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FOREWORD

The serious study of the reaction mechanisms of transition metal com-
plexes began some five decades ago. Work was initiated in the United States
and Great Britain; the pioneers of that era were, in alphabetical order, F. Basolo,
R. E. Connick, J. O. Edwards, C. S. Garner, G. P. Haight, W. C. E. Higgision,
E. L. King, R. G. Pearson, H. Taube, M. L. Tobe, and R. G. Wilkins. A larger
community of research scientists then entered the field, many of them stu-
dents of those just mentioned. Interest spread elsewhere as well, principally to
Asia, Canada, and Europe.

Before long, the results of individual studies were being consolidated into
models, many of which traced their origins to the better-established field of
mechanistic organic chemistry. For a time this sufficed, but major revisions
and new assignments of mechanism became necessary for both ligand sub-
stitution and oxidation-reduction reactions. Mechanistic inorganic chemistry
thus took on a shape of its own.

This process has brought us to the present time. Interests have expanded
both to include new and more complex species (e.g., metalloproteins) and a
wealth of new experimental techniques that have developed mechanisms in
ever-finer detail. This is the story the author tells, and in so doing he weaves
in the identities of the investigators with the story he has to tell. This makes
an enjoyable as well as informative reading.

Professor ASperger is to be commended for preparing an authoritative and
contemporary volume in the field. Modern studies are emphasized, and the
readers are led straight to the frontier after the fundamentals are presented.
The final chapter, Some Recent Publications in the Scientific Spotlight, is inno-
vative. Eleven contemporary metal systems are shown, most in terms of syn-
thesis and structure. Challenges can be found here for the mechanistic chemist.

James H. Espenson
Iowa State University
Ames, Iowa, USA
January 2003
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PREFACE

This book is the thoroughly revised English version of the first Croatian
edition published in 1999 by the Croatian Academy of Sciences and Arts in
Zagreb under the title Kemijska kinetika i anorganski reakcijski mehanizmi
(Chemical Kinetics and Inorganic Reaction Mechanisms). Since three years
have passed from the appearance of the Croatian edition, the entire text has
been rewritten. Thus, the thermodynamic and kinetic chapters have been raised
to a higher level. New material has been added in an effort to make the English
edition “up-to-date.” For instance, Ahmed Zewail’s laser technique for obser-
vation of the motions of atoms and molecules during chemical changes
(Nobel Prize for chemistry, 1999) is now described. The thermally induced
spin crossover phenomenon found in the solid state, as well as in solutions of
the complexes of iron(Il), iron(Ill) and cobalt(Il), is presented. The molecu-
lar bistability leading to metal complexes with short memory effects has been
depicted. Special attention has been paid to platinum complexes as antitumor
agents. The antitumor activity of germanium complexes and of metallocenes
is described and the mechanism of the antitumor activity is discussed. The
second generation of cisplatin analogs is presented. Attention has been also
paid to the antitumor activity of metallocenes. Metallocene chemistry is
presently a very promising field of inorganic chemistry. Metallocene complex-
es of titanium and zirconium are mentioned and their important role in the
manufacture of polymers is stressed. The role of ferrocene derivatives as
effective nucleophilic catalysts in kinetic resolutions of many useful organic
reactions is included in the text. New achievements in the chemistry of den-
drimers (cascade molecules) are described.

During the writing of the book several papers relevant to the book's sub-
ject were published. Although a time distance is usually needed for proper
appreciation of recent papers, the author discusses a few of them in Chapter
15 — “Recent publications in the scientific spotlight”. The selection of these
papers is very arbitrary, and limited to the author’s own interest and judge-
ment, and the available space. The first initiative in this respect came from the
author’s regular reading of the Chemical & Engineering News, and he acknowl-
edges this incentive.

The book is a monograph aimed primarily at young researchers (graduate
students) in the field of inorganic reaction mechanisms. The first part of the
book (about 110 pages) is devoted to chemical kinetics necessary for the study

ix



X PREFACE

of any reaction mechanism, whether inorganic or organic. Understanding of
this part requires a knowledge of inorganic, organic and physical chemistry
at the undergraduate level. Graduate students of any chemical subject, as well
as graduate students of chemical engineering, pharmaceutical and even med-
ical sciences might find this part useful. It is written in a way easily accept-
able to graduate students of various basic interests. The remaining part of the
book is devoted to the study of reaction mechanisms of transition metal com-
plexes. These compounds contain metals such as iron, copper, cobalt, efc.;
their reactions are not only the domain of inorganic, but also of organic chemists
and biochemists (hemin, hemoglobin, cytochromes, chlorophylls, cobalamins,
etc.), so the interest in the subject of the book should actually be much broad-
er than one would expect from its title.

The idea of writing such a book was born after I taught at a graduate course
in inorganic reaction mechanisms at Northwestern University, Evanston,
Illinois, in 1970. The majority of my students were inorganic chemists, but
some declared themselves as organic chemists, interested in reaction mecha-
nisms in general. With pleasure I adjusted my course to such an audience,
because I have never appreciated the 19th century division into chemistry of
“dead matter” (inorganic) and chemistry of substances isolated from living
organisms (organic).

Since then, many years passed until in 1997 I started to work on the
Croatian version of the book, having in mind that Croatian chemists should
publish also in Croatian, otherwise further development of the Croatian chem-
ical terminology would be seriously impeded, a problem that is faced by
many small nations. When the book appeared in 1999, I received several sug-
gestions to prepare its English version, which has now been done.

I am greatly obliged to Professor Vladimir Simeon for suggesting numer-
ous improvements and for editing the manuscript. Besides, Professors VL.
Simeon and Tomislav Cvita$, contributed several pages to Chapter 1 (mostly
pertaining to quantum mechanics and to statistical thermodynamics), and
conformed the definitions and usage of physical quantities, symbols and ter-
minology to the current standards recommended by IUPAC. Thanks are due
to my colleagues, Professors Zlatko Mihali¢, Leo Klasinc and Nenad Trinajsti¢,
who read the manuscript and gave many useful remarks and suggestions.
Professor N. Trinajsti¢ was the editor of the first (Croatian) edition. [ am also
grateful to Mrs. Greta Prajdié, BSc, for careful technical editing and to Mrs.
Tamara Jovanovi¢, BA, who corrected my English.

Smiljko AsSperger
Zagreb, October 2002
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INTRODUCTION

The term reaction mechanism refers to the specific sequence of elemen-
tary reactions leading to an overall chemical change. Inorganic chemistry has
always lagged behind organic chemistry in determination of reaction mecha-
nisms. The first ideas of the mechanisms of organic reactions started to devel-
op around 1920. The mechanistic considerations of organic reactions in solu-
tions were primarily applied to the reactions of tetrahedral and trigonal pla-
nar carbon atoms. This is because organic compounds often undergo reac-
tions at one center, while the other bonds suffer minor changes or practically
do not change at all. Organic reactions are very versatile. Their rates can be
easily varied by changing the reaction conditions in order to get rates that can
be followed by conventional kinetic techniques available at the time.

On the other hand, inorganic reactions are often very fast and therefore
less favorable for kinetic studies, although discussions about the mechanisms
of inorganic reactions, with ideas not very far from those of the present day,
are already found in the publications of Alfred Werner. *

In 1891 Werner put forward his coordination theory, which permitted a
simple classification of inorganic compounds and extended the concept of
isomerism. His views have remained fundamental to modern inorganic chem-
istry and have paved the way for modern concepts of chemical bonding.
Werner received the Nobel Prize for Chemistry in 1913 “in recognition of his
work on the linkage of atoms and molecules by which he has thrown new
light on earlier investigations and opened up new fields of research especial-
ly in inorganic chemistry”.

The progress of chemistry of metal complexes, notably the development
of metallo-organic and bioinorganic chemistry, enabled the kinetic studies of
octahedral complexes of cobalt(III), for instance [CO(NH3)6]3+, and of square-
planar complexes such as [PtCl,]%;, and also of tetrahedral complexes, for
instance [CuBr,]?; and several others.

Physical and theoretlcal chemistry started to penetrate equally into organ-
ic and inorganic chemistry, and the borders between these two fields began to
disappear. Thus, organic and inorganic chemistry are nowadays equally merito-
rious for the broadening of our knowledge of reaction mechanisms in general.

* ALFRED WERNER, 1866—1919, professor of chemistry at the University of Ziirich.
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Chapter 1

CHEMICAL KINETICS AND
REACTION MECHANISMS

1.1. INTRODUCTION

One of the important reasons why chemists study rates of chemical reac-
tions is a practical one. They want to determine the rate at which a reaction
mixture approaches the state of its equilibrium, yielding a certain reaction
product. This rate can be enhanced by changing the concentration of reactants
and the pressure, by temperature increase, or by various catalysts. A more
sophisticated reason, which is presently of our primary interest, is the study
of reaction mechanisms, that is, the determination of those elementary reac-
tion steps which finally lead to the reaction product.

But, under reaction mechanism we also have in mind the detailed analy-
sis of how the chemical bonds break and form anew, that is to say how the
atomic nuclei and electrons regroup in forming the activated complex (or
transition state). At the same time, we must bear in mind that each of the men-
tioned elementary reactions has its own reaction mechanism, so that complete
knowledge of a reaction mechanism is a goal that is very rarely attained.

A pragmatic criterion for testing a reaction mechanism is the question:
does it work in the sense that experimental data support it, does it make use-
ful predictions about experiments not yet done. When it no longer works, the
proposed mechanism must be abandoned. In this respect, several examples
are quoted in books on kinetics and mechanisms.!»? An often quoted example
is the third order gas reaction:

k;
2NO(g) + O5(2) — 2NOy(»)

Its rate depends on the concentration of NO to the power of two and on the
concentration of oxygen to the power of one. According to the above equa-

3



4 CHAPTER |

tion, the reaction appears to be trimolecular, but this is very unlikely. Tri-
molecular collisions are rare, because the probability of three molecules col-
liding simultaneously with adequate energies and proper steric orientations is
small indeed. It appears that the first step is the quickly established pre-equi-
librium, in which a dimer, N,O,, (or (NO),), is formed:
K, [N,0;]

a) 2NO(g) == N,0 K, = —2-4-

(a) (g) 20, (g) a [NOJ
In the bimolecular reaction that follows, NO, will be formed by oxidation of
the dimer:

k
(b) N,0,(g) + 0,(g) —> 2NO,(g)

The rate law according to which the product is formed is therefore given by
the equation:

d[NO,] _

o = kN202]0,] = kK, [NOP[O,] = £[NOP[O, ]

The negative temperature coefficient of the reaction (94/9T < 0), that is, the
temperature quotient Qo = (k7 1o/ k7) < 1 (the rate of the reaction diminish-
es with increasing temperature) speaks in favor of the above mechanism.
Since the rate constant of the overall reaction, %, is the product of two con-
stants, &, and K, the reaction rate can diminish with increasing temperature if
the assumed pre-equilibrium is exothermic and the decrease of the equilibri-
um constant K, with temperature increase is larger than the increase of the rate
constant k. It is reasonable to assume that the dimer N,O, (or (NO),) is desta-
bilized at elevated temperatures. This is exactly what is observed. Such cases
are extremely rare because the rate constant most often exhibits a tempera-
ture increase larger than the temperature decrease of the equilibrium constant.
On the other hand, a negative temperature dependence of the reaction rate
is more often met in photoreactions. Thus, the rate of photooxidation of glyc-
erol and ethylene glycol with dichromate decreases with increasing tempera-
ture.>* Dichromate is in equilibrium (a) with hydrogenchromate. Since the
pre-equilibrium is endothermic (A,H° = 5060 Jmol™!), the equilibrium con-
stant (K,) increases with increasing temperature, causing a lowering of the
concentration of Cr,0,2~* HOH, which is the photoactive component.

Ka
(a) CI‘2072_ + H2O _ ZHCrO4_

ki
(b) Cr,0,27HOH + hy —> HCrO,~ + OH™ + CrO;
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(C) CI'O:J, —_— CrOz + 172 02
(d) 2C1‘02 -_—> Cr203 +1/2 02

The reaction kinetics can be easily followed spectrophotometrically because
the dichromate solutions are orange and Cr,0; is green. Photoreaction (b) is
the slowest process and therefore the rate-determining step. This step is practi-
cally independent of temperature because photoreactions proceed on account of
light energy rather than thermal energy. Therefore, the overall reaction rate
must decrease with increasing temperature, as observed. The rate constant of
the overall process is now a product of two constants, the equilibrium con-
stant K, and the rate constant k,. Of these two constants only K, is affected
by temperature change, while 4, is almost insensitive to the change of tem-
perature. Therefore, the Arrhenius plot Ink,  vs. 1/T becomes in fact the plot
of van’t Hoff’s equation, enabling determination of the reaction enthalpy of (a)
as 5060 Jmol™!. The enthalpy determined from the measurements of the heat
of neutralization of sodium hydrogen chromate by sodium hydroxide’ was
found to be 57070 Jmol™!, a value ten times higher than that determined by
the mentioned plot of van’t Hoff’s equation. This disagreement prompted a
recalculation of the enthalpy of the reaction (a) using a newly published equi-
librium constant.* The new value of the reaction enthalpy amounted to 4960
Jmol™!, in reasonable agreement with the caloric effect of the temperature
function of the overall reaction rate (5060 J mol™!).

The reaction mechanism required the existence of tetravalent Cr in CrO,,
which was shortly afterwards proven to exist by other authors. The proposed
mechanism might still be corrected by newer facts, nevertheless it was very
useful in broadening our knowledge of chromium chemistry.

A reaction with quickly established pre-equilibrium, also often cited,’ is
the conversion of ozone to molecular oxygen:

203 I 302

If the reaction were bimolecular, i.e., the result of O; + O, collisions, the rate
law would be:

d[O;]

2

= k[O;]

But the kinetic measurements show that the reaction rate follows the expres-
sion:

_d0] _ ,[05]
dt [0,]
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Therefore, the probable mechanism involves a pre-equilibrium:

kl
03 —= 02 +0
-1

k2

If it is assumed that the above pre-equilibrium is quickly established, the equi-
librium concentration of atomic oxygen is then given by the expression:

[0] = x19s] K = ke

[0,] ki

The overall reaction rate is then determined by the slow bimolecular process,
the rate of which is given by the expression:

_d[05] s (0N
TR k[O][05] = KK 0, ]

It can be concluded that the proposed mechanism involving the fast pre-
equilibrium is very probable, though not proven.

There are several analogous examples of kinetic support to a proposed
reaction mechanism. An instructive example is the formation of nitrosyl flu-
oride:

2NO +F, — 20NF

According to the equation, the reaction appears to be trimolecular, but, as
already discussed, this is not very probable. The much more likely mecha-
nism is the one involving bimolecular collisions:

k

NO +F, —— ONF +F rate = k,[NO][F,]
k .

NO +F —> ONF rate = k,[NO][F]

According to this mechanism, the reaction intermediate is the fluorine atom.
It should be expected that the reactions with reactive atoms, as is the fluorine
atom, are fast. It is therefore probable that the bimolecular reaction between
NO and F, is the slowest step, the bottleneck of the reaction, and therefore
rate-determining. Thus, the overall reaction rate should be given by the
expression:
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rate = k[NO][F,]

which has been confirmed by experiments. Therefore, the proposed reaction
mechanism involving fluorine atoms appears likely, but it has not been proven.

From all the mentioned examples we can conclude that there are very few
reaction mechanisms that have been determined “beyond reasonable doubt”.
In his lecture to the Croatian Chemical Society in Zagreb, the late Professor
Ronald S. Nyholm (University College London) commented: “Kinetics are
facts, mechanisms are fictions”, but we can add — very interesting and useful
fictions.

1.2. CHEMICAL REACTIONS AND ENERGY CHANGES

The potential energy even of the simple H, molecule cannot be calculated
by classical methods; one must use quantum mechanical methods. But even in
the case of this simple molecule, the calculation is very difficult. What makes
such calculations feasible is the fact that it is possible to separate the motions
of the nuclei from the motions of the electrons. This practical independence of
the electronic and nuclear motion is the basis of the Born-Oppenheimer
approximation. *

The approximation is based on the idea that the motions of the electrons
are practically unaffected by the motions of the nuclei. Hydrogen ('H) nuclei,
being about 1800 times heavier than one electron, and therefore moving
much slower, may be considered to be stationary. The purpose of the approx-
imation is to reduce the problem of simultaneous motion of the nuclei and
electrons to two much simpler problems, that is, one for the motion of the elec-
trons and the other for the nuclei. The Schrédinger equation** can then be sepa-
rated into two equations: one for the electrons and the other for the nuclei.

We can then take that the nuclei move in a potential field given by the cal-
culated electronic energy as a function of nuclear coordinates. In this way, it
is possible to collect information how the energy of the molecule varies with
bond length, or in general, with a change of molecular geometry.

Based on these ideas, the potential energy surface was first computed in
1931 by Henry Eyring and Michael Polanyi.” This is considered one of the
great landmarks in the development of chemical kinetics.

* Max Born, 1882—-1970, a German physicist, shared with Walter Bothe the Nobel Prize for
physics for 1954; ROBERT OPPENHEIMER, 1904-1967, American nuclear physicist, worked
on production of the atomic bomb.

** ERWIN SCHRODINGER, 1887-1962, Austrian physicist, shared with Paul A. M. Dirac (1902
—1984) the Nobel Prize for physics for 1933.
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Let us consider the H, molecule. The nuclei of its atoms are at an equi-
librium distance when the potential energy of the molecule is at its minimum.
At internuclear distances smaller than the equilibrium distance, the repulsion
energy increases substantially. The increase of the internuclear distance above
the equilibrium distance also causes a potential energy increase until the break-
age of the bond, whereby the potential energy becomes the energy of two sep-
arated H-atoms. The energy needed for dissociation of the H, molecule into
atoms H + H is 436 kJmol™!, the zero-point energy being = 26.4 kJmol™!
(Figure 1.2.1).8
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Figure 1.2.1. Potential energy curve for the hydrogen molecule (H,) with vibrational energy
levels, dissociation energy ~ 431.8 kImol™! and zero-point energy £, = 26.4 kJmol~! (adapt-
ed from refs. 8a and 8b).

Let us also consider the reverse process H + H — H,. When two hydro-
gen atoms are very far apart, they do not act one upon the other. But when the
atoms approach each other, their nuclei undergo repulsion. In addition, the
electron clouds undergo repulsion, as well. Concerning the energy change, the
attraction between atomic nuclei and electron clouds that surround the nuclei
is most important. When atoms approach, the electron clouds are drawn into
the region between the nuclei. The combination of two nuclei and two elec-
trons has lower energy (is more stable) than isolated atoms, each with its elec-
tron. The exact interpretation can only be given by quantum mechanics show-
ing that the main contribution is from quantum mechanical exchange — a phe-
nomenon which has no equivalent in classical mechanics. When the mini-
mum of the potential energy is reached, the equilibrium internuclear distance
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is about 74 pm.® Further decrease of the internuclear distance below this opti-
mal distance starts to increase repulsion forces between the positive nuclei,
largely surpassing the attractive forces described.

When we follow the change of potential energy with changing internuclear
distance, we have in mind that the energy of rotation is small, compared to
vibrational energies, and therefore of minor importance. Since the vibrational
levels are quantized, the vibrations can occur at some definite frequencies only.
For the diatomic H, molecule, the vibrational energy levels E,, are approxi-
mately given by the equation of a harmonic oscillator:

E, = @ +—;—)hv (1.2.1)

where v is the frequency of vibration of the bonded atoms and v is the vibra-
tional quantum number (= 0,1,2,3, --). The separation between adjacent ener-
gy levels of a harmonic oscillator is:

E,. —E, = hv (1.2.2)

and it is equal for all adjacent energy levels.

At absolute zero, all molecules are at the lowest energy level (v = 0) and
the vibrational energy called “zero-point energy” (E) is hv/2; for the hydro-
gen molecule, E; ,, amounts to 26.4 kImol™! (6.3 kcalmol™).

The frequency of vibration is:

_ L f
= 2 (1.2.3)

where f dentoes the force constant and u is the reduced mass:
_ _mm

m +m2

For the H, molecule, the reduced mass is:

m%l _ My
2

“HQ = 2mH =

While the classical mechanics would allow two atomic nuclei at absolute
zero be entirely motionless, quantum mechanics sees the zero-point state as
the state in which two nuclei continuously fluctuate around their equilibrium
position, even at absolute zero. The situation is analogous to that of a particle
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confined to a square well, so its position is not entirely certain. No molecule
can exist in a stationary position at the potential minimum because then its
position and its momentum would be precisely known, which would violate
the Heisenberg uncertainty principle: It is impossible to specify simultane-
ously with arbitrary precision both the momentum and the position of a par-
ticle.

As it is done in Figure 1.2.1 for molecular hydrogen, it is possible to con-
struct potential energy curves for different molecules. If the molecules con-
sist of several atoms, this becomes a very complicated problem, but the gen-
eral shape of the potential energy curves remains similar to that for molecu-
lar hydrogen.

It is interesting to note that in the mid of the 18th century RUGJER Josip
Boskovi¢ (Rogerius Josephus Boscovich) (1711-1787), astronomer and mathe-
matician, developed ideas about the nature of matter that are very close to those
of today. BoSkovi¢ was born in Dubrovnik (Croatia). As a Jesuit, he was schooled
in Dubrovnik (Collegium Ragusinum) and in Rome (Collegium Romanum). He
taught mathematics at the University of Rome and at the University of Pavia. His
ideas on the nature of matter were published in books: “Theoria philosophiae
naturalis redacta ad unicam legem virium in natura existentium”, Vienna 1758,
and in “Theoria Philosophiae Naturalis”, Venice 1763. According to Boskovic,
matter consists of material (physical) points.>!® Boskovi¢ distinguishes material
dots from mathematical dots: material dots exhibit inertia, they are simple, impen-
etrable, cannot be divided, have no structure, and are the origin of forces which
depend upon distances. The force is repulsive when the distance between materi-
al dots is small. The smaller the distance, the larger is the repulsive force. By
increasing the distance, the force diminishes until it is annulled, converted into
an attractive force, acquires a maximum, falls to zero, becomes repulsive again,
and so on. In this way, there is a steady change of repulsive and attractive forces,
so that various stable interatomic distances must exist.

Y-

D

Figure 1.2.2. Curva Boscovichiana.
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Because of the continuity of the curve, he excluded the possibility of direct con-
tact between the material dots, due to the repulsive force, which rises to infinity,
and therefore two atoms cannot occupy the same space. Until then nobody had
excluded this possibility. At that time, there was no way of determining the
heights to which the curves rise, or the distances at which they cut the axis, so the
model was a qualitative one. Boskovié’s force is very similar to the force between
atoms in a molecule or in solids, or to the force between nucleons (protons and
neutrons). BoSkovi¢ tried to define a unique law of forces in nature (/ex unica vir-
ium in natura existentium). This idea could be felt in Albert Einstein’s and Werner
Heisenberg’s work and in today’s still unsuccessful efforts to describe four forces
in nature: gravitation, electromagnetic, weak and strong nuclear forces, by a unique
law. Boskovié’s atomic model introduced the idea of “allowed” and “forbidden”
tracks for particles, putting forward the idea of the quantized structure of matter.
J. J. Thomson directly accepted these ideas in 1907, which later on were the basis
for Niels Bohr’s atom. BoSkovi¢ found support for his ideas in England (J. Priestley,
J. Robinson, H. Davy, M. Faraday, and Lord Kelvin). It is no wonder that Heisen-

’¥13

berg saw in Boskovi¢ “a great visionary”.

1.3. COLLISION THEORY

The starting point of the collision theory is the notion that reactions occur
by collisions between molecules.

Reactions in solutions have been studied most extensively because their
kinetics are relatively easy to study, compared to reactions in the gaseous
phase. Nevertheless, gas reactions were the main substrate for the study of
reaction rates, based on the kinetic theory of gases.

1.3.1. Calculation of rate constants

Chemical reactions include unimolecular, bimolecular and termolecular
reactions. Collisions involving four molecules are improbable and even ter-
nuclear processes are rare.

Gaseous reactants collide but most collisions do not yield a chemical
reaction. The nonreactive collisions of molecules with one another and with
the walls of the vessel cause the high energy molecules to lose some of their
energy, but the Maxwell distribution of molecular velocities* is rapidly resto-
red and maintained.

The distribution of molecules to the stationary states of different energies
was derived at the end of 1900 by Boltzmann.** According to Boltzmann, the

* JAMES CLERK MAXWELL, Scottish physicist, 1831-1879.
** LupwIG BOLTZMANN, 1844—1906, Austrian physicist.
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ratio of the numbers of molecules in states with energies £, and E, is given
by the equation:

N _ o~(E~Ey)/kgT
N, e (1.3.1)
where 4y is the Boltzmann constant, i.e., the gas constant per molecule.

It was soon realized that at the moment of collision only a small fraction
of molecules has enough energy and the correct geometry to react. If the total
number of molecules is &, then the number of molecules with sufficient ener-
gy to react, N*, is approximately given by the expression:

N* = Ne Ea/RT (1.3.2)

- where E, is the molar energy of activation of the reaction, i.e., the minimum
energy that reactants must have in order to form products, which will be dis-
cussed in more detail in the next section.

By inserting a certain typical value for E,, it can be shown that only a very
small fraction of the total number of molecules has enough energy to react.
Thus, if a reaction has an energy of activation of 100 kJmol™! (an often met
value), then at 300 K, the ratio N*/N = 107136, and thus, approximately, only
one molecule out of 10'® molecules has the sufficient energy for reaction.

Let us consider a simple bimolecular reaction taking place in a dilute gas
phase:

A(g) +B(g) — C(g)
whose rate is defined as:

_dA] _ _dB] _ d[C]
o de  de dt

In the simple cassical collision theory, the molecules A, B and C are rep-
resented as hard spheres characterized by their masses and radii. The frequen-
cy of collisions (divided by volume), i.e., the collision number, is given by:

5 [8ksT
Ty

Z = (N, [A][B] (1.3.3)

Z being proportional to the concentrations of the reactants and to the collision
cross-section,



CHEMICAL KINETICS AND REACTION MECHANISMS 13

c = T(ry + rB)2

defined as the squared sum of molecular radii. Further, Z is proportional to
the square root of temperature and to the reciprocal reduced mass of two col-
liding molecules,

mamgp
po= —A2
mA +mB

As already pointed out, only a tiny fraction of collisions can be ‘produc-
tive’ (i.e., yield C), because only a few molecules have energies higher than
the ‘threshold’, E, (eq. 1.3.2). The fraction of succesful collisions can be cal-
culated by applying the Boltzmann formula (1.3.1), and eq. (1.3.3) becomes:

AR (c Si—BT(NA)Z[A][B]]e_EA/RT (1.3.4)
u

Z* denoting the frequency of successful collisions. From an elementary stoi-
chiometric consideration, it is readily seen that the reaction rate is directly
proportional to Z*:

Z*
Na

v =

Now, it is possible to write the final expression for the reaction rate:

v = (0 wNAe'EA/RT)[A][B] (1.3.5)
T

which is completely analogous to the rate law for a bimolecular process:
v = %k[A][B] (1.3.6)

Accordingly, the collision-theoretical expression for the rate constant of a
bimolecular reaction is:

8T
i

%k =0 Ny e Ea/RT (1.3.7)

(reaction molecularity is indicated in the left superscript: 2k).
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1.3.2. Arrhenius equation

In order to explain the observed kinetic behavior, Arrhenius* expressed
the view that, in a reacting system, there is only a certain number of “active”
molecules that can undergo reaction. Arrhenius claimed that the nonreactive
molecules could be activated by absorption of the heat of “normal” molecules.
He found that the effect of temperature on the reaction rate could be repre-
sented by the equation:

dlnk _ constant
dT RT?

(1.3.8)

Arrhenius believed that there was an equilibrium between “active” and “inert”
molecules at any given temperature and that this equilibrium is shifted in
favor of “active” molecules with temperature rise. It has been found for many
chemical reactions that a plot of In & against 1/7 gives a straight line.

The next most important idea was that the temperature dependence of the
reaction rate constant must be a function similar to the temperature depend-
ence of the reaction equilibrium constant, because the equilibrium constant is
equal to the ratio of forward and reverse rate constants (K, = k_/k_). Since
van’t Hoff’s** differential equation:

dinKk, AH°

1.3.9
dT RT? (13.9)

where K, is the reaction equilibrium constant and A H° the reaction enthalpy,
was known at that time, Arrhenius replaced the equilibrium constant K. with
the rate constant £ and concluded that he also had to replace the reaction
enthalpy, AH°, with the energy of activation £,. He thought that a reasonable

*  SVANTE AUGUST ARRHENIUS, 1859-1927, Swedish physicist and chemist, was a professor of
chemistry in Stockholm. His electrolytic theory of dissociation was advanced in 1884-87.
In 1903 he was awarded the Nobel Prize for chemistry “in recognition of the extraordinary
services he has rendered to the advancement of chemistry by his electrolytic theory of dis-
sociation.” In 1909 he was elected director of the Nobel Institute in Stockholm. Together
with PAUL EHRLICH, he studied the toxins and antitoxins. Paul Ehrlich and Sahachiro Hata
discovered salvarsan; Ehrlich (1854-1938) shared with ILiA ILIC MECNIKOV (1845-1916)
the Nobel Prize for medicine in 1908.

** JacoBUS HENDRICUS VAN'T HOFF, 1852—1911, Dutch chemist, was awarded in 1901 the first
Nobel Prize for chemistry “in recognition of the extraordinary services he has rendered by
the discovery of the laws of chemical dynamics and osmotic pressure in solution.” At that
time he was a professor at the University of Berlin. He was especially concerned with the
dynamics of chemical equilibria. His famous equation (van’t Hoff’s equation) was, at that
time, called the reaction isochore. The equation expresses the variation of equilibrium con-
stant with temperature.Van’t Hoff died of tuberculosis at Steglitz near Berlin.
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equation for the variation of rate constant with temperature might be:

dlnk _ E

2 1.3.10
dT  RT? ( )
ie.,
dink
E, = RT? 1.3.11
a T ( )
The Arrhenius equation is usually written as:
k = Ae E/RT (1.3.12)

where 4 is commonly known as the pre-exponential factor. Arrhenius defined
the activation energy as the minimum energy that reactants must have in excess
of the mean energy of all reactant molecules in order to form products. He
understood that only a very small fraction of the total number of molecules
can have the energy £ > E,, and that the portion of these molecules is deter-
mined by the Boltzmann distribution law (1.3.1).

Arrhenius could not define the physico-chemical meaning of his pre-expo-
nential factor 4. Nevertheless, the Arrhenius equation contributed substan-
tially to the development of the theory of reaction rates.

Discrepancies between the results predicted by the collision theory (equa-
tion 1.3.7) and the experimental values were corrected by introducing the so-
called steric factor P; hence the equation (1.3.12) assumed the form (1.3.13):

%k = AeB/RT = pzeE/RT (1.3.13)
where Z is the collision number (see Table 1.3.1).

Table 1.3.1. Arrhenius parameters for some bimolecular gas reactions

_ A/dm’mol!s! ,
E,/kJmol™! Steric factor (P) Ref.
Mo isiontheory Observeg  one factor(P) - Re
2NOCl — 2NO +Cl, 103.0 59%10°  9.4x10° 0.16 a
2NO, — 2NO + O, 111.0 4.0x10'°  2.0x10° 5.0%1072 b
H, + C,H, — C,H, 180 7.3x10't 1.24x10° 1.7x107¢ c
K + Br, — KBr + Br 0 2.1x10'" 1.0x1012 43 c

(a) G. Waddington and R. C. Tolman, J. Am. Chem. Soc. 1935, 57, 689.
(b) M. Bodenstein and H. Ramstetter, Z. Phys. Chem. (Munich), 1922, 100, 106.
(c) M. J. Pilling, Reaction Kinetics, Clarendon Press, Oxford 1974.
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It was necessary to introduce the steric factor P because it was obvious that,
for steric reasons, not all collisions would be equally successful. Indeed, pre-
exponential factors calculated on the basis of the collision theory were gen-
erally too high, so that the actual values of 2k were usually obtained by steric
factors of 1 to 0.001, as shown in Table 1.3.2 (steric factors as low as 1076 have
been also published — see also Table 1.3.1).

Table 1.3.2. Steric factors for some bimolecular

reactions!
P
H+H,—H,+H 1
H + Br, — HBr + Br 1
Cl+H,— HCl+H 1
Br+ H, — HBr+ H 0.1
H + HBr — H, + Br 0.1

The steric factor P = | suggests that the reaction takes place always when
two very simple molecules collide with an energy in the approaching direc-
tion that is by £, larger than the average energy of the reactants. On the other
hand, if collisions occur simultaneously and in the presence of several “cor-
rectly” oriented molecules (“n-body collision™), a very small value of P can
be expected.

In spite of the fact that the introduction of the steric factor into the colli-
sion theory appeared reasonable, it was useless in theoretical calculations of
bimolecular rate constants because no successful procedure for the calcula-
tion of steric factors from the characteristics of the reacting molecules was
yet found. In fact, the steric factor can be considered a numerical measure for
the indeterminacy of the collision theory, because rate constants calculated by
the collision theory are not only too high, but which is even worse, all values
of calculated rate constants for different reactions are practically equal. It
may be concluded that the collision theory cannot predict variations in A4,
which may amount to several orders of magnitude. It should be added that the
simple collision theory is not able to predict the value of the activation energy.
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1.4. TRANSITION STATE THEORY

The transition state theory, also called the theory of the activated complex,
was known as the “theory of absolute reaction rates” in its early days. Accor-
ding to Henry Eyring (American chemist, 1901-1981) and Michael Polanyi
(1891-1976) (see section 1.2), many reactions proceed via a pre-equilibrium
mechanism. For instance, a bimolecular reaction

2

k
A+B — P (1.4.1a)

can be represented by the equation:

ky i
A+B = (AB)} — P (1.4.1b)

-1

where (AB)! denotes a transient inermediate known as “activated complex”.
Its structure bears some similarities to both the reactants and the products: for
example, in the reaction

H-H+D = H+~H+D — H+HD (1.4.2)

the “bond” lengths in the colinear activated complex are longer than covalent
bonds in either H, or HD, but still shorter than the non-bonding distances.
The nature of the assumed transient species can be better understood by
considering the reaction system to be an assembly of atoms, e.g., 2H and D
in the above example. Potential energy of this assembly is a function of rela-
tive positions (“internal coordinates”) of its atoms. When the system contains
only the molecules of the reactants (H-H + D) — which are chemically stable
— its potential energy is obviously at a minimum. Likewise, when the system
contains only the products (H + H-D), the potential energy is also at a mini-
mum, different from the previous one. Consequently, any of the many reac-
tion paths leading from one minimum of potential energy to the other must
pass through a maximum — a potential barrier. However, this maximum is the
lowest of all near-by maxima; it is a kind of a saddle point in a mountain pass.
Therefore, the constellation of atoms represented by this saddle point is not a
stable chemical species. Nevertheless, in Eyring’s theory, it is treated as a
chemical species in equilibrium with the reactants (some prefer to call it quasi-
equilibrium). Eyring maintained that there was an essential difference between
the activated complex and the transition state. He regarded the activated com-
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plex as a real chemical entity of very short life, while the transition state was
more of a useful mathematical artefact to him.*

Nowadays, there is a tendency to define the transition state more broadly.
The definition of the transition state (TS) used recently by John C. Polanyi**
and Ahmed H. Zewail'!! is the “full family of configurations through which
the reacting particles evolve en route from reactants to products.” They believe
that this definition of the TS (usual symbol f, displayed at the crest of the
energy barrier to reaction) is likely to prove most enduring.

The potential energy, E,,, of the (2H, D) system mentioned above in a col-
linear approach is a function of two variables (“internal coordinates”), viz. the
distances ryyy and ry . Therefore, the function E,(ryy,ryp) can be repre-
sented by a surface in a three-dimensional diagram, having two minima (cor-
responding to two stable states, H-H + D and H + H-D) and a maximum
(corresponding to the transition states H*"H'*D). Orthogonal projection of
the minimum energy path onto the coordinate plane (ry i, 7y p) is called reac-
tion coordinate. No such visualization is possible for systems containing more
than three atoms, but the concept of the reaction coordinate, though abstract,
can still be used (see section 1.6 and Figure 1.6.1).

The assumption of a pre-equilibrium mechanism implies that the rate con-
stant 2k of the overall second order reaction (eq. 1.4.1a) should be much lower
than either &, or k_;, (eq. 1.4.1b), the rate-determining step being the unimol-
ecular decay of (AB)*. Thus, the concentration of (AB)* is determined by the
equilibrium constant of the formation of the activated complex:

e = [(AB)') (1.4.32)
[A][B]
[(AB)!] = K [A][B] (1.4.3b)
The rate of the product formation is:
9(%1 = %[A][B] = K*[(AB)*] = K*K_[A][B] (1.4.4)

* Private communication by Professor Maurice M. Kreevoy who collaborated with Eyring
and knew his views.

** JoHN C. POLANYI, son of the famous chemist M. Polanyi, born in Berlin in 1929, professor
at the University of Toronto, shared the 1986 Nobel Prize for chemistry with Dudley R.
Herschbach, American chemist, and Yuan T. Lee, Taiwanese-American chemist, for their
contributions to the dynamics of chemical elementary processes; AHMED ZEWAIL, born in
Egypt, professor of chemical physics at the California Institute of Technology in Pasadena,
obtained the Nobel Prize for chemistry in 1999 for his studies of the transition states of
chemical reactions using femtosecond spectroscopy.
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where 2k is the rate constant of the overall second order reaction, and k* is the
unimolecular rate constant for the decomposition of the transition state (A-B)*.
We see that

% = KK, (1.4.5)

Hence, the task of the theory is to calculate the rate constant k¥ of the uni-
molecular decay of (ABY) and the activation equilibrium constant K.

One of the vibrational modes of the activated complex leads to the A*B
bond cleavage (in the above H,/HD example: asymmetric stretching of
HH-D complex). The frequency of this vibration is closely related to the
(AB)! decay frequency:

o= kvt (1.4.6)

where k is the so-called transmission coefficient, i.e., the ratio of probabili-
ties of the two modes of (AB)* decay — into the products (k%) or back to the
reactants (k_;). In most cases, k is close to 1 (say, within £0.1).

In favorable cases, notably for dilute (nearly ideal) gaseous systems, a
slightly different equilibrium constant of activation, K}, can be estimated by
the methods of statistical thermodynamics.

Thermodynamic properties of an assembly of many mutually independent
molecules of the same kind are determined by one single quantity, the so called
molecular partition function. The partition function is a statistical mechanics con-
cept representing a link between microscopic and macroscopic thermodynamic
properties. It enables the expression of the equilibrium constant in terms of ener-
gies of individual degrees of freedom for the molecules. The molecular partition
function is defined as the sum over stationary quantum states of the molecules
(numerated by i = 1,23, ...):

—¢;/kgT
q=2e"

i
(g; denotes the energy of the i-th state). If the individual molecular motions are

also mutually independent (a reasonably good approximation), ¢ can be factor-
ized into partition functions for individual molecular motions:

9 =~ 9t9:9v9e

(subscripts t, 1, v, e refer to translational, rotational, vibrational and electronic

motions, respectively). The details of the calculation can be found elsewhere.
The equilibrium constant for the activation reaction (1.4.1b) can be written in

terms of partition functions divided by volume, §= ¢/V, in the following way:
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Kt =N, fﬁ? o6k T
NG
Unlike the equilibrium constant K, from eq. (1.4.3a), the vibrational partition
function in §f; in the above formula is computed by taking out the “critical”
vibration leading to the product(s). The difference between the ground state ener-
gies of reactants and of the activated complex, denoted as Ag, is approximately

equal to the height of the potential barrier or — hypothetically speaking — to the
activation energy at zero thermodynamic temperature (0 K).

It can be shown that the two equilibrium constants are related by the expres-
sion:
kgT

_ kT oy
K. = BrK (1.4.7)

Ifk* (1.4.6) and K. (1.4.7) are inserted into (1.4.5), the well known Eyring
equation is obtained:

kT

%k =k p K} (1.4.8)

Except for the reactions between small molecules, the theoretical compu-
tation of KCI 1s a difficult or even unsolvable task and, because of the short
life of the activated complex, the experimental determination of K} is hardly
imaginable. Fortunately, there is a way out of this frustrating situation, viz.
applying a well-known formula of chemical thermodynamics to the activation
equilibrium constant (VB: the notation used follows the recommendations
of IUPAC’s “Green Book”!68):

A'G° = —RTInK* (1.4.9)
which can be written as:
Kio = ¢A'GURT (1.4.10)

Here, A'G° denotes the standard Gibbs energy of activation and K*° is the ther-
modynamic (standard) equilibrium constant of activation, defined in terms of
(relative) activities of A, B and (AB)*:

“/I\B
Ko = ZAB (1.4.11)
aadp
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(note that the contribution of “critical” vibration, kgzT/h, is not included into
K*°). The well-known thermodynamic relation

AG® = A H°—TAS®
can also be applied to the formation of the activated complex:
AYG® = AMHP — TALS® (1.4.12)

A'H® and A*S° denoting the enthalpy of activation and the entropy of activation,
respectively.

However, the values of standard thermodynamic quantities (K fo AlGoO,
AYHP and A*S°) depend not only on temperature but also on the choice of stan-
dard (reference) state. Therefore, reactions taking place in the gas phase have
to be considered in a different way than those among the solutes in a dilute
solution.

Gases. — By convention, the activity of the i-th component of a dilute (nearly
ideal) gas mixture is defined as

a =L (1.4.13)

(usually, but not neccesarily, p® = 1 bar = 100 kPa). Assuming that « =~ 1 and
combining (1.4.8) with eqgs. (1.4.10) to (1.4.13), the following formulas for
the rate constant of a bimolecular reaction can be derived:

kBTﬂe-AiG"/RT

2k = e (1.4.14)

knT RT ptgorp _Atpo
Zk_%_o_eAS/ReAH/RT (1.4.15)
p

Transition state theory can be applied to the reactions other than bimolecular. For
m-molecular reactions of the n-th order, eq. (1.4.15)* can be generalized into:

m—1
" = M(_@I) ASUIR (= HOIRT

i | (1.4.16)

* In order to avoid confusion, it may be necessary to specify either the number of molecules
participating in the reaction, i.e., the molecularity, m, or the phenomenological order of the
reaction, » (for elementary reactions m = n). It may be advantageous to write m (or n) as a
left superscript to the rate constant symbol [T. Cvita§, University of Zagreb, Croatia, per-
sonal communication (2000).]
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By substituting (1.4.16) into the empirical definition of activation energy
(1.3.11), one gets:

!
E, = RTZ% = A'H® +IRT (1.4.17)

where [ stands for either m or n, whichever applicable, and E, is the Arrhenius
energy of activation.

Solutions. — The relative activity of the i-th solute in a solution is defined
by a different relation:

_ G
a4 = —5
C

(1.4.18a)

(usually, but not necessarily, c® = 1 mol dm™). For nearly ideal dilute solutions,
the activity coefficients, v;, are close to 1 and the formula reduces to:

a = 5L (1.4.18b)

Now, by making use of (1.3.11), the general formula for the rate constant of
an m-molecular reaction of the n-th order in solution can be derived:

"k = %z(io)m_le“m e R (14.19)
4

For reactions in solution, the relation of activation enthalpy and Arrhenius
energy of activation can be obtained in an analogous manner as (1.4.17) above,
viz. from egs. (1.4.19) and (1.3.11):

E, = A'H° +RT ’ (1.4.20)
In the special case of bimolecular reactions in solution, formula (1.4.19) reads:

Zk - kBTeAijO/R e—-AIHO/RT (1.4.21)
hc®

By taking logarithms, this expression can be recast into the form

AYH® 1 ky  AYS°
- —+In—+
R T he R

k
In— = 1.4.22
ne (14.22)
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which permits an easy estimation of A*H° and A!S® from empirical values of
the rate constants determined at varied temperatures. Provided A*HP° does not
change in the scanned temperature range, the plot of In(%/T) vs. 1/T should be
linear, with the slope of ~A*HY/R and the intercept In(kg/hc®)+A*SY/R. Where
applicable, this method is a useful alternative to the use of eq. (1.4.20).

Since the Arrhenius activation energy is closely related to the enthalpy of
activation, formulas (1.4.17) and (1.4.20) can be used to express the pre-expo-
nential factor 4 = PZ, defined by eq. (1.3.13), in terms of activation entropy.
From eq. (1.4.16) for the reactions in gaseous phase one obtains:

m—1
PZ = M(E) eMeMSIR (1.4.23)

h \ p°

while eq. (1.4.19) for solution reactions yields:

m-1
Pz = k—BZ(J—) eel'SR (1.4.24)
h \c°

The last two equations show that, by experimentally determining the pre-
exponential factors, the value of the entropy of activation can be obtained. In
this way, one can get a qualitative idea of the structure of the activated com-
plex.

For unimolecular reactions, (1.4.24) reduces to:

Pz = %ZeeA*S"/R (1.4.25)

This special case is particularly important because the kinetics of bimolecu-
lar reactions are often studied under pseudo-first order conditions (i.e., in
excess of one of the two reactants). Eq. (1.4.25) is directly applicable to non-
electrolytes in dilute solutions but it can be also adapted to electrolyte solu-
tions (e.g., to kinetic salt effect — see section 1.9.2).

It can be shown that A*H® = E, — RT= E, — RT/2, where E, is the Arrhenius
(empirical) energy of activation and E is the threshold molar energy of acti-
vation derived from the collision theory. Since RT is comparatively small (at
room temperature RT = 2.5 kImol™! = 0.6 kcalmol™), all the three values,
viz. AtH°, E, and E,, are nearly equal and represent the energy barrier that
the reactants must pass on their way to products.

Since the quantity kgTe/A in eq. (1.4.25) amounts roughly to 10'3 (at room
temperature), it can be taken as a ‘normal’ value of Z, so that A*S° can be
identified with the steric factor, P:
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P =~ eMSR (1.4.26)

Nevertheless, as AFS® depends on the choice of standard states, one should be
careful with the relation of P to A¥S® and consult specialized monographs on
chemical kinetics. According to eq. (1.4.26), the value of steric factor P = 1
corresponds to A*S° = 0 and the reaction proceeds at a ‘normal’ rate. If P >
1, the entropy of activation is greater than zero, i.e., positive, and the reaction
proceeds faster than “normal”. If the steric factor is less than 1, the entropy
of activation is negative, and the reaction proceeds slower than “normal”

If we take the ratio of equations (1.4.21) for two rate constants, &, i k,, and
supposing that both reactions have equal energies of activation, we get:

ky eAISI" /R

= (1.4.27)

Assuming that k;/k, = 10, then A(AS®) = 19 JK~'mol~! (4.58 cal K-'mol ).
We can see that an increase of the entropy of activation of 19 JK~'mol™!
causes a rate acceleration by one order of magnitude.

In the same way, using the Arrhenius equation (1.3.12), it can be shown
that, assuming equal Arrhenius pre-exponential factors and equal tempera-
tures (about 300 K), an increase of the energy of activation of 5.86 kJ mol™!
(= 1.4 kcal mol™!) will cause a decrease in the rate by a factor of 10.

For a reaction with a steric factor P = 1, the entropy of activation A*S = 0,
because it has been shown that P =~ exp(A*S°/R). This means that the degrees
of order (or disorder) in the transition state and in the reactants are equal, and
so the difference of their entropies is zero.

Very small steric factors (P down to 107, ALS as low as —175 JK~"mol ™)
are found in reactions in which ions are produced. In such reactions, the polar
transition state is well solvated, which means that in the transition state a rela-
tive increase of order is established (relative to the ground state), leading to a
negative entropy of activation.

1.5. STERIC EFFECTS AND REACTIVITY OF
STRICTLY ORIENTED MOLECULES

One should bear in mind that in typical collisions the molecules freely
rotate and assume random mutual orientations. Until recently, there was no
way of forcing the molecules to react under a strictly defined geometric ori-
entation, the effect of which on reactivity could then be studied. The main
information on the reactants’ steric orientation stemmed from indirect studies
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of reactions in solutions where the complications caused by solvent interfer-
ence were always present. Therefore, kinetic studies in the gaseous phase
were, in principle, favored. The most fascinating example of a steric effect is
certainly that in bimolecular nucleophilic substitutions (Sy2), like the reac-
tion CI~ + CR3;1 — CR;Cl + I". Experiments have shown that if R = H, the
reaction proceeds with the inversion of configuration at the central carbon
atom (the well known Walden inversion). It was concluded that the CI~ attack
is the “back-side attack”, later renamed “frans-attack” (for aesthetic reasons,
as once Sir Christopher Ingold commented to the author with a hardly notice-
able smile). On the other hand, bulky groups R prevent inversion, due to the
steric effect, simultaneously reducing the reaction rate.

1.5.1. Molecular beams studies

An important advance in the experimental study of intermolecular forces
has resulted from the development of molecular beams. A molecular beam is
a narrow beam of molecules traveling through an evacuated space. Using these
beams, it is possible to study chemical reactions between pairs of molecules
with exactly defined energies and directions of approach. At sufficiently low
pressures, the mean free path of gas molecules becomes so large that the mole-
cules follow the laws of geometric optics and can be collimated into beams.
The beam is directed towards other molecules, and the scattering that occurs
is related to intermolecular interactions. The molecules in a molecular beam
do not change their geometric configuration because they do not collide. An
important condition is that a molecule once oriented ought not to be oriented
again by collisions, but it must collide with a reactive atom or molecule
retaining its initial orientation.

1.5.2. Symmetric top molecules

The first important breakthrough in kinetic studies with molecular beams
was made in 1966. Bernstein ez al.'® and Brooks et al.'* developed independ-
ently a technique for isolation of oriented symmetric top molecules. These
molecules have a unique symmetry axis of the third or higher order (e.g.,
CHCIl;, NH;, PH;, point group Cj,). A polar symmetric top has a dipole
moment along the unique symmetry axis. If we try to rotate an irregular stone,
as we rotate a spinning top, it will tumble very soon because there is no sym-
metry axis. Most molecules tumble when they rotate. But symmetric top mol-
ecules rotate as a child’s spinning top and do not tumble. The dipoles of such
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molecules assume a definite orientation in space and do not cancel out by
rotation, as is the case with molecules having lower symmetry.'>!6 The applied
technique uses an electric field to focus the symmetric top molecules whose
dipole vectors were oriented so that they pointed in the electric field direc-
tion. In fact, the technique did not orient symmetric top molecules, but it only
selected those molecules, which were already “correctly” oriented.

Consider a gas whose symmetric top molecules, in an electric field, are
partly oriented “upward”, partly “downward”, and some “sideward”. The
number of molecules oriented “upward” equalizes with molecules oriented
“downward” so that, on average, the gas is not oriented. Nevertheless, each
single molecule is oriented and it will stay so until collision. In a molecular
beam, under reduced pressure, it is possible to eliminate random collisions,
so a beam of oriented molecules can be obtained either by using an electric
field or by elimination of undesired molecules by “filtration”. Filtration can
be achieved because molecules of different orientations have different ener-
gies in an electric field, a phenomenon called the Stark effect (the degenera-
cy associated with the orientation of the rotation in space is partly removed
when an electric field is applied to a polar molecule, causing splitting of the
states).

Bernstein et al.’” and Brooks et al."* applied the mentioned technique to
direct studies of steric effects of oriented symmetric top molecules in reac-
tions of CH;I with potassium and rubidium atoms, respectively:

1‘13 1.14

K (Rb) + CHyl — KI(RbI) + CH,

They observed that the product is formed with higher probability if the
potassium atoms approach the iodine from the front side (cis-attack) than if
they approach the CH;I molecule from the CHj; side (trans-attack). This is
considered the first direct evidence for the influence of orientation on reac-
tivity.

Since the first experiments of Bernstein and Brooks and co-workers with
oriented molecules almost up to recent times, it was believed that the sym-
metric top molecules are the only molecules whose axes of symmetry can be
selected and oriented in the electric field. The advance in the field was very
slow because the number of symmetric top molecules is rather limited, and
there are not too many symmetric tops that could be involved in chemically
interesting reactions. During the past thirty years quite a few experiments
were done with adsorption and desorption of symmetric top molecules on
silver and graphite surfaces. It was established!”"!8 that oriented CF;H mole-
cules exhibit an unambiguous steric effect in adsorption and subsequent de-
sorption on silver surfaces: at 620 K, about 27% molecules are adsorbed more
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readily if the hydrogen atoms are oriented towards the surface and the fluo-
rine atoms are oriented away from the surface. The experiments with orient-
ed molecules on graphite surfaces showed that the most important factor that
enables adsorption of oriented molecules is the possibility of energy transfer
from the oriented molecules into other degrees of freedom available during
the collision.

It may be concluded that the studies of steric effects using beams of ori-
ented spinning top molecules have shown that the reactivity depends mainly
on molecular orientation, which directly indicates the importance of steric
effects. In some reactions, the results were in accord with our traditional
expectations, but in others our intuition led us to wrong conclusions, as seen
from the experiments performed on solid surfaces. An excellent review arti-
cle written by P. R. Brooks, one of the main investigators in the field, is often
cited.!®

As already mentioned, people thought that molecules (which are not sym-
metric tops) tumble too fast to be oriented in an electric field.2%23 Progress
was made when it was realized that by cooling in a supersonic adiabatic
expansion the rotation of a molecule can be slowed down enough to prevent
rotation and to turn the molecules into tiny pendula. To stop such rotation, the
energy of interaction between an electric field and the dipole moment has to
exceed the rotational energy. The electric field required for this purpose is
much larger than the experimentally available electric fields.!® Fortunately,
by cooling molecules in a supersonic adiabatic expansion, it is possible to cool
them down to 1 K or even lower. At such low temperatures, the molecules
occupy a few lowest rotational states. This enables orientation of a significant
fraction of molecules without application of the mentioned high electric
fields.?4-26

B. Friedrich and D. R. Herschbach?>% recognized that molecular axis ori-
entation would exhibit characteristic spectra. They used laser-induced fluores-
cence spectroscopy to measure Stark shifts (splitting of lines by an electric
field) in ICI, showing that this technique can be used to orient the ICl mole-
cule, in spite of the fact that it is a nonsymmetric top molecule.

It is quite understandable that the new technique using cooled, oscillating
(not rotating), oriented molecules offers much larger and better possibilities
of investigating the steric dynamics of symmetric top molecules. Thus, it has
been noticed that the oriented collisions in the reaction H + ICI yield pre-
dominantly HI, not HCI, though the bond of hydrogen with chlorine is much
stronger than that with iodine. It can be expected that the new technique with
oriented pendular molecules will solve many similar problems.

In conclusion, the problems associated with steric effects are much more
complex than one would expect at first glance.
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1.6. REACTION ENERGY PROFILES AND
THE REACTION COORDINATE

Let us consider a general reaction AB + C — A + BC. The total energy
of reactants AB and C is the sum of their kinetic and potential energies.
Because of collisions, a part of energy is absorbed and transferred into the
kinetic energy of vibrations of bonded atoms. Stretching of bonds and bond
ruptures will cause an increase of the potential energy while every bond for-
mation causes a lowering of the potential energy. Along the path from the reac-
tants to products, kinetic energy is converted into potential energy by bond
stretching, partial bond formation and molecular distortion. As a consequence
of these motions, the transition state is the species of maximum potential
energy. By the time the transition state is formed all the energetically unfa-
vorable processes have taken place and the subsequent atomic motions and
geometric rearrangements yield more stable configurations of atoms. Potential
energy is usually plotted on the vertical axis and the horizontal axis is the
reaction coordinate. The plot is referred to as the energy profile diagram of
the change in energy of the chemical system as the nuclei of the reactants
execute their motions (often not quantitatively known). Actually, the atoms or
reacting chemical species approach each other from all possible angles and
the definition of the reaction coordinate becomes very complicated. The reac-
tion coordinate is generally not specified in detail because the qualitative con-
cept usually suffices, but specifications are also possible. Thus, in the reac-
tion CH5Cl + OH™ == CH;0H + CI-, we can specify the changes in dis-
tances between C—O and C—Cl atoms during the reaction and thus approxi-
mately specify the reaction coordinate. The reaction CH;CI + OH™ is reversi-
ble and the equilibrium position is shifted to the right. The atomic displace-
ments reverse as the reaction is reversed. This statement is in accordance with
the principle of microscopic reversibility. The principle of microscopic rever-
sibility requires that at equilibrium both forward and reverse reactions proceed
at equal rates along the reaction coordinate. This means that the mechanism
of the entry of the new ligand must be the reverse of that of the loss of the
leaving ligand. It is so insofar some other entering ligand Y resembles the leav-
ing ligand X. This is an important limitation of the principle of microscopic
reversibility on the mechanism of replacement of X by Y.

More complex reactions than that between CH;Cl + OH™ are difficult to
depict by plotting the potential energy against the relative atomic positions.
Nevertheless, whatever mode of presenting the dependence of potential ener-
gy on nuclear distances we choose, the reaction energy profile will basically
remain unchanged.

The transition state has a defined geometric and electronic structure. Its
life-time is close to zero. Its structure, because of its short life, cannot be
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experimentally determined. Nevertheless, we can learn a lot about transition
state properties, primarily from kinetic data.

Let us consider a relatively simple exchange process taking place in a sin-
gle step. i.e., involving only one transition state:

AB+C = [A-B--C}}) — A +BC

(The already mentioned isotope exchange, H, + D — H + HD, is obvi-
ously an example of such a process; another example is the reaction of chloro-
methane with hydroxide ion: CH;Cl + OH™ — CH;0H + CI™.)

The dependence of the potential energy of a microscopic system, con-
taining only three particles (A, B, and C), on the reaction coordinate (see sec-
tion 1.4) is qualitatively depicted in Fig. 1.6.1. Two stable states (viz. reac-
tants, AB + C, and products, A + BC), correspond to two local minima of
potential energy and the transition state, [A---B---C]¥, is represented by the
maximum whose high energy is mostly (but not solely) due to the weakening
of the A—B bond. The height of the maximum, measured relative to the reac-
tants, nearly equals the activation energy for the forward reaction, E,(-).
Analogously, the maximum hefght measured relative to the product is the
activation energy for the reverse reaction, E,(«). Also, it can be seen that the
transition state for both forward and reverse reactions is precisely the same,
in accordance with the principle of microscopic reversibility.

A

TS

Activated complex

Potential energy

A+BC

Y

Reaction coordinate

Figure 1.6.1. Energy profile for the reaction AB + C == A + BC, with energies of activation
(E,) for the forward and backward reactions.
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As shown in section 1.4, the reaction coordinate is a highly sophisticated
concept, difficult to grasp to many chemists. Besides, there are still compar-
atively few instances where the theoretical computation of potential energy as
a function of atomic coordinates was possible. Therefore, it is advantageous
to use another diagram, viz. the energy profile of the reaction. In such a dia-
gram, thermodynamic (i.e., macroscopic) properties of the species under con-
sideration are plotted and arranged in a similar way as in the so-called corre-
lation diagrams widely used in quantum chemistry and spectroscopy. For
instance, in the energy profile for the reaction

A+B = TS — C

the chemical potentials of the relevant species are plotted (Fig. 1.6.2). The
leftmost horizontal line (denoted A + B) represents the sum of the chemical
potentials of the reactants, i.e., u + ug; the remaining two lines denote pg
and puc, respectively. According to the definition of u (see below), the ordi-
nate axis is labeled as molar Gibbs* energy, G,,. Note that no abscissa is
needed in this kind of diagram.

Reaction energy profiles usually show the dependence of the change of
the molar Gibbs free energy, G,,, on the reaction coordinate.

A
TS TS
i ’ A\\
; AN N , ’ N
G !
m ) N 7 ALGe |
/ A .’ B
;. ALG® “C c- AN
/ ‘ ——  — \
/ : \
// A,GO ArGo \\
i \
A T, . Vo .
A+B A+B
(a) (b)

Figure 1.6.2. “Activation profiles” for a single step endergonic reaction (A + B — C), and its
reverse, the exergonic reaction (C — A + B). The reactions have only one transition state.

* JosiAH WILLARD GIBBs, 1839-1903, professor of mathematical physics at Yale from 1871
until his death. In 1876 Gibbs published a remarkable paper in the Transactions of the
Connecticut Academy of Sciences entitled “On the Equilibrium of Heterogeneous Substan-
ces.” The paper was completed in 1878 (it amounted to 323 pages) and it laid the founda-
tion for chemical thermodynamics. The concept of free energy appeared for the first time
in this paper. Gibbs established a new discipline known today as vector analysis. Nowadays,
Gibbs is considered one of the greatest theoreticians in the history of science.
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Let us recall: there are two thermodynamic functions whose changes
determine the outcomes of processes taking place at constant tempereture,
viz. Helmholtz* (free) energy:

A=U-TS (1.6.1)
and Gibbs (free) energy (sometimes called “free enthalpy”):
G=U+pV-T7S = H-TS (1.6.2)

(T, U, H, S denoting thermodynamic temperature, internal energy, enthalpy
and entropy, respectively). Work in an isothermal process under constant vol-
ume equals the Helmholtz energy change:

A4 = AU -TAS

(for a spontaneous process (A4)r;, < 0). Work in a process under T, p const.
is equal to the Gibbs energy change:

AG = AH —-TAS = A4 + pAV

(for a spontaneous process (AG)y, < 0). In processes taking place in con-
densed systems, AV is negligibly small so that A4 = AG.

Chemical potential. — The concept of chemical potential is closely relat-
ed to the Gibbs energy. It shows how the Gibbs energy of a system is changed
when a small amount of one component is added to it. The concept makes it
possible to treat equilibria in mixtures and solutions. Chemical potential of a
component (say B) in the reaction mixture is defined as

b = (BGJ _ ( 04 J
B =|— =%
anB T.p anB .V
where ng stands for the (chemical) amount of B (colloquially called “number

of moles”). It can be shown that the Gibbs energy change in reaction A + B
— C is closely connected with the standard equilibrium constant:

AG® = —RTInK® = pg — (ug + 1) (1.6.3)

* HERMANN VON HELMHOLTZ, 1821-1894, German scientist and philosopher, made funda-
mental contributions to physiology, optics, electrodynamics and meteorology but is best
known for his statement of the law of conservation of energy. Helmholtz became professor
of physiology at Konigsberg in 1849, and in Bonn in 1855. In 1871 he took the chair of
physics at the University of Berlin. It is interesting to mention that Helmholtz was com-
pletely unaware of Gibbs’ work and his concept of free energy.
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Analogously, for the activation equilibrium, we can write:
A*G® = —RTInK* = u9q— (U3 + u3) (1.6.4)

The equation (1.4.14) shows that the Gibbs energy of activation deter-
mines the rate constant. From the Figure 1.6.2 one could get an impression
that the reaction proceeds with a simultaneous increase of free energy. Of
course this is not so: the proceeding of a reaction is always followed by a
simultaneous decrease of free energy (—A.G° = RT InK®), i.e., the larger the
decrease in free energy, the larger is the equilibrium constant K°. One should
bear in mind that only a very small fraction of molecules acquire enough ener-
gy to form the activated complex.
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Figure 1.6.3. Activation profiles of a reaction with two transition states and the intermediate I
where A£G° > Ath".

Figure 1.6.3 is the reaction energy profile for a two-step reaction with two
transition states, TS, and TS,. The overall reaction rate is determined by the
step whose transition state has the largest energy. This step is called the rate-
limiting (or rate-determining) step and is the “bottleneck” of the overall reac-
tion rate. The letter I denotes the reaction intermediate. The reaction is a com-
posite one, as shown in the scheme:

ky ky
reactants === intermediate === product
k—-l k__z

In Figure 1.6.3, the relative Gibbs energies determine the relations between
the rate constants as follows:
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k., > ky and k, > k_,

The lower the energy barrier, the higher is the rate. We can see that the
largest energy barrier in the forward direction is between the intermediate I
and the transition state TS, (= A}G). This step is therefore the rate-determin-
ing or rate-limiting step.

Figure 1.6.4 is an example of a two-step reaction in which the first step is
rate determining because Ajt G°> A% G°. 1 is the reaction intermediate and AI_IG0
is the Gibbs energy of activation for the reverse reaction from the intermedi-
ate into reactants A + B.
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Figure 1.6.4. Activation profiles for a two-step reaction where A]fG" > A%G“; I is the reaction
intermediate and AE,G0 is the Gibbs energy of activation for the reverse of the intermediate
into reactants.

1.7. BIMOLECULAR AND UNIMOLECULAR
NUCLEOPHILIC SUBSTITUTIONS
(Sn2 AND Sy1 SUBSTITUTIONS)

The ideas of reaction mechanisms of substitution reactions came primari-
ly from organic chemistry. The first notion was that the initial reaction step is
the addition of the reactant to the substrate, yielding a new molecular com-
pound from which the group to be replaced is eliminated. This idea was put
forward in 1909 but the relevant publications appeared in 1911.27 The same
year Le Bel* suggested?® that the entry of the nucleophilic reagent and the
departure of the leaving group were two independent events in a simultane-
ous process.

* AcCHILLE LE BEL, 1847-1930, French chemist.
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These ideas were further elaborated by Lewis (Gilbert Newton Lewis,
1875-1946), and especially by F. London.?’ In this way, bimolecular and
monomolecular mechanisms were introduced. C. K. Ingold* et al. designated
these mechanisms as Sy2 and Sy1.3°

Thus, in an S\2 reaction (substitution, nucleophilic, bimolecular), such as:

HO™ + CH;-Br == [HOCH,~Br]- —> HO-CH, + Br-

OH™ participates in the activated complex, which is the reason why the reac-
tion rate depends on the concentration of both reactants, HO™ and CH;—Br.

The entry of OH™ takes place from the opposite side of the bromine atom
(trans-attack). The mechanism labeled Sy2 covers a wide variety of specific
reactions which occur by the common mechanism. They all proceed with
inversion of configuration at the reacting carbon, and they all exhibit second-
order kinetics. These reactions are affected by several factors, including nucle-
ophilicity of the attacking group (more basic electron pairs tend to be more
nucleophilic, i.e., they exhibit larger affinity for the carbon atom), the nature
of the leaving group, the structure of the carbon environment where the dis-
placement ensues, and the nature of the solvent,

An example of an Sy 1 substitution reaction is the reaction of ¢-butyl bro-
mide with OH™. The trans-attack is sterically hindered, because the alkyl
groups are now on the carbon. The slowest process, which determines the over-
all reaction rate, is the formation of the carbocation:

(CH;);C-Br === (CH;);C" + Br~
Carbocation is a Lewis acid and the reaction with water is fast:

The ionic intermediate dissociates water and with OH™ yields #-buty! alco-
hol as the final reaction product. In this mechanism the slowest (rate deter-
mining or rate limiting) process is the dissociation of bromide; therefore the
overall reaction rate does not depend on the methoxide ion concentration.
This is the reason why this mechanism is called Sy1 (substitution, nucleophi-
lic, unimolecular). It is obvious that the Sy 1 mechanism will be favored in

* CHRISTOPHER KELK INGOLD, 1893-1970, professor of chemistry at the University College
London. Besides his contributions in the field of organic reaction mechanisms, he is known
for taking part in devising the so-called Cahn, Ingold, Prelog priority rules: the configura-
tion about any carbon-carbon double bond can be specified using a set of rules devised in
1964 by the mentioned authors. The rules are incorporated into the [IUPAC nomenclature sys-
tem. When applied to naming alkenes, the rules are known as the E-Z system.
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polar solvents, because the rate determining step involves separation of char-
ges (ionization).

1.8. NOVEL VIEWS ON THE MECHANISM OF BIMOLECULAR
SUBSTITUTIONS IN THE GAS PHASE

The rate of S\2 reactions depends on the concentrations of both reactants
because both reactants participate in the transition state (see Figure 1.6.1). We
say that such a reaction is of the second order, i.e., of the first order with
regard to each of the two reactants. The reaction can proceed in one step,
which is called the “concerted mechanism”. In Figure 1.6.1, the reaction
intermediate is in the vicinity of the transition state. However, it was realized
that such a classical energy profile for a Sy2 reaction cannot be applied to all
S\2 reactions. It is characteristic of such an energy profile that the energy of
the transition state separates the reactants from the products and that this
energy is higher than that of reactants and products. However, this is not
always the case, especially not in Sy2 reactions in the gas phase. In 1977, it
was anticipated®'32 that the S\2 reactions in gas phase, under certain cir-
cumstances, might proceed over two energy minima, the energy of the reac-
tants being higher than that of the transition state. In gas reactions of the Sy2
type, stable intermediates were observed, but they could not be transferred
into products.>® However, this has been recently accomplished and stressed
as a great success, offering a new insight into the mechanism of Sy2 gas reac-
tions.

Special attention has been paid to the reaction:

Cl- + CH;Br === [CI"(CH;Br)]* — CH,Cl + Br (1.8.1)

whose energy profile was established, as shown in Figure 1.8.1.34 The ener-
gies of the complexes C17(CH;Br), Br"(CH;Cl) and of the transition state
(Figure 1.8.1) were determined experimentally.>>-38 Relative energies of the
reactants C1~ + CH;Br and the products Br~ + CH;Cl are data from the liter-
ature.’® Two minima in the figure refer to the ion-dipole complexes, which are
stable intermediates on both sides of the transition state.

Under certain circumstances, it has been shown that the Sy2 reactions of
such stable intermediates can be initiated using infrared laser light.3!-3? The
reaction can be also activated by collisions with argon atoms.3> The kinetic
energy release distribution for metastable dissociation of the CI"(CH;Br) species
has been measured,** which may serve as a model for the intermediate in the
bimolecular reaction (1.8.1).
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Figure 1.8.1. Schematic potential energy diagram for the S\2 reaction: CI~ + CH;Br — Br~ + CH;CL
(Reproduced by permission from S. T. Graul and M. T. Bowers, and the American Chemical Society.?%)

The reaction CI” + CH;Br is exothermic (AH® = —29.3 kJmol™!), but only
a small fraction of this energy (about 1 kImol™) is released as the energy of
translation. The theory predicts that a substantial part of energy remains in
CH;Br, as vibrational excitation, which is significantly larger than one would
expect from the statistical energy distribution.

The species CI"(CH;Br) were prepared by collisions between the CI™ ion
and CH;Br at 3000K. The CI” ion was produced in a mass-spectrometer so
that CCl, absorbed an electron with a simultaneous dissociation of CI". The
complex CI"(CH;Br), formed in this way, lives too short to be detected (short-
er than 20 ps, which is the time the nascent complex needs to pass the dis-
tance between the ion source and the detector). However, at a pressure of 0.1
atm of methyl bromide (collision frequency = 5x10°s™!), the short-lived interme-
diate could be cooled down with third party collisions and its life time increased
to more than 20 us, which is sufficient to detect the intermediate in a mass-
spectrometer and to follow its metastable monomolecular dissociation.

The nascent CI(CH;Br) collision complexes have internal energies of 0.5
eV or greater,*® and lifetimes of less than 107°s.3* The calculations also show3’
that the energy barrier of the transition state is by about 4-8 kJmol™! lower
than the energy of separated reactants,*® which can be also inferred from the
kinetic measurements.4! Reaction (1.8.1) proceeds with about 1% of bimol-
ecular collisions only,*? enabling collision stabilization of the CI7(CH;Br)
reaction complex. The complex was trapped with enough internal excitation®*
so that the unimolecular disintegration yielding free Br~ could be successful-
ly followed. The reaction was found practically irreversible,’® in agreement
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with its reaction energy profile (high energy barrier for the transition state
formation from Br"(CH;Cl), Figure 1.8.1).

In summary, it is claimed?” that in reaction (1.8.1) the existence of two
intermediate complexes, CI7(CH;Br) and Br~(CH;Cl), is observed. From the
first intermediate the products can be obtained in about 50% yield, which is
much more than the yield of the direct bimolecular reaction; the second inter-
mediate, Br (CH;Cl), yields practically only Br~ and CH;Cl.

It has been shown previously* that the rates of nucleophilic substitutions
in solutions can be as many as 20 orders of magnitude lower than in the gas
phase. In aqueous solution, the reacting chloride is substantially stabilized by
hydration and cannot react with CH;Br until the bound water is removed. In
the gas phase, CI” and CH;Br connect easily, with a simultaneous potential
energy decrease, causing stabilization of the formed intermediate (see Figure
1.8.1). The negative electric charge in CI7(CH;Br) is better dispersed than in
Cl, which facilitates the dissociation of bromide and the formation of the
activated complex. v

Analogous results were obtained in studying reaction (1.8.2):3

CI + CF4CO,CH; —» CF,CO,™ + CH,Cl (1.8.2)

The reaction has an energy profile analogous to reaction (1.8.1).

The investigations described helped overcome the gap between the kinet-
ics of the S\2 reactions in the gas phase and in the liquid phase, and in this
way broaden our knowledge of the mechanism of bimolecular reactions.

Studies of gas phase reactions of metal ions with organic ligands using
mass spectrometry are rather recent;* only relative rates could be deduced
because of the difficulties in determining the ligand gas phase concentration.
Srzi¢ and co-workers*’ determined the gas phase concentration of a polycyclic
aromatic hydrocarbon (PAH) from the concentration ratio PAH,"/PAH" in
the equilibrium:

PAH' + PAH == PAH,"
for which the thermodynamic parameters are known. This enabled the calcu-
lation of the second order rate constants from the set of pseudo first order rate

constants for the ligation reactions of positive metal ions with pyrene (Py).
Thus, the rate constants at 25 °C for the reactions:

k
Cr* + Py —> CrPy"

k
CrPy* + Py —> CrPy,"
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are 7.8x10'% and 6.8x10° dm® mol' s, respectively, as compared with 3.4x101°
and 3.3x10% dm?®mol™!s™! for the corresponding reactions of Fe™ ions. Thus,
ky(Cr")=2 ky(Fe") and ky(CrPy")=2 ky(FePy"), whereby k;=1.3x10'" dm*mol's™!
is the rate constant for the charge exchange reaction:

M"+PAH — M + PAH*

which produces the Py" necessary for the equlibrium reaction.

1.9. CLASSIFICATION OF REACTION MECHANISMS
IN INORGANIC CHEMISTRY INVOLVING METAL
COMPLEXES (D, A, I; AND I, MECHANISMS)

According to Langford and Gray,*® most of the inorganic substitution reac-
tions can be classified as dissociation (D) or association (A) processes. Let us
consider a replacement of X by Y in a metal complex where we are concerned
with the bond breaking and the bond making between metal M and ligands X
and Y, respectively, the remaining ligands being omitted:

M-X+Y == M-Y + X (1.9.1)
Y

M-X == M+X (1.9.2)

M+Y — M-Y (1.9.3)

The overall reaction (1.9.1) proceeds in two steps, (1.9.2) and (1.9.3).
Figure 1.9.1 shows the energy profile for this D or SyI(lim.) mechanism.
Reaction step (1.9.2) is a slow dissociation. In the transition state TS, the
bond M---X is practically broken. The entering ligand Y does not participate
in the transition state, which is the highest energy barrier. Therefore, the reac-
tion rate does not depend on the nature of the entering ligand (with the excep-
tion of effects that might be due to solvation). The reaction intermediate M
has a reduced coordination number, and its relative stabilization (lower Gibbs
free energy) is due to solvation (formation of bonds with the solvent, stabi-
lizing the chemical species).

Formation of the second transition state (TS,) requires relatively little
energy, primarily needed for elimination of the bound solvent. In this way, the
location for new coordination is freed and the weak bond M:'Y is estab-
lished. As seen from Figure 1.9.1, the reaction is exothermic. The reaction
product M—Y is stable because the reverse reaction requires a relatively high
Gibbs free energy.
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Figure 1.9.1. Activation profile for a D-type reaction [= Sy1(lim.)).

We can conclude:

In a D mechanism [= Sy1(lim.)], the intermediate has a reduced coordi-
nation number. In the transition state, the bond between the metal and the
leaving ligand is virtually broken, and the bond with the incoming ligand has
not yet been established.

On the other hand, if the overall process (1.9.1) follows an associative (A)
mechanism, identical with the Sy2(lim.) mechanism in Ingold’s symbolism,
then the reaction scheme is:

M-X+Y == [Y-"MX] — M-Y+X (1.9.4)
Figure 1.9.2 shows such a reaction energy profile:

A

TS4
M/ TS,
Gm _ X
N M
SN X Y
, M —
/ \\ N -~ \
/ N Y/// \
/ ———— N\
/ \
/ AN
/ N
7 \
/ N
4 —_——
[— —

Figure 1.9.2. Activation profile for an A-type reaction [= Sy2(lim.) mechanism].
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If reaction (1.9.1) follows an A mechanism, then the intermediate will
have an increased coordination number. In the transition state (TS, ), the bond
with the entering ligand Y is largely established, while the bond towards the
leaving ligand X is not essentially weakened. The reaction rate depends
strongly on the nature of the entering ligand Y because Y participates in the
transition state.

In case reaction (1.9.1) follows an I mechanism (I stands for “interchange™),
then the interchange can be either of the I, type (interchange, dissociative),
or of the I, type (interchange, associative). The I, mechanism is identical to
Ingold’s Sy1 mechanism, and I, to Ingold’s S\2 mechanism.

It is characteristic of mechanisms D = Sy1(lim.) and Ij = Sy1 that their
rates are independent of the nature of the entering ligand Y. On the other
hand, it is characterisic of mechanisms A = Sy2(lim.) and I, = S\2 that their
rates depend on the concentration of the entering ligands Y, because Y par-
ticipates in the transition state.

I mechanisms, or “concerted” mechanisms, are the interchanges of ligands
X and Y between inner and outer coordination spheres of the metal. These
mechanisms can involve different transition states, where I and I, are extreme
(border) cases.

The following conclusion can be made:

When the replacement rate of an outgoing ligand depends on the nature
(and concentration) of the entering ligand, then A and I, mechanisms are pos-
sible. If the replacement rate is independent of the nature of the entering lig-
and, then the mechanism is D or 1.

The D and I mechanisms are difficult to distinguish, because the differ-
ences depend on the depth of the energy well of the intermediate. If the inter-
mediate is relatively stable and lives long enough (on the time scale probably
longer than 1071%s) to be able to discriminate (distinguish) the entering lig-
ands, it will react with them at different rates. This is the condition for a D
mechanism. Thus, if two entering ligands Y' and Y" are present (competition
reactions), the products will not be formed statistically (e.g., 50% MY’ and
50% MY™"), but one of the products will predominate, which strongly indi-
cates that the D mechanism is operative. On the other hand, if the intermedi-
ate is exceedingly short-lived (shorter than 107!s), it cannot discriminate
between the entering ligands. The free coordination position is then occupied
statistically, namely according to entering ligands’ concentrations. This is the
so-called “accidental bimolecularity”. Here the reaction rate depends on the
entering ligand concentration but not on its nature (this statement disregards
the ligands’ solvation effects, steric effects, and electric dipole charges effects,
which usually ought not to be neglected).

The leaving ligand X leaves the coordination shell and enters the solva-
tion shell. The return from the solvation shell into the coordination shell is
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possible, but not if the entering ligand is in great excess and dominates the
solvation shell. This is commonly the case because replacements are usually
carried out under pseudo-first order conditions (e.g., Y is in 10 to 100 fold
excess over X). In such an I; process the reaction rate depends on the enter-
ing ligand concentration, but not on its nature.

The distinction between D and I mechanisms in polar solvents which can
coordinate to the metal is very difficult. Therefore, the replacements of water
in [Fe(CN)s(H,0)]*~ with various anions as entering ligands (anation process-
es), as well as with uncharged entering ligands, have been extensively inves-
tigated. 4752

1.9.1. The collision theory in solutions

In solutions, the molecules do not move as freely as in the gas phase.
Instead, they move in the potential field of neighboring molecules. If two mol-
ecules come into contact by random displacements in solution, they will col-
lide a number of times before they separate. This is called an “encounter.” If
the colliding particles do not react, their encounters are determined by the
Brownian movement; they are random and diffusion controlled by Fick’s laws.
If a bimolecular reaction occurs in every collision, it is said that the reaction
is diffusion controlled. The rate of such reactions is the maximum rate attain-
able in a liquid medium. Most reactions have large energy barriers and steric
requirements; therefore, very many collisions are needed before a reaction will
take place. An example of a reaction that probably occurs in every collision
is the recombination of two methyl radicals to ethane in aqueous solution:

ZCH3'(aq) -_—> C2H6 (aq) (195)

The rate constant of the disappearance of CH;'(aq) radicals is 3.2x10°
dm?mol~!s! at 25 °C. The activation energy is 16 kJmol™!. The rate constant
in the gas phase is 2.0x10' dm*mol~!s™! and the activation energy is zero.*’

The theory predicts the Arrhenius frequency factors for bimolecular reac-
tions to be somewhat larger in solutions than in the gas phase, but there is not
much evidence to support this prediction. The average value of the frequen-
cy factor for the second order reactions in solutions is 10!! dm?mol~'s~!, the
same as in the gas phase.4’

In gases, encounter frequency is much larger than in a solvent. On the
other hand, in the solvent the reacting molecules stay longer in each other’s
vicinity, because the migration of molecules is slow in media of high viscos-
ity. During an encounter, the two molecules may attain enough energy for a
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successful encounter. The activation energy in solution is now a composite
quantity due to the interaction of the solvent with the activated complex.
Therefore, the energy of the entire activated structure must be considered.
This is the reason why the statistical treatment is very complicated and diffi-
cult to perform.

1.9.2. Primary Kkinetic salt effect

The thermodynamic approach to the theory of the activated complex
enables a relatively simple treatment of the reactions in solutions. An exam-
ple is the well-known thermodynamic treatment of the primary kinetic salt
effect, also known as the kinetic salt effect. This is a variation of the rate con-
stant of the reaction between ions with the ionic strength of the solution. If
the reacting ions have the same charge sign (e.g., reactions between two cations
or two anions), then increasing the ionic strength (addition of an inert salt)
will increase the reaction rate constant. On the other hand, ions of opposite
charge will react more slowly in solutions of increased ionic strength.

Quantitative relations of the primary kinetic salt effect are well explained
by the Debye-Hiickel* theory of strong electrolytes and the transition state
theory.

The reaction rate is sensitive to the net force between the reacting ions,
and the interionic force is sensitive to the ionic strength determining the
extent of the ionic atmosphere around the ion.

It follows from the Debye-Hiickel theory that, at low concentrations, the
activity coefficient y; of an ion i of charge number z; is given by:

logy; = —-Az?11? (1.9.6)
where [ is the ionic strength of the solution and parameter 4 depends on the

solvent and temperature (it is 0.509 dm=>?mol'? for water at 298 K).
The ionic strength 7 is defined by:

1 2

where ¢; and z; are the concentration and the charge number of each ionic
species in the solution.

* PETER DEBYE, 1884-1966, a Dutch physicist and chemist, Nobel Prize for chemistry for
1936;
Erica HUCKEL, 18961980, a German physicist.
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Thermodynamic equilibrium constant of activation (expressed in terms of
the activities of reactants, A and B, and the transition state, X*) is defined as:

axt _ [Xi]c0 Yxt
arag  [Al[B] vA7B

K = (1.9.7)

where ¢® = 1 mol dm™ and the concentration of the activated complex is:

1o
[XI] — K [?][B] YAYB (198)
c Yxt

Now, we can combine the rate laws (a) and (b) (¢f’ egs. 1.4.3 and 1.4.4):

dlP] _ it
(a) & k*[X*]

with eq. (1.9.8) to obtain:

KIATB] = KH[X] = KK () [A)[B}HATE
Txt

and

k= kIKIO(CO)—l YA TB
Tx?

As the ionic strength tends to zero, the activity coefficients tend to 1, so the
limiting value of the rate constant k is:

ko = kKio(coy!

and further:
i — YAVB
ko Yxt

The charge of the activated complex is the sum of the charges of A and B; zy1
= z5 + zg. Thus, we can write:
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11/2

log'];k— = — A"z} + 25 = (25 +2p)°] = 24z 750"

0

and for aqueous solutions:

1ogki = 1.02z,z5(1/c%)V?
0

To test the equation, we usually plot the logarithm of the rate constant against
I'"2. The result should be linear, with the slope of 24z,zg. If one of the reac-
tants is neutral, there is no kinetic salt effect.

1.9.3. IUPAC recommendations for the representation
of reaction mechanisms

In more than 20 years, the [UPAC Commission on Physical Organic
Chemistry has met several times trying to define recommendations for the
nomenclature of reaction mechanisms.

A potential revision of the Ingold symbolism has been vigorously dis-
cussed. Description of both systems has been published in Pure Appl. Chem.>3?
An extensive report by Guthrie and Jencks> is very informative.

The Ingold system of nomenclature was designed primarily for organic
chemistry. Several alternatives were suggested. The proposal of Langford and
Gray is nowadays extensively used by inorganic chemists.*4

Around 1980, the IUPAC Commission decided that the revision of the
Ingold system was impractical. It was concluded that actually two systems
would be required: a simple version for the description of the main charac-
teristics of a mechanism, and a more detailed one that could eventually form
the basis for a computerized information system.>* Though it appears that
these recommendations have not been especially well accepted, they never-
theless deserve attention. Guthrie and Jencks maintain that the new system
will simplify the teaching of chemistry and help students to better understand
how the chemical bonds are broken and formed.

The new system adopted the basic symbols from the nomenclature of
inorganic reaction mechanisms already in use: A (for an associative mecha-
nism) and D (for a dissociative mechanism). Thus, the new symbol for a Sy2
mechanism is:

AyDy [identical with the S\2 (“concerted”) process]

where N stands for a nucleophilic (or nucleofugic process), which tells us that
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the entering and leaving groups carry a free electron pair. The symbol AyDy
has no punctuation because we deal with a concerted one-step mechanism.
By analogy, an electrophilic displacement has the symbol:

AgDg

Substitution of the Sy1 type, in which a relatively stable intermediate is
formed, stable enough to discriminate (distinguish) entering ligands, has the
symbol:

Dy +Ay  (dissociation nucleophilic + association nucleophilic)
[identical with a Sy1(lim.) process]

Separation of the symbols indicates two discrete processes: a dissociation
in which the leaving group is a nucleophile (carries its free electron pair) and
then the intermediate can diffuse through the solvent before it reacts with a
nucleophilic reagent.

If in the first reaction step an unstable carbocation is formed, it will react
with a neighboring nucleophilic molecule faster than it can diffuse away.
Such a fast reaction can be a “preassociation” with a nucleophile, a fast for-
mation of an “intimate” (or “contact”) ion pair. The asterisk indicates a short-
lived intermediate and the subscript “int” indicates an ion pair intermediate:

Dn* Ay int

The detailed glossary of symbols (about 20) recommended by IUPAC was
listed by Guthrie and Jencks.* The system appears complicated, at least at
first glance. The application of the system provides the best demonstration of
its use and usefulness.

The one-step E, elimination, e.g., the reaction

I \ / |
X+ Z-(|2~?~Y — XZ + /c=c\ + Yo

is characterized by the symbols:
AnDEDN (OI‘ AXhDHDN le = H)

Here, A Dg refers to removal of the electrofugic group Z and tells us that
an association of Z with the nucleophile X:™ has taken place. The symbol Dy
refers to dissociation of the leaving group Y:™ with its electron pair. The two
C atoms are “core atoms”. The use of subscripts indicates that the bond under-
going change is between non-“core atoms”. This means that the bonding of
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X:™ to Z is a nucleophilic association, thus symbolized by A . This associa-
tion does not involve the two carbon atoms which are “core-atoms” (the two
C atoms will become double bonded). If Z = H, the symbol A,, indicates that
the hydron (proton, deuteron, or triton) dissociates from one of two carbon
atoms (“core-atoms”). Absence of punctuation tells us that the one step (“con-
certed”’) mechanism has taken place.

Following this principle, the ElcB mechanism for B-elimination of the

type:

| [
Step1l: X+ H—?—(IZ—Y == XH + ‘:?—(I"I—Y AgDy

o N/
Step2: ~:C-C-Y — C=C + Y~ Dy
bl / N\

has the symbol:
Ay Dyt + Dy (or generally A, Dt + Dy)

The punctuation shows that the hydrogen removal yields a relatively sta-
ble intermediate, the carbocation. The following separate step is the dissoci-
ation of the leaving group, Y:™. The symbol ¥ (unfortunately similar to the
symbol for the activated complex) means that hydrogen removal is the rate-
limiting step.

If the leaving group leaves very rapidly, i.e., the second step is very fast,
the protonated base, XH, cannot diffuse away and the reaction has the symbol:

ADt*Dy

Symbols: + (on the line) means: stepwise process
* (on the line) means: same as +, but the intermediate is short lived
I (superscript) means; preceding step is rate limiting

Some of the ITUPAC recommendations presented apply primarily to phys-
ical organic chemistry, but the recommendations will certainly influence the
development of naming inorganic reaction mechanisms, as well. The idea is
to remove mechanistic ambiguities of the traditional system.

Resistance to this new system is expected to be strong. Guthrie and Jencks>*
stressed that the new system of naming mechanisms deserves attention. It
appears that the present naming of mechanisms is incomplete and should be
improved. For more detail see the references cited.
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1.9.4. Nomenclature of coordination compounds

Recommendations of the IUPAC committee regarding nomenclature of
coordination compounds are contained in their publications.33®33b

In writing the formula of a complex, the central atom is given first, for
instance [Fe(CN)¢]*", hexacyanoferrate(II). The complex is anionic and the
characteristic ending is “ate”. The name of the central atom is not changed
for neutral or cationic complexes; thus [Fe(H,0),]**, hexaaquairon(Il) (not
aquo). The acid H4[Fe(CN),] is named tetrahydrogen hexacyanoferrate(II). The
formal oxidation state of the central atom is indicated by a Roman numeral
in parentheses after the name of the complex, but with no space between them.
The name of the complex species is written as one word. Negatively charged
ligands (CI-, SO,2~, PO,*", chloro, sulfato, phosphato, etc.) all end in “0”.
Ligands should be listed in alphabetical order (previously, the negatively
charged ligand preceded uncharged ligands). Prefixes such as di-, tri-, bis-,
etc. do not determine the alphabetic order. Such ligands were previously
quoted in the order of increasing complexity.

In writing the formulas of compounds, the symbol of the central (metal)
atom is written first, unlike writing the name of a compound when the metal
name is written last, followed by the anionic ligands in alphabetical order,
then the neutral ligands, also in alphabetical order. The previously used lig-
and aquo is now replaced by aqua. When an H atom is coordinated, it is regard-
ed as H™ and therefore named hydrido, though its chemical behavior is near-
er to H' than H™. The ligand thiocyanato-N (-NCS)~ may now be written thio-
cyanato-kN, using the Greek letter kappa (k). Similarly (-SCN)~ could be
written thiocyanato-S or thiocyanato-«S.

A ligand may be bonded to a metal through several atoms. This is denot-
ed by the prefix n (Greek letter eta), with a superscript indicating the number
of atoms bonded. We talk of the “hapticity” (from Greek hapto, which means
to fasten). See also Chapter 9. An example is the complex pentahaptocyclo-
pentadienyl ligand, CsHs™, or tricarbonyl(n’-cyclopentadienyl)manganese:

Mn,l
/ \h.., co

ocC CO

Figure 1.9.3. Tricarbonyl(1°-cyclopentadienyl)manganese: the pentahapto bonding (1°) is
depicted, showing the delocalized nature of the m electrons of the cyclopentadienyl group
(CsHy).
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The task of providing nomenclature of inorganic chemistry was, as already
mentioned, assigned to the IUPAC, whose Rules for Inorganic Nomenclature
were published and revised in 1958, 1970 and 1990. Since then, many new
compounds have appeared, which were difficult to name using the 1990 rules.
Therefore, the [IUPAC Commission on the Nomenclature of Inorganic Chemistry
thoroughly revised the last edition of the “Red Book”, and the revised edition
is in two parts. Whilst Part I is mainly concerned with general inorganic
chemistry, Part II, which recently appeared,* deals with the specialized sys-
tems, based on the fundamental nomenclature described in Part I of "/990
Rules".

1.10. DIRECT OBSERVATION OF THE ACTIVATED
COMPLEX

Spectroscopy of species in the transition state region was developed in the
last fifteen years. In a typical experiment, a femtosecond pulse (1 fs = 10713s)
is used to excite the reactant, producing a dissociative state that corresponds
to the activated complex, also called the transition state. The frequency of the
second pulse is set at the absorption frequency of one of the free fragmenta-
tion products, which can be traced by laser-induced fluorescence. It this way,
it has been found that the activated complex survives a few hundred of fem-
toseconds only.

In a chemical reaction, old chemical bonds are broken and new bonds are
formed. In the gas phase, a rough estimate of the time needed for this event
is the time of a collision, which is about 10712 s. In this time, a molecule of an
average thermal speed of = 100 to 1000 ms™! passes a distance of 0.1 to 1 nm
(= 1to 10 A). Thus, the whole trip from reagents to products involves changes
in the internuclear separation of = 10 A, which takes 1071210711 s, According
to J. C Polanyi and A. H. Zewail,>> we are used to look at the transition state
of a reaction A + BC — AB + C as (ABC)?. In reality, there is an agglomer-
ation of transition states caused by collisions of reactants of different colli-
sion energies, under different angles and collision parameters. The time avail-
able for the observation of the transition state is a period of 1-10 ps (1072
—~10-!1 s). Therefore, the intervals at which the configuration and energy of
the transition state should be recorded is about 1% of the time interval men-
tioned, viz. 10714-10713 5 (10-100 fs).>> The observation of the activated com-

*  Nomenclature of Inorganic Chemistry 11, Recommendations 2000, Edited by J. A. McCle-
verty and N. G. Connelly, University of Bristol; Royal Society of Chemistry, Thomas Graham
House, Science Park, Milton Road, Cambridge, CB4 OWF, UK. See also: S. F. A. Kettle,
Physical Inorganic Chemistry, Oxford University Press, New York 1998, Chapter 3, pp.
24-50.
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plex (or transition state) must therefore be performed in these femtosecond
intervals.

1.10.1. Spectroscopy in the transition state region

In the last fifteen years several papers were published in this field.>6-6
Lasers have been used in the preparation of some initial states or in determi-
nations of various reaction products.®’~3 Numerous observations have been
reported on reactive transition species when light is absorbed and some when
light is emitted.5? Table 1.10.1 contains some of these observations.

Table 1.10.1. Observed reactive transition region species:
(a) when light is absorbed, and (b) when light is emitted

Measured
Reagents Products (fluorescence) Ref.
(a) K+ HgBr, + Av KBr + HgBr* of HgBr* 64
Xe+ Cl+ hv XeCl* of XeCl* 65, 66
(b) O3 +hv 0,+0 0,0 67
NO, + hv NO+0O N-O 68

The femtosecond laser pulse enables direct observation of the bond break-
age process.
In 1985, Zewail and coworkers®® studied the reaction:

ICN — [I.--CNJ¥ — I+ CN

In their experiments, a femtosecond pulse (photolysis pulse) initiated the
dissociation by exciting ICN with 306 nm light. The second pulse (probe
pulse) monitored the recoiled CN at 388 nm. By observing the laser-induced
fluorescence of the rotationally excited CN fragment as a function of the
time delay between the photolysis and probe pulses, Zewail and coworkers
measured the buildup time for the formation of the CN photoproduct. These
measurements provided a direct view of the bond breakage process. It was
found that the CN-signal is zero until the fragments separate by about 600 pm
(= 6 A). The time needed for this separation is about 205 fs (= 2.05x10713 5).
Zewail, Po-Yuan Cheng, and the graduate student D. Zhong (see A. M. Rouhi®?)
followed the reaction between benzene and I, in real times from ¢ = 0 to the
product formation. Using a “molecular beam”, benzene and I, were brought
to a distance of 0.3 nm (3 A). The femtosecond laser initiated the reaction and
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defined the time # = 0. A series of probe pulses followed, supplying informa-
tion on the reaction progress. It was shown that the electron is expelled from
benzene and transferred to I,. The result is the charge separation and the for-
mation of I,”. Benzene attracts the I™ anion, while the neutral I atom dissoci-
ates, which results in the ionic bonding of C¢Hs" and I". The time needed for
I~ dissociation from I,~ is about 750 fs. Zewail and coworkers also found that
the electron of I~ leaves I,~, being transferred back to C¢H,". However, since
the I-] bond is already stretched and weakened, it might get broken. A neu-
tral [C¢Hg—I] complex is thus formed and the iodine atom is released. All that
can be detected on the time scale of 250 fs. On the other hand, the [CqHg—1]
complex is unstable and tends to disintegrate in benzene and another iodine
atom. In this way, the femtosecond kinetics showed the complexity of the
dynamics of the reaction of benzene and iodine (see also K. N. Houk et al.”®).

Zewail and coworkers’! also studied the mechanism of Diels-Alder reac-
tion using the laser technique. This reaction was and still is the subject of
many discussions.”? The dilemma is whether the addition of a double bond
(or triple bond) to a diene, or the dissociation in the reverse reaction, follow
a “concerted” (one step) mechanism or the additions proceed in two steps via
an intermediate (diradical or a “zwitterion”). These two mechanisms corre-
spond to different transition states.”? In the last 55 years it was thought that
the Diels-Alder additions follow a one-step mechanism. The main argument
in favor of a one-step mechanism was seen in the fact that the additions pro-
ceed with retention of configuration. It was thought that in a two-step mech-
anism the rotation about the carbon-carbon bond should lead to “stereochem-
ical scrambling” of mixed structures. Zewail and coworkers found’? that both
one-step and two-step mechanisms are possible. Their femtosecond kinetics
showed that Diels-Alder additions are extremely fast and therefore there is
not enough time for the rotation and scrambling of the stereochemical struc-
tures (see also K. N. Houk et al.”?).

Zewail and coworkers also studied the retro Diels-Alder reaction of nor-

bornene,
Ay — O

the product of cycloaddition of cyclopentadiene with ethylene (and also of nor-
bornadiene, the product of the cycloaddition of cyclopentadiene and acetylene).”!
The reactions were studied in a molecular beam in order to isolate the ele-
mentary process, free of solvent perturbation. The time needed for the rota-
tion of the C—C bond is about 1 to 10 ps. On the other hand, the reaction was
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finished in about 160 fs, so there was not enough time for stereochemical
scrambling of the structures involved.

Therefore, the intermediate that the authors observed is not in contradic-
tion with the general observation that these additions proceed with a retention
of configuration. Thus, the retention of configuration is not a valid criterion
for solving the mechanism of Diels-Alder addition reactions. The reactions
may follow either one- or two-step mechanisms, depending on several factors,
such as energies, energy barriers, and the degree of asymmetry of structures.

Research done by Zewail and his coworkers is considered to be of great
importance in the mechanistic sense. Thanks to the new laser technique, sur-
prises and corrections of viewpoints are to be expected.”

In typical Zewail’s experiments, the laser system generates a pump pulse
and a probe pulse. As shown in Figure 1.10.1, the pump pulse and the probe
pulse leave the laser system at the same time. The probe pulse is diverted, so
a time delay of a few femtoseconds is introduced between the two pulses. In
fact, both pulses come from the same source. The light of the probe pulse is
forced to follow a longer route, as shown in Figure 1.10.1. Since the speed of
light is 300000 kms™! = 3x10'! mms™!, the extension of the light path by
0.03 mm takes 0.03/3x10'! s = 100 femtoseconds. In this way, the time delay
between the pump pulse and the probe pulse is 100 fs.

TIME DELAY —— ———
PUMP , -
PULSE | . .
i . i DETECTOR
| . i
S o
PROBE ' .
PULSE
[ ]
‘ *
.
[ ]
/ LENS .
MIRRORS
SKIMMER -]
\ 7

Figure 1.10.1. Zewail’s femtosecond photography captures the dynamics of molecular reac-
tions in real times’> (reproduced by permission of the author and the Scientific American).
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By 1984, the time resolution in molecular beam experiments was about
three picoseconds (3000 fs). Zewail and coworkers achieved a critical femto-
second time resolution as short as 6 femtoseconds. This corresponds to a
“shutter speed” of about 10 femtoseconds. Because the speed of the typical
molecular motion is about 1000 ms~!, an adequate shutter resolution should
be less than 100 femtoseconds.”> Hence, the time delay between the pump
pulse and the probe pulse is 100 fs.

Zewail’s basic idea is simple: when the probe pulse hits a molecule, a
light quantum is emitted. Such interactions with numerous molecules result
in a spectrum that is specific for the reactants A and B and for the transition
state (A---B)*. In this way, Zewail and coworkers were able to determine the
timing of these signals and follow the ultrafast motions of molecules, includ-
ing direct observation of the transition state.

1.11. THE INFLUENCE OF THE SOLVENT
ON THE REACTION RATES AND MECHANISMS

Solvents can influence the reaction rates and mechanisms. In some cases,
the rates change, but not the mechanism of products formation. If solvents
change the mechanism, they also change the rates at which the products are
formed (equal rates are accidental). Solvents can entirely change the reaction
path so that new products are formed. There are also cases when the reaction
medium does not exhibit any considerable influence upon the reaction rate or
its mechanism, so the rates are comparable in vacuum, in the melt, or in sol-
vents of different ionization powers.

1.11.1. Influence of solvent polarity on the rates
of chemical reactions

Reactions in which electrically charged species are formed proceed at
increased rates in solvents of increased polarity. A typical example is the
Menshutkin* reaction.

The Menshutkin reaction yields quarternary ammonium salts from amines:

R;N +RT —» [RyN%..R"-[3-]} —= R'NR;" + 1~

For the reactants Et;N and Mel, the relative rates in hexane, carbon tetra-

* NIKOLAI ALEKSANDROVICH MENSHUTKIN, 1842—-1907, Russian chemist, one of the founders
of chemical kinetics.
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chloride, chlorobenzene, acetonitrile and dimethylsulfoxide relate as 1 : 31 :
1200 : 12000 : 50000.7® We see that, due to charge separation in the transi-
tion state, the rates are very sensitive to the solvent’s nature. Polar solvents
cause a decrease of the Gibbs energy of activation (A}*G®), and, which is very
important, polar solvents suffer very small reorganization because they are
already partly “frozen” (e.g., water) due to hydrogen bonding. Thus, the ion
solvation with polar solvents causes small entropy changes. On the other
hand, apolar solvents are relatively free in the liquid phase and ion solvation
with such a solvent significantly increases the order of the reaction system,
leading to an entropy decrease.

As already pointed out, the influence of solvents on ionic equilibria and
on the rates of chemical reactions cannot be exactly determined. Thus, we
must be satisfied with some generalization, based on the simple model of sep-
aration of two opposite electric charges in different media. Let us assume a
charge separation from an equilibrium distance () of 1 A (107'm) to infin-
ity in a medium of known relative permittivity €, = €/g,, where ¢ is the per-
mittivity in vacuum (g, = 8.8542x107'2C2J-'m™!), and ¢ is the permittivity
of the dielectric under study. Relative permittivity &, is broadly known as the
dielectric constant (D); it is 1.0 for vacuum. The distance of 1 A is the distance
encountered in reality. A model for the charge separation often quoted is the
ionization of HCI in the gas phase:”’

HCl(g) — H'(g) + Cl(g) (1.11.1)

The separation of charges according to the above equation requires ener-
gy, which can be supplied by, e.g., a thermostat. This energy must be equal to
work W, needed for charge separation (to overcome the Coulomb forces):

Wy = [Fdr (1.11.2)

e

where the Coulomb force F is:

Zp7pe’ (1.11.3)

= 2

ATeye r

and

= 2
W _ ZaZpe J‘dr _ zZpzpe (1.11.4)
Te
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Finally,

- (1.6x1077C)?
09 T 1% 1070 T x 1070 m)

= 23x10718]

equivalent to a molar work of

W

€

layNa = 1400 kI mol™!

Since W, must be equal to the energy brought into the system to enable charge
separation, the molar free energy of the system will increase by the same
amount, i.e., by 1400 kJ mol~!. If the charge separation took place at constant
temperature and standard pressure, one can write:

AGE = N, W, 1400 kJmol™

el(vac) =
Since the relative permittivity of water at 298.15 K is 78.5, the separation of

charges in aqueous solution causes a decrease in the Gibbs energy of 1400/
78.5 = 17.7 kJmol ™!,

1.11.1.1. Entropy change in charge separation

Separation of charges according to eq. (1.11.1) causes an entropy change
that can be theoretically predicted. Since entropy determines the variation of
the Gibbs energy with temperature [(aG/E)T)p =-$], and [(aAG/aT)p = —-AS],

it follows:

ASS = —(91\%@) (1.11.5)
P
and further:
AsS = _ y, ZaZae’ (alner) (1.11.6)
" A 4meger, \ OT A

Eq. (1.11.6) shows that we can calculate the entropy change of the charge
separation if we know the temperature dependence of the relative permittivi-
ty of the dielectricum. The value of the differential quotient (dIng/d7), is
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approximately equal to [(In &) — In er(l))/ (T,—T))], for a narrow temperature
interval. It can be shown that ASS decreases W1th the increase of solvent
polarity. Thus, at 293 K, the values of ASS}/ Jmol™'K~! are —518, 330, and —81,
for hexane, ethanol and water, respectively.

A similar argument to that used in eqs. (1.11.4) and (1.11.5) was applied
by Born’® some 80 years ago. Born estimated the change in the Gibbs free
energy when an ion of radius a and a charge number of z; was transferred
from a medium with relative permittivity £, to a medium with a relative per-
mittivity &,. He found the corresponding free energy change to be:

NGzel ([ 1 1
AGe = - Mzl (*———) (1.11.7)

With &, = 1 for an ion in vacuum, eq. (1.11.7) gave the solvation free
energy of the ion. The Born equation is not accurate, since the bulk dielectric
constants (relative permittivities) are not valid in the immediate neighbor-
hood of an ion. This is the reason why Born inserted 2a instead of a in
(1.11.7), the value closer to the “effective” radius. Other investigators tried to
improve eq. (1.11.7), for example, Latimer and co-workers,”® but with a lim-
ited success.

1.11.1.2. The effect of solvents on reaction rates

This effect was successfully analyzed by Hughes and Ingold.?? A concise
review of the effect appeared in the first edition of Ingold’s well known book,
Structure and Mechanism in Organic Chemistry (1953),812 and in its second
edition (1969).8!° The effect primarily depends on the fact whether the sub-
strate is positively or negatively charged, or electrically neutral. In an electri-
cally neutral substrate, the ground state will be poorly solvated, but the tran-
sition state will be strongly solvated due to the charge separation. Thus, an
increase in solvent polarity will increase the reaction rate. On the other hand,
if the substrate is positively charged, then the charge of the transition state
will be dispersed, leading to a small reaction rate decrease with increasing sol-
vent polarity. This results from the reaction ground state being better solvat-
ed (better stablhzed) than the transition state. In this way, the Gibbs energy
of activation, A*G, increases, causing a reaction rate decrease.

In nucleophilic substitutions, we must first know whether the substitution
is S\2 or Sy1. Table 1.11.1, according to Ingold et al.'® shows the possible
reaction types and the relevant solvent effects.

We can see the importance of the charge of the transition state relative to
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Table 1.11.1. Transition states of Syl and Sy2 reactions®!

Charge of the Influence of solvent
TS relative to polarity increase on
the ground state the reaction rate

Transition
Reactants state (TS)

Monomolecular reactions (Syl)
RX R&".. X3~ increased large increase
Rx* R&.. X0 dispersed small decrease

Bimolecular reactions (Sy2)

RX+Y~ Y& R X3 dispersed small decrease
RX+Y Y3 R X8 increased large increase
RX' +Y~ Y& R X dispersed large decrease
RX"+Y Y8*..R... X5 dispersed small decrease

the ground state. If the transition state is more charged than the ground state,
it will be better solvated (increased order of the system) and the change in the
entropy of activation between the transition state and the ground state, (ALS),
will be negative. The reaction rate should decrease, as required by eq. (1.4.22)
or (1.4.15). (As already mentioned, a decrease in the entropy of activation of
19.4 JK 'mol™! causes a decrease in the rate by a factor of 10.) We must also
have in mind that the increased solvation of the transition state, relative to the
ground state, reduces the Gibbs energy of activation, because the solvation
stabilizes the transition state. This is commonly the dominant effect on the
reaction rate. We recall that the decrease of the energy of activation of 5.85
kJ mol~! causes a rate increase by a factor of 10.

The effect of polar aprotic solvents on reaction rates should be also com-
mented. These are solvents without hydroxyl groups, but with a relatively high
dipole moment and rather high relative permittivity (dielectric constant). Such
solvents are, e.g., acetone, acetonitrile, dimethylformamide (DMF), dimethyl
sulfoxide, (DMSO), hexamethylphosphoric triamide (HMPT).

Many replacement reactions are often much faster in polar aprotic sol-
vents than in hydroxylic solvents. Thus, the reaction of methyl bromide with
iodide is about 500 times faster in acetone than in methyl alcohol. In addi-
tion, methyl iodide reacts with chloride about a million times faster in DMF
than in methyl alcohol. This happens because the OH group of hydroxylic
solvents solvates anions, forming the hydrogen bond (ROH---X"-.-HOR). The
solvated anions are therefore much less reactive. On the other hand, aprotic
solvents having no hydrogen are unable to form hydrogen bonds. Anions in
polar aprotic solvents are therefore more free, more reactive, and thus better
nucleophiles. Another example of a strong solvent effect on a S\2 reaction is
the bimolecular replacement of bromide by azide in 1-bromobutane:
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CH;CH,CH,CH,Br + N;- — CH,CH,CH,CH,N, + Br-

If the relative rate in methanol is taken as 1, then the rates in water, DMSO,
DMF, and methyl cyanide (acetonitrile) are 7, 1300, 2800, and 5000, respec-
tively.8? It is quite clear that the entering azide nucleophile is best solvated in
methanol and least solvated in acetonitrile. Thus, the largest amount of ener-
gy is required to free azide from methanol in order to form the transition
state, and the least energy is needed to remove the acetonitrile solvent.

1.11.1.3. The ionizing power of solvents

The ability of a solvent to dissolve a substance highly depends on its abil-
ity to solvate this substance. If a substance can ionize, both the anion and
cation must be solvated. Cations are usually smaller than anions (e.g.,
Ca(NOs3),), and the solvation of cations is of primary importance. Solvation
of a simple cation is, in fact, formation of a complex in which the solvent
molecules are entering ligands. The positive sides of a dipole solvent mole-
cule will be oriented towards anions and its negative side towards cations.

Generally speaking, the dielectric constant (relative permittivity, £,) and
the ability of a solvent to solvate ions are interrelated: the higher the solvent
dielectric constant, the higher is its solvation ability. There is unfortunately
no quantitative correlation because the relation is very complex and various
factors are involved.®? The following table illustrates this situation. Relative
permittivity of 4 solvents and their dipole moments are compared and no cor-
relation is observed.

Table 1.11.2. Relative permittivities (g,)
and dipole moments of some solvents

Solvent £ Dipole moment/D
HF 175 1.82
H,0 78 1.85
DMSO 47 3.96
NH; 23 1.47

Water is often the best solvent because of its high relative permittivity and
medium high dipole moment. Water has also an acidic hydrogen and a lone
electron pair on oxygen, so it solvates well both acids and bases. On the other
hand, NHj is probably a better electron-pair donor than water, but its hydrogens
are less acidic. In general, NH;, as solvent, ionizes the dissolved substance
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less well than water because the relative permittivity of NHj; is lower than that
of water. In addition, the solvation with NH; through hydrogen bonding is weak.
On the other hand, NH; can be an even better solvent than water in cases where
solvent basicity is important. Hydrogen fluoride (HF) is clearly an acidic sol-
vent and therefore it facilitates dissolution of molecules that are electron donors.
Its high relative permittivity (175) supports ionization, but the fluorine atom
is a very weak electron donor, which reduces the solvation of cations.

DMSO has a rather high relative permittivity, which supports ionization
of both anions and cations; besides, DMSO is quite a good Lewis base and
can solvate cations efficiently. Yet, DMSO has no acidic hydrogen atom.

The rate of a dissociative type reaction drastically depends on the solvent
ionizing power, as shown by the classical kinetic studies of Winstein et al.3*
Table 1.11.3 contains a series of solvents ordered according to their decreas-
ing ionizing power, as determined by measurements of the rate of ionization
of p-methoxyneophyl p-toluenesulfonate:

CH,—OTs

i /CH3
CH30©—C—CH3 —_— CH30©-CH2—C\+ + OTs
I CHs

CH,

Ratios of the highest and the smallest rates of ionization of the mentioned sul-
fonate in solvents of various ionizing power amount up to 7 orders of magni-
tude. Formic acid exhibits a very high ionizing power. Therefore, the last col-
umn of the table shows rates in different solvents relative to those in formic
acid. This provides useful data of solvents’ ionizing power for correlating the
rates of certain reactions.

Trifluoroacetic acid has an even better ionizing power than formic acid,®®
but the mentioned authors did not study the former solvent. Besides, trifluo-
roacetic acid has very low nucleophilicity and is therefore a very appropriate
solvent for studies of the dissociative type reactions. In this respect,
CF,CH,OH and (CF;),CHOH are very good solvents as well.%¢

1.11.1.4. lonic strength of the medium and the reaction rate

It has been shown how the polarity of solvents acts upon the rates of Syl
and Sy2 reactions. Increase of the ionic strength of the reacting solution has
an effect similar to the increase of solvent polarity. The effect has not yet been
quantitatively interpreted; different salts can exhibit different kinetic effects.
The rate increase of Sy1 reactions upon addition of salts is called the kinetic
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Table 1.11.3. Rates of ionization of p-methoxyneophyl p-toluenesulfonate
in solvents of various jonizing power (relative to the rate in acetic acid)®
(reproduced by permission of the American Chemical Society)

Solvent £.(25°C) log k, Relative rate
HCOOH 58 (20°C) -0.929 153

H,0 78.54 ~1.180 39

80% EtOH-H,0 67.0 -2.505 1.85
AcOH 6.2 -2.772 1.00
MeOH 32.63 -2.796 0.947
50% AcOH-Ac,0 0.540
EtOH 24.30 -3.204 0.370
Me,SO 45 -3.738 0.103
MeNO, 36.7 -3.921 7.3x1072
n-C,H,sCOOH 2.4 (20°C) -4.139 4.30x1072
CH,CN 36.7 -4.221 3.53x1072
HCONMe, 36.71 -4.298 2.94x1072
Ac,0 20.7 -4.467 2.02x1072
CsHsN 12.3 -4.670 1.27x1072
Me,CO 20.7 -5.067 5.07x1073
EtOAc 6.02 -5.947 6.69x107
(CH,),0 7.39 -6.073 5.0x1074
Et,0 4.23 -73 =3x1073

salt effect. The effect is discussed in section 1.9.2. We must also have in mind
the so-called common ion rate depression effect, and the special salt effect,
which will be discussed later.

1.11.1.5. Linear free energy relationships

The influence of solvents upon the rates and mechanism of Sy1 reactions
was quantitatively studied by using the “linear free energy relationships”.
Grunwald and Winstein®” have chosen the rate of solvolysis of #-butyl chloride
in a solvent, (k), relative to the rate, (k;), of the same substrate in the standard
solvent, taken arbitrarily to be ethanol-water at 25 °C, @y = 0.8 = 80%, as
a measure of the solvent’s ionizing power ():

k.
Y = log— (1.11.8)
kO

Table 1.11.4 shows the ionizing power Y of some mixed solvents for the sub-
strate (CH;3);CCl at 25 °C. In standard solvent, at 25 °C, ¥ = 0 (by definition).
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This standard solvent was chosen as the reference solvent because the solvo-
lysis rates in this solvent are about halfway between solvents that exhibit the
fastest and the slowest rates, respectively. Thus, the values of ¥ will be posi-
tive for solvents yielding solvolysis rates higher than in the standard solvent,
and negative for solvents exhibiting rates lower than in the standard solvent.
It is noteworthy that in this way we can characterize solvent mixtures to which
an ionizing power factor is otherwise very difficult to ascribe.

Table 1.11.4. lonizing power of ¥ = log(k/k,) for some aqueous solvents at 25 °C%8

100x¢ Ethanol Methanol Dioxane Acetone  Acetic acid Formic acid
0 (water) 3.49 3.49 3.49 3.49 3.49 3.49
10 3.3t 3.28 322 3.23
20 3.05 3.03 2.88 291
25 291 2.69 2.84 3.10
30 2.72 2.75 2.46 2.48
40 2.20 2.39 1.95
50 1.66 1.97 1.36 1.40 1.94 2.64
60 1.12 1.49 0.72 0.80 1.52
70 0.60 0.96 2.31
80 0.00 0.38 -0.83 -0.67 232
90 -0.75 -0.30 -2.03 -1.86 222
95 -1.29 -0.65 -2.76 2,16
100 -2.03 -1.09 -1.64 2.05

Recognizing Y as the measure of the ionizing power of a solvent, it appeared
probable that ¥ should also depend on the nature of the substrate undergoing
solvolysis. It was therefore necessary to introduce an additional parameter m
and thus correct eq. (1.11.8) into eq. (1.11.9):

mY = logg— (1.11.9a)
0
or
logk, = mY +logk, (1.11.9b)

Indeed, by plotting log & vs. Y, eq. (1.11.9b) yields a series of almost par-
allel lines with slope m being very near to 1. On the other hand, the straight
line intercepts (k) vary appreciably for various substrates in the standard sol-
vent. Although the Y values have limited significance, they nevertheless give
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a reasonably good measure of the ionizing power of a solvent, though it can
happen that quasi-good Y values fit fortuitously.

As previously shown, the transition state theory provided the expression
for the dependence of the reaction rate constant on A'G® (¢f. eq. 1.4.14):

k = kBTe—AIGD/RT
c’h

Taking a logarithm of , a linear dependence of In & and A*G® can be seen:

0

RT h

Ink

ArG®

+ constant

From the well known thermodynamic equation
-A,G° = RTInK°

we may expect that —~A'G® would also be proportional to InK*°. This assump-
tion is the basis of a class of the so-called linear free energy relationships.
The Grunwald-Winstein eq. (1.11.9) is valid when the substrate is kept
constant (m is constant), and Y is the linear function of the free energy of acti-
vation (Gibbs energy of activation, A*G?°).
We have already discussed eq. (1.4.12):

AYG® = ATHP — TAIS®

and since it has been shown that A'H° and AS° in solvolyses of tert-butyl
chloride in aqueous ethanol mixtures vary extensively,® it might be expect-
ed that A*G® and Y would not have a linear relationship. Fortunately, the sum
of A'H® and TA!S° is a reasonably good linear function of Y. Thus, the
Grunwald-Winstein equation proved to be very useful, because it gives a rea-
sonably good information about the ionizing power of solvents.

There are also other scales for characterization of solvents’ ionizing power.
For instance, Kosower found that positions of certain absorption maxima
(“charge transfer bands”) in the UV spectrum of 1-methyl-4-carbomethoxy-
pyridinium iodide depend very strongly on solvent polarity:3° the better the
ionizing power of a solvent, the better is the solvation of the ion pair ground
state, which is, therefore, lower in energy relative to the ion pair in the gas
phase. Thus, more energy is needed for formation of the excited state in solution
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than in the gas phase. Consequently, spectral changes of substrates can be
observed in various solvents. Positions of absorption bands are expressed as
transition state energies, Z, and are calculated from the frequencies of maxi-
mum absorptions. Table 1.11.5 contains Kosower’s Z values for a serious of
solvents. The higher the Z value of a solvent, the greater is its ionizing power.

Very useful is the so-called Eg scale of Reichard e al.”*%3 The scale is
based on absorption maxima of the electronic spectra of pyridinium N-phe-
nolbetaine in different solvents.?>2 The energies of the transition states, for
the compound denoted ET(3O) depend on solvent nature, providing a very
useful survey of the ionizing power of the ma]orlty of known solvents. Table
1.11.5 contains some of these E7 values.

One should bear in mind that both the Z values (Kosower ef al.) and E(30)
values (Reichard et al.) are data obtained from the energies of excited states
of two different compounds in various solvents, under the same conditions
(25 °C, 1 bar), and can be therefore usefully compared, indicating the trend
of solvents’ ionizing power effect.

Lately, the 2-adamantyl tosylate scale (Y, values) is much used for char-
acterization of a solvent’s ionizing power and nucleophilicity.”**> The com-
pound solvolyses with less than 1% rearrangement, does not undergo a Sy2
reaction with azide, yields a very large a-deuterium kinetic isotope effect,
characteristic of a dissociation type mechanism (vide infra), and also satisfies

other criteria for a limiting Sy1 mechanism, %43

‘ Table 1.11.5 summarizes the mentioned solvent characteristics: Grun-
wald-Winstein Y values,”® Y, values,’* Z and E1(30) values®® °1-92 for some
important solvents. Solvents with a large ionizing power are listed high in the
column. According to Yy values, CF;COOH is the solvent with the highest
ionizing power. On the other hand, the Grunwald-Winstein Y value of CF;COOH
is, contrary to expectation, relatively low (1.84). It was determined by meas-
urements of the rate of solvolysis of tert-butyl chloride in CF;COOH, upon
addition of water and/or sodium trifluoracetate; according to the authors,®’
this was necessary because of otherwise very low rates. Nevertheless, all expe-
rience suggests that CF;COOH is probably the solvent with the highest ion-
izing power. It appears that fert-butyl chloride behaves abnormally in some
fluorinated solvents because of the effect of solvent partition in ion pairs.”®

Table 1.11.5 contains only a few E(30) values, but Reichard ef al.90-%3
published E1(30) values of 243 solvents, and ordered them according to their
decreasing ionizing power, which is of great practical use.

Solvents with a low ionizing power usually have low relative permittivity
as well. However, one should be careful here because the relative permittivi-
ty of a solvent does not always give adequate information on the ionizing
power of that solvent. Thus, formamide has the highest relative permittivity
(113.5), but its ionizing power is not among the highest.
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1.11.1.6. Solvent nucleophilicity and definition of the nucleophilic
constant N

Winstein, Fainberg and Grunwald, later expanded egs. (1.11.8) and (1.11.9),
taking into account the nucleophilicity of solvents, which obviously exerts
influence upon reaction rates.!% They derived eq. (1.11.10):

k
log— = mY +IN (1.11.10)
ko

where N is the measure of solvent nucleophilicity, and / is the susceptibility
of substrate to solvent nucleophilicity. Symbols m and Y were defined previ-
ously.

There are other expressions that correlate ionizing power and nucleo-
phylicity, e.g., that of Swain, Mosely and Brown,'°! but it appears that eq.
(1.11.10) is the most frequently used one *>10%103

1.11.1.7. Solvent coordinating property and electron-donor ability

According to chemical properties, solvents can be divided into electron
donors and electron acceptors. An electron-donor solvent (D) will react with
an electron-acceptor solvent (A), as shown in the following examples:

SbCls + D —» [D*SbCls] (1.11.11)

Co** + 6D — [CoDg)** (1.11.12)

On the other hand, an electron-acceptor solvent (A) reacts with an elec-
tron-donor solvent (D). Since the anions are usually electron-pair donors, the
reaction of solvent (A) and the anion will take place as follows:

KF +A == K' +AF- (1.11.13)
(CeHo);,CCl+ A == (CH,),C* + ACI- (1.11.14)

The quantitative measure for the electron-donating ability of solvents is
adequately given by reaction enthalpy; e.g., for reaction (1.11.11) it is —A H°
[D - SbCls]. Very diluted solutions are used in practice so that gas laws can be
applied. Changes in the Gibbs energy (AG®) can be determined by spectro-
scopic and NMR measurements,'% thus enabling determination of the equi-
librium constants of reactions with certain solvents. A linear relationship has
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been established between A H°[D* SbCls] and log K°[D* SbCls], suggesting
that the contribution of entropy is approximately equal for all the studied sol-
vents.!%4 This conclusion follows from the comparison of the two well-known
thermodynamic equations:

AH® = AG°® + TAS°
and
AG°® = —-RTInK°
AH® = —RTInK® + TA,S°

It is generally taken that —~AH[D* SbCls] values yield useful information
on the degree of interaction between an electron-donor solvent (D) and the cho-
sen substrate (SbCls). The number ascribed to a solvent to indicate its electron-
donor ability bears the symbol DNgy,.

1.11.1.8. Drastic acceleration of the oxidation of hexacyanoferrate(Il)
in solvents, strong electron donors

The mechanism of ligand substitution in the pentacyano(ligand)ferrate(II)
ion has been the subject of many investigations.!%5-198 Substitutions are of the
dissociative type and one would expect that the rate of dissociation of an
uncharged ligand would not depend, at least not very much, on solvent polar-
ity, since there is no charge separation in the reaction transition state. Neverthe-
less, experiments show that the rates of dissociation of X in [Fe(CN)s(X)]*",
where X = H,0, pyridine (py), 3CN-py, 4CN-py, piperidine, and nitrosoben-
zene (PhNO), depend strongly on the electron-donor ability of solvents:!08
the better electron donor the solvent, the faster is the dissociation of ligand X.
It appears that the cyanide ligands of the pentacyanide, due to their triple
bonds, enable good electron mobility. Thus, the cyanide electron density can
be shifted towards the iron metal center, or towards solvent molecules sol-
vating CN~ ligands. The better electron donor the solvent, the larger is the
electron shift towards the metal center, and the higher are the rates of disso-
ciation of X, which leaves the complex with its electron pair, as X~

Analogously to the dissociation of X in [Fe(CN)5(X)]*", the oxidation of
[Fe(CN)g]*~ to [Fe(CN),J*~ by O, in aqueous-organic solvent mixtures depends
drastically on the electron-donating abilities of solvents, the reaction in
dimethy! sulfoxide and dimethylformamide being about 10* times faster than
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in water. The rate does not correlate with the solvent’s relative permittivity.
The reaction mechanism is also dissociative. The slowest process is the dis-
sociation of a CN™ and the coordination position freed is filled with molecu-
lar oxygen; O, accepts an Fe'' electron, causing its oxidation to Fe. This is
the so-called Weiss’ mechanism.!?” The coordinated oxygen is bonded to iron
as superoxide radical (O,").!'? Elimination of O, from the complex requires' '
75 kJmol~!, which is rather high energy. This is the reason why the oxidation
does not spontaneously follow Weiss’ mechanism, but the presence of pro-
tons is required to enable formation of HO, radicals, and their slow elimina-
tion. The freed coordination place is then filled with CN™, the final product
being [Fe(CN)¢]>~. Therefore the oxidation of [Fe(CN)4]* in mixed solvents
requires at least some water as the source of protons.

Oxidation rates depend very strongly on the solvent electron-donor abili-
ty. Oxidation is the fastest in DMSO, which is the best electron donor among
those investigated [the rate acceleration factor =~ 2x10* (relative to the rate in
water where k,p, = 1.3x1075 571, at 35 °C, and at pH = 6.0), the electron-donor
number, DNgp,c), = 29.8, relative permittivity, &, = 48.9, at 20 °C], see Table
1.11.5. The next largest rate acceleration is in DMF [acceleration factor =
5%103, DNgpcy, = 27, £ = 36.7 (25 °C)]. The donor number of acetonitrile is
14.1, and the acceleration factor is only 160. The oxidation rates, as already
mentioned, do not correlate with the relative permittivities of solvents. Thus,
the relative permittivity of formamide is the highest of all solvents used
(113.5 at 20 °C), but the acceleration factor is only 100.

1.11.1.9. The dissociative type reaction may not depend
on solvent polarity

An example of a dissociative type reaction the rate of which is practical-
ly independent of solvent nature is the thermal decomposition of 2,5-dihy-
drothiophene-1,1-dioxide (3-sulfolene). Its thermal decomposition follows
the equation:

Z B —_— /\/ + SOZ
S
O/ \\O

The rate of this thermal decomposition is practically equal in 1-butanol
and in diethylene glycol diethyl ether and only 10% higher in the melt.!!!
Independence of the reaction rate of the medium polarity is taken to be due
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to the reaction transition state, whose polarity was not changed with respect
to the ground state.!!?

The mechanism of the 3-sulfolene decomposition was studied by the o-deu-
terium secondary kinetic isotope effect (vide supra) and it was concluded that
the reaction follows a “concerted” mechanism. Both S—C bonds are equally
weakened in the transition state, as predicted by Woodward and Hoffmann
(see section 7.2) on the basis of orbital symmetry arguments.

Since there is no charge development in the transition state relative to the
ground state, the reaction rate is practically independent of solvent media.
Earlier investigations!!'>!!4 also support the claim that the thermal decompo-
sition of 3-sulfolene is a concerted disrotatory process.!!> In general, the rates
of other pericyclic reactions are commonly solvent independent as well. To
use the terminology of organic chemistry, the Diels-Alder reaction is a peri-
cyclic reaction, that is, a reaction that takes place in a single step, without
intermediates, and involves a cyclic rearrangement of bonding electrons (for
more information see elsewhere).

1.12. STEADY-STATE APPROXIMATION AND ITS
APPLICATION TO REPLACEMENT REACTIONS

The replacement of a ligand in a metal complex does not usually stop
after one replacement, but most probably several replacements will follow. In
fact, we have to deal with a sequence of several consecutive reactions and the
kinetic treatment becomes extremely complicated, practically insoluble.
Simplification of the problem is known as the steady-state approximation.

An intermediate is said to be in its steady-state when its concentration
does not change with time. The assumption is that during the largest part of
the reaction the concentration of all intermediates (I) is practically constant
and negligibly small:

an _
d¢

This means that the rate at which the intermediate, 1, is formed and the
rate of its disappearance are practically equal. Strictly speaking, the steady-
state is reached almost immediately after initiation of the reaction. Figure
1.12.1 schematically depicts this situation: curve (a) shows how the concen-
tration of the final reaction products changes with time, curve (b) shows the
rate of reactant disappearance, and curve (c) represents the rate of formation
of the reaction intermediate (I). We can see that during most of the reaction
the concentration of I is practically constant and very low; point S is a small
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maximum at which the slope is zero, i.e., d[1]/d¢ = 0. At that point the steady-
state is reached, which happens shortly after initiation of the reaction and is
maintained almost to the end of the reaction. We can compare this situation
with someone’s very small bank account. The money in the account is not
constant but because the sum is very small, we can conclude that the rates of
earning and spending are (practically) equal.

4
(@)
(b)

Concentration

S (c)

Y

Reaction time

Figure 1.12.1. The concentration of the intermediate is low and practically constant; at S
curve (c) has a small maximum where d[1]/ds = 0.

Let us consider a consecutive reaction:

kl k2
A=1->P (1.12.1)

ki

If we apply the steady-state approximation, the rates of formation and of
disappearance of I must be equal:

ki[A] = k_ [1] + k,[1] (1.12.2)
It follows that:

[I] — kl[A]

= 1.12.3
k_y+ky ( )

and the rate of product formation is:
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d[P] _ kghky[A] (1.12.4)
= kI = {222

dr k_ +k,
Let us consider the border case (a):
ky <<k,
From (1.12.4) it follows:

d[—It)] = k[A] (1.12.5)

In this border case, the slowest and therefore the rate-determining step is the
conversion of A to I. This means that almost all molecules of the intermedi-
ate (I) are converted into product P, only few revert to A.

Let us consider the border case (b):

ky>>k;
From (1.12.4) it follows:

d[P] _ Kk
a k [A] (1.12.6)
In this case, almost every molecule of intermediate I reverts to A, only few
yield the product (P). Thus, the conversion of I to P is the slowest and there-

fore the rate-determining step.

But, let us point to the reaction scheme that is most often encountered in
ligand replacement reactions when a ligand X of a metal complex MX is
replaced by a ligand Y:

k
MX 7(—»# M + X (1.12.7)
—1
ky
M+Y =2 MY (1.12.8)

If we apply the steady-state approximation to intermediate M, we get:
k[MX] = k[M][X] + k[M][Y] (1.12.9)

It follows that the concentration of the short-lived intermediate M is:
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k[MX]
M] ~ — 2 1.12.10
IXI+ kY] (1.12.10)
and the reaction rate is:
dMY] _ kk[Y][MX]
dt ko [X]+ k[ Y] (1.12.11)
and further:
kiky[Y]
obs & T 1.12.12
® kL XI+h[Y] ( )
For the case
kA[X] << k[ Y]
it holds:
d[l;/ItY] = k[MX] (1.12.13)

which means that the first reaction step, the dissociation of MX, is the slow-
est and therefore the rate-determining step.
In case that

k_[X]>> k,[Y]
then:

dIMY]  kk, [Y][MX]
at k,  [X]

(1.12.14)

From (1.12.10) it follows that the concentration of the short-lived intermedi-
ate is:

k[MX]
M] = & 1.12.15
M] k(X ( )
ie.,

M][X] _ K

=1 =K
IMX] &,
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Thus, the first reaction step is in fast equilibrium and the second step is the
slowest and thus the rate limiting one.

We should keep in mind that X might be uncharged (e.g., pyridine, imi-
dazole) though it is often charged, like SCN™, N57, etc.

Coming back to the mentioned general scheme

ky ky
A=B —P (1.12.16)

ke

let us assume that the reaction in A is of the first order. Applying the steady-
state approximation, as we did in deriving eq. (1.12.11), we shall obtain eq.
(1.12.17):

Cd[A] _ d[P] _ kikylA]
dr Atk +k

(1.12.17)

Assuming that A converts directly to P (not through an intermediate), we
have the reaction:

k’
A — P (1.12.18)

This is again a first order reaction:

diA] _ dIPT _ Ay (1.12.19) |

dt dt

In expressions (1.12.17) and (1.12.19) the reaction rate is proportional to [A]
and both reactions are kinetically indistinguishable.
The reaction system might involve the following simultaneous reactions:

k

A = B (1.12.20)
k_y
k

AP (1.12.21)

Assuming a rapid equilibrium between A and B, we have:

= k'[A
dr de [A]

The reaction is of the first order, like in the case when the reaction product is
formed through intermediate B. Thus, B is part of the reaction system, but it
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is not the reaction intermediate. This case was analyzed by Espenson.!!® If
there is a reagent X that reacts very fast with B, it prevents its reverse to A,
possibly also a further reaction to P. In the case that B is an intermediate,
d[BX]/dt will be equal to k;[A], which may or may not be identical with k.
If it is identical, then that proves that B is the reaction intermediate on the
way to product P.'16

Eq. (1.12.11) shows that, if a D mechanism is operative and the entering
ligand Y is in large excess, then kg, = k; we say that the reaction exhibits
“limiting” or “saturation rates”. This situation is schematically depicted in
Figure 1.12.2.

kobs

Y]

Figure 1.12.2. Schematic representation of the dependence of k,, on the entering ligand (Y)
concentration in a D-type reaction: RX + Y — RY + X; in large excess of Y, limiting rates are
obtained that are equal to ;.

In the case of a bimolecular reaction, the rate will steadily increase with
the entering ligand (Y) concentration, and the rate increase will be almost lin-
ear. A mild departure from linearity will be observed at very high concentra-
tions of Y, due to mutual interactions between molecules.

Let us consider a D-type substitution reaction where the leaving ligand X
is a solvent molecule that dissociates into the same solvent X. Under such cir-
cumstances, k_;[X] >> k,[Y], so that the expression (1.12.12)

k ~ kl kZ[Y]
o0 Tk [X]+ ky[ Y]

is reduced to:
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kops = JakgY] _ const.[Y] (1.12.22)
[solvent]

Indeed, in reactions of this type (when the entering ligand is an anion, such a
reaction is called anation), a linear dependence of k,,; on [Y] has been observed
(k_, and k, are usually of similar magnitude).

Expression (1.12.12) can be transformed into:

Lo flal, L 1.12.23
hoo | Rk[Y] (1.12.23)

This expression enables determination of the competition ratio k,/k_; because
by plotting 1/kg,, vs. 1/[Y], in excess of the known extra added X, a linear
dependence is obtained with the slope k_,/k k, and the intercept 1/4;.

In this way, the competition ratio k,/k_; was determined in the D-type
replacement of SO;2~ by CN~ in pentacyanosulfitoferrate(II) in aqueous solu-
tion, the reaction that proceeds according to egs. (1.12.24) and (1.12.25):!17

[Fe(CN)sSO5]°~ % [Fe(CN)]*~ + SO, (1.12.24)
~1
[Fe(CN)s]*>~ + CN- L, [Fe(CN)(]*~ (1.12.25)

Competition ratios can also be determined by plotting 1/k,,¢ vs. X, in
excess of the known concentration of Y. Both plots are equally satisfactory.'!’
The average competition ratio k,/k_; amounted to 8.76+0.53, and &, = (9.50
+0.21)x10™4 571,

The procedure for determination of competition ratios was first applied by
Haim and Wilmarth,!'® and later by Halpern et al.,''® when intermediates
[Co(CN),]>~ and [Co(NH;),SO]" were involved.

Determination of competition ratios is of a special mechanistic importance,
since in this way we can prove that a reaction intermediate really exists, and
lives long enough as to discriminate (distinguish) entering ligands.

Mention should be also made of the application of the steady-state approxi-
mation to the reaction scheme (1.12.26), which is more complex than scheme
(1.12.1). In (1.12.26), the conversion of intermediate I into the final product
B is reversible:

ky ky
A=—=1=—8B (1.12.26)
k, k.,

Elementary kinetics teaches us that the rate of a reversible reaction of the type:
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ky
A +=—=B
k_y

is given by the equation:

da-x) dx
—_ Y = — = k —_ —_ k . .
o P a—x)—k_x (1.12.27)

where a is the initial concentration of A, and x is the concentration of B, at
any time #; when 7= 0, x = 0. When equilibrium is established, then x = x,, and

kya—-x) = k_x, (1.12.28)

Now we can insert the value of

— kl(a_xe)
X

ki

€

into (1.12.28), and we get:

dx _ m(xe—x) (1.12.29)
dt X

€

After integration {the procedure is analogous to that for an irreversible first-
order reaction yielding the familiar equation: k£ = (1/f)In[a/(a—x)]}, we get:

ka = L e

I Xg—X

=k +k (1.12.30)
Assuming that in scheme (1.12.26) k_, = 0, and by applying the steady-state
approximation we get:

obs = L
obps
k_y+ky (1.12.31)

By applying the same treatment to scheme (1.12.26) but in the reverse direc-
tion (from right to left), under assumption that £, = 0, we get:

k_~k
— —2"-1
= == 1.12.32
s T +k ( )
Since

kobs = ko_b—)s + 0%5
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then:

b kb tks

1.12.33
obs k_] +k2 ( )

By applying (1.12.33) to the reaction of the type:

ky
R-H,0 == R+ H,0
k.
and further,
ky
R+L = R.L
ko

we finally get:

ke = kiky[L1+k_k_,
obs k_i +k,[L]

1.13. REACTIONS OF ION PAIRS

Electrostatic attraction causes formation of ion pairs. The lower is the sol-
vent relative permittivity, €, and the smaller are ion radii, the larger is the ion
pair formation. The degree of ion association can be very significant even in
solvents of high relative permittivity, e.g., in aqueous solution. Bjerrum* cal-
culated that univalent ions, having a diameter of 0.282 nm, are about 14%
associated in aqueous solutions; if the diameter is 0.176 nm, the ion associa-
tion is about 29%. It may be concluded that ion association is important even
in aqueous solutions, and of very great importance in solvents of low permit-
tivity.

Let us consider the substitution of a ligand X by a ligand Y~ in a metal
complex in which a ligand A is very strongly bonded, thus not undergoing
substitution (en = ethylenediamine):

K
[Coen,AX]"™ +Y~ — [Coeny,AX]" Y~ — Products

(ion pair)

* NILS JANNIKSEN BJERRUM, 18791958, professor at the University of Copenhagen, signifi-
cantly contributed to the theory of strong electrolytes and to solution coordination chem-
istry.
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or generally:

" _ Kp + _
MX" +Y™ = MX""...Y
free ion (FI) ion pair (IP)

W I (1.13.1)
MY™ + X- =2 My" ... x-

The equilibrium is quickly established. The rate of product formation is given by:

% = ky[F1]+ky[P] (1.13.2)

From (1.13.1) it follows that the equilibrium constant for ion pair formation is:

_[Ip]
T FIYT]
and;
[IP] = Kp[FIJ[Y] (1.13.3)

If the total concentration of the reacting complex is denoted as [complex]
then:

[complex] = [FI]+ [IP] = [FI] + Kp[FI][Y"] (1.13.4)
It follows that

_ [complex];

I+ Kp[Y7] (1.13.5)

[FT]

If reagent RY is in excess, then [Y~] is practically equal to the concentration
of the added salt, i.e., [Y™] = [RY]. From egs. (1.13.2), (1.13.3) and (1.13.5)
it follows that:

d[P] _ k,[complex]; N ki, Kip[complex];[RY]
dt 1+ K;p[RY] 1+ K;p[RY]

_ [complex |y (k, +kKip[RY]) (1.13.6)

1+ Kp[RY]
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Experiments show that

d[P

and equating this expression with the one above we obtain:

_ [complex]r(k, +k,Kip[RY])

kyps[complex ]y L+ Kp[RY]
and
obs = ka—l-k_;{%?[fi—{[% (1.13.7)
or
kops — k3 = kuKp[RY] — kg, oKip[RY] (1.13.8)

If we insert k,,, from (1.13.7) into the reciprocal of eq. (1.13.8), we get:

1 1
kb -k - k. Ko[RY _M[{ RY
obs  Ta vKip[RY] I+ Kyp[RY] r[RY]
and finally:

1 1 1
+
kobs - ka KIP [RY](kb - ka) kb - ka

(1.13.9)

By plotting 1/(ky,s—k,) vs. 1/[RY], or which is the same, vs. 1/[Y], a straight
line is obtained. The intercept is 1/(k,—k,), and the slope enables the deter-
mination of Kjp. See also Figure 1.13.1.

As an example for determination of k,, &, and Kjp, we quote the replace-
ment of CI” by SCN~ in 0.0005 M trans-[Co'"(en),Cl,]* in methanol (en =
NH,CH,CH,NH,; 60 °C). The ion pair equilibrium constant (K;p) amounted to
180 dm*mol~!, and k, and k, were 2.0x107° and 1.0x10~* 57!, respectively.!2°
Since the complex is symmetrical and the positive charge dispersed, the ion
pairing is weak.

On the other hand, Kjp in the replacement of chloride by NO,™ in 0.001 M
trans-[Co(en),NO,CI]* in methanol (30 °C) is much larger and amounts to
4300 dm*mol~!; k, = 0 and &, = 2.5x107* 57!, which means that the reaction
product is formed exclusively from the ion pair. Strong ion pairing is to be



78 CHAPTER 1

kobs

v

Figure 1.13.1. Schematic presentation of expression (1.13.7): when [Y™]= 0, k., = k,; when
[Y~]is very large, k= k.

expected because the “orienting” ligand, (NO,), due to its negative electro-
meric effect, attracts electron density, thus increasing positive charge of the
central metal atom, which leads to increased ion pairing,'?°

Table 1.13.1 contains values of equilibrium ion pair constants of some
positively charged cobalt(Ill) complex cations and univalent anions, includ-
ing also the divalent SO,>~ anion, for comparison.

As expected, by far the largest is K|p with the doubly negatively charged
SO42‘. We can also notice that the smaller the anionic radii, the larger are the
Kp values. The ionic radii (in A) increase in the sequence F~(1.36) < CI~
(1.81) < Br (1.95) < I"(2.18).

Table 1.13.1. Equilibrium ion pair constants (K;p) for some cobalt(IIT) complex
cations in aqueous solutions at 25 °C and practically zero ionic strength

Ion pair Kip Reference
Co(NH;)g* "+ I 17 121
Co(NH,)¢**++-Br~ 46 121
Co(NH;)¢**+ CI- 74 121
Co(NH;)3*-- SO, 2.2x10°3 122
Co(en)y>* - I 9 121
Co(en);>*++- Ny~ 11 121
Co(en)y*+- CI” 52 122

Co(NH;);CI2*.- CH;CO0" 5 123
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1.14. PRIMARY AND SECONDARY KINETIC
ISOTOPE EFFECTS

1.14.1. Primary Kinetic isotope effects

The rate of certain chemical reactions can be significantly changed if one
atom in a reactant molecule is replaced by an isotope of the same element.
Changes in reaction rates which are brought about by isotopic substitution are
called kinetic isotope effects. These effects are very important because they
are used to elucidate the reaction mechanism.

The isotope effect is mainly due to the ground state vibrational energies,
because these energies depend on atomic masses. Vibrational energies will
change during a reaction on the way from the reaction ground state to its tran-
sition state, since some bonds will be weakened and broken and new bonds
will be formed.

Considering eq. (1.4.15), we can conclude that the change in the reaction
rate can be due to changes in A*S° or ATH°, or both. The value of A¥S° is nor-
mally insensitive to isotopic substitution. Thus, isotopic substitution must
affect ALHC. For reactions in solutions, we have shown (1.4.20) that:

A'H® = E,—RT

Let us now consider the kinetic effects due to different masses of atoms
of the same element, e.g., in a reaction involving C—H bond breaking as the
slowest and therefore the rate-determining step. The reaction coordinate cor-
responds to the stretching of the C—H bond. If we replace hydrogen with deu-
terium, the replacement will take place on the bond being broken. The effects
that follow are called primary kinetic isotope effects. On the other hand, if the
heavy isotope is not on the bond being broken, but is only in the vicinity of
the reaction center, still influencing the reaction rate, the effect is called the
secondary kinetic isotope effect.

Replacement of hydrogen by deuterium leads to a lowering of the “zero-
point energy” of the respective bond. However, the energy of the activated
complex will change very little because the force constant (“spring constant)
of the activated complex is small; thus, the difference between the energies of
the transition states for light and heavy isotopes becomes negligible. Replace-
ment of hydrogen by deuterium will change the translation partition functions
(vide supra). However, the mass of the molecule as the whole is usually so
large that the total mass change can be neglected.

The energy of a molecule is the sum of electronic, vibrational, rotational,
and translational energies. Isotopic replacement will not change the electronic
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energy if the atomic nucleus contains, e.g., one additional neutron. In addi-
tion, translational and rotational energies are not significantly changed by
replacement of H by D either, as already mentioned. Thus, it is only the vibra-
tional energy that does change significantly and should be considered. We
can estimate these changes by supposing that a bond (e.g., C—D bond) behaves
like a harmonic oscillator.

As previously mentioned, the vibrational energy of a harmonic oscillator
at absolute zero is given by the equation:

Ey, = lh—l— f (1.14.1)
2 2n\u

Since the reduced mass u for a diatomic molecule is defined as

= My (1.14.2)
ma+mb
it 1 (1.14.3)

u m, my

E.g., if the relative reduced masses for oscillators C—H and C-D are denoted
py and u,, we have:

_lel_E
M=0r T 13

and
C1x2 12
M= T

We see that u; < u,, and from (1.14.1) and (1.14.3) it follows that the zero-
point energy (E) for the heavy isotope is smaller than E, for the light isotope.
The difference between the zero point energies of the ground state for the
light and heavy isotopes is given by the following equation:

A N A
AE, = 2h2n[\/:1 \/:J (1.14.4)

The equation can be rearranged into

_
0 4n

[ﬁ—ﬁ]ﬁ = const[f (1.14.5)
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We can see that the difference between zero point energies, (AEy), for light
and heavy isotopes is proportional to f/2. The force constant f'in the activat-
ed complex of the dissociative type reactions is very small, because the bond
in the activated complex is almost broken, and thus the difference between AE,,
for light and heavy isotopes, in the activated complex, becomes negligible.

We can look upon the force constant as a spring constant, and a measure
of the firmness of the spring of a two-atom harmonic oscillator. The stiffer the
spring, the larger is the spring constant. For illustration, force constants of
bonds C—C, C=C, C=C amount to 450, 930 and 1590 Nm™!, respectively. The
triple bond, being the strongest, has, of course, the largest f.

The described relations are depicted in Figure 1.14.1. We can see that the
difference of zero point energies for the light and heavy isotopes (= AEY) is
large in the reactants, but small in the reaction transition state (= AE(>). The
difference between activation energies for the heavy and light isotopes (EP —
E) is approximately equal to the difference between the zero point energies
of the reactants and the transition state, (AE§ — AES). However, since AE(S
is very small, we can write:

EP—EM = AE, ~ AER = N (EH - EP)R (1.14.6)

Thus, the difference between zero point energies for the light and heavy iso-
topes in the reaction ground state is practically equal to the difference of acti-
vation energies of the heavy and light isotopes. N, is the Avogadro constant.

A

Internuclear distance

Figure 1.14.1. Potential energies for C-H and C-D oscillators in the reactants (R) and in the
transition state (TS). The energy difference AE, = E}'~ EP is much larger in the reactants than
in the transition state (AEJ >> AE(S).
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In the following reactions, X is the light and X' is the heavy isotope.

k

RX —» R+ X (1.14.7)
k,

RX' —% R+ X' (1.14.8)

The primary kinetic isotope effect is given by the ratio &,/k,.

It is easy to show that the primary kinetic isotope effect, ky/ky,, for break-
age of C—H and C-D bonds, amounts to = 7 (if in the reaction transition state,
the proton or deuteron are “half transferred” to the base, causing a maximum
energy change; on the other hand, if the proton or deuteron are more or less
than half transferred to the base, the energy change is smaller than its maxi-
mum change, so ky/kp < 7 is to be expected).

In proton elimination reactions where hydrogen (or deuterium) are half
transferred to the base in the activated complex, the IR spectra show that the
wave numbers of C—H and C—D bonds are about 2950 and 2100 cm™!, respec-
tively. Since Ey = hv/2 = he/2), it follows that AER = (1/2)he(1/Ay; — 1/Ap)
=(1/2)x6.63x10734Jsx3x108ms~1x850x 10°m™! = 8.427x 10720 kJ per mole-
cule, i.e., 5075 kJmol™!.

The ratio of Arrhenius equations for the rate constants of elimination of
the light isotope (H) and of the heavy isotope (D) enables determination of
ky/ kp = exp(AE,/RT) = exp[5075 Jmol™!/(8.314 JK'mol~1x300 K)] = 7.6.

Indeed, in bromination of deuterated acetone, ky/ kp, amounts to about 7.124
This value is considered “normal”, and, as already pointed out, it is due to
symmetrical bonding between the atoms involved in the H(D) transfer from
the substrate to the base.!?> Calculations also show that the isotope effect is
maximal when all three atoms involved in the H(D) transfer lie on a line in
the transition state. In nonlinear configurations, ky/ kp, is reduced to values of
1-2.126.127 Nonlinearity appears in several intermolecular mechanisms. 126127

There are cases where the deuterium isotope effect is much higher than 7
(e.g., 24.2).128 Such high isotope effects are ascribed to proton tunneling (a
particle might be found on the outside of a container even though, according
to classical mechanics, it does not possess sufficient energy to escape. Such
passage through the classically forbidden zones is called tunneling, see section
1.15.). The H atom is small and, in principle, it can pass through the energy
barrier and appear on the other side of the barrier, without ever reaching the
top of the barrier. Thus, the hydrogen atom has not acquired the energy of
activation, normally needed for passing over the barrier.
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1.14.1.1. Primary Kinetic isotope effect of sulfur-34

The lighter the element, the larger is the ratio of the heavy and the light
isotope masses. Thus, the ratio of deuterium and hydrogen masses is 2/1, and
that of sulfur-34 and sulfur-32 is 34/32 = 1.0625. This is why the primary
kinetic isotope effect of deuterium is relatively high compared to that of sul-
fur-34. Consequently, the lowering of the zero-point energies E{! — EP is
much larger than that of the 32S—34S combination. As mentioned, the “nor-
mal” ky/ ky ratio is about 7, or [(ky/ kp) — 1]x100 = 600%, while &3,/ k34 ratio
is only 1.015, i.e., the isotope effect is about 1.5%.

Although the sulfur isotope effect is small, its determination might be
very useful in studies of reaction mechanisms. This can be shown on the fol-
lowing example: the hydrolysis of fert-butyldimethylsulfonium iodide pro-
ceeds according to the scheme:

k

(CH;);C32S"(CH;), —> (CH;);C" + *S(CH,), (1.14.9)
k

(CH,);C¥S*(CH;), —> (CH,),C* + 34S(CH3), (1.14.10)

Reactions (1.14.9) and (1.14.10) have to be taken into consideration,
since there is about 95.1% of 32S and 4.2% of 34S in nature. Isotopes 33S
(0.74%) and 3°S (0.016%) are not taken into account because of their small
concentrations.

Relatively slow reactions (1.14.9) and (1.14.10) are followed by the fast
reaction:

fi
(CH;);C" + HOH —~ (CH,);COH + H' (1.14.11)

The reaction products are fert-butyl alcohol, H" and I". The reaction rate
can be conveniently followed at 60 °C by titration of cooled aliquots with
sodium hydroxide.'?° It should be assumed that slow reaction steps (1.14.9)
and (1.14.10) involve breakage of the C—S bonds, that these steps are rate
determining and that the C—S bonds are almost broken in the reaction transi-
tion state. If so, the rates of formation of reaction products with light and
heavy isotopes are given by the first order rate equations:

'kzzt)

X3 = ap(l-e and Xyy = ay(l-e™)

The ratio of products containing 32S and 3*S is given by the expression:
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X3y _ d3p l—e_k“t

X3y gy 1-e7h

where a3, and as, are initial concentrations of reactants with 32S and 34S, respec-
tively, and x3, and x;, are concentrations of reaction products at reaction times
t. Applying the above equation to our substrate, we can write:

[*S(CH;), ], = [(CH;);C*2S"(CH3),Jy(1— ™) (1.14.12)
[**S(CH;),], = [(CH;);CH*S'(CH,), ], (1-e™™") (1.14.13)

In these equations, subscript zero denotes the initial concentrations of sulfo-
nium salts, while subscript ¢ refers to the concentration of dimethyl sulfide at
time . If we denote the reaction products 32S(CHj), and 3*S(CH,), as 32S and
343, respectively, and taking that the ratio 32S/34S in the sulfonium salt at ¢ =
0 is exactly equal to the ratio 32S/34S in the reaction product, when the reac-
tion is carried out to 100% completion, we can write (considering only the
first two terms of expansion of exponential functions):

i ) 1.14.14
3ig t 34g tzml__e—k“t (1.14.14)

k32 (32 S/ " S)t=small
k—34_ = W (1.14.15)

[=oco

and

In eq. (1.14.15), the subscript (=small) denotes the initial reaction stage
(about 2% completion of the reaction, while (#=oo) denotes 100% completion
of the reaction. This method gave the sulfur-34 kinetic isotope effect of 1.77%,
i.e., 32k/3*k=1.0177. The meaning of this result can be evaluated if we know
the maximum kinetic isotope effect for breaking the C—S bond. Assuming
that the C—S bond is entirely broken in the reaction transition state, the max-
imum isotope effect can be approximately determined by applying the theory

of Jacob Bigeleisen and Maria Goeppert-Mayer*.!3°

* MARIA GOEPPERT-MAYER, 19061972, Polish-American physicist, shared the Nobel Prize for
physics in 1963 with Eugene P. Wigner (1902—-1995) and J. Hans D. Jensen (1907-1973).
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In calculating the isotope effect, Bigeleisen considers all partition func-
tions of translation and rotation, vibrational excitation, and: vibrational zero-
point energies. Complete analysis of a kinetic isotope effect may be carried
out if the frequencies of all (3N—6) modes of the reagents and (3N—7) modes
of the transition state are known (in the transition state, the stretching of the
bond being broken is not a true vibration, but an anomalous one, with an
imaginary frequency vi).

At first, calculations of the kinetic isotope effect were possible only for
molecules with a few atoms. Nowadays, there are computer programs for cal-
culating vibrational frequencies for molecules with hundreds of atoms.

Calculation of the maximum isotope effect for C—S bond breakage is sim-
ple. Some of the C—S bond stretching frequencies of the relevant sulfonium
salts can be found in literature, but some can not. In general, the stretching
frequencies of C—S bonds of various sulfur-containing compounds lie between
700 and 800 cm™!. The Bigeleisen equation for calculation of the kinetic iso-
tope effect appears complicated: 30

k m 3N-6 3N=T7
k_1 - /“_1 1+ Y Gu)Ay;— Y Gub)Aut (1.14.16)
2 2

i=1 j=1

In this equation, y, i i, are reduced masses of C—2S and C—*S “har-
monic oscillators”, N is the number of atoms in the molecule under study,
3N-6 is the number of modes of vibration for a non-linear molecule, and
3N-35 for a linear molecule. The expression will be simplified owing to the
fact that we wish to calculate the maximum isotope effect when, in the reac-
tion transition state, the C—S bond is practically broken. For this reason, the
right term in the bracketed expression of eq. (1.14.16) can be neglected, since
we take the C—S bond, isolated from other atoms, as if it were a diatomic mol-
ecule, having 3N—5 modes of vibration in the ground state (i.e., one mode of
stretching vibration), and 3N—6 modes of vibration in the reaction transition
state, i.e., none.

Eq. (1.14.17) is the G(u) free energy function of Bigeleisen and Goeppert-
Mayer:!30

1 1 1
Gu) = ———+ 1.14.17
(1) AR ( )
where u and Au are defined by expressions:
u="%0 and  Au= " e (1.14.18)

" kg ksT
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where o is the average wave number of the C—2S (=750 cm™!) and C—4S
(=744 cm™) vibrating combinations; their difference, Aw, is 6 cm™!.
Simplified eq. (1.14.16) acquires the form:

A \/Z:; [1+ Gl au] (1.14.19)

It follows:
1
LI R P S )
My 12.0000 31.9721
1 : 1 w = 8.8674

o 12.0000 33.9679

By inserting in (1.14.18): T=298 K; = 6.63x1073* Js; ¢ =3x100 cms!;
kg =1.380x10723 JK~!, we get he/kgT=4.836x 1073 cm. Since C—32S vibra-
tions occur between wave numbers 700 cm™! to 800 cm™, using eq. (1.2.3),
we can calculate the corresponding limiting wave numbers for C—34S as 694
to 794 cm™!.

Thus, the values of the mentioned functions are:

Au=29016x102 u=3.3707 G(u)=0.2389

Finally, 3%k/3% = 1.0151, or 1.51% (lower limit); 32%k/3%k = 1.0157, or
1.57% (upper limit), the average calculated value being 1.54%.

We can see that the calculated S kinetic isotope effect for the C—S bond
breakage (1.54%) is smaller than the measured isotope effect (1.77%). It
should be pointed out that such calculations are approximate, and that they
are based on C—S vibrations, where vibrations of lighter carbon atom pre-
dominate. In addition, the sulfur atom is bonded to the rather large effective
mass of tert-butyl group, causing an increase of the isotope effect.

Regardless of all these approximations, a valuable mechanistic conclu-
sion can be drawn: hydrolysis of fert-butyl iodide is a dissociative process.
Since most reactions that produce carbonium ion appear to have transition
states closely resembling carbonium ion, it seems reasonable to assume that
the isotope effect for the hydrolysis of ters-butyldimethylsulfonium iodide in
water is a good approximation of the maximum isotope effect for the C—S
bond cleavage. In sharp contrast to this is the very small isotope effect in the
E, reaction of 2-phenylethyldimethylsulfonium bromide with hydroxide ion
in water:
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C6H5CH2CH28+(CH3)2BI'_ + Na+ + OH—_ —
C H;CH=CH, + HOH + Na* + Bt + S(CHj),

which amounts to only 0.15%. It can be concluded that in this reaction the
C-S bond is stretched very little in the transition state, and therefore the tran-
sition state must have a considerable carbanion character.

One should remember that in molecules with a number of atoms, substi-
tution might also influence the remaining vibrational frequencies, not only
stretching frequencies.

Isotope effects can explain many processes in nature. For instance, natu-
ral isotopic abundance of sulfur varies in different deposits. Thus, there is
more sulfur-34 in sulfates than in elementary sulfur. Different chemical reac-
tions with sulfur occur in nature, and in many cases sulfur circulates as hydro-
gen sulfide, various sulfides, sulfates, and so on. Sulfur-34 is enriched in sul-
fates, following the principle that the heaviest isotope forms the strongest
bond. This fact offers the possibility of getting an insight into early geologic
periods. E.g., ocean water evaporating in the equatorial region yields water
vapor poorer in deuterium but richer in protium. Thus, deuterium accumulates
in the liquid phase. Winds transport hydrogen-enriched water vapor into polar
regions, where ice contains deuterium in somewhat reduced concentrations.
In this way, we can obtain some information about the temperatures of past
geologic periods.

1.14.1.2. Isotope effects and the mechanism of enzymatic catalysis

It is generally accepted that enzymes act so as to stabilize reaction transi-
tion states. If the energy of a transition state is lowered, the reacting system
will reach it with more ease and the reaction rate will increase. On the other
hand, there are substances that can bind enzymes very strongly, yielding sim-
ilar transition state, which may serve as enzyme inhibitors, a procedure of
great importance in pharmaceutical sciences.!3!

1.14.2. Secondary kinetic isotope effects

Until 1950, isotope effects were noticed only in reactions involving bond
breaking (or bond making) between an atom (often carbon) and the isotope
under study. Independently, Lewis and Boozer,'3? and Shiner!'?3 observed that
solvolyses, in which hydrogen, bonded to B-carbon, is replaced by deuterium,
are significantly slowed down:
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__ﬁ(|:_alc_ by - _Ecl;_g(l;___ e x  kn>ky  (1.14.20)
Lo

(8)) (OH Y
We notice that in (1.14.20) deuterium is bonded to B-carbon and that the bond
between BC and H(D) is not broken during the reaction.

In 1957, three research groups, viz. Streitwieser and Fahey,!3* Saunders,
ASperger, and Edison,'?* and Mislow, Bor¢ié, and Prelog*,!3¢ observed iso-
tope effects in solvolyses of compounds deuterated on the reaction center,
i.e., on o-carbon, as in (1.14.21):

§ al

—C—X+Y — —C—Y +X ke > kp (1.14.21)

|

(DH (DH

The bond between o-carbon and deuterium is not broken in the solvolysis
transition state, but the presence of deuterium, bonded to the reaction center,
causes the reaction rate decrease. Isotope effects such as in (1.14.20) and
(1.14.21) are called secondary kinetic isotope effects, to be clearly distin-
guished from primary isotope effects. Secondary isotope effects were defined
as rate effects caused by isotope substitution on the bond not broken in the
rate-determining step.

The only condition for a kinetic isotope effect to occur is the change of
the force constant on the way from the ground state of reactants to the tran-
sition state, as shown by eq. (1.14.5). This condition can be fulfilled though

*  VLADIMIR PRELOG, 1906-98, Croatian born Swiss chemist, shared the 1975 Nobel Prize for
chemistry with J. W. Cornforth for studies in the stereochemistry of organic molecules and
reactions. Prelog attended secondary school in Osijek and Zagreb, Croatia, studied chem-
istry at the University of Prague, receiving his PhD in 1929. He began teaching at the
University of Zagreb in 1935, first as a lecturer and later as professor of organic chemistry.
In 1941, on the invitation of Lavoslav (Leopold) RuZitka [Croatian born Swiss chemist,
1887-1976, the recipient, with A. Butenandt, of the 1939 Nobel Prize for chemistry for his
work on the terpenes, best known for his work on male sex hormones], Prelog joined the
faculty of the Federal Institute of Technology (ETH) in Ziirich, where in 1957 he succeed-
ed Ruzicka as head of the laboratory of organic chemistry. Prelog was an excellent lectur-
er. RuzZiCka attended some of his first lectures, delivered at ETH in somewhat broken
German, and commented: "Prelog knows organic chemistry better than I do, but I am bet-
ter in German”. RuZi¢ka was born in Vukovar, Croatia; he attended secondary school in
Osijek. By sheer coincidence the author of this book (S.A.) graduated from the same high
school in Osijek, as RuZi¢ka and Prelog did. During his study at the University of Zagreb,
S.A. was so enthusiastic about Prelog’s stimulating lectures that he abandoned the studies
of electrical engineering and switched to chemistry.
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the bond to the isotope does not get broken but only weakened in the rate-
determining step.

1.14.2.1. Secondary p-deuterium Kinetic isotope effect

Secondary B-deuterium kinetic isotope effect is caused by hyperconjuga-
tion, i.e., by the interactiom of C—H or C-D bond electrons with the emptied
p orbital of a-carbon after the formation of carbonium ion.* This interaction
stabilizes the carbonium ion. The electron shift from PC—H bond into the emp-
tied p orbital of *C is larger than the analogous shift from PC—D bond, which
means that the former electron shift stabilizes the carbonium ion better than
the latter. The better-stabilized carbonium ion has a lower Gibbs energy of
activation, which means a faster reaction with protium and slower with deu-
terium.

The secondary B-deuterium kinetic isotope effect is cumulative, as it has
been shown by Shiner.!3” Thus, the rates of the tert-amyl chloride solvolysis
depend on the degree of deuteration:

CH3
CH3—CH,—CD,—C—ClI —— products

CHs
kyylkpy = 1.40, or 40%/2D

20%/D

CD;
CH3—CH2—CH2—(|3—CI —  products

CD;
ky/kp =177, or 77%/6D

il

13%/D

CDs3
CH3—CH,—CD,—C—ClI —— products

CD;
kilkp = 2.35, or 135%/8D = 17%/D

* The term carbonium ion has been challenged because comparable oxonium ions (e.g.,
H;0") and ammonium ions (NH,") have electron octets. The terms carbocation or carbeni-
um ion have been suggested, and are often used.
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1.14.2.2. Secondary o-deuterium kinetic isotope effect

Secondary a-deuterium kinetic isotope effect proved to be very useful in
distinguishing between the organic reaction mechanisms of dissociative
(Sy1) and associative (Sy2) types. A. Streitwieser, Jr. et al.'3* and K. C. Westa-
way'38 (see also the review article by D. E. Sunko!4!) explained the second-
ary o-deuterium kinetic isotope effect as being due to changes of the out-of-
plane bending frequencies of the C-H(D) bonds. These frequency changes
are due to the change of carbon hybridization from sp? in the ground state to
sp? in the reaction transition state. Considerations on models suggest that out-
of-plane bending frequencies are substantially lower in the carbonium ion-
like transition state than in the tetrahedral ground state. On the other hand, the
transition state of Sy2 substitutions has a geometry similar to the trigonal
bipyramid, because the outgoing substituent has not yet left the molecule
while the entering substituent is already weakly bonded. In such a geometric
structure of the transition state, the out-of-plane bending vibrations are sub-
dued, as compared to freer vibrations of the planar sp? hybrid. This simpli-
fied model explains why the o-deuterium kinetic isotope effect disappears in
Sn2 reactions, while in Sy 1 reactions the a-effect is substantial (up to 25% per
one D atom). However, this simplified model does not enable calculations of
the rates and isotope effects in Sy2 reactions.!* A different explanation of the
a-deuterium kinetic isotope effect was put forward by Wolfe and Kim. 4% They
suggest that the decrease of the a-effect in Sy2 reactions is due to a looser
rather than stiffer transition state. For a better insight, specific literature should
be consulted.!*! Nevertheless, experiments show that the o-deuterium kinet-
ic isotope effect of Sy2 reactions is equal to one, or slightly larger than one,
while in Sy1 reactions it is at its maximum, or very near to it.

1.15. INFLUENCE OF TUNNELING ON THE PRIMARY
AND SECONDARY KINETIC ISOTOPE EFFECTS

There are cases where the primary deuterium kinetic isotope effect is
much larger than 7, for instance 24.2, as found by Lewis and Funderburk. !4
Such a high isotope effect is ascribed to proton tunneling. The hydrogen atom
is small and, in principle, it can pass through the thin potential energy barri-
er and find itself on the other side of the barrier, though its energy is smaller
than the energy of activation needed for passing over the barrier. The phe-
nomenon of tunneling is due to the Heisenberg “uncertainty principle.” There
are reactions where ky/k; (T refers to tritium) amounts to 79.%3 Unfortunately,
the interpretation of kinetic isotope effects is often blurred by short-lived
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intermediates. Thus, reaction branching can, under certain conditions, lead to
anomalous temperature effects and extremely high kinetic isotope effects,
which can imitate effects normally ascribed to tunneling.

The force that holds two similar atoms together, for instance two hydro-
gen atoms in a diatomic (H,) molecule, is due to the fact that one electron,
which only in the classical sense belongs to one or the other hydrogen nucle-
us, can exchange nuclei by quantum tunneling, and thus it belongs to both
atoms. 44145 We are talking about a double harmonic oscillator. In this case,
there are two masses, m; and m,, bonded by a spring, and therefore forced to
move in a straight line, having the force constant £, and the equilibrium dis-
tance a. If x; and x, are coordinates of the point-masses involved, p; and p,
are their moments, and the forces between these two bodies are equal but of
opposite direction, then, in the classical sense, relative movement can be
replaced by equivalent movement of one body of reduced mass. !4

Let us observe the movement of a particle towards a potential barrier of
the final heights U, and thickness d. Let us assume that the particle energy is
smaller than Uj,. In the classical sense, it is not possible for the particle to find
itself on the other side of the barrier, but it is always reflected from the bar-
rier. However, quantum mechanics shows that reflection and transmission of
the particle (the wave packet) must be always considered, regardless of the
particle energy, but with different probability. Figure 1.15.1 shows schemati-
cally the typical results for |(x,?)|* (1 = wave function), obtained by numer-
ical solution of the problem of “dispersion” on the barrier. 4’

Schrodinger equation (1.15.1) for one-dimensional motion

d*y 8n’m
2t 2
dx h

(E-U) =0 (1.15.1)

can be used to calculate the tunneling probability of a particle of mass m,
which penetrates the barrier from the left side (Figure 1.15.1). In case the
wave packet energy is larger than the barrier (£ > U) and the barrier is of con-
stant height, the solution is obtained by integration:'4’

b= A ikt
where:

_on

k 2m(E-U)

and constant 4 is given by the expression:
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(a)

_light isotope
7. heavy isotope

Wave function

(c)

Figure 1.15.1. (a) Initial wave packet moves toward the barrier; (b) strong interference effects
appear when part of the wave packet enters the barrier, and therefore the wave function oscil-
lates (for E<U), but it decays exponentially inside the barrier. The wave function of the heavy
particle decays inside the barrier, while the light particle has a significant probability of tun-
neling (c) the small wave packet has passed the barrier and the reflected wave package leaves
the barrier in the opposite direction (adapted from ref. 145).

A° |x|<a

1
 arn
which follows from the Gaussian function:

Y(x,0) = Ae™C
IfE<U,
P = de™™

where:

I = 2—}:r1/2n1(E—U)
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Thus, the wave function in front of the potential barrier is:'4

¥ = 4eP + 47" x<0

The reflected wave appears in front of the potential barrier, part of the wave
function corresponding to 4,exp(—ikx). Behind the potential barrier, the wave
continues in the positive direction of axis x:

1,) - cei(kx—a)

where « is the phase shift.

The wave should be represented by a continuous function. As already
mentioned, this function is very complicated because of the interfering effects.
If the energy barrier is very broad (d is large), then the probability of passing
through the barrier by tunneling is small, so that the total wave packet is prac-
tically reflected. If the barrier is thin (d is very small), the wave packet has a
good chance to pass the barrier. If /d > 1 (the barrier is rather broad), the coef-
ficient of passage through the barrier (P) is approximately given by expres-
sion (1.15.2):147

_ 16E(U, - E) e-%/Zm(tJo—E)

P
Us

(1.15.2)

We can see that P decreases exponentially with the barrier thickness (d),
with the particle mass m!2, and with the energy difference (Uy~E)V. This is
the reason why there is a probability of hydrogen tunneling, but for deuteri-
um and tritium the probability of tunneling is negligible indeed. Hydrogen
tunneling contributes to the size of the deuterium and tritium isotope effects.
The ratio of probabilities for H and D tunneling (Py/Pp) is approximately
300.

The rapidly established equilibrium in proton transfer reactions shows the
proton’s ability of tunneling.

Of special interest to chemists is the tunneling of H in NH;, which yields
the characteristic inversion spectra. The appearance of these spectra can be
only explained by tunneling. This is regarded as a great achievement of quan-
tum mechanics. 140
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1.15.1. Extremely high Kkinetic isotope effects and tunneling

It has been found that the measured kinetic isotope effects (primary and
secondary) are sometimes significantly higher than the expected values.
Maximum isotope effects will be observed when there is practically no dif-
ference between the zero-point energies of isotopically labeled substrates in
the reaction transition state (eq. 1.14.6). Then, as already pointed out, the dif-
ference between the energies of activation EP — EX =~ EH - ED.

We should bear in mind that Arrhenius’ pre-exponential factors (4 = PZ,
where P is the steric factor and Z is collision number) are almost equal for all
isotopically labeled compounds. Namely, the change of the number of neu-
trons in nuclei does not significantly influence the value of PZ, because the
charge of the species does not change. Investigating different reaction mod-
els it was found that 4};/4, was always between 0.7 and 1.2 (for the tempe-
rature range 20-2000 K); the absolute minimum was 0.5.148 Thus, we can write:

Ky g-E kT (1.15.3)
kD

Smaller isotope effects than calculated from (1.15.3) are ascribed to reac-
tions passing through an asymmetric transition state,'4%150 as already discus-
sed. If it is found that 4y/4p, is about 1, and AE, is smaller than expected
[smaller than (E{! — EJ)], while ky/kp follows eq. (1.15.3), we can conclude
that the temperature dependence of the reaction under study is “normal”.
Larger effects than those foreseen are explained as being due to tunneling.
Tunneling effects are always connected with abnormal temperature depen-
dence of the reaction rate, compared to that foreseen by the Arrhenius equa-
tion.!52 If Ay/Ap, < 0.6, a correction for tunneling is considered necessary.!>!

Figure 1.15.2 explains schematically why tunneling leads to abnormal
temperature dependence of the reaction rate and to the ratio of pre-exponen-
tial factors Ay /Ap, < 1. As already mentioned, deuteration will not significant-
ly change the values of 4 = PZ. Besides, steric configuration and the colli-
sion number will not be changed significantly by isotope substitution, because
the increased number of neutrons does not affect the electric charge, on which
the steric factor strongly depends. Figure 1.15.2 refers to the rates measured
at temperatures close to room temperature; we can see that, as expected, the
deuterated compound reacts more slowly than the protium compound. If tun-
neling is present, it involves hydrogen only, not deuterium. Tunneling will
increase the reaction rate constant, &y, but this kinetic effect will be lost at
higher temperatures, since at higher temperatures the passage over the ener-
gy barrier becomes easier for all molecules, whether deuterated or not.
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InAy =InAp

Ink [\ T

o= -0--0._0_0__0__0_0-

\

T

Figure 1.15.2. Arrhenius’ plot yields 4y/4p < 1, suggesting the presence of tunneling in the
reaction system.

Experimentally obtained In A4y and InAy, values can differ because they are
invariably determined by extrapolation of straight lines to 1/7 = 0 in Arrhenius
plots. However, it is expected that at high temperatures, when tunneling
becomes unimportant, the data for H will deviate from the straight line in the
high temperature region, and the In4y; and In Ay, values will coincide. Since
In Ay and In Ay, are determined by extrapolation of the rates measured around
room temperature, extrapolation yields a false value of In Ay, causing 4y/4p
< 1; this points to the possible presence of tunneling in the reaction system.

1.15.2. Secondary o-deuterium kinetic isotope effect
and tunneling

In reactions where the secondary a-deuterium kinetic isotope effect (a-D
KIE) was substantial (20% per one D, or more) the mechanism was found to
be dissociative (Sy1), with the transition state similar to the carbonium ion.
Small o-KIE were found in nucleophilic substitutions of the associative type
(Sn2).153 In these substitutions ky/k,_, amounted to about 1.00 (no isotope
effect). The size of the o-D KIE is characteristic of the leaving group. It is
about 1.15 for the leaving chloride, and about 1.23 for sulfonates. 34155

Lately, it was observed that the measured a-D KIE considerably exceeds
the maximum value of the expected isotope effect. Thus, the o-D KIE for pro-
ton dissociation in some elimination reactions was found to be much higher
than the expected maximum. Such results are ascribed to tunneling.'3 That
tunneling can contribute not only to primary but also to secondary KIE is sup-
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ported by model calculations, which predict appreciable tunnel corrections
when the bending motions of the non-transferred proton are coupled with the
stretching motion of the transferred proton.'>” Calculations also indicate that
tunneling can lead to the same kind of abnormal temperature dependence as
that observed for primary isotope effects; the ratio of Arrhenius’ pre-expo-
nential factors Ay /Ap (or Ay/Ay) is significantly less than unity. An example
of this behavior is the reaction of PACHTCH,NMe;" with EtO™, which gives
Ay/Ar = 0.705 £ 0.024.'> Tunneling is expected to be diminished when an
atom heavier than the proton is transferred, and (kp/ky)s, is in fact lower when
deuterium is transferred than when protium is transferred.!>® The assumption,
which can be a priori accepted, is that a-D KIE reflects changes on the bond
of the electron-donor atom in the reaction transition state, which is, in most
cases, related to hybridization changes. If so, o-D KIE should vary monoto-
nously from a small value for a transition state similar to the reactant to an
equilibrium value for a transition state similar to the product.!>” However,
experiments show that a-D KIE of the hydride ion transfer are significantly
higher than equilibrium effects.!3%160 Of special interest is the calculation of
the transfer of the hydride ion.!®1:12 In any case, studies of a-D KIE often
offer new important mechanistic information.

Despite the fact that the possibility of hydrogen tunneling in chemical
reactions had been foreseen almost at the beginning of the quantum theory
development, its acceptance took a long time because it was difficult to sup-
ply unambiguous experimental proofs.!%> Most evidence involved primary
KIE. Thus, it has been shown that correction for tunneling, Q,, decreases with
an increase of isotopic masses: Qyyy> Qyp) > Oyr)- It is generally accepted
that primary KIE: ky/kp > 12 and ky/kp > 36 (at 25 °C) provide reasonable
evidence of the presence of tunneling.'%* But smaller effects than those men-
tioned can be also due to tunneling. Additional criteria for tunneling include
an unusually steep temperature dependence of the reaction rate, and ratios of
Arrhenius’ pre-exponential factors Ay/Ap, and Ay/Ay smaller than 1, as already
discussed.

1.15.2.1. Reaction branching and extreme Kkinetic isotope effects

We have just mentioned that extreme KIEs are often accompanied by
anomalous temperature effects, but these effects can be also due to reaction
“branching”, which can fully mimic the effects caused by tunneling.

Appearance of reaction branching, accompanied by extreme KIEs, often
serves as evidence of the existence of short-lived intermediates. Thus, efforts
were made to procure evidence for the existence of carbanions in proton
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transfer reactions, and also to support the existence of carbocations and ion
pairs in solvolyses. It has been shown in a series of papers'®* that competi-
tion between two processes with different KIEs, but with a common rate-
determining step, leads to an increse of KIE in the process with a larger KIE.

Early literature explains extremely high isotope effects as being due sole-
ly to tunneling.!%® Today, however, it is known that unusually high primary
KIEs, as well as ratios of Arrhenius’ pre-exponential factors much less than
1, may be due to reaction branching if the rate of the reaction studied increas-
es with temperature much more than the rate of the parallel reaction. Let us
consider the composite reaction:

ky ky ks
RX == R'X~ === R'[|[X~ == R" + X" (1.15.4)
| - | : |
ROS ROS ROS ROS

Scheme (1.15.4), the so-called Winstein's* scheme of ion pairs, includes
the tight (intimate) ion pair (R*X"), the solvent separated ion pair (R*[|X"),
and the free ions. The scheme also includes reverse reactions at specific rates
k_3, k_y and k_;. It is just such a mechanism that can yield activation param-
eters mimicking those caused by tunneling.!%® Thus, acetolysis and formoly-
sis of dideuterioferrocenylmethyl benzoate yield a very high o-D KIE, and
exhibit an abnormal temperature dependence. In the presence of LiClIO, (= 0.1
mol dm™3), which prevents the reverse of the solvent separated ion pair into
the tight ion pair, ky/kp, at 25 °C, amounts to 1.5340.02 (acetolysis), and to
1.48+0.03 (formolysis).!%” In the presence of LiClO,, the ratios of Arrhenius’
pre-exponential factors, Ay/4p, amount to 0.49+0.01 (acetolysis), and to
0.38%£0.04 (formolysis).

* SAUL WINSTEIN, 1912-1969, professor of chemistry at the UCLA, was a leading figure in
the development of the ion-pair chemistry. He showed that the carbocation could often be
associated with some negatively charged ions to give contact-ion pairs and/or solvent-sep-
arated ion pairs. The carbocations, however, were so short-lived that, at that time, they could
not be directly observed with spectroscopy. Investigations of the nucleophilic substitutions
and rearrangements of 2-norbornyl derivatives led S. Winstein to suggest, in the early 1950s,
that the intermediate carbocation was nonclassical and contained a pentacoordinated car-
bon. As the structures of carbonium ions were of great theoretical interest, the ensuing sci-
entific controversy lasted for decades before finally solved.
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Chapter 2

SUBSTITUTION REACTIONS
ON METAL COMPLEXES

2.1. INTRODUCTION

A chemical bond, represented in terms of shared pairs of electrons, can be
broken homolytically or heterolytically, as shown by the following equations:

A:B — A-+°B Homolysis 2.1.1)
A:B — At +:B” Heterolysis (2.1.2)
A:B — A" +B* Heterolysis (2.1.3)

In homolysis, both fragments hold one electron each. If neither A nor B
are transition metals, homolysis will lead to formation of free radicals. For
instance, molecular chlorine, Cl,, whose dissociation energy is relatively low
(AH° = 242.67 kImol~! = 58 kcalmol™) will yield free radicals under the
influence of light, or at elevated temperatures:

energy

Cl, —= 2.Cl- (2.1.4)

Radicals formed in this way can, even in small quantities, initiate chain reac-
tions:

CH, +Cl- == CH;-+HCl (A H°= 4.18kImol™))  (2.1.5)

Methyl radical reacts further with chlorine:
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CH,* + Cl, — CH;Cl+Cl- (AH®=-107.5kImol")) (2.1.6)

Chlorine atom proceeds to react in the chain reaction. In practice, the chain
reaction stops after some 10000 cycles. The reason why the chain reaction
discontinues is destruction of the chain carrier, as in eq. (2.1.7), when two
radicals collide:

CH, + Cl- — CH;Cl (2.1.7)
or

Cl-+Cl- — Cl, (2.1.8)
or

CH;- + CH;» —> CH,CH, (2.1.9)

In reaction (2.1.8), two colliding chlorine atoms form a molecule, the
released bond energy remains in the molecule as vibrational energy and exceeds
the dissociation energy. Thus, the molecule just formed will dissociate unless
a third body or wall happens to be present to take up the excess energy.

In homolyses of complexes, as in (2.1.1), the electron left on the metal,
“metal radical”, is relatively stable so that homolysis leads to a reduction of
the metal center [e.g., cobalt(Ill) is reduced to cobalt(Il)]; in other words, a
redox process takes place.

Heterolytic reactions (2.1.2) and (2.1.3) are basically different. Reaction
(2.1.2) requires an entering ligand that is a nucleophile, i.e., a Lewis base.
Such substitutions are called nucleophilic and carry the well-known symbol
Sn- They can be unimolecular (Sy1) or bimolecular (Sy2), as already dis-
cussed in section 1.7. On the other hand, heterolysis as in (2.1.3) leaves the
metal center with an electron pair. Such substitutions are called electrophilic
and carry the symbol Sg. Analogously to nucleophilic substitutions (Sy1 and
Sn2), electrophilic substitutions can be unimolecular or bimolecular, and
carry symbols Sg1 or Sg2.

2.2. REACTIONS OF ORGANOMETALLIC COMPLEXES
WITH HALOGENES (S;2 MECHANISM)

Many organometallic complexes react strongly with chlorine and bromine.
Their standard reduction potentials are as follows:

Ch+2e = 2CI" E°=+1.3595V
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Br,+2e == 2Br- E°=+1.0652V
Reactions:
RM +Cl, — RCl1 + M*CI~
RM + Br, — RBr + M*Br~
are considered electrophilic and can be written:
RM + Br* — RBr+ M* 2.2.1)

where Br* symbolizes the reaction with Br,, and reminds us that Br, reacts
as an electrophile (Br*Br™).

Substitutions of the Sg1 type are encountered in reactions of organometal-
lic compounds in which carbon-metal bond (C—M) is clearly ionic in charac-
ter.

Bimolecular electrophilic substitutions (Sg2) are very frequent. They pro-
ceed with retention or with inversion of configuration at the alkyl group.
Examples are Sg2 reactions (2.2.2) and (2.2.3):

H H
l ' '
CH3—CH2—CI:—HgBr + Br, — CH3—CH2—(I3—BF + HgBr» (2.2.2)
CHg CHs
I i
CH3—CH2—?—SHR3 + Brp —= CH3—CH2—C|J—Br + R3SnBr (2.2.3)
CH3 CHS

The transition state for reaction (2.2.3) is similar to that in reactions of the
SN2 type; steric factors are similar as well. The transition state has the struc-
ture:

CHiCH, *

Br---Br---C---SnRy
5~ | 5+
CHa
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2.3. LABILE AND INERT COMPLEXES

Labile complexes are complexes that react within a few minutes at room
temperature. Inert complexes are complexes that react so slowly that their
rates can be followed by conventional techniques.

The concepts lability and inertness are related to the reaction rate. They
should not to be confused with (in)stability, which is a thermodynamic con-
cept. Thermodynamics is concerned with the initial and final stages of a reac-
tion only, i.e., the reaction equilibrium, which depends on the Gibbs free
energy: —A,G° = RT InK®. On the other hand, the rate at which equilibrium is
reached is a kinetic problem, connected with the reaction mechanism.

A kinetically inert complex can be stable at the same time, but these con-
cepts are not necessarily connected. Thus, a stable complex can be kinetical-
ly labile. For instance, [Hg(CN),]*>~ has a high stability constant (B, = 10*?).
Nevertheless, its cyanides are exchanged very rapidly in solutions, as shown
by labeled CN™. In addition, SiCl, is a very reactive compound. However, the
equilibrium of its formation from elements is shifted entirely to the SiCl,
side, according to the scheme:

Si(s) + 2Cly(g) — SiCl, (1)

which points to the conclusion that SiCl, is thermodynamically stable. On the
other hand, the following fast reaction takes place in aqueous medium:

H,0
SiCl (1) —— SiO,(H,0), + 4H*(aq) + 4CI (aq)

As can be seen, SiCl, has become thermodynamically unstable and at the
same time kinetically labile.

Transition metal complexes were intensively studied at the beginning of
the 20" century. As Alfred Werner anticipated, complexes with the coordina-
tion number six are octahedral. (Coordination number is the number of ligands
bonded to the central metal atom). Just as the tetrahedral configuration is most
common in organic chemistry, so is the octahedral configuration the dominant
structure of inorganic complexes. This is the reason why most attention is paid
to the octahedral structure.

Henry Taube* offered a theoretical explanation of the reactivity of octahe-
dral complexes, in the qualitative sense. He assumed that a labile metal complex

* HENRY TAUBE is a Canadian-born American chemist. He was educated at the University of
Saskatchewan at Saskatoon (Canada) and the University of California at Berkeley. He taught
at Cornell University in Ithaca, N.Y., and at the University of Chicago before joining the
faculty of Stanford University (California.) in 1961. His most important contribution relates
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ion must have an empty t,, orbital of low energy, or at least one electron in
e, orbital of high energy. Under such conditions, the t,, orbital can accept
electrons of an entering ligand in the transition state of either an associative
(A) or an interchange associative (I,) process. On the other hand, if electrons
in the transition state occupy an e, metal orbital of high energy, the inter-
change mechanism (I), or interchange dissociative mechanism (I), will be
favored, because the bond will be weak in the ground state.

An inert metal ion must have at least one electron in the t,, orbital, and
none in the e, orbital. Such ideas about labile and inert complexes can explain
many experimental data of the rates of octahedral substitutions. Thus, the low
spin complexes of chromium(III) (t2g3), cobalt(III) (t2g3), iron(1I) (tzgé), and
iron(III) (t2g5) are inert. This approach explains why vanadium(III) (tzgz) is
more labile than vanadium(II) (t2g3).

This rationalization helps us understand why chromium(I1II) (t2g3) is inert
whereas chromium(Il) (ty,’e,') is labile. Nevertheless, some experimental
data remain unexplained, e.g., why the exchange of water in hydrated nick-
el(Il) (3d®) is 10% times slower than in cobalt(Il) (3d’), and more than 10*
times slower than in copper(II) (3d°).

2.4. CRYSTAL-FIELD THEORY

The crystal-field theory was first put forward by Bethe! in 1929. Several
review articles were published in the following forty years.” The essence of
the theory is the fact that all five d orbitals are degenerated (equal in energy),
in a gaseous metal ion, but not in an electrostatic field of lower symmetry,
formed by ligands (crystal field).

Orgel? and Jgrgenson* were the first to note the importance of the stabil-
izing effect of the crystal field and its influence on the rate of ligand substi-
tutions in metal complexes. Earlier contributions in the field were described
in a review article by H. Taube.> Orgel pointed out that the reactivity of d, d!
and d* complexes, as compared with d* complexes, can be explained assum-
ing that the first two complexes react by the Sy2 mechanism, the entering lig-
and occupying the empty d orbital of low energy. Thus, if the d, orbital is

Xy

to the oxidation or reduction of one metal ion by another involving exchange of electrons.
Many such reactions occur rapidly in aqueous solutions though the water shells or other lig-
ands prevent the two ions from approaching close enough for a direct electron exchange.
However, if there were an atom, or group of atoms, firmly bonded both to the oxidant and
the reductant, this would provide a path along which the electrons might travel. Taube
demonstrated that such a mechanism involving a firm ligand bridge may be present at the
time of electron transfer. Taube obtained the Nobel Prize for chemistry in 1983, “for his
work on the mechanisms of electron transfer reactions, especially in metal complexes”.
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empty, the entering ligand will occupy this orbital. This will not be possible
in d3 and higher systems, because the electrons must pair, and pairing of elec-
trons requires energy and increases the energy of these orbitals. Thus, all
octahedral systems, regardless of whether they pass through the transition
state of coordination number five (dissociative mechanism) or through the
transition state of coordination number seven (associative mechanism), will
react slowly. This is so because the crystal field stabilization energy lowers
the energy of the ground state, thus increasing the energy needed for forma-
tion of the transition state. In other words, the energy of activation will be
increased, which will cause a decrease of the reaction rate, in accordance with
the Arrhenius equation. These ideas were elaborated in a semiquantitative
manner by Basolo* and Pearson®* in their first book,5 and further elaborated
in its second edition.?

2.4.1. Splitting of d orbitals in the octahedral crystal field

Let us consider the behavior of a metal ion in the center of an octahedron,
surrounded by six ligands placed in the corners of the octahedron. Six elec-
tron pairs of ligands repel each other. These repulsions are the smallest if the
six electron pairs are placed in six corners of the octahedron. There is no
more favorable geometry, with less repulsions than the octahedral configura-
tion. Let us consider titanium Ti** ion (3d!). When ligands are still free, i.e.,
not bonded to the metal, the lone d electron finds all five d orbitals equivalent
for its accommodation. However, after the ligands are bonded, their six elec-
tron pairs mutually repel and the “crystal field” raises the energy of d orbitals.
A metal-ion electron, in a d orbital that has lobes directed toward ligands, has
a higher energy (because of electrostatic repulsion) than an electron in an
orbital with lobes between the ligands. In octahedral complexes, therefore,
orbitals of the e, group have higher orbital energies than those of the t,, group.
We may conclude that in an octahedral complex the degeneracy of the metal
d orbital may be considered to be split into a threefold degenerate set ty,, and
a higher energy twofold degenerate set, which is labeled e,. The difference

* FRED BasoLo was born in Coello, [llinois. He made his University career at the Northwestern
University, Evanston, Hllinois. In 1983, Basolo served as president of the American Chemical
Society. He is a member of the US National Academy of Sciences. Basolo is Willard Gibbs
Medalist (1996). See also: F. Basolo, From Coello to Inorganic Chemistry: A Lifetime of
Reactions, Kluwer Academic Publishers, New York, NY, 2002.

#* RALPH G. PEARSON received his Ph.D. in 1943 from the Northwestern University, Evanston,
Illinois. He was on the Northwestern University until he came to the University of California,
Santa Barbara, California, in 1976. Pearson is a member of the US National Academy of
Sciences.
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Ti%* in the octahedral
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Figure 2.4.1. Splitting of Ti** d orbitals in the octahedral crystal field.

between orbital energies of the t,, and e, orbitals in an octahedral complex is
given the symbol A (or the earlier symbol 10 Dg).

The strength of the crystal field determines the magnitude of the d orbital
splitting. The stronger the field, the larger the splitting, and the higher are the
values A, Figure 2.4.1.

The value A, is approximately given by the equation:”?®
v 1
a a
= 5(—e)g—= = S(—e)u—r= 241
(-e)g 33 (—e)u 3,6 (24.1)

where —e is the electron charge, ¢q is the charge of the six ligands, » is the dis-
tance between the central metal atom and the central ligand atom, a# is the
mean value of the distance between the central metal atom and the d electron
raised to the fourth power, and u = gr.

Titanium oxide, Ti,03, has absorption at 500 nm, but the isolated Ti** has
no absorption at that wavelength. The absorption corresponds to the titanium
electron transfer from the t,, into e, level, so it is easy to calculate the value
of A, for A =500 nm; it amounts to 238 kimol™! (57 kcal mol™), or = 2.5
eV per one electron. Consequently, the stabilization energy of the octahedral
crystal field of 4 Dg is approximately 1 eV per one electron.

In square planar complexes, the d orbitals exhibit four different relation-
ships. The lobes of the d,2_2 orbital point towards ligands and have the high-
est orbital energy. The lobes of the d,, orbital lie between orbitals but are
coplanar with them, so this orbital is the next highest in energy. The lobes of
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the d,2 orbital point out of the complex plane. The electron density belt, con-
taining about one third of the electron density, lies in the complex plane. The
d,2 orbital is therefore the next highest in energy. The degenerate d,, and d,,
orbitals are least affected by the crystal field, since their lobes point out of the
plane of the complex, and are, therefore, of the lowest energy.

The order of splitting of the d orbitals in a tetrahedral complex may be
derived using the relation of tetrahedrally arranged ligands to a set of Cartesian
coordinates and a hypothetical cube. In such an arrangement the lobes of the
d,,, d,,, and d, orbitals point toward cube edges, and the lobes of the d 2 and
d,2_,2 orbitals point toward the centers of cube faces. We can conclude that the
threefold degenerate t,, orbitals are of higher energy than the twofold degen-
erate e, orbitals. The diferrence in energy bears the symbol A,.

The 3d,2 and 3d,2_,2 orbitals of an octahedral complex, along with the 4s
and three 4p orbitals are assumed to overlap six ligand orbitals, forming six
bonding molecular orbitals and six antibonding molecular orbitals.

One should bear in mind that the crystal field theory foresees the electron
transition from the t,, orbital into the e, level, but these transitions are symme-
try forbidden. The t,, orbitals which do not overlap the o orbitals of the lig-
ands are actually nonbonding, but the t,, orbitals can form bonds through =
bonding.

The crystal field effects are of the order of = 40-200 kJ mol~! (= 10-50
kcalmol™1).? This is, in fact, a small fraction of the total bonding energy of a
complex; the energy of attraction of a positive metal ion and negative ligands
is somewhere between 2000 to 6000 kJmol™! (500—1500 kcalmol™!). Thus,
the geometry of a complex and the reaction rates cannot be determined by
crystal field stabilization energies only, but these effects can tip the balance
in favor of, e.g., a reaction intermediate which has a square pyramidal struc-
ture, or, alternatively, a reaction intermediate which has a trigonal bipyrami-
dal geometry.!?

2.4.2. Crystal-field stabilization energies of d orbitals
for various geometric configurations,
and substitution rates

Differences of d orbital energies in a crystal field have been calculated for
various geometries of the possible transition states of some replacement reac-
tions.!? The calculations assume a pure crystal field (without covalent bonds),
equal bond lengths in the ground and transition states, and some additional
simplifications. In this way, crystal field stabilization energies were calculat-
ed for the ground state and the transition state, and the difference between
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these energies was taken to be the crystal field activation energy. Table 2.4.1
is the result of these calculations.!” It shows the splitting of d orbitals of the
central metal ion of different geometric structures. We should bear in mind
that in bonding of a ligand with a metal ion the total energy of the reacting
system decreases. However, since ligands are negatively charged and suffer
mutual repulsion, the energy of all orbitals is increased (crystal field). But,
the energy of some orbitals rises more than that of the others. We are, thus,
concerned with the relative d orbital energies in a crystal field, which makes
Table 2.4.1 very useful.

Table 2.4.1. Energies of d orbitals (in Dq units) in crystal fields of

different symmetries (according to F. Basolo and R. Pearson!%)

Structure de2_y2 d. d,, d, dy,

Octahedron 6.00 600 -400 -400 -4.00
Trigonal bipyramid -0.82 707 -0.82 272 272
Square pyramid 9.14 0.86 -0.86 457 457
Pentagonal bipyramid 2.82 493 282 528 528
Octahedral wedge (Fig. 2.4.2) 8.79 1.39 -1.51 -2.60 —-6.08
Tetrahedral -2.67 —2.67 1.78 1.78 1.78
Square planar 12.28 -4.28 2.28 -5.14 -5.14

Linear (bonds lie along z axis) -6.28 10.28 -6.28 1.14 1.14

\
I‘I_'"

Figure 2.4.2. Structure of the heptacoordinated “octahedral wedge”. X is the leaving ligand
and Y is the entering ligand.

Table 2.4.2 provides data on crystal field stabilization energies for the
octahedral d" complexes in strong and weak fields.!” We can see that in a strong
crystal field (low spin) the cobalt(III) complex (d®) has the stabilization ener-
gy of 24 Dq. This energy should be reduced by the electron pairing energy. It
follows from spectral data that, for H,O ligand, 10 Dg = 234 kJ mol™!. The
crystal field is stronger for NH; ligand and 10 Dg has = 25% higher value.
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Figure 2.4.3. Splitting of d orbitals of the central metal atom in crystal fields of various geometries®
(reproduced by permission from F. Basolo and R. G. Pearson, and the John Wiley and Sons, Inc.).

Table 2.4.2. Crystal field stabilization energies (in Dg units) for octahedral metal
complexes in weak and strong fields (according to F. Basolo and R. G. Pearson!?)

Octahedral configuration Gain in

Example orbital

Weak field Strong field energy

bag eg AE thg e, AE A(AE)
d®  Cca?, Sc*t 0 0 0 0 0 0 0
dt T, Ve, UM 1 0 4 1 0 4 0
42 Tizt, V3 2 0 8 2 0 8 0
3 v, o 3 0 12 3 0 12 0
&t Cr?t, Mn¥ 3 1 6 4 0 16(H® 10
d>  Mn?, Fe3+, Os3* 3 2 0 5 0 202® 20
d®  Fe?*, Co™, I 4 2 4 6 0 24Q® 20
d’  Co?*, Ni¥, Rh?* 5 2 8 6 1 18(H®™ 10
d®  Ni?t, Pd, Pi2, 6 2 12 6 2 12 0

Aut

d®  Cu?, Ag?* 3 6 6 3 6 0
dl°  Cu*, Zn?t, Cd* 6 4 0 6 4 0 0

Ag+, Hg2+, Ga}+

) Numbers in parentheses denote the number of electrons that must be paired when the field
changes from a weak to a strong one.
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Thus, the crystal field stabilization energy of 24 Dqg depends on the nature of
the ligand involved and amounts to 565-710 kJ mol~! (135-170 kcalmol™).
Electron pairing energy is estimated at 355—420 kJmol™! (85—100 kcal mol ™)
for two electrons;’ thus, for Co(H,0)4**, the net gain in stabilization energy
is at least 40 kcalmol~!. For Cr(H,0)¢**, crystal field stabilization energies,
in strong and weak field, are 12 Dq (see Table 2.4.2). Since there is no elec-
tron pairing (d* system), and 10 Dq corresponds to the wave number of
17400 cm™! (208.5 kJmol~!, or 49.88 kcalmol™'), the stabilization energy of
12 Dgq corresponds to 249.78 kImol~! (59.76 kcalmol™!).

2.4.3. Influence of crystal field stabilization energies on
the rates and mechanism of octahedral substitutions

Crystal field stabilization energies are obtained as a result of the prefer-
ential entry of electrons into orbitals that are oriented as far as possible from the
ligands, in order to reduce their electron repulsions. The better the stabilization
of the transition state, with regard to its geometry, the lower is the energy of
activation, and the faster is the substitution reaction. On the other hand, a tran-
sition state that is better stabilized is also more probable. Thus, an octahedral
complex reacting by a D-type mechanism [= Sy1(lim)] may react through an
activated complex of a square pyramidal structure or over a trigonal bipyra-
mid. It appears that the square pyramidal transition state is better stabilized
by the crystal field than the trigonal bipyramid and therefore the square pyram-
idal structure of the activated complex appears to be more likely.

Table 2.4.3 contains crystal field stabilization energies for reactions of
octahedral complexes d° to d'°, proceeding over the square pyramidal ac-
tivated complex, while Table 2.4.4 pertains to the trigonal pyramidal activat-
ed complex.

We can see that reactions proceeding over a square pyramidal activated
complex are faster than those reacting over a trigonal bipyramidal activated
complex. Thus, the Co** complex (3d°) reacts in a strong field with an increa-
sed E;, of 4.00 Dg; should the activated complex be trigonal bipyramidal, the
energy of activation in the strong field would be raised by 11.48 Dgq. Thus,
the trigonal bipyramid is not a very probable geometry of the activated com-
plex; in a weak field, the reaction path over the square pyramidal transition
state has a lower energy of activation (by —0.57 Dg), while the reaction path
over trigonal bipyramid has a higher energy of activation (by 1.27 Dg).

Table 2.4.5 shows the crystal field effects on energies of activation in an
associative type reaction (Sy2). The reaction intermediate is pentagonal bi-
pyramid with coordination number 7.
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Table 2.4.3. Calculated crystal field stabilization energies (in Dq units)
of octahedral complexes, reacting by the D mechanism through a square
pyramidal transition state (according to F. Basolo and R. G. Pearson!?)

Octahedron — Square pyramid

Strong field Weak field
Octahedron psycggﬁlrie d AE, Octahedron ggr‘;?;?d AE,

d 0 0 0 0 0 0

d! 4 4,57 -0.57 4 457  -0.57
d? 8 9.14 -1.14 8 9.14 -1.14
d? 12 10.0 2.0 12 10.00 2.00
d 16 14.57 1.43 6 9.14 -3.14
d’ 20 19.14 0.86 0 0 0

dé 24 20.00 4.00@ 4 4.57 -0.57®
d’ 18 19.14 -1.14 8 9.14 -1.14
a8 12 10.00 2.00 12 10.00 2.00
d° 6 9.14 -3.14 6 9.14 -3.14
dio 0 0 0 0 0 0

@ FE, increased by 4 Dg and substitution is slowed down.
® F, decreased by 0.57 Dq and substitution is accelerated.

Table 2.4.4. Crystal field stabilization energies (in Dq units) for substitution
reactions of an octahedral complex reacting by the D mechanism over an activated
complex of a trigonal bipyramid geometry (calcd. from data in Table 2.4.1)

Octahedron —> Trigonal bipyramid

Strong field Weak field

Octahedron bglygrgrr]r?}d AE, Octahedron brf;;grg%llld AE,
d° 0 0 0 0 0 0
d! 4 2.72 1.28 4 2.72 1.28
d? 8 5.44 2.56 8 5.44 2.56
a3 12 6.26 5.74 12 6.26 5.74
d 16 8.98 7.02 6 7.08 -1.08
&3 20 11.70 8.30 0 0.01 -0.01
d® 24 12.52 11.48@ 4 2.73 1.27®
d’ 18 13.34 4,66 8 5.45 2.55
d® 12 5.27 6.73 12 5.27 6.73
d’ 6 7.09 ~1.09 6 7.09 -1.09
dto 0 0 0 0 0 0

@ Slow reaction.
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Table 2.4.5. Influence of the crystal field on activation energies (in Dg units) in reactions
of the associative type octahedral complexes (calcd. from data in Table 2.4.1)

Octahedron — Pentagonal bipyramid

Strong field Weak field

Octahedron lz,eil;,;i%(:gﬁ AE, Octahedron l;ﬁg;ﬂ%%%l AE,
d° 0 0 0 0 0 0
d! 4 528 1.8 4 528 -1.28
d? 8 10.56  —2.56 8 10.56  —2.56
d? 12 7.74 4.26 12 7.74 4.26
d* 16 13.02 2.98 6 4.93 2.07
d’ 20 18.30 1.70 0 0 0
dé 24 15.48 8.52 4 528 -1.28
d’ 18 12.66 5.34 8 10.56 256
a8 12 7.74 4.26 12 7.74 4.26
d® 6 4,93 1.07 6 493 1.07
do 0 0 0 0 0 0

Tables 2.4.3 and 2.4.5 show that, for d°, d! and d? complexes, crystal field
stabilization energies (AE,) are negative or zero, which means that their reac-
tions are fast regardless of the mechanism. In fact, these complexes are labile.
On the other hand, d* octahedral complexes as well as d*, d> and d complex-
es have positive AE,, which indicates slow reactions. Indeed, complexes of
this type are inert. In addition, d° and d° and d’complexes (“outer-orbital” com-
plexes, i.e., complexes of a weak crystal field) are labile, as expected. Their
AE, are negative or zero (E, is lowered) and therefore the reactions are fast
regardless of the mechanism).

The crystal field theory has significantly contributed to the understanding
of the reactivity of metal complexes, but many kinetic data have remained
unexplained. It can be concluded that the Basolo and Pearson approach to the
reactivity of metal complexes, based on the crystal field theory, is very use-
ful and, which is important, simple, but it is not complete because of several
approximations. Nevertheless, it is most successful when applied to relative
reactivities for a particular reaction of a series of complexes that differ only
in the nature of the cental atom.

More recently, alternatives to the crystal field approach of Basolo and
Pearson were proposed which lead to more accurate results but are theoreti-
cally and computationally very demanding and not easy to perform.

Nowadays, it is a common practice to carry out ab initio calculations on
small to medium-sized organic molecules. Ab initio methods produce a wave
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function using no experimental data other than the masses and charges of the
elementary particles. Such calculations are expected to yield bond lengths
and bond angles in good agreement with experiments. Difficulties, however,
arise with molecules containing transition metals. The problem is in deter-
mining electron repulsions. The central difficulty in applying the Schrodinger
equation are the electron-electron interactions.

The potential energy of the electrons consists of two terms, the first being
the total attractive interaction between the electrons and the nuclei whilst the
second term is the total repulsive interaction between electrons. Analytical
solution of the Schrodinger equation with such complicated potential energy
terms (based on the Coulomb law) is impossible, One of simpler approximate
solutions, viz. the Hartree-Fock procedure, offers a solution to the problem.
All electrons except one are placed in the lowest orbitals, but one of these
orbitals will have a “hole” since one electron is temporarily ignored. For
instance, if we consider the sodium atom (Na), the expected configuration is
1s22522p%3s!. The Schrodinger equation can be written for the 3s electron
because the repulsive field generated by all of the involved electrons is aver-
aged and taken as that acting upon the selected electron, modifying its
orbitals. The selected 3s electron is then placed into this modified orbital. This
procedure is repeated for all remaining electrons, each time using the improved
orbitals from the previous stage, and so over and over again until the input
and output are practically the same. In this way, a self-consistent field (SCF)
is obtained, and accepted as the solution to the problem.

The weakness of this method is that it smears the density of the selected
electrons over the whole molecule. The consequence is that the electrons will
tend to avoid the surroundings of the selected electron, but not so much the
surroundings of other electrons. Calculations can take into account this situ-
ation. Further difficulties arise because the d electrons cover a relatively small
volume, while the ligands’ electron densities are much more diffuse and cover
large volumes.

It is obvious that such calculations are far from being simple. Thus, the
Fe—C bond in ferrocene was found to be 0.07 A longer than experimentally
determined, after calculations which included configuration interactions with
over a million excited state configurations. However, these results have been
found useful because they suggest that the iron-carbon bond in ferrocene is
more covalent than indicated by calculations. This observation is in agree-
ment with the very high secondary a-deuterium kinetic isotope effect (about
25% per one D) observed in acetolysis and formolysis of dideuterioferrocenyl-
methyl benzoate, suggesting a carbonium jon-like transition state, stabilized
mainly by conjugation with the n system of the pentadienyl ring (see Chapter
1, ref. 167).
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2.5. LIGAND FIELD AND ELECTRON TRANSITIONS

The crystal field theory assumes electron transitions from t,, into e, orbi-
tals, but these transitions are symmetry-forbidden, which gives this absorp-
tion a relatively low probability. Quantum mechanics shows that a photon has
an intrinsic spin angular momentum corresponding to I = 1. If a photon is
generated by an electronic transition, then the angular momentum of the elec-
tron must change to compensate for the angular momentum carried away by
the spinning photon. It follows that a d electron (/ = 2) cannot make a transi-
tion into an s orbital ([ = 0) because the photon cannot leave the molecule
with enough angular momentum. Quantum mechanics quotes the following
rules:

A. Electron transitions where the number of unpaired electrons changes
on the way from the ground state to the transition state are “forbidden” (spin
forbidden), in other words, not probable. [This is not the case with Ti(H20)63+,
because this ion has one unpaired electron in the tog orbital, and in the excit-
ed state this electron only passes into the empty e, orbital ]

B. Transitions from a centrosymmetric orbital (such an orbital is called
“gerade”, it comes from German, and means “even”) into another centrosym-
metric orbital is said to be Laporte forbidden.!! Transitions between “gerade”
and “ungerade” (odd) orbitals are allowed. Since d orbitals (t2g and eg) are
centrosymmetric, electron transitions between these orbitals are forbidden. In
other words, the probability of such transitions is zero. However, this rule
holds if the d orbitals are “pure”, which means that they are not mixed with
ligand orbitals, or with orbitals of some other metal. A disadvantage of the
crystal field theory is the fact that the theory does not take into account inter-
actions between metal and ligand orbitals. The ligand field theory does just
that. If the metal orbitals are impure, due to mixing with ligand orbitals, they
lose their symmetrical purity (for instance, d orbitals) and the transitions
between them becomes possible. The molar absorption coefficient is not zero
any more, but remains small. Thus, the molar absorption coefficients for
d—d transitions amount to about 50 to 100 dm*cm™~"'mol~!, while in d— p tran-
sitions, which are allowed (because p orbitals are ungerade), they amount to
about 1000 units.

The molecular orbital theory adequately explains light absorption. Namely,
while nonbonding the orbitals are, let us say, pure gerade orbitals, the e
bonding and e,* antibonding orbitals are definitely not “pure” orbitals, because
they are, according to the theory, formed by mixing of orbitals. Under such
conditions the electron transfer from by into the impure antibonding (eg*)
orbital becomes possible.
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On the other hand, not even the t,, nonbonding orbitals can be considered
symmetrically pure; they cannot form a 6 bond, but can form a © bond. This
means that the t,, orbitals become impure by 7 bonding and electronic tran-
sitions may include these orbitals. Such 7 bonding lowers the t,, orbital ener-
gy, as depicted in Figure 2.5.1. The energy difference E(ey) — E(ty,) = AE
increases, and the complex starts to absorb shorter wavelength radiation,
which is often called a blue shift.

3
Complex  Complex with = bond

>

2

2 tog" .

& / 9 _ - ligand
e T e—e 7 morbital
tZQ - ’ ’

. s’
S o—t
tog

Figure 2.5.1. Effect of ligand n bonding with the metal t,, orbital. Specific case: the metal
orbital is occupied while the ligand orbital is empty (metal — ligand = bonding).

The question may now arise whether it is possible to use the crystal field
theory for mechanistic predictions. It is taken that the answer is positive,
assuming that the degree of orbital overlap is not too large. Experience shows
that the orbital overlap is often small, which leads to the modified (adjusted)
crystal field theory. However, if the orbital overlap is large, then the molecu-
lar orbital approach is the only solution. On the other hand, molecular orbital
overlap calculations are not easy to perform.!?

The ligand field theory is a complex concept. It offers different approach-
es, from the simple crystal field approach to the molecular orbital calcula-
tions of various accuracy.'3 Attempts have been made to supplement the crys-
tal field theory by taking into account that the effective charge on metal changes
with ligand numbers,'4 causing variations in Dq up to 40% for equatorial lig-
ands of pentagonal bipyramid, as compared with axial ligands.

There have also been attempts to improve the crystal field theory by
including new parameters, e.g., the change of the intermediate spin state rel-
ative to the ground state, but nothing important has been achieved.!*

Other theoretical approaches to reactivity of metal complexes have been
developed with time, including Hiickel’s molecular orbital model.!>16

A very complicated quantum mechanical model for computation of the
energies of metal ion hydration has been used which, in addition to the coor-
dination sphere, included two hydration shells, with limited success.!” There
were attempts to apply molecular modeling for a better understanding of the
ligand exchange processes.!® Success has been achieved in applying the ab ini-
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tio SCF (“self-consistent field”) method to computing the energies of disso-
ciation of H,O from M(H,0)¢**, where M =V, Cr, Mn, Fe, Co, Ni and Cu."”

2.6. SUBSTITUTION REACTIONS
ON OCTAHEDRAL COMPLEXES

The largest number of complexes of transition metals have octahedral
configuration and it is no wonder that special attention has been paid to sub-
stitution mechanisms of these complexes. Nowadays, we know with certain-
ty that substitutions of octahedral complexes follow a dissociative mecha-
nism, but this mechanism varies in details. In some cases, the mechanism is
D, which is identical to the [Sy1(lim)] mechanism, as previously discussed.
In the D mechanism, the penfacoordinate intermediate lives long enough to
discriminate (distinguish) between the entering ligands and to preferentially
react with one of them. In some other case, substitution can follow an I;
mechanism, involving dissociative activation, but with no evidence for an
intermediate. Both of these mechanisms are essentially different from the
associative mechanisms (A and I,) discussed in section 1.9.

If an octahedral substitution follows a D or an I; mechanism, we should
expect:

(a) a weak dependence of the substitution rate on the nature of the entering
ligand;

(b) an increase of the central metal atom charge should cause a decrease of
the reaction rate because the leaving ligand dissociates more slowly. On
the other hand, an increase of the metal charge will increase the rate of an
associative type process, because the electron pair of the entering ligand
will be accepted with more ease;

(c) steric accumulation should increase the rate of a dissociative type process
while the rate of an associative type process is decreased. There are also
other effects, which will be discussed when considering replacements of
coordinated water in aqua complexes.

2.6.1. Rates of water exchange in octahedral aqua complexes

Rates of water exchange in octahedral aqua complexes can vary up to 20
orders of magnitude. Modern techniques enable determination of rate con-
stants in the mentioned rate span. There are several reasons for these rate dif-
ferences. Thus, the replacement rates for univalent cations increase in the
order Li* < Na* < K* < Rb* < Cs*. Figure 2.6.1 shows that the ionic radii
increase in the same manner.
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Figure 2.6.1. Tonic radii () of the group 1 (IA) elements of the periodic table.20

The smaller the ions, the lower are the rates of water replacements. This
suggests that the rates are controlled by the electric charge of the ion, i.e., by
zie/r;. The same holds for group 2 (ITA). An exception is Be?*, which is prob-
ably caused by the complexity of the mechanism of water replacement. There
is a large difference in replacement rates of water coordinated to Mg?* and
Ca?", a fact important in enzymatic reactions.

A further observation is that for M* and M?* ions of similar size the ions
with smaller charge exchange water faster. Since the bond strength M—OH,

Na* Rb*
Li*| K*|Cs*
Sr
BeZ+ M92+ CaZ+ BaZ+
Ga3+ H03+ Gd2+
¥ RR® Cﬁ [“W A% FT f Ve T [ In% Yo% | Dy STL‘"’a+
i - l
€
Ru?* V2 NiZt CT M2 Cu®* Cr?*
Pt2+ Pd2+ Zn2+ Cd2+ Hg2+

10 108 10°¢ 104 1072 10° 10? 104 108 108 1010

kis
Figure 2.6.2. Rate constants of the exchange of inner sphere water molecules coordinated to
various metal ions in aqueous solutions.?!
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increases with increasing electric charge, and decreases with increased size
of the metal ion, it could be inferred that water replacement is due to M—OH,
bond breaking to a larger degree than the new bond making. This indicates
that D or I; mechanisms predominate in water exchange, the associative mech-
anism being much less likely.

Regarding transition metals, the situation is less clear. Thus, Cr?*, Ni** and
Cu?* have almost equal radii but Ni?* reacts 10° times slower than Cu?* and
Cr?* (see Figure 2.6.2.)

Fortunately, there is a convincing explanation: Cu?*(d®) and Cr>*(d*) are
structurally distorted, with bonds longer (therefore weaker), towards axial
ligands relative to equatorially positioned ligands (see Jahn-Teller effect in
inorganic chemistry textbooks). This is the reason why the ground state struc-
tures for Cr** and Cu®* are very similar to their transition state structures
causing a faster water exchange in axial positions where water is more weak-
ly bonded. Figure 2.6.2. depicts the rates of the inner sphere water exchange
for various metal ions.

2.6.2. Pressure dependence of the reaction rate constant;
volume of activation

By recalling a well known thermodynamic relations, viz. (dG/dp)y =V,
and the equation AG° = —RT InK®, it is possible to derive the expression
describing the pressure dependence of the activation equilibrium constant*:

k) _ A
op . RT

where A*V denotes the difference between partial molar volumes of the acti-
vated complex and the reactants. Since the rate constant for the formation of
the activated complex, 2k, is proportional to K ¥ (eq. 1.4.5), the formula for the
pressure dependence of k is readily obtained:

(alnk) _ AWV 2.6.1)
T

If we assume that A*V does not appreciably depend on pressure, by integrat-
ing we get:

* Unlike the standard thermodynamic constant, e.g., K¥°, the so-called “activity constant” K}
does not refer to standard pressure (100 kPa) but is a function of pressure: Ka*(p) (see M.
L. McGlashan, Physico-Chemical Quantities and Units, The Royal Institute of Chemistry,
London 1971).
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A%
Ink = ———p+1nk 2.6.2
RT p 0 ( )

where Ink, is the integration constant. By plotting In k against pressure, a
straight line is obtained with a slope of —AV#/RT. The equation enables deter-
mination of A*V from the slope, and the values obtained are about 25 cm?
mol~!, and can be determined with a precision of 1 cm3mol!.

Equation (2.6.1) shows that the reaction rate constant will increase with
increasing pressure if A*V is negative (A*V < 0), which means that the vol-
ume of the activated complex is smaller than the sum of molar volumes of
reactants. This will happen in an associative mechanism. On the other hand,
the transition state of a dissociative mechanism will have weakened (longer)
bonds, and consequently A¥V > 0.

The reason for measuring activation volumes is understandable. Unfortuna-
tely, the volume of activation is made up of two effects. The first effect is due
to the change in bond lengths on the way from the ground state to the transi-
tion state and is a consequence of the intimate reaction mechanism. The sec-
ond effect is a consequence of solvation of differently charged transition states
relative to the ground state, which is difficult to determine. Fortunately, the
contribution of solvation is of minor importance when the charges of the reac-
tants in the transition state and the ground state are the same. This is the case
of the exchange of water coordinated to transition metal ions, which is the
reason why such exchanges have been studied very thoroughly.

The exchanges of water coordinated to Fe?*, Co?* and Ni** ions have A*V
> 0, which speaks in favor of D or I;mechanisms. On the other hand, the A*V
for Ti%*, V2* and Mn?* values are negative (A*V < 0), which speaks in favor
of I or I, mechanisms. However, because of the complexity of the problem,
one should be very careful in making mechanistic conclusions.

Table 2.6.1 provides data on activation volumes for the exchange of water
coordinated to some transition metal ions.

Table 2.6.1. Volumes of activation for the exchange of water
in some M(H,0)¢** complexes??

Complex A*V/(cm®mol™)  Probable mechanism
Fe(H,0)¢%* 3.8 L or Iy
Co(H,0)4** 6.1 I
Ni(H,0)s2* 7.2 I,
Ti(H,0)¢2* ~124 A
V(H,0)e* 4.1 I,

Mn(H,0)¢? -5.4 I,
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2.6.3. Substitution of coordinated water of octahedral
complexes with anions (‘“anations’)

Substitution of water in pentaammineaquacobalt(IIl) ions with anions in
aqueous media has been the subject of many investigations.?*?* The term
“anation” has been generally accepted. An example is the reaction:

3 2
NH, * NHg *
HN., | .OH, HN., | .Br
v, W _ 'l,,l A\
o) + Brm —— Co + HO
H3N/| “VNH, H3N/| “VNH,
NHa NH3

Manfred Eigen* found that substitution of water with the entering ligand
Y most probably proceeds through the ion pair. The first step would, there-
fore, involve formation of the ion pair. The entering ligand Y is held in the
solvation shell around the metal ion, which is usually called an outer-sphere
complex, or a cage complex:

IM(H,0)(]" +Y — M(H,0)¢"™-Y (2.6.3)
M(H,0)¢*+Y — [M(H,0)5Y]"™* + H,0 (2.6.4)

Further possibilities are as follows:

(a) A heptacoordinated intermediate is formed from the ion pair in a slow,
rate-determining step. Should experiments indicate the presence of an
associative intermediate, the mechanism would be associative (A mech-
anism);

(b) If experiments show that the intermediate cannot be determined, since
it lives too short to be detected, then I, mechanism is very probable;

(c) If, on the other hand, experiments suggest that in the transition state
bond breaking is more important than bond making, then I; mecha-
nism is operative:

K k
M(H,0) + L == M(H,0),L —» [(H,0)sM--OH,,LJf — M(H,0).L + H,0

Complex M(H,0)¢,L is an outer-sphere complex or, if ML is a cation and L
an anion, we speak of an ion pair.

* MANFRED EIGEN, a German chemist, shared the Nobel Prize for chemistry in 1967 with
English chemists R. G. W. Norrish and L. G. Porter for their studies of extremely fast reac-
tions, effected by disturbing the equilibrium by means of very short energy pulses.
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Data collected for reaction:
[Ni(H,0)g]*" + L — [Ni(H,0)sL]** + H,0

speak in favor of an I; mechanism. In fact, rate constants of water replace-
ment in [Ni(H20)6]2+ by various entering ligands show significant variations
(even up to two orders of magnitude), but it may be shown that the variations
are due to different charges of the entering ligands. Namely, the more nega-
tive is the charge of the entering ligands, the larger are the rate constants of
coordinated water replacements. Thus, C,0,%~ replaces water 10 times faster
than SCN-, and Hedta®~ 100 times faster than H,edta?~ (edta*” = ethylenedi-
aminetetraacetate).

Analogous substitution of water in [Co(NH3)5(H20)]3“ by Br~ and CI”
proceeds by an I; mechanism over ion pairs,?? as already mentioned.

It is difficult to distinguish a D from an I; mechanism in replacements of
coordinated solvent with the entering ligand, L. For instance, in replacement
of water of an aqua complex by L, both mechanisms, D and 1, will yield a
linear dependence of the reaction rate on the concentration of L. Thus, if
replacement of water by L in the reaction M-H,O + L proceeds by a D mech-
anism, then the following equation must hold:

X _ kik,[L]
obs T
k_j[H,O]+ k,[L]

Since the solvent is water (its concentration being 55.5 mol dm=3), k_,[H,0]
has a much higher value than k,[L], so that £,{L] can be neglected, and we get:

_ _kky[L]

obs — k—][Hzo] (265)

Thus, &, is a linear function of [L] (under first order conditions, when the
concentration of L is much higher than that of the complex — usually 20 times
higher or more).

If the mechanism is I, involving a fast preequilibrium:

M-H,0 +L == M-H,0.L

in which an outer orbital complex, [M-H,O-L] or an ion pair is formed, we
talk of “accidental bimolecularity”, the rate law being

rate = Kk,[L][M-H,0] (2.6.6)
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where k; is the rate constant of formation of M-L from M-H,O-L, and K is
the pre-equilibrium constant of M-H,O-L (ion pair) formation. The higher the
concentration of L in the outer sphere, the higher is the probability of its entry
into the coordination sphere, compared to the probability of water molecules
returning from the second into the first coordination sphere.

We can see that in both mechanisms, D and I;, reaction rates depend lin-
early on the concentration of L, which is the reason why these mechanisms
cannot be kinetically distinguished.

Replacements of water by L in [Fe(CN)S(OHz)]3" have been much inves-
tigated in an attempt to determine whether the replacement mechanism is D
or I;. It has been stressed that these replacements are especially convenient
for this purpose because both the complex and the entering ligands are nega-
tively charged, which excludes ion pair formation, but no final conclusion has
been made, so the problem is still a topic of discussions.?*~2® For many years
it was thought that the replacement of X by L in [Co'™(CN)sX]" is of the D
type, but I; mechanism has also been proposed.?®

The mechanism of water replacement by N3~ in [Co“‘(CN)S(OHz)]2~ in
aqueous solution was studied by Haim and Wilmarth,?” who took advantage
of the fact that both the complex and the reagent are anions, which excludes
ion pair formation. They found that the plot of the dependence of k,; on azide
concentration shows a tendency to limiting rates (or saturation rates), which
can be ascribed only to a D mechanism. As already explained, I; mechanism
is characterized as accidental bimolecularity and cannot yield limiting rates.
Later on, the results were reinvestigated and a linear dependence of &, on
azide concentration was finally established.?® Since linear dependence, when
the solvent is the leaving ligand, can be caused by both mechanisms, the
problem remained unsolved. Later on, D mechanism was established with
certainty in the substitution of MeOH by amine ligands (4CN-py, py, 4Me-py;
py = pyridine) in [Co(PP)(MeO)(MeOH)] in methanol solvent (PP = proto-
porphyrin IX dimethyl ester). All three pyridine derivatives gave limiting rates,
as shown in Table 2.6.2.

The methoxo group in the mentioned complex is relatively strongly bond-
ed, while coordinated methanol is weakly bonded and is easily replaced by
amine ligands.

The following reactions are taking place:

k
Co'(PP)(MeO)(MeOH) k=1 Co'(PP)(MeO) + MeOH

~1

k
Co'(PP)(MeO) + L —> Co"(PP)(MeO)L



128 CHAPTER 2

Table 2.6.2. Rates of substitution of CH;OH in 5x107% moldm™3
[Co™(PP)(CH;30)(CH;OH)] with py, 4CN-py and 4Me-py in methanol (25 °C)® (ref. 29)

104[L]/mol dm™3 kops/s ™
Entering ligands (L)
4CN-py py 4Me-py
347 +0.15 2.89 £ 0.15 1.0+ 0.05
5 6.93 £ 0.35 38502 3.85+0.2
10 17.3+0.8 8.6x04 693 +0.3
20 347 +1.6 18.2 £ 0.7 10.7 + 0.6
30 300+ 1.5
40 53+3 38+2
50 46+ 3 27 +1.8
60 58 +4
80 58+3 S8§+3
100 58+3 493
500 584
1000 58+4

® “Stopped flow” technique is used; bold figures are limiting rates.

L is in large excess relative to complex concentration and therefore &, is
the pseudo first order rate constant. The ratio k, /_, is called the competition
ratio. It amounts to 6800, 3700 and 2800 for the entering ligands 4CN-py,
py and 4Me-py, respectively.?’ It can be concluded that the intermediate
[Co(PP)(MeO)] lives long enough to be able to discriminate (distinguish)
between the entering amine ligands, which proves the existence of the D
mechanism. A favorable circumstance is the fact that the starting complex
and the intermediate have no charge, which excludes ion pair formation. The
situation is similar to that in the reaction of [Co"(CN)s(OH,)]*~ and N5~ where
there was no ion pairing either, but this reaction did not exhibit limiting rates.

The question may arise why the replacement of coordinated water by N3~
in [Co!"(CN)sOH,]%", in water solvent, does not give a limiting rate, while anal-
ogous substitution of coordinated methanol by three amine ligands, in methanol
solvent, yields limiting rates. The probable answer is that the “orienting”
methoxide ligand, a very strong electron donor, stabilizes the reaction inter-
mediate, [Co"(PP)(MeQO)], which therefore lives long enough to discriminate
between the entering ligands (H,O and the mentioned pyridines). This is not
the case of the CN™ “orienting” ligand of the pentacyano-complex, which is
an electron acceptor, not an electron donor.
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2.6.4. Aquation and acid catalysis

Substitution of a ligand by water molecule is called aquation. Here are
some examples:

k,
[COM(NH;)sX]?" + H,0 —> [CoM(NH,)s(H,0)]** + X~ (2.6.7)

k,
[Cr(H,0)5X]2* + H,0 —> [Cr(H,0)¢]* + X~ (2.6.8)
k
[Col(en),F,]* + HO —> [Col(en),F(H,0)]** + F~ (2.6.9)

(en = ethylenediamine)

Aquations are usually acid catalyzed. Thus, aquation (2.6.8) is much faster in
the presence of an acid:

k
[Cr‘“(HZO)SX]2+ + H,0* — [Cr‘“(HZO)ﬁ]3+ + HX
The acid catalyzed reaction of [Co(NH3)5F]2+ proceeds as follows:
fast
[Co(NH,;)sF]** + HY == [Co(NH,)s(FH)]**

[Co(NH;)s(FH)]** + H,0 Stow, [Co(NH;)5(H,0)]** + HF

Table 2.6.3 contains the rate constants of some uncatalyzed and acid cata-
lyzed aquations.

Table 2.6.3. Rates of aquation of [Cr!(H,0)sX]?** in neutral
(ko) and acidic aqueous media (k,), at room temperature0

X~ ko/s7! ky/s7! ky/ky
N3~ 2.6x1078 93x1078 =36
F 6.2x10710  140x10710 =23
CN- 1.1x1073 59x1073 =54
NH, no acceleration

The reaction mechanism obviously involves protonation of the leaving
ligand. Protonated ligand leaves the positive metal ion with increased ease. If
the leaving ligand is NH3, acid addition has no effect on the rate because NH,
is not charged.
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There are exceptions. Thus, an acid aquation of [Ru(NH;)¢]** is very like-

ly to proceed according to the following mechanism:3!

fast

f
[Ru(NHa)g]2* + H* == [Ru(NH3)(H]** (2.6.10)
f
[Ru(NHy)gH]? + H,0 === [Ru(NH,)s(HLOJH]** + NH; (2.6.11)

[Ru(NH;)s(H,0)H]** — [Ru(NH;)s(H,0)]** + H* (2.6.12)
The rate constant of an acid catalyzed reaction is a composite value:
kobs = kaq + kyt[H'] (2.6.13)

where k, is the rate constant of the uncatalyzed reaction and ky;+ that of the acid
catalyzed reaction. Consequently, the reaction rate is given by the equation:

rate = k,[complex] + ky+[complex][H*] (2.6.14)

Figure 2.6.3 depicts the usual pattern of an acid catalyzed aquation.

'09 kobs

o -

log [H*]/moldm™3

Figure 2.6.3. Pattern of an acid catalyzed aquation.

An acid can catalyze removal of a chelate (dechelation), e.g., the removal
of a bipyridyl from [Fe(bipy);]**:
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The first step involves the removal of one nitrogen atom from the iron
atom; this nitrogen is quickly protonated, which prevents a reverse reaction.
The following step is the removal of the other nitrogen.

A similar situation is that of carbonate complexes:

HzO* HzO*
c' >c o — Cd - OH 25 [Colag)]2* + H0 + CO,

/,\

The chelate ligand first leaves at one end by breaking the Co"-O bond.
Due to fast protonation, the probability of a reverse reaction is appreciably
reduced. Removal of the remaining chelate follows in the second step, also
assisted by protonation and inhibiting the reaction reverse. According to the
principle of microscopic reversibility, the reverse rection must also proceed
in two steps, with exactly the same reaction mechanism, and over the same
transition states.

2.6.5. Base catalysis

All research carried out on the mechanisms of octahedral substitutions
speaks in favor of the dissociative mechanism: limiting rates at high concen-
trations of entering ligands, independence of the reaction rates of the nature
of entering ligands, increase of reaction rates with steric crowding of con-
stituents. However, it has been established that the reaction:

[Co™(NH;)sX]?* + OH™ == [Co™(NH,;)s(OH)]** + X~ (2.6.15)
follows the kinetic expression:
rate = k[Co(NH;)sX?*][OH"] (2.6.16)

namely, the reaction rate depends on the concentration of the entering OH~
ligand, which suggests that the reaction is bimolecular, and of the associative
type. These results prompted earlier discussions, introduced by Ingold and
coworkers,3? who claimed that the reaction mechanism of nucleophilic sub-
stitutions on saturated carbon can be changed from Sy2 to Syl if the nucle-
ophilicity of the entering groups is systematically increased.

The larger is the electron release ability of an alkyl group, the higher is
the probability of a dissociative (Sy1) mechanism, until a point is reached at
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which it becomes the main route through which the reaction proceeds. In the
transition state of a bimolecular reaction the bond with the leaving group must
be weakened, which is helped by alky! electron donation, but simultaneous-
ly a bond must be established with the entering group, which is obstructed by
alkyl electron donation. The mentioned authors claimed that if there was no
change of the mechanism, the rate of an S\2 reaction would continuously
decrease with increasing alkyl electron donation. The opposite effects of alkyl
electron donation lead to a rate minimum, as shown in Figure 2.6.4.

A

log k

[] ] ¥
Me Et i-Pr +Bu

Figure 2.6.4. Schematic representation of the changes of the mechanism, kinetic order and
rate in a nucleophilic substitution Y + AlkX — AIkY + X, by variable Alk groups, ordered
according to their increasing ability to supply electrons.3?

Ingold and ASperger>* tried to apply the theory of the reaction mechanism
duality, observed in tetrahedral substitution reactions, to octahedral substitu-
tions. The underlying idea was that an orienting ligand L, if it is an electron
donor, e.g., L = OH™, will lead an aquation, e.g., of [Co™(en),LCI}"* or of
[Co"™(NH;),LCI™, by a dissociative (Sy1) mechanism, while, when L = NO,~
(a well known electron acceptor), it will promote a bimolecular (Sy2) substi-
tution. However, it can be shown that octahedral substitutions are substan-
tially different from tetrahedral substitutions, because the octahedral bimole-
cular substitutions require a heptacoordinated transition state, i.e., the entry
of electrons into antibonding orbitals. This is not impossible, but it is not very
likely. As a result of many investigations, it can be shown that the base
hydrolysis proceeds over the complex conjugate base, involving NH, ™ (amido)

group:
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If X = CI~, amine complex will react as follows:

k
[CoM(NH,)sX]?* + OH- f"— [Co™(NH;),(NHy)X]* + Hy0  (2.6.17)

~1

ky

[COoM(NH;),(NH,)X]* —> [Co(NH;),(NH,)]** + X~ (2.6.18)
[Co"(NH;),(NH,)1?** + H,0 = [Co™(NH3)s(OH)** (2.6.19)

Since the equilibrium (2.6.17) is quickly established, and the amido complex
reacts with water almost instantaneously yielding the hydroxo complex, the
slowest and rate determining step is (2.6.18). Thus the rate is given by the
equation:

rate = k,[CO"(NH,),(NH,)X*] = Kk,[OH-][Co™(NH,)sX?*]  (2.6.20)

where K = k,/k_;. We can see that the substitution rate is proportional to the
concentration of the starting complex and to the concentration of the base.
Nevertheless, the substitution is not bimolecular, but the reaction product is
formed by a dissociative mechanism (2.6.18) from the conjugate base. This
mechanism is known as Sylcb (Substitution Nucleophilic monomolecular
from the conjugate base), or a Dcb mechanism, (according to Langford and
Gray). Basolo and Pearson were the main protagonists of this mechanism.*’
It should be mentioned that the Sylcb mechanism was predicted by Garrick
in 1937, and is known as Garrick’s mechanism.?¢ The Sylcb mechanism re-
quires that the reacting complex should have at least one protonic hydrogen
on the ligand that remained bonded to the metal. If the rates of base hydroly-
sis are compared with proton exchange rates, it can be seen that proton exchange
is about 10° times faster than base hydrolysis. This holds for [Co(NH3)5Cl]2+
and for [Co(en)zNH3Cl]2+, in accordance with the Sy1cb mechanism. Experi-
ments support the claim that the conjugate base reacts in a dissociative man-
ner, yielding a very reactive pentacoordinate intermediate, which lives long
enough to be able to discriminate between the entering ligands.?

2.6.6. Stereochemistry of octahedral substitutions

An object which is not superimposable upon its mirror image is chiral
(like our right and left hands; cheir = hand in Greek). We can say that the gen-
eral property of ‘“handedness” is chirality. Two components that differ in hand-
edness are called enantiomers (from Greek, meaning opposite forms). Stereo-
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A, dextrorotatory A, levorotatory
(a) trans-complex (b) cis-complex
(I ’—>en en<-
en @Co ! / Co@ en
1-21 en<
A, dextrorotatory A, levorotatory

Figure 2.6.5. (I): isomers of dichlorobis(ethylenediamine)cobalt(ITI) ion, (II): isomers of tris-
(ethylenediamine)cobalt(IT) ion.

isomers are compounds that contain the same ligands in their coordination
spheres but these ligands are differently arranged in space. One type of stereo-
isomers are cis- and trans-isomers. Figure 2.6.5 shows a frans-isomer of
dichlorobis(ethylenediamine)cobalt(IIl) ion (I), and two optical cis-isomers
(II), which are mirror images (enantiomers). Enantiomers have identical phys-
ical properties except for their effects on plane-polarized light. One enan-
tiomer is dextro form, (A), (will rotate the plane of the plane-polarized light
to the right), while the other is levo form, (A), (will rotate the plane of the
plane-polarized light with equal intensity to the left. We speak of optical iso-
mers. An equimolar mixture of enantiomers is called a racemic mixture and
has no net effect on plane-polarized light. Figure 2.6.5 gives some examples
of stereoisomers.

When ethylenediamine chelates to a metal atom, a five-membered ring is
formed:

M
HgN/ \NH2
\
HQC_CHQ

In this ring, the M—N bonds are longer than the C—C and C—N bonds,
which causes a strain in the ring. The strain can be relieved by ring pucker-
ing. There are two different puckered forms, 6 and A, which are enantiomers.



SUBSTITUTION REACTIONS ON METAL COMPLEXES 135

Since there are three ethylenediamine ligands, it may be shown that there is
a set of eight possible configurations. In the crystals of [Co(en);]** only one
of the eight possible forms is usually present. Why this is so is a question that
has not been fully answered yet. Additional information can be found in spe-
cial literature.?”

Of special interest is the fact that base hydrolysis leads to substantial stereo
changes:

A-cis-[Co"(en),CL,]* + OH™ — [Co'(en),CI(OH)]* + CI- (2.6.21)
63% trans

21% A-cis (retention)
16% A-cis (inversion)

These results can be explained by assuming that the reacting intermediate has
a trigonal bipyramidal structure so that water attack can take place from sev-
eral sides, as shown in Figure 2.6.6.

/’1 f 1 3 attacks of Y

under angles of 120°
AN 5\‘/ giing
! Co, -

PPN 5 et 3-5 A-cis-product (retention)
I | \ 3-4 A-cis-product (inversion)
\\6 \6 4-5 trans-product

—2
A-cis-isomer \ intermediate

5/ \ 1 attack of Y

-------- A on the 1-3-6-5 plane

,"'\\\Co N giving P

4 I =3 A-cis-product (retention)
-

Figure 2.6.6. Base hydrolysis causes stereo changes because the intermediate is a trigonal
bipyramidal rather than a square pyramid. If the intermediate were a square pyramid with apex
4 and base 1-3-6-5 (freely open to attack), this would lead to full retention of the configura-
tion, yielding A-cis-product only, which is not what happens.

The question remains why the conjugate base, [Co"(NH,),(NH,)CI]*, dis-
sociates C1~ (as well as other leaving ligands X) so fast. Since coordinated
amines are very weakly acidic, the concentration of the conjugate base must
be very low compared to the complex concentration. On the other hand, the
reactivity of the conjugate base should be very high, probably 10° times, or
more, higher than that of the [Co"™(NH;)sCl]?*. The first thought is that this
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might be a charge effect of the amido group, because the C1~ dissociates from
the conjugate base, which is by one unit less positively charged than the start-
ing amine complex. It is, however, believed that this charge effect could not
cause such a large kinetic effect (>100). It is much more likely that the effect
is a combination of the NH,™ electron repulsion toward the CI~ leaving lig-
and in the complex ground state (raising its energy) on the one side, and the
7 bonding of the amido group to cobalt in the reaction transition state (which
lowers its energy) on the other side. The energy difference between the tran-
sition state and the ground state is thus lowered, i.e., the free energy of acti-
vation is lowered. In addition, the © bonding stabilizes the pentacoordinate
intermediate, as illustrated in the following scheme:

N—Co—X — H.,N=Co + X~ 2.6.22
2 ~ ( )

If octahedral substitution takes place on a trans-isomer, and the mechanism
is of the dissociative type, the possible stereo changes are shown in Figure 2.6.7.

One should bear in mind that the energy difference between pentacoordi-
nated species, square pyramid and trigonal bipyramid, is very small. This is
the reason why intermediates of either of these geometric forms can occur in
octahedral replacements.

We have seen that in a dissociative type octahedral substitution, which
takes place over a square pyramidal intermediate, the reaction product retains

/' 1 /1\
) the most probable attack of Y
,5\'" "/"'2. -2 55\< """ S is on the 1-3-6-5 plane
i M | —_— N M N giving
N e trans-isomer (retention)

-2
trans-isomer \ intermediate

/ 1 3 attacks of Y
under angles of 120°

\‘ & giving

| 3-5 trans-product
4 l \ 3-4 cis-product

6 4-5 cis-product
Figure 2.6.7. Possible structural changes in a dissociative type octahedral substitution of X
by Y when the starting complex has trans configuration.
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the starting complex configuration, regardless of whether the starting com-
plex is a cis- or trans-isomer. On the other hand, if the reaction intermediate
has the trigonal bipyramidal structure, the reaction products will always be a
mixture of cis- and trans-isomers.

Table 2.6.4 provides data on the stereochemical changes of acid hydroly-
ses of some cis- and trans-[Co"(en),(L)}(X)]"* complexes.

Table 2.6.4. Steric changes in acid hydrolysis of some cis- and trans-
[CoM(en),(L)(X)]™* complexes (according to Basolo and Pearson?8)

[CoM(en),(L)(X)I™ + HyO — [Coll(en)y(L)(H,0)]™! + X~

% trans-fraction % cis-fraction

cis-L in the product trans-L X in the product
OH~ CI- 0 OH~ Cr- 75

OH~ Br- 0 OH~ Br- 73

Br~ CI- 0 Br CI- 50

CI- CI~ 0 Br Br~ 30

CI- Br 0 CI ClI- 35

Ny~ cr 0 cr Br 20
NCS™ CI- 0 NCS~ ClI- 50-70
NCS™ Br~ 0 NH; CI 0

NO, cr 0 NO, cr 0

The data shows that cis-[Co(en),(L)(X)]"* complexes in all the cited cases
react with complete retention of configuration, while trans-complexes under-
go stereochemical changes, revealing the trigonal bipyramidal geometry of the
reaction intermediate in these cases, except for trans-L = NH; or NO,. It should
be noted that all the quoted ligands, except for NH; and NO,, are good elec-
tron donors, the NO, “orienting” ligand being an exceptionally good electron
acceptor,

2.6.7. Attacks of reactants on ligands (not on metal)

Attacks on ligands, not on the metal, are very rare. Nevertheless, there are
such examples, e.g., aquation of the carbonato complex [Co™(NH;)s(OCO,]*.
Experiments with isotopically labeled oxygen, H,'80, have shown that 130
does not enter into the cobalt coordination sphere during aquation:

[Co™(NH;)sOCO,H]** + H,'80* — [Co™(NH;)5(H,0)]** + H,'30 + CO,
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It appears that the mechanism involves the attack of a proton on the oxygen
atom bonded to the central cobalt atom, causing CO, separation. Simultaneously,
protonation of one carbonate oxygen takes place, yielding the final product:

r 0 72+
Co™(NH3)s —O--- C// 2+
PN Co(NHz)s—O 7 g+ - 3+
o 0| — = [Co(NH3)s(H,0) |
18 !
/ O\
L H H

2.6.8. Linkage isomerism

Linkage isomerism has been associated with metal complexes containing
ambidentate ligands (from Latin: ambo = both). In organic chemistry, it is well
known that, for instance, NO, can form nitro compounds (R-NO,) or nitrites
(R-O-N-0O), SCN can form thiocyanates (R-S—C=N) or isothiocyanates
(R-N=C=5), etc. In coordination chemistry, the same groups can behave as
ambidentate ligands in bonding to a metal ion. Coordination chemistry knows
many ambidentate ligands, e.g., CO, 82032‘, SO32‘, (NH;),CO, (NH;),CS,
(NH;),S0, and others. Several reviews have been written on this subject.?*?

Following the IUPAC (International Union of Pure and Applied Chemistry)
recommendations, the corresponding isomers are now marked by the Greek
letter “k” (kappa) preceding the bonding atom.** For instance, we talk of kN,
or nitro isomer, or of kK, or nitroso isomer.

Ambidentate ligands vary widely, from the simple diatomic species men-
tioned to poly-N-heterocyclic bases, polynucleotides and proteins. A significant
observation was noticing that for a given metal (M) the bonding site depends
on the other ligands in the complex.*> For example, the M—SCN bonding is
in [Pt(SCN),])?~ and in [Pd"(SCN),]?>", while in analogous phosphine com-
plexes, M(PR;),(NCS),, and in 2,2’ bipyridine complexes, the M-NCS bond-
ing is involved. It is obvious that the ligand binding atoms do not exhibit the
same affinity for a particular metal center, and that this affinity often depends
on other ligands, bonded to the metal center. Thermodynamic stability will be
decisive in formation of one or the other isomer, but before its rearrangement
into a thermodynamically stable isomer, a kinetic (also catalytic) problem can
be relevant, since most reactive states are generated far from the thermody-
namic equilibrium conditions, and often live long enough to allow the moni-
toring of their conversion into thermodynamically stable species.*® Thus,
some forty years ago Basolo et al.*’ designed an experiment to permit the iso-
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lation of the unstable M—SCN species before they had time into rearrange to
the stable M—NCS isomer.

Linkage isomers have been excessively studied in replacement reactions
of pentacyanoferrate(II) complexes, [Fe(CN)sL]"". The reactions are disso-
ciative in nature, as already discussed in section 1.12. The dissociative mech-
anism enabled formation of the [Fe(CN)5]3’ intermediate species, which have
been used in generation of linkage isomers in the presence of ambidentate
ligands, such as aminopyrazine and aminoacids.*®*° Linkage isomers have
also been observed in the reaction of [Fe(CN)s(H,0)]*~ with methionine
amino acid and methionine sulfoxide.’® These amino acids, in the anionic
form, can bind pentacyanoferrate(Il) ions through the available S and NH,
groups. The kinetics carried out in the presence of the dmso ligand allowed
to discriminate between the kS and kNH, linkage isomers.

Similar studies, using competitive methods, have been carried out in link-
age isomers involving polyaza-heterocyclic ligands, such as 2-aminopyrazine.

[:N j/
N
2-aminopyrazine

NH;

The aminopyrazine ligand has two potential binding sites, represented by
the NH, group and the opposite N(4) aromatic atom, in addition to a hindered
N(l) atom. Using the stopped-flow technique, the initial formation of the
kNH, and kN(4) linkage isomers have been observed.!

The kinetics of formation of the [Fe(CN)5]3‘ intermediate species is in-
teresting. By using X and Y designation for the linkage isomers, the substitu-

tion processes starting from the [Fe(CN)S(HzO)P‘ involve two parallel reac-
tions:46-48-51

[Fe(CN)s(H,O)*™ + XY X+ [Fe(CN)5(XY)I™ + H,yO

[Fe(CN)5(H,0)* + YX K [Fe(CN)5(YX)]*~ + H,0
where:

kgps = (kx + ky)[XY]

Isomer X, which is more labile, isomerizes to the thermodynamically stable
Y form, according to the dissociative scheme:
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k_
[Fe(CN)S(XY)T™ + Hy0 == [Fe(CN)s(H,0) + XY
X

[Fe(CN)5(H,0)* + YX —% [Fe(CN)5(YX)*~ + H,0

Linkage isomerization proceeds according to a pseudo-first order kinetics
where kjis™ is independent of the concentration of the XY ligand, thus:
f kYk~X
kobs = k k
x Ty

The cited authors succeeded in evaluating the kinetic constants involved
in the isomerization scheme by introducing a competing ligand, A, which
forms a very stable and inert complex with the pentacyanoferrate(Il) ion.
They found that dimethyl sulfoxide (dmso) is very suitable for this purpose,
beecause it forms a very stable and inert complex with the pentacyanofer-
rate(Il) ion. For this purpose, in addition to the parallel reactions with rate
constants ky and ky, they included the competition reaction:

k
[Fe(CN)5(H,O)]" + A —> [Fe(CN)sA*~ + H,0

Thus, the observed rate constant for the substitution reaction in the starting
[Fe(CN)S(HZO)P‘ complex becomes:

kb= (kg + ky)[XY] + ka[A]

By plotting k[ versus [A], with [XY] in excess, a linear dependence was
observed that enabled evaluation of the rate constants k, and (ky + ky).

2.7. NUCLEOPHILICITY IN INORGANIC CHEMISTRY

It is generally taken that ligand nucleophilicity is influenced by several
factors:

(a) Basicity of an entering ligand is characterized by its pK, value, which
often correlates rather well with ligand nucleophilicity towards the central
metal atom.

(b) Polarizability of a nucleophile is connected with its ability of “soft”
approach to the central metal ion, at the moment of approach reducing repul-
sions between its electron pair and electrons of the central metal atom by sup-
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pressing electron density into its empty low energy orbitals. Thus, empty low
energy orbitals of an entering ligand are a condition for its “soft” approach.
It is obvious that a “polarizable” ligand is expected to be a good nucleophile.

Let us consider an iodide ion, attacking a substrate in which the electro-
philic atom is oxygen. Iodide (I7) can reduce the electron repulsions by form-
ing from its p and d orbitals two pd hybrid orbitals of the d type, with correct
symmetry for orbital overlap with the oxygen p orbital, as shown in Figure 2.7.1:

e
R @g )

Figure 2.7.1. Hybridization of p and d iodide orbitals yields a d type hybride orbital with cor-
rect symmetry for overlap with the oxygen p orbital, in a reaction of iodide with a peroxide.

(c) Oxidability. Ligands, which easily undergo oxidation, like to get rid of
their electrons and are, therefore, good nucleophiles. This ability is characterized
by their standard reduction potentials, or by polarographic half-wave potentials.

(d) Solvation energy. It is expected that better solvated ligands will be
weaker nucleophiles, because in order to be bonded to a metal, a nuclephile
must be freed of the bonded solvent, a process that requires energy.

(e) The nature of the metal center.

The above major factors are difficult to define, which is the reason why
nucleophilicity scales in inorganic chemistry are used much less than those in
organic chemistry.

2.7.1. np; Scale

This scale is based on the reaction:

methanol

trans-[(py),PtCL] +Y —— trans-[(py),PtCIY]* + CI- (2.7.1)

where np, is defined as follows:

np, = log ky (2.7.2)
kMeOH

Some typical values are given in Table 2.7.1.

Unfortunately, this scale can be applied rather well to reactions of plat-
inum(II), very approximately to other metals, and is entirely inapplicable to
the metals of the first transition series.



142 CHAPTER 2

Table 2.7.1. np, Nucleophilicity scale of some entering ligands2-34

Ligand npy
CH;0H 0
CI- 3.04
NH; 3.07
N3 3.58
Br~ 4.18
I~ 5.46
CN~ 7.14
SCN~ 6.65
PPh, 8.93

2.7.2. The scale of Swain and Scott

Swain and Scott> showed that the nucleophilic strength is considerably
independent of the substrate in reactions of nucleophiles with various com-
pounds of saturated carbon, and they proposed the expression:

log lz_n — o (2.7.3)

0

where k, is the rate constant of the reaction of the nucleophile (N) with a car-
bon compound, k is the rate constant of the standard nucleophile (water), s
is the substrate constant, and # is the nucleophilicity constant. Constant n can
be determined from the rates of several nucleophiles, and from the rate of H,O
nucleophile with the standard substrate, methyl bromide (CH;Br). In this way,
several equations with unknowns s and n can be obtained. It can be shown
that s is practically constant, while n varies.

Even Swain and Scott pointed out that their equations could be applied
only to saturated carbon compounds, not to other substrates.

2.7.3. Edwards’ scale

Edwards’ scale of nucleophilicity® is based on a combination of the reduc-
tion potentials of nucleophiles and their basicity:

loglli—“ = oF, +pH 2.7.4)
0
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where:
H = pK,+1.74 2.17.5)
E, = E°+260V (2.7.6)

In expression (2.7.4) k, is the rate constant of the reaction of a nucleophile
(N) with a certain compound, and kj is the rate constant of the analogous
reaction with water (k,/k, can be replaced by the equilibrium constants of these
reactions).

The o and B constants are substrate constants, while £, and H are the nucle-
ophilicity constants. £° is the standard electrode potential, e.g.:

2C1I" = Cl, + 2e~ E°=-136V
2Br~ == Br, +2¢” E°=-1.06V
20 = I, + 2¢” E°=-0.54V
2H,0 == H,0,%" +2¢” E° =-2.60V (estimated)

According to expression (2.7.6), it follows that E,, for iodide (I7) is:
E(I7) = -054V +260V = 206V

(see Table 2.7.2). Using expression (2.7.6), it follows:
EMH,0) = 260V +2.60V=0

which was the purpose of this procedure (see Table 2.7.2).

The polarizability scale of a nucleophile (P) is determined®! according to the
equation:

P = log—N @.7.7)
Ry,o

where R is the molar refraction given by the equation:

2
R=""1y (2.7.8)
n?+2

In this expression 7 is the refraction index, and V,, is the molar volume.
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Table 2.7.2. Nucleophilic strength and polarizability of some entering ligands>’-%0
Nucleophile pK, (25 °C) 7@ E,®v P©
S 12.9 3.08 0.611
SO,> 9.1 2.57
$,0: 1.9 6.36 2.52
SC(NH,), 0.4 (4.1) 2.18
I (10 to -9.5)® 5.04 2.06 0.718
CN- (9.1109.2) 2.02 0.373
SCN- (-0.7) 477 1.83
CeHsNH, 4.5 4.49 1.78
NO; 3.4 1.73
OH~ 15.7 4.20 1.65 0.143
Ny 47 4.00 1.58
Br~ (-7 to =9) 3.89 1.51 0.539
NH, 9.5 1.36 0.184
cr- (-4) 3.04 1.24 0.389
CeHsN 53 (3.6) 1.20
CH,COO~ (4.7 t0 4.8) 272 0.95
F- 32 -0.27 -0.150
H,0 -1.7 0 0 0

@ Swain and Scott nucleophilicity scale.
®  Electrode potential scale.

©  Polarizability scale.

@ Values in parentheses are estimates.

Assuming that E, values depend on nucleophile polarizability, we can write:

E, = aP +bH (2.7.9)
where P is polarizability, and H = pK, + 1.74 (see eq. 2.7.5). Table 2.7.3 con-
tains data needed for computing the @ and b constants.

We can see that the nucleophilic constant E, can be determined from the
electrode potentials and basicities (Erfa) —see Table 2.7.3) and also from the nucle-
ophile polarizabilities and basicities (E?). Both E,, values are in good agreement.

Molar polarizability is defined by the expression of O. F. Mossotti,%? pro-
posed in 1850, and is connected with relative permittivity (dielectric con-
stant), £,

g —1

e+2 ™ (2.7.10)

T
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Table 2.7.3. Data for determination of the ¢ and b constants
(eq. 2.7.9) and the nucleophilic constants E, of eq. (2.7.4)

Donor E® H Ry P E®
F- -0.27 49 2.6 -0.150  -0.23
H,0 0 0 3.67 0 0

cr 1.24 (-3.0)© 9.0 0.389 1.21
Br- 1.51 (-6.0) 127 0.539 1.57
OH~ 1.65 17.5 5.1 0.143 1.60
I~ 206 (9.0 19.2 0.718 2.02
S 3.08 14.7 15.0 0.611 3.11

@ Caled. by eq. (2.7.6).
® E, values are computed for @ = 3.60 and b = 0.0624 (eq. 2.7.9).
© The values in parentheses are approximate.

Since &, = n?, where n is the refraction index, the molar polarizability is also
defined by eq. (2.7.8). On the other hand, the theory assumes that:

P = Ry—Rio (2.7.11)

Nevertheless, experiments show that the expression (2.7.7) satisfies empiri-
cally better, probably because only a part of the total refraction relates to the
nucleophilic center.

Relative permittivity is usually measured in an alternating electric field.
The field direction steadily changes, depending on the applied potential fre-
quency. If the frequency is not too high, and the relaxation time is short, a
molecule will have enough time to change its orientation to respond to the
field direction. At very high field frequencies, a molecule will not have suffi-
cient time for orientation and the permanent dipole moment will cease to con-
tribute to the polarization. Only distortion polarization will remain, since even
at very high frequencies the electron cloud is sufficiently mobile as to accom-
modate to the variable electric field causing distortion polarization.

2.7.4. The theory of “hard” and “soft” acids and bases

The theory was proposed by R. G. Pearson in 1963.93:64 Acids and bases
are qualitatively divided into “soft” and “hard”, the remaining cases being bor-
der cases (see Table 2.7.4) Soft acids and bases mainly form covalent bonds
in mutual reactions, while hard acids and bases are mainly bonded by ionic
forces. The principal rule is that hard acids react most strongly with hard bases,
while soft acids react most strongly with soft bases. Hard metal ions react
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Table 2.7.4. Classification of some metals and ligands

as hard and soft acids and bases (after R. G. Pearson®)
Electrophiles Nucleophiles
Hard acids Hard bases
H*, Li*, Na*, K* H,0, OH~, F~, SO,>~, PO~
Be?*, Mg?*, Ca®, Sr2* CO0,4%, Cl0,~, NO5~, CI”
AP, S, G+ ROH, RO™, R,0, NH;, RNH,
Cr3t, Co3*, Fet, Cet CH;~, N,H,
Si**, Ti**, Cr*, Th*
Soft acids Soft bases
Cu*, Ag*, Au*, TI*, Hg* R,S. RS™, S,0;%, CN-
Cd*, Hg?*, Pd?*, P1?* I7, SCN™, $,0,27, R4P, R;As
Ti+ H-, R
Pt4+
Borderline Borderline
Fe?*, Co?*, Ni%*, Cu?*, Zn?* CI, Br, N7, NO,~, SO;>~
Pb%*, Sn?*, Ru*, Os?* PhNH,

Sb3+, Bi3+,Rh3+, Ir3+

with ligands similarly to proton reactions with ligands. The proton and all pro-
ton donors are classified as hard electrophiles. On the other hand, the hydrox-
ide ion is a hard nucleophile, while iodide is a soft nucleophile. Thus, hydrox-
ide (a hard base) has a strong interaction with the proton, but iodide (a soft
base) yields a weak reaction with the proton.

Hard metal ions are small, often bear high charge and have a valence elec-
tron shell which cannot be easily distorted. On the other hand, soft metal ions
are large, bear low charge, and have a valence electron shell which can be eas-
ily distorted and even removed. Soft metal ions bond strongly to highly polar-
izable ligands; these ligands usually have very small proton affinity. Similarly
to metal ions, ligands can be divided into hard ligands, which are not polar-
izable, and soft ligands, which are polarizable.

The theory remained on qualitative level for about 25 years when Pearson
tried to establish a quantitative scale of hardness and softness of bases and
acids founded upon the ionization potentials (/) of an M"* ion and electronic
affinities (A). The ionization potential (/) of an M"* ion is the energy needed
for its conversion into M®+D* jon. Analogously, the electron affinity (A) of
an M"* jon is the energy release (decrease) in converting it to M®*~D*_ It could
be shown that I is larger than A (I > A), since more energy is needed to con-
vert M+ into M D+ than into M""~D*, An approximate measure of softness
is given by the energy difference of the HOMO (highest occupied molecular
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orbital) and the LUMO (lowest unoccupied molecular orbital): the higher the
energy of the HOMO or the lower the energy of the LUMO, the softer is the
nucleophile or electrophile, respectively. Energies of the HOMO and the
LUMO can be approximately determined from measurements of ionization
energies and electron affinities, respectively. The attractive force between hard
acids and hard bases is mainly caused by the electrostatic attraction. On the
other hand, the attraction between soft acids and soft bases is mainly due to
the HOMO-LUMO overlap.

Later on, Pearson tried to establish a quantitative scale of absolute hard-
ness and softness.®> Absolute hardness is characterized by the value n and
absolute electronegativity by the value x. The absolute hardness (1) (is given
by the expression 11 = (I — A)/2, and the absolute softness (o) by the expres-
sion ¢ = 1/1. Table 2.7.5. contains a selection of Pearson’s absolute hardness
parameters.

Table 2.7.5. Absolute hardness n = (I-A)/2 for
some metal ions and ligands (after R. G. Pearson®®)

poontial (ev)  affmiy (Are)  Absolute hardness (V)
Metal ions
Na* 47.29 5.14 21.08
K* 31.63 434 13.64
Cu* 20.29 7.73 T 6.28
Cu?t 36.83 20.29 8.27
Ag* 21.49 7.58 6.96
Mg?* 81.14 15.04 32.55
Ca?* 50.91 11.87 19.52
Cr2* 30.96 16.50 7.23
cr+ 49.1 30.96 9.1
Mn?* 33.67 15.64 9.02
Co* 51.3 17.06 8.22
Co?* 51.3 35.50 8.9
Pdz+ 32.93 19.43 6.75
P2+ 31.94 18.76 8.46
Ligands
Cco 14.0 -1.8 7.9
PF, 12.3 -1.0 6.7
CsH;N 9.3 -0.6 5.0
H,0 12.6 6.4 9.5
(CH,),S 8.7 -3.3 6.0

NH, 10.7 -5.6 8.2
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We can see that the differences in absolute hardness of metal ions are
small. Exceptions are Na*, Mg?* and Ca?*. A similar situation is that of lig-
ands, where the differences in hardness are even smaller. Obviously, further
research in the field is to be expected.

In conclusion, we can say that all described scales have some advantages
but also deficiencies. An attempt to correlate various scales was made, but
with no real success.5

2.8. SUBSTITUTIONS ON
SQUARE-PLANAR COMPLEXES

The term square-planar is actually a pleonasm. Strictly speaking, square-
planar complexes are those complexes whose all four ligands are the same,
e.g., [PCl,]>, or [Pt(NH;),]>*.

Square-planar complexes are very important for the metal ions Ni%*, Pd>*,
Pt?*, Ir'*, and Au®*. By far the largest number of mechanistic studies have
been done on Pt square-planar complexes, because they are very numerous
and their substitution reactions proceed at rates that are easy to follow.

Square-planar complexes are often formed when a metal has 8 electrons
in d orbitals, as is the case with Pt!, Pd", Au™, Rh! and Ir’. Such square com-
plexes are always spin paired (diamagnetic).®’ The reactions of Rh! and Ir! are
very fast and have been therefore much less studied. On the other hand, the
mechanistic information collected in reactions of the platinum(II) complexes
can be in most cases applied to the square-planar complexes of other metals.

2.8.1. The mechanism of ligand replacements

Almost all substitutions of square-planar complexes follow the kinetic law:

_d[ML3X]

o = KIMLXT+ky ML X][Y] (2.8.1)

This can be explained by assuming two parallel reaction paths, both fol-
lowing an associative (A) mechanism. The kv reaction path involves an attack
of nucleophile (Y), with the rate constant (ky), on a metal center; the reaction
transition state and the reaction intermediate have very probably a trigonal
bipyramidal structure. The complex ground state geometry is fully retained,
i.e., the cis or the trans ligand, relative to the ligand being replaced, remain
in the trigonal equatorial plane. The k reaction path also proceeds over the
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trigonal bipyramid, the entering ligand being the solvent. Very extensive
experimental data support this mechanism. An associative mechanism should
be expected, considering that the coordination number of square-planar com-
plexes is low, as compared to octahedral substitutions. Thus, it has been found
that the replacement of C1~ by Y~ in [Pt'(NH;);Cl1]* follows two kinetic paths:

k
(a) [PtNH3);CI]* + H,0 %W»O_ [Pt(NHs);(H,0)1%* + CI- 2.82)
[PUNHS){(H,0) 1 + Y~ — [PY(NHy),Y]* + H,0 2.8.3)
(b) [PUNHCI* + Y- —Xo [PNH,Y]* + CI- (2.8.4)

Such a mechanism implies the following rate law:

d[Pt(NH,), Y]

= = kyo[Pt(NH;);CI ]+ ky[PUNH,),CI* (Y] (2.8.5)

which has been confirmed experimentally.

It should be stressed that neither ky  in process (a) nor ky in process (b)
vary significantly with the complex charge (e.g., replacement of the neutral
NH; ligand by the CI~ ligand). If the mechanism were a dissociative one, the
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Figure 2.8.1. Energy profile (schematic) and possible steric changes during substitution of X
by Y of a square planar complex: energies at 2, 4, 6, and 8 represent the transition states, and
the reaction intermediates would have energies shown at 3, 5, and 7.



150 CHAPTER 2

rate of CI” separation from the metal would strongly depend on the metal
charge, which is not the case. In addition, steric crowding reduces the rates
of both processes, (a) and (b), as expected for an associative mechanism. If
the mechanism were a dissociative one, the kinetic effect would be just oppo-
site: the substitution rates would be increased.

Negative entropies of activation (A*S < 0), negative activation volumes
(A*V < 0) and the marked dependence of the substitution rate on the nature of
entering and leaving ligands support the claim that the square-planar replace-
ments are associative in nature.

Generally speaking, the square planar substitutions proceed with retention
of configuration: cis-complex yields a cis-product and trans-complex yields
a trans-product.

Regarding stereochemical changes, the five coordinate intermediate can
be a square pyramid or a trigonal bipyramid. The main intermediate is likely
to have the trigonal bipyramid geometry, while a high energy intermediate is
probably a square pyramid, as depicted in Figure 2.8.1.

2.8.2. Trans effect

One out of four ligands of a square planar complex is labile and can be
replaced by entering ligands. The remaining three ligands are inert; two are
in cis- and one in trans-position to the labile ligand. A ligand in trans-posi-
tion exerts a significant effect upon the dissociation rate of the leaving ligand,
which is called trans effect. On the other hand, the kinetic effect of a ligand
in cis-position to the labile ligand is of minor importance. An empirically estab-
lished and generally accepted order of the trans effect is:

CN™ = CO = NO = olefins > H™ = PR; = AsR; > CH;™ = S=C(NH,),
> CgHs™ = SR, = NO,” = SCN™ = I" > Br™ = CI” > amines = NR; =

The sequence covers the rate effects of a range of 10° and is roughly appli-
cable to all square-planar platinum complexes. Based on this sequence, the
steric course of a substitution can be predicted, e.g.,

2 -

Cl_ O | wus |Cl NHs| nm, [Cl ,NHg
Pt — | P — | Pt (2.8.6)

cl cl cl ¢l Cl NHg

and not
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Cl_ ,NHg
/Pt\
HN~ Gl

since the trans effect of CI is larger than that of NH;. This is the way in which
the cis-complex was prepared.

On the other hand, the trans-complex was formed according to scheme
(2.8.7), because the trans effect of C1~ > NHj.

2+ +
o NHs| g [HN_ QI o |HN_ Cl
Pt Pt Pt (2.8.7)
HsN  NHj HsN  NHj Cl NHg

HN

It is necessary to distinguish between a ligand rrans effect and a ligand trans
influence. A ligand trans effect is an effect of the frans-ligand on the rates of
substitution of ligands opposite to it. The ligand trans influence is a static
ground state effect. This effect influences, e.g., a metal-ligand bond length.

A ligand that is a good o donor increases the electron density on a metal,
thus weakening the bond between the metal and the leaving group. Figure
2.8.2 shows the bonding of the p orbital of an amino ligand with the d,»_» and
d,, orbitals of a metal.

y z

] |
—@%@w@——x — %zDN@x
l

dieyz + Py dz + Py

Figure 2.8.2. c-Bonding of the nitrogen p orbital of an amino ligand and the e, orbitals of the
metal.

The mentioned sequence of ligand rrans effects reveals a large trans effect
of H™ ligand for which its ¢ donation is responsible, while the & bonding appears
to be of minor importance. On the other hand, the very high trans effects of,
e.g., CN7, CO and NO ligands, and others, are largely due to the & bonding
leading to preferential stabilization of the trigonal bipyramidal pentacoordi-
nate species. When the entering ligand (Y) approaches a square planar com-
plex, its donor orbital symmetry is right for the overlap with the empty metal
p, orbital. The entering ligand (Y) and the leaving ligand (X) remain in the
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equatorial positions of the trigonal bipyramid. Thus, there are three ligands in
the equatorial plane; the out-of-plane = orbital of the trans-ligand can inter-
act with the n orbitals of X or Y, or both of them. But, if the intermediate is
square pyramidal, such interactions are not possible. On the other hand, we
know that steric isomers do occur. It has been found that the thermodynami-
cally unstable isomer (square pyramidal), if formed, is formed most rapidly
and then converted to the trigonal bipyramidal intermediate.

Figure 2.8.3 depicts the n bonding of the d,, metal orbital and the p,
orbital of an amine ligand.

V4

. 9. 9
|

CON\D

dy; + Pz

dXZ

Figure 2.8.3. m Bonding of the d,, metal orbital and the p, orbital of an entering ligand.

It may be concluded that the trans effect of a ligand is a combination of
its o donation and its ability of & bonding. Since the substitutions of square
planar complexes are associative in nature, the orienting trans-ligand can
increase the replacement rate by its contributions to the bond breaking of the
metal and the leaving ligand (X) and also by its contribution to the © bond
making of the metal and the entering ligand (Y). Very basic orienting ligands
contribute to the M—X bond breaking, but their electron donation hampers the
bond making with the entering nucleophile (Y™); the CN™~ orienting ligand
exhibits a strong trans effect, because of its basicity (pK, = 9.2), but also
because of its polarizability (molecular polarizability = 0.373, see Table 2.7.2),
which enables n bonding.

2.8.3. Cis effect

The ligands in cis-position to the leaving ligand (X) exhibit a small elec-
tronic effect and consequently a small replacement rate effect (the accelera-
tion factor is about 2 to 3 while, as already said, the acceleration factor of the
trans effect can be larger than 109). The origin of the cis effect is similar to
that of the trans effect. Molecular orbital calculations show that ligands which
weaken bonds to ligands trans to them also weaken bonds to ligands cis to
them, but the effect is much smaller.
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On the other hand, bulky ligands in cis-position exhibit large steric effects.
Thus, in the reaction (2.8.8), the replacement of trans-phenyl by trans-mesityl
(mesitylene = 1,3,5-trimethylbenzene) leads to a rate decrease by a factor of
30, but if phenyl is in cis-position the rate decrease factor is about 10°:

||=Et3 IIDEts
y-

Ph—ll?t—CI — Ph—l|3t-—Y + CI (2.8.8)
PEt3 PEtS

2.8.4. Leaving group effects

The nature of the leaving group affects the rates of the substitution reac-
tions of square-planar complexes. We have previously pointed out that in
octahedral substitutions, which are, as a rule, of the dissociative type, the
nature of the leaving group (X) exhibits a strong effect on the reaction rate
because the bond between the metal and this group is largely broken in the
reaction transition state. However, the nature of the leaving group can also
influence the substitution rates of square-planar complexes, which are of the
associative type. The size of this effect will depend on the degree of bond
breaking in the reaction transition state. E.g., by measuring the activation vol-
umes it was established that the bond Pt—Cl in the substitution of C1~ by Br~
in trans-[P(PEt;)Cl,] remained almost untouched in the reaction transition
state.%® As already mentioned, the trans effect of the orienting ligand depends
on the bond strength of the leaving ligand in the reaction transition state, and
this bond is a combination of the ¢ and & bonding.

2.8.5. Effect of the central metal ion

The effect of the central metal ion on the rates of square-planar substitu-
tions can be very strong. Hence, the tendency to undergo substitution is in the
same order as the tendency to form pentacoordinate complexes:*® Ni!l > Pd!t
>> Pt", Thus, the substitution rates of chlorine by pyridine in EtOH depend
on the metal, as follows:

' EtP. .Cl

"’/M\\
~~ EtOH
PRz 4 py —/ M=Pd ky =0.58 moF'dm3s!

M=Ni ky =33 mol-'dm3s-1

CH, M =Pt ky=6.7x10"° moi-'dm3s-1
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2.9. SUBSTITUTION REACTIONS OF
TETRAHEDRAL COMPLEXES

Tetrahedral metal complexes are very frequent. Such complexes can be
formed by almost all elements with p electrons in the outer shell. F, Te, Bi,
Po, At and the noble gases are exceptions. Almost all transition metals, except
Nb, Ta, Sc, Y, La and Ac, build tetrahedral complexes. Substitution mecha-
nisms of the tetrahedral complexes of Si, Ge, Sn and P have been most exten-
sively studied. These substitutions are of the A or I, type, with an intermedi-
ate of the coordination number 5, their possible geometries being a square
pyramid or a trigonal bipyramid.

The substitution of X by Y of the silicon L;SiX complex can proceed via
a trigonal bipyramid, like in organic chemistry, with configuration inversion
(scheme 2.9.1):

Ly L1 Ly

\
Y o+ WSi—X —= Y—S§i—X — Y—Si, + X (29.1)

L2 \\ \ L

Ls L2 1, Ls

intermediate

In the case of a cis attack, the substitution will proceed with the retention
of configuration (scheme 2.9.2):

Ly L4 L1
\\ Y \

LpnSi—X + Y —= Ly —= LywnSi—Y + X (2.9.2)
% g X M

The high spin tetrahedral complexes of the first transition period are very
labile. Their substitution reactions are associative in nature. Such complexes
are, e.g., [Col'Cl,]>~, [Co"Cl;Py]~, and [Co!CL,py,].
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2.10. SUBSTITUTIONS OF CARBONYLS

Substitution mechanisms of the carbonyls of organometallic complexes
have been most extensively investigated.” These complexes are easy to pre-
pare, are usually very stable and can be well characterized by IR spectra.

Let us consider the [Ni(CO),] complex. Nickel can accept 4 electron pairs
from donor ligands. Thus, its valence shell acquires a total of 18 electrons,
i.e., the noble gas configuration; the coordination number Z = 4. Under such
conditions, nickel has no adequate orbitals for accepting an additional elec-
tron pair, required for an associative mechanism. Indeed, mechanistic studies
have shown that the substitution mechanism of carbonyls is of the dissocia-
tive type,’! as shown by the following reaction scheme:

[Ni(CO),] g [Ni(CO);] + CO (2.10.1)
-1
[Ni(CO)l +Y ﬁ» [N1Y(CO),] | (2.10.2)

Reaction (2.10.2) is relatively fast (k, > k).

Complexes [Co(CO);NO], [Fe(CO),(NO),] and [Mn(CO)(NO);] are iso-
electronic with [Ni(CO),]; this is so because the NO ligand is in fact the
donor of 3 electrons. Namely, the NO ligand acts as a donor in its NO* form.
But, NO* is a possible electron pair acceptor from the metal, thereby being
converted to NO™. In this way, the coordination saturation (18 valence elec-
trons) is only apparent, but the transfer of two electrons from the metal to the
NO™ opens the possibility of accepting the fifth electron pair, i.e., a pentaco-
ordinate intermediate can be formed, enabling an associative mechanism. It
is noteworthy that the structure of NO cannot be depicted in Lewis’ way,
since the molecule has an odd number of valence electrons. Namely, nitrogen
contributes 5 valence electrons, and oxygen 6 electrons, the total number of
valence electrons being 11. The NO molecule is paramagnetic. Its electron
configuration is

(61)%(6,)*(03)*(m)* (n*)!

The electron in the ©t* orbital is relatively easily released to give nitrosonium
ion (NO%). Since the electron is supplied from an antibonding orbital, the
NO* ion has a bond distance of 106 pm, which is shorter than the bond dis-
tance in the NO molecule (114 pm).



156 CHAPTER 2

2.10.1. Substitutions of the carbonyls of complexes
with a metal-metal bond

Examples of such substitutions are the replacements of CO by Y of the
[Mny(CO),l, [Tex(CO)y0l, [Rex(CO) o), and [MnRe(CO),4] complexes, as
demonstrated by eq. (2.10.3):

Y Y
[Mn,(CO),, 1 _+C—O» [Mn,(CO),Y] -—ZE’ [Mny(CO)Y,] (2.10.3)

The entering ligand Y occupies the axial, not the equatorial position.
The substitutions follow the kinetic law:

rate = k;[M,(CO) o] + k,[M,(CO),,][Y] (2.10.4)

where k; >> k,. This kinetic expression corresponds most closely to a disso-
ciative interchange mechanism (I)’? (the substitution of CO by Y is mainly
dissociative, since its rate depends very little on the concentration of Y). There
were several discussions whether the mechanism involves a CO dissocia-
tion”>”3 or a homolytic cleavage of the M—M bond.”*”> Using rhenium iso-
topes, complexes [#Re,(CO),,] and ['87Re,(CO),,] were prepared and used
in substitution and exchange reactions. No mixed isotopic species were
observed, ruling out the M—M bond homolysis mechanism.’6

Scheme (2.10.5) shows the structures of the [M,(CO),,] complex and its
substitution product [M,(CO)gY,].

oC co OC o OC co OC co
N N 2v 3§ N
OC“";M——/M——CO _— Y—/M /M Y (2.10.5)
oC (l:O OoC (I:o oC (Lo OC co

A definite proof that no homolytic cleavage of the M—M bond is involved
was obtained on the Re, carbonyls:
[ISSRez(CO)lo] [ISSRez(Co)ngl
+ + +4CO (2.10.6)
['87Rex(CO) 1ol ~4CO  ['87Re,(CO)5Y,]

+4Y

No isotopic scrambling was observed, i.e., species Y-~'8Re~!87Re-Y
were not observed, which should have been found if homolytic M—M bond
cleavage had occurred.
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Chapter 3

OXIDATIVE ADDITIONS AND REDUCTIVE
ELIMINATIONS

Coordinatively unsaturated compounds can generally bind neutral or
anionic nucleophiles. Such reactions are called additions. Oxidative additions
are reactions that involve an increase of the formal oxidation state and the
coordination number. Reductive eliminations are, in principle, opposite process-
es to oxidative additions. They lead to a reduction of the coordination sphere
of the metal and to its formal oxidation state.

In many cases, oxidative additions and reductive eliminations are micro-
scopic reverses.

3.1. OXIDATIVE ADDITIONS
Halogen oxidation reactions of the type:
[PICL,)% + Cl, — [PEVCl ]> (3.1.1)
or
[Au/(CN),|” + Cl, — [Au™CL,(CN),]” (3.12)
are obvious oxidative additions.
In reaction (3.1.1), platinum(II) loses two electrons, yielding platinum(IV)

(d®—d®); in reaction (3.1.2), Au! yields Au™ (d!9—d®).
The general form of an oxidative addition process is usually written as:

@L),M + XY — (L),MX)(Y) (3.1.3)
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If X and Y are univalent anions (charge number —1), the oxidation state
will be formally increased by +2, which is the reason why reaction (3.1.3) is
called an oxidative addition.

3.1.1. Two-electron oxidative additions

The first oxidative additions of the mentioned general type (3.1.3) are the
reactions of Vaska’s* compounds,' e.g., of compound:

PhP.,  .CO

4y, 'r\\\

a”” een,

The oxidative addition is:
[Ir'(CO)CI(PPh;),] + XY — [I'™(CO)CI(PPh3),(X)X(Y)] (3.1.4)

In reaction (3.1.4), XY can be H,, R-I (R = H, CH;, C,Hs, n-C3H,, etc.),
HCI, Br,, I,, CI-Hg—Cl, CH;CO—-Cl, R;Si—H, and other reactants, e.g.,2

H
L., .Co L., | H
TN + Hy =— 7| (3.1.5)
a” ™ | L
co
SnC|3
L., .CO L., | CO
AT + SnCly =—= AL (3.1.6)
a” N a”” | L
ol
COCH;
L. .CO L., | ..co
e 4 CHeCOCH === "’flﬁQ (3.1.7)
cl L ca” | L
cl
OCOCOOH
L. .CO L., | CO
SATIN + HO,CCOH —= AN (3.1.8)
a” L o | L
H

* L. VASKA, Estonian-American chemist, professor of chemistry at Clarkson University,
Potsdam, N.Y., emigrated to the United States after the Second World War. In his book,*
the late Professor M. L. Tobe called Vaska’s compound “a singular compliment in inorgan-
ic chemistry where the cult of personality is not encouraged”.
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Reaction (3.1.9) is a typical trans addition. The oxidation number increas-
es by two units, since two ligands are added in the trans-positions. The inter-
mediate has a square pyramid structure; the equatorial geometry is preserved.
On the other hand, if the reaction is carried out in a more polar solvent, e.g.,
methanol, the intermediate becomes trigonal bipyramidal, and the products
are cis- and trans-isomers. It is not clear why polar solvents favor the trigo-
nal bipyramidal intermediate. The condition for these reactions is that the
complex in its reduced form has the possibility of additional coordination and
that it can accept two new ligands.

Examples of oxidative additions (adapted from ref. 2 and other sources):

Cl

CHs

OC"',,,/' I\\\"Pﬂa CHACI in benzene "r.,,'l ™
r + 3Cl —— r

rRP” el RP” Ci

intermediate

1 (3.1.9)

.PRg

CHa
oc., | .PRs

g
ReP” | e
Cl

trans-Ir'C1(CO)(PPh;), + HCl == Ir'"HCI1,(CO)(PPh;), (3.1.10)

Oxidative additions involving a two-electron transfer are often very fast
and their rates are difficult to measure. It can be generally concluded that
oxidative additions of Vaska’s compounds follow a second order reaction, i.e.,

Rate = &,[Ir'][XY] @3.1.11)

The rate equation scheme is valid for the oxidative additions of complexes
that are coordinatively unsaturated. Rates of these reactions depend very strong-
ly on the nature of X and Y, but if only complexes of the trans-[IrL;,,(CO)L,]
type are considered, where L, is a halogen, and L is a phosphorus ligand-
donor (e.g., trans-[Ir'CI(CO)(PPh,),]), then the reactivity is not very dependent
on the nature of L. Nevertheless, the reaction rate decreases following the
sequence C1 > Br > 1.

The behavior of the [Ir'H(CO)(PPh;);] complex is typical. The rate law is:
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kik, [Ir'][XY]
k_ [PPhs]+k,[XY]

Rate = 3.1.12)

This form of the kinetic law has been already mentioned (see eq. 1.12.11). It
points to a mechanism where a coordinatively saturated complex must first
lose a ligand to become coordinatively unsaturated, and thus be able to under-
go an oxidative addition. These steps are shown by the following equations:

[Ir'(H)(CO)(PPh,),] ;.—_>1 [I'(H)(CO)(PPhy),] + PPh;  (3.1.13)

-1
[Ir'(H)(CO)(PPh;),] + XY —k—2> (I (H)Y(X)(Y)(CO)(PPhs),] (3.1.14)

One should bear in mind that the oxidizing reagent X—Y provides two lig-
ands. If the complex has no free positions for coordination, then a ligand of
the substrate or a potential ligand of the X—Y combination must be freed before
or during the oxidative addition, thus enabling the formation of M—X and
M-Y bonds. One possibility is that the X-Y are provisionally bonded to the
reaction center. The subsequent electron redistribution leads to the X—Y bond
rupture and the formation of M—X and M-Y bonds:®

- X A
LM + XY — LM(XY)— LM — LM (3.1.15)
A N

Y

In the oxidative addition scheme (3.1.15), two electrons are transferred from
the metal to the X ligand and two electrons from the X-Y bond are trans-
ferred to the Y ligand, thus X and Y ligands are ready for coordination to the
metal, whose number of electrons is reduced from d” to d"2,

It should be expected for both X and Y ligands to be strongly electroneg-
ative. Experiments also show that the reaction is stereospecific: X and Y are
cis, i.e., adjacent in the oxidized complex product.’®

3.1.1.1. Mechanism of oxidative addition of the nucleophilic
substitution type

In oxidative additions of this type, the metal electron pair, which has not
been previously engaged in chemical bonding, becomes the electron donor
pair, i.e., a nucleophile, as in the reaction:
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[A(L),Co] + CH;X —» [A(L),Co™-CH,] + X~ (3.1.16)

The reaction is a typical SN2 (AyDy) process. Vitamin B, belongs to this cat-
egory, which will be discussed later. '

3.1.2. One-electron oxidative additions

Two important reaction groups involve one-electron oxidative additions.
These are the reactions of Crl!'— Cr'! and of Col"— Co'™:

2[CrY(H,0)¢]** + X-Y —
[Cr"(H,0)sX]** + [Crl(H0)sY]* +2H,0  (3.1.17)

2[COM(CN)sJ*~ + X-Y —
[COM(CN)sXT* + [CoM(CN)sY - (3.1.18)

These reactions are analogous to the reactions that involve an inner sphere
redox mechanism (to be distinguished from the outer sphere redox mecha-
nism, where the electron transfer takes place without changing the coordina-
tion sphere, which will be discussed later), e.g.,

[Co™(CN)s]*~ + CH;l == [Co"(CN)sI}]>~ + CH;" (3.1.19)
fast
[Co'(CN)s]*~ + CH;" — [Co™(CN)sCH,]* (3.1.20)

There is strong evidence for the free radical intermediate formation. Thus,
it is said that reactions (3.1.19) and (3.1.20) proceed by a one-electron “free
radical” mechanism. This category also includes the composite reaction:

[Co(CN)sJ*~ + CH3C‘HCH3 — CH,CHCH, + [Co™(CN),I]*~  (3.1.21)
I

. f:
[Col(CN)s]* + CHyCHCH, —» CH,=CHCHj + [Co"(CN);H]*~ (3.1.22)

Generally speaking, alkyl halides often react by the free radical mecha-
nism, less frequently by the nucleophile attack.>* Phosphine ligands, e.g.,
PMe;, PMe,Ph, PMePh,, are very important in free radical reactions.®

It is generally known that the reaction mechanisms involving free radicals
exhibit a loss of stereochemical characteristics. The rates of these reactions
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cannot be well reproduced and are slowed down by the free radical inhibitors.
All these characteristics apply to the following reactions (X = halogen):’

[Pt(PPh,),] + RX == [Pt(PPh;),X] + R’ (3.1.23)

[Pt(PPh;),X] + R® — [Pt(PPhs),(R)(X)] (3.1.24)

3.2. REDUCTIVE ELIMINATIONS

As already pointed out, reductive eliminations are reverse processes to
oxidative additions.
Reaction (3.2.1) is an example:

PR, PRs
X.., ~H
'/|||-m‘\ —>= OC—Ir'—X + H, (321)
oC H
PR3 PRS

In the reaction, iridium(II) is reduced to iridium(]).
Reaction (3.2.2) is another example:

[PEVClg]>~ + I — [PtUCl, >~ + IC1 + CI~ (3.2.2)

Reductive eliminations have been generally much less investigated than
oxidative additions. Nevertheless, a great deal of information has been obtained
from reactions of iridium complexes, e.g., [I(CO)(R}R")L,X], where L = PPh,
or P(p-tolyl);.8-14

Oxidative additions and reductive eliminations are often reversible process-
es. Thus, hydrogen addition constitutes a special case of oxidative addition.
Despite the high H-H bond energy of 450 kI mol~!, the oxidative addition of
H, proceeds readily. The reaction is reversible, since hydrogen can be removed
by sweeping with molecular nitrogen or argon, or by applying vacuum:

PPhg PPhy
cl, |

i == OC—Ir'—Cl + Hj
oc” | H

PPhg PPh

(d® (d®)

Regarding the mechanism, it appears that the molecular hydrogen com-
plex is initially formed using the o* orbital as an acceptor orbital. This con-
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tributes to the polarization and weakening of the H-H bond and to the final
formation of two cis M—H bonds.!3
The reversible reaction:

[COIIIH3(PPh)3] + N2 - [COI(Nz)H(PPh3)3] + H2 (3.23)

(d®; coordination number = 6)  (d®; coordination number = 5)

and its reverse, the reductive elimination, were extensively studied in an unsuc-
cessful attempt to find a complex suitable for atmospheric nitrogen fixation
under standard temperature and pressure conditions.
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Chapter 4
MOLECULAR NONRIGIDITY

Atoms oscillate approximately harmonically about their equilibrium posi-
tions. But, there are appreciable numbers of compounds, especially metal com-
plexes, where vibrations of molecules can carry a molecule from one stereo
configuration to another. Such molecules are said to be stereochemically non-
rigid (fluxional).

Molecular configuration is an important property of the large majority of
compounds. Stereochemistry involves not only the shapes of molecules but
also the ways in which they react, because the relative positions of reacting
groups have an important effect upon the rate and the result of a reaction.

The interconversion of nonrigid structures is called isomerization. The
type of isomerism, where the isomers differ only in the placement of a pro-
ton and the corresponding location of a double bond, is commonly referred
to as tautomerism. Such isomers are called tautomers. The term fluxional struc-
tures is also used.

4.1. PSEUDOROTATION

Let us consider, e.g., compounds PF5 and Fe(CO)s, which have a trigonal
bipyramidal structure. Out of the 5 ligands, 3 are in the so-called equatorial
positions and 2 in axial positions. The distance of axial ligands from the metal
center is somewhat larger than that of equatorial ligands. Thus, it could be
expected that the !F NMR spectra would show two maxima, corresponding
to the nonequivalent positions of the fluorine atoms of the PF5 molecule.
Analogously, two maxima could be expected in the 'O NMR spectrum of
Fe(CO)s. However, all the mentioned spectra exhibit only one spectral max-
imum, which corresponds to the statistical average of positions and distances.
Using different measuring techniques we can learn that some of these tech-
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niques are adequately fast, which will enable us to follow the changes of steric
configurations of each tautomer independently. Such methods are electronic
spectroscopy and electron diffraction, the time scales of which are less than
10~ 5. On the other hand, the NMR spectroscopy scale is about 107 to 1072
s. These measurements have revealed the nonrigidity of steric configurations
of PF5and Fe(CO)s.!

Coming back to the mentioned PFs and Fe(CO)s molecules, the fact is
that NMR spectra do not register different distances between the central
metal atom and the equatorial and axial ligands. The explanation was given
by Berry, and the suggested mechanism was named Berry’s mechanism or
pseudo-rotation. Figure 4.1.1 is a schematic illustration of Berry’s mecha-
nism for the trigonal bipyramid:

A1 E3
A-~E
- -5E2 //:3 B _-A
B M/ Vo—= E M1 =—= Ee <
1‘~\\\“\\\E —~——— 1 \:\5 —~———— 1\\\§‘L\\\)A
l : DN I :
2
Ag E2
Dy, Cav Dap

Figure 4.1.1. Berry’s mechanism, or pseudo-rotation, for the trigonal bipyramid, including
the square pyramidal intermediate.

As already said, in the NMR spectrum all ligands appear equivalent, since
they quickly pass between axial and equatorial positions of the trigonal bipyra-
mid (of D5, symmetry). Theory shows that when two nuclei in different posi-
tions, of frequencies v, and v,, and their difference Av, exchange positions at
a frequency larger than Av, then only one frequency will be observed, amount-
ing to 0.5(v| + v,).

Analysis shows that there are only two ways of intramolecular exchange:

(a) the exchange involves one axial and one equatorial ligand,

(b) the exchange simultaneously involves two axial and two equatorial
ligands.

Experimental data support the latter alternative.

Energies of the square pyramid and trigonal bipyramid stereo structures
differ only slightly. Berry has shown than even a small deformation of the oscil-
lation angles can enable an interconversion.

Figure 4.1.1 shows that a decrease of the A;-M—A, angle below 180°, and
an increase of the E,~M-E; angle by 120°, in such a way that both angles
acquire an equal equilibrium value, a square pyramidal intermediate will be
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obtained with the base A, E3, A,, E,. The square pyramidal intermediate may
revert to the trigonal bipyramid structure (left), or turn into the trigonal
bipyramid structure (right), as depicted in Fig. 4.1.1. It should be noted that
in both trigonal bipyramidal structures ligand E, is in the equatorial position.
The final oscillation effect, leading to angle changes, gives an impression of
the initial trigonal bipyramidal structure rotation by 90° on the E;—M axis
(pseudorotation).

In principle, the trigonal bipyramid has slightly lower energy than the square
pyramid.

There are several factors influencing the geometry of these two structures:

(a) Principle of the minimum electronic repulsions. In the case of the trig-
onal bipyramid, there are 3 electron pairs in the equatorial plane, which mutu-
ally repulse at angles of 120° (3 repulsions at 120°). The 3 electron pairs also
repel at 90° angles, with 2 electron pairs in axial positions, above and below
the equatorial plane (6 repulsions at 90°). In this case of the square pyramid,
there are 8 repulsions at 90°. Though the total number of electron pair repul-
sions in the trigonal bipyramid structure is 9 (3 at 120° and 6 at 90°), the total
electron pair repulsion energy of the square pyramid structure is larger because
the repulsions at 90° are larger than those at 120°. We may conclude that, regard-
ing the electron pair repulsions, the trigonal bipyramid structure is slightly more
stable than the square pyramid structure.

(b) Crystal field stabilization energies (see section 2.4.2).

(c) Steric interference (bulky ligands contribute to the structure destabi-
lization).

(d) Ligand electronic characteristics (electronegativity of ligands).

An example of the ligand steric influence and the ligand electronic influ-
ence on pseudorotation is the P(CH;),F; molecule. The structure with fluo-
ride ligands in axial (not in equatorial) positions and the methyl groups in
equatorial positions, as in Figure 4.1.2, is more stable.

F
-CHa
F PK
CHa
F

Figure 4.1.2. Strongly electronegative fluorides occupy the axial positions because mutual
repulsions are then smallest.

If pseudorotation should occur, at least one CH3 group would come into
an axial position, and two F~ into equatorial positions, thus causing high elec-
tron pair repulsions, i.e., a high energy barrier to pseudorotation. This is the
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reason why P(CHj;),F; does not undergo pseudorotation, not even at high tem-
peratures.

Figure 4.1.3 depicts a compound of the trigonal bipyramidal structure where
pseudorotation is not possible because of the six-membered ring.

F
’ CHo—CHa |
—_—p s
] T\CHZ—CHQ/ o
F

Figure 4.1.3. A trigonal bipyramidal structure where the pseudorotation is not possible for
steric reasons.

In metal complexes of the coordination number 4, tetrahedral geometry
has lower energy than square planar geometry. Figure 4.1.4. depicts the pos-
sible transitions.

N\
J

J

7

Figure 4.1.4. Inversion and isomerization of a tetrahedral complex over a square-planar tran-
sition state.

In carbon compounds, the energy difference between tetrahedral and square-
planar structures is large (larger than 350 kI mol™!). On the other hand, these
differences are much smaller in transition metal complexes. Thus, the complex-
es of transition metals with the coordination number 4 appear in both struc-
tures, tetrahedral and square-planar, depending on the nature of the ligands.
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Both structures can exist in equilibrium, as is the case of the [NiH(PPh3)2Br2]
complex.

4.2. NONRIGIDITY OF METAL CARBONYLS

It has lately been definitely established that the dinuclear and polynuclear
metal carbonyls exhibit a marked tendency to nonrigidity of their structures,
which is known as carbonyl scrambling. It is characteristic of the CO ligand
that it can be bonded to one of the two metals as a terminal ligand, or form a
bridge between the two metals. On the other hand, if two CO groups are
involved, they can be terminal on both metals, or make two bridges, linking
the two metals. The energy difference of such structures is small, less than 30
kJmol™!, as exemplified by the complex [Cp,Fe,(CO),] (Cp = n>-CsHs™).*

The compound exists in solution as a mixture of cis- and trans-isomers,
with CO bridges. For a CO group bridging two metals, the stretching fre-
quency is in the region from 1700 to 1850 cm™! while the streching frequen-
cies of terminal CQO’s are generally higher and lie in the region from 1800 to
2140 cm™!.1a1b

XA S @/\/
Paval

Figure 4.2.1. Cis- and trans-isomers of the [Cp,Fe,(CO),] complex (Cp = cyclopentadienyl),
ref 1a. Reproduced by permission from F. A. Cotton and of John Wiley & Sons, Inc., © 1988.

CO 0

The NMR signals of 'H in the spectrum of cyclopentadienyl rings are
expected to appear in different positions, and this is what really happens at
~70 °C; however, at room temperature there is only one signal in the inter-
mediate position.'®!® The 13C NMR for CO groups shows that these groups
exchange their bridging and terminal positions. It is taken that the CO bridges
break simultaneously in a one-step (“concerted”) process. The intermediate
Cp(OC),Fe-Fe(CO),Cp is thus formed, which can rotate around the Fe—Fe
bond. Such rotation is impossible as long as rigid CO bridges exist. After

*  Symbol 7, stands for hapto (from the Greek word haptein, meaning fasten); thus, ligand
CsH; carries also the name pentahaptocyclopentadienyl group. The use of 7 is recom-
mended by IUPAC.
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rotation, the CO bridges close, yielding a cis- or a trans-product. Even CO
bridges can exchange their initial positions. Nonrigidity of metal carbonyls is
specific to this type of compounds.

4.3. [(FULVALENE)TETRACARBONYLDIRUTHENIUM].
STORAGE OF LIGHT ENERGY

Photochemical isomerization of the [(fulvalene)tetracarbonyldiruthenium]
complex represents a nonrigid system that can store light energy of relative-
ly long wavelengths (about 350 nm). The illuminated nonrigid complex changes
its structure, but after heating at a temperature > 65 °C the complex reverts to
its initial structure, liberating about 12.5 kImol™! (= 3 kcalmol™!). The inter-
conversion cycle can be repeated more than 40 times with no observable sub-
strate loss. The reaction presents a great challenge to attempts to find its prac-
tical application, as it has been pointed out in recent literature.>10

In the last twelve years, special attention has been devoted to photochem-
istry of the dinuclear organometallic complexes, since different structures
undergo light excitation leading to ligand replacements, disproportionation,
or to different redox reactions. Detailed data on the nature of the primary
photo reaction and on the reaction intermediates are known and have been
published for various metal © complexes,>'!"!? including complexes of the
[Cp,M,(CO),] type (M = Fe or Ru).

Extensive studies of iron dimers suggest at least three independent pri-

mary processes:>

(a) homolysis of the metal-metal bond with formation of two mononu-
clear radicals;

(b) loss of CO, resulting in triply-bridged, paramagnetic dinuclear species;

(¢) rupture of the metal-metal bond without fragmentation; a reactive inter-
mediate is bonded with only one CO bridge.

0oC

M S

(1 2 CO

Figure 4.3.1. Photoisomerization of [(fulvalene)tetracarbonyldiruthenium], 1, and its exother-
mic reverse, 2.3 The reaction system effectively stores light energy; after mild heating, above 65
°C, the inversion complex reverses to its original structure liberating ~ 3 kcalmol™! (reproduced
by permission from professor K. Peter C. Volthardt and the American Chemical Society).
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It has, however, been shown that [FvRu,(CO),], 1, (Fv = n5:n5-bicyclo—
pentadienyl) reacts in a different way than the [Cp,Fe,(CO),] complex. The
diruthenium complex does not fragmentize under the influence of radiation,
since pentadienyls are mutually bonded, but undergoes a reversible isomer-
ization reaction; the reverse reaction is exothermic (AH = —29.8+1.5 kcal
mol™!), see Figure 4.3.1.

The structure of [FvRu,(CO),] (I). — The complex has been isolated in the
form of yellow crystals.!? The IR spectra reveal two strong absorptions of the
terminal carbonyls, in contrast to the [Cp,Ru,(CO),] complex which contains
equilibrated bridged and terminal carbonyl ligands.!*!> The absorption spec-
trum of 1 in tetrahydrofuran (THF) shows a characteristic maximum at 329 nm,
similar to the [Cp,Ru,(CO),] (A, = 330 nm), where there is no bridge between
cyclopentadienyls. The [FvRu,(CO),] structure has been confirmed by mass
spectroscopy and structural X-ray analysis.

Thermally reversible photoisomerization of complex 1. — Solution of the yel-
low crystals of 1 in THF, when exposed to light, as described, converts to the
complex 2 in 80% yield. The structure of 2 has been confirmed by IR and 'H
NMR spectra, which show that the metal-metal bond is broken, which has
been definitively proven by structural X-ray analysis.

The reverse reaction 2—1, which takes place in THF at only 65 °C, or in
the crystal at 208 °C, causes crystals to bounce a few centimeters high, which
is known as “Hupfeffekt” (hiipfen in German means to bounce); English
expression is “thermosalient”.!6 Vollhardt et al. carried out 10 cycles of these
conversions® with no noticeable decomposition of the substrate, announcing
a possible practical application.

The 1+==2 interconversion involves a very interesting problem of the
metal-metal bond breaking and also Cp—Cp bond breaking (between cyclo-
pentadienyls), and their subsequent bond making with the metal, as n'-
CsH,—M. It should be stressed that 1 absorbs light more effectively than 2,
and that we actually deal with a very unusual oxidative addition == reductive
elimination reaction. The reaction is claimed to follow a “concerted” mecha-
nism and not to involve intermediates, though the formation of diradicals can-
not be excluded.?
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Chapter 5
ELECTRON-TRANSFER REACTIONS

5.1. INTRODUCTION

Electron-transfer reactions are reactions of the oxidative-reductive type.
They are of great importance in nature, but also in technology, and have been
in the center of interest during the last 50 years, which is evident from sever-
al thousands of publications in the field. Many biological processes, e.g., pho-
tosynthesis and oxygen transfer in living cells, involve reactions that are gov-
erned by electron transfer over distances as large as 1 nm.

Important progress was made when it was realized that there are, in prin-
ciple, two types of mechanisms of electron-transfer reactions, outer-sphere
and inner-sphere mechanisms.!-2

In outer-sphere redox processes, the interaction between an oxidizing and
a reducing agent at the moment of electron transfer is very small. The coor-
dination shell remains intact, though perturbed.

In inner-sphere redox processes, the oxidant and the reductant are “firm-
ly” bonded in the activated complex during electron transfer with at least one
ligand, which belongs to the coordination shell of the metal and to the reduc-
tant. This ligand serves as a bridge for electron transfer. Electron transfer is
often, but not always, the rate-determining step. Our knowledge of the electron-
transfer reaction mechanism has been substantially broadened by the use of
isotopes and with the development of new techniques for measuring extreme-
ly fast reaction rates.

Redox reactions are very exciting from the theoretical point of view; some
publications in this field have provided the basis for today’s understanding of
the electron-transfer mechanisms.>~

The metal exchange reaction rates, which are much higher than those of
the replacement reactions, often reveal the electron-transfer mechanism. E.g.,
this holds for the reaction:

177
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[*Fel(0-phen);]>* + Fel(o-phen);|** == [*Fell(0-phen);]** + [Fe(o-phen);]*

(o-phen) = o-phenantroline, i.e., 1,10-phenanthroline
* labeled atom
k= 108 dm*mol~!s™! (25 °C)

This means that 10~ molar complex solutions exchange iron more than 99%
in 13 ms.!0

It is generally observed that the electron-transfer reactions are first order
with regard to the oxidizing agent and also first order with regard to the reduc-
ing agent:

rate = k[oxidant][reductant]

Thus, the inner and the outer sphere electron-transfer mechanisms cannot
be distinguished on the basis of kinetic laws.!1~!5 Activation enthalpies of
electron transfer are lower for the outer-sphere electron transfers than for the
inner-sphere electron transfers. Both mechanisms have, in principle, negative
entropies of activation. These general data show that it is not easy to distin-
guish between these two mechanisms.

5.2. FRANCK-CONDON PRINCIPLE

Electron-transfer reactions, which occur either by the inner-sphere or by
the outer-sphere mechanism, are subject to restrictions defined by the Franck-
Condon principle. The principle explains the distribution of relative intensi-
ties of the vibrational structure of an electronic transition. Namely, since the
nuclei have a much larger mass than the electrons, electron transition takes
place much faster than the nuclei can respond. Thus, the electron transition
takes place in about 107!3 to 107'6 s, while the nuclei need about 10713 s to
respond (which is approximately the time of one vibration). This is the rea-
son why electron density is rapidly built up in the new molecular region. The
new electron density distribution acts upon the nuclei, which become subject
to a new force field, causing them to vibrate. Since the nuclear framework
remains unchanged with respect to its geometry during a very fast electronic
transition, the expression “vertical transition” is used to describe this situation.

Let us consider the photoreaction of a complex ion of the type:

h
[RuII_Ru1[1]3+ __‘_L [*RuIlI_RuII]3+ 5.2.D)
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Assuming that both complex ions are surrounded by the same ligands, we
can conclude that the complex product contains Ru'' surrounded by ligands
with bond lengths and angles of the structure specific to Ru™, while Ru'! is
surrounded by ligands in an arrangement characteristic of Ru'’. This is due to
the fast electron transfer influenced by the light energy. According to the
Franck-Condon principle, the fast electron transfer is followed by subsequent
much slower vibrational relaxation of nuclei, which enables relaxation of the
“surroundings”. The differences in the “surroundings” mainly refer to the
Ru~N bonds where N belongs to an amine ligand. These differences are small
and, consequently, the energy differences caused by different “surrounding”
are small as well. Hence, a photon energy of about 100 kJ mol~! is adequate to
enable reaction (5.2.1).

Let us also consider reactions (5.2.2) and (5.2.3):

[*Co(NH;)c]?* + [Coll(NH;), > ==
5, 2 6
g Cy b
[*Co"™(NH;)c]** + [CoM(NH4)e?"  (5.2.2)

k_, =107 dm*mol!s~! (25 °C)

The reaction is very slow!? because it requires a spin change (from the
high spin [”‘Co”(NH3)6]2’r to the low spin [*COHI(NH3)6]3+).

On the other hand, reaction (5.2.3) is fast because the electron transfer
proceeds from the e, orbital of one cobalt atom to the e, orbital of the other
cobalt atom; thus, the outer-sphere electron-transfer mechanism appears very
probable: !0

[*Col(o-phen);]** + [Co™(o-phen);]3* ==

t2g6eg] t2g6
[*Co™(o-phen);]** + [Col(o-phen);]**  (5.2.3)
t2g6 tZg()egl

k_, = 1.1 dm*mol~'s™! (25 °C); o-phen = o-phenanthroline

One should bear in mind that the metal-ligand bond distance (M-L) is
shorter when the metal is in a higher oxidation state. The shorter M—L bond
of the higher oxidation state should not be a consequence of the 7 back-bond-
ing, because T back-bonding is taken to be of minor importance here, the
interaction of the positively charged metal and the ligand electrons being
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dominant. On the other hand, if ® bonding is important, then the M-L bond
can be shortened even in the lower oxidation state. Thus, the V-C bond
length is 200.1 pm (2.001 A), in the [V(CO)] complex, and 193.1 pm'®!7 in
[V(CO)g]™ anion derived from the [HV(CO)4] hydride.

In further consideration we will assume that the metal-ligand bond (M—L)
is shorter when the metal is in a higher oxidation state. Prior to the “self-
exchange” in an electron-transfer process, a metal in the higher oxidation
state must lengthen its bonds towards ligands, while a metal in the lower oxi-
dation state must shorten them. The higher the extent of the reorganization,
the higher is the energy needed for this reorganization, and consequently the
lower is the electron-transfer rate. If the energy requirements are high, the
electron-transfer rate can be very low. We have already seen that the self-
exchange in the reaction (5.2.2) is very slow (k_, = 10~ mol~!dm?3s~! at 25 °C).
It has been mentioned that Co* has a d° low-spin configuration, while Co?*
has a d’ high-spin configuration, so a very slow electron transfer is to be
expected. The e, metal orbitals are antibonding with respect to ligands. Ligands
are bonded to a metal by ¢ bonds. For symmetry reasons, the t,, orbitals are
nonbonding. These orbitals can participate only in © bonding with p ligand
orbitals, which is presently not considered. A change in the number of e, elec-
trons has a larger energy effect than a change in the number of t,, electrons.
An electron transfer involving e, orbitals is therefore much slower than an
electron transfer involving t,, electrons. If only t,, electrons participate in an
electron transfer, these reactions can be exceedingly fast, and most often pro-
ceed by an outer-orbital mechanism. This is exemplified by self-exchange
(5.2.2).

5.3. OUTER-SPHERE ELECTRON TRANSFER

The following reactions are examples of outer-sphere electron transfers:

[*Fe"(CN)g]*™ + [Fe™(CN)¢]>~ ==
t G’
2g 28
[*Fel(CN)¢]>~ + [Fel(CN)]*  (5.3.1)
o t,°
k_, = 7.4x10% dm*mol~!s~! (25 °C)
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[*Fe!’(o-phen);]?* + [Fe(o-phen);]** ==
6 5

trg tre
[*Fe"(o-phen);]** + [Fe"(o-phen);]**  (5.3.2)
by te®
k_, = 10° dm’mol~!s7! (25 °C)
[*Fe'(CN)4]*~ + [Fe(o-phen);]** ==
b by
[*Fe™(CN)¢]*~ + [Fe!'(o-phen),]?* (5.3.3)
thy” toe

k_, =108 dm*mol~'s7! (25 °C)

It is reasonable to expect that electron transfer will occur at a very high
rate when two reactants are relatively close to each other. Reactions (5.3.2)
and (5.3.3) are very fast indeed. This can be explained by assuming that the
o-phenanthroline ligand is a ligand in which electrons are strongly delocalized
(like in a metallic wire resistor).

Table 5.3.1. Some outer-sphere electron transfer reactions®

Self-exch Electon k/dm*mol~!'s™!  Difference in M-L Ref
cli-exchange configuration (25 °C) bond length/nm et.
[Ru(bipy);]>+/3+ tp®/ty” 4x108 18,19

[Ru(o-phen);]>+3+ t2g6/ t2g5 ~ 107 20

[Fe(o-phen),]2+/3+ 0/t =~ 3x107 21
~ 10 22
[Os(bipy), > 0/t 5x10* 21
[Mn(CN)g]*"3~ ™ ty? ~ 106 very small 23
[Fe(bipy);]**3* tre™ trg® ~ 108 0.000 + 0.001 23
[IrClg)>2 tO/thg 103 22
~ 106 23
[Ru(en);]?/3* 0/t 4x10* 23
[Ru(NH;)g]**3* 60/t 4x10° 0.004 + 0.001 24
[Ru(H,0)s]**/3* te% g 20 0.009 + 0.002 24,25
[Fe(H0)s**  ty,le /.0, 4 0.014 £ 0.002 24,26

@ en = ethylenediamine; o-phen = o-phenanthroline; bipy = 2,2’-bipyridine.
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5.3.1. Marcus theory of outer-sphere electron transfer

Electron-transfer reactions have been attracting interest of theoretical
chemists for many years. An important contribution to the theory of outer-
sphere electron transfer is that of R. A. Marcus.*

In 1954 Marcus, Zwolinski and Eyring*?’ developed a theory of electron
transfer based on the hypothesis that the mechanism involves electron tun-
neling (sections 1.14 and 1.15). They assumed that solvents and ligands form
a barrier through which electrons must pass. Taking Eyring’s transition state
theory into account, their results could be formulated using the expression

k= Ktk:T e(_Aif_Gﬂ/RT-AﬁGWRT) (5.3.4)

where k is the transmission coefficient, which also involves the probability of
the electron passing through the barrier, A*G is the free energy of activation
of reorganization of the solvent and coordination shells, and A¥G is the free
energy of activation needed to overcome electric repulsions between ions. The
transmission coefficient, which is always less than 1, increases when reaction
partners approach one another, thus causing an increase in the reaction rate.
On the other hand, increased electron repulsions increase the energy of acti-
vation, thus contributing to the reaction rate decrease. These opposing rate
effects lead to an optimum distance of the reacting partners of about 6 A,
when the exchange rate is at its maximum.

Weiss28 took tunneling into account in 1954, while Marcus did it in 1956.%°
Several investigators have tried to compute A*G, notably Marcus®® and Hush.?!
Marcus and Hush arrived at essentially the same results, correctly predicting
the electron transfer rates to within an order of magnitude. This is quite sat-
isfactory considering that the rates studied vary by a factor of 10'4. Later on,
several reviews of the field were published.’?-3¢ They contain numerous rel-
evant references, describing different theoretical approaches. The essence of
the Marcus theory of electron transfer is based on the observation that a large
majority of electron-transfer reactions have some defined energies of activa-
tion. It was previously mentioned that in outer-sphere electron-transfer reac-
tions covalent bonds are neither broken nor formed. Thus, if an electron just
“drops downhill”, why is all the activation necessary at all? Marcus claimed
that there must be a difference in the solvation of reactants and products, which

* RuDOLPH A. MARcUS, Canadian-born American chemist received the 1992 Nobel Prize for
chemistry “for his contribution to the theory of electron transfer reactions in chemical sys-
tems”. The Marcus theory has shed light on diverse and fundamental phenomena of the
outer-sphere electron transfer.
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causes the energy barrier; the electron transfer itself is isoenergetic and there-
fore very fast; after electron transfer, a solvation relaxation of the reaction
products must take place.

Marcus gave his theory a quantitative form. Gibbs free energy changes in
a bimolecular outer-sphere electron transfer are represented in Figure 5.3.1:
W, is the work needed to bring the reactants from the ground state to the
appropriate reaction distance. Analogously, —W, is the work required to bring
the newly formed products from the reaction distance into the product equi-
librium distance in the bulk solvent, which then becomes the product ground
state. This work is, of course, negative; (A,) is the Gibbs energy required to
achieve the distorted configuration of the reagents in the reaction transition
state, while (=A) is the Gibbs energy change due to the equilibrium relax-
ation of the newly formed reaction products.

ﬂ"
Distorted Distorted .
configuration configuration
Gm
()
(—)"p)
At reaction
distance ™ %
W,
Ground state e
-y __ Atreaction
W, distance
m——tme  Ground state
REACTANTS PRODUCTS

Figure 5.3.1. Schematic changes of Gibbs energy in a bimolecular electron-transfer reaction. 3%

Based on these ideas Marcus derived eq. (5.3.5), which is used for reac-
tants and products of the same size and charge type. In this equation K, is
the equilibrium constant of the redox system, obtained from emf (electromo-
tive force) measurements, and k;; and k,, are rate constants.

ki, = \kiikpKi, (5.3.5)
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If the size and charge requirements are not met, an additional factor, Sz,
must be added, so that eq. (5.3.5) acquires the form:

kiy = JkjknKiho (5.3.6)

Factor f), is a function of collision frequency, which is considered to be con-
stant. Its value is usually less than 1.
Let us consider two reactions having rate constants k,, (where a = 1 or 2):

[Ru(NH,)e]3* + [Ru(NH;)e]?* , [Ru(NH;)s?* + [Ru(NH,)** (5.3.7)

and

k22
[V(H,0)]** + [V(H,0)6]** — [V(H,0)4]*" + [V(H,0)4]** (5.3.8)

A possible reaction is, e.g., the so-called cross-reaction:

kl
[Ru(NH;)¢]** + [V(H,0)4 1> A [Ru(NH;)6]** + [V(H,0) ]t (5.3.9)

The equilibrium constant for (5.3.9), obtained from electromotive force
measurements is K,. The values of k,, and k,, are determined as 4x10° and
1.2x1072 moldm=3s-1, respectively, and K, = 1.07x109. It follows from these
data®” that the calculated value of &, is 7.2x10° moldm3s-1. The experi-
mental value is 4.2x10° moldm~3s-1, which is considered a good agreement,
since rate constant variations can span 9 orders of magnitude.

A detailed description of the Marcus theory and the derivation of eq.
(5.3.6) can be found in refs. 39 and 41, and in original Marcus’ publications
(see refs. 27-38).

The usefulness of equations (5.3.5) and (5.3.6) is great. Determination of
the rate constant k;, is important because the calculated value can be com-
pared with the experimental one, and if these values differ significantly, the
outer-sphere electron-transfer mechanism is very probably not involved. What
is most important is that the theory enables calculation of rate constants of a
large number of various interactions in solutions if the kinetic parameters of
involved reactants are known. A list of about 30 such parameters enables pre-
diction of the rate constants of about 450 various reactions.*>43

The theory has been successfully applied to electron-transfer reactions in
biological systems, which is discussed in the next section.
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5.3.2. Long-range electron transfers in biological systems

Experiments have confirmed that electron-transfer reactions can occur at
rather high rates even when the reactants are separated much beyond “colli-
sional” distances, often over 1 nm (10 A). Long-range electron-transfer reac-
tions are often encountered in biological systems.

According to Marcus’ theory, the rates of long-range electron transfers are
primarily determined by the relative relation of the reaction standard Gibbs
energy, A,G° and the reorganization energy, A. A maximum rate is obtained
when A,G° equals the “reorganization energy”. Indeed, many biological reac-
tions approach these conditions.

Further increase in A G° causes a rate decrease. The inverted effect is now
established with certainty. It corresponds to the region in which A,G° > A.
These ideas were strongly supported by P. L. Dutton,** professor at the Uni-
versity of Pennsylvania, Philadelphia. Dutton studied electron-transfer reac-
tions in bacterial photosynthetic centers. The first step in bacterial photosyn-
thesis is a light excitation in bacteriochlorophyll. The excited electron is first
transferred to bacteriopheophytin and then to a quinone, and again to anoth-
er quinone. Electron transfer to the first quinone occurred at a distance of
about 1 nm. Dutton and coworkers systematically changed quinones as elec-
tron acceptors and thereby also reaction distances. Additional distances were
0.46 and 2.34 nm. A variation of 2 nm (20 A) in the distance between elec-
tron donors and acceptors in protein changed the electron-transfer rate by a
factor of 102, A linear distance dependence of the maximum electron trans-
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Figure 5.3.2. Dependence of the maximum electron transfer rate (A,G° = 1) on the distance
between the atom donor center to the atom acceptor center for 18 different biological systems
(schematic), adapted from ref. 44.
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fer rate (A,G° = M), expressed as log k vs. reaction distance, was observed.
Dutton and coworkers used 18 different systems to determine the line on this
plot. Figure 5.3.2.** depicts these results schematically.

The authors concluded that proteins constitute a uniform electron barrier
to electron tunneling. They further found that the selection of the distance, the
free energy and reorganization energy are sufficient parameters to define the
rate and directional specificity of a biological electron transfer, which is in
accordance with the Marcus theory.

About 40 years ago it was taken that the electron transfer between a cyto-
chrome ¢ and a light activated bacteriochlorophyll in the bacterium Chro-
matium vinosum occurred even at 80 K. A few years later it was reported that
the electron transfer was temperature-independent from 120 K down to 4 K,
suggesting that the electron transfer proceeds through a quantum mechanical
tunneling mechanism (see section 1.15), probably taking place over a dis-
tance as large as 30 A.#

A different viewpoint was put forward by R. M. Baum.*> Along with a group
of chemists, he questioned the possibility of redox centers, separated by such
long distances as 25 A, or even more, and consequently weakly bonded, being
capable of an effective transfer of electrons. They claim that there are proteins
that specifically promote electron transfer. The fact that the rate of electron
transfer in proteins rapidly decreases with the redox center distance strongly
suggests the involvement of tunneling. J. N. Betts et al., of the California
Institute of Technology, and J. N. Onuchic e? al., of the California University
at San Diego,* developed a model system for computation of electron trans-
fer by tunneling. Their results indicate that the long-distance electron trans-
fer is controlled by protein structure. The covalent o bonds and hydrogen
bonds mainly serve as a bridge for electron transfer. Here and there, an elec-
tron may jump through empty space.*’~*° The electron jump through typical
free space is equivalent to about 10 covalent bonds. Not so long ago, J. Kraut,
professor at the University of California in San Diego, with his coworker H.
Pelletier prepared a 1:1 complex between cytochrome ¢ and cytochrome ¢
peroxidase. Both cytochromes are natural partners in electron transfer. They
established that the combination of these two cytochromes is a much better
way of electron transfer than the way through two proteins. Their work is
considered very important. H. B. Gray, professor at the California Institute of
Technology in Pasadena, and his coworkers also maintain that proteins, as
mediators in electron transfer, exhibit special properties.*® Electron transfer
takes place between prosthetic groups linked by proteins (the distances are
often larger than 1 nm). Though the electron donor and electron acceptor
are loosely bonded, the electron transfer is very fast and markedly specific
for a particular system.*® The simplest models describing the long-range elec-
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tron transfer treat the medium between the electron donor and electron accep-
tor as a one-dimensional square tunnel barrier. Consequently, the electron-
transfer rate constant should exponentially decrease with increasing dis-
tance.*>03! It is generally observed that tunneling is more efficient over bond-
ing orbitals than through free space, where the potential energy barrier is high-
er. One should bear in mind that the electron path from the electron donor to
electron acceptor over proteins is much longer than the direct way through
free space. Some authors think that the resistance to electron transfers via a
hydrogen bond is twice the resistance via a covalent bond.*® This view has
found substantial support.>?

Cytochromes are hemoproteins that enable electron transfer in the respirato-
ry chain and in many complex biological processes There are more than 50
known cytochromes with different structures and physical properties. Cyto-
chromes contain prosthetic groups similar to heme. Prosthetic groups, also called
coenzymes, are compounds required by an enzyme to catalyze a particular reac-
tion. Cytochromes assist electron transfer in the membranes of cell mitochondria
and chloroplasts. Each cytochrome is associated with a protein structure called
apoenzyme, with apoenzyme protein bound to the prosthetic group. The a-type
cytochromes show very high redox potentials. They are important in the reduc-
tion of oxygen to water in the cytochrome ¢ oxidaze. Cytochromes b have the
protoporphyrin IX structure; their proteins are not covalently bonded to the por-
phyrin. Cytochromes a contain hemes with a formyl group as a substituent of the
ring. Cytochromes b and ¢ have the same prosthetic groups, but the cytochrome
¢ protoporphyrin IX vinyl groups are condensed with cysteinyl SH groups.
Cytochrome c is soluble in water and assists in the electron transfer between
cytochrome reductase and cytochrome oxidase. The nomenclature a, b, and ¢
stems from the early recognized spectral differences that enabled their identifi-
cation (see, e.g., W. Kaim and B. Schwederski, Bioinorganic Chemistry: Inorganic
Elements in the Chemistry of Life, John Wiley and Sons, Inc., New York, 1996,
pp. 107-118). '

The mentioned results of Pelletier and H. Kraut*’ support the claim of H.
B. Gray that the proteins taking part in electron transfer between the electron
donor and electron acceptor cannot be looked upon, at least not in all cases,
as a bridge of identical repeating units.

It appears that many proteins behave specifically, analogously to cyto-
chrome c. Calculations on models indicate that the cytochrome c structure is
a very effective way of electron transfer.*>47

Figure 5.3.3, (a) and (b), schematically depicts the cytochrome c struc-
ture. The central iron atom is bonded to four pyrrole nitrogens. Like in hemo-
globin, the prosthetic group resides in a protein pocket, where the fifth coor-
dination position is occupied by an imidazole nitrogen of a histidyl side
chain, while the sixth axial position is occupied by the sulfur atom of the
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Figure 5.3.3. Schematic structure of cytochrome ¢ (adapted from refs. 23 and 53).

methionyl side chain, like in hemoglobin and myoglobin.>® The central iron
atom is a Fe?*/Fe®* redox system, enabling the electron transfer.

The important chemical role of cytochrome is the oxidative phosphorylation
of ADP (adenosine diphosphate) to ATP (adenosine triphosphate). This is a process
in which the ATP is formed when electrons are transferred from NADH (the
reduced form of nicotinamide adenine dinucleotide (NAD*) when this compound
accepts (H* + 2e), which is equivalent to the acceptance of the H™ ion). NADH is
a very strong reducing agent (E° = —-0.32 V). Many reactions occurring in living
systems are not spontaneous, i.e., these reactions have AG® > 0. (We know that
reactions which proceed spontaneously in a thermodynamic sense must have
A,G° <0). In biological systems, the reactions that have A,G > 0 are called ender-
gonic, and reactions where A,G < 0 are called exergonic (in Greek ergon = work;
endon = inside). In biological systems, endergonic reactions can be coupled to
reactions that are strongly exergonic for the mentioned thermodynamic reason.
Adenosine triphosphate (ATP) is an example to the point. E.g., the hydrolyses of
ATP to ADP and ATP to AMP (adenosine monophosphate) are strongly exer-
gonic reactions. In fact, these reactions are very complicated because they do not
occur only at a phosphorus center but a certain enzyme also requires a metal ion
for its catalytic function.>

In conclusion, it can be said that the electron transfer through proteins is
a partly solved problem, which remains in the center of interest of the most
prominent world laboratories of coordination chemistry, and of international
conferences on coordination chemistry.
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S.4. INNER-SPHERE ELECTRON TRANSFER

In the outer-sphere mechanism, the oxidant and the reductant have very
little communication. The stable polynuclear complexes, in which a firm lig-
and bridge is present at the moment of electron transfer, are well known and
described.>

A clear demonstration of such a mechanism was given by Henry Taube!-257-%
(see also Chapter 2, section 2.3). Taube showed that, in an intermediate reac-
tion stage, a chemical bond must form between one of the ions and a ligand
that is still bonded to the other ion. This ligand acts as a temporary bridge
between the two ions, and its bond to the original ion can later break in such
a way as to indirectly effect the electron transfer that completes the reaction.

Stabile polynuclear complexes linked by a ligand bridge are now well
known and described.>® If such a complex contains two equal metal atoms in
different oxidation states, then these complexes are most often intensively
colored, suggesting electron exchange between these two metal atoms. It is,
therefore, no wonder that the oxidant and the reductant build a bridge over a
common ligand, through which the electron transfer takes place. The first
thoroughly investigated reaction of this type was the reaction:

[Co™(NH,)sC1)** + [Cr'(OH,)(]** + 5SH,0" —
375 276 3
[Co™(OH,)4]** + [CT™(OH,)sCI]?* + 5 NH,*  (5.4.1)

It is characteristic of this reaction that the cobalt(IIl) complex is inert
while the chromium(Il) complex is labile.

Col + Cr! —» Co!' 4+ Cpi (5.4.2)

inert labile labile inert

Reaction (5.4.1) is fast (kysoc = 6x10° mol~!dm?s™!). Instead of chloride,
some other ligands can be analogously transferred, e.g., F-, Br-, I-, SO,*",
N;~, NCS~, PO,*~, OH, etc., but also carboxylates (RCO,").

The rate of reaction (5.4.1) is proportional to the concentrations of both
complexes, i.e.,

Rate = k[Co™(NH;)sCI1>*][Cr"(OH,)¢>*] (5.4.3)

It seems very likely!>37-5? that the activated complex in the reaction
(5.4.1) has structure I in which cobalt and chromium are bridged by chlorine:
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NH; OH,
HeN C‘\\';“‘N(?Ia Cli“'? %Hlj electron
sN—C0"—Cl----CH—OH, ——
HaN | HQO/ l transfer
NH3 OH,
¢y

In reaction (5.4.1), the electron is transferred from the chromium atom to
cobalt while chloride is, so to say, transferred to chromium. However, this
would not be reasonable to claim since the transfer of the atomic nuclei is rel-
atively slow, compared to the very fast electron transfer. Taube!-? pointed to
the importance of the fact that the reaction product is [Cr"(OH,)sC1]** and
not [Cr(OH,)¢]**. Namely, as soon as the chromium(Il) is oxidized, it
becomes inert and the changes in its coordination sphere are slow. Taube con-
cluded that the chlorine-chromium bond must be formed at the moment or
prior to the moment of chromium oxidation. He also concluded that all chlo-
rine in the [Cr™(OH,)sC1]?* product must be that from the [Co™(NH;)sCI1]?*,
because when the reaction (5.4.1) was carried out in solution containing
radioactive *CI~, no *CI~ was found in the [Cr“‘(OHZ)Cl]2+ product. In this
way, it was established that the chlorine atom was transferred from cobalt to
chromium, because chlorine was the bridging ligand in the electron transfer.’®
Taube’s experiments explained why the reaction between [Co™(NH;)g]*" and
[Cr(OH,)¢]*" is 10'° times slower than reaction (5.4.1). Namely, unlike all
the other mentioned ligands, including carboxylates, the NH; ligand has no
available electrons to form a bridge towards chromium.

The carboxylato bridge is of special interest because the electron transfer
takes place over oxygen and carbon atoms (as in II), and also over a long con-
jugated system (as in HI) if the bridge is fumarate.

[ (HsN)sCo—O—C—0—Cr(OH,)s] **
(In

H 3+

Il |
mmmx—o—c—?=c—ﬁ—o—m@mg
H
(I

It is interesting to note that the reaction rate with fumarate is higher than
that with acetate. This is explained by assuming that Cr?* attacks carboxylate
at the end most distant from Co**, whereby the repulsions of the nuclei get
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reduced, while the electron passes through the conjugated system of the acti-
vated complex.

Water can also have the role of a bridge between cobalt and chromium. It
is most probable, however, that the OH™ is the bridging ligand, since the reac-
tion rate decreases with increasing hydrogen ion concentration. Besides,
there is a substantial energy difference between the two oxygen electron pairs
in the water molecule. One is practically 2s, and the other 2p; 2s will not be
accessible for such bridging.

Reaction [Co™(NH;)sL]%* + [Cr'(OH,)¢]** has been studied also for var-
ious ligands (L), which were differently substituted carboxylates. The results
are shown in Table 5.4.1. It can be seen that the rate constants vary only little,
though the enthalpies of activation (A*H®) differ by as much as 30 kI mol™!
(recall that 5.86 kJmol~! corresponds to a reaction rate change by a factor of
10, see expression (1.3.12).

Table 5.4.1. Activation parameters for reaction [Col(NH;);LJ** + [CF'{(OH,)q]**
for some carboxylato ligands (L) at 25 °C (adapted from ref. 60)

L k/dm’mol™'s™!  AH/kImol™!  A%S/Jmol™!
Acetato 0.18 14.64 -209
Chloroacetato 0.10 33.05 -155
Cyanoacetato 0.11 16.74 =205
Benzoato 0.14 20.50 -192
p-Chlorobenzoato 0.21 41.84 -117
p-Hydroxybenzoato 0.13 40.17 -126
p-Cyanobenzoato 0.18 31.38 -155

Using Table 5.4.1, we can calculate the Gibbs energy changes (A*G?), e.g.,
for the first and the fifth reaction, whose enthalpies of activation differ appre-
ciably:

76.92 kJmol™!
76.71 kI mol™!

AYHO — TA%SO
AYHO — TALS®

acetato ligand: A*G®

p-chlorobenzoato: ~ A*G°

We see that both ligands give almost equal Gibbs energies of activation. Since
the Gibbs energy of activation determines the rate constant (eq. 1.4.14), the
rates with both ligands are practically equal (0.18 and 0.21), as shown in
Table 5.4.1.

A question might arise how the Gibbs energies can be so small, because
if the reaction rate were determined by the dissociation:
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[Cr(OH,)g]** — [Cr%(OH,)s]** + H,0
and further by reaction:
[Cr'(OH,)s]** + [Co™(NH;)sL]** — P (product)

the energy of activation (£,) would be equal to the sum of energies of activa-
tion of both processes. It is estimated that the first process alone requires an
energy of activation of at least 42 kImol~!, and hence the above mechanism
should be rejected.

It is important to bear in mind that bridge formation is a bimolecular
process and both complexes participate in the transition state, thus lowering
the energy of activation. If a bridge forming ligand is a good electron donor,
its electron donation will assist the bridge formation to chromium, but it will
at the same time hamper the ligand separation from cobalt. This is why the
A*G°, and hence the specific rates of reaction (5.4.1), are similar for various
ligands, as already shown in Table 5.4.1. (variations in A*H® are compensat-
ed by variations in A*$°),

It is known that electron transfer is the slowest process in a composite
reaction (5.4.1), which is most often the case in reactions of this type. If the
bridge is changed, the rate increases in the order: NCS™ < F~ < Cl" < Br <
I". Table 5.4.2 illustrates these changes.

Table 5.4.2. Inner sphere electron transfer rates of reaction
[Co™(NH)sL]**+[Crl{(H,0)4]** over various bridging ligands
in aqueous solution at 25 °C (adapted from ref. 61)

L k/dm3mol 157!
NCS- 19@
SCN- 1.9x10°
F 2.5x10°
N5~ 3.0x10°
Ccl- 6.0x10°
Br- 1.4x106
- 3.4x10°

@ Remote attack.

The sequence F~ < CI™ < Br~ < I™ can be considered normal, because this
is the polarizability order, i.e., the order of “soft approach” to a metal ion, in
the above case to the chromium(II) (see section 2.7). This sequence is also the
electronegativity decrease sequence, but it is not always obeyed, since it
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depends on the nature of the reductant metal and its polarizability. Thus, the
rates of bridging halides for the Fe?*-reductant are Br~ < CI- < F- < NCS~ <
SCN~. The SCN~ and NCS~ bridges are especially interesting because the
rate difference is large, as seen from Table 5.4.2. Thiocyanate is an ambiden-
tate ligand and can use either S or N as donor atoms.®? Distinction can be
achieved by YN NQR (nuclear quadrupole resonance) or by MAS (“magic-
angle spinning”) '*C NMR spectra.%> The way of bonding depends on the
nature of the metal, on steric factors and on the nature of other ligands. Heavier
metals are usually bonded over sulfur, and in such cases the M—SCN bond is
often bent.%* Reaction schemes (5.4.4) and (5.4.5) show these two possibili-
ties of bonding. If both metals are bonded over sulfur, we talk of an adjacent
(neighboring) attack. In this attack sulfur atom is the sole bridge between the
two metals. If, on the other hand, the other metal is bonded to nitrogen, then
we talk of a remote attack.

Adjacent attack:
[Co™(NH;)sSCN]?* + [CHY(H,0)4]** + 5H;0" —>
[(NH3)5C0—8—CT (H,0)5]* —
N

intermediate

[Co"(OH,)¢]** + [NCS-Cr(OH,)s]>* + 5NH,*  (5.4.4)

Remote attack:
[Co™(NH;3)sSCN]?* + [Cri(H,0)4]** + 5SH;0* —>
[(NH;)sCo~SCN-Cr(H,0)s]** —»

intermediate

[Co"(H,0)¢]?* + [SCN~-Cr(H,0)s]?* + 5NH,*  (5.4.5)

It can be concluded that the bridge forming ligand acts as a Lewis base
towards both metal centers and must, therefore, have two electron pairs to be
able to donate one electron pair to each metal center.

In principle, the following reaction steps should be considered:

(a) association of two complexes:

LMlm + M2" +L —» MlmL,Mzn (5.4.6)

(b) bridge formation:
MML, Mt — M, M-L-M,! (5.4.7)
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(c) electron transfer:

M, "-L-M,T —> M,I-L-M,1! (5.4.8)

(d) dissociation:
M"-L-M,t — M+ LM, 549
Any of these steps can be the rate-determining one. Figure 5.4.1 depicts a

possible activation profile, most frequently encountered, in which the elec-
tron transfer is the rate-determining step.
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Figure 5.4.1. Possible activation profiles of an inner-sphere electron transfer, most frequent-
ly encountered, in which the electron transfer is the rate-determining step; BC = basic com-
plex; by = bridging complex 1 before electron transfer; b, = bridging complex 2 after electron
transfer; P = products; TS are transition states; G, = molar Gibbs energy (see eq. 5.4.8).

A highly illuminating article on the bridged inner-sphere electron transfer
mechanism is that of A. Haim.%> The ability of a ligand to take part in such a
mechanism is associated with the symmetry requirements of the metals and
the ligand involved. If the symmetries of the metal ions, electron donor and
electron acceptor, and of the bridging ligand are adequate, then such a ligand
constitutes a bridge of relatively low energy for electron passage.®® Thus, if
the electron donor metal gives an €y electron into the € (dxz_yz or d,2) orbital
of an electron acceptor metal, then, e.g., the bridging chloride ligand (c donor),
will be a better bridging ligand than, e.g., azide (see Fig. 2.8.2). On the other
hand, an electron transfer involving a metal t,, orbital will be advantageous
if azide were the bridging ligand, because in this case the t,, metal orbital will
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overlap with the n-system of the azide (see Fig. 2.8.3). This explanation is sup-
ported by experimental results.

5.5. REACTIONS WITH SOLVATED ELECTRONS

Hydrated electrons are very strong reducing agents, with a redox poten-
tial of about 2.7 V. These chemical species are very short-lived with half-lives
(t,p) of 1073 s, and can be obtained by the pulse radiolysis, a highly specialized
technique requiring special equipment, including an electron accelerator.

Solvated electrons can be obtained in concentrations up to 10 moldm™.
Reactions with solvated electrons are very fast second-order reactions, with
rate constants between 108 to 5x10'© mol~!dm?3s™!, which means that their
rates are close to the diffusion control. A reaction is diffusion-controlled
when the reaction rate is dependent upon the rate at which reactants diffuse
toward one another. A diffusion-controlled reaction must have a small activa-
tion energy, because if E, is high (E,/RT >> 1), then the reaction rate is con-
trolled by the number of molecules with energy higher than the activation
energy, not by the diffusion rate. Reactions with high E, are activation-con-
trolled.

One should have in mind that in previous discussions of the transition-state
theory high energies of activation were assumed, which justified the assump-
tion of the quasiequilibrium between reactants and the activated complex.
Analogously, in discussing the collision theory, the assumption was that the
reactive collisions are relatively rare, a situation corresponding to high acti-
vation energy.

Pulse radiolysis has been used with great success in studies of the hydrat-
ed electron e™(aq). If the pulse of electrons from a linear accelerator (5-15
MeV) is passed through an aqueous solution, several chemical species are
produced. The spectral changes in solution can be followed spectrophotomet-
rically, either at a definite time after the electron pulse with a spectroscopic
flash and a spectrograph, or continously at a fixed wavelength with a steady
light source and a photomultiplier. Instead of the electron beam of an accel-
erator, X-rays* pulse can be applied for one or two microseconds.®’

It is of the utmost importance to remove even traces of solution impuri-
ties, since they can interfere with the reaction. The hydrated electrons (aque-
ous electrons) produced upon irradiation disappear with time, but the rate of
this disappearance slows down after successive pulses, suggesting that the

* 'WILHELM CONRAD RONTGEN, 1845-1923, German physicist, is recipient of the first Nobel
Prize for physics in 1901 for the discovery of X-rays, which heralded the age of modern
physics and revolutionized medical diagnostics.
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hydrated electrons react with the impurities. The solutions are pulsed until a
reproducible rate of hydrated electron decay is reached. This usually requires
about 20 irradiations. Literature should be consulted for further information on
the technical procedures in pulse radiolysis and laser photolysis.®3:6°

A very great number of publications are devoted to radiolyses, mostly in
aqueous solutions. Until 1987, 4600 papers were published, mainly address-
ing e7(aq), and OH" and H" radicals. The following reactions are described:

H,0 — H,0" +e" (5.5.1)
H,0* + H,0 — OH' + H;0* (5.5.2)
e+ H,0 — H,0- — H'+ OH" (5.5.3)

Electrons that are produced by absorption of ionizing radiation are quickly
thermalized (their kinetic energy approaches the value kgT) and then get sol-
vated, because the dipoles of surrounding molecules become oriented due to
the negative electron charge. The so-called trapped electron can be relatively
long-lived.

Hydrated electron was discovered independently by Hart and Boag and
by Schulte-Frohlinde and Eiben.”® Its maximum absorption is at 720 nm.”!+"2
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Figure 5.5.1. Absorption spectrum of the hydrated e (aq); £, = 1.58x10* mol~'dm*cm™!;
Amax = 720 nm (refs. 72 and 73).
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If an alkali metal is dissolved in liquid ammonia, the solution acquires a
dark-blue color from solvated electrons:

Na(s) — Na™(sln) + ¢ (sln)

The obtained spectrum is similar to that in Figure 5.5.1.

In water radiolysis, H;0*, OH’, e (aq), and H,0, are dominant chemical
species. Reactions of € (aq) with H;0*, OH’", and H,0, have very high rate
constants, e.g.:

1071%/mol~'dm?s™!

e (aq) + H;O0* — H,O+H’ 2.3

e (aq) + OH" — OH~ 3

e—(aq) + H202 — OH"+ OH~ 1.2
H,0

e (aq) + € (aq) — H, + 20H" 0.5

The production of e™(aq) is usually performed in the presence of methanol
or some other OH" scavenger (e.g., N,O) in order to prevent elimination of
e (aq) by the OH" radical: (OH" + e™(aq) — OH"). Table 5.5.1 presents the
reduction rate data of some metal complexes with e™(aq).

Table 5.5.1. Second order rate constants for reductions of
some metal complexes with the hydrated electron, e (aq)
(data compiled from refs. 75 and 76)

Complex 10~%k/dm*mol~'s~! (20-25 °C)
[Co™(NH,)e]* 90
[Co™(en),]3* 73
[Cr(H,0)¢]3* 60
[Co™(NO,)g]* 58
[Cri(edta)]™ 29
[Co™(CN)sCI}*~ 18
[Cr(CN)g]* 15
[CO™(CN)5(NO,) >~ 8
[Co™(CN)I*~ 2.7
[AIIII(H20)6]3+ 2
[Coll(edta)|?~ 0.51

Hexadentate edta*” ligand, mentioned in Table 5.5.1, bonds to a metal as
shown in Figure 5.5.2.
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Figure 5.5.2. Structure of [Ca(edta)]*.

It is taken that e (aq) undergoes further hydration within 107!! s, and is like-
ly to be surrounded by four water molecules,’” its formula being HgO,™:

\
H—O A
H  H
el
H H
o No—H
\
H

It may be concluded that e (aq) is an important reductive species. Com-
parison of the reaction rates of the solvated electron and solvated proton points
to the conclusion that the solvated proton reacts faster, since its diffusion coef-
ficient is almost twice as large as that of the solvated electron (the values being
9.29x107% and 4.9x10™® m?s~1, respectively).

The rate constants of the reactions of metal complexes and e (aq) do not cor-
relate with the redox potential of the metal ion, and neither with the affinity of
the free ion for the electron. It is therefore inferred that the reaction of € (aq) with
a metal complex does not involve a direct metal-ligand bond. It appears that the
electron can quickly tunnel out of the solvent cage into an empty, in energy terms,
most suitable d orbital. In such a case, the reduction rates with e (aq) approach dif-
fusion control. It was assumed in earlier works that all these rates are diffusion-
controlled since the corresponding energies of activation amounted to only 14.6
kJmol™! (= 3.5 kcalmol~!), but subsequent more precise measurements have
shown that the reactions with € (aq) are still too slow to be diffusion-controlled.”
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Chapter 6
REACTIONS OF FREE RADICALS

When a substance is heated, the kinetic energy of atoms and molecules
increases. E.g., if methane is heated, the kinetic energy of translation, vibra-
tion and rotation of methane molecules increases, as discussed in section 1.2,
As heat is applied, higher vibrational states are increasingly populated. In
higher vibrational quantum states, the average C—H bond distance increases
until finally the C—H bond breaks. The result is the formation of a methyl rad-
ical and a hydrogen atom.

CH, — CH,; +H’ (6.0.1)

The enthalpy of this reaction (AH®, 25 °C) amounts to about 435 kJ mol~!.

The energy of 435 kJ mol~! is rather high and reveals that the C—H bond
in methane is quite strong. A temperature of about 1000 °C is needed to achieve
a significant rate. The enthalpy of the C—H bond in ethane is somewhat less
and amounts to 418.4 kJmol~!; for the C—C bond breakage, A_H° amounts to
only 368 kImol~!. Thus, when ethane is heated, the C—C bond rupture is
somewhat faster and the reaction is usually carried out at 700 °C.

CH,-CH; — 2CH;’ (6.0.2)

It can be generally taken that in pyrolysis the bond rupture takes place on
the weakest bond. Free radicals thus formed contain an odd number of elec-
trons. At room temperature, alkyl radicals can exist only in small concentra-
tions; nevertheless, they have been identified by different spectroscopic meth-
ods.

Free radicals are very important primarily in organic reactions, but also in
inorganic reactions.

203
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6.1. CHAIN REACTIONS

In 1900, Moses Gomberg discovered that hexaphenylethane in solution
dissociates into two triphenylmethy] radicals:

(C6H5)3C'—C(C6H5)3 - 2(C6H5)3C.

In 1907, Bodenstein* and Lind' studied the kinetics of the gas reaction H,
+ Bry — 2HBr in the temperature interval from 200 to 300 °C. They exper-
imentally established the kinetic law and formulated it as follows:

d[HBr] _ k[H,][Br,]"
dz 1+ & [HBr]
[Br, ]

(6.1.1)

Thirteen years later, equation (6.1.1) was explained by Cristiansen, Herzfeld
and Polanyi.>* They assumed the following mechanism:

k

Br, — 2Br’ (6.1.2)
k

Br' + H, —> HBr+H’ (6.1.3)

. k3 .

H' + Br, —> HBr + Br (6.1.4)
k

H + HBr —> H, + Br' (6.1.5)

. ks
2Br" — Br, (6.1.6)

and showed that this mechanism leads to the kinetic law (6.1.1). They ignored
the possible reactions:

H2 — ZH.
HBr — H' + Br’

Br* + HBr — Br, + H’

* ERNEST AUGUST Max BODENSTEIN, - 1871-1942, was professor of chemistry in Leipzig,
Hannover, and Berlin. He is a great name of the German and world chemical kinetics, espe-
cially in the field of gas reactions, where he discovered several basic kinetic laws.
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H' + Br" — HBr

H'+H — H,
because these reactions are relatively slow due to high energy requirements
or low concentrations of the reactants involved.

Reactions (6.1.2) to (6.1.6) exhibit a chain mechanism in which 4 reac-
tion steps are important:

(a) Initiation step (6.1.2):
Br, — 2 Br’

(b) Propagation step (6.1.3):
Br'+ H, — HBr+H’

Br atoms are reactive intermediates, the so-called chain carriers, because
Br reacts with the H, molecule yielding the reaction product, HBr, but atom
H, a second chain carrier, is also produced (reaction 6.1.3). Atom H reacts
with Br, (6.1.4) yielding an additional product molecule (HBr), but the ini-
tial Br" chain carrier is also produced, reacting again with the H, molecule,
and the chain reaction continues.

(¢) Inhibition step
Since the concentration of HBr is reduced in the reaction
H" + HBr — H, + Br’ 6.1.7)

this step is taken to be the inhibition step. But the chain reaction is continued,
since Br’ radicals are also produced.

(d) Termination step

Termination occurs whenever two radicals collide:
Br'+ Br’ — Br, (6.1.8)
H +H — H, (6.1.9)

H' + Br' — HBr (6.1.10)
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In practice, the chain process involves about 10000 cycles before it is ter-
minated.

The gas reaction H,(g) + Cl,(g) follows a similar mechanism. The gases
do not react in the dark, but a very strong chain reaction takes place under the
influence of light. The first step is the dissociation of a chlorine molecule into
atoms, which is the slowest and therefore the rate-determining step:

(a) Cly(g) — 2Cl(g) AH® = 242.4 kI mol™!
The first step is followed by the two-step chain reaction:

(b) Cl(g) + Hy(g) — HCl(g) + H(g) AH® = 4.18 kI mol™

(¢) H(g) + Cl(g) — HCl(g) + Cl(g) AH° =188 kI mol™

Repeating of steps (b) and (c) accounts for the formation of hydrogen chlo-
ride and the net evolution of energy (A, H° = —184 kImol™). It can be calcu-
lated that light of a wavelength of 490 nm is capable of supplying this energy.

The work of H. S. Taylor? is often quoted as the first observation that sim-
ple radicals can be chain carriers. Taylor exposed a mixture of hydrogen and
mercury vapor to ultraviolet light (A =253.7 nm), which initiated the reaction:

Hg*+H, — HgH+H’

Then, he added ethene (ethylene) to the reaction mixture. A fast reaction
took place, which yielded ethane, butane and higher polymeric hydrocarbons.
Taylor believed that hydrogen reacted with ethylene producing the C,Hs’ free
radical, which initiated the chain reaction:

C2H5. + H2 I C2H6 + H., etc.

Among the early works on free radicals, the importance of experiments of
F. Paneth and W. Hafeditz® is often quoted. They supplied evidence that aliphat-
ic free radicals occur in the decomposition of metallic alkyls, such as dimethyl-
mercury (Hg(CHj3),), and tetramethyl- or tetraethyllead (Pb(CH;), or Pb(C,Hs),).
Paneth saturated® a stream of nitrogen with Pb(CH,), vapor. The vapors were
then heated to 450 °C. Decomposition of Pb(CH;), deposited a lead mirror
on the heated part of the tube. When the vapors from the decomposition passed
over the deposited lead mirror at 100 °C, the mirror slowly disappeared. It
was concluded that the following reaction had taken place:
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Pb(CH;);, — Pb + 4CH;"

Tetramethyllead decomposed to lead and methyl radicals. The stream of
nitrogen carried methyl radicals for some time before they recombined to
stable hydrocarbons. Free radicals removed the lead mirror by reacting with
lead to form volatile alkyls of lead (but also of other metals, e.g., zinc and
antimony, if they were involved).

In 1934, Rice and Herzfeld” showed that the kinetics of acetaldehyde
decomposition (CH;CHO — CH, + CO), which proceeds via free radicals,
can be kinetically treated by applying the steady state approximation princi-
ple. The following reactions should be considered:

k
CH,CHO —> CHj' + CHO'
k
CH;CHO + CH; —2 CH, + CO + CH;"
. ks

The chain carrier is CH;', which is regenerated in the second process. The
steady-state approximation treatment leads to the following equation:®

[CH;] = X [cH cHOM?
: TR

It follows that the rate law based on CH, formation, involving free radi-
cals, is:

d[CH,] . ﬂ k 3
__cTtA_ = k,[CH;][CH;CHO] = k, EI;IZ[CH3CHO]2/2

The predicted reaction order of 3/2 was confirmed by experiments.?

6.2. STABILITY OF THE METAL-CARBON ¢ BOND

Monomolecular dissociation of metal-alkyl complexes in which the metal-
carbon bond is broken, often assisted by solvent, is considered to be one of
the most important reactions of metal complexes:

M-R — M* + R~ (6.2.1)
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This reaction can compete with the homolytic dissociation:
M-R — M"'+R’ (6.2.2)

or both reactions are entirely independent. The metal-carbon ¢ bond can
largely differ in stability.®!° Thus, tetramethyltitanium in ether disintegrates
at —65 °C, yielding methane. On the other hand, the metal-carbon & bond in
the [Pt(PPh;),CI(CH;)] complex, as well as in other Pt(II) complexes, is very
strong. The cobalt-carbon bond in vitamin B, is also very strong, which will
be discussed in section 7.2.

The metal-carbon bond is also strong in the [Cr(CH,PhMe,),] and
[Mo,(CH,SiMe;)¢] complexes.!!=13

It was first considered that the metal-carbon ¢ bond is, by its nature,
unstable in the thermodynamic sense, and if kinetic stability is present, it is
due to the n bonding of large ligands.

However, it has been shown that the metal-carbon ¢ bond of the transition
metal complexes is thermodynamically more stable than that of the main
group metals.!* It was concluded that kinetically unstable complexes with the
metal-carbon ¢ bond can find a reaction path of low energy barriers.

The metal-carbon bond rupture can occur: (a) by a mechanism involving
free radicals, or (b) by a mechanism that does not include free radicals.1>16
Thus, free radicals are involved in the carbon-mercury bond breakage of the
pyrolysis of diphenylmercury in alcoholic solutions, the products being ben-
zene and an aldehyde:

Ph,Hg — 2Ph’ + Hg (6.2.3)
Ph' + RCH,OH — PhH + RCH,O’ (6.2.4)
Ph’ + RCH,0' — PhH + RCHO (6.2.5)

The one step “concerted” mechanism, which does not include free radi-
cals, is encountered in B eliminations of olefins, especially when metals of
higher atomic weights are involved:!”!8

c
— LMH + | (6.2.6)
c

The following reaction also belongs to this class:
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R

/
LM\ — LM + R—R’

R

(6.2.7)

(R or R' can also be H)

Alkylcopper also disintegrates by a mechanism that does not include free
radicals:'?

2CH3CH2CUI I CH3CH3 + CH2=CH2 + 2Cu0 (6.28)

Free radicals do not participate in disintegration of ethylsilver either.20-2!

2CH3CH2Agl I CH3CH2CH2CH; + 2Ag0 (629)

Reactions (6.2.8) and (6.2.9) are typical reductive eliminations. They involve
two molecules of an alkylmetal.

6.3. OXIDATION OF TRANSITION METAL
COMPLEXES BY HYDROXYL RADICALS

Oxidation of transition metal complexes by hydroxyl radicals can proceed
by different mechanisms: (a) by the inner-sphere mechanism in which a lig-
and of the metal complex is replaced by the hydroxyl radical, the replacement
being followed by electron transfer; (b) by the outer-sphere mechanism; (c)
by abstraction of the hydrogen atom of OH", or in some other way.

The inner-sphere electron transfer mechanism (a) by the OH radical is
represented by expressions (6.3.1) and (6.3.2):

[(H,0)gM]"* + OH' —> [(H,0)sM(OH")]"* + H,0 (6.3.1)
[(H,0)sM(OH")]* — [(H,0)sM]"*! + OH" (6.3.2)

The reaction rate can be determined by either of these two reactions. In
many cases, the dissociation of the coordinated water (6.3.1) is the slowest
and thus the rate-determining step.

Oxidation of Ti* by the hydroxyl radical takes place by the inner-sphere
mechanism. 22

Many hexaaquametal ions, e.g., of Fe?*, Mn?*, Cu?*, react with hydroxyl
radicals by abstracting a hydrogen atom of the coordinated water, this being
the slowest and therefore the rate-determining step:
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[(H,0)M]"™* + OH" —» [(H,0)sM(OH)]"™* + H,0 (6.3.3)

The abstraction of a hydrogen atom from water by the hydroxyl radical
occurs relatively easily (k = 108 dm*mol~!s~! at 25 °C), while the “absorption”
of a hydrogen atom of a non-coordinated water by OH" is a much slower
process (k = 10* dm3mol~'s™! at 25 °C). Thus, it can be concluded that the O-H
bond in coordinated water is much weaker than in non-bonded water. This is
to be expected since oxygen electrons in coordinated water are engaged in
metal bonding, whereby the electron density at hydrogen atoms is reduced.?

If a complex is substitutionally inert, an outer-sphere electron transfer can
take place.?* In the reaction of [(NH;)sCo"py]** by OH radical, the radical is
added to pyridine ligand, forming a ligand-radical, from which the electron
transfer to metal takes place.

6.4. REDUCTION OF TRANSITION METAL
COMPLEXES BY ORGANIC RADICALS

Reductions of transition metal complexes by organic radicals are very
frequent. Of special importance is the 1-hydroxy-1-methylethyl radical,
"C(CHj;),OH. This radical is presumably derived from isopropyl alcohol in
which a hydrogen atom is removed from the carbon bearing the OH group.
These free radicals were used by many researchers, e.g., at the Ames Laboratory
and Department of Chemistry, Iowa State University, Ames, Iowa, and at the
Rugjer Boskovi¢ Institute, Zagreb, Croatia. 2% 23

The first papers of this type were published in 1982.26 Two review articles
by J. H. Espenson are very informative.?”?8

The 1-hydroxy-1-methylethyl radical acts as a reducing agent (E° = —1.2
V), eg.,

*C(CH;),0H — (CH;3),CO + H + ¢~ (6.4.1)
but, under certain conditions, it can also act as an oxidant:
"C(CH;),0H + H* + &= — (CH,),CHOH (6.4.2)
The mentioned authors?>*23 prepared the *C(CH;),0H radical from the

[(H,0)sCrC(CH,),0H)** complex, obtained in the reaction of [Cr'(H,0)¢]**
+ H,0,, in an acidic aqueous solution containing 2-propanol:
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2[Cr(H,0)4]** + H,0, + CH(CH;),0H + H* —»
[Cr(H,0)4]** + 3H,0 + [(H,0)sCr""("C(CH,),0H)1** (6.4.3)

=311 nm; & = 2500 mol~'dm3cm™!
=407 nm; € =700 mol~{dm3cm™!

}“1

max
7\'%1‘(&7(

The decomposition of [(H2O)5Cr‘"'('C(CH3)2OH)]2+ takes place in two
parallel reactions, one being acidolysis (6.4.4), and the other homolysis (6.4.5),
producing ‘C(CH;),0OH:

[(H,0)sCr™ ("C(CH;),0H)]** + H;0* —
[Cr"(H,0)¢]** + (CH;),CHOH (6.4.4)

[(H,0)sCr™* ('C(CH,;),0OH)]** + H,0 ==
[Cr(H,0)4]** + "C(CH,),0H (6.4.5)

Homolysis (6.4.5) is a reversible reaction and, in excess of the hexaaqua-
chromium(Il) ions, the only reaction that follows is acidolysis. If the sub-
strate considered reacts fast enough with Cr(H,0)¢>* and with the radical, the
rate constant becomes the sum of k, (acidolysis) and ky; (homolysis).

Besides temperature, changes in the reaction rate are caused by small
variations of ky values. The homolysis rate is reduced by introducing electron
attracting groups (F, Br, CF;), and increased by introducing branched alkyl
groups. The chosen substrate should not react with the hexaaquachromium(II)
ions, or, at least, this reaction should be substantially slower than the reaction
with the "C(CHj3),0H radical. The kinetic analysis is then based on the quan-
titative determination of the reaction products.?’

The second method allows the homolysis to proceed in the presence of
two substrates, which competitively react with the *C(CH;),0H radical. As
seen from eq. (6.4.5), fast elimination of [Cr“(HzO)6]2+ will foster the homo-
lysis. Supposing that the rate of one competing substrate is known, the other
rate can be calculated from the ratio of the reaction products.?’

The rates of electron transfer to a series of pentaammine(pyridine)-
cobalt(III) complexes, [Co“I(NH3)5(NC5H4X)]3+ (X =3-CN, 3-Cl, H, 4-CHj,,
4-C(CHj;)3, and 4-N(CH3),) were determined using the mentioned compe-
tition method. The homolytic scission of the chromium-carbon bond in
[(HZO)SCrC(CH3)20H]Z+ was used to estimate the rate constants for the
reducing agent "C(CH,),0OH, whereas direct measurements were carried out
for the reductions by V(H,0)¢>* and Ru(NH;)2*.2526 Arguments have been
put forward that in each case the reactions proceed by a direct outer-sphere
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electron transfer to cobalt(III) and not by an inner-sphere mechanism involv-
ing prior electron transfer to the pyridine ring.

It was already mentioned that the 1-hydroxy-1-methylethyl radical can
also act as an oxidizing agent (see 6.4.2), though its reducing ability is dom-
inant. Thus, it is difficult to study oxidations with this radical, since the oxi-
dized metal complex would be immediately reduced by the same radical.
Nevertheless, the oxidation of Eu?* by "C(CH,),0OH was successfully studied
at a Eu?* concentration much higher than that of Eu®+?

On the other hand, this is not so in the reaction of [Ru(NH3)6]3+ with
"C(CH;),0H, because the reduction rate constant with this radical is much
larger than that of oxidation with the same radical:*°

k
[Ruf(NH;)¢]** + ‘C(CH;),0OH —%
[Ru(NH;)g}** + (CH;),CO + H* (6.4.6)

k
[Ru(NH;)¢]** + ‘C(CH;),0H ’I_(;_is’
[RuUI(NH3)6]3Jr + (CH;),CHOH 6.4.7)
kred >> kOkS

Free radicals play an important role in the activity of the vitamin B,
coenzyme, which will be discussed in the next section.
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Chapter 7
MECHANISM OF VITAMIN B, ACTION

7.1. INTRODUCTION

Vitamin B, was one of the last vitamins to be isolated (in 1948). It is
water-soluble, has the highest molecular weight (1355) of all vitamins, and is
absorbed by a very complex mechanism.

Deficiency of vitamin B, [cyanocobalamin (R = CN), or some other
important cobalamins, e.g., adenosylcobalamin (R = adenosyl), hydroxocobal-
amin (R = OH), methylcobalamin (R = CHj)}, see Figures 7.1.1 and 7.1.3,
causes a slow-developing disease, called pernicious anemia, in which the
production of red blood cells is impaired. Absence of hydrochloric acid in
gastric secretions (achlorhydria) is also characteristic of this condition. Without
medical treatment, the disease will end in death in about 2 to 3 years.

Since vitamin B, is found only in animal food, pure vegetarians risk its
deficiency over the course of several years. The requirement of vitamin B,
is (with vitamin D) the smallest of all vitamins — only two micrograms per
day, with liver stores usually enough to last for five years of deprivation.
Vitamin B, participates in DNA synthesis with folic acid. Humans are
unable to synthesize folic acid and therefore it is considered a vitamin that
must be supplied in the diet. Deficiency of vitamin B, or folic acid leads to
similar anemia symptoms. There is a separate effect of vitamin B, deficien-
cy on the nervous system.!

Pernicious anemia is one of many types of anemia, a disease marked by a
reduction in red blood cells, or in the oxygen-carrying substance hemoglobin
found in these cells. Red blood cells need vitamin B, to mature properly in
the bone marrow. In pernicious anemia, vitamin B, is unavailable due to
lack of the so-called intrinsic factor, a glycoprotein responsible for the intes-
tinal absorption of the vitamin. For this reason, oral application of vitamin
B,, is ineffective.? Vitamin B,, must be injected directly into the circulatory
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system (in the form of cyano- or hydroxocobalamin). The organism can con-
vert these cobalamins into adenosylcobalamin or methylcobalamin.

Pernicious anemia most often occurs in persons over 40 years of age. It is
practically unknown among black people. In England, approximately 1 of 1000
persons suffers from this disease.! The World Health Organization recommends
a daily dose of only 1 pg (1076 g) of vitamin B,,. Human body stores about 5 mg
of the cobalamins. Neither plants nor animals can synthesize cobalamins. This
vitamin is unique in that it is synthesized only by certain microorganisms,
notably anaerobic bacteria.

The sick person notices difficulties in the late stage. The general symptoms
are those of anemia. When the level of hemoglobin falls below 4 g per 100 mi of
blood, mortal danger is high (normal values of hemogiobin are about 16 g per
100 ml of blood for men and 14 g for women). As soon as 48 hours after first
intravenous application of 1 mg of hydroxocobalamin, the bone marrow exhibits
a sudden change from the megaloblastic to normoblastic stage. The disease usu-
ally appears in families. A person suffering from pernicious anemia is at an
increased risk of getting cancer of the digestive tract.®

CONH,
]

1 N CH, CH,

Figure 7.1.1. Structure of cobalamin.
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Adenosylcobalamin and methylcobalamin are rare examples of organo-
metallic compounds with a cobalt-carbon ¢ bond occurring in nature. These
compounds are basically tetrapyrrole macrocycles. The structure is called a
corrin structure, Figure 7.1.2. The corrin ring is similar to the porphyrin ring.
Both rings are tetradentate (see next chapter), but the corrin ring is less regu-
lar, with one of the bridges between pyrrole rings being a direct ring-to-ring
bond instead of an HC or CH;C unit. The corrin ring appears to be more flex-
ible than the porphyrin ring and is therefore probably preferred to the por-
phyrin ring in catalytic activity. The carbon atoms positioned at the periphery
of the corrin ring are saturated. They bear seven amide groups: three are acet-
amides and three are propionamides. The remaining one is an N-substituted
propionamide. The amide substituent is a propyl group bonded to a ribonu-

Figure 7.1.2. Corrin ring.

c =t
~
/
CH,
<~

/I\

Figure 7.1.3. Structure of 5'-deoxyadenosine; if 5'-deoxyadenosine = R in Figure 7.1.1, the
complex is called vitamin B, coenzyme. The carbon atom of the CH, group is directly coor-
dinated to the cobalt atom, the only known example of the carbon-metal bond in a biomolecule.



218 CHAPTER 7

cleotide, its basic unit being 5,6-dimethylbenzimidazole. The whole structure,
including benzimidazole and ribose phosphate, is called cobalamin.

In vivo, R in Figure 7.1.1 is 5'-deoxyadenosine (known as the enzyme
cofactor). The compound is then called 5'-deoxyadenosine cobalamin, broad-
ly known as vitamin B,.

Figure 7.1.3 depicts the structure of 5'-deoxyadenosine, bonded to cobalt
in the upper axial position, as shown in Figure 7.1.1. In the opposite axial posi-
tion, cobalt is bonded to the imidazole nitrogen of the 5,6-dimethylbenzimi-
dazole.

The synthesis of vitamin B, was completed in 1971 by a team of organic
chemists headed by R. B. Woodward® of Harvard University and Albert
Eschenmoser of the Swiss Federal Institute of Technology in Ziirich (Eidge-
nossische Technische Hochschule, ETH). The synthesis was an impressive
achievement, probably the most impressive organic synthesis ever done. In
his well-known textbook [Introduction to Organic Chemistry (Macmillan
Publishing Co., Inc. New York 1976), A. Streitwieser pointed out that more
than 90 separate synthetic reactions were required and dozens of highly trained
chemists labored for years to bring the synthesis to completion. This notable
effort should be compared with the ease with which nature can prepare this
highly complex molecule.

7.2. MECHANISM OF VITAMIN B,, ACTIVITY

Cyanocobalamin (vitamin B ,) is not physiologically active. Physiologically
active cobalamins are adenosylcobalamin and methylcobalamin, which are
produced in vivo from vitamin B .46

In human body, vitamin B, enables two enzymatic reactions, which oth-
erwise do not take place:

(a) The action of methylmalonyl coenzyme A mutase (= coenzyme A),

* ROBERT BURNS WOODWARD, 1917-1978, American chemist, best-known for his syntheses
of complex organic substances, including quinine (1944), cholesterol and cortisone (1951),
and vitamin By, (1971). In 1954, he completed the syntheses of strychnine and lysergic
acid, and two years later the synthesis of reserpine, followed by syntheses of chlorophyll
(1960), tetracycline (1962), colchicine (1963), and cephalosporin C (1965), and finally vita-
min B, (cyanocobalamin). The structures of complex natural products deduced by Woodward
also include penicillin, patulin, strychnine, oxytetracycline, cevine, carbomycin, gliotoxin,
ellipticine, calycanthine, oleandomycin, streptonigrin, and tetrodotoxin. Woodward was
awarded the Nobel Prize in 1965 “for his outstanding achievements in the art of organic
chemistry”. Woodward’s later work on vitamin B ,, in collaboration with Roald Hoffmann
(shared the Nobel Prize for chemistry in 1981 with Kenichi Fukui), led to the recognition
of the concept of orbital symmetry conservation, probably the most important theoretical
achievement in organic chemistry of the 1960s.
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which enables the conversion of R-methylmalonyl coenzyme A mutase into
R-succinyl coenzyme A.
(b) The action of methionine synthetase, which converts S-hemocysteine
into S-methionine. This reaction requires the presence of methylcobalamin.
It is generally considered that the reactions mentioned in (a) and (b), in
the absence of cobalamin, cause pernicious anemia.

Unlike inorganic catalysts, enzymes are highly selective. A particular enzyme
generally interacts with only one type of substrate, for instance, it acts only on
certain proteins, and only at very specific sites. Like all catalysts, enzymes lower
the required activation energy, so that the kinetic energy of many substrate mol-
ecules becomes sufficient to enable the reaction. Enzymes may cause hundreds
of thousands of molecules of the substrate to yield the product each second. Most
enzymes are conjugate proteins, i.e., they contain a non-protein part and a pro-
tein part. Nonprotein groups attached to some proteins are called prosthetic
groups. Prosthetic groups may be as simple as a single metal ion bonded to the
polypeptide chain, or they may be sugars, or some lipids or carbohydrates. In any
case, prosthetic groups alter significantly the properties of the protein. If a non-
protein group can be easily separated from a conjugate protein, it is called a coen-
zyme.

Neither coenzymes alone nor proteins alone are active catalysts. Prosthetic
groups and coenzymes enable the formation of active centers for enzyme activi-
ty. Many enzymes require the presence of metal ions (Co®*, Fe*, Zn?*, Cu?*,
Mg?*) for their activity. Coenzyme A is one of the central molecules in metabo-
lism. It has been noticed that many enzyme-catalyzed acetylations need a heat
resistant factor, which is called coenzyme A, where A indicates acetylation. The
substance was isolated a few years later and its structure was determined.

Figure 7.2.1 depicts the structure of coenzyme A (usually referred to as
CoA):

NH,

Y

N

CH, O © < ’

| IS \ =

—CHQCH2NHCOCHZCHQNHCOCHOH(ECHZO—I'D—O—}|3—OCH2 | N
CH; OH OH

adenine

H.PO30 OH

Figure 7.2.1. Structure of coenzyme A (CoA); the substrate is bonded to the terminal CH,
group (left) by the SH group.
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The reactive center is the SH group. Through this group the acyl groups
are bonded to coenzyme A by a thioester bond. Such derivatives are most
often the acetyl-(CoA) derivatives:

CH3—'C|2—S——(COA)
o}

The standard Gibbs energy A.G° for the acetyl-(CoA) hydrolysis is very
negative:

acetyl-(CoA) + H,0 == acetate(1-) + (CoA) + H* A,G° = —42 kImol™!

This means that the acetyl-(CoA) species are very effective in transferring
acetyl groups and are therefore called acetyl carriers, or acetyl transmitters.
Coenzyme A is said to be an acyl carrier, so its biological function is similar
to ATP (adenosine triphosphate), a phosphoryl carrier. Thus, the biological
functions of (CoA) and ATP are similar.

Reaction 7.2.1 is one of the several known reactions in which the replace-
ment of a substituent X with H takes place, the two substituents being posi-
tioned at adjacent carbons:

) 3
"—C|31—(|32— _ _(|31"C|72‘* (7.2.1)
An example is reaction (7.2.2):
i T
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