH)Cr(NH3)4(OH) ]
4þ .16

cis-[(NH3)5Cr(m2-OH)Cr(NH3)4(NCS) ]
4þ 10.6

trans-[(NH3)5Cr(m2-OH)Cr(NH3)4Cl]
4þ 11.4

cis-[(NH3)5Cr(m2-OH)Cr(NH3)4F]
4þ 13.4

Doubly bridged dimers

(NH3)4Cr(m2-OH)2Cr(NH3)4
4þ ,12

W. H. Casey
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geochemical reaction pathways – small molecules can’t hold

together like the large, nanometre-sized structures described in
the next section).

However, from these studies of aqueous complexes it is clear

that the Brønsted properties are very sensitive to small changes
in structure and to ligand substitutions. For example, the
protonation constant for m2-OH bridges in the trans-[(NH3)5
Cr(m2-OH)Cr(NH3)4(OH)]

4þ molecule is ,107 smaller than

for the cis-[(NH3)5Cr(m2-OH)Cr(NH3)4(OH)]
4þ molecule,

although these molecules differ only in the position of the
Z-OH� site (Table 3). The effects that ligand substitutions have

on the dissociation rate can be direct if the ligandsweaken bonds
between the metal and the bridging hydroxy molecule. The
influence is indirect if the ligand changes the Brønsted proper-

ties of the hydroxy bridges so that they become more (or less)
susceptible to protonation and hence proton-promoted cleavage.
For mineral surfaces, this means that anion adsorption may
accelerate dissolution because the reduced surface charge

allows formore protons to adsorb. Ligand- and proton-promoted
dissolution processes are usually treated as independent by
aqueous chemists, but they may be intimately linked.

Activation energies for dissociation are also measurably
reduced by protonation. For example, the enthalpy of activa-
tion for dissociating the [(NH3)5Co(m2-OH)Co(NH3)5]

5þ

dimer is 84 kJmol�1 for a pH-independent pathway, but is
reduced to less than 50 kJmol�1 for reaction by the proton-
promoted pathway (see Springborg[48] and Casey and

Sposito[77]). This proton-promoted pathway for breaking a
bond is most relevant for environmental chemists because
they usually conduct their dissolution and desorption studies
in acid solutions and use pH as a key variable, which

confounds the simple interpretation of activation energies.[77]

Protons catalyse bond cleavage if they are recycled after the
reaction. Induced reactions are more common in geochemis-

try because the hydrated monomers (e.g. [Co(H2O)6]
3þ)

released by dissociation of a dimer (or dissolution of an oxide
mineral) are weaker Brønsted acids than the m2-OH2 bridge.

Once the oligomer has dissociated, the labilising protons are
retained by the monomers in their hydration-sphere waters to
undergo normal exchange – there is no catalysis. The contri-
bution of protonation enthalpy to the activation energy maps

directly to dissolution kinetics of oxide minerals, where the
Brønsted reactions are measured as surface charge.[77] Thus it
should not be surprising that the experimental activation

parameters in a typical soil or geochemical study, such as
dissolution of a mineral, vary with pH. The contribution of
enthalpy from Brønsted acid–base reactions is merely becom-

ing evident in the lumped experimental parameter.

Chelating ligands

Most metals important to aqueous environmental chemistry

are high in the periodic table and thus bond well to hard Lewis
acids like oxygen. First-row transition metals can also bond to
reduced nitrogens in amine functional groups or to reduced

sulfurs in thiol moieties. The stability of the ligand to complex
the metal can be greatly enhanced by organising the bonding
functional groups into a chain, which eliminates the entropy
of adding each monomeric ligand to a binding site. There are

many good examples, but the ligation of ammonia to CuII

provides a good quick illustration. The logarithm of the equi-
librium constant to bond four NH3 ligands to CuII is

log b4¼ 13.0. If two of the bonding nitrogens are linked with

a carbon backbone (making ethylenediamine) the equivalent

equilibrium constant to bond CuII with four nitrogens is
log b2¼ 19.6 and if all four nitrogens are linked together in a
single molecule, the equilibrium constant is logK¼ 20.1. Thus,

the chelated metal is much more stable than the same metal
bonded to monomeric ligands .

When one speaks of the kinetics of chelation reactions there
are really two separate reactions of concern, at least to a first

approximation. First there is the labilising effect of the stable
chelate on other ligands in the molecule. For example, addition
of oxalate chelate ([C2O4]

2�) to AlIII causes the remaining

bound waters in the [AlC2O4(OH2)4]
þ to increase their rates

of ligand exchange with bulk waters substantially . The oxalate
here is a ‘spectator’ ligand and their influence on the reaction

kinetics is predictable, at least if the ligands aren’t so large as to
fully encapsulate the metal, using the same reactivity trends
described above for monomeric ligands. For bound waters, the
largest effect of the spectator ligand arises from the reduction of

complex charge and the corresponding reduction in metal–
oxygen bond strength in adjacent ligands. The effect needn’t
be ionic – addition of a bonded amine ligand to a metal can

labilise bonded waters to increase their rates of exchange with
the bulk waters simply by donating charge to the metal cova-
lently. The enhanced labilities are almost invariably accompa-

nied by lengthening of the keyM–OH2 bond length and the large
aminocarboxylate ligands like EDTA provide wonderful exam-
ples. Rates of water exchange in these complexes of FeIII are on

the timescale of ,107 s�1,[78–80] many orders of magnitude
faster than the [Fe(OH2)6]

3þ ion (,160 s�1[6,17]). Some of these
ligands even increase the coordination number of FeIII from six
to seven, further weakening the remaining M–O bond strength

to water and enhancing the rates of substitution at that site.
Obviously packing of atoms around the metal disrupts hydrogen
bonding in the solvation sphere, which modifies the mechanism

of exchange, but these too are understood. Mechanism in this
sense means the extent to which the incoming exchanging bulk
water forces the coordination sphere to distort.

The second type of reaction concerning chelating organic
ligands is the rate at which the molecule fully forms its chelated
structure by successive ligand exchanges. For a multidentate
ligand like EDTA there are obviously many ligand exchanges

that can affect a metal and the reaction pathways are complica-
ted (see Margerum et al.,[1] for a dated but still useful review).
The mechanism of chelation are successive attachments of the

ligands, closing rings of atoms with bonding to the metal. The
kinetics of these reactions are difficult to detail for such multi-
dentate ligands because so many processes must be followed –

for each bonded ligand and for the large molecule as a whole.
However, the pathways for these reactions have been well
studied in simpler systems, such as bidentate chelates, and they

are discussed below to illustrate the key chemistry, again with
the caveat that this presentation is in no way complete.

For multidentate chelating ligands, these sometimes have
arms that could be bonded, but aren’t. EDTA has four acetate

groups and two ternary amine groups that could bond to a metal,
making six in total. A pendant arm, for example, might be an
unbonded acetic acid moiety on the EDTA that flops around in

solution whereas the other three acetates are firmly bound to
FeIII, making a complex like [Fe(EDTA)OH2]

�(aq). The bound
water will be quite labile for reasons discussed in the preceding

paragraph and occupies the single octahedral site around the
metal that is not taken up by functional groups from the chelate.
This stoichiometry is only possible because one of the four

Ligand-exchange kinetics for environmental scientists
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acetates in the EDTA4� ligand is unbonded, or pendant

(Scheme 1, adapted from Maigut et al.[79]).
To a first approximation, ligation for a multidentate ligand

involves two steps: (i) initial ligand exchange to add a bonded

atom and (ii) ring closures as the other ligands attach stepwise.
One of these two steps usually controls the overall process and
small five-atom chelate rings are usually most stable. This
chemistry is well probed in simple systems and one of the most

detailed is the formation of diol complexes of boron. Boron
(BIII) is special among metals because it, like AlIII, changes
coordination number easily in aqueous solution.

The [B(OH)3]
0 molecule is trigonal and the borate ion,

[B(OH)4]
� is tetrahedral; thus boric acid is an oxyacid that

doesn’t just take up and lose protons, like [H2PO4]
� and

virtually all other oxyacids, but by adding a hydroxide ion to
the inner-coordination sphere of [B(OH)3]

0. This change in
coordination has been exploited to understand better the general
processes of chelation by various substituted diols, both

aliphatic and aromatic.[81–87] The detail available from these
studies is superb because the change in boron coordination
yields a distinct 11B NMR signal and because the authors can

modify both the ligand diol and metal complex systematically
for stopped-flow kinetic studies.

This reaction has two steps: (i) displacement of a bonded

hydroxide by an incoming oxygen on the chelating diol (e.g.
catechol) and (ii) addition of another atom to the BIII to make the
four-coordinated complex (Scheme 2). For most geochemical

metals, this step would displace an existing bound water but
conserve the overall coordination number of themetal – it would
not be a ligand addition but a ligand exchange. Early work
argued that the rate-controlling step was collapse of the second

bonding oxygen in the diol (e.g. catechol), thereby increasing
the coordination number of BIII. Evidence for this conclusion
was found in the strong correlation of rates with Brønsted

acidities of the incoming bidentate ligand (a diol), clearly

indicating that proton transfer, which is evidently important in
Scheme 2, was involved in the rate-controlling step. The rates of
complexation increased when the ligand protons were easily

displaced and added to an outgoing hydroxy group as a water
molecule.

However, a revision was later required through experiments
with boron complexes that could be structured such that the

metal was forced to exist in either tetrahedral or trigonal BIII, but
not switch coordinations. In these cases it was concluded that the
first step, ligand addition, actually controlled the reaction rate

and that once this attackwas successfully accomplished, the ring
collapse was fast, forming the chelated complex.

For environmental chemists, among the most important

natural chelating ligands that have a defined structure are the
siderophores, which are used to sequester nutrient iron in soil
solutions where the solubility of ferric hydroxide solid is so
vanishingly small. The architecture of these molecules is some-

what similar to EDTA in that six ligands are conjoined by a
carbon backbone to completely encapsulate FeIII. There are two
particularly interesting classes of siderophores, the tris-hydro-

xamate siderophores and the tris-catecholate siderophores
(others exist[88]). The catecholates have three sets of bidentate
catechols, with coupled functional groups similar to the reaction

shown in Scheme 2 for boron reactions. The hydroxamates are
also three sets of bidentate ligands, but in this case they are
coupled –C¼O and –N–OH functionalities. The molecules

themselves are often large structures and these are also used
as drug candidates for diseases of iron overload, such as
Thallasemia. The most common being desferrioxamine, in a
commercial form known as Desferal.

The kinetics of ring-formation in desferrioxamine around
FeIII have been determined by experiment[88] and are consistent
with the rate-controlling step being a leaving water molecule

bound to the FeIII metal. For example, the second-order rate
constant for chelation by desferrioxamine to [Fe(OH2)6]

3þ is
0.2 M�1 s�1 but increases by a factor of ,103 when the pH is

raised so that the first hydrolysis product, [FeOH(OH2)6]
2þ,

dominates, as one expects if the elimination of a bound water
were important to ring closure. Subsequent ring-closure steps
proceed at approximately the same rates, which indicate that

these reactions are not limited by water-loss rates. The side-
rophores are effective at transporting FeIII because all six
coordination sites around the metal are bonded to functional
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groups in the chelate. The stepwise rate for the bidentate models

of a trisbidentate catecholate siderophore (here, TIRON¼ 1,2-
dihydroxy-3,5-benzenesulfate) are typical. Here one can start
with the hydrolysed iron[88]:

½FeOHðOH2Þ6�2þ þ LHx ! ½FeLðOH2Þ4�ð3�xÞþ þ ðx� 1ÞHþ;

k1 ¼ 1:7� 103

½FeLðOH2Þ4�ð3�xÞþ þ LHx ! ½FeL2ðOH2Þ2�ð3�2xÞþ þ xHþ;

k2 ¼ 3:2� 103

½FeL2ðOH2Þ2�2þ þLHx ! ½FeL3�ð3�3xÞþ þ xHþ; k3 ¼ 7:7� 103

Kinetics in the full encapsulating siderophore may be differ-
ent, but this example shows that chelation steps are not particu-

larly accelerated by the pre-existence of a bidentate chelate in
the complex. The Lewis basicity of the first chelate is not
sufficient to accelerate subsequent chelation steps – the rates,

to a first approximation, are the same for each step. Reversal of
the chelation reaction commonly involves a reduction of the
FeIII to the more labile FeII, for which the trischelates havemuch

lower affinity – this is reductive dissolution when applied to
minerals but is reductive dissociation for chelate complexes.

In summary, there are clear messages for environmental
scientists from these superbly detailed studies. First, molecular

details of the activated complex and rate-controlling steps are
hotly debated, even for these well probed BIII reactions where
donors and acceptors can be adjusted systematically. There is no

wisdom to be gained by speculating about rate-controlling steps
at the molecular scale for geochemical reactions without mar-
shalling a similar armoury of such data first. The only possible

justification for such speculation is to establish large-scale
predictions for entire classes of molecules that differ systemati-
cally from one another. Thus, for example, knowing about the

kinetics of reactions in hexadentate aminocarboxylate ligands
might be useful for predicting the reactivities of tetradentate or
pentadentate chelates.

Second, much more important than the molecular details are

the causes of slow kinetics in natural waters, which aren’t
controlled by such things as pendant arms and changes in
coordination. Experimentally, ligand-exchange and ligand-

addition reactions involving chelated metal complexes are fast,
even reactions such as those in Scheme 2 where the metal
coordination changes. Chelation at mineral surface atoms will,

of course, be slower because of the steric hindrances, but the
time scales are, at most, minutes to a couple of hours or there are
other reactions involved. Steric hindrances are also expected to

affect rates in large natural polyelectrolytemolecules like humic
acids. Usually if complexation reactions are slow, it is because
there is either a slow, unknown solute-transport step that is
limiting the reaction rate, or the activities of the free metal and

free ligands are small because of competing fast reactions.[89]

This latter condition is worth more discussing further.
Reactions that are inherently fast in the laboratory are often

grindingly slow in the field. The reasons aren’t exotic – rate laws
for polydentate complexation are usually expressed in terms of
uncomplexed (free) metals and ligands, which can be kept high

in experimental solutions but are never so in natural waters.
Natural waters have an ensemble of metals and ligands that
compete with one another and a good rule of thumb is that weak
bonds form quickly and strong bonds form slowly.

In a multicomponent solution like seawater, free metals or

free ligands bond quickly to one another and, once bonded, are
unavailable for further chelation. Thus, complexation of any
metal or ligand that is added to a natural water experiences a

cascade of stepwise reactions. Weak ligands bond quickly, but
are then displaced by stronger ligands at rates that are propor-
tional to the small free concentration. Polydentate metal com-
plexes do a poor job of associatively affecting other such

complexes. Similarly, strong multidentate ligands bond to
abundant metals and are slowly displaced by metals that form
stronger bonds to the functional groups in the chelating ligand.

Thus, for example, CaII is abundant in seawater and scavenges
added EDTA immediately. Bonding in the EDTA is through
the acetate oxygens and is relatively weak. With time, the CaII

is displaced by transition metals like FeII or NiII, which form
even stronger bonds to EDTA by the oxygens and the amine
nitrogens, but exist at much lower concentrations in natural
waters. The final thermodynamic state is reached by a slow

cascade of complexation, release and re-complexation
reactions.

These slow kinetics have enormous implications for the

degradation of pollutants on the human lifescale. EDTA, our
example chelating agent, is a pollutant that degrades photolyti-
cally when complexed to a metal that allows one-electron

oxidations, like FeIII. Photodegradation of pollutant EDTA is
diurnal and requires the Fe–EDTA complex, but the ligand is
partitioned amongmanymetals in natural waters, most of which

are photolytically inert.[90,91]

A final caveat

Above is presented an essential ionic view of these reactions,
which is wrong in detail and often very wrong. One case has
already been touched upon, where the labilities of bound ligands

on metals within a single Group decrease (e.g. CoIII, RhIII and
IrIII), which requires a more sophisticated understanding of
bonding than is provided here as metal charge densities. Simi-
larly the presence of multiple-bond order in oxo complexes,

such as [UO2]
2� or [WO4]

2�, is a quantum-mechanical phe-
nomenon. Even the lability of NiII complexes upon addition of
additional NH3 ligands can illustrate the point well (Table 4).

The rates of exchange of a bound water increase by factors of
10–100 upon addition of each additional ammonia to the inner
coordination sphere, forming a series of [Ni(NH3)x(OH2)6�x]

2þ

complexes of identical overall charge. The bound waters are
labilised because of charge donation from the nitrogen to the
metal that weakens bonds to the inner-sphere water. Such an
effect is inherently covalent and requires a better understanding

of bonding than has been imparted above by emphasising only
charge densities, but there exist superb reviews.[7]

Larger oxide structures

Smallmolecules allow superb resolution of the kinetic processes
at work, but provide limited insights into the oxide structures

that concern geochemists and soil chemists, like the nanometre-
size structures on mineral growth and dissolution features.
However, work on isotope-exchange reactions in nanometre-

sized clusters over the last decade has provided guidance to
understanding reactions at these larger structures. What scien-
tists have learned is that the pathways for ligand- or isotope-

exchange reactions involve metastable equilibria and that there
exist a few sets of rules to understand how these form and react.
These are discussed in the next section.
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Some macroscopic reactivity trends

As discussed earlier, the dissolution of an oxidemineral in water

proceeds by a series of ligand-exchange reactions that replace
bridging oxygens with terminal waters until a solvated ion is
released. One should be able to explain the broad reactivity

trends as long as there are no redox steps that might affect
reactivities. It shouldn’t be surprising that the rates of dissolu-
tion of fully protonated oxides scale like the inherent reactivity

of the constituent metals to ligand exchange (Fig. 2). There are,
however, some unique features of dissolution of a mineral.
These can only be understood by examining the pathways for

oxygen-isotope exchanges and ligand exchanges in nanometre-
size oxide ions. These include:

(1) Reactivities often express average composition. For dense,
nonporous minerals without a strongly anisotropic or poly-
merised structure, the dissolution rates tend to reflect the
average mineral composition, not the reactivities of indi-

vidual metal–oxygen sites. One can obviously make a
structure with functional groups that act independently.
For example, it is possible to sandwich a brucite-like layer

between two lacunary tungstate polyoxometalate ions. In
this case, functional groups on the sandwiched metal–
hydroxide layer remain largely unaffected by the confining

tungstate ligands. The sandwiched moiety is so profoundly
distinct in structure and bonding compared to the ligating
tungstate ions that it reacts as a separate structural compo-

nent. However, what is most striking is the opposite
observation – in cases like the orthosilicate minerals and
simple oxide solids, where the structure is not heteroge-
neous, the reactivity is an expression of the average com-

position. This result is stunning.
Consider the examples shown in Fig. 8. The pure com-

pounds, here orthosilicate minerals like liebenbergite

(Ni2SiO4), exhibit exactly the reactivity trends one expects
from ligand exchange for the first-row transition metal ions,
like [Ni(OH2)6]

2þ – there is perfect correlation between the

rates of dissolution of the solid and the rates of exchange of
bound waters around the corresponding hydrated ion, as was
seen in Fig. 3. What is important is the similar trend in
reactivities, not the absolute values,which differ enormously.

However, if one makes an orthosilicate mineral that has
the stoichiometry of CaMgSiO4 (monticellite) and examines

the dissolution kinetics, one doesn’t see the CaII removed

quickly from the exposed surface and theMgII reacting more
slowly. Instead one sees a dissolution rate that is theweighted
sum of contributions from each metal (Fig. 8).

(2) Dissolution rates are broadly amphoteric, meaning that the
rates increase when the surface is a proton donor and when
the surface is a proton acceptor. Practically, this means that
rates go up at low pH and high pH conditions, sometimes

with a region at intermediate pH conditions where the rates
are nearly independent of pH. The exact location of this
minimum depends upon the average proton affinity of the

surface or the molecule. These broad amphoteric reactivity
trends are commonly found when any oxide reacts with
water. Hydrolysis of esters, isotope-exchange reactions in

sugars etc all exhibit a broad amphoteric chemistry.
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Fig. 8. Dissolution rates of orthosilicate and oxide minerals exhibit an

averaging of reactivity according to composition. Here, orthosilicate miner-

als with intermediate compositions (yellow) exhibit a dissolution rate that is

the weighted sum of rates for each end member.[121] One doesn’t react away

the most labile metal and leave the resistant metal to dissolve at its slow rate

from the surface; an intermediate composition yields and intermediate rate.

Table 4. Rate coefficients (k298) for exchange of a single water molecule from around NiII–ligand complexes[1,107–112]

Complex k298 (s
�1) Complex k298 (s

�1)

[Ni(H2O)6]
2þ A 0.32� 105 [Ni(NH3)(H2O)5]

2þ A 2.5� 105

[Ni(NH3)2(H2O)4]
2þ A 6.1� 105 [Ni(NH3)3(H2O)3]

2þ A 25.� 105

[Ni(en)(H2O)5]
2þ B 4.4� 105 [Ni(dien)(H2O)3]

2þ B 18.� 105

[Ni(trien)(H2O)2]
2þ B 29� 105 [Ni(en)2(H2O)2]

2þ B 54.� 105

[Ni(bpy)(H2O)4]
2þ C 0.49� 105 [Ni(bpy)2(H2O)2]

2þ C 0.66� 105

[Ni(tpy)(H2O)3]
2þ C 0.52� 105

[Ni(ida)(H2O)3]
2þ D 2.4� 105 [Ni(H2O)(edta)]

2– D 7� 105

[Ni(H2O)5Cl]
þ E 1.5� 105 [Ni(H2O)3(NCS)]

3– E 11� 105

[Ni(2,3,2-tet)(H2O)2]
2þ F 40� 105 [Ni((12[ane]N4)(H2O)2]

2þ F 200� 105

AAmmonia.
BTertiary amines.
CPyridines.
DCarboxylates.
EInorganic ligands.
FMacrocycles.
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(3) Counterions sometimes affect oxide dissolution rates to a

measurable extent. Much was made of this effect in transi-
tion-state models of mineral hydrolysis where it was
assumed that the counterions are somehow directing

electron-pair bonds to a transition state.[92] The truth is
much more prosaic and derives from studies of isotope
exchanges and electron exchanges (e.g. Czap et al.[93]), in
oligomers and nanometre-sized oxide ions. As we discuss

below, isotope-exchange into a structural bridge in these
molecules requires formation of an intermediate structural
form with lowered symmetry and accessible oxygens.

Because charge separation is required in forming the inter-
mediate, counterions can affect the rates by the extent of
intermediate formation.

Oxygen-isotope exchanges in nanometre-size structures

Even an ion with 40–100 atoms already exhibits the same
general reactivity trends discovered above from mineral-
dissolution studies. Oxygen-isotope exchanges proceed by

complicated pathways that would be nearly impossible to arrive
at by visual examination of the structure, guessing the reaction
coordinate and calculating a barrier height based on the guessed

coordinate. In the two examples described below, the ions are
the same size, or larger than, the cluster models used to simulate
glass and mineral dissolution or the kink sites in step-flow

models of the mineral surface.

Oxygen-isotope exchanges in polyoxoaluminum cations

The first set of molecules is the MAl12 series of aluminium
ions that have the e-Keggin structure (Fig. 1, top) and the

stoichiometry: [MO4Al12(OH)24(H2O)12]
7–8þ, where the central

metal is M¼AlIII, GaIII or GeIV. The structure consists of four
planar trimeric Al3(OH)6 groups that are linked to the central M

site by four inert m4-O. These molecules have a water molecule
bound to each of the external aluminium atoms (twelve in total)
and two distinct sets of twelve m2-OH correspond to the shared

edges of Al(O)6 octahedra. Unchanging isotopic signals in these
m4-O sites indicate that themolecule remains intact as the isotope-
exchange reactions affect other sites. These four m4-O only lose
their isotopic uniqueness if the molecule completely dissociates

and then reforms, so one can state with confidence that the m2-OH
are undergoing isotopic exchangewith the solution from an intact
molecule. Unsurprisingly, rates of isotopic exchange of the bound

waters are nearly identical across the series (k298 ,103 s�1) and
the pH dependencies are simple, consistent with our discussion
above – exchange of terminal watermolecules are not sensitive to

minor details of the structure but reflect a reduced charge density
on the AlIII that weakens the Al–O bond. These rates are
insensitive to isovalent substitutions into the ‘M’ site. Even an

increase in charge uponGeIV substitution for AlIII has only a very
small effect because the net difference in ion valence (þ8 v.þ7)
is distributed across a structure with a diameter of ,1 nm. The
difference in average charge density is small.

In contrast, rates of oxygen-isotopic substitution into m2-OH
are enormously sensitive to the cation in the inert core, and span
a range larger than,107 in the order: GeAl12.Al13.GaAl12.

Thus one is left with an apparent paradox – rates of exchanges
into some bridging oxygens, the m2-OH, are enormously sensi-
tive to a metal substituted in the inert core, which is far removed

from the reaction.
The reason isotope exchanges into the twelve m2-OH are

sensitive to structure is because the molecule equilibrates with

a metastable form that is required for the isotopic substitution to
occur.[94] The stable condensed form of the e-Keggin structure,
with Td symmetry, probably allows no steady oxygen-isotope

exchanges. For isotopic exchange, the Td form must partly
dissociate to create a loose, dimer-like cap. This cap then
dissociates further at one of the m2-OH to form an m2-H3O2 bridge

that allows facile exchange of the bound water with an isotopi-
cally normal water from the bulk.[94,95] Replacement of a water
in the m2-O2H3 bridge probably proceeds in millisecond time

scales, like replacement of a boundZ-OH2 in the stablemolecule.
What is important is that the overall rate of the oxygen-

isotope exchange reaction is controlled by the extent that this

metastable structure forms. This extent, in turn, reflects the
strength of the M–m4-O bonds. A strong M–m4-O bond, as when
M¼GeIV, causes the trans AlIII–m4-O to weaken and allows
more facile dissociation. A weak M–m4-O bond, as when M¼
GaII, causes the trans AlIII–m4-O to strengthen and suppresses
intermediate formation. The extent of formation of the dimer-
like structure controls the rates of observed isotope exchanges.

At some point after the exchange, the metastable structure
collapses back into the stable e-Keggin form.

The key point for environmental chemists and geochemists is

that the pathways for bond ruptures at the molecular scale
involved concerted motions of many atoms, forming an unan-
ticipated intermediate. The form could not be intuited by
uninspired ab initio simulation of an imagined transition state

using a cluster of atoms intended to capture the essence of the
surface of an extended oxide. The energy landscape was too
complicated to intuit and, in this case, the reaction pathway was

identified by molecular dynamic simulations where the land-
scape could be sampled by a realistic ensemble of atoms. The
discovery of this intermediate pathway demonstrates the power

of coupling molecular-scale experiments to simulations of the
same aqueous reaction.

Rate of dissociation
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Fig. 9. The rates of steady oxygen-isotope exchanges for all seven

structural oxygens in the [HxNb10O28]
(6�x)� ion, with the data coloured to

identify each structural oxygen. As one can see, the rates span,104 but all

oxygen sites exhibit the same pH dependence, indicating that all atoms are

involved in an isotope-exchange event. The slow rates of dissociation of

the molecule could be independently measured and exhibit the same pH

variation as the steady oxygen-isotope exchanges.[96,97,99–101,116]

Ligand-exchange kinetics for environmental scientists

13



Decametalate anions

A second series of anionic molecules can show how oxide
reactivity, at least for oxygen-isotopic exchanges, is affected by
protonation. The decaniobate [HxNb10O28]

(6�x)� ion (Fig. 1,

bottom) has seven structurally distinct oxygens inD2v symmetry
that react so slowly that oxygen-isotope exchanges can be
followed at each site using 17O NMR spectroscopy[96–101] over
weeks. The effect of molecular charge on reaction kinetics and

protonationwere assessed bymaking a series of structures having
the stoichiometries: [HxNb10O28]

(6�x)�, [HxTiNb9O28]
(7�x)�,

and [HxTi2Nb8O28]
(8�x)� by single-atom TiIV substitution for

NbV in the centre of the molecule. These molecules are all made
isotopically enriched in 17O so that decreases in the 17O NMR
signal from each structural oxygen can be used to gauge rates of

isotopic equilibration of that oxygen apart from all others in the
structure.

As in the case for theMAl12molecules, there is an inert oxygen

site in the molecule that tells one when the molecule dissociates
fully – it is a central m6-O with a sharp and distinct 17O NMR
signal[96–101] and, when the signal for this oxygen diminishes,

it is clear that the molecule is dissociating. Slow diminution of
the 17O NMR signal for the central m6-O site unequivocally
indicates that the decaniobate ion is slowly dissociating.

Experiments show that rates of dissociation increase with pH,
at least for the decaniobate ion, and the dissociation rate is
much slower than the rates of steady oxygen-isotope exchanges
at the other six oxygen sites in the structure. The rates themselves

differ by at least a factor of ,104 across the molecule. Each
oxygen-isotope exchange rate varies similarly with pH (Fig. 9)
and similarly to the pH dependence for dissociation of the

structure.[99–100]

The shape of that pH dependency is important and is
controlled by modifying the overall anionic charge of the

molecule by heteroatom substitutions. The best estimate of the
protonation chemistry is shown in Fig. 10, where it is perhaps
unsurprising that proton affinities increase in the series:
[Nb10O28]

6�, [TiNb9O28]
7� and [Ti2Nb8O28]

8� alongwith over-

all anionic charge. What is a stunning result, and one that shed
much light on processes at the mineral–solution interface, is that
the pH variations of isotope-exchange rates for all oxygens
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ties,[96,97,99] which are manifested directly in the rates of oxygen-isotope-exchanges and dissociations (see Fig. 11, below).

Substitutions are possible for many first-row transition metals, which gives the molecule distinctly different charges and

proton affinities.
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reflect these average proton affinities. Stated differently,

all reactive oxygens within a single molecule exhibit the
same pH dependence to their rates of isotopic substitution.
Different structural oxygens in molecules in the series:

[HxNb10O28]
(6�x)�, [HxTiNb9O28]

(7�x)� and [HxTi2Nb8
O28]

(8�x)�, exhibit rates that are dominantly base-enhanced,
proton-enhanced or a mixture of the two (Fig. 11), reflecting the

average proton affinity of the structure. In all cases, the effect of
proton affects all oxygens in the structure and the chemistry is
broadly amphoteric, just like mineral dissolution rates. In other

words, oxide clusters with 40 atoms already exhibit some of the
important reactivity trends for hydrolytic reactions affecting
extended mineral oxide surfaces.

To illustrate this point, in Fig. 11 are shown rates of isotopic

exchange of the same oxygen, a m2-O site labelled ‘C’, in
each of the [HxNb10O28]

(6�x)�, [HxTiNb9O28]
(7�x)� and

[HxTi2Nb8O28]
(8�x)� molecules. The decaniobate ion is a weak

base that picks up a proton at pH, 6, if at all, so it is primarily
affected by base-enhanced hydrolysis; rates increase with pH.
Each TiIV substitution into the molecule increases the net

anionic charge, making it easier to protonate the molecule.
Note that the rates of oxygen-isotopic exchange of this

oxygen in the [Ti2Nb8O28]
8� molecule increase as pH is

reduced, indicating a dominantly proton-enhanced pathway

for oxygen-isotope exchange. Again, remember that this pH
dependence is observed for all reactive oxygens in themolecule,
not just the one shown in the figure. In contrast, the rates of

oxygen-isotope exchange of this oxygen in the [Nb10O28]
6�

molecule increases with pH, indicating a dominantly base-
enhanced pathway for isotopic exchange (again, all reactive

oxygens in the structure exhibit similar pH dependencies, as
does dissociation of the molecule). Finally, the rates for the
[TiNb9O28]

7� molecule exhibit both proton- and hydroxy-

enhanced pathways for isotopic exchange. There is a minimum

in rates over a broad range in pHwhere the rates are not affected

strongly by pH. This is a broad amphoteric chemistry.
Counterion choice also effects the oxygen-isotope exchange

rates regiospecifically,[98] although we do not illustrate these

effects with a figure. Also, the local effect on site reactivities of
the TiIV substitution is surprisingly small – approximately a
factor of two. The difference in rates of oxygen-isotope

exchange at the same sites on either side of the [TiNb9O28]
7�

molecule are quite small and on the same order as that attribut-
able to changes in the counterions. The oxygen site on one side

would be near the TiIV substitution and the other would be distal.
These data indicate two points: (i) clusters of a few dozen

atoms diverge sharply in reactivity from reaction pathways from
small oligomers of the dimer and trimer size and (ii) the broad

reactivity trends seem to resemble those found for mineral-
dissolution studies of simple oxides and non-redox-sensitive
minerals like feldspars. As we saw in the dissolution kinetics

of mixed-composition solids, the effect of heteroatom addition
on these 40–100 atom structures is averaged over the entire
structure. Furthermore, all reactive oxygen sites exhibit the

same pH variation in isotope-exchange rates, as though the
atoms were reacting in concert. Finally, counterions affect
some oxygens, but not all. These are exactly the broad reactivity
trends we identified in the section Some macroscopic reactivity

trends, above, for minerals undergoing hydrolysis and
dissolution.

Broader lessons for mineral–interface chemistry

The results on these clusters have much to say to geochemists

and chemists interested in natural interfacial chemistry. Even in
cases where there is little similarity to mineral structures, these
nanometre-sized ions allow direct comparison to simulations

of the same reaction to assess the accuracy of theoretical
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structure. Note that the pH variation of the rates is broadly amphoteric (b), with rates accelerated by protons,

hydroxyls andwater molecules as nucleophiles, but that the relative importance of each pathway is determined by

the overall proton affinity of that molecule, given by the charge of the unprotonated structure. The [Nb10O28]
6�

has the lowest relative proton affinity and has a hydroxide-enhanced pathway for oxygen-isotope exchanges. The

[Ti2Nb8O28]
8� ion has the highest relative proton affinity (see Fig. 10) and exhibits only a proton-enhanced

pathway for isotopic exchange. The pathways for oxygen-isotope exchange in the [TiNb9O28]
7� ion is

intermediate, with both prominent proton- and hydroxide-enhanced pathways evident.
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predictions. This alone makes them useful, however, there are

some general rules that can be used to understand reactions at the
nanometre-sized features on reactive mineral surfaces, such as
kink sites.

To summarise the key observations on both the MAl12 and
decametalate series of ions: (1) At the nanometre-size scale and
in these densely packed structures, exchange rates at all oxygen
sites in the molecule respond to changes in solution composi-

tion. At this scale, there is no such thing as an isolated functional
group. (2) Heteroatom substitutions have profound effects on
both the pH variation in rates and also the absolute magnitudes,

but by the overall reactivity of the molecule. (3) Oxygen-
isotope-exchange pathways and dissociation pathways are
linked, at least in these densely packed structures. Finally, (4)

the pH variation of rates is broadly amphoteric even in a 40-atom
structure and reflective of the overall charge of the molecule.

We believe that there are rules about reaction pathways that
can be extracted from studies of these large cations and anions.

As in the case for the MAl12 cations, for both oxygen-isotope
exchanges and dissociation, the condensed form of the stable
molecule is in equilibrium with open metastable forms that are

essential for the macroscopic isotope-exchange reaction to
proceed. Each metastable structure has an appreciable lifetime
and is not a transition state.

The metastable structures form by a similar set of steps
identifiable in molecular-dynamic simulations: (1) The metasta-
ble form arises from detachment of a surface metal atom from

an underlying, highly coordinated oxygen. In the decametalate
structures, these highly coordinated oxygens are overbonded
central m6-oxo. In the MAl12 series of cations these were the
m4-oxo bonded to the central Al(O)4 atom. (2) Formation of the

intermediate(s) involves the concerted motions of many atoms,
which is why heteroatom substitutions have an averaging effect
on reactivity. This is most evident in the MAl12 series of

molecules where GaIII substitution suppresses the oxygen-
exchange rates by over ,107 relative to the GeIV-centred mole-
cule. The heteroatom affects the extent(s) that the metastable

structure can be achieved. (3) Formation of the intermediate
requires charge separation, which is why counterions affect the
rates regiospecifically (Fig. 12). (4) Once formed, the newly
undercoordinated metal in the loose intermediate adds an isoto-

pically unique oxygen from solution. Internal shuffling of oxygen
occurs at sites with low coordination numbers, such as the
m2-O2H3 bridge in the MAl12 series of molecules. (5) Protons

transfer rapidly among oxygens in the intermediate, which is why
the average proton affinities are expressed in the rates, and not the
protonation of a single oxygen.[102] Finally, the number and

character of accessible metastable states reflects the symmetry
and bonding in the stable form. For a molecule like [Nb10O28]

6�,
with D2d symmetry, there are many accessible intermediate

structures. For the Td symmetry of the MAl12 molecule, there
are few. Thus it is probably not fruitful to speculate about the
intermediates that might exist on the kink site on a dissolving
mineral unless much (very much) is known about the atomic

structure there.
It is easy to state the steps that control these reactions and we

realise that they hide much detail, but they also tell geochemists

about the appropriate scale for trying to understand their
reactions, like mineral dissolution. If they are to be correct,
molecular-scale simulations to understand oxygen-isotope

exchanges or dissolution require extraordinary information
about starting configurations and intermediate structures. The
energy landscapes are much too complicated to intuit, or to be

uncovered with simple static ab initio calculations, particularly

if a truncated version of the system is employed to quicken the
calculations (see Evans et al.[12]). These nanometre-sized ions
are being used to advance theory across the field of solution

chemistry (see van Eldik[103,104]).
This emphasis on metastable equilibration provides an

obvious connection between pathways for oxygen-isotope

exchanges and dissociation of the molecules. The rates of
oxygen-isotope exchanges for a condensed structure like a
feldspar will exhibit the same broad amphoteric variation with
solution composition as the dissolution rates. The pathways are

similar. This is also the same broad amphoteric variation of rates
found in so many other classes of oxide reactions, such as
oxygen-isotopic exchange into sugars, ester hydrolysis and

pesticide hydrolysis. Water is the most common nucleophile
simply because it is so abundant.
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