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Preface 

At first sight it may seem strange that metallic elements such as iron or 
copper, which we encounter in machinery or electrical wiring, might also 
be intimately involved in the function of living organisms. However, our 
very survival depends upon the particular chemical properties of these 
metallic elements, which belong to the d-block series known as the ‘transi- 
tion metals’. To illustrate this point we might note that, after every breath 
we take, the oxygen we inhale is collected by the red protein haemoglobin 
present in our blood. The red color of blood arises from the presence of 
iron in this protein, and it is to this iron that the oxygen becomes attached. 
Through its attachment to hemoglobin, oxygen is transported in the 
blood to sites in the body where another protein containing both iron and 
copper effects its reduction. This releases energy as part of the process of 
respiration. What is so special about iron and copper that biology has 
selected them for these particular rbles? Why not nickel rather than iron? 
What do we need to know about their chemistry to understand why they 
are so specially suited to their particular functions? 

Apart from their rather immediate importance in maintaining life, 
transition elements are of major importance in enhancing the quality of 
our daily lives. Among the materials we encounter each day, many either 
contain transition elements or have been formed in processes which 
involve them. Even plastic materials may have required the use of a tran- 
sition metal catalyst in their manufxture. 

In order to understand the biological rdes of transition metals, or 
develop new chemical processes involving them, it is first necessary to 
understand the principles which underly the chemistry of these elements. 
In a short text such as this it is not possible to describe the chemistry of 
the transition elements in any comprehensive way, and no attempt is 
made to do so. Rather, it is the aim of this book to introduce some basic 
principles which would allow a student of the subject to make more sense 
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of the varied, and sometimes surprising, chemistry they may encounter 
when reading more comprehensive accounts of transition element chem- 
istry. Several short primers already exist which provide an introduction to 
the d- and f-block elements and it is not the aim of this text to duplicate 
these, but rather to complement them. 

The text is intended to take the reader through some of the topics cov- 
ered in the first two years of an undergraduate course in chemistry. It 
assumes some basic knowledge of topics which should be covered in oth- 
er courses at this level. These include atomic structure, simple quantum 
theory, simple thermodynamic relationships and electrode potentials. A 
knowledge of group theory is not explicitly required to follow the text, 
but reference is made to the symbols of group theory. The data in the text 
are based on published sources. However, it should not be assumed that 
data in the problems are based on actual measurements. Although report- 
ed data have been used where possible, some values have been calculated 
or invented for the purpose of the question. 

As with all works of this type, the final text does not reflect the input of 
the author alone. My thanks go to Matt Barton, Andy Millar and Steve 
Vickers for checking a draft of the text, and to Martyn Berry for his help- 
ful and insightful comments after reviewing the manuscript. However, 
the responsibility for any errors which remain is mine alone, although 
I assume no responsibility for the cover design which was beyond my 
control! 

Finally, my thanks must also go to my long-suffering wife, Judy, for her 
forbearance and patience whilst my attentions have been redirected to yet 
another ‘project’. 

Chris J. Jones 
Birmingham 
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Introduction 

I .I What are the Transition Elements? 

Within the Periodic Table (Table 1.1) the chemical elements can be 
grouped together in blocks according to occupancy of their outermost, 
or valence shell, atomic orbitals. Thus hydrogen and the alkali metals, 
lithium to francium, with a half-filled outer s subshell, together with heli- 
um and the alkaline earth metals, beryllium to radium, with a filled outer 
s subshell, comprise the s-block elements (Figure 1.1). Similarly, elements 
with a partly or fully filled outer p subshell comprise the p-block ele- 
ments. That is the block from boron through to neon down to thallium 
through to radon. Together the s- and p-block elements comprise the 
main group elements. 

Between these two blocks of elements there are two further blocks 
containing the transition elements. Strictly speaking, the term transition 
element applies to an element with a partly filled d or f subshell and so 
excludes those with do or dl0 and fo or fI4 electron configurations. 
However, it is convenient to include copper, silver and gold in this clas- 
sification as these elements commonly form ions with partly filled d sub- 
shells. Although their neutral atoms have dIo electron configurations, it 
is the chemistry of their ions which is of primary interest here. Similar 
arguments apply to yfterbium and nobelium. Their atoms have fI4s2 

1 
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Figure 1.1 Blocks within the 
Periodic Table 
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valence shell electron configurations. However, it makes little sense to 
exclude them from the transition element series since both form stable 
trications with fI3 electron configurations. Despite the fact that their 
atoms, and their stable dications, have dl0 electron configurations, zinc, 
cadmium and mercury are often considered together with the transition 
elements. In effect they constitute the last members of the d-block series. 
The elements within the d-block are generally referred to as the transi- 
tion metals. The elements from scandium to copper are often refered to 
as the first transition series or first-row transition metals, those from 
yttrium to silver form the second transition series or second-row and 
those from lanthanum to gold form the third series or row within the 

The f-block elements comprise two series of inner transition elements 
which appear, firstly after lanthanum and secondly after actinium, in the 
Periodic Table. The elements from cerium to lutetium are known as the 
lanthanides and, because of its chemical similarity to these elements, lan- 
thanum is usually included with them. Scandium and yttrium also show 
strong chemical similarities to the lanthanides, so that the chemistry of 
these elements is also often considered in conjunction with that of the 
lanthanide series. The second series of f-block elements, from thorium 
to lawrencium, is known as the actinide series and again it is usual to 
consider actinium together with this series. 

The transition elements have several characteristic properties. All are 
metals which conduct heat and electricity well. All will form alloys with 
one another, and with metallic main group elements. Except for mercury, 
which is a liquid at room temperature, all appear as high melting point 
and high boiling point lustrous solids. Many of the transition elements 
react with mineral acids to form salts, though some of the d-block metals 
are rather inert in this respect (Box 1.1). Under the conditions accessi- 
ble through simple laboratory procedures, most of the d-block elements 
can show more than one oxidation state. A rather different situation 
arises with the lanthanide elements, since their chemistry is dominated 
by Ln3+ ions. Like the d-block elements, the early actinides from 
protactinium to americium can show more than one oxidation state. 
However, the later actinides are more like the lanthanides in that their 
chemistry is dominated by An3+ ions. The presence of partly filled d or 
f subshells results in some transition element ions containing odd 
numbers of electrons, so that their compounds have magnetic proper- 
ties. In addition, marly form coloured compounds, the absorption of 
visible light being associated with the presence of the partly filled d or f 
subshell. The electron transfer, magnetic and optical properties of the 
transition elements are important features underlying their use in an 
amazing variety of applications. 

d-block. 
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1.2 Where do Transition Elements Come From? 

1.2.1 Origins 

As with all of the naturally occurring elements, the transition elements 
originate from the nuclear reactions occurring within stars and super- 
novae. These reactions converted the hydrogen and helium, formed in 
the ‘hot big bang’, into the other chemical elements. Those elements hav- 
ing only with half lives substantially shorter than the time 
elapsed since their formation have been lost through radioactive decay. 
These include technetium, promethium and the actinides other than 235U 
( l , / ,  = 7.0 x lo8 y), 238U (tl,2 = 4.47 x lo9 y) and 232Th (t,,, = 1.41 x 1O’O 
y), although traces of some elements may arise as a result of the radioac- 
tive decay of other longer lived isotopes, e.g. 2 2 7 A ~  from 235U. 

The development of cyclotrons and nuclear reactors in the middle of 
the 20th century made possible the production of radioactive isotopes 
which are not naturally present in any significant quantity on Earth. 
Thus in a nuclear reactor some of the neutrons released by uranium fis- 
sion may be absorbed by 238U, leading to the formation of 239Pu. 
Similarly, the irradiation of molybdenum with neutrons gives 99Mo which 
decays to the metastable y-ray emitting nuclide 9 9 m T ~ .  This is of great 
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importance in certain medical diagnosis applications. Some isotopes of 
the heavier actinide elements beyond plutonium can also be obtained 
from lighter actinides through successive neutron capture processes in 
high neutron flux nuclear reactors. In this way, gram quantities of Cali- 
fornium and milligram quantities of einsteinium have been obtained. The 
elements beyond fermium are produced by bombarding heavy element 
targets with the nuclei of lighter elements which have been accelerated 
in a cyclotron. 

Such methods have allowed all the elements of the 6d series, i.e. to Z 
= 112, to be produced. However, these heavy elements are not available 
in sufficient quantities for conventional chemical studies and so will not 
be considered further here. Beyond fermium, even the longest-lived iso- 
topes of the elements are highly radioactive, having only short half-lives 
(e.g. 53 d for 258Md, 185 s for 2 5 5 N ~  and 45 s for 256Lr). 

1.2.2 The Terrestrial Abundances of The Transition 
Elements 

The abundances in the Earth’s crust of both the d-block transition metals 
and the f-block inner transition metals vary considerably, as shown in 
Table 1.2. Iron is the most common of the transition metals (6.30% by 
mass of the crustal rocks) and this reflects the high yield of iron from 
element synthesis reactions in stellar supernovae. Titanium (0.66%) and 
manganese (0.1 1%) are also quite abundant, but some of the heavier 
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transition metals, particularly ruthenium, osmium, rhodium, iridium and 
gold, are rather rare. In contrast, and despite their historic name of ‘the 
rare earths’, the lanthanide elements are not particularly rare. All except 
promethium are more abundant in crustal rocks than silver, gold or 
iodine, and most are of comparable abundance to bromine (3 ppm). The 
two primordial actinides, thorium and uranium, are of comparable abun- 
dance to the lanthanides, and considerably less rare than many of the 
heavier d- block elements. 

Fortunately, for those wishing to extract transition elements from the 
Earth’s crust, planet formation is not the only process leading to their 
segregation and concentration. The chemical and geochemical processes 
involved in forming the Earth’s crust have also concentrated metals in 
ways which reflect their chemical properties. Some metals are rather unre- 
active under terrestrial conditions and may appear naturally in 
form, as the elemental metal or alloyed with other elemental metals. Gold 
nuggets provide a particularly well-known example. Other metals form 
stable binary compounds with oxygen or sulfur and may be found in the 
form of oxides or sulfides. Iron pyrites, FeS,, also known as ‘fool’s gold’ 
because of the gold metallic lustre of its crystals, provides an example. 
Metal ions in oxidation state +3  tend to form insoluble phosphate salts 
and may be found in phosphate or vanadate minerals such as monazite, 
LnPO,. Metal ions in oxidation state +4 may appear in silicates, exem- 
plified by zircon, ZrSiO,. These mineral deposits can provide commer- 
cially viable sources of the common metals such as vanadium, chromium, 
manganese, iron, nickel and copper. The rare metals ruthenium, osmi- 
um, rhodium, iridium, palladium and platinum, are also known as the 

Together with rhenium, these are often present at low 
concentrations in the ores of more common metals. Consequently, they 
tend to be obtained as by-products during the processing of these ores 
and the purification of the metal produced. 
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Scheme 1.1 

I .3 The Historical Development of Transition 
Element Chemistry 

Humans have been aware of the existence of some of the transition ele- 
ments for thousands of years. Decorative beads made from iron mete- 
orites date back 6000 years to 4000 BC and the use of copper almost 
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certainly predates this. However, it is only in the 20th century that the 
complete set of stable elements has been identified and samples of pure 
metal isolated for each. The isolation of technetium, for example, was 
not achieved until 1937, within living memory for some. Such work con- 
tinues to this day in studies of the formation and atomic properties of 
the 6d transition elements. The known or proposed dates of discovery 
of the transition elements are summarized in Table 1.3. 

In broad terms, the discovery of the transition elements can be divid- 
ed into four phases which reflect both the chemical nature of the ele- 
ments and the development of human knowledge. The first metals to be 
discovered were those which can exist on Earth in native form, that is 
as the elemental metal. The iron beads mentioned above are not a typ- 
ical example, in that iron is normally found on Earth in combination 
with other elements, particularly oxygen or sulfur. However, iron-rich 
meteorites provide an extraterrestrial source of impure metallic iron 
which was discovered at an early stage. The transition metals more typ- 
ically found in native form are copper, silver and gold. These so-called 

being lustrous and malleable, would be conspicuous 
among other minerals to ancient peoples, gold in particular being prized 
for its lustre and resistance to corrosion. The use of copper probably 
dates back to ca. 5000 BC and it is thought that the Egyptians were using 
a form of gold coinage as early as ca. 3400 BC. 

The second phase of transition element discovery involved those which 
could readily be released from minerals through heating or reduction by 
hot charcoal. Again copper in the carbonate mineral malachite, silver in 
the sulfide mineral argentite and mercury as the sulfide in cinnabar might 
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first have been obtained in metallic form from minerals mixed with the 
glowing embers of a camp fire. The formation of metallic copper through 
charcoal reduction appears to have been known by 3500 BC. The cop- 
perltin alloy bronze is said to have been discovered before about 3000 
BC, leading to the ‘Bronze Age’. Brass, another copper alloy formed 
with zinc, appeared in Palestine around 1400 BC. Iron is superior to 
bronze or brass in that it is hard but can be worked when hot, and sharp- 
ened to a fine cutting edge which can be resharpened when necessary. 
The reduction of iron ores is more difficult than for copper, requiring 
higher temperatures than arise in a simple fire. However, by using bel- 
lows to increase the temperature of burning charcoal it is possible to 
obtain metallic iron from minerals. The smelting and use of metallic iron 
appears to have been developed in Asia Minor (modern Turkey) by ca. 
2000 BC. However, this technology did not become widespread until 
much later, so that the the ‘Iron Age’ did not really begin until about 
1200 BC. Since that time, a huge variety of alloys based on iron has been 
developed and countless commonplace modern items contain ferrous 
metal components. 

The third major phase of discovery of the transition elements came 
about during the 18th and 19th centuries. This was stimulated by the 
increasing understanding of chemical transformations and the improved 
methods of separation developed by the alchemists. The appearance of 
Dalton’s atomic theory in 1803, followed by the Periodic Table in 1868, 
gave further impetus to the search for new elements and many new tran- 
sition elements were discovered during this period. 

The fourth phase of discovery came with the more detailed knowl- 
edge of atomic and nuclear structure and the discovery of radioactivity, 
which arose at the end of the 19th and beginning of the 20th centuries. 
Although cerium had been isolated in 1839, the concept of an f series of 
elements did not exist at that time. Thus it was not until 1913 that the 
lanthanide elements were found to constitute a new series. Until then, 
the similarity in the properties of these elements had led to their mixtures 
being thought of as single elements. However, in 1918 it was recognized 
by Bohr that these elements actually constituted the series of 4f elements. 
Among the actinides, thorium was found in 1829 and uranium in 1789, 
although uranium metal was not isolated until 1841. The more radio- 
active 5f elements protactinium, neptunium, plutonium, americium and 
curium were only discovered in the 20th century. The production of the 
full series of 6d-block elements has only been achieved in the later part 
of the 20th century. 

Initially, the transition metals presented a chemical puzzle because 
their halides could form compounds with molecular species such as 
ammonia, despite the fact that the valencies of all the elements in the 
metal halide and the ammonia molecule are already satisfied. The prob- 
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lem over the nature of these ‘complex compounds’ or complexes of the 
transition metals led to much debate near the end of the 19th century. 
The matter was finally resolved through the work of Alfred Werner who 
was awarded the 1913 Nobel Prize. Werner proposed the concept of a 
primary valence and a secondary valence for a metal ion (Box 1.2). 
Werner also showed how the number of compounds formed by a tran- 
sition metal which have the same formula but different properties, i. e. 
the number of isomers, can reveal structural information. The subse- 
quent theoretical work of Bohr, Schrodinger, Heisenberg and others in 
the early part of the 20th century provided the basis for a more detailed 
understanding of the electronic structures of atoms. 
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The directionality in the bonding between a d-block metal ion and 
attached groups such as ammonia or chloride can now be understood 
in terms of the directional quality of the d orbitals. In 1929, Bethe 
described the (CFT) model to account for the spec- 
troscopic properties of transition metal ions in crystals. Later, in the 
1950s, this theory formed the basis of a widely used bonding model for 
molecular transition metal compounds. The CFT ionic bonding model 
has since been superseded by 

(MO) theory, which make allowance for covalency in the 
bonding to the metal ion. However, CFT is still widely used as it pro- 
vides a simple conceptual model which explains many of the properties 
of transition metal ions. 

The interactions between transition elements and organic molecules 
through metalkarbon bonds to form compounds also 
became a topic of intense interest during the 1950s. In due course, as 
research in this area reached fruition, it resulted in the award of two Nobel 
prizes. The first went to K. Ziegler and G. Natta in 1963 for their work 
on the polymerization of alkenes using organometallic catalysts. The sec- 
ond was awarded in 1973 to G. Wilkinson and E. 0. Fischer for their 
work on organometallic chemistry, in particular on ‘sandwich com- 
pounds’, or in which a transition metal forms the filling 
between two planar cyclic alkenes in a sandwich-like structure (Box 1.3). 

(LFT) and the 
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Figure 1.2 Two examples of 
metallocene compounds 

Another topic of great interest in the 1950s concerned the mechanism 
of transfer of electrons between transition metal ions in solution. Work 
on this topic earned H. Taube a Nobel prize in 1983. Prior to this, the 
1981 prize was awarded to K. Fukui and R. Hoffmann for their work 
on theoretical models of bonding and reactivity, which included studies 
of transition element compounds. The ability of transition metals to bond 
to one another directly has provided another active area of research. This 
has provided examples of metal containing from two up to hun- 
dreds of metal atoms linked by metal-metal bonds. Chemists can now 
investigate the point at which a group of metal atoms becomes suffi- 
ciently small so that it ceases to behave like a metallic material and 
assumes the properties of a molecular entity. 

Figure 1.3 Clusters containing 
two, three, four, five and six 
metal atoms 

Towards the end of the second millennium, studies of the transition 
elements continued to make major contributions to chemical science and 
technology. The development of new catalysts and reagents represents 
one area of activity. Examples are provided by the activation of satu- 
rated hydrocarbons by rhodium or lutetium complexes, new syntheses 
of optically active products in reactions which employ chiral metal com- 
pounds, and transition metal compounds which catalyse the stereospe- 
cific polymerization of alkenes. The ability of transition metal centres to 
bind to several organic molecules has been exploited in the construction 
of new two- and three-dimensional molecular architectures (Figure 1.4). 
New materials containing transition elements are being developed, one 
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Figure 1.4 Assembled mole- 
cules containing four metal cen- 
tres with four bifunctional bridging 
groups and six metal atoms with 
four trifunctional bridging groups 

famous example being the high-temperature ceramic 
which contain copper and lanthanide ions. 

Another recent discovery is that of collosal magnetoresistance (CMR), 
in which the electrical resistance of a material changes dramatically in 
the presence of a magnetic field. This property is important in the devices 
which read data on magnetic storage devices, such as computer hard 
discs. 

The late 20th century has also seen a remarkable growth in the under- 
standing of biological systems containing transition metal ions. The crys- 
tal structures of many metalloproteins have been determined and even 
the structure of a nitrogenase enzyme, which has been sought for many 
years, is now known. 'This remarkable compound uses a metal cluster 
(1.3) containing iron and molybdenum to convert atmospheric nitrogen 
to ammonia under ambient conditions. The Haber-Bosch process used 
industrially requires an iron catalyst, temperatures of about 450 "C and 
a pressure of about 200 atm (1 52,000 Torr) to effect this reaction. Clearly 
chemists have much to learn from the study of metalloproteins. 
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I .4 Some Applications of the Transition Elements 

The particular properties of the transition elements are exploited in a 
remarkable variety of applications. Some metals are used in very large 
quantities, particularly iron in structural materials, while others are used 
in only small quantities for specialized applications such as the synthe- 
sis of fine chemicals. 

As well as having electrical conductivity, the transition elements can 
be used in the production of electrical energy through their chemical 
reactivity. Perhaps the most immediately familiar example is the ‘dry cell’ 
battery. Any of a number of chemical reactions may be exploited in this 
context. As a consequence, manganese, nickel, zinc, silver, cadmium or 
mercury may be found in dry cells. 

The magnetic properties of transition metals are also of great com- 
mercial importance. A commonplace example is provided by magnetic 
recording media such as floppy discs or hard discs and magnetic record- 
ing tapes, the coating of which contains metal oxides, typically CrO, or 
y-Fe,O,. Small high-intensity permanent magnets are important in the 
construction of compact powerful electric motors, such as those used to 
power windows in cars. Compounds such as Nd,Fe B possess these spe- 
cia1 magnetic properties. A quite different exploitation of the magnetic 
properties of metal ions is provided by the use of lanthanide ions, espe- 
cially Eu3+ to separate signals obtained in measurements and Gd3+ 
to enhance the contrast of images obtained by 

The colours associated with some transition metal compounds make 
them useful as pigments. Examples include manganese violet, chrome 

’ 4. 

. 



Introduction 15 

yellow, cobalt blue, cadmium yellow and Prussian blue, an iron cyanide 
compound. In some cases it is the absence of colour which is important. 
Hence, TiO, is widely used because of its bright white appearance and 
is a common component of paints. In other cases it is the ability of an 
excited metal ion to emit light of a particular frequency which is useful. 
The lanthanide elements in particular show strong of the 
type needed in the cathode ray tubes of colour television sets. 

The special chemical reactivity of the transition metals can be exploit- 
ed in a variety of catalytic processes. One example familiar to most peo- 
ple is the used in car exhausts. This contains a 
platinumlrhodium alloy supported on a ceramic matrix and converts the 
mixture of oxygen, carbon monoxide, hydrocarbons and oxides of nitro- 
gen in the exhaust gases to water, carbon dioxide and nitrogen, all of 
which are naturally present in the atmosphere. Another catalyst which 
you may come across in the home is CeO,. This is a component of the 
coating on some self-cleaning oven walls. It is present to promote the 
oxidation in air of the organic deposits formed on the oven wall during 
cooking. A number of important industrial processes utilize transition 
metals and a long-established example is provided by the use of palla- 
dium chloride with copper chloride in the Wacker process which con- 
verts ethene to ethanal (acetaldehyde). 

An important modern example of is provided 
by the Monsanto process in which the rhodium compound 1.4 catalyses 
a reaction, resulting in the addition of carbon monoxide to methanol to 
form ethanoic acid (acetic acid). Another well-known process is hydro- 

in which the reaction of carbon monoxide and hydrogen 
with an alkene, RCH=CH,, forms an aldehyde, RCH,CH,CHO. Certain 
cobalt or rhodium compounds are effective catalysts for this reaction. In 
addition to catalytic applications, non-catalytic stoichiometric reactions 
of transition elements now play a major r6le in the production of fine 
organic chemicals and pharmaceuticals. 

Some f-block elements also find uses in organic synthesis. Samarium 
diiodide is a useful one-electron reducing agent capable of cleaving car- 
bon-halogen or carbon-hydroxyl bonds, and Ce4+ compounds find use 
in oxidation or oxidative coupling reactions. In recent years the study of 
transition metal-mediated reactions of organic compounds has become 
a highly important area of commercial chemical research. 

A number of the transition metals are essential trace elements for liv- 
ing organisms, so that one medical application of transition metal com- 
pounds is in the treatment of deficiency diseases. Particular examples are 
provided by preparations containing iron to treat anaemia and the use 
of dietary supplements containing cobalt in the form of vitamin B,,, 
shown as its cyanide derivative in 1.5. The reverse of this type of treat- 
ment involves the removal of excess metal ions from the body using com- 
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pounds, sometimes called which selectively and 
strongly bind to particular metal ions. Important examples of this are 
provided by the removal of excess copper to treat Wilson’s disease, and 
the removal of excess iron from patients receiving repeated blood trans- 
fusions. Other important therapeutic uses of transition metal compounds 
include the treatment of cancer using platinum drugs such as carboplatin 
(1.6) and rheumatoid arthritis using gold compounds such as auranofin 
(1.7). 

The transition elements also have applications in diagnostic medicine. 
The most important element in this context is technetium, specifically 
the metastable isotope, 9 9 m T ~ ,  which emits a y-ray of suitable energy for 
detection by external imaging equipment. This allows the distribution of 
a 9y1nTc complex within the body to be determined and a three-dimen- 
sional image created by computer. The development of this important 
branch of non-invasive diagnostic medicine has only become possible 
through a detailed understanding of the chemistry of transition elements. 
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Atomic Structures and - a Properties 

2.1 Introduction 

Under normal conditions, a chemical reaction involves the electrons 
occupying the outermost shells, or valence shells, of the atoms involved. 
Hence the chemical properties of an atom arise from its tendency to lose 
electrons from, or to attract electrons to, its valence shell, This tenden- 
cy will depend upon the electronic structure of the atom and the nuclear 
charge experienced by the valence shell electrons. Thus, in order to 
explain the chemistry of a transition element, it is first necessary to con- 
sider its atomic structure and how this influences the binding of its 
valence shell electrons. 

19 
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2.2 Transition Elements: Atomic Structures and 
Properties 

2.2.1 Electron Configurations 

In the hydrogen atom the s, p, d and f subshells within any principle 
quantum shell are all of equal energy since only one electron is present. 
However, in a multi-electron atom the electrons repel one another and 
so modify the field around the nucleus. Those electrons which spend most 
of their time nearer to the nucleus shield from the nuclear charge those 
which, on average, spend most of their time further away. This effect is 
known as and decreases the nuclear charge experienced by an 
electron in the valence shell of an atom. The nuclear charge actually 

and, for a valence shell electron, Zeff will be less than the atomic num- 
ber, 2. The extent to which an electron in an orbital is shielded by the 
electrons in other subshells depends upon the extent to which it 

the core electron cloud around the nucleus. The more penetrating 
an orbital the closer its electrons can, on average, get to the nucleus, and 
the higher the value of Zeff they experience. Plots of the radial charge 
distribution functions of orbitals may be used to illustrate these effects. 
In Figure 2.la the variation in charge density with distance from the 
nucleus is shown for the filled core 5s2 and 5p6 subshells and the partly 
filled 4f subshell of the 4P ion Pr3+. These show that the 4f2 subshell pen- 
etrates the 5s2 and 5p6 subshells and is not shielded well from the nuclear 
charge by them. In fact the 4f electrons are ‘core like’, despite being part 
of the valence shell, because they are buried within the 5s2 and 5p6 [Xe] 
core of the Pr3+ ion. In the corresponding early actinide ion U4+ the 5P 
subshell penetrates the 6s’ and 6p6 subshells much less and is nearer to 
the surface of the [Rn] core (Figure 2.lb). This allows more f orbital par- 
ticipation in bonding for the early actinides than for their lanthanide 
counterparts. 

These shielding and penetration effects are apparent in the way the 
relative energies of the orbitals in atoms vary with increasing atomic 
number. In any principle shell, the s subshell is more penetrating than 
the p subshell, so an electron in the s orbital feels a higher Zen-, and has 
the lower energy. As the atomic number, 2, increases the added core s 
and p electrons shield the outermost electrons, reducing the rate at which 
the Zeff they experience increases. In building up the elements from 
hydrogen to calcium at Z = 20, the unoccupied 3d subshell is effective- 
ly shielded from the increasing nuclear charge by the electrons of [Ar] 
core. As a consequence, the energy of the 3d orbitals remains fairly con- 
stant . In contrast, the energies of the 4s and 4p orbitals are declining 
as they penetrate the [Ar] core more. However, the 3d orbitals penetrate 

experienced by an electron is known as the ’ Z e f P  
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Figure 2.1 Plots of electron 
density against distance from the 
nucleus for (a) 4f, 5s and 5p 
orbitals and (b) for 5f, 6s and 6p 
orbitals 

the 4s and 4p subshells so that after Ca a 3d electron is not fully shield- 
ed from the increasing nuclear charge by the 4s2 subshell. Thus by the 
time scandium (2 = 21) is reached the 3d subshell has fallen to an ener- 
gy close to that of the 4s subshell. 

Because electrons in a d subshell shield one another from the nuclear 
charge rather poorly, the energy of the 3d orbitals continues to fall as 
Zeff increases. Thus, by the time gallium (2 = 31) is reached the now 
filled 3d subshell has fallen well below the 4s and 4p subshells in energy 
and is no longer part of the valence shell, but has become a core sub- 
shell. This pattern is repeated with the 5s, 4d and 5p subshells between 
2 = 39 and 48. However, once barium is reached at 2 = 56, the 4f, 5d 
and 6s subshells have converged in energy. As a consequence, after lan- 
thanum, the lanthanide series is formed through the filling of the 4f sub- 
shell before the filling of the 5d subshell is completed. This pattern is 
then repeated again after radium, with the convergence in energy of the 
Sf, 6d and 7s subshells leading into the actinide series, the 5f subshell 
becoming increasingly core-like as lawrencium is approached. The 
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electronic configurations of the valence shells of the d-block elements 
are summarized in Table 2.1 and of the lanthanides and actinides in 
Table 2.2. 
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2.2.2 Ionization of Transition Element Atoms or Ions 

It might be expected from the metallic character of the transition ele- 
ments that ionization would play a dominant r6le in their chemistry. The 
electron configurations of the first-row d-block elements reveal the pres- 
ence of a filled [Ar] core within a valence shell consisting of occupied 4s 
and 3d subshells. The , E ,  or 3 IE, 
required to remove an electron from these valence subshells will depend 
upon the Zeff experienced by the electrons involved. Plots of Zeff for 4s 
and 3d valence electrons against atomic number in neutral atoms are 
shown in Figure 2.2. The plot for a 3d electron rises more steeply than 
that for a 4s electron. This difference arises because the 3d electrons lie 
within the 4s subshell. They shield the 4s electrons from the nuclear 
charge to some extent and reduce the rate at which Ze, for a 4s electron 
increases with 2. However, since the 3d orbitals penetrate the 4s sub- 
shell, they are more exposed to the increasing nuclear charge than the 
4s electrons. The plot of first, second and third IEs for the first row of 
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the d-block is shown in Figure 2.3 and, as might be expected from the 
plots in Figure 2.2, the third IE increases more rapidly with 2 than the 
first and second IEs. 

Because, in transition metal ions, the energy of the 3d subshell lies 
below that of the 4s subshell, the remaining valence shell electrons in 
3d-block metal ions occupy the 3d rather than the 4s subshell. The 
second- and third-row d-block elements show similar general trends of 

Figure 2.2 The variation in 
effective nuclear charge (Zefl) with 
atomic number for electrons in 4s 
and 3d orbitals 

Figure 2.3 The variation in ion- 
ization enthalpies (IE) with atomic 
number for the first row of the 
d- bloc k 



Atomic Structures and Properties 25 

increasing IEs with increasing 2 (Table 2.1, Figure 2.4). A particular fea- 
ture of the plots of third IE against atomic number is the discontinuity 
between manganese and iron in the first row, and between technetium 
and ruthenium in the second row. This reflects the additional energy 
required to break into the half-filled d5 subshells of Mn2+ and Tc2+, which 
involves the maximum loss of exchange energy (Box 2.1). 

Figure 2.4 The variation in ion- 
ization enthalpies (IE) with atomic 
number for the second row of the 
d-block 
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As found for the transition metals, the first and second IEs of the lan- 
thanides show little variation with atomic number (Figure 2.5), but the 
third IE is far less regular. It might be expected from the larger number 
of electrons involved that the exchange energy consequences of break- 
ing into a half-filled 4f7 or filled 4f14 subshell would be more pronounced. 
In accord with this, the third IE does increase strongly to Eu2+, where 
the 4f7 configuration is reached. Thereafter it falls back and then increas- 
es again on approaching the 4f14 configuration at  Yb2+. 

Continuing this pattern, the first and second IEs of the actinides are 
less sensitive to increasing atomic number than the third TEs (Figure 2.6). 
However, owing to the similarity in energies between the 6d and 5f sub- 
shells, the behaviour of the third IEs is less simple than for the lan- 
thanides, although maxima do appear at Am2+ and No2+. The behaviour 
of the actinide elements is also complicated by the effects of 
These result in a contraction of the 7s and 7p orbitals but an expansion 
and destabilization of the 6d and 5f orbitals. As a consequence, the 
actinide valence shell 6d and 5f electrons are more easy to ionize than 
would be predicted by a non-relativistic model. 

Figure 2.5 The variation in ion- 
ization enthalpies (IE) with atomic 
number for the lanthanides 
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Figure 2.6 The variation in ion- 
ization enthalpies (IE) with atomic 
number for the actinides 
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2.2.3 Adding Electrons to Transition Element Atoms 

Although ionization plays a dominant r d e  in the chemistry of the tran- 
sition elements, the reverse process of adding an electron to their atoms 
also contributes to their chemical properties. In fact, adding an electron 
to the valence shell of most transition elements is an exothermic process. 
This might be anticipated for elements in which partly filled d or f sub- 
shells are present. However, for zinc, cadmium and mercury, which have 
filled valence shells [ndID(n+l)s2 (n  = 3, 4 or 5 ) ] ,  the process of electron 
addition is endothermic. 

Electron Gain Energy, Electron Gain Enthalpy and Electron 
Aff i n it y 

The standard molar energy change associated with the attachment of an 
electron to an atom or ion according to equation 2.3 is its 

Ed. It is perhaps surprising to find that the first Ei values for 
some transition metals are comparable to those of non-metallic elements. 

As examples, the first Ed values of platinum and gold (Table 2.6) are 
comparable with that of sulfur (-200 kJ mol-') and larger than that of 
oxygen (--141 kJ mol-I). The first Ea values of the other platinum met- 
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als, except palladium, and of nickel and copper are comparable with the 
E" of carbon (-122 kJ mol-I). These observations might lead us to expect 
that the chemistry of the d-block metals will be rather more subtle than 
the simple formation of cations as found for the s-block metals. 
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Electronegativity 

The chemical properties of an element reflect the net effect of its IE and 
Ea values, as indicated by its , x (Box 2.2, Table 2.6). 
Unlike IE and Ed values, which refer to isolated atoms in the gas phase, 
x refers to atoms in molecules and so aims to evaluate the overall abil- 
ity of an atom to attract charge to itself in a real chemical environment. 
Values of x can provide a useful insight into the chemical properties of 
the transition elements. The lighter early d-block metals, the lanthanides 
and the actinides show the lower Pauling electronegativity, xp, values. 
These fall in the range 1 .O-1.5, which may be compared with xp values 
of 0.8-1.0 for the alkali metals and 1.3 for magnesium. The platinum 
metals, together with molybdenum and tungsten, show larger xp values, 
in the range 2.2-2.4, which may be compared to values of 2.0 for phos- 
phorus, 2.2 for hydrogen and 2.6 for carbon. This suggests that the polar- 
ity of bonds between these metals and elements such as carbon, hydrogen 
and phosphorus will be lower than for the early d-block metals, the lan- 
thanides or the actinides. In other words, the contribution of covalency 
to bonding in platinum metals, molybdenum or tungsten compounds will 
be greater. 
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Oxidation States 

The (Box 2.3), or oxidation number, of an element is a 
concept which is widely used in discussions of transition element chem- 
istry. Strictly speaking, the term oxidation state only has any clear chem- 
ical meaning in fully ionic compounds containing elements of very 
different electronegativity. In KCl, for example, we have no difficulty in 
assigning oxidation states of +1 to K+ and -1 to C1-. However, in a com- 
pound such as MoS2, where the two elements have very similar elec- 
tronegativity values (x = 2.24 for Mo4+ and 2.58 for S), the situation is 
not so clear-cut. The bonding in MoS, may involve significant covalen- 
cy and it is not safe to assume that the molybdenum is actually present 
as Mo4+ even though it has been assigned an oxidation state of +4. 
Despite such difficulties, oxidation state remains a useful formalism in 
chemical discussions and provides an aid in electron ‘book-keeping’. 
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2.2.4 Radii of Atoms and Ions 

van der Waals Radii and Covalent Radii 

If atoms were hard spheres with well-defined surfices like billiard balls 
it would be relatively easy to assign radii to them. However, the electron 
cloud of an atom is not hard and does not have a well-defined bound- 
ary, so the method by which the radius is measured will affect the numer- 
ical value obtained. Measuring the distance between atoms in a solid 
array which appear to be touching, but are not bonded together, would 
be one approach. This is possible with the noble gases, where the atoms 
lie with an equilibrium separation at which the attractive van der Waals 
force between them is balanced by the repulsive force between their 
closed electron shells. Half the distance between atoms of a noble gas in 
the solid phase could be taken as its atomic radius. In the case of other 
elements, the situation is less simple. Usually it is necessary to analyse a 
large number of atom-atom distances from different structures to make 
a reasonable estimate of an atomic radius. The average figure obtained 
from the distances between non-bonded atoms could be used to estimate 
a It is also possible to measure radii from the 
structures of the elemental forms of the element in question, although 
these do not necessarily represent a simple non-bonded radius as some 
bonding interactions may be present. However, this does provide one 
convenient means of measuring atomic radii for metals. In the case of 
covalent compounds, a large number of distances between bonded atoms 
may be measured and a self-consistent set of devised. 
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Ionic Radii 

In the case of metal compounds, may be determined by exam- 
ining the structures of salts containing small, non-polarizable anions. A 
typical value for the radius of the anion is assumed and the remainder 
of the inter-ionic distance may then be assigned to the radius of the metal 
cation. By analysing the crystal structures of many fluoride and oxide, 
or chloride and sulfide, compounds, Shannon and Prewitt8 have made a 
comprehensive study of crystal, or ionic, radii (Tables 2.1 and 2.2). It is 
important to note that the radii obtained for an ion depend upon on 
both its oxidation state and its (CN), that is, the 
number of atoms or ions in contact with the ion. As a consequence, it 
would be misleading to compare the radii of different metals unless 
they were obtained for the same oxidation state and CN. As might be 
expected, the ionic radius for a particular metal and CN decreases with 
increasing oxidation state. Similarly, for a given metal and oxidation 
state the ionic radius increases with increasing CN (Table 2.7). 

A common trend in the ionic radii of the transition elements is that 
they tend to decrease with increasing atomic number in a period. This 
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Table 2.7 Examples of the effect of coordination number and oxidation state (Roman numerals) on ionic radii (pm) 

Metal Vanadium Manganese Sm U 
CN V(+2) V(+3) V(+4) V(+5) Mn(+2) Mn(+3) Mn(+4) Mn(+5) Mn(+6) Mn(+7) Sm(+3) U(+4) 

~~ ~ ~ 

4 - - - 35.5 66 - 39 33 25.5 25 
5 - - 53 56 75 58 - - - 

6 79 64 58 54 83 64.5 53 - 46 95.8 89 
7 90 102 95 
8 96 107.9 100 
9 113.2 105 
10 124 117 

- 

- - - - - - - - 

- - - - - - - - 

- - - - - - - - - 

- - - - - - - - - 

reflects the variation in ZelT with Z. It is particularly pronounced for the 
lanthanide series, where the shielding of f electrons one by another is 
relatively poor. As a result, there is a steady decrease in ionic radius (CN 
8) from 116 pm for La3+ to 97.7 pm for Lu3+. This 

has an important effect on the radii of the third-row d-block ele- 
ments, as it compensates for the size effect of filling the 5p and 6s 
subshells between cadmium and hafnium, so that the ionic radii of the 
third-row d-block metals are very similar to those of the second-row d- 
block metals (Table 2.8). This contributes to there being a much greater 
similarity in chemistry between the second- and third-row d-block ele- 
ments than between the first and second row. 

Table 2.8 Effective ionic radii for metal ions (CN 6) 
~~ ~ ~~ ~ ~ ~ 

M3+ r (pm) M4+ r (pm) M3+ r (pm) M4+ r (pm) 

sc3+ 74.5 Ti4+ 60.5 V3+ 64 Ni4+ 48 
Y3+ 90 Zr4+ 72 Nb3+ 72 Pd4+ 61.5 
La3+ 103 Hf4+ 71 Ta3+ 72 Pt4+ 62.5 
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Binary Compounds 

3.1 Introduction 

The atomic and ionic properties of an element, particularly IE, ionic 
radius and electronegativity, underly its chemical behaviour and deter- 
mine the types of compound it can form. The simplest type of compound 
an element can form is a one in which it is combined 
with only one other element. The transition elements form binary com- 
pounds with a wide variety of non-metals, and the stoichiometries of 
these compounds will depend upon the thermodynamics of the com- 
pound-forming process. Binary oxides, fluorides and chlorides of the 
transition elements reveal the oxidation states available to them and, to 
some extent, reflect trends in IE values. However, the IEs of the transi- 
tion elements are by no means the only contributors to the thermody- 
namics of compound formation. Other factors such as 
and the extent of covalency in bonding are important. In this chapter 
some examples of binary transition element compounds will be used 
to reveal the factors which determine the stoichiometry of compounds. 

39 
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3.2 Binary Oxides, Fluorides and Chlorides 

3.2. I Maximum Oxidation States 

The highest oxidation state available to an element is usually found 
among its compounds with the two most electronegative elements, fluo- 
rine or oxygen, so that an examination of the binary fluorides and oxides 
of the transition elements should reveal their maximum chemically attain- 
able oxidation states. The stoichiometric oxides of the d-block metals are 
summarized in Table 3.1, and the fluorides in Table 3.2. Binary com- 
pounds with the less electronegative element chlorine might be expected 
to show a slightly different range of oxidation states and, for compari- 
son, chlorides are summarized in Table 3.3. 
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These tables reveal that, towards the left of the transition series, 
elements can attain their maximum possible oxidation state or group 
oxidation state, while at the right of the series oxidation state +2 becomes 
dominant. In part this reflects the increase in third and higher IEs with 
increasing atomic number across the transition series and the increas- 
ingly ‘core-like’ nature of the d orbitals. In the first row of the d-block 
the range over which the maximum oxidation state is attained with oxy- 
gen extends to Mn,O, [Mn(+7)] and with fluorine to CrF, [Cr(+6)]. In 
the second and third rows the maximum oxidation state range extends 
further, going up to M(+8) in MO, (M = Ru, 0s )  with oxygen and 
Re(+7) in ReF, with fluorine. The range over which maximum oxida- 
tion states are attained with chlorine is more limited than for fluorine, 
reaching only Ti(+4) in TiCl, for the first row and W(+6) in WC1, for 
the third row. The onset of a maximum oxidation state of +2 also starts 
earlier with chlorine than with fluorine. 

In the f-block the lanthanide elements show quite different behaviour, 
and oxidation state +3 dominates the binary oxides and fluorides formed 
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across the series. Only cerium, praesodymium and terbium appear with 
a higher oxidation state of +4 in their oxides and fluorides (Tables 3.4 
and 3.5). Among the lanthanide chlorides, none appears with an oxida- 
tion state higher than +3 (Table 3.6). The behaviour of the early actinides 
is more similar to that of the d-block elements in that the maximum oxi- 
dation state possible is attained out to UO, with oxygen and UF, with 
fluorine (Tables 3.4 and 3.5). However, by the time americium is reached, 
oxidation state +4 has become the observed maximum, extending as far 
as californium in both oxides and fluorides. Among the chlorides of the 
actinide series, the group oxidation state is attained as far as UCl, but 
thereafter NpCl, is followed by AnCl,, from An = Pu to Es. 

3.2.2 Variation in Oxidation States 

In addition to the maximum values attainable, the variety of oxidation 
states for which compounds can be isolated is of importance. Among 
the first-row oxides, scandium in Group 3 and zinc in Group 12 appear 
in only the group oxidation state. In the second and third row, zirconium 
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and hafnium appear only in their maximum oxidation states with oxy- 
gen, while gold only forms Au,O,. Similar trends are apparent for the 
d-block metal fluorides. In the first and second rows of the 
d-block, variable oxidation states appear in Group 4, but for the third 
row, binary fluorides appear only as their group oxidation state until 
rhenium is reached. The onset of an oxidation state maximum of +2 in 
binary fluorides occurs in Group 10 for the first-row, Group 11 for the 
second-row and Group 12 for the third-row elements. Among the early 
third-row elements, a greater range of oxidation states is found with the 
chlorides than with the fluorides. These trends in chemical behaviour are 
determined by the overall thermodynamics of compound formation. In 
turn, these reflect the underlying electronic structures of the transition 
elements as expressed in their IE, EA and x values and their radii. 

3.3 Thermodynamic Aspects of Compound 
Formation 

3.3.1 The Born-Haber Cycle 

The reaction of a metal, M, with a non-metallic element, En, to form a 
binary compound, MEI, is summarized in equation 3.1: 

However, this simple chemical equation conceals a more complicated 
sequence of events in which the reactants undergo various transforma- 
tions before the product is formed. These may be summarized in a 
Born-Haber thermodynamic cycle (Figure 3.1). The first stage of the 
reaction process is the conversion of M and El, into gaseous state atoms, 
requiring an enthalpy of atomization of M,,, AHedt(M), and, if Ell is a 
solid or liquid, the enthalpy of vaporization, AHeL8,,,(E,) of E,i(d or En(]) .  
In addition, if n is not equal to 1, the total 7 

C17BDE(E,J, required to convert En(g) into  HE(^,, will have to be included. 
The atoms of M(&) will then need to be ionized to Mz+(gj, absorbing the 
appropriate sum of IEs, C'IE(M), in the process. Conversion of the atoms 
of E(g, into the ions E(z/x)-(g) will involve the sum of the EAs, C('/')EA(xE). 
These gaseous ions may then condense to form a solid ME\,s,, releasing 
a lattice enthalpy, AHeU. The cycle is completed by the enthalpy of for- 
mation of ME,, AH*,.(ME\). This whole process can be represented by 
equation 3.2: 
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Figure 3.1 A Born-Haber cycle 
for the formation of an ionic com- 
pound from its elements 

which equates the heat of formation of MEI to the sum of the other 
parameters involved in the compound forming process (Box 3.1). This 
thermodynamic cycle applies to the formation of an ionic compound, 
and it is possible to calculate the lattice enthalpy of purely ionic com- 
pounds using the Born-Lande equation (equation 3.3) in which N ,  is 
the Avogadro number, A4 the , z+ and z -  are the 
respective charges on the cation and anion, e the electronic charge, E~ 

the permittivity of a vacuum, and ro the interionic distance, i.e. the sum 
of the cation and anion radii, respectively r f  and r-: 
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Figure 3.2 A Born-Haber cycle 
for the formation of TiCI, from its 
elements 

The variable n is known as the Born exponent, which depends upon 
the electronic configuration of the ions present. The Born-Lande equa- 
tion calculates AHe, on the basis of the electrostatic attraction between 
the ions in a lattice of known structure and, for alkali metal halides, typ- 
ically predicts experimental values to within a few percent. The calcu- 
lated and experimental values of AHeu for NaCl, for example, are -763 
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and -778 kJ mol-I, respectively, a difference of only 2%). However, this 
agreement between theory and experiment is less typical for transition 
metal compounds. In the case of AgCl the calculated and experimental 
values of AHeu are --734 and -905 kJ mol respectively, a difference of 
19%. This indicates that the bonding in AgCl cannot be viewed as purely 
ionic and that some covalent contribution to AHeu is present. In this 
case the covalent contribution is modest compared to the ionic bonding, 
but in other cases the covalent interaction is sufficiently important for 
molecular compounds to form, examples being TiCl, and VCl, which are 
liquids at room temperature. This behaviour may be anticipated from 
the small differences in electronegativity between certain transition met- 
als and chlorine compared to the alkali metals and chlorine. 

Whether or not a compound MEx is stable at a particular tempera- 
ture will depend upon whether decomposition reactions, exemplified by 
equations 3.4 and 3.5, or disproportionation, exemplified by equation 
3.6, are thermodynamically favourable. 

xME -+ MEx + (x-l)M (3.5) 
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The vanadium halides provide an example. The liquid tetrachloride VCl, 
can be synthesized from vanadium and excess elemental chlorine at 
500 "C. However, on heating in the absence of chlorine, VCl, loses chlo- 
rine to form VCl,, which in turn loses chlorine on further heating to give 
VCl,, which is stable at its melting point of 1350 "C (equations 3.7-3.9). 

Disproportionation reactions may also occur, as exemplified by equa- 
tions 3.10 and 3. l l (see Box 3.2): 

2vc13(s) "l2(s) + vc14(l) (3.10) 

Similarly, CrC1, can be sublimed at about 600 "C in a stream of chlo- 
rine, but in the absence of chlorine decomposes to CrCl,. 
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3.3.2 Contributions from Covalency 

The contribution to bonding from covalency is important in the forma- 
tion of higher oxidation state compounds, since ionic bonding alone could 
not provide the energy needed to form the high oxidation state ions. The 
Born-Lande equation reveals how lattice energies for ionic bonding vary 
with the product of the cation and anion ionic charges and inversely with 
the distance between ions in the lattice. Thus a higher oxidation state ion 
with a larger z+ and a smaller r+ should give rise to a larger lattice energy. 
There will also be an increased contribution from the additional EAs 
involved, but these effects must be set against the additional BDEs which 
may be involved and the rapidly increasing magnitude of the higher IE 
values. As the oxidation state increases, the price in increased total ion- 
ization enthalpy cannot be met from a purely ionic bonding model, and 
covalent interactions must contribute. In OsO,, for example, although the 
formal oxidation state of osmium is +8, it is not reasonable to assume 
that the molecule contains Os8+, just as we would not normally describe 
CO, as containing C4+. As the cationic charge increases and the ionic 
radius decreases, the ion becomes more and more polarizing and so more 
and more able to distort the electron cloud round the counter ion so that 
the appropriate bonding model becomes less ionic and more covalent. 
This effect is enhanced by the presence of larger, more highly charged 
anions which are more polarizable. 

The effects of an absence of significant covalency in bonding can be 
seen in the halides and oxides of the lanthanides compared to those of 
the d-block elements (Tables 3.1-3.6). In the lanthanide Ln3+ ions the 5d 
orbitals are empty and electrons in the core-like 4f orbitals are unable 
to enter into covalent bonding to any significant extent. Thus, although 
the sum of the first, second and third IEs is lower for the lanthanides 
than for the early d-block elements, oxidation state +3 is the maximum 
which can normally be attained, because the bonding is predominantly 
ionic in character. The early actinide elements show variable oxidation 
state behaviour rather like the early d-block elements, despite the sums 
of their first, second and third IEs being very similar to those of the lan- 
thanides. In the early actinides, relativistic effects lead to the 6d and 5f 
orbitals being similar in energy and less core-like than the corresponding 
lanthanide valence shell orbitals. This allows some covalent contribution 
to bonding and hence higher oxidation states become accessible. By the 
middle of the actinide series the 6d and 5f orbitals are sufficiently con- 
tracted by the increasing Zeff that both start to behave more as core elec- 
tron shells, and the behaviour of the elements becomes like that of the 
lanthanide series, with oxidation state +3 becoming the maximum at ein- 
steinium. 

Since the radii of d-block ions decrease with increasing atomic number 
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across the rows, it might be expected from the Born-Lande equation that 
lattice enthalpies might increase with 2. A plot of lattice enthalpy against 
2 for the first-row d-block metal dichlorides shows that this is the case, 
but that the trend is not uniform (Figure 3.3). The values for CaCl,, 
MnCl, and ZnC1, lie on a curve, but the values for the other elements 
fall below this curve. Their lattice enthalpies are larger than a simple 
ionic model would suggest. A uniform covalent contribution to bonding 
would not be expected to produce the observed ‘double dip’, and the 
origins of this feature lie in the effect which the ions surrounding the 
metal ion have on the energies of the different d orbitals. This can be 
explained using the crystal field theory model presented in Chapter 6. 

Figure 3.3 The variation in 
MCI, lattice enthalpy with atomic 
number across the first row of 
the d-block 
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Figure 3.4 The variation in 
atomization enthalpy with atomic 
number for the lanthanides 
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Coordination Compounds 

4.1 Introduction 

In order to explain the formulae and structures of the complex corn- 
pounds, or , formed by transition metal salts with molecular 
species such as ammonia, Werner coined the terms primary valerzce and 
secondary valence, as explained in Chapter 1. These concepts remain valid 
today except that the term has replaced ‘primary valence’ 
and the term has replaced ‘secondary valence’. 
Werner had recognized that a transition metal salt could form a com- 
plex compound in which the metal ion became bonded to a number 
of groups which need not necessarily be the counter anions originally 
present in the salt. The orientations in space of these metal-bound 
groups would lead to the complex having a particular geometric 

54 
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structure. In this chapter the structures of transition element complexes 
are examined in more detail and some definitions of key terms are 
provided. 

4.2 Coordination Compounds 

4.2.1 Complexes 

One definition of a metal complex or is ‘a com- 
pound.formed from a Lewis acid and a Brmsted base’, a Lewis acid being 
an electron pair acceptor and a Brsnsted base a proton acceptor. Thus 
the interaction of the Lewis acid metal centre in Ni(ClO,), with the 
Brarnsted base ammonia to form a complex according to equation 4.1 

Ni(C1O4), + 6NH, 3 [Ni(NH,),](ClO,), (4.1) 

provides an example of the formation of a coordination compound. In 
writing the formulae of metal complexes it is conventional to include the 
complete coordination complex within square brackets, an example being 
provided by [Co(NH,),Cl]Cl,, in which the coordination complex is 
[CO(NH~),CI]~+ with two chloride counterions. The Brsnsted bases 
attached to the metal ion in such compounds are called . These 
may be simple ions such as C1-, small molecules such as H,O or NH,, 
larger molecules such as H,NCH,CH,NH, or N(CH,CH,NH,),, or even 
macromolecules, such as proteins. 

The coordination number (CN) of a metal ion in a complex can be 
defined as the number of ligand donor atoms to which the metal is direct- 
/y  bonded. In the case of [Co(NH,),C1I2+ this will be 6, the sum of one 
chloride and five ammonia ligands each donating an electron pair. 
Although this definition usually works well for coordination compounds, 
it is not always appropriate for organometallic compounds. An alterna- 
tive definition of CN would be the number of electron pairs arising from 
the ligand donor atoms to which the metal is directly bonded. To apply 
this definition, it is necessary to assume an ionic formulation and a 
particular oxidation state for the metal ion, so that charges can be 
assigned to the ligands as appropriate and the number of electron pairs 
determined. 

4.2.2 Types of Ligand 

Where a ligand is bound to a metal ion through a single donor atom, as 
with C1, H,O or NH,, the ligand is said to be (the ligand 
binds to the metal through a single point of attachment as if it had one 
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tooth). Where two donor atoms can be used to bind to a metal ion, as 
with H,NCH,CH,NH,, the ligand is said to be and where sev- 
era1 donor atoms i r e  present in a single ligand as with N(CH,CH,NH,),, 
the ligand is said to be When a bi- or polydentate ligand 
uses two or more donor atoms to bind to a single metal ion, it is said 
to form a complex (from the Greek for claw). Such complexes 
tend to be more stable than similar complexes containing unidentate lig- 
ands for reasons which will be explored in Chapter 5.  A huge variety of 
ligands appear in coordination complexes and, to illustrate this point, 
some examples of common types of ligand are shown in Figures 4.14.4. 
Any of a variety of elements may function as donor atoms towards metal 
ions, but the most commonly encountered are probably nitrogen, phos- 
phorus, oxygen, sulfur and the halides. In addition, a large number of 
compounds are known which contain carbon donor atoms; these are 
known as orgummetallic compounds (see page 1 1). Bidentate ligands 
may be classified according to the number of atoms in the ligand which 
separate the donor atoms (Figure 4.1) and hence the size of the chelate 
ring formed with the metal ion. Thus 1,l-ligands form a four-membered 
chelate ring when bound to a metal ion, 1,2-ligands a five membered 
ring, and so on. Cyclic compounds which contain donor atoms orient- 
ed so that they can bind to a metal ion and which are large enough to 
encircle it are known as proligands and some examples are 
shown in Figure 4.4. Bicyclic proligands are also known which can com- 
pletely encapsulate a metal ion. Some of these systems have given the 
names or which reflect their ability to wrap up and 
entomb the metal ion (Figure 4.4). 

Sometimes ligands can bind to more than one metal ion in a bridg- 
ing arrangement, for example in [W,C1,I3- illustrated in Figure 4.5. 
Certain polydentate ligands are particuiarly good at linking together sev- 
eral metal ions and are refered to as 

4.2.3 Structure and Isomerism 

In coordination compounds, or complexes, the transition elements may 
show CNs ranging from 1 up to 12 or more for some f-block elements. 
As there are more ways than one of arranging two, or more, ligand donor 
atoms about a central metal ion, structural isomers are possible. 
However, in practice, certain structural arrangements are more 
favourable energetically than others, limiting the range of commonly 

of 
complexes with CNs from 1 to 6 are summarized in Figure 4.6, CNs 7 
and 8 in Figure 4.7 and the higher CNs 9-12 in Figure 4.8. Transition 
metal complexes usually conform to idealized geometries in an approx- 
imate sense, although some distortions from ideality are often present. 

found structural types. The idealized regular 
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Figure 4.1 Some examples of 
bidentate ligands 

However, the structures of the lanthanide ions tend to be less regular, 
particularly when more than one type of ligand is present in a 

The lower CNs are rare among the transition elements. A CN of 1 is 
very unusual, although not unknown. Its formation depends upon the 
presence of a very bulky ligand which prevents the binding of addition- 
al ligands. A CN of 2 is found in some complexes of d10 ions such as 
Ag' or Au', and the geometries of these complexes are normally linear, 
not bent. A CN of 3 can arise in complexes with sterically demanding 
ligands such as the bulky amide ligand N(SiMe,), . The d-block metal 
complexes [M(N(SiMe,),j,] (M = Fe, Cr) have a trigonal planar coor- 
dination geometry rather than the T-shaped or pyramidal structures 
encountered with p-block elements. The f-block metal complex 
[LajN(SiMeJ2),] is also thought to have a planar stucture in solution 
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Figure 4.2 Some examples of 
tridentate ligands 

Figure 4.3 Some examples of 
quadridentate ligands 
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Figure 4.4 Some examples of 
macrocyclic ligands 

Figure 4.5 Examples of a 
bridging ligand and a polynucleat- 
ing ligand 

but is pyramidal in the solid state, and provides an extremely rare exam- 
ple of an f-block element with a very low CN. Complexes with CN of 4 
are fairly common for certain d-block metals. These complexes may be 
square planar or tetrahedral in geometry and, for reasons which will be 
explained in Chapter 6, metal ions with ds electron configurations tend 
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Figure 4.6 Idealized structures 
for coordination numbers 1-6 

to be square planar and those with d5 or d'O configurations tetrahedral. 
A CN of 5 is unusual among transition element complexes and, in a com- 
plex which is purely ionically bonded, would be unstable with respect to 
disproportionation into CN 4 and 6 species. However, covalent contri- 
butions to bonding can stabilize CN 5. In the absence of structural 
demands imposed by the ligands, the two regular structures, trigonal 
bipyramidal and square pyramidal, are easily interconverted and similar 
in energy. In the solid state, both structures can be found in slightly dis- 
torted form in salts of [Ni(CN>,I3-. 
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Figure 4.7 Idealized structures 
for coordination numbers 7 and 8 

Most regular coordination polyhedra 
CN 9 10 11 12 

~ 

Tricapped Bicapped square Octadecahedron Icosahedron 
trigonal prism antiprism 

Figure 4.8 Idealized structures 
for coordination numbers larger 
than 8 

The most common CN for d-block transition metal ions is 6, usually 
with an octahedral geometry. Ligand-ligand interactions make trigonal 
prismatic structures less energetically favourable so that this geometry is 
rare, although some examples are known, e.g. [WMe,] and [Re(S2C2Ph2),]. 
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An important distortion of the octahedral structure, found in certain 
complexes, results from stretching or compressing the octahedron along 
a fourfold rotation symmetry axis, producing a 
(Figure 4.9a). This type of distortion is commonly found among com- 
plexes of the d9 Cu2+ ion for reasons which will be explored in Chapter 
6. Another, less important, type of distortion results from stretching or 
compressing the octahedron along a threefold rotation symmetry axis, 
producing a (Figure 4.9b). 

Figure 4.9 Distortions of the 
octahedral coordination geometry 

The higher CNs of 7, 8 and 9 are unusual for d-block metals, although 
some examples can be found among the complexes of the early second- 
and third-row metals. The cyano complexes of molybdenum, 
[Mo(CN),]’ ( z  = 3, 4), provide well-known examples and, in the solid 
state, can be found with a dodecahedra1 or a square antiprismatic struc- 
ture, depending on the counterion present. In contrast, CNs of 8 or 9 
are quite typical among the complexes formed by the f-block elements 
and CNs up to 14 are known. Although regular geometries can be 
assigned to these higher CNs, the energy differences between the differ- 
ent structures are often small. Since the core-like nature of the f orbitals 
gives little directional preference in the bonding, the structures of lan- 
thanide complexes tend to be determined by ligand-ligand interactions 
and distortions from ideal geometries are common. The highest CNs are 
found with the larger metal ions and the sterically most compact ligands 
such as NO,- or H,O. An example of 12 coordination is provided by 
[Ce(NO,),I3 , in which six octahedrally disposed nitrate groups each bind 
through two oxygens to the Ce3+ ion to give a distorted icosahedral struc- 
ture. A rare example of a CN of 14 is found in the solid-state structure 
of [U(BH,)J in which the U4+ ion is bonded to 14 hydrogen atoms. 

In addition to the structural isomerism possible for each CN, several 
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other types of isomerism (geometric, optical, linkage, coordination, lig- 
and, ionization, solvate) are possible in transition element complexes. 

Geometric Isomerism 

In heteroleptic complexes the different possible geometric arrangements 
of the ligands can lead to isomerism, and important examples of this 
behaviour are found with CNs 4 and 6. In a square planar complex of 
formula [MX,L,] (X and L are unidentate) the two ligands X may be 
arranged adjacent to each other, in a isomer, or opposite each other, 
in a isomer. Such isomerism is not possible for a tetrahedral geom- 
etry but similar behaviour is possible in CN 6 octahedral complexes of 
formula [MX L ] in which the two ligands X may be oriented cis or trans 
to each other (Figure 4.10a). This type of isomerism also arises when lig- 
ands L-L (e.g. L-L = NH,CH2CH2NH2) with two donor atoms are pres- 
ent in complexes of formula [MX,(L-L),]. A further example of 
geometric isomerism can occur in octahedral complexes of formula 
[MX,L,], depending on whether the three ligands X, or L, all lie in the 
same plane giving a meridional, or , isomer, or whether they are adja- 
cent forming a triangular face of the octahedron in a facial, or , iso- 
mer (Figure 4. lob). 

4. 

Figure 4.10 Isomers of octahe- 
dral complexes 
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Optical Isomerism 

In the octahedral complexes cis-[MX,(L-L),] and [M(L-Lj,] the presence 
of the ligands L-L leads to a further-isomeric possibility since the metal 
centre is (Figure 4 .10~) .  The presence of the L-L ligands gives rise 
to a propeller shape. When rotated clockwise the A isomer appears to 
screw into the plane while the A isomer appears to screw out of the plane 
(Figure 4.10dj. Thus [Co(en)$+ is chiral, and can be resolved into its A 
and A isomers through fractional crystallization with a chiral counter 
ion such as tartarate. A tetrahedral complex with four different uniden- 
tate ligands will also be chiral, just like a carbon atom in a chiral organ- 
ic molecule. In practice, examples of this type are rare, but an important 
example of similar structural type arises with heteroleptic CN 6 com- 
plexes containing one jbc-tridentate ligand and three different uniden- 
tate ligands (Figure 4.10e). Some compounds of this type have been 
found to  be effective reagents in the asymmetric synthesis of chiral organ- 
ic molecules and are of importance in the synthesis of certain fine chem- 
icals and pharmaceuticals. 

Linkage Isomerism 

Linkage isomerism arises when a ligand may bind to a metal ion through 
either of two or more different donor atoms. A simple example is pro- 
vided by complexes containing the thiocyanate ligand, NCS-, which may 
bind through the nitrogen to give M-NCS or the sulfur to give M-SCN. 
The former may be associated with the valence tautomer -N=C=S and 
the latter with N=C-S-. Jmgensen' discovered the first example of such 
behaviour in the complex [Co( NH,),(NO,)]Cl,, which can be obtained 
as a red form, in which the nitrite ligand is bound through oxygen, and 
as a yellow form, in which the nitrite ligand is bound through nitrogen. 

Coordination Isomerism 

This form of isomerism arises from the interchange of ligands between 
cationic and anionic complexes of different metal ions present in a salt. 
An example is provided by [Co(NHJJ[Cr(CN)& in which the NH, lig- 
ands are bound to Co3+ and the CN- ligands to Cr3+, and its coordina- 
tion isomer [Cr(NH,),][Co(CN),] in which the NH, ligands are bound to 
Cr3+ and the CN ligands to Co3+. A special case of coordination iso- 
merism can arise in which a series of compounds have the same empir- 
ical formula but different molecular masses for the salt. This is sometimes 
referred to as 'polymerization isomerism', although it does not involve 
polymerization according to  a conventional definition involving the link- 
ing together of a single repeating unit. An example of polymerization 



Coordination Compounds 65 

isomerism is provided by the series of salts in which both the cation and 
the anion contain Co3+ and which have the empirical formula 
fCo(NH,),(NO,),l y’ e*g* 

Ligand Isomerism 

As the name implies, ligand isomerism arises from the presence of lig- 
ands which can adopt different isomeric forms. An example is provided 
by diaminopropanc, which may have the amine groups in the terminal 
1,3-positions (H,NCH,CH,CH,NH,) _ - _  or in the 1,2-positions { H,NCH,- 
CH(Me)NH,j. 

Ionization Isomerism 

This arises when the counterion in a complex salt is a proligand and can, 
in principle, displace a ligand which can then become the counterion. An 
example is provided by the ionization isomers [Co(NH,),SO,] Br and 
[CO(NH,)~B~I(SO,). 

Solvate Isomerism 

This form of isomerism, sometimes known as ‘hydrate isomerism’ in the 
special case where water is involved, is similar in some ways to ioniza- 
tion isomerism. Solvate isomers differ by whether or not a solvent 
molecule is directly bonded to the metal ion or merely present as free 
solvent in the crystal lattice or solution. An example is provided by the 
aqua complex [Cr(H,O),]Cl, and its solvate isomer [Cr(H,O),Cl]Cl,.H,O. - _  
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Figure 4.11 

4.3 Nomenclature 

The systematic naming, or nomenclature, of coordination compounds 
can be complicated to apply, but it is essential to have some familiarity 
with the basic rules of nomenclature and to be able to work out the struc- 
ture of a compound from its systematic name. Only a very brief sum- 
mary of the rules for naming of coordination compounds can be given 
here, but more detailed accounts are available elsewhere.*l3 

4.3.1 Formulae 

The formula of a complete coordination entity (e.g. [Co(NH,),I3') is writ- 
ten in square brackets. The absence of [ ]  implies that not all of the lig- 
ands in the coordination sphere, typically water or solvent, are given in 
the formula. As an example, CoCl, could refer to anhydrous CoCl,, 
[CoCl,(H,O),] or [Co(H,O)JCl,, although the latter might be written as 
CoC12.4H,0 and CoC1,.6H20, respectively, The symbol of the central 
atom is given first followed by the anionic then the neutral ligands, each 
set in alphabetical order. Where possible the donor atom is written first, 
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one exception being water which is conventionally written H 2 0  rather 
than OH,. Within the formula, brackets should be ‘nested’ as [ { (  )}] or 
[([( )]}I. Where the formulae of salts are given, cations come before 
anions, e.g. [Co(H20),](N0,), and K,[Fe(CN),]. The oxidation states of 
the metal ions may be given as superscript Roman numerals following 
the ion to which they refer, e.g. [Cr1I1C1,I3-. Abbreviations may be used 
in formulae. These include standard abbreviations for functional groups, 
such as Me, Et and Ph respectively for methyl, ethyl or phenyl groups, 
and specific abbreviations for ligands, e.g. py for pyridine and en for 
ethane- 1,2-diamine. Where protic acid ligands are present it is important 
to remember that the abbreviation for the neutral ligand must include 
the proton(s), so that ox2- may represent ethanedioate (oxalate) and H,ox 
represents ethanedioic acid (oxalic acid). 

4.3.2 Names 

The names of coordination compounds are constructed by listing the 
ligands in alphabetical order, regardless of charge, before the name of 
the central atom. Numerical prefixes are used to indicate the numbers of 
each ligand present, and the oxidation state is given as Roman numer- 
als in parentheses at the end, e.g. dichlorobis(trimethy1amine)- 
platinum(I1) for [PtCl,(NMe,),]. Di, tri, etc., are normally used but with 
more complicated ligand names the prefixes bis, tris, tetrakis, etc., are 
used to avoid confusion, e.g. trichlorotris(trimethy1phosphine)rhodi- 
um(II1) for [RhCl,(PMe,),]. In the names of salts, cations come before 
anions, as with formulae. Anionic coordination compounds are given the 
suffix -ate. Either the oxidation state of the central atom {Stock system; 
e.g. hexamminecobalt(II1) trichloride for [CO(NH,),]CI,}~ or the charge 
on the complex (Ewens-Bassett system)s may be given, e.g. tripotassium 
hexacyanoferrate(3--) for K,[Fe(CN),]; in the Stock system this is 
tripotassium hexacyanoferrate(II1). Note that ammine in this context 
refers to NH, as a ligand, the term -amine being used for a derivative 
such as dimethylamine, NHMe,. Stereochemical descriptors may precede 
names or formulae to indicate which isomeric form is present, e.g. cis- 
diamminedichloroplatinum(II) for cis-[PtC1,(NHJ2]. 

4.3.3 Special Symbols 

Greek letters are used as special symbols to signify particular structural 
features in a compound. The character p is used to denote an atom or 
group which bridges between two or more metal centres. A subscript 
denotes the number of atoms bridged as shown in 4.1 and 4.2. The sym- 
bol q is used to denote connected atoms in a ligand which bind to the 
metal atom and a superscript identifies the number involved, as shown 
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for 4.3 and 4.4. Finally, the symbol K is used to denote unconnected 
atoms in a polydentate ligand which bind to the metal centre and again 
a superscript denotes the number of donor atoms involved and may be 
followed by the appropriate donor atom symbol italicized, as in 4.5. 
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5.1 Introduction 

One of the first questions one might ask about forming a metal complex 
is: how strong is the metal ion to ligand binding? In other words, what 
is the equilibrium constant for complex formation? A consideration of 
thermodynamics allows us to quantify this aspect of complex formation 
and relate it to the electrode potential at which the complex reduces 
or oxidizes. This will not be the same as the electrode potential of the 
simple solvated metal ion and will depend on the relative values of 
the equilibrium constants for forming the oxidized and reduced forms 
of the complex. The basic thermodynamic equations which are needed 
here show the relationships between the standard free energy (AG*) of 
the reaction and the equilibrium constant (a, the heat of reaction, or 
standard enthalpy (AHe), the standard entropy (ASe) and the standard 
electrode potential ( E f t )  for standard reduction of the complex (equa- 
tions 5.1-5.3). 

AGe = -RTlnK (5.1) 

AGO =-nFEo (5.3) 

where R is the gas constant, F the Faraday constant, n the number of 
electrons involved in the reduction of the complex and T the tempera- 
ture in Kelvin. 

At a deeper level, studies of the thermodynamics of complex formation 
reveal insights into metal-ligand bonding and contribute to an under- 
standing of the ways in which ligand structure relates to the strength 
of ligand binding, and hence to the electrode potential of the complex. 
Such knowledge allows complexes with particular properties to be 
designed to suit particular applications. Throughout evolution, biologi- 
cal systems have exploited the particular properties of metal ions and so 
have developed molecules which bind metal ions very strongly and, in 
some cases, can control the redox potentials of the resulting metal com- 
plex. Another important feature of transition element chemistry in solu- 
tion is the ability of the metal ion to bring together several ligands in a 
single complex. This has implications for synthesis in that metal ions 
may be used to assemble polynuclear structures, control the structures 
of reacting ligands and possibly activate ligands towards reaction. 
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5.2 The Thermodynamics of Complex Formation 

5.2.1 Hydration Enthalpies 

Syntheses of transition element complexes are normally carried out in 
solution, often in water, and so involve the reactions of solvated metal 
ions. The association of the solvent molecules with an unsolvated metal 
ion releases energy and, for aqueous solutions, a is 
associated with this process. The hydration enthalpies of first-row d- 
block metal dications (Figure 5.1) increase in magnitude with increasing 
atomic number and decreasing ionic radius. The trend is not complete- 
ly uniform for reasons which will be explained in Chapter 6, but the 
overall appearance of the plot is similar to that of the lattice enthalpies 
of metal dichlorides against atomic number shown in Figure 3.3. The 
hydration enthalpies of the lanthanide trications also increase with 
increasing atomic number, but pursue a more regular curve in following 
their decreasing ionic radii (Figure 5.2). This increase in hydration 
enthalpy with decreasing ionic radius reflects stronger binding of the sol- 
vent molecules to the smaller more polarizing cations. 

The dissolution of an anhydrous metal salt in a solvent such as water 
involves the disruption of the crystal lattice of the salt, a process which 
will consume energy depending on the lattice energy of the salt. Assuming 
that the salt is fully dissociated in the solution, dissolution in water pro- 
duces fully hydrated metal ions and releases hydration energy through 
forming the aquated metal ion. There is also a contribution from the sol- 
vation of the counterions. If the energy available from the solvation of 
the anion and cation exceeds the lattice energy, a salt can dissolve in 

Figure 5.1 The variation in 
hydration enthalpy of M2+ ions 
across the first row of the d- 
block 
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Figure 5.2 The variation in 
hydration enthalpy of Ln3+ ions 
across the lanthanide series 

water to form a solution of hydrated metal ions. Often the enthalpy of 
dissolution is insufficient to overcome the lattice enthalpy, but the 
favourable entropic consequences of converting the salt from the solid 
to the solution phase can allow dissolution to proceed. In such cases the 
heat deficit is made up from the internal energy of the system, and the 
solution cools as the salt dissolves. 

5.2.2 Equilibrium Constants for Complex Formation 

As with any other chemical reaction, the formation of a metal complex 
from a metal ion and a set of proligands can be described by an 

In its simplest form, a complexation reaction might 
involve the reaction of unsolvated metal ions in the gas phase with gas 
phase proligands to form a complex. In practice it is difficult to study 
such reactions in the gas phase and complex formation is normally 
studied in solution, often in water. This introduces the complication that 
the solvent can also function as a ligand, so that complex formation will 
involve the displacement of solvent from the metal coordination sphere 
by the proligand. 

In complexation reactions the solvent is normally present in large 
excess so that its concentration is essentially constant. Thus, in cases 
where the reactivity of the coordinated solvent is not an issue, it is pos- 
sible to simplify considerations of complex formation by omitting the 
solvent from the description of the equilibrium. In such cases the for- 
mation of a metal complex from a metal ion and one or more proli- 
gands, L, according to equation 5.4 can be described by the simplified 
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equation 5.5, in which the solvent and the charge on the complex are 
omitted: 

M + L S M L  (5.5) 

The equilibrium constant for the process shown in equation 5.5 is called 
a The terms and 

are also sometimes used in this context. The stability constant can 
be defined on the basis of concentrations assuming unit activity coeffi- 
cients, an assumption which is not usually too unrealistic in dilute solu- 
tions of high ionic strength. The stability constant, K, ,  for the reaction 
shown in equation 5.5 is given by equation 5.6: 

Similarly, for subsequent additions of L to M, further stability constants 
K? to Kn may be defined according to equations 5.7 and 5.8: 

for ML + L * ML,, K2 is defined by: 

and so on to ML,,?-,, + L ML,? with: 

The equilibrium constants K ,  to Kn are called 
and represent the equilibria involved in the stepwise addition of one lig- 
and to the metal. However, equilibrium constants could also be written 
for an overall reaction involving more than one ligand. These are known 
as and are typically signified by the symbol p 
with a suffix to indicate the number of ligands involved, as shown in 
equations 5.9-5.1 1: 

for M + 2L e ML, P, = [ML,]/[M][LI2 (5.10) 
and so on to 

M + nL e MLn p, = [ML,]/[M][L]" (5.1 1) 

The value of an overall stability constant pi is the product of the step- 
wise stability constants K ,  to Kj as shown by equation 5.12: 
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0, = K , K ,  ... K ,  or p, = f i ~ /  (5.12) 
r = l  

This relationship between p,, or KIT values means that either may be used 
in equation 5.1 but p,, must be used for reactions of the type defined by 
equations 5.9-5.11 and Kl, for reactions of the type defined by equations 
5.6-5.8. 

Normally, the magnitudes of K,, decrease with increasing 17. In part this 
is the result of statistical fixtors, but the addition of ligands may also 
influence the electronic properties of the metal and so the binding of sub- 
sequent ligands. Steric interactions between ligands, or decreasing posi- 
tive charge on the complex if the ligands are negatively charged, can also 
influence the stability constant. Where the stepwise addition of ligands 
occurs, several metal complexes may co-exist in solution. The concentra- 
tion of each will depend upon the relative proportions of metal and lig- 
and present, an example being shown in Figure 5.3. The measurement of 
stability constants is often carried out using spectrophotometric or elec- 
trochemical measurements (Box 5.1). Such measurements are more diffi- 
cult when more than one species is present since the spectroscopic features 
of one complex may be obscured by those of another. 

Figure 5.3 A schematic dia- 
gram showing how the distribu- 
tion of a metal ion, M", among 
different complexes, {MX,}(z-'l), 
varies with the concentration of 
X-, [X-1. At a palticular value of 
[X-I, more than one complex 
may be present in solution at 
equilibrium 
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The terms ‘stable’ and ‘unstable’ are often used in a general way to 
describe the reactivity of compounds. In the case of metal complexes 
these terms have a specific meaning which relates to the thermodynam- 
ics of complex formation. Stable complexes might be defined as those 
which have overall stability constants greater than one, so a negative free 
energy for formation, under the particular conditions being considered. 
Unstable complexes would then have overall stability constants less than 
one, so a positive free energy for formation. Thus solutions of stable 
complexes would not be expected to react with the solvent, or any other 
proligands present, to form thermodynamically more stable complexes. 
In contrast, unstable complexes might be expected to undergo ligand 
substitution reactions to form a more thermodynamically stable species. 

5.2.3 Hard and Soft Acids and Bases 

A large number of stability constants have been measured and certain 
general trends emerge from the results obtained. One is that particular 
types of ligand donor atom form stronger complexes with certain metal 
ions. That is, their complexes with certain metal ions have higher sta- 
bility constants than their complexes with other metal ions. This allows 
a broad classification of metal ions according to the type of ligands with 
which they form the strongest complexes. Those metals which form their 
most stable complexes with oxygen donor atoms are called or 

metal ions and those which form their strongest complexes with 
sulfur or phosphorus donor are called or metal ions. There 
is also a group of metal ions which show borderline behaviour. Class a 
metal ions are usually smaller, more highly charged, cations. They form 
their strongest complexes with containing the smaller elec- 
tronegative donor atoms 0, N or F. At the other end of the scale are 
the soft metal ions, i.e. the larger more polarizable metal ions, often in 
their lower oxidation states. These are and form their strongest 
complexes with which contain larger more polarizable and less 
electronegative donor atoms such as S, Se, P or As. This classification 
is summarized in Table 5.1. The hardhoft classification of metal ions and 
ligand donor atoms is a useful qualitative concept in that it is a guide 
to predicting which ligands may be more suited to forming complexes 
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with a particular metal ion. Typically phosphine, R,P (R = hydrocar- 
byl), or thiolate, RS-, ligands stabilize lower oxidation states such as 
Rh+, Ir’ or Cu’, whereas fluoride or oxide ions are better suited to high- 
er oxidation state metal ions, allowing, for example, the isolation of the 
Co4+ complex [CoF,]*-. In some applications of metal sequestering agents 
there is a need for ligands which show very large stability constants for 
particular metals. Examples are provided by the use of pyridinones such 
as 5.1 as chelating agents to remove iron from patients suffering iron 
overload as a result of repeated blood transfusions in the treatment of 
P-thalassaemia. Either D-penicillamine (5.2) or the tetramine proligand 
5.3 can be used to remove copper from patients suffering from Wilson’s 
disease, a hereditary complaint which leads to a build-up of copper in 
the liver. Oxime reagents are also used to bind copper in its purification 
by solvent extraction using so called LIX reagents, e.g. 5.4. 

- 0 2 C d  I 7  R q N o H  

Me’ Me Nq:H?Me,NT:H Me 
H3N+ 5.2 SH NH2 5.3 H2N 

R = alkyl, R’ = H, R’ alkyl, aryl 5.1 
5.4 

5.2.4 The Contributions of Enthalpy and Entropy 

When a solvated metal ion reacts with a proligand, which could be poly- 
dentate, to form a complex, several things must happen. Firstly, coor- 
dinated solvent must be removed from the metal ion coordination sphere 
to create a space for the incoming ligand, and the solvation shell around 
the metal must be reorganized to accommodate the new structure. This 
will require an energy input AGOsM. A similar process will occur around 
the proligand, requiring some energy input AG*sL. The energies required 
to effect these desolvation processes will contribute to the thermody- 
namics of the complexation reaction. Two further processes also need to 
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be considered. A polyatomic ligand may need to rearrange its structure 
in order to adopt a conformation suitable for binding to the metal, so 
absorbing some AGecL Finally, the formation of 
the metal to ligand donor atom bonds should release energy and con- 
tribute A c e M L  to the driving force for the reaction. Thus the free ener- 
gy of the reaction may be described as the sum of these various 
components according to equation 5.13: 

(5.13) 

Each of the component free energy terms of equation 5.13 may be divid- 
ed into enthalpic contributions (AHe) and entropic contributions 
(TAS*) according to equation 5.2. Usually it might be anticipated that 
the desolvation energies, AG*,, and AGes4, would contain positive 
enthalpy contributions, since bonding interactions between the metal ion 
and solvent molecules must be disrupted, together with positive entropy 
terms (hence a negative -TAS*), as the disorder of the system increases 
on separating solvent molecules from the metal ion or proligand. In the 
case of AcecL it might be expected that there would be a positive con- 
tribution from enthalpy, since bonds may need to be rotated into a 
sterically less favourable structure, and the entropy term would be neg- 
ative, as the structure of the proligand becomes more ordered. In the 
case of AGOML, a negative enthalpy contribution should arise from the 
formation of the metal-ligand bond, but again a negative entropy 
contribution would result from the increasing order associated with com- 
bining metal ion and proligand. The balance between these various 
enthalpic and entropic contributions will vary from complex to complex 
and can have important consequences for complex formation. 

5.2.5 The Chelate Effect 

The stability constants of complexes containing chelating ligands are 
found to be higher than for their non-chelated counterparts. This obser- 
vation is known as the and an example is provided by the 
value of 101O.h for p3 of [Cd(en)J2' formation, which is some lo4 times 
larger than that of 166.52 for p, olf [Cd(NH,Me)J2+ formation. At a qual- 
itative level the chelate effect may be explained by observing that, with 
a unidentate ligand, dissociation leads to the complete loss of the ligand. 
In contrast, when one end of a chelated ligand dissociates, the ligand 
remains attached to the metal ion through the other donor group so that 
it is more likely that the dissociated end will re-attach than that the 
chelate ligand is displaced by a second ligand. A consideration of the 
thermodynamics of forming these complexes reveals the entropy term as 
the driving force for the chelate effect (Box 5.2). In general it appears 



The Thermodynamics of Complex Formation 81 

that, in relatively simple cases such as this, entropy is the most proba- 
ble cause of the chelate effect. In the example of the cadmium complexes, 
four Cd-N bonds are present in each case, and the main difference is 
the entropic effect of releasing two additional molecules when replacing 
four MeNHz by two en ligands. 
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5.2.6 The Macrocyclic Effect 

The finding that the stability constants of complexes of macrocyclic lig- 
ands tend to be higher than those of their acyclic counterparts is known 
as the , As an example, the Ni2+ complex of the macro- 
cyclic ligand cyclam has a stability constant some lo7 times larger than 
that of its counterpart formed with the acyclic ligand ‘2,3,2-tet’ (Figure 
5.4a). It might be thought that entropy would provide a driving force 
for the macrocyclic effect, as it does for the chelate effect, but the situ- 
ation is actually less clear-cut for the macrocyclic effect. A consideration 
of the thermodynamics of complex formation reveals that the enthalpy 
of forming [Ni(cyclam)]’’ is substantially more negative than that of 
forming [Ni(2,3,2-tet)12+, and the entropic contribution to AGe 
(-7‘ASe) is actually smaller for the macrocyclic ligand. However, in the 
case of the Cu2+ complexes of cyclen and its acyclic counterpart 2,2,2- 
tet, it is the entropy component which is the major contributor to the 
macrocyclic effect. The enthalpy of forming the macrocyclic complex is 
smaller than for the acyclic ligand. Two major factors are at work here. 
The first is the match between the size of the macrocycle cavity and the 
metal ion diameter. If these are closely matched, metal-ligand bonding 
is optimized and a favourable enthalpy of formation results, as with Ni2’ 
and cyclam. If the cavity is too small for the metal ion to fit in well, the 
enthalpy of macrocycle formation may be reduced, as with Cu2+ and 
cyclen. A second feature relates to the energy required to desolvate and 
reorganize the structure of the polydentate ligand. If a ligand in its low- 
est energy conformation already has its donor atoms in a structural 
arrangement which favours bonding to a metal ion, little reorganization 
energy is required to form the complex. The ligand can be said to be 
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Figure 5.4 Two examples of 
the macrocyclic effect 

. In contrast, a ligand which must adopt a structure quite 
different from that of its lowest energy conformation will require a reor- 
ganization energy input when forming a complex. Macrocyclic ligands 
such as cyclam and cyclen have four donor atoms arranged in space in 
a way which is predisposed to binding to a metal ion, although the nitro- 
gen donor orbitals may need to undergo some reorientation to form the 
complex. In contrast, free 2,3,2-tet and 2,2,2-tet will most probably adopt 
extended conformations requiring more structural reorganization to 
form the complex (Figure 5.4). A particular example of this effect is 
found with the macrocyclic thioether ligand 1,4,7-trithiacyclononane (see 
Figure 4.4), which adopts a conformation such that the lone pairs are 
oriented to bind efficiently to three facial coordination sites on a metal 
ion. This results in the formation of particularly stable complexes, con- 
trary to the usual observation that thioethers are rather weakly bound 
as ligands. 

5.2.7 Steric Effects 

Steric interactions between ligands can affect the stability of metal com- 
plexes and are especially important in complexes of the lanthanide ions, 
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which are labile and do not show directional bonding. In order for a lan- 
thanide ion complex to be stable the ligand set must effectively occupy 
the metal ion coordination sphere. A ligand may be assigned a 

(SAF) and the sums of the SAFs for a complex constitute a 
(SAS). Structural studies of 140 coordination compounds of 

lanthanide ions showed them to have a mean SAS of 0.78 (0 = 0.05). A 
similar study of 40 organometallic lanthanide complexes gave a mean 
SAS of 0.73 (0 = 0.05). A lanthanide complex with an SAS significant- 
ly lower than these norms might be expected to add ligands, or dispro- 
portionate, while higher SAS values would suggest that ligand 
dissociation is likely. As an example, for the complex 5.5 the SAS is cal- 
culated to be 0.768, with SAF contributions of 0.284 from each tris(pyra- 
zoly1)borate ligand and 0.200 from the 2-formylphenolate ligand. 

5.5 

5.2.8 Redox Potentials 

OMe 

Figure 5.5 A schematic 
diagram showing the solid angle 
subtended by a ligand X and its 
use in the calculation of an SAF 
value 

The formation of different oxidation states is an important feature of 
transition metal chemistry, as seen in the binary compounds described 
in Chapter 3. The conversion from one metal oxidation state to another 
in solution involves the transfer of electrons and this process is, by con- 
vention, written as a reduction (equation 5.20): 

The standard electrode potentials, Ee, for such reduction reactions are 
related to the free energy change for the process by equation 5.3. Since 
some elements may exist in a number of different oxidation states, it is 
possible to construct electrode potential diagrams, sometimes called 

, relating the various oxidation states by their redox 
potentials. Examples are shown in Figure 5.6 for aqueous solutions of 
some first-row d-block metals and for some actinides in 1 mol dmp3 acid. 
In cases where the reduction involves oxide or hydroxide ions bound to 
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Figure 5.6 Electrode potentials 
from acid solutions, unless other- 
wise specified, for first-row d- 
block metal ions from CRC 
Handbook of Chemistv and 
Physics, 78th edn., ed. D. R. 
Lide, CRC Press, Boca Raton, 
1997, and for selected actinides 
from F. A. Cotton and G. 
Wilkinson, Advanced lnorganic 
Chemistry, 5th edn., table 24.7, 
Wiley, New York, 1988. Figures 
are rounded to 2 decimal places 

the metal, the reduction potential will be dependent upon pH. As an 
example, the reduction of [MnOJ to Mn2+ involves the addition of 5e- 
and the consumption of 8H+ to produce 4H,O from the oxide ions bound 
to the Mn(+7). Thus the equilibrium involves hydrogen ions, so that the 
free energy change, and hence Ee, for reduction will vary with hydro- 
gen ion concentration. The effect of this is illustrated in Figure 5.6 for 
the case of manganese, where the Latimer diagram for alkaline condi- 
tions is included. 

The redox potential of a metal complex is not only dependent on the 
nature of the metal ion. Complexation affects the redox potentials of 
metal ions through the differing stability constants which arise with dif- 
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ferent ligands. The potential (EeML) at which a complex is reduced is 
related to the standard potential of the metal ion (EeM) and the stabil- 
ity constants of the oxidized (Po,) and reduced (p,,) forms of the com- 
plex by equation 5.21 (see Box 5.3): 

(5.21) 

Scheme 5.1 
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As an example of the application of this formula, the ratio of the 
stability constants for the formation of [PdCl,]' and [PdC1,I2 may be 
obtained from electrode potential data. The difference in the reduction 
potentials of these two complexes is 310 mV and corresponds to the 
stability constant for the Pd4+ complex being about 10'0.5 times larger 
than for the Pd2+ complex. 

Scheme 5.2 



The Thermodynamics of Complex Formation 89 

At an intuitive level it might be expected that the redox potentials of 
metal complexes with polyatomic ligands might be affected by changes 
in ligand structure. Since the nature of the donor atoms affects the sta- 
bility constant for a particular metal, this should also affect the redox 
potential. Similarly, the presence of electron-releasing substituents might 
be expected to make reduction more difficult and oxidation easier. Other 
factors, such as the extent of unsaturation within the ligand, may also 
have an effect on redox potential (Figure 5.7). 'The greater the degree of 
irnsaturation and conjugation within the ligand system, the better it is 
a t  delocalizing added electrons, and the easier it is to reduce the complex. 

Figure 5.7 The effect of ligand 
structure on reduction potentials 
in some macrocyclic complexes 
of iron. (a) The effect of unsatura- 
tion; (b) the effect of increased 
conjugation (E, represents the 
measured reduction potential 
under the conditions used; as 
these were not the standard con- 
ditions, a value of the standard 
potential was not obtained, but E, 
can be taken as a good approxi- 
mation of the standard potential) 
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5.3 Self-assembly and Metal Templated Reactions 

5.3. I Self-assem bly 

The ability of metal ions to bring together a number of ligands in 
an equilibrium-driven reaction can be exploited in the construction of 
multinuclear structures. If a rigid bifunctional ligand, with donor atoms 
oriented to bond to metal ions with a metal-ligand-metal angle of 180", 
is combined with a metal ion which favours a square planar geometry 
and 90" angles at the metal, a square grid might be expected to form. 
An example of such a ligand-metal ion combination is provided by 
4,4'-bipyridine (4,4'-bpy ) and Pd2+. If two cis coordination sites on the 
Pd2+ ion are blocked by a chelating ligand such as ethane-1,2-diamine, 
a tetranuclear complex with a square structure can form (Figure 5.8). 
Since Pd2+ exchanges ligands rapidly it can quickly explore all possible 
structural arrangements in an equilibrium-driven reaction. In practice, 
the tetranuclear square formed from Pd2+ and 4,4'-bpy is of low solu- 
bility, so it is precipitated from aqueous solution. Through Le Chatelier's 
principle, this leads to high yields of the cyclic tetranuclear product at 
the expense of the other oligomers which may form. This reaction is an 
example of and, since its discovery, has been 
shown to lead to a diverse set of polynuclear structural types, a further 
example of which is shown in Figure 5.9. 

5.3.2 Metal Templated Reactions 

The ability of metal ions to bring together a number of ligands in a com- 
plex provides a means of promoting synthetic processes which involve 
reactions between the coordinated ligands. In such cases the metal ion 
acts as a template, orienting and perhaps activating the reactants. A 
metal templated reaction occurs when the precursors to a ligand only 
assemble to form the ligand in the presence of a metal ion. In the absence 

Figure 5.8 Self-assembly of a 
tetranuclear molecule 
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Figure 5.9 Self-assembly of a 
hexanuclear molecule 

of a metal ion the reaction either does not proceed or produces a dif- 
ferent product. A good example of this is provided by the self-reaction 
of phthalonitrile, 1 ,2-(CN)2C6H4, which, in the presence of metal halides 
such as CuCl,, gives the macrocyclic phthalocyanine ligand as its metal 
complex (Figure 5.10a). In the absence of a metal, intractable polymeric 
materials are formed. Similarly, the condensation of 2-aminobenzalde- 
hyde proceeds in the presence of metal ions such as Ni2+ to form a macro- 
cycle as its metal complex (Figure 5.1Ob). 

Figure 5.10 Examples of metal 
templated syntheses 
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Another example of metal templated ligand assembly is provided by 
the reaction of propan-2-one with ethane- 1,2-diamine. In the absence of 
a metal ion these reagents will react to form the trans form of a macro- 
cyclic proligand (Figure 5.1 la), but the cis form of the macrocycle only 
forms in the presence of Ni2+ via a template reaction (Figure 5.11b). A 
possible mechanism for the macrocycle formation reaction involves the 
base-induced condensation of a methyl group with a nearby imine group 
(Figure 5.1 lb). 

Two primary types of template reaction have been identified and these 
demonstrate (see Box 5.4) and 
effects, An example of an equilibrium template effect is provided by the 
reaction between butane-2,3-dione and 2-aminoethanethiol which pro- 
duces, as its major product, a heterocycle in equilibrium with smaller 
amounts of the acyclic imine (Scheme 5.3). However, in the presence of 
Ni2+ ions the acyclic product forms in high yield as its nickel complex. 

Figure 5.11 A metal templated 
reaction: (a) the reaction in the 
absence of Ni2+ ions; (b) the 
reaction in the presence of Ni2+ 
ions 
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Scheme 5.3 

Figure 5.1 2 The equilibrium 
template reaction 

An example of a kinetic template effect is provided by the reaction 
between this complex and 1,2-bis(bromomethyl)benzene. Complexation 
orients the sulfur atoms of the quadridentate N2S2 ligand to favour ring 
formation in a two-step reaction with 1,2-(BrCH?),C,H,, as shown in 
Scheme 5.4. In the absence of the metal ion, reaction of the free ligand 
with 1,2-(BrCH,),C,H, gives polymeric materials. 
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Scheme 5.4 
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Bonding in Transition Metal 
Complexes 

6.1 Introduction 

In Chapter 3 the lattice enthalpies of some binary first-row transition 
metal dichlorides were found to deviate from a simple variation with 
atomic number (Figure 3.3). Although ions with do, d5 and d'O electron 
configurations fit a simple curve, ions with other electron configurations 
show larger than expected lattice enthalpies. The hydration enthalpies of 
first-row d-block M2+ ions show similar deviations (Figure 5.1) but, in 
contrast, the hydration enthalpies of the lanthanide Ln3+ ions follow a 
Fairly smooth curve, corresponding with their steadily decreasing ionic 
radii (Figure 5.2). This difference in behaviour suggests that some addi- 
tional bonding interaction is present in the compounds of certain first- 
TOW d-block metals compared to others and to the lanthanide ions. In 

97 
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fact the plots of hydration energy against atomic number reflect the dif- 
fering extents to which the valence shell orbitals of d-block and f-block 
metal ions interact with the ligands, water in this case. The 4f orbitals 
of the lanthanides are core-like and are little affected by the presence of 
the water ligands. However, the 3d orbitals of the first-row d-block met- 
als are less core-like and interact more strongly with the ligands. It is 
this interaction, combined with the varying number of valence shell elec- 
trons, which leads to the deviations from a simple curve in the case of 
the d-block metal ions. The earliest theory explaining the nature of this 
interaction is known as the (CFT). This ionic bond- 
ing model was developed to explain the properties of metal ions in crys- 
tal lattices. The CFT model was further developed to allow for covalent 
contributions to metal-ligand bonding in the (LFT). 
The CFT and LFT models explain many of the basic features of transi- 
tion metal compounds, including some of their their magnetic and spec- 
troscopic properties, but they have some limitations. A 
(MO) theory approach provides a more universal treatment of bonding. 
It naturally incorporates covalency, and so offers a more generally appli- 
cable model which can readily embrace organometallic compounds. 
However, despite its limitations, CFT is simple to apply and provides a 
useful qualitative model which is still widely used. In this chapter a brief 
account of the CFT and MO models is presented. 

6.2 The Crystal Field Model 

6.2.1 Octahedral Complexes 

The CFT is an electrostatic model which considers the effect of the elec- 
tric field due to the ligand electronic charge on the energies of electrons 
in the various d orbitals of the metal ion. The radial charge distribution 
functions of the d orbitals are represented schematically in Figure 6.1 
and illustrate, for each d orbital, the region of space occupied by an elec- 
tron in that orbital. These show that the d7, and dx2-y2 orbitals are direct- 
ed along the Cartesian axes, and the dxy, 4, and dyz orbitals are directed 
between the axes. If a metal ion is removed from a vacuum into the elec- 
trostatic field created by a spherical shell of electron density equivalent 
to that of the six ligands in an octahedral complex, electrons in the d 
orbitals will move to higher energy because of the repulsive force pro- 
duced by the surrounding shell of electronic charge. In an energy level 
diagram the energies of the five degenerate d orbitals can be represent- 
ed by five lines as shown in Figure 6.2. If the spherical charge is then 
redistributed to six equivalent points at the vertices of an octahedron, 
the degeneracy of the five d orbitals is partly removed by the electro- 
static field. This happens because electrons in the dz2 and dx2;v2 orbitals 
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Figure 6.1 A schematic repre- 
sentation of the electron density 
distribution in d orbitals 

Figure 6.2 The effect of an 
octahedral crystal field on the 
energies of d orbitals. 

will, on average, spend more time closer to the six regions of ligand elec- 
tron density than those in the dXJ, dXz and dc_ orbitals. Thus, in an ener- 
gy level diagram, the d-, and dS, J 2  orbitals would be placed higher in 
energy than the d \ , ,  d;, and d,: orbitals. The difference in energies 
between the two sets of orbitals is known as the or 

This splitting is represented by the crystal field split- 
ting parameter A, also sometimes called lODq where lODq = A. The more 
specific symbol A. may be used in the particular case of an octahedral 
complex. Similarly, the symbol AT may be used to denote the value for 
a tetrahedral complex. 

The two sets of orbitals are given symmetry labels (Box 6.1), eg for 
the two degenerate d-, and d,2-J2 orbitals and tZg for the three degenerate 
d,,,  d,_ and dl._ orbitals. Since rearranging the charge within the spherical 
shell does not produce any change in the total energy of the system, the 

or energy centre of gravity, of the set of d orbitals must 
remain the same. Thus the energy of the two eg orbitals will increase by 
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(%)Ao and that of the three t2g orbitals will decrease by by (%)Ao. This 
means that, in a filled subshell d'O ion, four electrons will move to high- 
er energy by (%)Ao each and six electrons will move to lower energy by 
(%)Ao each. The result for the dl0 closed subshell system is no change in 
energy. A similar result would be obtained for a do or and a d5 electron 
configuration, so that the energies of Sc3+, Mn2+, Fe3+ and Zn2+ ions 
would not be affected by the field of the ligands. However, in a d3 ion, 
such as Cr3+, three electrons would occupy the lower energy t2g orbital, 
so that the energy of the ion in an octahedral crystal field would be less 
than in an equivalent spherical field by 3 x (%)Ao, i.e. an energy change 
of -(%)Ao. This additional stabilization of the complex, compared to an 
equivalent closed subshell metal ion, is known as the 

(CFSE) and depends upon the d electron configuration 
of the metal ion, as shown in Figure 6.3. In the case of an octahedral 
metal complex with the electron configuration t,gxe; and a crystal field 
splitting A,, the CFSE is given by equation 6.1: 

CFSE = (~(3)  - x('/S)>A, 
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This ionic model provides a good basis for explaining anomalies in 
the variation of lattice energies and hydration energies across the first- 

6.3 The electron config- 
urations of d-block ions in an 
octahedral crvstal field (the terms 

row d-block for octahedral metal ions. As electrons are added to the tZg 
orbitals going from do ions to d3 ions, the CFSE increases from zero to 

high spin and low spin i r e  
defined on page 102) 
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(-6/5)Ao, leading to a larger hydration or lattice energy. However, as elec- 
trons are added to the eg orbital this effect is reduced, then cancelled out, 
with CFSE values of (-%)Ao for d4 and zero for d5. Between d5 and dl0 
this pattern is repeated. When this pattern of changing CFSE values is 
superimposed on a lattice or hydration energy which is steadily increas- 
ing in magnitude with increasing atomic number and decreasing atomic 
radius, the general form of the plots in Figures 3.3 and 5.1 emerges. 

In the cases considered so far it has been assumed that electrons added 
beyond d3 will occupy the eg orbitals in preference to pairing up with 
electrons in the t2g orbitals. This is not unreasonable, since there is an 
energy penalty, the pairing energy (PE, see page 25),  associated with 
bringing electrons close together to form a pair in an orbital. However, 
if the interaction between the metal ion and the ligands is sufficiently 
large so that A. > PE, it becomes more energetically favourable for the 
fourth electron added to occupy a t2g orbital. Ligands which produce 
this effect are known as (Ao > PE) and the com- 
plexes they form are called . Ligands for which A. < 
PE are known as and form . When 
calculating the CFSE of a strong-field low-spin complex it is necessary 
to include the pairing energies associated with the additional electron 
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pairs which must form (Box 6.2). In such cases, equation 6.1 must be 
modified to equation 6.2: 

(CFSE), = (y(%) - x(2/5)}A0 + II(PE) (6.2) 

in which ll represents the number of additional electron pairs and 
(CFSE), signifies a value of CFSE for a low-spin case. 

Figure 6.4 High- and low-spin 
configurations in an octahedral 
crystal field 
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Ionic Radii 

In Chapter 2 it was seen that there is a general decrease in ionic radius 
with increasing atomic number, or nuclear charge, across both the 
d- and f-blocks. In the case of the lanthanide Ln3+ ions this decrease 
follows a uniform curve. However, detailed measurements of ionic radii 
in octahedral transition metal oxides and fluorides show that the trend 
is not uniform for d-block metal ions. An ion in a high-spin complex 
will show a different radius from that found in a low-spin complex 
(Figure 6.5a). The CFT model can be used to explain these observations. 
Following the argument used earlier, electrons in the eg orbitals of an 
octahedral complex are closer in proximity to the ligands than those in 
the t, orbitals. As a consequence, ligands approaching along the 
Cartesian axes of a metal ion in which the eg orbitals are occupied will 
encounter metal electron density earlier than would have been the case 
if only tZg were occupied (Figure 6.5b). Thus the metal ion will appear 
to have a larger radius, so that the pattern in radii seen in Figure 6.5a 

-P 

Figure 6.5 (a) The variation in 
ionic radii across the first-row d- 
block for Mzt ions. (b) The differ- 
ing interactions between a ligating 
atom 0 orbital and the eg or t,, 
orbitals 
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can be correlated with the high-spin metal ion electron configurations 
shown in Figure 6.3. The first three electrons in a high- or low-spin com- 
plex enter t2g, so, between d '  and d3, metal ions follow a trend of decreas- 
ing ionic radius with increasing atomic number. However, when the 
fourth and fifth electrons are added in a high-spin complex they enter 
ep, halting the decrease in radius. Subsequently, the sixth, seventh and 
eighth electrons go into t2g so the radii decrease again slightly but, as the 
last two electrons are added to eg, for the d9 and d"' configurations the 
radii increase again. In a low-spin complex, electrons continue to enter 
t2g until a dh configuration is reached, so the radii continue to decline 
beyond d-? and only begin to increase from d7 onwards as the eg orbitals 
are occupied. The crystal field model also provides a basis for predict- 
ing the number of unpaired electrons in a metal ion in a complex, depend- 
ing upon whether it is high or low spin as shown in Figure 6.3. 
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6.2.2 The Jahn-Teller Effect: Structural Distortions of 
Octahedral Complexes 

In complexes of general formula [ML,], certain d-electron configurations 
are associated with distortions from a regular octahedral structure. A 
particular example is found in complexes of the d9 Cu2+ ion, which tend 
to have two trans bonds longer than the other four (Figure 6.6). This is 
an example of the Jahn-Teller effect. To understand how this works, it 
is necessary to consider the energy consequences of lowering the sym- 
metry of an octahedral d9 complex by moving two trans ligands on the 
2 axis further from the metal, as shown in Figure 6.7. The reduced elec- 
tronic repulsion along z results in lower energies for those orbitals with 
a z component, with a corresponding increase in energy for those orbitals 
without, to maintain the barycentre of each set. In the case of a d9 elec- 
tron configuration this results in an increase in the magnitude of the 
CFSE of (%)61, so that the tetragonal structure is energetically more 
favourable, as found in [Cu(N0J6I4- (Figure 6.6). This situation would 
not arise for a ds complex in which the two eg orbitals are equally occu- 
pied, since the removal of the degeneracy would offer no energy bene- 
fit, one electron increasing in energy by (%)6,, the other decreasing in 
energy by the same amount. However, a low-spin d7 complex should 
show this effect, although examples of this situation are rare. An octa- 
hedral high-spin complex of a d4 metal ion such as Cr2+ or Mn3+ would 
have the electron configuration tZg3eg', so should be subject to the 
Jahn-Teller effect, and spectroscopic measurements have identified 
examples in which this occurs. It might be expected that a metal ion with 
unequally occupied t,g orbitals would also exhibit Jahn-Teller effects, 
low-spin d4 metal ions for example. However, the tZg orbitals interact less 
strongly with the ligands than the eg orbitals, so the consequences are 
more difficult to observe. 

Figure 6.6 The structure of 
[CU(NO,),]~- with CU-N bond dis- 
tances shown in pm and stan- 
dard deviations in parentheses 
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Figure 6.7 The Jahn-Teller 
effect and the effect of a tetrago- 
nal distortion of an octahedral 
crystal field on the energies of d 
orbitals 

6.2.3 Tetrahedral Complexes 

The procedure used to determine the crystal field splitting of the d 
orbitals in an octahedral complex may be applied similarly to tetrahe- 
dral complexes. In this case the process is perhaps simplest to under- 
stand if the ligand electron density is first localized from a spherical shell 
to the corners of a cube, as shown in Figure 6.8. In the set of coordi- 
nates used, the d-2 and d\,pL2 orbitals are oriented towards the centres of 
the faces of thecube, while the dxy, dy_ and d2; orbitals are oriented 
towards the centres of the edges. Geometrically it can be shown that, if 
the length of a cube edge is 2a, then the distance from a cube corner to 
the centre of a face will be d2u. However, a corner will only be at a 
distance a from the centre of an edge. It might be expected from this 
simple geometric consideration that the repulsive force between the lig- 
and electron density and electrons in the d-, and dx2 ,? orbitals will be 
smaller than for the dXJ, dy_ and d,,: orbitals.-Thus in the cubic structure 
the d-? and dL,p12 orbitals will move to lower energy, and the dIJ, dlz and 
d,; orbitals to higher energies. Once again the barycentre of the system 
must remain unchanged, so the d,), dx; and d orbitals will rise in energy 
by !A of the splitting and the d-? and d,, ,? orbitals will drop in energy by 

If 
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X of the splitting. In order to derive a tetrahedral field from the cubic 
arrangement it is simply necessary to alternately remove four regions of 
electron density. The resulting splitting of the sets of d-? and d,, ,: and 
the dXJ,  d,; and d,: orbitals is known as AT and, for the-same ligand L, 
calculations show that the magnitude of A, for tetrahedral [ML,] is (%) 
of A, for octahedral [ML,]. In the tetrahedral situation, the symmetry 
label e is given to the d-, and d,, , ?  orbitals and the symmetry label t, to 
the d l , ,  d,_ and d,: orbitals. Because the magnitude of AT is only about 
half that of A,, tetrahedral coordination compounds are essentially all 
high spin, although a low-spin tetrahedral organometallic complex of 
Co4+ is known: [Co(nb),] (nb = norbornyl). 

Figure 6.8 The effect of cubic 
and tetrahedral crystal fields on 
the energies of d orbitals 

6.2.4 Square Planar Complexes 

The energy level diagram for a square planar complex can be derived 
from that for an octahedral complex by considering the consequences of 
removing, to infinity, the two ligands bonded along the z-axis. In effect 
this is an extension to the limit of the tetragonal distortion described in 
Section 6.2.2, and again results in a lowering in the energy of those 
orbitals with a z component and a corresponding increase in the ener- 
gies of those with no z component. In the square planar structure the d-, 
orbital may fall below the ds orbital in energy, so that the crystal field 
splitting A corresponds with the energy difference between the d, ),: and 
d,v orbitals as shown in Figure 6.9. Square planar complexes are most 
commonly associated with d8 metal ions bound to strong-field ligands. 
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The reason for this can be seen from the energy level diagrams in Figure 
6.9. I n  the presence of a weak-field ligand, a square planar structure 
offers no energy advantage over an octahedral structure. The splitting A 
is insufficient to induce pairing of the electrons in d\ ,  ,, and d-, orbitals, 
so the benefit of moving the singly occupied dm2 orbital to lower energy 
is cancelled by the penalty of moving the singly- occupied dl, ,: orbital to 
higher energy. As in the tetragorial case, changes in the energies of the 
fully occupied t,g orbitals also cancel. However, in the presence of a 
strong-field ligand where the energy difference between dI2-,? and d \ ,  
exceeds the pairing energy (PE), it becomes energetically favourable to 
form a square planar complex, as the electrons become paired in dL,  and 
d-,, leaving the high-energy orbital dX2-,? unoccupied. An example of this 
effect is provided by ds Ni2+ which, with the weak-field ligand water, 
forms octahedral [Ni(H,O),]" but with the strong-field ligand CN- forms 
square planar [Ni(CN),]'-. Other metal ions which commonly form 
square planar complexes are Rh+, Ir', Pd2+, Pt2+ and Au3+. 

Figure 6.9 The effect of a 
square planar crystal field on the 
energies of d orbitals 

6.2.5 Factors Affecting the Magnitude of the Crystal 
Field Splitting 

The magnitude of the crystal field splitting experienced by a metal 
ion depends upon several factors (Box 6.3). Most obviously, the coor- 
dination geometry has an important effect, and we have seen that 
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tetrahedral fields produce smaller splittings than octahedral fields involv- 
ing the same ligands. The nature of the ligands is important in deter- 
mining the exact value of the crystal field splitting, and so whether the 
complex is high or low spin. The nature of the metal centre is also impor- 
tant. Higher oxidation states with higher cationic charges tend to inter- 
act with ligands more strongly, leading to larger crystal field splittings. 
Furthermore, crystal field splittings tend to increase down groups. This 
is a result of the greater extension of the d orbitals in the second and 
third row of the d-block, which leads to a large interaction between the 
metal ion and the ligands. Thus, octahedral first-row d-block metal com- 
plexes show typical A, values in the range 10,000-30,000 cm ', while for 
the second-row, values in the range 20,00040,000 cm--' are typical. In 
the f-block metal ions, the f orbitals are more core-like and crystal field 
effects are much smaller. Crystal field splittings of 50-100 cm-' are more 
typical in the lanthanide series. Consequently, crystal field effects are of 
little importance in the chemistry of the lanthanide elements. The early 
actinides show somewhat larger crystal field splittings, with values in the 
range 1000- 2000 cm I ,  although these are still small compared to d-block 
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6.2.6 Limitations of the Crystal Field Model 

Although the CFT model is successful in explaining many of the prop- 
erties of transition metal complexes, it fails to account for some impor- 
tant observations. In particular, spectroscopic measurements have been 
used to define a relative order for ligands in terms of the magnitude of 
the crystal field splitting they induce. This order is known as the 

Weak field 
I- < Br- < S2- < SCN < C1- < N3-. F < (NH,),C=O, OH- 
< 02CC0,2- < 0’ < H,O < NCS- < NC,H, (py) < NH, 
< 2,2’-NCSH,C,H5N (bhy) < NO, < CH, < CN- < CO 

Strong field 

This order is based on measurements of complexes with a variety of metal 
ions and so represents an averaged ordering which may not be exactly 
correct for any given metal ion but represents the general picture. Bearing 
in mind that the crystal field model is an ionic model based on the elec- 
trostatic effect of the Iigands on the energies of the metal ion d orbitals, 
it is surprising to find that anionic ligands such as Br , F- and OH- should 
be weaker-field than neutral ligands such as NH3, PR3 and CO. This 
anomaly arises because the simple crystal field model does not take 
account of covalency in metal-ligand bonding. Modifications to the CFT 
model in the LFT model take account of these effects. but use of an MO 
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description of bonding naturally includes allowance for covalency and 
so resolves this problem in a more general sense. 

6.3 The Molecular Orbital Model of Bonding 

6.3.1 Octahedral Transition Metal Complexes 

The electronegativities of transition metal ions show that it is unrealis- 
tic to regard the metal-ligand bond in transition metal complexes as 
purely ionic. MO theory naturally allows for a range of bonding types 
varying from largely ionic to largely covalent. As with CFT, symmetry 
is at the heart of the MO model, and group theory underlies the con- 
struction of an MO description of bonding. The approach taken here 
will not explicitly use the mechanism of group theory but the derivation 
of the symmetry labels of the various allowed combinations of ligand 
orbitals originate from this approach (Box 6.4). 
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Figure 6.10 (a) The atomic 
orbitals of a donor atom X in a 
ligand L in an octahedral com- 
plex. (b) The tangential atomic 
orbitals p, of a donor atom X. 
(c) A TC interaction between the pt 
orbitals of X and a d orbital of m 
in [ML,]. (d) CJ and n* orbitals in 
CO. (e) TC interactions between 
meta\ d, and CO IT* orbitals. 

In the MO bonding model, atomic orbitals which are of the same sym- 
metry, similar energy and which have significant overlap are combined 
to produce an equal number of MOs. These are no longer localized at 



Bonding in Transition Metal Complexes 1 15 

a particular atom but may be distributed over several atoms. In the sim- 
plest case of the hydrogen molecule, the two hydrogen 1s atomic orbitals 
are combined using the linear combination of atomic orbitals (LCAO) 
approach to produce two molecular orbitals; one bonding MO of lower 
energy and one antibonding MO of higher energy. In the case of an octa- 
hedral complex of a transition metal ion the situation is more compli- 
cated, because there are nine metal valence shell orbitals, one s, three p 
and five d, as well as six ligand o-type orbitals to consider (Figure 6.10). 
However, the basic approach is the same and involves the interaction of 
combinations of ligand orbitals with metal valence shell orbitals of the 
same symmetry to form bonding or antibonding MOs. 

Firstly it is necessary to construct, from the six o-type ligand donor 
atomic orbitals, six new combination orbitals known as 

(LGOs). These LGOs must have symmetries allowed by the 
structure of the molecule. They can be constructed from the six ligand 
o-type orbitals using the LCAO approach, and a knowledge of the 
allowed symmetries obtained from group theory. In the octahedral case 
the allowed LGOs have the symmetry labels alg, eg and t,U, and are shown 
in Figure 6.1 1. These six LGOs have appropriate symmetries to mix with 
six of the metal valence shell orbitals, which also have aIg: eg and t,U sym- 
metries, to form o bonding and antibonding combinations. These are 
shown in Figures 6.12, 6.13 and 6.14 for each interaction respectively. 
The remaining three metal atomic orbitals, dxy, d,yz and dyz, are not of 
the correct symmetry to interact with the o LGOs and contribute a triply 
degenerate set of non-bonding MOs having the symmetry label t2g. The 
result of incorporating the 15 MOs created from the nine valence shell 
and six ligand o-type orbitals in a single MO energy level diagram is 
shown in Figure 6.15. Although the relative energies of the orbitals can- 
not be known with certainty from this qualitative approach, several 
assumptions may reasonably be made. Firstly, the metal valence shell 
orbitals will be higher in energy than the filled o-type orbitals of the 
more electronegative ligand donor atoms. Secondly, the MOs can be 
arranged in sets with the energy order bonding orbitals below non-bond- 
ing orbitals below antibonding orbitals. Finally, it might be expected that 
the metal valence shell ns and np orbitals will extend further than the (n 
- 1)d orbitals, and so show greater overlap and stronger interaction with 
the LGOs. 

The MO diagram shown in Figure 6.15 for a d3 ion contains six 0 
bonding orbitals, alg, eg and t,U, which have a capacity of 12 electrons. 
This matches the number of electrons donated by six Lewis base ligands 
in [ML,]. Above these in energy lies the non-bonding t,g orbitals which, 
in this o bonding model are entirely metal in character. Next there are 
two antibonding eg* orbitals which, with the t2g orbitals set comprise the 
MO equivalent of the eE and t2g levels in the CFT model. Thus the MO 
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Figure 6.1 1 The o ligand group 
orbitals (LGOs) for an octahedral 
complex, [MLd 

model contains the CFT model, but there is an important difference. In 
the MO model, occupation of the antibonding eg* orbital is seen as 
opposing bonding arising from occupancy of the lower energy bonding 
eE level. Thus an octahedral complex of a d'O ion such as Zn2+, in which 
eg* is fully occupied by four electrons, would have an effective o-bond 
order of four not six. In practice, complexes of d'O ions are normally 
tetrahedral, not octahedral. This corresponds with the use of only the s 
and p valence shell orbitals in 0 bonding to the ligands, the d-orbitals 
in effect constituting a filled core subshell. 

Although the MO model developed so far contains the features found 
in the CFT model, it does not yet account for the finding that anionic 
F-- is a weak-field ligand but neutral CO is strong field. To do this it is 
necessary to include in the model other orbitals associated with the lig- 
and donor atoms, particularly those which can participate in n; bonding. 
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Figure 6.12 The alg M-L CT 

bonding and o* anti-bonding 
MOs in an octahedral complex 

Figure 6.13 The e, M-L CT 

bonding and anti-bonding MOs in 
an octahedral complex 

Twelve LGOs can be constructed from the 12 donor atom n-type pt 
orbitals in an octahedral complex. Out of these tlg, t2g, t ,U and t2U sym- 
metry LGOs, only the t,g set of three is of suitable symmetry to interact 
with any of the metal d orbitals. This interaction produces t2g and t2g* 
MOs, as shown in the fragment MO energy level diagram in Figure 6.16a, 
which, for the sake of simplicity, only presents a part of the complete 
MO energy level diagram. In the case of a ligand such as F-, which has 
low-energy filled p atomic orbitals, the lower energy t2g MO has more 
ligand than metal character and is fully occupied because of the six lig- 
and p electrons donated into the MO scheme. Thus the ‘metal electrons’ 
must be accomodated in the t * orbital which is more metal than lig- 
and in character. This t2g* MO is at a higher energy than its counterpart 2 s  
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Figure 6.14 The t," symmetry 
M-L CT bonding and anti-bonding 
MOs in an octahedral complex 

Figure 6.15 The MO energy 
level diagram for 0 bonding in an 
octahedral complex, [MLJ 

in the B bonding model, so the magnitude of A. is reduced when n: bond- 
ing with a n donor ligand such as F- is taken into account. In this way 
the MO model can now explain the observation that F- is a weak-field 
ligand. 

In the case of a ligand like CO the n;-type pt orbitals on carbon are 
involved in n: bonding to oxygen. However, there is a set of 12 unoccu- 
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Figure 6.16 Fragment MO 
energy level diagrams for 7c bond- 
ing in an octahedral complex, 
[MLd: (a) the effect of x donor 
ligands; (b) the effect of TC accep- 
tor ligands 

pied n* MOs on CO which are of the same symmetries as the set of 
donor atom p orbitals (Figure 6.10d and e), so once again a set of 12 
LGOs can be obtained from the n* orbitals. As before, the three t2g LGOs 
can interact with the metal t2g orbitals to produce t2g and t2g* MOs 
(Figure 6.16b). However, in this case the lower energy tlg MO will be 
more metal in character and the higher energy t2g* orbital will be more 
ligand in character. As the proligand n* orbitals were unoccupied, the 
‘metal electrons’ can now occupy the lower energy tZg orbital, so that the 
magnitude of A, is increased when n bonding with a n acceptor ligand 
such as CO is taken into account. In this way the MO model can explain 
the observation that, although neutral, CO is a strong-field ligand. More 
complete MO diagrams can be drawn which include the other non-bond- 
ing ligand n-type LGOs as shown in Figure 6.17, and these are useful in 
interpreting the electronic spectra of octahedral complexes which are con- 
sidered in the next chapter. 

A further point which emerges from this consideration of n bonding 
is that, in the presence of n donor ligands such as F-, the ‘metal electrons’ 
move to higher energy in the tlg* orbital and so are easier to ionize. The 
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Figure 6.17 MO energy level 
diagrams which include non- 
bonding ligand n orbitals for an 
octahedral complex, [MLd: (a) 71: 
donor ligands; (b) 71: acceptor lig- 
ands. The terms LMCT and 
MLCT are discussed in Section 
7.2.2 

result is that n donor ligands tend to stabilize higher oxidation states. 
As an example, the Co4+ complex [CoF6I2 can be isolated even though 
co(+4) is an unusually high oxidation state for cobalt. Conversely, in 
complexes of ligands with empty n-type orbitals the ‘metal electrons’ 
move to lower energy in the t2g MO so that lower oxidation states are 
stabilized. Thus, although Cr2+ compounds in general are rapidly oxi- 
dized by air, the lower oxidation state Cr(0) complex [Cr(CO),] con- 
taining the n acceptor ligand CO is relatively stable to oxidation in air. 
Following the Lewis model, n acceptor ligands are sometimes referred 
to as and n donor ligands as 

6.3.2 Synergic Bonding and the Electroneutrality 
Principle 

In the MO model we have considered metal-ligand bonding in octahe- 
dral complexes in order to see the effects of n bonding on the crystal 
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field splitting parameter. However, it is sometimes simpler to look at a 
single metal-ligand unit when considering metal-ligand interactions. 
This is helpful in discussing the _ _  which requires 
that, after taking into account electron donation from the ligands, the 
central metal ion in a complex should be more or less neutral in charge. 
In a purely covalent o-bond between a metal ion and a ligand donor 
atom, the two electrons might be apportioned one to the metal and one 
to the ligand. This would imply that a Co3+ ion with six ligands, e.g. in 
[Co(NH,),]”, would receive one electron from each ligand and attain a 
net charge of -3, violating the electroneutrality principle. However, 
dative bonds are normally quite polar and the ligand donor atoms, being 
the more electronegative, would retain more electron density. Thus the 
net transfer of half an electron per ligand to give a neutral cobalt cen- 
tre, as required for electroneutrality, does not seem too unreasonable. 
Unfortunately, this argument does not work with low oxidation state 
complexes such as [Cr(CO),]. Here the metal centre is already neutral, 
being in oxidation state 0, so any donation of charge from the ligand 
would seem to be unacceptable. However, if the ligand is able to accept 
charge from occupied metal d orbitals into its unoccupied n* orbitals, 
the possibility exists that 0-donation from the ligand to the metal could 
be compensated, at least in part, by n back-donation from the metal to 
the ligand. This is shown schematically for a single metal-ligand inter- 
action in Figure 6.18a. Such an interaction is known as 

since the o-donation of charge from the ligand is reinforced by .n 
back-donation from the metal to the ligand. In a valence bond model 
this might be represented by contributions to bonding from M--C=O+ 
and M=C=O resonance forms. In the MO model it corresponds with the 
lower energy t2g orbitals, in which the ‘metal electrons’ reside, having 
some ligand character so that charge appears to expand from the metal 
onto the ligands. This metal electron cloud expansion is known as the 

It is observed in spectroscopic measurements, which 
show that metal ion electron-electron repulsions in some complexes are 
significantly lower than in the free uncomplexed metal ion. The lower- 
ing in the energy of the occupied t2g MOs through interaction with lig- 
and .n* orbitals constitutes a metal-ligand bonding interaction, even 
though the ligand n* orbitals are antibonding with respect to the C-0 
interaction. Thus back donation of charge from the metal to the ligand 
strengthens the metal-ligand bond, but weakens the C-0 bond through 
the population of orbitals which are antibonding within C-0. Although 
CO has been used here as an example, many other ligands can enter into 
synergic bonding interactions with metal ions. Ligands which are iso- 
electronic with CO include N,, NO+, CN- and RC-C-. Alkenes are also 
able to enter into synergic bonding interactions with metal ions. A sim- 
ple example is provided by the ethene complex [PtCl,(H,C=CH,)]. In 
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Figure 6.18 Examples of syner- 
gic bonding interactions: (a) in 
carbonyl complexes; (b) in alkene 
complexes 

this complex the filled .n orbital of ethene acts as a donor towards an 
empty o-type metal orbital. This o interaction is reinforced by n; back- 
bonding from a filled metal z-type orbital to the ethene n* orbital, as 
shown in Figure 6.18b. Another group of ligands which show some back- 
bonding capacity are the organophosphines, R,P. Early models of bond- 
ing by these ligands invoked empty d orbitals on phosphorus as the ' ~ t  

acceptor orbitals, but more recent studies show that certain combina- 
tions of o* orbitals are better placed to interact with filled n;-type orbitals 
on the metal. Compared to CO, which is a weak G donor ligand but a 
strong n; acceptor, organophosphine ligands are strong o donors but 
rather weak n; acceptors. 

The experimental evidence for the synergic bonding comes from sev- 
eral sources. Perhaps the most direct evidence comes from infrared spec- 
troscopic studies of coordinated ligands, among which CO provides a 
good example. In free CO the C-0 stretching frequency, vmax(CO), is 
2147 cm-', arising from a valence bond C-0 bond order of three for the 
-C-0' bonding configuration 02,n;4,n;*0,0*0. The value of vmax(CO) is a 
measure of the strength of the C-0 bond and, as this is reduced by back 
donation, so the value of vmax(CO) should fall. This is exactly what is 
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Table 6.1 CO stretching frequencies in some binary metal carbonyls 

Co m p I ex Oxidation state Vm,,(CO) (cm-9 CN 

2090 
2000 
1860 
2060 
1890 
1790 
21 47 

found in binary metal carbonyl complexes, and the lower the formal oxi- 
dation state of the metal, the lower the value of vmax(CO) (Table 6.1). 
The lower the metal oxidation state, the more it is able to donate charge 
into the n* orbitals of the CO ligand and the lower the C-0 bond order. 
Similar observations can be made for other ligands of this type, e.g. N,, 
NO, CN and RC-C-. The other expectation from the synergic bonding 
model is that the metal-ligand bond order should increase. Evidence in 
support of this can be obtained from NMR spectroscopy studies of 
metal-organophosphine complexes (Figure 6.19). In these compounds 
the coupling c~nstants,’J(M,~lP), between the 31P and metal nuclei, 
depend on the electron density in the metal-phosphorus bond, more elec- 
tron density being associated with a larger value for IJ(M,”P). In 
[PtCl,(PEt,),], ‘J(*9sPt,3’P) is higher in the cis isomer, in which a ndonor 
chloride ligand is trans to the M-P bond, than in the trans isomer, where 
the two n-acceptor phosphine ligands are mutually trans and compete 
for metal electron density. 

Bond distances obtained by single-crystal X-ray diffraction structur- 
al studies can provide another source of information about synergic 
bonding in transition metal complexes. However, such data need to be 
used with care, since changes in bond lengths are small and may be less 
than the experimental errors in determining the bond distances, 

Figure 6.19 An example of the 
effect of .n bonding on 
metal-phosphorus NMR coupling 
constants 
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6.3.3 Tetrahedral Complexes 

The MO energy level diagrams for tetrahedral and square planar com- 
plexes can be developed following a similar procedure to that used above 
for an octahedral complex, Again, the use of group theory allows the 
symmetries of the LGOs to be determined. In the case of a tetrahedral 
complex, the four o bonding LGOs have a,  and t, symmetries. These 
allow interactions with the metal valence shell s (a;) and p,, p, and p- 
(t2) orbitals, as well as the metal d,xJ,, d-,: or dyL (t,) orbitals (Figure 6.20): 
The mixing of the three triply degenerate sets of t, orbitals results in 
three low-energy bonding MOs (t2) associated with metal-ligand o bond- 
ing, three MOs at intermediate energy (t,’) corresponding with the t, 
levels of the crystal field model, and three antibonding MOs (t2*) at high 
energy. In this scheme the metal d-x2p and d-, orbitals are of e symme- 
try and contribute a pair of non-bonding MOs as there are no ligand o 
orbitals of this symmetry. Once again, the MO model contains the energy 
levels of the crystal field model lying above a set of four B bonding 
orbitals which can accommodate the eight electrons originating from the 
ligands. One point to note in this bonding model is that symmetry allows 
some mixing of the metal p and d orbitals which share t, symmetry. The 
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inclusion of n: bonding in this model is more complicated than in the 
octahedral case. The eight n:-type p orbitals of the ligands form eight 
LGOs of e, t, and t, symmetry. There are no metal valence shell orbitals 
of t ,  symmetry, so the t, Z-LGOS give rise to a non-bonding MO. 
However, both the e and t, n:-LGOs can interact with the e and t, sym- 
metry orbitals of the CJ bonding model to introduce new MOs (Figure 
6.21). The effect of these interactions on the magnitude of A, is not sim- 
ple to predict, but it is important to note that the magnitude of AT will 
reflect both n; and o bonding interactions. 

The situation here is less straightforward than in the octahedral case, 
as both the e and the t,’ levels of the bonding MO scheme will be 
perturbed, and the relative effect on each cannot be predicted from a 
qualitative model. Interactions with .n donors such as oxygen increase 
the energy of the e* and t,” MOs of the n; bonding MO scheme and so 
favour higher oxidation states. Conversely, n: acceptor ligands will reduce 
the energies of these orbitals, so favouring lower oxidation states. 

The foregoing discussion shows how the crystal field model for bond- 

Figure 6.20 (a) 0 bonding and 
O* In a tetrahe- 
dral complex, [ML,]. (b) An MO 
energy level diagram for bond- 
ing In a tetrahedral complex 
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Figure 6.21 MO energy level 
diagrams including the effects of 
x bonding in a tetrahedral com- 
plex: (a) x donor ligands; (b) x 
acceptor ligands 

ing in transition metal complexes extracts, from the MO energy level dia- 
gram for CJ bonding, those orbitals derived primarily from the metal 
valence shell d orbitals. To this extent the two models are consistent but, 
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although simpler, the crystal field theory does not naturally allow for .n 
bonding, which can have a significant effect on the molecular orbital 
energy levels within a complex. Thus, although the crystal field theory 
is usually successful in predicting some of the major features of transi- 
tion metal complexes, the MO model must be invoked to obtain a full 
understanding. 
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Electronic Spectra and 
Magnetism of Transition 
Element Complexes 

7.1 Introduction 

One distinctive feature of transition element complexes is their varied 
colours. For example, aqueous solutions of [Co(H20),J2' ions are pale 
pink in colour, whereas solutions containing the [CoC1J2- ion are an 
intense blue colour. In order to explain such large differences in the 
colours of compounds of a particular metal ion, it is necessary to have 
some understanding of the origins of the light-absorbing processes. The 
colour which is observed in the visible spectrum complements the colour 
of the light which is absorbed by the complex. A blue colour corresponds 
to the absorption of light towards the red end of the visible spectrum 
and, conversely, a red colour corresponds with the absorption of light 
at the blue end of the spectrum. A plot of light absorbance against light 
energy for a complex produces its electronic spectrum and this will 
contain a series of absorption bands whose energies correspond with 
the energies of electronic transitions between particular MOs within the 
molecule. Thus the [COC~,]~- ion absorbs light of lower energy than 
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that absorbed by the [Co(H,O),]*' ion, reflecting differences in the elec- 
tronic structures of the two complexes. 

Another important feature of d- or f-block element compounds is their 
magnetism. A sample of green [Ni(H,O),]Cl, is attracted into a magnetic 
field but, in contrast, a sample of the red complex [Ni(dmgH),] (dmgH, 
= butane-2,3-dione dioxime, dimethylglyoxime) is weakly repelled by a 
magnetic field, yet both complexes contain Ni2+ ions. These magnetic 
effects arise from differences in the number of unpaired electrons in the 
complexes, so that simple magnetic observations can tell us something 
about the different electronic states of the Ni2+ ions in the two com- 
pounds. Thus the electronic spectra and magnetic properties of com- 
plexes provide an insight into their electronic structures. 

7.2 The Electronic Spectra of Metal Complexes 

The electronic spectrum of a metal complex provides a measure of the 
energy differences between the MOs which constitute the source and des- 
tination of the excited electron associated with each electronic transition. 
Since MOs have varying degrees of metal or ligand character, some elec- 
tronic transitions may correspond with charge redistribution between the 
metal and the ligands whereas others may be primarily confined to 
ligand-based or to metal-based MOs. Four different types of electronic 
transition are possible within a metal complex. 

7.2. I Electronic Transitions 

Intra-ligand Transitions 

Transitions of this type are associated with polyatomic ligands which 
have electronic spectra in their own right. As an example, the tris(3,5- 
dimethylpyrazoly1)borate (tpMe2-) proligand (Figure 4.2) exhibits a n + 
n* transition in the ultraviolet region at about 230 nm, which is also 
observed in its transition metal complexes. Usually, such absorptions do 
not reveal much about the metal centre and so they are of less interest 
to transition metal chemists than the remaining types of absorption 
which directly involve the metal centre. 

Metal-to-ligand Charge Transfer 

If light absorption causes an electron to be excited from an orbital based 
largely on the metal to an orbital based largely on the ligand, the absorp- 
tion is described as a (MLCT) band. It 
may be represented schematically by the process M-L -+ M'-L-. In some 
complexes, transitions of this type can be exploited in the conversion of 
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light energy into chemical energy through subsequent reactions of the 
reduced ligand. 

Ligand-to-metal Charge Transfer 

If light absorption causes an electron to be excited from an orbital based 
largely on the ligand to an orbital based largely on the metal, the absorp- 
tion is described as a (LMCT) band. It 
may be represented schematically by the process M-L + M--L+. This 
type of electronic transition provides a basis for photography. The 
absorption of light by AgCl results in electron transfer from the Cl- ion 
to the Ag+ ion to give Ag metal, which creates the dark areas in a pho- 
t ograp hic negative. 

Metal-based Electronic Transitions 

In the case where light absorption leads to an electronic transition 
between orbitals which are largely metal in character, a d-d band will 
be observed for a d-block metal ion and an f-f transition for an f-block 
metal ion. In some cases, transitions between the nf and (n + l)d orbitals 
are also observed in the spectra of f-block metal complexes. Not all of 
the possible electronic transitions in a metal complex are allowed to occur 
and govern which electronic transitions may be observed 
(Box 7.1). 
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7.2.2 Electronic Spectra of Transition Metal Complexes 

d-d Bands 

In the electronic spectrum of a transition metal complex, d-d bands arise 
from electronic transitions which are largely localized on the metal ion. 
To a first approximation, therefore, d 4  spectra can be analysed in terms 
of the states of a free metal ion subjected to the perturbation of the field 
produced by the ligand donor atom electrons. In a polyelectronic atom 
or ion the individual electrons each have spin and orbital angular 
momentum. However, when an observation is made of the atom, by elec- 
tronic spectroscopy for example, it is the total resultant of all the elec- 
tron spin and orbital angular momenta which is observed. Thus, in order 
to understand the spectroscopic and magnetic properties of metal ions, 
it is necessary to understand the ways in which the spin and orbital angu- 
lar momenta of the individual electrons can combine to produce the 
properties of the ion as a whole, i,e. the properties which are actually 
observed. The spin and orbital angular momenta of an electron can be 
treated as independent quantities if the coupling between them is small. 
This generally applies to the first-row d-block metals, but not to the f- 
block elements where spin-orbit coupling becomes important. The start- 
ing point for analysing d d  spectra is the energy levels of the free metal 
ion, M? This ion has closed shells of core electrons surrounded by a 
partly filled d subshell. When between two and eight d electrons are pres- 
ent, the different distributions of electrons among the d orbitals result 
in different combinations of spin and orbital angular momentum. These 
are specified by the total spin and orbital angular momentum quantum 
numbers, S and L, respectively. The values of S and L define the elec- 
tronic state of the ion and, because of electron-electron interactions, not 
all arrangements of the electrons are of the same energy. The possible 
states for a d-block metal ion can be derived using the Russell-Saunders 
coupling scheme described in Box 7.2. This assumes that the coupling 
between electron spin and orbital angular momenta is small compared 
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to coupling between electron spins, so that spin and orbital angular 
momenta may be treated separately. On this basis, term symbols may be 
assigned to the different distributions of electrons in the d subshell and 
the lowest energy or predicted using Hund’s rules (Box 7.3). 
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I 

Table 7.1 Term symbols 
I 

0 1 2 3 4 5 
Term symbol S P D F G H 

Table 7.2 Russell-Saunders terms for d-block ions 

Electron 
configurationa Russell-Saunders terms (ground term last) 

d', d9 'D 
d2, d8 ' S ,  'D, 'G ,  3P, 3F 
d3, d7 'D, *P, 'D, 'F, 'G, *H, 4P, 4F 
d4, d6 ' S ,  'D, 'G ,  'S, 'D, IF, 'G, 'I, 3P, 3F, 3P, 3D, 3F, 3G, 3H, 5D 
d5 2D, 'P, *D, zF, 2G, *H, *S ,  'D, 2F, 'G, 21, 4P, 4D, 4F, 4G. % 

agecause a single electron in an otherwise empty d shell behaves in the same way as 
an 'electron hole' in a filled d shell, the d' and d9 configurations are equivalent with 
respect to their free ion terms. The other pairs of electron configurations shown are 
similarly related 

The simplest example for a d-block element is presented by a d' ion 
such as Ti3'. Here the single electron has the quantum numbers n = 3, 
1 = 2, m,< = t% and m, = 2, I ,  0, -1 or -2, so this electron configuration 
is assigned the term symbol *D. This is the ground term, in fact the only 
term, for a d' ion. In octahedral [Ti(H,0),I3', the spectrum of which is 
shown in Figure 7.2, the degeneracy of the d orbitals is lifted by the lig- 
and field which gives rise to the the t,E and eE* levels of the MO scheme 
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(Figure 6.15). The absorption of light by the complex at ca. 20,300 cm-I 
(cu. 240 kJ mol-I) corresponds with the promotion of the d electron from 
the tzg to the eg* level, and so gives a direct measurement of A,, or lODg 
(Figure 7.3). Molecular vibrations have the effect of broadening the 
absorption bands observed in electronic spectra, and this effect is appar- 
ent in d-d spectra. During a vibration of the metal-ligand bond the 
ligand-metal distances change, so the metal-ligand interaction changes. 
This gives rise to a range of energy differences between the orbitals asso- 
ciated with an electronic transition, for example between t2g and eE* in 
[Ti(H,0),I3' where A, changes throughout the vibration. The spectro- 
scopic measurement sums this effect over many molecules, leading to 
broad absorption bands. 

In an octahedral field, the 2D term of the free metal ion splits into 
two associated with the complex. When the single elec- 
tron occupies the tZg level the complexed ion is in its ground state t2g1eg*o, 
which is given the term symbol 2T2g. When the single electron occupies 
the eg* level the complexed ion is in its first excited state t2;eg*l, which 
is given the term symbol 2E . Thus the electronic transition observed at 
20,300 cm-' for [Ti(H,O)dS+ corresponds with the excitation process 
*Eg t 2T2g. The magnitude of A*, or lODq, depends on the nature of the 

Figure 7.2 The electronic spec- 
trum of ri(H20)d3+ 

Figure 7.3 The electronic tran- 
sition t,,oe,l t t2g1e,o 
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ligands bound to the metal ion, so it is possible to plot the energies of 
the 2TZE and 2Ep terms as a function of ligand field strength in a corre- 
lation diagram as shown in Figure 7.4. Metal ions with more than one 
d electron give rise to more than one term (Table 7.2), each of which 
may be split by an octahedral ligand field as shown in Table 7.3. The 
situation is further complicated by electron-electron repulsion and 
whether this is large, small or of similar magnitude compared to the lig- 
and field splitting parameter. Plots of the energies of the various ligand 
field terms of each metal electron configuration as a function of ligand 
field parameters have been made, and can be used to aid the interpreta- 
tion of d-d spectra. In practice, although a number of free ion terms 
may be possible, the interpretation of an electronic spectrum is concerned 
with transitions from the ground state to higher energy states of the same 
spin multiplicity. Thus only a selected group of the possible terms will 
normally need to be considered. A simplified form of a diagram for the 
triplet terms of a d2 ion, where the ligand field splitting is large com- 
pared to electron-electron repulsion terms, is shown in Figure 7.5. In 
this case the ground state is a triplet and, since transitions involving a 
change in S are not allowed, the ligand field terms derived from the free 
ion singlet terms have been omitted. 

Figure 7.4 A correlation dia- 
gram showing the effect of octa- 
hedral ligand field strength on the 
energies of the 2T2g and 2Eg 
terms of a d1 metal ion 

Table 7.3 Ligand field terms for an octahedral complex 

free ion term Number of states Octahedral field terms 

S 
P 

1 
3 

9 

9 
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Figure 7.5 A correlation dia- 
gram showing the effect of octa- 
hedral ligand field strength on the 
energies of the triplet terms of a 
d2 metal ion 

Spectroscopic measurements of the ligand field splitting parameter, 
lODy or Ao, provide a means of ranking ligands in order according to 
the magnitude of splitting they induce in a given metal ion. This series 
is known as the of ligands (see Section 6.2.6). The 
differences in the energies of the terms for a free metal ion are the result 
of electron-electron repulsions, and detailed spectroscopic measurements 
show that these repulsions are lower in metal complexes than in free ions. 
This reduced repulsion results from the delocalization of charge from the 
metal ion onto the ligands, thus expanding the region of space occupied 
by the electrons and reducing electron-electron repulsion. The term 

has been used to describe this 
behaviour, and ligands can be placed in a nephelauxetic series accord- 
ing to their relative ability to delocalize charge as judged by a reduced 
electron-electron repulsion parameter. Larger, more polarizable, ligand 
donor atoms tend to be associated with increased electron delocaliza- 
tion, as do n: acceptor ligands. The synergic bonding model of Section 
6.3.2 provides a means of rationalizing these observations. 

(cloud expanding) 
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Charge Transfer Bands 

While d-d transitions arise from electronic transitions which are effec- 
tively localized on the metal ion, charge transfer processes involve the 
migration of charge between the metal ion and the ligands, and so need 
to be analysed with the aid of MO diagrams. LMCT processes involve 
the excitation of an electron from an orbital which is mainly ligand in 
character to one which is mainly metal in character. In an octahedral 
complex the electron must be excited into the t2&* or eE* MO (see Figure 
6.17a), and so must originate from an occupied ground state orbital of 
u symmetry associated with the ligand to satisfy the Laporte selection 
rule. Since the ligand non-bonding 0 orbitals are all of g symmetry, only 
the filled non-bonding ligand n orbitals of t ,U and t symmetry might 
serve as the electron donor orbital. In LMCT spectra it might be expect- 
ed that, as the metal ion becomes easier to reduce or the ligand easier 
to oxidize, the energy difference between the donor and acceptor orbitals 
will decrease and the LMCT absorption in the electronic spectrum will 
shift to lower frequency and longer wavelength. In [1rBrJ2- (d5) there are 
vacancies in both the t2g* and e&* levels, so that two charge transfer bands 
are observed at ca. 300 and 600 nm separated by aproximately A,. In 
[IrBr,]" (low-spin d6), tZg* is filled so only the higher energy transition 
to eg* is observed at ca. 300 nm. 

2.u 
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I n  the example of a tetrahedral complex, LMCT involves excitation 
of an electron from the ligand non-bonding 0 orbitals of a,  and t2 sym- 
metry, or the ligand non-bonding n: orbitals of e, t, or t, symmetry (see 
Figure 6.21a), to a predominantly metal-based e* or t2” orbital. In the 
case of [MnO,] , the four lower-energy transitions observed in the 
UV/visible spectrum have been assigned to the transitions Mn(e*) t 
O(t,), 17,700; Mn(t,”) t O(t,), 29,500; Mn(e*) t O(t,), 30,300; and 
Mn(t,”) t O(t2), 44,400 cm I .  The lowest energy transition at 17,700 
cm falls in the visible range and accounts for the purple colour of per- 
manganate. In the series [CuX,]*-- (X = C1, Br, I) the wavelength of the 
X to Cu LMCT band increases in the order C1 < Br < I. This corre- 
sponds with a decrease in the energy of the transition as the ligand field 
strength decreases and the energy of the Cu2’-based t,” orbital falls rel- 
ative to the halide-based donor orbital. 

MLCT processes involve the excitation of an electron from an occu- 
pied orbital which is mainly metal in character to an unoccupied orbital 
which is mainly ligand in character. This requires the presence of n: accep- 
tor ligands such as CO or bipyridyl to provide empty ligand orbitals. In 
octahedral complexes the Laporte rule applies, and transitions from 
occupied t,g, or possibly eE*, orbitals to empty ligand t I U  or t2U n:* orbitals 
would give rise to MLCT bands (see Figure 6.17b). In a tetrahedral com- 
plex containing a n: acceptor ligand, excitation of an electron from the 
predominantly metal-based e or t2’ orbitals to an unoccupied .n* orbital 
of predominantly ligand character, such as t,, would result in a migra- 
tion of charge from the metal to the ligand (see Figure 6.21b). 

7.2.3 Electronic Spectra of f-Block Ions 

As for the d-block metal ions, f-block metal ion complexes may also 
show charge transfer bands in their electronic spectra, but, since the 
valence shell d orbitals are empty, no d-d transitions are observed. 
Instead, it is possible to observe f-f transitions and, in some cases, nf-(n 
+ 1)d transitions which, for some actinides, are of low enough energy to 
appear in the ultraviolet region. The lack of significant crystal field effects 
in lanthanide ion complexes means that f-f spectra can usually be 
assigned simply on the basis of the spectroscopic terms of the free ion. 
However, the situation is complicated by the presence of significant 
spin-orbit coupling so that different J states have different energies (Box 
7.4). The energy level diagram of an P ion is shown in Figure 7.6 and 
may be applied to the Pr3+ ion, the spectrum of which is shown in Figure 
7.7. The lack of significant crystal field effects mean that lanthanide f-f 
spectra show little vibrational broadening, so the absorption bands are 
narrow with typical bandwidths at half intensity of ca. 50 cm ’ (Figure 
7.7). In the early actinides, spin--orbit coupling and crystal field effects 
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are of similar magnitudes, making the interpretation of their electronic 
spectra more complicated. A study of bands due to 6d t 5f transitions 
in uranium( +3) complexes has revealed a spectrochemical series: 

I- < Br- < Cl- < SO,2- < H,O = F- 
v ( d t f )  13 17 19 22 25 25 x 10' cm-' 
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Figure 7.6 An energy level dia- 
gram for the f2 ion Pr3+ showing 
the effect of spin-orbit coupling 
on the Russell-Saunders terms 
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Laporte forbidden and give weak 
absorptions Table 7.4 Examples of terms resulting from spin-orbit coupling 

Russell-Saunders term 1-1 coupling terms 

IS 
3s 

2P 
3D 
7F 
2G 

7.2.4 Lanthanide Luminescence 

Ions which have energy gaps of suitable magnitude between excited and 
lower energy states, which are not bridged by non-radiative energy loss 
processes, may emit light as their excited states relax to a lower energy 
state. All Ln3+ ions except P La3+ and f14 Lu3+ show some luminescent 
emission; Eu3+ and Tb3+ in particular show strong emissions. Direct exci- 
tation of Ln3+ ions is possible, but the low intensities and narrowness of 
the f-f absorption bands mean that intense radiation sources are required 
for effective excitation, e.g. lasers. A more widely available excitation 
mechanism is provided by the indirect excitation of Ln3+ through ener- 
gy transfer from an excited state of a ligand which has a broad and 
intense intra-ligand absorption band (Box 7.5). Quenching of lumines- 
cence occurs when radiationless relaxation processes are fast enough to 
compete with the light emission process. This is a particular problem in 
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aqueous solutions, where energy transfer to overtones of 0-H vibrations 
provides an efficient non-radiative relaxation pathway for the Ln3+ excit- 
ed state. However, use of non-aqueous solvents and ligands which 
exclude water from the lanthanide coordination sphere provide condi- 
tions which allow luminescence to occur. The luminescent lifetimes of 
some Eu3+ and Tb3+ complexes can be as long as milliseconds, a feature 
which can be exploited in analytical applications where time-resolved 
measurements allow lanthanide luminescence to be observed after any 
shorter-lived fluorescence of a matrix containing the lanthanide ion has 
decayed. 

Figure 7.8 A schematic energy 
level diagram showing the origins 
of lanthanide luminescence 
through indirect excitation 
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7.3 The Magnetism of Transition Element 
Corn p I exes 

7.3.1 Magnetic Behaviour 

There are two primary kinds of magnetic behaviour which may be 
observed when an atom, ion or molecule is placed in an applied mag- 
netic field. The first is known as and arises from the cir- 
culation of electron pairs induced by the presence of the applied field. 
This charge circulation produces an induced magnetic moment which 
opposes the applied field, leading to the atom, ion or molecule being 
repelled by it. If unpaired electrons are present, the applied field also 
induces a second type of magnetic moment which is aligned with the 
magnetic field. This effect causes the sample to be attracted into the field, 
and is known as Paramagnetic effects are typically some 
10 to lo4 times larger than diamagnetic effects so that, when present, 
paramagnetism usually dominates the observed magnetic behaviour of 
the sample. Paramagnetism results from the interaction of the spin and 
orbital angular momentum of electrons with the applied magnetic field. 
Assuming that there is no coupling between the spin and orbital angu- 
lar momenta of a metal ion, the magnetic moment, psL,  of an atom or 
ion is related to the total spin quantum number S and the total orbital 
angular momentum quantum number L by equation 7.1, In this equa- 
tion, g represents the gyromagnetic ratio or Lande splitting parameter 
which, for a free electron, is 2,00023. The units of psL are Bohr magne- 
tons (BM). 

pusL = Jg’S(S + 1) + L(L  + 1) 

7.3.2 Magnetism of Transition Metal Ions 

In practice, spin-orbit coupling is small for first-row d-block metal ions, 
so that equation 7.1 may be applied. Furthermore, the d orbitals of a 
transition metal ion usually show significant interactions with the ligand 
orbitals. In such cases, the orbital angular momentum contribution is 
usually quenched so that gS(S + 1) >> L(L + 1). Where this happens, 
equation 7.1 can be simplified to the spin-only formula shown in equa- 
tion 7.2: 

where p, is known as the spin-only magnetic moment. Often, equation 
7.2 provides a good approximation to the observed magnetic moment, 
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pob5, of a first-row transition metal complex, and generally it is found 
that pLs 2 pobs I psL, as shown by Table 7.5. In the case of high-spin d5 
ions such as Mn2+ or Fe3+, L = 0, so that in these cases pobs = ps. The 
crystal field model, and a knowledge of whether a complex is high or 
low spin, allows the number of unpaired electrons in a complex to be 
calculated, and so its magnetic moment may be predicted. The magnet- 
ic behaviour of paramagnetic second- and third-row d-block metal ions 
is less simple, as spin--orbit coupling and the effects of covalency in bond- 
ing are more pronounced. 

Table 7.5 Examples of the magnetic moments of some transition metal complexes 
(p in BM) 

Metal ion S L PSIa pobs PS 

V4’ 1 /2 2 3.00 1.7-1.8 1.73 
V3’ 2/ 2 3 4.47 2.6-2.8 2.83 

CO‘l+ 4/2 2 5.48 -5.4 4.90 
Fe3+ 5/2 0 5.92 -5.9 5.92 

Cr3-- 3/2 3 5.20 -3.8 3.87 

aSee Worked Problem 7.2 for examples of calculating pSl 
bNote that, for the half-filled shell, L = 0, so pObs = ps 

Magnetic measurements can be used to obtain information about the 
structures adopted by metal complexes. One example is provided by the 
reversible binding of dioxygen to the protein haemoglobin, which con- 
tains Fe” and transports oxygen around the body. On binding 02, the 
iron centre switches from a high-spin state with four unpaired electrons 
to a low-spin diamagnetic state. This information has been used as a 
basis for distinguishing between possible bonding models for the Fe’+-O, 
interaction, which is chemically unusual because of its reversible nature. 
Normally, Fez+ is readily and irreversibly oxidized to Fe3+ by dioxygen. 
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Figure 7.9 Examples of calcu- 
lating the magnetic moments of 
metal ions for d3 C$+ and high- 
spin d6 Co3+. 

7.3.3 The Magnetism of Lanthanide Ions 

The magnetism of f-block metal ions is complicated by the fact that 
spin-orbit coupling can be of comparable magnitude to, or larger than, 
the crystal field splitting. Its effects cannot be ignored, and equation 7.1 
does not apply. In such cases it is the total angular momentum quan- 
tum number, J ,  which must be used, where J represents the sum of the 
individual combined spin and orbital angular momenta, j ,  of the indi- 
vidual electrons. In such cases the magnetic moment p J  is given by equa- 
tion 7.3, in which the value of gJ is given by equation 7.4: 

(7.4) 

The absence of significant crystal field effects in the lanthanide ions 
means that the number of unpaired electrons can be simply predicted 
from the electron configuration of the ion. This value varies from one 
to seven for f' to f7 configurations, then from six to one for P to fI3 con- 
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figurations, with Lu3+ being a closed-shell diamagnetic ion. In practice, 
equation 7.3 predicts the observed magnetic moments of tripositive lan- 
thanide ion complexes quite well, as shown by Figure 7.10. The two dis- 
crepancies at Sm3+ and Eu3+ arise because the first excited state of these 
ions is sufficiently close to the ground state that, at room temperature, 
thermal energy is sufficient to partly populate the excited state. Since the 
J value of the first excited state differs from that in the ground state, the 
observed magnetic moment is no longer purely that of the ground state 
and the excited state magnetic moment becomes mixed into the value of 
pobs. If allowance is made for this effect, the magnetic moments of the 
Eu3+ and Sm3+ ions can also be successfully predicted. 

Figure 7.10 A plot of the mag- 
netic moments of Ln3+ ions 
against the number of f electrons 
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Further Reading 

A short introductory text such as this cannot hope properly to convey 
the breadth and depth of chemical knowledge about the transition ele- 
ments. A variety of texts provide further information about the topics 
introduced here, and should be consulted during your studies to expand 
your chemical knowledge and your understanding of the topic. Some 
provide a body of descriptive while others approach the 
subject more through the underlying principles.10-20 Chemistry primers 
providing an introduction to d-block and f-block chemistry are avail- 

while more specialized accounts of some of the topics discussed 
here are given in other t e ~ t ~ . ~ ~ ~ ~ ~ ~ - ~ ~  In particular, texts on group theory 
will be useful for those wishing to pursue further the topics in Chapters 
6 and 7.25-28 Several websites now provide information on the transition 
elements and their ~hemistry.~'-~' 
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Scheme A.l 
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Figure A.l Some examples of 
metal complexes for various coor- 
dination numbers 
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Figure A.2 Isomeric structures 
for (a) [ML,XY], (b) cis-fac- 
[MA,WZ], (c) cis-mer- 
[MA,WZ], (d) the mirror plane in 
trans-[MA,LXYZ] and (e) trans- 
[MA,WZI 
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Scheme A.2 
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Figure A.4 The development of 
a crystal field splitting diagram for 
a trigonal bipyramidal complex, 
w-51 
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Scheme A.3 
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Subject Index 

Abundances, elements 5 
Actinides 3, 27, 42, 50, 

Atomic radius 34 
141 

Back donation 121 
Barycentre 99 
Battery, dry cell 14 
Beer-Lambert law 77 
Bidentate ligand 56, 57 
Binary compounds 39, 

Born exponent 46 
Born-Haber cycle 44 
Born-Lande equation 

40 

45 

Catalyst 12 
heterogeneous 15 
homogeneous 15 

Charge transfer spectra 
131, 140 

Chelate effect 80 
Chelate ligand 56 
Chlorides 39,42 
Class aklass b metals 

78,79 
Cluster, metal 12 
CO stretching frequencies 

Coinage metals 8 
Complex compounds 

1 0 , s  
Coordination number 

35,55 

123 

Covalent radius 34 
Crystal field stabilization 

Crystal field theory 1 1 , 
energy 100, 109 

98, 100, 112 

d-d bands 133 
Dalton’s atomic theory 

Decomposition reaction 

Deficiency diseases 15 
Diagnostic medicine 16 
Diamagnetism 146 
Discovery dates, elements 

Disproportionation 47 

9 

47 

8 

Effect 
chelate 80 
macrocyclic 83 

Effective nuclear charge 

Electrode potential 72, 

Electron affinity 29 
Electron gain energy 

Electron gain enthalpy 

Electronegativity 30, 3 1 , 

Allred-Rochow 3 1 
Pauling 31 

Electroneutrality princi- 

20 

85,87 

29 

29 

47 

Covalency 50,51 ple 120 

Electronic spectra 13 I 
d-block 132 
f-block 141 
lanthanides 142 

electron gain 29, 30 
exchange 25 
ionization 22, 23 
lattice 51, 73, 102 

Energy level diagrams 

Energy transfer 144 
Enthalpy 72,79 

electron gain 29, 30 
hydration 73 
ionization 22, 33 
lattice 51, 101 
vaporization 44 

Entropy 72,79 
Equilibrium constant 

72,74 
Exchange energy 25 

Energy 72 

113 

Fischer, EO 11 
Fluorides 39,41,43 
Formation constant 75 
Fukui, K 12 

Hard ligand 78 
Hardmetal 78 
Heterogeneous catalyst 

15 
Hoffmann, R 12 
Homogeneous catalyst 

Hund’s rules 136 
15 

174 
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Hydration enthaply 73, 
102 

Inner transition elements 

Ionic radius 22,23, 35 
Ionization energy 23 
Ionization enthalpy 23 
Ionization isomerism 

Ionization potential 23 
Isomerism 

coordination 64 
geometric 63 
hydrate 65 
ionization 65 
ligand 65 
linkage 64 
optical 64 
polymerization 64 
solvate 65 

3 

65 

Isomers 10 
Isotopes 4 

Ja hn--Teller effect 106 

Lanthanide contraction 
36 

Lanthanides 3,41, 97, 
142, 144, 148 

Laporte rule 132 
Latimer diagrams 85 
Lattice enthalpy 44, 5 1, 

Ligand 
73,101 

chelate 56 
hard 78 
isomerism 65 
macrocyclic 56 
polydentate 56 
soft 78 

Ligand field theory 1 1  
Ligand group orbitals 

115 
Ligand-to-metal charge 

transfer 132, 140 
Luminescence 15, 144, 

145 

Macrocyclic effect 83 
Macrocyclic ligand 56 
Madelung constant 45 

Magnetic moment 146 

lanthanides 148 
Magnetism 146-1 49 
Metal-to-ligand charge 

transfer 131, 141 
Metalloproteins 13, 17 
Molecular orbital theory 

Monsanlo process 15 

d-block 146 

113 

Natta, G 11 
Nephelauxetic effect 139 
Nomenclature 66 

Octahedral complexes 
98, 106, 11  3 

Organometallic com- 
pound 11,55 

Oxidation state 32,40,42 
Oxides 39,40,43 

Pairing energy 102 
Paramagnetism 146 
Pauling, L 31 
Penetration, electron 

orbital 20 
Periodic Table 2 
Phthalocyanine ligand 

Platinum metals 6 
Polydentate ligand 56 
Potential 

electrode 85, 87 
ionization 23 

91 

Preorganized ligand 84 
Proligand 55 

Radial distribution 
function 20 

Radii 34 
atomic 22, 34 
covalent 34 
ionic 22,23, 35, 104 
van der Waals 34 

Redox potentials 72, 85, 

Relativistic effects 27, 50 
RussellLSaunder coupling 

87 

scheme 134 

Sandwich compounds 11 

Selection rules 132 
Laporte 132 
spin 132 

Self-assembly 90 
Sepulchrate ligand 56 
Sequestering agent 16 
Shielding, electrons 20 
Soft ligand 78 
Soft metal 78 
Solid angle factor 85 
Solid angle sum 85 
Spectrochemica1 series 1 12 
Spin-only formula 146 
Spin selection rule 132 
Square planar complexes 

Stable complexes 78 
Stability constant 75 
Steric effects 84 
Superconductors 13 
Symmetry labels 100 
Synergic bonding 120, 

108 

122 

Taube, H 12 
Template reaction 90 

equilibrium 92 
kinetic 92 
thermodynamic 93 

Term symbol 136 
Terrestrial abundances 5 
Tetrahedral complexes 

Thermodynamic cycle 

Transition elements 1 
Transition metals 1,23, 

29, 39,98, 119, 133, 
146 

107, 124 

44,87 

Unstable complexes 78 

Valence 
primary 10, 54 
secondary 10, 54 

Van der Waals radius 34 

Wacker process 15 
Werner, A 10 
Wilkinson, G 11  

Ziegler, K 11 










