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ABSTRACT 

Metal complexes of various pyrimidinones have been prepared, in 

order to investigate the coordination properties of these potentially 

ambidentate, biologically important ligands. 

It has been shown, by the application of a variety of physical 

techniques, that uracil and substituted uracils coordinate to metal ions 

via their carbonyl oxygen atoms. The binding modes in complexes of the 

related ligands cytosine, 4,6-dimethylpyrimidinone, and 1,4,6-trimethyl-

pyrimidinone have been similarly elucidated. 

The complexes of riboflavin-2',3',4',5'-tetraacetate and riboflavin-

5'-monophosphate with mainly first-row transition metals were also studied, 

and their stereochemistry was characterised, using infrared and electronic 

spectroscopy. 

The implications of the structures of these complexes have been 

discussed with relevance to the interaction of metal ions with DNA and 

related molecules, and with particular regard to the role of the carbonyl 

oxygens in metal binding. 
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Abbreviations and nomenclature 

The abbreviations employed in this thesis are mostly those approved 

by the Commission on Biochemical Nomenclature (CB N) of the International 

Union of Pure and Applied Chemistry (IUPAC) and the International Union 

of Biochemistry (IUB). In cases where units and trivial names remain 

largely unchanged in modern literature, these are used instead. 

Ligands 

DNA 	 deoxyribonucleic acid 

RNA 	 ribonucleic acid 

Ura 	 uracil 

Thy 	 thymine 

6Meura 	 6-methyluracil 

5,6DMU 	 5,6-dimethyluracil 

1,3DMU 	 1,3-dimethyluracil 

uridine 

T 	 thymidine 

C 	 cytidine 

Cyt 	 cytosine 

5'-UMP 	 uridine-5'-monophosphate 

5'-CMP 	 cytidine-5'-monophosphate 

5'-ATP 	 adenosine-5'-triphosphate 

FM N 	 riboflavin-5'-monophosphate 

FAD 	 flavin adenine dinucleotide 

RTA 	 riboflavin-2',3',4',5'-tetraacetate 

3-EtRTA 	3-ethylriboflavin-2',3',4',5'-tetraacetate 

4,6DMP 	 4,6-dimethy1-2-pyrimidinone 

1,4,6TMP 	1,4,6-trimethy1-2-pyrimidinone 

pym2OH 	 2-pyrimidinone 

1Mepym2OH 	1-methyl-2-pyrimidinone 



Ligands (continued) 

pym 	 pyrimidine 

py 	 pyridine 

py0H 	 2-pyridone 

a-pic 	 a-picoline 

y-pic 	 y-picoline 

Mepyz 	 methylpyrazine 

quin 	 quinoline 

isoquin 	 isoquinoline 

isox 	 isoxazole 

Im 	 imidazole 

2Meim 	 2-methylimidazole 

Ph3P 	 triphenylphosphine 

Ph3P0 	 triphenylphosphineoxide 

Ph3As0 	 triphenylarsineoxide 

Me3P0 	 trimethylphosphineoxide 

Ac0 	 acetate 

HA 	 6-aminohexanoic acid 

paphy 	 pyridine-2-aldehyde-2'-pyridylhydrazone 

Throughout this work the term 'L' is used as a general term for a neutral 

ligand, and the term 'X' for an anion, usually a halide. 

Spectroscopic notation 

very 	 strong 

sh 	shoulder 	m 	medium 

br 	broad 
	

weak 

a 
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Spectroscopic notation (continued) 

Vibrational spectra 

V 	stretching 

deformation (in-plane) 

deformation (out-of-plane) 

r 	rocking 

s 	symmetric (as subscript) 

as 	antisymmetric (as subscript) 

V(M-X) 	metal-halide stretch 

V(M-L) 	metal-ligand stretch 

Electronic spectra 

Octahedral Co(II), tetrahedral N i(II) 

VI 	T1 (F) 	T2 

V2 	T1 (F) ± A2 

V3 	T1(F) Tl(P) 

Octahedral Ni(II) , tetrahedral Co(II) 

VI 	A2 	T2 

V2 	A2 	T1 (F) 

V3 	A2 	T1 (P) 

The subscript g is applied in the case of octahedral (centrosymmetric) 

complexes. 



CHAPTER 1 

INTRODUCTION 

1.1 Metal ions in biological systems 

In recent years there has been a growing awareness of the 

dependence of life upon inorganic, as well as organic, chemistry. It 

is now appreciated that a vast range of biological processes is 

controlled by metal ions, even though these are usually present only 

in minute quantities in living systems. 

The so-called 'bulk' metals, sodium, potassium, magnesium, and 

calcium, exist in much greater quantities than the heavier metal ions 

in biological systems; for example, in the human body, which contains 

only 3% of metals, these four cations constitute some 99% of the total 

metal ion content. 

The metal ions that biological systems utilise must be both 

abundant in nature, and relatively water-soluble. Thus, metals which 

are comparatively rare in the earth's crust are also rarely found in 

vivo; likewise, the insolubility of titanium and aluminium hydroxides 

makes these elements virtually unobtainable for living systems. 

As might be expected, the physiological and biochemical functions 

of the 'bulk' metals and the 'trace' transition metal ions are quite,  

different. The roles of the four bulk cations are variedl ; sodium and 

potassium are mainly concerned with the osmotic regulation of body and 

tissue fluids2, but also serve as activators for special enzyme 

systems3'4. Magnesium and calcium are involved with catalytic and 

structural aspects of body processes ; magnesium is the commonest 

enzyme activator, and is important in the large class of phosphate 

transferases5, whereas calcium is primarily involved in the formation 
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Most interest in the field of bioinorganic chemistry has centred 

on the in Vivo function of the trace elements manganese, iron, cobalt, 

copper, zinc and molybdenum. In general, their rale is one of 

catalysis, and is carried out in the active centres of enzymes7. 

Until fairly recently, it was widely believed that all enzymes were 

purely organic compounds. However, some are highly coloured, and it 

is now known that these colours often arise from the presence of 

transition metals. Enzymes which contain metals can be divided into 

two classes; metalloenzymes, in which the metal ion is permanently 

attached to the active site (eg. iron(II) in hemoglobin), and metal-

activated enzymes, in which the metal ion is loosely bound and readily 

lost (eg. cobalt(III) in vitamin B12 coenzyme).. The possible reactions 

at an active site of a metal-potentiated enzyme have been summarised8  

as follows: 

(a) The metal ion may 'lock' the geometry of the active site so that 

only certain substrates may be accomodated. 

(b) The metal ion may, via coordination, activate the enzyme or the 

substrate bonds, or change the shape of the substrate, so that it 

can just fit into the active site. 

All the metal ions found in vivo may act as enzyme activators, 

but only transition metals, with their variable oxidation states, are 

found in metalloenzymes. 

Manganese is the second most abundant heavy metal ion in nature 

(after iron) and is essential for several enzymes. So far as biological 

systems are concerned, manganese(II) and (III) are the only important 

oxidation states. The human body contains 4-5g of iron, mainly in the 

hemoglobin of the blood. Biological iron may be divalent (eg. in 

myoglobin, hemoglobin), trivalent (eg. in catalases and oxidases), or 

redoxing between both states (eg. in cytochromes). Cobalt is best 

known for being the central ion in cobalamins and cobamides; cobalt(II) 



complexes may also carry molecular oxygen. Because cobalt(II) can 

exist in several different geometries, it can enter the low symmetry 

sites which occur in enzymes, and this is where it is usually found. 

Copper is found in many enzymes, and is required for the production of 

hemoglobin. Molybdenum participates in biochemical redox reactions, 

such as the xanthine and purine oxidations in milk and in the liver. 

It also acts as a cofactor in nitrogen fixation bacteria, and as a 

nitrate reducer in some plants and microorganisms. 

Until fairly recently, it was thought that chromium and nickel 

do not have any biological significance, but it is now known9  that 

chromium, at least, is an essential requirement for higher animals. 

There is also some evidence for a functional role for nickel, mainly 

connected with DNA and RNA metabolism. Zinc, although not strictly a 

transition element, does have similar properties as an enzyme activator, 

and is an essential constituent of several important enzymes, eg. 

carboxypeptidase A and alkaline phosphotase4. 

Apart from the aforementioned metal ions, biological systems 

contain most of the elements of the periodic table, many in minute 

quantities. Any metallic cation that finds its way into a bio-system 

will probably become rather tightly bound to one or other of the various 

ligands available, such as amino acids, nucleic acids, or proteins. 

This binding may well interfere with a reaction involving a vital trace 

element, and thus lead to the impairing of a normal biological function. 

The most important reactions of this kind occur with the toxic heavy 

metals lead, cadmium, and mercury, whose cumulative poisoning effects 

are well-known10,11 

An understanding of the many differing roles played by metal ions 

in biological processes can only be achieved through a detailed know-

ledge of the coordination spheres of the complexed ions. A study with 

this aim presents many difficulties, but the presence of transition 
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metal ions in many cases allows the inorganic chemist to bring a wide 

range of modern instrumental techniques to bear upon the problem, and 

often to contribute markedly to an understanding of it. In this 

context, the rapid development of the field of bioinorganic chemistry 

has largely been due to the application of such modern instrumental 

techniques as n.m.r., e.p.r., and Raman spectroscopy, in addition to 

improved methods of X-ray diffraction. The use of these techniques 

has led to notable successes in the elucidation of the structures and 

functions of metal-containing biomolecules. 

This work sets out to examine the coordinating abilities of the 

biologically important pyrimidinone molecule towards first-row 

transition elements, zinc, and cadmium. 

1.2 Pyrimidinones in vivo 

The pyrimidine nucleus (Fig. 1.1a) is of fundamental importance 

in biology, being a common constituent of many complex metabolically 

active molecules. For example, a review of the literature on 

pyrimidine coenzymes and their functions has been undertaken by Rossi12.  

H 	 H 
HO2C 

NH 	H 
H\ 

NH 

0 	 0 
(a) 	 (b) 	 Cc) 

Iig.1.1 Structures of (a) pyrimidine (b) orotic acid 

(c) barbituric acid. 
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The oxo-derivatives of pyrimidines, the pyrimidinones, are perhaps 

best known for their involvement in the structures of nucleic acids as 

the so-called 'pyrimidine bases' (vide infra); however, other 

pyrimidinones and closely related molecules also occur naturally, 

without being components of nucleic acids, eg. orotic acid (Fig.1.1b), 

an intermediate in pyrimidine biosynthesis, and barbituric acid 

(Fig. 1.1c). In addition, pyrimidinone nuclei also occur, fused to an 

imidazole ring, in the purines hypoxanthine (6-oxypurine, Fig.1.2a), 

xanthine (2,6-dioxypurine, Fig. 1.2b) and uric acid (2,6,8-trioxypurine, 

Fig. 1.2c), which are catabolites of the purine bases of nucleic acids. 

0 

HN 	N 	
HN  

H H 
(a) 	 (b) 

0 

HN 

N N 
H H 

(c) 

Fig. 1.2 Structures of (a) hypoxanthine (b) xanthine 

(c) uric acid. 

The purines theophylline (1,3-dimethylxanthine, Fig. 1.3a), 

theobromine (3,7-dimethylxanthine, Fig. 1.3b), and caffeine (1,3,7- 

trimethylxanthine, Fig. 1.3c) are important constituents of plants, 

while riboflavin (vitamin B2) and the flavin derivatives also contain 

a pyrimidinone nucleus (Section 1.5). 



Fl3C 

(a) 
CH3 

N 

CH3  
CH3  

N 

(b) 

H3C 

CH3 	(c) 
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Fig. 1.3 Structures of (a) theophylline (b) theobromine 

(c)caffeine. 

The compounds selected for study of their complexing abilities in 

this work comprise examples of both monooxo- and dioxo- pyrimidines, 

and include molecules actually found in biological systems, and various 

synthetic analogues, for comparison purposes. 

1.3 The nucleic acids 

The nucleic acids are macromolecules found in the cells of all 

living organisms. They have polymeric structures composed of purine 

and pyrimidine ribonucleotides or deoxyribonucleotides, with molecular 

weights ranging from several hundred thousand to several million. There 

are a variety of naturally occurring nucleic acids, all of which are 

involved in some way in the transfer of genetic information. The 

nucleic acids are conveniently classified into two types, ribonucleic 

acid (RNA) and deoxyribonucleic acid (DNA), depending on whether the 

monomeric constituents are ribonucleotides or deoxyribonucleotides, 
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respectively. In the former, the sugar D-ribose is linked to the base, 

while in the latter the sugar is 2-deoxy-D-ribose. 

In DNA the common bases are the pyrimidines thymine and cytosine, 

and the purines adenine and guanine (Fig. 1.4). Some minor constituents, 

such as 5-methylcytosine and 5-hydroxymethyluracil, occur in DNA from 

various sources. Most RNA s also contain only four bases: the 

pyrimidines uracil and cytosine, and the purines adenine and guanine 

(Fig. 1.4). In some RNA s hypoxanthine and various methylated bases, 

such as thymine, 5-methylcytosine, and 6-methylaminopurine, as well as 

some more complex derivatives, replace some of the normal constituents. 

H3C 

(a) NH2 	(b) 0 	
(c) 

NH2  0 

(d) (e) 

Fig. 1.4 The major bases of the nucleic acids. Structures of 

(a) cytosine (b) uracil (c) thymine (d) adenine (e) guanine. 

The bases are attached to the appropriate sugar (in the furanose 

configuration) through a f3-glycosyl linkage from N (1) of the pyrimid-

ines and N (9) of the purines, to form a nucleoside. The nucleoside is 

in turn linked to a phosphate group via the 3' or 5' carbon atom to 

H 

N NH 

	\1\r.0 

NH 



0 
0=p—OH 

0 

0 
0=P—OH 

0 

0 
0=P—OH 
d 

O OH 
0=P—OH 

0 

0 
04-0H 

0 

base 

0 OH 
I 

0=P---OH 

constitute a nucleotide, the monomer from which the nucleic acids are 

constructed by phosphodiester linkages of the 3'-hydroxyl group of one 

nucleotide to the 5'-hydroxyl group of the next. The primary structures 

of D N A and RNA are shown in Fig. 1.5. 

O OH 
0=P—OH 

0 
0=P—OH 

0 

(a) 	 (b) 

Fig. 1.5 The primary structures of (a) DNA and (b) R N A. 

Many years of work on the nucleic acids culminated in the now 

accepted secondary structure of DNA, proposed by Watson and Crick' , 

together with X-ray diffraction studies by Wilkins14 and Franklin 15. 

They postulated that the DNA molecule consists of two right-handed 

helices, with the two polynucleotide chains wound round the same axis 



and held together by hydrogen-bonds between their heterocyclic bases. 

This arrangement allows only certain 'base pairs' between the purines 

and the pyrimidines, so that each guanine is hydrogen-bonded to a 

cytosine, and each adenine to a thymine (Fig. 1.6). 

Thymine 

to chain 

Cytosine 

to chain 

Guanine 

to chain 
(b) 

Fig. 1.6 The Watson-Crick base pairing in DNA. 

(a) thymine and adenine (b) cytosine and guanine. 

The less well-known tertiary structure of DNA and secondary 

structure of RNA are summarised by Davidson". Recently, however, 

novel secondary structures for DNA have been postulated17,18, 

involving side-by-side meshing of the two polynucleotide strands, 

rather than double helical intertwining. Base pairing of the Watson-

Crick type is still possible in these models, but separation of the 

strands, and hence replication, is much easier than for the intertwined 



model. 

The biological functions of the nucleic acids are now quite well 

understood. DNA is found in chromosomes (hereditary material in the 

nuclei of cells), and the genetic code is stored in the sequence of the 

four heterocyclic bases arranged along the polynucleotide chain. Thus, 

unwinding of the double helix into separate strands, with the concomit-

ant formation of complementary polynucleotide chains for each of the 

original strands, will lead to the production of two new DNA double 

helices, each of which is identical with the original. A summary of 

the functions of nucleic acids has been given by Crick13'2°. 

1.4 Interactions of metal ions with nucleic acids 

It is known that the replication of DNA requires the presence of 

metal ions, typically magnesium, and can also be thwarted by metals21. 

NA only the replication process, but virtually every step in the 

utilisation of the genetic code for the eventual production of the 

proteins specified by the code, is governed in some way by the presence 

of metal ions. It was early recognised22  that iron and copper are 

components of tobacco mosaic virus DNA, and that these metal ions are 

very strongly attached to complexing sites of the nucleic acid. 

Wacker and Vallee23, using chelating agents and dialysis as a function 

of pH, were able only with difficulty to remove chromium, nickel, 

manganese, iron, and cadmium from RNA preparations obtained from. 

diverse sources. Similarly, the presence of manganese in RNA isolated 

from human and rat tissues ha's been confirmed24. Thus, transition 

metals are known to be present in, and extremely tightly bound to, 

naturally occurring nucleic acids, and it is likely that they are 

responsible for holding the RNA molecules in specific conformations. 

This may be important in the action of RNA in protein synthesis and 

in the transmission of genetic information. 

1 9 
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There are two main sites of interaction for metal ions with 

polynucleotides; the phosphate moieties of the ribose phosphate 

backbone, and the electron-donor groups of the bases. In general, 

metal ion interactions with duplex DNA can be conveniently divided 

into two classes, on the basis of their preference for one or other of 

these binding sites, although, particularly in the case of a first-

row transition element, one can speak of degrees of binding by the 

metal ion to both phosphate and base sites, with these degrees varying 

from metal to metal. 

It has been found25 that metals binding to the phosphate groups 

tend to stabilise the double helix, whereas base-binding destabilises 

it. This behaviour may be explained simply by'considering the 

negatively-charged nature of the sugar-phosphate backbone; in the 

double helix conformation the phosphate groups are held quite closely 

together, and so tend to repel each other. The positively-charged 

metal ions, on binding to the phosphates, will help to overcome the 

tendency to unwind. On the other hand, metal ions that bind 

preferentially to the base sites tend to disrupt the double helix, 

probably because the hydrogen-bonding between the bases is disrupted. 

From studies26-28 of the effect of various metal ions on the 'melting' 

temperature of DNA (the temperature at which DNA unwinds into single 

strands), the relative affinities of metal binding to phosphate, 

compared with base, sites have been elucidated as: Mg>Co,Ni>Mn>Zn>Cd> 

Cu>Hg. 

Extensive in vitro studies have been undertaken on mercury-DNA 

interactions29-34, with the general conclusion that the mercury ions 

are bonded to the nitrogen atoms of the bases. Mercury is unique in 

its ability to form complexes with native DNA at room temperature in 

vitro; other metals, such as copper(II), needing thermal assistance for 

base-binding27. 
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RNA does not exhibit similar behaviour to DNA in all of its 

reactions with metal ions. The effects of metal ions on the stabilis-

ation of RNA are not well known, but the destabilisation (i.e. the 

depolymerisation) of RNA in the presence of metals has been well 

studied35-38 

It is of fundamental importance in the study of the in vivo 

interactions of metal ions with nucleic acids, to first understand the 

nature of the metal complexes of their constituents. From the 

inorganic chemist's point of view, the nucleic acids represent macro-

molecules which offer a large number of potential binding sites to a 

metal ion, and it is interesting to see which of these the metal chooses. 

This work studies the interaction of the first-row transition elements, 

and of zinc and cadmium, with the pyrimidine bases of DNA and RNA. 

Several reviews of earlier work on the general subject of metal-nucleic 

acid interaction are available3942 

1.5 Riboflavin and flavins 

The significance of derivatives of isoalloxazine (Fig. 1.7a) in 

biological systems was first recognised in the early 1930's, and the 

subsequent discovery of the structure of riboflavin (Fig. 1.7b) 

constitutes an important chapter in the history of biochemistry. 

The initial detection of riboflavin or a riboflavin derivative 

was the isolation of an impure resinous pigment, called lactochrome, by 

Blyth43  in 1879; however, the vitamin properties of this substance were 

not recognised at the time, and it was not until Warburg and Christian 

reported" the discovery of an enzyme containing a yellow chromophore 

that the way was open for the isolation of riboflavin in pure form45'46. 

The subsequent determination of the structure of riboflavin was carried 

out by Warburg, Kuhn, Karrer, and co-workers4750. It is now usual to 

refer to 7,8-dimethy1-10-alkylisoalloxazines as 'flavins'. 



CH2OH 

HOH)3 

C H2 

N 

NH 

0 5 0 

H3C 

NH H3C  
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(a) 
	 (b) 

Fig. 1.7 Structures of (a) isoalloxazine (b) riboflavin. 

There are three main biochemically important flavins; riboflavin 

(Fig. 1.70, riboflavin-5'-monophosphate (riboflavin mononucleotide, 

FMN) (Fig. 1.8a), and flavin adenine dinucleotide (FAD) (Fig. 1.8b); 

some others have been reportedsi-ss  

0 
H2C-0-P -OH 

(HO H)3 OH 
H2C 

H3C 

HCC 

Fig. 1.8a Structure of riboflavin-5'-monophosphate. 
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HO OH N N 0 

NH 

H3C 

H3C 

23 

NH2  

H,,C-0- P-0- P -O-CH2  
I 

(HOCH/3 OH OH VOA  
C  H2 

O 

Fig. 1.8b Structure of flavin adenine dinucleotide. 

Riboflavin is well known as vitamin B2, and its action is closely 

associated with the function of flavin nucleotides in biochemical 

oxidations. FMN, and, more often, FAD, function as coenzymes in the 

oxidation of amino acids, amines, carboxylic acids, etc. Flavins are 

also implicated in many other systems, like that of thyroid iodination51. 

Flavins are involved in several photobiological processes56,57,  and 

crystalline riboflavin is also present in the eyes of some fish and 

mammals56. 

1.6 Flavoproteins 

Flavoproteins are intermolecular compounds formed between flavin 

nucleotides and proteins. There are two main groups of flavoproteins; 

one contains metal ions (usually iron or molybdenum) as an essential 

cofactor, while the other is independent of metals. The two most 

common flavin coenzymes' are FMNand FAD, although recent studies have 



O 
(a) 
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identified other flavins in flavoproteins52-55. The flavin coenzymes 

are all tightly bound to their various proteins, thus usually acting 

as prosthetic groups, rather than as freely dissociating coenzymes. In 

spite of numerous studies on model systems, little is known about the 

nature of the binding of flavin prosthetic groups to proteins, except 

that the binding is usually non-covalent. 

Flavoproteins are mainly concerned with important areas of 

oxidative metabolism, the most important property of the flavin co-

enzymes being their ability to undergo a reduction both to a half-

reduced or 'semiquinone' state and a fully-reduced or 'hydroquinone' 

state (Fig. 1.9). 

Fig. 1.9 The flavin redox system. Structures of (a) flavoquinone 

(b) flavosemiquinone (c) flavohydroquinone. 
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Thus, a flavoprotein containing a single flavin coenzyme might 

participate in the catalytic cycle by shuttling back and forth between 

the oxidised and the fully reduced, between the oxidised and the semi-

quinone, or between the semiquinone and the fully reduced, states. 

Singer and Massey59  have summarised the biological functions of flavo-

proteins simply. 

1.7 Interactions of metal ions with flavins 

The detection by chemical analysis of molybdenum in the enzymes 

xanthine oxidase60-64 and aldehyde dehydrogenase65, together with the 

discovery of iron in DPNH dehydrogenase66, xanthine oxidase67, and 

succinate dehydrogenase68 aroused great interest twenty years ago, and 

opened up the field of metalloflavoproteins. Since then, a number of 

highly purified flavoproteins have been shown to contain metal ions, 

mostly iron and molybdenum, as additional prosthetic groups. Several 

other metal ions have been found associated with flavoproteins, notably 

copper(II) in butyryl CoA dehydrogenase69,70 and manganese in hydrogen-

ase59, but it is uncertain whether these metals are essential for any 

of the activities of the enzymes. Since their discovery, metalloflavo-

proteins have been investigated intensively, especially by the 

application of rapid spectrophotometric and e.p.r. techniques. In spite 

of this, the precise rale of the metal ions remains uncertain. 

Evidence for direct contact between the flavin and the metal. in 

metalloflavoproteins has been obtained from studies of the e.p.r. of 

flavosemiquinone in metal-free and metal-containing flavoproteins71. 

In this study, it was found that the formation of a a-bond between 

flavin and the metal ion, albeit short-lived, is essential; a pure if-

type contact is not enough, even though the flavin within a metallo-

flavoprotein may only be temporarily coordinated to the metal, during 

an intermediate stage of the reduction. The metal, because it can 
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bind to both the flavin and the protein, may be an important structural 

component of metalloflavoproteins which holds the prosthetic group and 

the protein together in a highly specific configuration. Many 

mechanisms have been proposed to explain how the metal in such enzymes 

serves to link the redox abilities of the flavin to the reduction or 

oxidation of the substrate. The metal may undergo valency changes, it 

may serve to stabilise the semiquinone form of the flavin by introducing 

additional resonance possibilities, or it may provide a binding site 

for electron carriers, such as cytochrome C, thus allowing for rapid 

intramolecular oxidation-reduction between substrate and oxidant. 

The study of the metal complexes of flavins, therefore, constitutes 

a prerequisite for an understanding of the structure and mechanism of 

action of metalloflavoproteins. 



CHAPTER 2 

COMPLEXES OF URACIL AND THYMINE72  

2.1 Introduction 

Before this work was undertaken, very few coordination complexes 

of uracil and its derivatives with the first-row transition elements 

had been prepared. The inner complexes 'copper-uracil' and 'zinc-

uracil' have been patented73  as antineoplastic drugs, and the prepar-

ations of the similar compounds, bis(5-nitrouracil)copper(II)dihydrate 

and bis(5-iodouracil)copper(II)dihydrate, have been published74/75 

In addition, the crystal structures of the inner complexes bis(1-methyl-

thymine)mercury(II)76 and aquo(diethylenetriamine)(thyminato)copper(II)- 

bromide dihydrate77, and of the neutral complexes dichlorobis(uracil)- 

mercury(II) and dichlorobis(dihydrouracil)mercury(II)73, have been 

described. However, there has been little investigation of the chemical 

and physical properties of any of these compounds. Khullar and Agarwala 

have reported the preparation of several inner complexes of 2- and 4- 

thiouracil79-81, and the crystal structure of the neutral complex 

chlorobis(2-thiouracil)copper(I)DMF solvate has also been described82/8! 

While several other complexes and adducts of uracils with heavier 

metals8489 and with silver60/91  have been reported, there are no 

other reports of the isolation of uracil complexes with the first-row 

transition elements. 

2.1.1 Tautomerism of uracils 

Uracils may exist in several different tautomeric forms, and this 

fact is of considerable importance when considering the potential metal 

binding sites of the molecule. The principal tautomeric properties of 
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the uracils are due to the presence in these compounds of electron-

donor substituents, mainly OH, with SH in some important analogues. 

The labile proton may remain attached at the exocyclic oxygen or sulphur 

atom, or migrate to one of the ring nitrogen atoms, giving rise to 

'lactim-lactam' (X=0) or 'thiol-thione' (X=S) tautomerism (Fig. 2.1). 

(a) 	(b) 

Fig.2.1 (a) lactim or thiol form (b) lactam or thione form. 

Uracil and its C(5)- or C(6)-alkylated derivatives can therefore exist 

in six aromatic tautomeric forms (Fig. 2.2). 

f\l ,OH 	
H 
■,r0 

.,e  N

r 	

r-1 

N 

 N 

OH 	 OH 
(1) 	(2) 

I 	N 	 I 	NH 	 1.(1 	NH 

0 	 0 	 0 
(4) 	 (5) 	 (6) 

Fig. 2.2 The major tautomeric' forms of uracil. 
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Uracil nucleosides and nucleotides, which are biological 'building 

blocks', may exist only in forms (2), (4), and (6), as the result of 

the replacement of N (1)-H by ribose or ribose phosphate. 

During recent years, a very large amount of experimental and 

crystallographic evidence has been accumulated92, showing that uracils 

normally exist in the diketo (dilactam) form (6), both in the solid 

state, and in neutral aqueous solution. It is generally accepted that 

substitution of an alkyl group at C(5) or C(6) of the uracil ring does 

not significantly affect the tautomeric equilibrium; thus thymine, 6- 

methyluracil, and 5,6-dimethyluracil also exist predominantly in the 

diketo form. 

2.1.2 Metal-binding sites in uracils 

The predominance of the diketo tautomeric form of uracils means 

that these molecules normally have no unprotonated ring nitrogen atoms. 

Consequently, coordination of metal ions would be expected to occur 

less readily than in other common nucleic acid constituents, which have 

at least one nitrogen atom with an available lone pair of electrons. 

This is supported by the lack of published data on metal complexes 

containing uracil as a neutral ligand. It has been noted93 that uracil 

does not react with copper(II)chloride in neutral aqueous solution, and 

this has been confirmed in this work. Similarly, uracil does not 

appear to react with salts of the first-row transition elements in 

methanolic or ethanolic solution. However, it is obvious that uracils 

contain oxygen and nitrogen electron-donors, which may become available, 

under certain conditions, for metal ion coordination. 

Uracil behaves as a weak dibasic acid in aqueous alkaline media, 

with deprotonation of N(3) occurring first" (pK=9.7), followed by 

formation of the dianion (pK=14.2). Thus, under conditions of high pH, 

the molecule may bind to metal ions via N (1), N (3), or both, with the 
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adjacent carbonyl oxygen atom offering the additional possibility of 

chelation. Much work has been carried out on the interaction of uracils 

with various metal ions in aqueous alkaline solution90191)94-96, with 

most studies indicating that the major metal-binding site is deprotonated 

N (3), as would be expected. Chelate structures, involving N (3) and 

0(2), are postulated for the copper(II) complexes of 5-nitro- and 5- 

iodo-uracil previously mentioned74. The crystal structure of bis-

(1-methylthymine)mercury(II)76  shows linear N(3)-mercury-N (3') bonding, 

but the structure of aquo(diethylenetriamine)(thyminato)copper(II)bromide 

dihydrate77  shows that thymine is in this case bonded to the metal ion 

via N (1). 

In non-aqueous solution, or in neutral aqueous solution, the uracil 

molecule has only the carbonyl oxygen atoms readily available for metal 

binding. It is known that the carbonyl groups of uracils are strongly 

polarised97, with a concentration of negative charge on the oxygen atoms 

which is calculated to be approximately equal to that on the ring 

nitrogen atoms92. Presumably, therefore, the carbonyl oxygen atoms 

offer attractive metal-binding sites. Metal-oxygen bonds have indeed 

been found in the complexes dichlorobis(uracil)mercury(II) and dichloro-

bis(dihydrouracil)mercury(II), the crystal structures of which have 

been described by Carrabine and Sundaralingam79  (Fig. 2.3). In these 

compounds, the mercury atoms are bound directly to the 0(4) atoms of 

inversion-related uracil rings, with each metal ion possessing a 

distorted octahedral coordination of two short and four long bonds; the 

chlorine atoms are bridging, producing a polymeric structure. Evidently 

the 0(4) atom is the better electron-donor, since mercury attaches to  

it, rather than to 0(2). Studies on the protonation of 1-methyluraci199  

and of 1,3-dimethyluraci199  suggest that the monocation derived from 

protonation at 0(4) is considerably more stable than its 0(2) protonated 

isomer. However, electron density calculations92  reveal no great 
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differences in electronegativity between the two oxygen atoms. 
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Fig. 2.3 Structure of dichlorobis(uracil)mercury(II)78. 

An example of a similar type of metal binding by a uracil molecule 

in the neutral form is shown by the complex chlorobis(2-thiouracil)- 

copper(I)DMF solvate82)83. In this compound, each copper(I) ion is 

bonded to the 'thiocarbonyl' sulphur atoms of two thiouracil rings, with 

a chlorine atom completing a trigonal planar coordination sphere. The 

carbon-sulphur and carbon-oxygen bond distances clearly indicate that 

the pyrimidine rings are in the diketo form. 

The complexes prepared and studied in this work are believed to be 

of the same type as dichlorobis(uracil)mercury(II), i.e. containing 

metal-oxygen bonds, with the uracil rings in the diketo tautomeric form. 

2.2 Transition metal complexes 

By using as solvent ethyl acetate, whose polarity may well 
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simulate the conditions in parts of the natural systems, a number of 

complexes of uracil and thymine were prepared, which appear to contain 

these molecules as neutral ligands. 

For manganese(II), cobalt(II), nickel(II), zinc, and cadmium, 

complex formation was attempted using the chlorides, bromides, iodides, 

nitrates, and perchlorates. For iron(II), only the chloride and bromide 

were used. 

The following complexes were prepared with uracil: MLC12,n H2O 

(M=Mn, Cu, n=1; M=Cd, n=0; M=Co, n=2; M=N 1, n=2.5); Ni3L4Br6,4H20; 

ML2Br2 (M=Mn, Co); ML2(C104)2,nH20 (M=Mn, Co, n=1; M=Cu, n=2; M=Zn, n= 

3); NiLy.(NO3)2,21120., 

For thymine, the complexes prepared were:- MLX2,nH20 CA=Cd, X=C1, 

n=1.5; M=Mn, Fe, X=C1, n=2; M=Co, Cu, X=C1, n=2.5; M=Mn, X=Br, n=2.5); 

ML2X2,nH2O (M=Co, X=Br, n=1.5; 	X=N 03, n=4; M=Cu, X=C104, n=4). 

Analytical results for the complexes are given in Table 2.1, and 

data from physical measurements are listed in Tables 2.2-2.6. With 

copper(II)nitrate, some complex formation appeared to take place with 

both ligands, but no acceptable analyses could be obtained. In all 

other cases there appeared to be no complex formation. All the 

compounds exist as microcrystalline powders, insoluble in non-polar 

solvents, and decomposed by polar ones. Many of the complexes are 

hygroscopic, and the degree of hydration is variable. The analyses 

and physical measurements were carried out on freshly prepared samples, 

stored in desiccators. 

Vibrational spectra (4000-650cm-1; Table 2.2) 

The infrared spectra of the complexes are crucial to the interpret-

ation of the binding mode of the ligands; this subject is accordingly 

dealt with first. 

The infrared spectra of uracil and thymine in the carbonyl 
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stretching region (1800-1500cm 1) are rather complicated, with extensive 

hydrogen-bonding and vibrational coupling effects making the interpret-

ation difficult. The most complete interpretations of the vibrational 

spectra of these compounds are those of Susi and Ard100,101  , who 

assigned bands in the 1800-1500cm 1  region to v(C(2)=0), in-phase 

V(C(4)=0)+V(C=C), and out-of-phase V(C(4)=0)+v(C=C) (Table 2.2). This 

last appears only weakly, if at all, in the infrared spectrum. 

The main areas of interest in the infrared spectra on complex 

formation are the N-H stretching region (ca. 3200-3100cm 1), and the 

carbonyl stretching region. In the spectra of most of the complexes, 

the changes in the N-H stretching region compared with the free ligand 

are slight, but the carbonyl stretching region shows considerable 

changes. 

For some of the uracil complexes the carbonyl absorption appears 

only as a broad band, with its centre of gravity shifted to lower 

energy compared with the free ligand. In other'cases, however, two or 

three separate bands are resolved, and it is clear that V(C(2)=0) is 

essentially unchanged on coordination, while the 1675cm 1  band is , 

shifted to lower energy. The third component sometimes observed may be 

the Raman band, activated on coordination. The most probable explan-

ation of these changes is that donation to the metal ion occurs through 

C(4)=0, as in Hg(Ura)2C1278, which has a similar infrared spectrum102. 

For thymine, however, the situation is more complicated. Susi and 

Are" again assigned the highest energy band in the carbonyl region to 

V(C(2)=0), although they had some reservations concerning this. Their 

assignment was based on bond lengths reported103 for thymine hydrate, 

although the spectrum corresponds to that of the anhydrous form. The 

anhydrous form, in contrast to the hydrate, has C(4)=0 shorter than 

C(2) =0104.  The infrared spectrum of the hydrate, which is relatively 

unstable in air, shows two broad bands in the carbonyl region, at 
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1743cm 1  and 1663cm 1. It is possible that some decomposition of the 

hydrate occurs in the infrared beam, and that the true spectrum should 

be even more different from that of the anhydrous material. 

Both of the observed carbonyl bands for thymine undergo shifts to 

lower energy on coordination, in contrast to the situation for uracil, 

and for thymine hydrate, although complex formation through C(4)=0 

might be expected to show similarity to hydration through C(4)=0. One 

possible explanation would be that C(2)=0 is used for coordination in 

this case, because the steric effect of the methyl group on C(5) makes 

C(4)=0 a less attractive donor. However, there is no firm evidence for 

this,.although it is worth noting that a recent structural determination 

of a dinucleotide sodium salt shows the sodium ions interacting with 

C(2)=0 of thymidinel". 

For uracil, the remaining infrared bands above 400cm 1  show no 

significant shifts on coordination, but for thymine, some changes are 

observed, which, although fairly small, are sufficient to indicate the 

presence of coordinated thymine. The band at 984cm 1  (CH3 rock) is 

reduced in intensity in the complexes, and that at 1203cm-  fv(ring)A-

V(C-CH3)1 is shifted to ca. 1220cm 1. Both of the in-plane N-H 

deformations (or 'amide II' bands, since there is considerable coupling 

with the carbonyl stretches), which appear quite weakly at 1406cm 1  and 

1495cm 1  in the ligand spectrum, have enhanced intensity in the complexes, 

and the lower band is shifted to ca. 1420cm 1. A similar, though. 

greater, increase of both frequency and intensity for this band (due to 

N (3)-H coupled with both C(2)=0 and, more strongly, C(4)=0) has been 

observed on helix formation between polyuridylic acid and polyadenylic 

acid106, and was thought to be due to hydrogen-bonding of the N (3)-H 

group. 
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Manganese(II) 

The complexes formed with MnX2,4H20 (X=C1, Br) are all of 1:1 

stoicheiometry except for Mn(Ura)2Br2. All the compounds are assigned 

polymeric, octahedral structures on the basis of their low-frequency 

vibrational and e.p.r. spectra. 

Far-infrared data for the complexes are given in Table 2.3. All 

the compounds exhibit several strong bands in the 230-180cm 1  region, 

and it is difficult to assign specific absorptions to metal-ligand or 

metal-halogen stretching modes, particularly as there are also several 

ligand bands in this region. However, comparison with the spectra of 

similar complexes of substituted uracils (Chapter 3), allows tentative 

assignments to be made. For the chloro-complexes, strong, broad bands 

occur at 221cm 1  (uracil) and 232cm 1  (thymine), which probably arise 

mainly from metal-ligand stretching modes. These values are close to 

the V(Mn-0) modes observed for complexes of other oxygen donor ligands, 

eg. urea107,2-pyridone108, 2-imidazolidinone109, and other amides and 

ketones110. Metal-chlorine stretching modes are assigned at 195cm 1  

for Mn(Ura)C12,H20 and at 207cm 1  and 184cm 1  for Mn(Thy)C12,2H20; 

these values are in the range usually found for octahedral manganese 

compounds containing bridging halides'11-113. The bromides have 

similar spectra.- 

All four halo-complexes have simple e.p.r. spectra, with single, 

rather broad, signals at g
eff.

=2, indicative of polymeric octahedral 

structures114 

X-ray powder pattern data shows the structure of Mn(Ura)2(C1002, 

H2O to be very similar to that of the analogous cobalt complex, in 

which the metal ion is six coordinate (vide infra). It seems likely, 

therefore, that Mn(Ura)2(C104)2,H20 also has a polymeric structure, in 

which either the uracil molecules or the perchlorate ions are bridging. 



The infrared spectrum shows no evidence for strongly coordinated 

perchlorate groups. The changes occurring in the infrared spectra on 

going from ionic (T
d 
symmetry), to unidentate (C ), to bidentate (C ) 

3V 	 2V 

perchlorate groups in complexes have been well studied115-124• 

Although it has been pointed out that the extent to which the spectrum 

of ionic perchlorate is affected depends greatly upon the degree of 

metal-perchlorate interaction121t123, it is generally agreed that, on 

coordination, the V asymmetric stretching mode (ca. 1100cm 1  ) and 
3 

V asymmetric bending mode (ca. 620cm 1) bands are split into at least 

two components, while the symmetric vibrations which are normally in-

active in T
d 
symmetry, i.e. V

1 
 (ca. 930cm 1) and V

2 
 (ca. 460cm 1), 

become allowed. The infrared spectrum of Mn(Ura)2(C104)2,H20 exhibits 

a strong, broad, perchlorate band at 1078cm 1, with no pronounced 

splitting. This would seem to indicate ionic perchlorate groups, 

although a weak band does appear at 931cm I. However, weak metal-

perchlorate interaction is not ruled out. 

A polymeric structure for this compound is supported by the e.p.r. 

spectrum, which shows a geff.=2 signal with a slight inflexion, 

indicating some distortion from cubic symmetry. 

The low-frequency infrared spectrum is uncomplicated, with a 

medium-intensity band at 238cm I , assigned to a V(Mn-0) mode, while a 

broad band centred near 330cm I  may possibly arise from a metal-water 

vibration. Although most studies of the vibrational spectra of complexes 

containing coordinated perchlorate groups have not been extended below 

300cm I , one investigation with rare earth salts has indicated that at 

200-300cm I  a broad absorption involving metal-oxygen stretching can be 

observed125. Similarly, Raman evidence has been provided126 for an 

indium-oxygen symmetric stretching vibration at 255cm 1  in In2(S003. 

Although the v(M-0) vibration is sensitive to oxidation state, and 

should therefore occur at a lower energy for divalent transition metals, 
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it should still be observed111  above 200cm 1. It seems, therefore, 

that the appearance of bands in the 200-300cm I  region of the 

vibrational spectrum, together with the splitting of the V and V 
3 	4 

vibrations and the appearance of the forbidden V mode of ionic per- 
1 

chlorate, may indicate coordination of perchlorate to the metal. For 

the uracil complexes, however, one expects a band in the 200-300cm-I  

region, arising from a metal-ligand mode, so that far-infrared evidence 

for coordinated perchlorate may be misleading in this case. 

Iron (II) 

The only iron complex prepared, Fe(Thy)C12,2H20, exhibits an 

electronic spectrum with low intensity d-d bands, characteristic of an 

octahedral stereochemistry. The main band occurs at 9430cm 1  (Table 2.4) 

with possibly a further weak absorption near 5710cm I , although this is 

uncertain because of the ligand vibrational bands in this region. The 

spectrum is quite similar to that of FepyCl2 (Fig. 2.4), which has an 

octahedral, polymeric structure127,128. This suggests that Fe(Thy)C12, 

2H20 may be assigned a similar structure. 

In ligand fields of Oh  symmetry, the 5D free ion ground state of 

iron(II) splits into a 5T  ground state and a 5E excited state. 
2g 

Accordingly, the spectra of six coordinate iron(II) complexes should 

show one spin-allowed band, in the near infrared or visible region. 

However, when the six ligands are not identical, a splitting of the 5E 

level is expected, giving rise to more than one band. For the thymine 

complex, the band separation is quite large (3720cm I), indicating an 

appreciable splitting of the 5E
g 
 level due to a departure from 0

h 
symm-

etry. The splittings of electronic spectral bands can be related to 

ligand field asymmetry by the method of McClure129. In this theory, 

the observed band splittings are related to the differences in the 0-

and 7-antibonding energies experienced by the d-orbitals of the metal 
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ion. If the McClure method is applied to iron(II) complex spectra, the 

splitting of the 5Eg  level is equal to 7 da for trans-disubstituted 

complexes of the type FeA4B2, and to 4 do.  for monosubstituted complexes 

FeA5B. For FepyC12, do' is calculated127  to be ca. 1800cm I  by treating 

the compound as an FeA5B system. For the thymine complex, however, the 

same treatment gives 1801=2800cm-I, which is rather large, especially 

when compared with the results obtained for other uracil complexes 

(Chapter 3). If the complex is treated as an FeA4B2 system, a much 

more reasonable value of ca. 1400cm 1  is obtained for 18g1; this suggests, 

therefore, that the compound may contain a coordinated water molecule. 

The far-infrared spectrum of the complex exhibits V(Fe-C1) bands 

near 200cm I, which seems reasonable for a structure based on bridging 

chlorines. 

Cobalt (II) 

The electronic spectra of the hydrated cobalt halide complexes are 

typical of octahedral cobalt(II), with bands near 8000cm I  and 19000cm I  

which may be assigned respectively as due to the 4T (F)±4T 	(v1) and 
ig 	2g 

4T (F) 	 1 4T (P) (V3) transitions. Weaker bands near 16000cm 	arise 
ig 	ig 

either from the two-electron jump 4T 
ig 
(F)÷ 4A

2g 
 (V2), or from transitions 

to the upper states derived from the 2G free ion term. The band near 

19000cm-I  is generally well resolved, and shows clearly the splitting 

by spin-orbit coupling, the intensity enhancement of the transition to 

20  (2r6),   and the difference in ligand field between the chloro- and 

bromo-complexes. 

On dehydration, the halo-complexes turn blue, but except for 

Co(Thy)2Br2, their electronic spectra still suggest six coordination, 

with band intensities similar to those of the hydrates. The vi trans-

ition now appears near 6000cm I , and V3 near 17000cm I , with shoulders 

on the latter due to V2 and to spin-forbidden bands. The magnetic 
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moments of the dehydrated compounds are similar to those of the hydrates, 

and are also indicative of octahedral coordination (Table 2.5). 

For Co(Thy)2Br2, the electronic band intensities are higher, and 

the band profile in the visible region quite different. The spectrum 

is in agreement with an essentially tetrahedral structure with a weak 

ligand field (A=ca.3300cm 1). The magnetic moment of 4.66 B.M.. also 

suggests an essentially tetrahedral structure. 

The ligand field in all the complexes appears very weak. The 

anhydrous chloro-complexes have A close to 6000cm 1, and the other 

compounds also have low figures. The slightly stronger ligand fields 

of the hydrates compared with the dehydrated compounds may indicate 

that the water molecules are involved in the primary coordination 

sphere of the metal ion. Even assuming bridging halide ions, i.e. a 

ligand field of the L2X4 type, the field generated by the neutral 

ligands must be quite weak, probably comparable with that of chloride 

ion. In the tetrahedral Co(Thy)2Br2, the ligand field is similar to 

that of Co(Ph3P0)2Br2130 (A=3180cm 1) and Co(Ph3As0)2Br2 (A=3250cm 1). 

It is likely, therefore, that the donor atom in these ligands is a 

carbonyl oxygen. 

The low-frequency infrared spectra of the octahedral halides 

exhibit V(M-X) vibrations at similar frequencies to the manganese 

complexes, suggesting structures containing bridging halides. They 

also show quite strong, broad, absorptions in the 340-380cm 1  region, 

which may be due to metal-water modes, since they are not present in 

the spectra of the dehydrated complexes. 

The perchlorate complex also has an electronic spectrum indicative 

of a centrosymmetric structure. The band energies and assignments are 

similar to those of the hydrated halides, except that the weak band 

near 16000cm 1  is not now observed. The infrared spectrum shows a 

strong, unsplit, perchlorate band at 1098cm , with a further weak 
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absorption at 938cm 1. As for the analogous manganese compound, some 

form of weak metal-perchlorate interaction must be invoked, even though 

the infrared spectrum suggests completely ionic perchlorate groups. 

The far-infrared spectrum is similar to that of the manganese complex. 

Nickel(II) 

With nickel(II)chloride and bromide, uracil forms the hygroscopic 

complexes Ni(Ura)C12,2.5H20 and N i3(Ura)4Hr6,4H20. For thymine, 

complexes with unusually low ratios of ligand to nickel halide were 

obtained, and it is not certain that these are true compounds, although 

they are fairly reproducible and the infrared spectra indicate coordin-

ation of the ligand. It is likely that the structures are based on 

NiX2 chains, with thymines bonded to some of the metal ions. These 

compounds are very hygroscopic, with the water molecules doubtless 

filling the empty coordination sites. 

The electronic spectra of the uracil complexes suggest essentially 

octahedral structures, with A ca. 7000cm 1  (bromide) and ca. 7500cm 1  

(chloride). The 3A ÷ 3T (F)transitions (V2) are assigned to bands 
2g 	1g 

near 12000cm 1  in each case. For both complexes, the 3A ÷ 3T (P) 
2g 	ig 

transition (V3), which occurs in the 20000-23000cm-1  region, appears to 

be split, but the lower component is probably a spin-forbidden band, 

with an excited state arising from the 1G free ion term. In neither 

case are the lower energy bands significantly split. The weak ligand 

fields are consistent with coordination through the keto-oxygens of the 

1 ligands 31-133  . It is interesting to note the close resemblance of the 

spectrum of the chloro-complex to that of Ni(pyOH)C12 (Fig. 2.5), which 

is thought to have a polymeric, halogen-bridged structure, with the 

neutral ligand coordinating through the carbonyl oxygen134. The low-

frequency infrared spectra of these compounds are also similar, with 

v(Ni-C1) bands assigned at 224cm-1  in both cases. For comparison, 
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v(Ni-C1) modes in the halogen-bridged polymers Ni(Mepyz)C12135 and 

N i(isox)C12,0.5H20136 appear at 220cm 1 	1 and 222cm , respectively. 

The nitrate complexes are assigned essentially octahedral structures. 

The electronic spectra of both compounds are very similar, with A=ca. 

8750cm 1. The v3 band (23000-25000cm.1) in each case shows a greater 

degree of splitting than for the halides, but again the lower component 

is likely to be a spin-forbidden band. 

It is usually quite difficult to determine the mode of binding of 

the nitrate group from its infrared spectrum, mainly because of the 

variety of coordination environments in which it can occur123. Ionic 

nitrate complexes show three strong bands in the infrared, at ca.830cm 1  

( NO2 deformation, V2), ca.1390cm 1  (NO2 asymmetric stretch, V3), and 

ca.720cm 1  (planar rock, V4). Coordination of the nitrate group lowers 

its symmetry from D
3h to C , resulting in several changes in the 2v 

infrared spectrum137,138. In particular, the N-0 stretching vibration, 

theoretically inactive for ionic nitrates, occurs as a strong absorption 

at ca.970-1034cm 1  in nitrato compounds. The degeneracy of V3 is lifted, 

to give two bands in the 1250-1290cm 1  and 1480-1530cm 1  regions, while 

V4 also splits, to give two bands near 739cm 1  and 713cm 1. It is 

difficult to distinguish between uni- and bi-dentate nitrate from infra-

red data; unlike perchlorates, the symmetry of the nitrate group is 

identical (C ) in both modes. Attempts to correlate infrared and other 
2v 

evidence with the nitrate coordination mode139 are now regarded as un-

reliable140, especially when the compounds compared differ significantly 

from one another. A proposa1141  that bidentate NO3 should have two 

metal-oxygen stretching vibrations in the far-infrared, while unidentate 

has only one, was subsequently142 shown to be invalid. It would appear, 

therefore, that infrared spectroscopy is only of limited value in 

determining the mode of NO3 coordination. 

The infrared spectra of the uracil and thymine nitrates show NO3 
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group vibrations near 1470cm 1  and 1340cm-1, which would seem to 

indicate some metal-nitrate interaction. The lower energy bands are 

mainly obscured by ligand absorption. There are several strong bands 

in the 240-290cm 1  region, which probably arise from metal-ligand modes. 

Copper(II) 

Both of the 1:1 complexes formed with copper(II)chloride exhibit 

low intensity absorption near 12000cm 1  in their electronic spectra, 

consistent with tetragonally-distorted octahedral coordination for the 

copper ions143 

The e.p.r. spectra are also in agreement with six coordinate 

structures (Table 2.6), with the spectrum of CU(Ura)C12,H20 giving a 

broad signal indicative of exchange coupling, and, probably, a polymeric 

structure. The spectrum of the thymine complex is of the 'reversed' 

type, commonly observed for copper(II) in trigonal bipyramidal environ-

ments, with gi  higher than gil , and split into two components. In this, 

case, however, the spectrum probably arises from an octahedral geometry 

based on four long equatorial, and two short axial, bonds. 

The far-infrared spectra show typical strong V(Cu-C1) bands near 

300cm 1; in general, it is not possible to distinguish between terminal 

and bridging v(Cu-C1) modes in the infrared144. 

The complex Cu(pyOH)C12 has similar spectroscopic properties to 

those described above, with a single electronic d-d band at 11300cm 1, 

and V(Cu-C1) vibrations at 300cm 1  and 276cm 1  in the infrared. The 

crystal structure of this compound has been determined134; it consists 

of chlorine-bridged dimers with the pyridone molecules coordinating 

through the keto-oxygens (Fig. 2.6). The dimers are loosely connected 

together into chains by long copper-chlorine interactions, giving each 

copper ion a very tetragonally-distorted octahedral coordination sphere. 

It seems reasonable to assume a similar structure for the uracil and 
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thymine complexes. 

Fig. 2.6 The structure of Cu(py0R)C12134. 

The complexes Cu(Ura)2(C104)2,2H20 and Cu(Thy)2(C104)2,4H20 have 

similar electronic and infrared spectra. Both compounds exhibit strong, 

multiple absorption in the 1000-1100cm 1  region of the infrared, which 

may be indicative of covalently bound perchlorate groups. The electronic 

spectra are similar to the halides, indicating essentially octahedral 

coordination of the copper ions. 

The e.p.r. spectrum of the uracil compound is unusual, in that gli  

(2.35) is higher than normally found in spectra of this type. The 

thymine complex exhibits a spectrum of the 'reversed' type, similar to 

that of the chloride. 

Zinc 

The only zinc complex prepared was the 2:1 perchlorate. The low-

frequency infrared spectrum of this compound is similar to those of the 

other M(Ura)2(C104)2 complexes, with a fairly strong metal-ligand 

vibration near 250cm 1. It seems likely, therefore, that this compound 

also has a six coordinate structure. 

4 5 



Cadmium 

The far-infrared spectra of Cd(Ura)C12 and Cd(Thy)C12,1.5H20 show 

V(Cd-C1) vibrations in the 170-190cm-1  region, which is in the range 

expected for polymeric octahedral cadmium complexes containing chlorine 

bridges. 

4(3 



Colour C 	H 

   

pale pink 19.00 2.07 

pale pink 21.82 1.86 

pale pink 19.43 2.42 

pink 

blue 

pink 

yellow 

yellow 

17.66 2.95 

19.69 1.90 

19.59 2.43 

16.96 2.60 

16.38 2.50 

47 

% Found 	% Calculated 

N Compound 

L=uracil 

MnLC12,H20 

MnL2Br2 

MnL2(C1002,H20 

CoLC12,2H20* 

CoL2Br2 

CoL2(C1002,H20 

NiLC12,2.5H20 

Ni3L'Or6,4H20 

N iL4( NO3)2,2H20 pale green 28.72 3.05 

CuLC12,H20 	khaki 	18.08 2.83 

CuL2(C1002,2H20 pale blue 19.34 2.41 

ZnL2(C104)223H20 white 	17.78 2.29 

CdLC12 	white 	16.00 2.03 

L=thymine 

MnLC12,2H20 	pale pink 20.60 3.29 

MnLBr2,2.5H20 	pale pink 15.62 2.62 

FeLC12,2H20 	yellow 	20.79 3.45 

CoLC12,2.5H20* 	pale lilac 20.10 3.24 

CoL2Br2,1.5H20* pink 	24.24 3.13 

NiL2(NO3)2,4H20 pale green 23.18 3.43 

CuLC12,2.5H20 	yellow-grn.19.94 2.94 

CuL2(C1002,4H20 pale green 20.68 3.18 

CdLC12,1.5H20 	white 	17.65 2.59 

N 	C 
	

H 

11.04 18.77 2.36 

12.77 21.89 1.84 

11.17 19.37 2.03 

10.15 17.35 2.91 

12.21 21.70 1.82 

10.99 19.21 2.02 

9.75 16.76 3.16 

9.62 16.34 2.06 

20.47 28.81 3.02 

10.36 18.16 2.29 

10.66 18.38 2.31 

10.42 17.71 2.60 

9.62 16.26 1.36 

9.36 20.85 3.50 

7.23 15.56 2.87 

9.67 20.79 3.49 

9.26 19.95 3.68 

11.30 24.12 3.04 

16.41 23.69 3.98 

8.98 19.65 3.63 

9.39 20.47 3.43 

8.21 17.85 2.69 

10.94 

12.76 

11.29 

10.11 

12.65 

11.20 

9.77 

9.53 

20.99 

10.59 

10.72 

10.33 

9.48 

9.73 

7.26 

9.69 

9.31 

11.25 

16.58 

9.17 

9.55 

8.33 

*Analytical results for the anhydrous compounds are unreliable (see 

Experimental). 

Table 2.1 Analytical results for the uracil and thymine complexes. 
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Compound 	v(C=0) + v(C=C) (cm 1)'Amide II' bands (cmm 1) 

uracil 	1716s, 1675s 

MnLC12,H20 	1650s,br 

MnL2Br2 	1650s,br 

MnL2  (C104) 2H20 	1665s,br 

CoLC12,2H20 	1716s, 1660s,br, 1597s 

CoLC12 	1716s, 1656s,br, 1600s 

CoL2Br2 	1711s, 1651s,br, 1610sh 

CoL2(C104)2,H20 	1665s,br 

NiLC12,2.5H20 	1716s, 1640br 

N i3L4Br6,4H20 	, 1716s, 1660sh, 1625s 

N iL4  ( NO3)2  ,2H20 	1716s, 1656s,br 

CuLC12,H20 	1716s, 1656s,br, 1587s 

CuL2(C104)2,2H20 	1676s,br 

ZnL2(C104)2,3H20 	1716s, 1675s, 1648sh 

CdLC12 	1716s, 1657s,br, 1590m 

thymine 	1735m, 1677s 	1495wsh, 1406vw 

MnLC12,2H20 	1690s, 1656s, 1624s 	1497m, 1412m 

MnLBr2,2.5H20 	1692s, 1651s, 1619s 	1494mw, 1424m 

FeLC12,21120 	1695s, 1652ms, 1621ms 	1492m, 1422ms 

CoLC12,2.5H20 	1742s, 1676s,br, 1600s 	1491mw, 1420m 

CoLC12 	1735sh, 1690s,br, 1623ms 	1495mw, 1426m 

CoL2Br2,1.5H20 	1710s, 1687s, 1632ms 	1504mw, 1424m 

CoL2Br2 	1650s,br 	1490m, 1425m 

112  ( N 03  )2  4H2  0 	1735m, 1675s, 1600sh 	Obscured by NO3  bands. 

CuLC12,2.51120 	1710s, 1658s, 1638s 	1495w, 1413m 

CuL2  (C104  ) 2  , 4H2 0 	1700s, 1653s, 1608s 	1508mw, obscured by Bas  CH3  

band. 

CdLC12,1.5H20 	1709s,1676s,1647s,1631s 	1495mw, 1417m 

Table 2.2 Shifts of infrared bands in the uracil and thymine complexes. 
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Compound 	V(M-X) 	V(M-L) 	Ligand 	Unassigned 

uracil 	 435vs, 407sh, 

195w,127sh,112s 

MnLC12,H20 	195ms 	235sh,221s,br 432vs,127sh 	163ms 

MnL2Br2 	176vs 	233s 	429vs,196sh, 	161sh 

127sh,109w 

MnL2(C104)2,H2Ot 	238ms 	423vs 	332m,br 

CoLC12,2H20 	205s,190s,br 380 * sh,239s 431vs,113w 	151m 

CoLC12 	219sh,204s 	237m 	435vs,183sh,112w 151w 

CoL2Br2 	214s,186s 	241ms 	426vs,123w 	166sh 

CoL2(C104)2,H2Ot 	255ms 	432vs,br 

N i1C12,2.5H20 	224vs 	259s,246sh 	431vs,195s,126w, 345sh,174m 

115mw 

Ni3L4Br6,4H20 189s 	225ms,210ms 432vs,112mw 345sh,161m 

N iL4( NO3) 2,2H2Ot 	291m,276sh, 	432vs 	385s 

242w 

CuLC12,H20 	288vs,br 	432vs,408sh 	324s 

CuL2(C104)2,2H2Ot 	252s,br 	417vs 

ZnL2(C104)2,3H2Ot 	249ms 	420vs 	360sh 

CdLC12 	183s,174s 	225sh,205s 	432vs 	310w 

thymine 	 425vs,320w,287w, 

210w,98mw 

MnLC12,2H20 	207ms,184s 	232s,br 	435vs,390sh 	146m 

MnLBr2,2.5H20 	181s,br 	239m 	447vs,360s,br 	155sh,124s 

FeLC12,2H20 	204s,186s 	349 * s,br, 	430vs,324sh,303w, 

230s 	270w 

CoLC12,2.5H20 	207vs,190vs 	342 * vs,br, 	428vs 	153m 

234s 

CoLC12 	209vs,200sh 239s 	432vs,319w,br 154sh 

CoL2Br2,1.5H20 	178s 	 422vs,344m,301w 150sh,130s 

CoL2Br2 	244s,229s 	264sh 	426vs,322m,210sh 177sh 

N iL2( NO3) 2,4H20t 	278ms,240w 	432vs 	385s 

CuLC12,2.5H20 	307vs,276s 	420s,396m,213w 

CuL2(C104)2,4H2Ot 	252s,229ms 418vs,331s,279s 309w,368m 

CdLC12,1.5H20 195vs,177vs 231sh 	444vs 

t450-200cm 1  region only. 	*may be V(M-0112) mode. 

Table 2.3 Far i.r. data for the uracil and thymine complexes. Values are 

in cm 1. 
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Compound Band maxima (cm-1) 

L=uracil 

CoLC12,2H20 ca.7840*w,16130w,18350sh,19300m,20490sh,21740sh 

CoLC12 6150m,12890sh,14490sh,17100s,17610sh,18870sh,19610sh, 

20320sh 

CoL2Br2 5990m,12120sh,14080sh,17540s,18800sh,19680sh 

C0L2(C104)2,H20 8000w,20120s,21500sh 

NiLC12,2.5H20 ca.7550*m,12500m,13700sh,20000sh,22990s 

N i3L4Br6,41120 6950m,br,12050m,16670sh,206201 	sh 

NiL4( NO3)2,21120 8700w,14490w,br,23310m,25190m 

CuLC12,H20 12820s 

CuL2(C104)2,H20 12120s 

L=thymine 

FeLC12,2H20 ca.5710*w,9430w 

C0LC12,2.5H20 ca.8060*w,16260w,18520sh,19490s,205305h,22370sh 

CoLC12 6060m,8700sh,12500sh,15150sh,166105,188705h,20750sh 

C0L2Br2,1.5H20 ca.7140*w,15380w,18020sh,18870s,20000sh,21280sh 

CoL2Br2 5750s,14290vs,15380sh 

N iL2( NO3)2,41120 8770w,br,14490w,br,23530m,25380m 

CuLC12,2.5H20 11760s 

CuL2(C104)2,4H20 8000sh,12820m 

* Low energy band partially obscured by ligand vibrational bands. 

t Partially obscured by charge-transfer band, 

Table 2.4 Diffuse reflectance spectra of the uracil and thymine complexes. 
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Compound X'm 	Peff. 	
T X

g  

(m3  kg lx10 8) (m3mol 1x10 11) 	(B.M.) 	(K) 

Co(Ura)C12,2H20 	36.83 	10359 	4.96 	297 

Co(Ura)C12 	44.93 	10965 	5.09 	296 

Co(Ura)2Br2 	24.64 	11066 	5.12 	296 

Co(Thy)C12,2.5H20 	34.11 	10095 	4.89 	296 

Co(Thy)C12 	42.19 	10910 	5.08 	296 

Co(Thy)2Br2,1.5H20 	20.48 	10401 	4.96 	296 

Co(Thy)2Br2 	19.23 	9237 	4.66 	295 

Table 2.5 Magnetic susceptibility data for some of the uracil and thymine 

complexes. 

Compound 
gi 

Cu(Ura)2(C104)2,2H20 	2.35 	ca.2.17, 2.08 

Cu(Thy)C12,2.5H20 	2.05 	ca.2.19, 2.25 

Cu(Thy)2(C104)2,4H20 	2.07 	ca.2.21 br 

Table 2.6 Powder e.p.r. results for some of the uracil and thymine 

complexes. 



52 

CHAPTER 3 

COMPLEXES OF SOME OTHER SUBSTITUTED URACILS 

3.1 Introduction 

As previously mentioned (Chapter 2), substitution by an alkyl 

group at C(5) or C(6) of the uracil ring does not significantly affect 

the tautomeric equilibrium; similarly, there is a great deal of 

evidence to suggest that N (1)- or N (3)-alkyl substituted uracils also 

exist mainly in the diketo form, both in the solid state, and in neutral 

aqueous solution. However, methyl substitution at C(6) might be 

expected to increase the potential of 0(4) as a metal donor, since the 

inductive effect of the alkyl group should help to stabilise tautomeric 

forms in which 0(4) is negatively charged. It is also possible that a 

considerable steric effect may be introduced in complexes of these 

ligands. 

Metal complexes of several uracils involving methyl substitution 

at C(5), C(6), N (1), and N(3), were prepared and studied. In all 

cases attempts were made to prepare complexes with the same metal salts 

as were used for uracil and thymine. 

3.2 Complexes of 6 -methyluracil 

The following complexes of 6-methyluracil (Fig. 3.1, R1=R2=R3=H, 

R4=CH3) were prepared and studied: MLC12,nH2O (M=Co, n=0; M=Cu, n=0.5; 

M=Mn, Co, n=1; M=N i, n=1.5; M=Cd, n=3.5); NiLBr2,H20; ML2X2,nH2O (M= 

Fe, X=C1, n=0; M=Mn, Co, X=Br, n=0; M=Co, X=Br, n=2; M=Cu, X=C104, n=1,4 

ML4(C104)201H20  (M=Mn, n=6; M=Co, n=2). 

In addition to these compounds, some complex formation appeared to 

occur with copper(II)nitrate, nickel(II)nitrate, manganese iodide, and 



nickel(II)iodide, but no acceptable analysis results could be obtained. 

O 

Fig. 3.1 

Analytical results for the complexes are given in Table 3.1, and 

data from physical measurements are collected in Tables 3.5, 3.6, 3.10, 

3.14, and 3.18. 

Vibrational spectra (4000-450cm-1; Table 3.6) 

No assignments for the fundamental vibrational modes of 6-methyl-

uracil are available in the literature. In view of the importance of 

the infrared spectra in determining the mode of binding in these complexes, 

several tentative assignments of fundamental modes of the ligand were 

made by comparison with the published infrared data for uracil and 

loo,iol thymine 	. A list of all the significant infrared bands of 6- 

methyluracil in the 4000-450cm 1  region is given in Table 3.5, together 

with some possible assignments. 

The carbonyl stretching region of the spectrum shows two strong 

bands. In the absence of crystallographic data for 6-methyluracil, it 

is assumed that, like uracil, the C(2)=0 bond length is shorter than 

C(4)=0, in which case the higher energy band may be assigned to the 

V(C(2)=0) mode, and the lower to V(C(4)=0)+V(C=C). For some of the 

complexes the carbonyl absorption appears only as a broad band, with its 

centre of gravity shifted to lower energy compared with the free ligand. 

In most cases, however, both carbonyl bands undergo shifts to lower 

5 3 
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energy on coordination, and sometimes a third component is resolved. 

This behaviour is analogous to that of thymine, and it is possible that 

C(2)=0 is also used for coordination in this case. 

The changes in the 1200-1500cm 1  region of the spectrum on complex 

formation do not form a recognisable pattern, in contrast to the 

situation for thymine. The CH3-rock vibration, however, which is 

tentatively assigned to a medium band at 960cm 1 , is greatly reduced in 

intensity in the complex spectra, as in the case of thymine. The only 

other characteristic change above 400cm 1  in the complex spectra is that 

of a medium intensity band at 639cm 1, which usually shifts to higher 

energy on complex formation. This band may arise from a carbonyl 

deformation mode. 

Manganese (II) 

The e.p.r. spectrum of the 1:1 chloro-complex shows a broad g
eff. 

 

2 signal, which is indicative of a polymeric octahedral structure, and 

the low-frequency infrared spectrum exhibits V(Mn-C1) bands near 200cm 1  

(Table 3.10). These spectral properties suggest a similar chlorine-

bridged structure to that proposed for the analogous uracil and thymine 

complexes. 

With manganese bromide, a complex of 2:1 stoicheiometry'is formed. 

This compound differs from Mn(Ura)2Br2 in that its e.p.r. spectrum 

exhibits several bands in the 0-1000mT range, with the strongest signal 

near g
eff.

=4.2. This type of spectrum is characteristic of complexes 

showing considerable deviation from axial symmetry114 , and strongly 

suggests a monomeric, probably pseudotetrahedral, structure for the 

complex, with two weak and two strong donor atoms. The spectrum is 

considered further in Chapter 7. 

The infrared spectrum of Mn(6Meura)4(C104)2,6H20 is consistent with 

the presence of ionic perchlorate groups. A strong metal-ligand 
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band occurs at 237cm 1  in the far-infrared, and the e.p.r. spectrum 

consists of a broad 
geff.=2  signal. These properties suggest an 

octahedral coordination of the metal ion; it is possible that the 

structure consists of a Mn(H20)62+ ion, with the neutral ligand 

molecules merely hydrogen-bonded in the lattice, as found for Mn(4,6- 

DMP)4I2,6H20 (Chapter 5), although the infrared spectrum in this case 

seems to indicate that the 6-methyluracil is coordinated. 

Iron (II) 

Fe(6Meura)2C12 has an electronic spectrum characteristic of an 

essentially octahedral stereochemistry, with low intensity d-d bands 

in the near-infrared region (Table 3.14): The spectrum is quite 

similar to that of Fepy2C12, which is believed127  to have the same 

trans-octahedral polymeric structure as Copy2C12145. This suggests 

that the 6-methyluracil complex may also be assigned a structure based 

on chlorine bridges. The electronic band separation in this case (ca. 

3240cm 1) is less than for Fe(Thy)C12,2H20. If Fe(6Meura)2C12 is treated 

as an FeA032 system, 160-1 is found to be ca.1200cm 1 , which is less 

than the value obtained for Fepy2C12 (ca.1500cm 1). This may indicate 

that the local symmetry for Fe(II) in Fe(6Meura)2C12 is closer to Oh  

than in Fepy2C12. 

The low-frequency infrared spectrum of the complex is consistent 

with a halogen-bridged structure. 

Cobalt (II) 

The hydrated chloride and bromide complexes appear to be completely 

analogous to their uracil and thymine congeners, with very similar 

spectral and physical properties. The spectral properties of the blue 

anhydrous complexes are very similar to those of the corresponding 

thymine compounds. 
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The perchlorate complex is assigned an octahedral structure on 

the basis of its electronic spectrum, which exhibits weak d-d bands. 

The VI transition appears near 8000cm 1, and the V3 transition is 

assigned at ca.21000cm 1. The ligand field (At-'9500cm 1) is stronger 

than for the halo-complexes. The infrared spectrum is similar to that 

of Mn(6Meura)4(C104)2,61120. 

Nickel(II) 

The spectral properties of the 1:1 halo-complexes are very similar 

to those of the corresponding uracil compounds. Consequently, they are 

assigned polymeric, distorted octahedral structures, containing bridging 

halogens. 

Copper (II) 

The reaction of 6-methyluracil with copper(II)chloride produces 

the hygroscopic complex Cu(6Meura)C12,0.5H20. Evidence for a tetragon-

ally distorted octahedral coordination of copper in this compound is 

provided by the electronic spectrum, which shows a fairly low intensity 

absorption near 12000= 1. The e.p.r. spectrum, however, is rather 

different from those of the uracil and thymine copper chloride complexes. 

It seems to consist of several signals, which merge to give a broad band 

centred near g
eff.=2, but containing a number of pronounced inflexions. 

This effect may arise from more than one copper site in the lattice, or 

from the presence of a small amount of impurity. 

With copper(II)perchlorate, a pale yellow-green complex of formula 

Cu(6Meura)2(C1002, H2O is formed initially. On exposure to moist air, 

this compound quickly absorbs water to form a very pale blue complex, 

Cu(6Meura)2(O104)2, 4H2O. The yellow complex exhibits a pronounced 

splitting of the V3 infrared mode of ionic perchlorate into two 

components, at 1137cm and 1082cm . The blue compound, in contrast, 



shows a broader band in this region, with less splitting. This would 

seem to indicate the presence of coordinated perchlorate in the yellow 

complex, and of ionic perchlorate in the blue compound. The low-

frequency infrared spectra of the two complexes also differ. That of 

the yellow form shows several strong bands in the 285-230cm 1  region, 

while the blue compound shows only a weak band at 256cm I. The 

electronic spectra of both compounds are similar, and are indicative 

of six coordinate structures, but their e.p.r. spectra differ, that of 

the monohydrate being of the 'reversed' type, similar to Cu(Thy)C12, 

2.5H20. 

From the spectral data, it seems likely that the monohydrate has 

a structure similar to that proposed for the 2:1 uracil perchlorate 

complexes, while the blue compound probably has a monomeric structure 

with ionic perchlorate groups. 

Cadmium 

The complex Cd(6Meura)C12,3.5H20 is assigned a polymeric octahedral 

structure on the basis of its far-infrared spectrum. 

X-ray powder pattern data 

Some similarities are evident between the patterns produced by the 

manganese, cobalt, and nickel chloro-complexes, but no other correlations 

could be made. 

3.3 Complexes of 5,6 -dimethyluracil 

The following complexes of 5,6-dimethyluracil (Fig. 3.1, R1=R2=H, 

R3=R4=CH3) were prepared: MLX2 (M=Ni,X=C1, Br; M=Cd, X=C1); MLX2,nH20 

(M=Mn, X=Br, n=2; M=Co, X=C1, n=0.5; M=Cu, X=C1, n=1; M=Cd, X=Br, n=3); 

ML2X2 (M=Fe, X=C1, Br; M=Co, X=Br); ML2X2,nH20 (M=Mn, X=C1, n=0.5; M=Cu, 

X=C104, n=2.5); ML5(C104)2111H20  (M=Mn, n=1; M=Co, n=2). 



As for 6-methyluracil, some complex formation appeared to occur 

with copper(II)nitrate, nickel(II)nitrate, manganese iodide, and nickel 

(II)iodide, but no acceptable analyses could be obtained. Analytical 

data for the complexes are given in Table 3.2, and physical measurements 

data are collected in Tables 3.5, 3.7,' 3.11, 3.15, and 3.18. 

Vibrational spectra (4000-450cm 1; Table 3.7) 

As for the other uracil complexes studied, the infrared spectra 

are useful in helping to elucidate the probable binding mode of the 

ligand. No assignments for the fundamental vibrational modes of 5,6- 

dimethyluracil have previously been reported; by comparison with the 

published assignments for uracil and thymine 	, however, some 

tentative infrared band assignments can be made. These are given in 

Table 3.5, together with the remainder of the significant infrared 

bands in the 4000-450cm 1  region. 

In the carbonyl stretching region, strong absorptions at 1715cm-I  

and 1645cm 1  are tentatively assigned to the V(C(2)=0) and V(C(4)=O+V 

(C=C) modes, respectively. On complex formation, the former generally 

increases in energy, to ca.1720cm 1, while the latter usually decreases 

by ca.10cm 1.  A third component is sometimes observed in this region. 

Providing the band assignments are correct, these changes are consistent 

with donation to the metal ion through C(4)=0 of the ligand. 

In the 1500-400cm 1  region, several significant changes occur on 

complex formation. A weak band at 1495cm 1  in the free ligand is 

shifted to slightly higher energy, while a fairly strong band at 1425cm 1  

generally shifts quite markedly to lower energy. These bands are 

tentatively identified with the 'amide II' bands of thymine, although 

their behaviour on complex formation is quite different. 

A medium intensity band at 884cm-I  in the spectrum of the free 

ligand (CH3-rock) is absent in all of the complex spectra except those 

5E 



59 

of the manganese and cobalt perchlorates, where it appears with much 

reduced intensity. A similar, although less pronounced, intensity 

reduction of the CH3-rock band has been noted in the spectra of the 

thymine complexes. In addition, the 808cm 1  band of the free ligand 

(V,d-ring, C-CH3) appears with increased energy and intensity in the 

complex spectra. 

Manganese(II) 

The halo-complexes Mn(5,6DMU)2C12,0.5H20 and Mn(5,6DMU)Br2,2H20 

have completely analogous spectral properties to the uracil and thymine 

halides, and are accordingly assigned similar polymeric octahedral 

structures, based on MnX2 chains. 

The complex Mn(5,6DMU)5(C104)2,H20 has a distorted octahedral 

structure. The infrared spectrum is consistent with ionic perchlorate 

groups, and the 450-200cm 1  region shows only a weak metal-ligand 

vibration at 243cm 1  . The e.p.r. spectrum consists of a strong g
eff.

=2 

signal, which shows several inflexions and shoulders, indicative of a 

small distortion from cubic symmetry. X-ray powder photographs indicate 

that the structure of this complex is very similar to that of Co(5,6DMU)5 

(C104)2,2H20, in which the metal ion is octahedrally coordinated (vide 

infra). 

Iron (II) 

The 2:1 chloro- and bromo-complexes have similar electronic spectra, 

with weak absorption in the near-infrared, indicative of essentially 

octahedral structures (Table 3.15). The spectra are similar to that of 

Fe(6Meura)2C12, and the compounds probably have the same polymeric 

structure. On this basis, 1601 is calculated from the separation of the 

band maxima to be ca.1400cm 1  for both the chloride and the bromide. 

This is unusual, since 16G1 usually increases on going from the chloride 
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to the bromide in a series of compounds with the same ligand127. 

The far-infrared spectra are consistent with bridged-halogen 

structures for both compounds (Table 3.11).. 

Cobalt (II) 

The spectral properties of Co(5,6DMU)C12,0.5H20 and Co(5,6DMU)2Br2 

closely resemble those of the hydrated thymine compounds, and can be 

interpreted on a precisely similar basis. 

The electronic spectrum of Co(5,6DMU)5(C104)2,2H20 is characteristic 

of six coordinate cobalt(II), but has a stronger ligand field than the 

halo-complexes (A=9000cm I). The V1 transition is assigned to a weak 

band at ca.8000cm I, with V3 appearing as a broad band centred at ca. 

19000cm I. The infrared spectrum is similar to that of Mn(5,6DMU)5(C104)2, 

1120. 

Nickel (II) 

Both nickel(II)bromide and nickel(II)chloride form hygroscopic 

complexes of 1:1 stoicheiometry with 5,6-dimethyluracil. The electronic 

and low-frequency infrared spectra of these compounds are very similar 

to those of the corresponding uracil complexes, and can be similarly 

interpreted on the basis of essentially octahedral, polymeric structures. 

Copper(II) 

The electronic and far-infrared spectra of Cu(5,6DMU)C12,H20 are 

similar to those of the analogous uracil and thymine complexes, 

suggesting a polymeric octahedral structure for this compound, also. 

The e.p.r. spectrum is of the axial type. 

The perchlorate complex, Cu(5,6DMU)2(C104)2,2H20, is also assigned 

a six coordinate structure, on the basis of its electronic spectrum, 

which exhibits a low intensity d-d band near 12800cm-1. In the infra- 
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red spectrum, the V3 band of ionic perchlorate is strongly split into 

three components, at 1169cm-1 	1 	1 , 1088cm , and 1032cm , which suggests a 

fairly strong metal-perchlorate interaction. This is supported by the 

appearance of a band at 921cm I , which may be the formally forbidden VI 

perchlorate vibration. The spectrum in the 450-200cm I  region is unlike 

that of the manganese or cobalt perchlorates, showing strong metal-

ligand vibrations at 261cm I  and 238cm I. 

The e.p.r. spectrum appears to consist of a superposition of two 

different axial signals, with hyperfine splittings apparent on gli  in 

each case. This may be due either to the presence of two different 

copper sites in the lattice, or to a small amount of impurity, not 

detected by chemical analysis. 

Cadmium 

The 1:1 chloro- and bromo-complexes have far-infrared spectra in 

agreement with polymeric, octahedral structures, involving bridging 

halogens. 

X-ray powder pattern data 

The structure of Mn(5,6DMU)2C12,0.5H20 is shown to be identical 

with that of Fe(5,6DMU)2C12. The pattern produced by Fe(5,6DMU)2Br2 is 

very similar to that of Co(5,6DMU)2Br2, and there are also marked 

similarities between the patterns of Mn(5,6DMU)5(C1002,H20 and 

Co(5,6DMU)5(C104)2,2H20. 

3.4 Complexes of 1,3 -dimethyluracil 

The replacement of both N-H protons of the uracil molecule by 

methyl groups (Fig. 3.1, R1=R2=CH3, R3=114=H), means that there is now 

no possibilty of keto-enol tautomerism. Any complex formation by 1,3- 

dimethyluracil must, therefore, occur by donation to the metal ion 
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through one or both of the carbonyl oxygens. In addition, the steric 

hindrance introduced by the bulky methyl groups will seriously impair 

the donor abilities of the C(2)=0 group; molecular models show that any 

metal-0(2) bond must be virtually linear. For the same reason, the 

methyl groups will probably also prevent bridging by the ligand through 

0(2) and 0(4). It is interesting that no complexes could be prepared 

with the ligand 1,3-dimethylthymine (Fig. 3.1, /11=R2=R3=CH3, 114=H), in 

which both carbonyl oxygen atoms are effectively blocked by methyl 

groups. 

The complexes prepared were of the following types: ML2X2 (M=Mn, 

Fe, X=C1, Br; M=N i, X=C1; M=Co, X=Br (two forms); M=Cd, X=I); ML2X2,nH20 

(M=N i, X=Br, I, n=2.5; M=Co, Cu, X=C1, n=0.5)'; CdLC12,2H20; CdLBr2; 

MnL412,21120. 

Analytical data for the complexes are collected in Table 3.3, and 

data from physical measurements are recorded in Tables 3.5, 3.8, 3.12, 

3.16, and 3.18. 

Vibrational spectra (4000-450cm 1; Table 3.8) 

The bands arising from the stretching vibrations of the 2- and 4- 

keto groups are rather ill-defined in the solid-state infrared spectrum 

of 1,3-dimethyluracil. However, they are satisfactorily resolved in 

solution, and have been assigned by Ange11146  and by Lord and Thomas147 

The band near 1700cm 1  is attributed to the V(C(2)=0) vibration, while 

the V(C(4)=0)+V(C=C) mode occurs as a broad absorption near 1660cm 1. 

The 3000-3300cm 1  region shows only two weak bands, at 2960cm 1  

and 3031cm 1, which are assigned by Ange11146  to the methyl and 

unsaturated C-H stretching vibrations, respectively. There are no 

assignments available for any of the other infrared bands. 

As for the other substituted uracils, some tentative assignments 

have been made by comparison of the infrared spectrum with the published 
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data for uracil, thymine, and their 1-methyl derivatives100;101  (Table 

3.5). 

On complex formation, three strong, sharp, bands generally appear 

in the carbonyl stretching region. The highest energy band, which is 

probably the V(C(2)=0) vibration, is usually shifted to higher energy 

compared with the free ligand, and has increased intensity. The two 

lower energy components generally appear near 1650cm 1 	1 and 1610cm ; it 

is possible that the higher of these is the V(C(4)=0)+V(C=C) vibration, 

and the lower a normally infrared-inactive mode, activated in the complex. 

For some of the complexes, a fourth, lower energy, component is observed 

in this region. 

Several changes occur in the 900-600cm 1  region on complex formation. 

A strong band at 815cm 1  in the free ligand spectrum, which is tentatively 

assigned146 to an out-of-plane C-H deformation, appears to be split into 

two components of equal intensity. In addition, a weak absorption at 

681cm 1  in the free ligand, which is tentatively assigned to a carbonyl 

deformation mode, is reduced in intensity, and shifted to higher energy, 

in the complex spectra. This last change is similar to that which 

occurs in the spectra of the 6-methyluracil complexes. 

The changes in the carbonyl stretching region of the complex spectra 

seem to indicate donation to the metal ion through 0(4) of the uracil 

ring, as proposed on steric grounds. This is supported to some extent 

by the previously mentioned splitting of the y-CH band, with a similar 

splitting of the unsaturated C-H stretching band at 3031cm 1, in the 

complex spectra. This may indicate that the vinylic protons are in 

different environments in the complexes, which is true if the metal ion 

binds to 0(4), rather than 0(2). The effect on the C(5) proton of 

metal-0(4) binding may be increased by the presence of the methyl group 

on N (3), which could tend to force the metal ion to the less sterically 

hindered C(5) side of the molecule. 
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Manganese (II) 

With manganese chloride and bromide, crystalline complexes of 

formula Mn(1,3DMU)2X2 were prepared, but crystals suitable for an X-ray 

structural determination could not be obtained. Both compounds have 

similar spectral properties to the corresponding uracil and thymine 

complexes. The complexes are accordingly assigned polymeric octahedral 

structures. 

The 4:1 iodo-complex exhibits a broad 
geff.=2 

 e.p.r. signal; such 

spectra have previously been observed148  for aquo-complexes of this 

type, and may indicate that the water molecules, rather than the iodines, 

are coordinated. The low-frequency infrared spectrum shows several 

strong bands in the 230-160cm 1  region, which are too high in energy to 

be v(Mn-I) modes, and are therefore tentatively assigned to metal-

ligand vibrations. 

Iron (II) 

The 2:1 chloro- and bromo-complexes have similar electronic spectra 

to Fe(5,6DMU)2X2 and Fe(6Meura)2C12, and they may' be interpreted on the 

same basis of polymeric octahedral structures, although the ligand fields 

of the 1,3-dimethyluracil complexes are slightly weaker. For these 

compounds, l5a is calculated to be ca.1250cm 1  (chloride) and ca.1350cm 1  

(bromide). 

Cobalt(II) 

The electronic spectra of the lilac complexes Co(1,3DMU)2C12,0.5H20 

and Co(1,3DMU)2Br2 are very like those of the hydrated uracil and thymine 

halides, and may be interpreted on a similar basis. The far-infrared 

spectra (Table 3.12) are indicative of bridging halogens. 

On exposure to the atmosphere for several hours, the bromo-complex 

becomes bright blue in colour. This blue compound, which also has the 



formula Co(1,3DMU)2Br2, exhibits two very intense, structured bands in 

the near-infrared and visible regions of the electronic spectrum, 

indicative of a pseudotetrahedral structure. The lower energy band 

(ca.6500cm 1), which is assigned to the 4A2÷ 4T1(F ) (V2) transition, 

shows a small splitting, probably due to spin-orbit coupling, or to a 

lowering of the symmetry of the metal ion from cubic. It has been 

suggested149 that the magnitude of the splitting of the V2 band in the 

spectrum of a tetrahedral cobalt(II) species is indicative of the amount 

of diStortion of the structure from true T
d 
symmetry. In this case, 

the band splitting is small enough to suggest only a relatively small 

departure from regular cubic symmetry. The 4A2÷ 4T2 (Vi) transition, 

which is electric dipole forbidden in Td  symmetry, but becomes partially 

allowed in C 	symmetry, is not observed. However, this band is 
2v 

expected to be weak for tetrahedral complexes showing only a small 

distortion, and may well be obscured by the strong ligand vibrational 

bands in the 4000-5000cm 1  region; alternatively, it may lie below the 

energy range covered. The estimated ligand field strength (A=3700cm-1) 

is comparable to those of the tetrahedral thymine and 6-methyluracil 

cobalt bromide complexes. The magnetic moment (peff.=4.68 B.M.) is in 

agreement with an essentially tetrahedral structure. 

Nickel(II)  

The electronic and low-frequency infrared spectra of the chloro 

and bromo-complexes are once again consistent with polymeric, octahedral 

structures. 

With nickel(II)iodide, a bright red complex of stoicheiometry 

N i(1,3DMU)2I2,2.5H20 is formed. The water molecules are probably 

spurious, however, as the compound rapidly absorbs water in air, 

becoming purple-brown in colour, before eventually decomposing completely. 

The electronic spectrum of the red complex is indicative of a pseudo- 
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tetrahedral stereochemistry (Fig. 3.2), and the magnetic moment of 

3.31 B.M., although slightly low for a tetrahedral complex, is in 

agreement with this. 

The band assignments for the electronic spectrum present some 

difficulty, however. It is tempting to assign the broad absorption 

centred at ca.4500cm 1  to the 3T1(F)-4- 3T2 (VI) transition 'of nickel(II) 

in T
d 

symmetry, with the two more intense bands at ca.8000cm 1  and ca. 

12000cm 1  being assigned to the 3T1(F)+ 3A2 (V2) and the 3T1(F)-,- 3T1(P) 

(v3) transitions, respectively. However, these assignments are not 

consistent with the energy-level diagram for nickel(II) in a ligand 

field of T
d 
symmetry150. Alternatively, the band at 8000cm 1  may be 

assigned as one component of a split Vi absorption, in which case, the 

V2 transition must be assigned to the intense 12000cm 1  band. Such a 

large splitting of the V1 band indicates a gross departure from regular 

cubic symmetry; a comparable splitting (ca.3700cm 1) is observed in the 

spectrum of Ni(Ph3P)2I2145. The low orbital contribution to the 

magnetic moment found for the 1,3-dimethyluracil complex is also 

characteristic of low symmetry tetrahedral nickel(II) species151  

If the assignment of the lower energy bands to components of Vi is 

assumed, a fairly strong ligand field is implied, which is incompatible 

with a N10212 chromophore. In this respect, the original assignments 

seem more likely to be correct. It may be, however, that the departure 

from T
d symmetry in this compound is so severe that interpretations of 

the spectrum on the basis of a simple perturbation of the T
d 
model are 

of only limited usefulness. A somewhat similar spectrum in the 3500- 

, 12500cm 1  region is shown by the complex Ni(2Meim)3. 512152  (Fig. 3.2), 

which is believed to contain both very distorted pseudotetrahedral 

N 30+  and planar N i N 4 units in the lattice. 

In view of the previously demonstrated preference for uracils to 

form polymeric complexes based on MX2 chains, it is possible that a 
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similar structure is favoured for this compound; however, because of the 

relatively poor bridging ability of iodine, compared with chlorine and 

bromine, a highly distorted, monomeric structure may result. 

The low-frequency infrared spectrum of the complex exhibits a V( N i-I) 

vibration at 204cm 1, which is in the range expected for pseudotetrahedral 

nickel complexes. For comparison, the V( Ni-I) mode for Ni(2Meim)2I2 

occurs at 208cm I. 

Copper(II) 

The only complex prepared was the 2:1 chloride. This was obtained 

in crystalline form, but the crystals were of poor quality and were not 

suitable for X-ray study. 

The electronic and far-infrared spectra of this compound are 

similar to those of the 1:1 uracil and thymine complexes, and this 

compound probably also has a polymeric octahedral structure. The e.p.r. 

spectrum is similar to that of Cu(6Meura)C12,0.5H20, though better 

resolved. As for that compound, the spectrum seems to suggest the 

presence of more than one copper site in the lattice. 

Cadmium 

The low-frequency infrared spectra of the chloro- and bromo-

complexes are consistent with polymeric octahedral, halogen-bridged 

structures. 

The 2:1 iodo-complex is assigned a pseudotetrahedral structure on 

the basis of its far-infrared spectrum, which exhibits V(Cd-I) bands at 

156cm I  and 138cm I. 

X-ray powder pattern data 

The complexes Mn(1,3DMU)2Br2 and Fe(1,3DMU)2Br2 are isomorphous. 

There are obvious similarities between the patterns produced by these 
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compounds and those of the nickel and (lilac) cobalt bromides, The 

manganese, iron, cobalt, and nickel chloride complexes all show similar 

patterns, although none of these compounds are strictly isomorphous. 

3.5 Complexes of uridine and thymidine 

Introduction 

Uridine (Fig. 3.3, R=H, X=OH) and thymidine (Fig. 3.3, R=CH3, X=H), 

the nucleosides of uracil and thymine, are formed by the replacement 

of N(1)-H of the bases by a 13-linkage to the sugars D-ribose (uridine) 

and D-2-deoxyribose (thymidine). The sugars are in the furanose 

configuration. 

0 

NH 

HOH C 

HO X 

Fig. 3.3 

In view of the biological importance of these compounds CChapter 1), 

a study of their interaction with metal ions was thought worthwhile. 

The presence of the large sugar residue on N (1) also allows a study of 

the effect of N (1) substitution on the donor properties of uracil and 

thymine. Potential metal binding sites in the molecules are the base 

carbonyl groups and the sugar hydroxyl groups, although the latter are 
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likely to be much weaker donors. 

There have been no reports of the isolation of metal complexes of 

uridine or thymidine. However, a great deal of solution work on metal-

nucleoside systems has been carried out, employing a variety of 

spectroscopic techniques. Several investigations, mainly in neutral 

aqueous or DMSO solutions, have revealed no detectable interaction of 

uridine or thymidine with copper(II)153,15a, zinc155,156, cadmium157, 

mercury156-158, or platinum159,160.  However, some of this work has 

been contradicted by other results; for example, mercury has been shown 

to bind to uridine30131;161 and to thymidine28,29:33 in aqueous solution, 

and the interaction of copper(II)162,163  and platinum164 with uridine 

or thymidine has also been reported. The metal binding site in each 

case is believed to be deprotonated. N (3). In addition to these 

reports, a 13C n.m.r. study has indicated that manganese(II) may 

interact with the carbonyl groups of uridinel ". Reinert and Weiss166  

report green and blue complexes of uridine with copper(II) in aqueous 

solution, with the metal ion attached to the 2' and 3' ribose oxygen 

atoms. The green complex is found in the pH 9.5-10.5 region, while the 

blue complex is stable at pH 12. Binding of copper(II) to the ribose 

hydroxyl groups as well as to the base of uridine has also been observed 

in a proton n.m.r. study, carried out in DMSO solution167. 

Complexes of the nucleotide uridine-5'-monophosphate have been 

isolated with zinc, cadmium, lead, and silver168, and also with cobalt(II) 

and manganese(II)169. For the former series of compounds, infrared 

spectroscopy was used to invoke metal binding to both the base (probably 

the carbonyl groups) and the phosphate in the silver and lead complexes, 

and to the phosphate groups only in the zinc and cadmium complexes. 

Very recently, the structures of ICu(II)(51 -UMP)(2,2'-dipyridylamine) 

(H20)1217°  and {Co2(II)(5'-UMP)2(H20)41 n171  have been determined, and 

shown to contain metal -phosphate interaction only. 



Metal complexes 

Complex formation was attempted with the same metal salts as were 

used for uracil and thymine. 

The following complexes were prepared for uridine: MLX2,nH20 (M= 

Fe, X=C1, n=0; M=Co, X=C1, Br, n=0; M=Co, X=Br, n=1; M=Cu, X=C1, n=1,5; 

M=Mn, X=C1, n=2; M=Ni, X=C1, n=4; M=Co, Cd, X=C1, n=5; M= Ni, X=Br, n= 

7.5). 

For thymidine, the complexes prepared were: MLX2,n1120 (M=Co, X=C1, 

n=0; M=Ni, X=Br, n=1; M=Cu, Cd, X=C1, n=3.5; M=Mn, X=C1, n=4; M=Co, 

X=C1, n=4.5); CoL2Br2. 

Analysis results are given in Table 3.4, and data from physical 

measurements are reported in Tables 3.9, 3.13, 3.17, and 3.18. 

For both ligands, some complex formation appeared to take place 

with copper(II)perchlorate, but no acceptable analyses were obtained. 

Similarly, the reaction of nickel(II)chloride with thymidine and of 

nickel(II)iodide with uridine seemed to produce some complex formation, 

but again no satisfactory analyses could be obtained. 

Vibrational spectra (4000-450cm-1; Table 3.9) 

The infrared spectrum of uridine is little changed from that of 

uracil, except for the appearance of a number of strong bands in the 

900-1100cm 1  and 3200-3500cm 1  regions, due to vibrations of the sugar 

residue. Lord and Thomas147 have assigned bands at 1672cm 1  and 1698cm 1  

to the V(C(4)=0) and V(C(2)=0) vibrations, respectively (although other 

modes undoubtedly also contribute to these absorptions). On complex 

formation, the carbonyl stretching region usually shows a broad band 

with its centre of gravity shifted to lower energy, compared with the 

free ligand. In some cases, however, two or three components are 

resolved, the highest of which (probably V(C(2)=0)) generally shows a 

slight increase in energy compared with the free ligand, while the 
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lowest (v(C(4)=0)) decreases in energy by ca.20cm I. This behaviour is 

similar to that of the uracil complexes, and may be interpreted as 

indicating donation to the metal ion from 0(4) of the base. 

There are no published assignments for the fundamental modes of 

thymidine. The carbonyl stretching region, however, shows two strong 

bands, at 1700cm I  and 1655cm I, which can probably be assigned to the 

V(C(2)=0) and V(C(4)=0) modes, respectively. The crystal structure of 

thymidine172  shows that C(2)=0 is substantially shorter than C(4)=0. 

The spectra of the complexes show surprisingly few changes in the 

carbonyl stretching region; the two main bands remain virtually 

unchanged, but a third component is resolved, near 1600cm 1. Although 

this may indicate some interaction of the metal ion with the carbonyl 

groups of the base, it cannot be deduced which of these is involved. 

Manganese(II) 

For both ligands, only the 1:1 chloride complexes could be prepared. 

These compounds have similar spectral properties to their uracil and 

thymine congeners, and may be assigned similar polymeric octahedral 

structures. 

Iron (II) 

The electronic spectrum of FeUC12 is indicative of an octahedral 

stereochemistry. However, the spectrum differs from that of Fe(Thy)C12, 

2H20 in that the band-splitting is much less (ca.2290cm 1). Assuming a 

trans-octahedral polymeric structure similar to that postulated for 

FepyC12, and applying the McClure theory for an FeA5B species, ISO' is 

calculated to be ca.1700cm 1, which is comparable to the value found 

for FepyCl2. 
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Cobalt(II) 

The spectral properties of the hydrated halo-complexes, and of 

CoUC12, are very similar to those of the corresponding uracil and 

thymine complexes, and all of these compounds may accordingly be 

assigned polymeric octahedral structures. 

Both of the blue, anhydrous, bromo-complexes have electronic 

spectra characteristic of tetrahedrally coordinated cobalt(II). The 

estimated ligand field strengths (A=3400cM-I  for CoUBr2; =3300cm 1  for 

CoT2Br2)are comparable with that of Co(Thy)2Br2, which suggests a 

CoO2Br2 chromophore for both compounds. This in turn implies a structure 

involving bridging uridines for CoUBr2. 

Nickel (II) 

The electronic and far-infrared spectra of the 1:1 halo-complexes 

are consistent with polymeric octahedral structures for the compounds. 

Copper (II) 

Both of the 1:1 chloro-complexes are assigned tetragonally-

distorted octahedral structures on the basis of their electronic spectra. 

They exhibit similar e.p.r. spectra, both of the 'reversed' type. That 

of the thymidine compound is very like the spectrum of Cu(Thy)C12,2.5H20, 

but the uridine complex shows much less separation between gli  and gl, 

and the latter is unsplit. 

Cadmium 

The chloro-complexes are assigned similar structures to their 

uracil and thymine congeners. 



7 

Compound Colour 

% Found % Calculated 

H N 

MnLC12,H20 pale pink 22.72 3.15 9.99 22.25 2.99 10.38 

MnL2Br2 pale pink 26.28 2.82 12.00 25.72 2.59 12.00 

MnL4(C104)2,6H20 pale pink 27.50 3.97 13.05 27.73 4.19 12.93 

FeL2C12 cream 31.12 3.63 14.72 31.69 3.19 14.78 

CoLC12,H20 * pink 21.32 2.83 10.23 21.92 2.94 10.22 

CoL2Br 2 2H20 * pink 23.72 3.31 11.12 23.69 3.18 11.05 

CoL4(C104)2,2H20 pink 30.44 3.66 14.10 30.09 3.53 14.04 

N iLC12,1.5H20 yellow 21.04 3.29 10.15 21.24 3.21 9.91 

NiLBr2,H2° yellow 16.72 2.72 7.98 16.56 2.22 7.72 

CuLC12,0.5H20 khaki 21.79 2.64 10.52 22.28 2.62 10.39 

CuL2(C104)2,H20 yellow 23.13 3.17 10.32 22.55 2.65 10.52 

CuL2(C104)2,4H20 pale blue 20.47 3.34 9.14 20.47 3.43 9.55 

CdLC12,3.5H20 white 16.03 1.74 7.24 16.12 3.52 7.52 

* Analytical results for the anhydrous compounds are not given (see 

Experimental). 

Table 3.1 Analytical results for complexes of 6-methyluracil. 
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Compound Colour 

% Found 

N 

% Calculated 

C H C H N 

MnL2C12,0.5H20 pale pink 34.72 3.86 13.23 34.72 4.13 13.49 

MnLBr2,2H20 pale pink 18.81 3.05 6.98 18.43 3.09 7.16 

MnL5(C104)2,H20 pale pink 37.09 4.30 14.42 37.05 4.35 14.40 

FeL2C12  cream 35.15 4.07 13.91 35.41 3.96 13.76 

FeL2  Br2  yellow 28.87 2.98 10.99 29.06 3.25 11.30 

CoLC12,0.5H20 pale lilac 26.25 3.76 10.17 25.83 3.25 10.04 

CoL2  Br2  pale lilac 29.53 3.11 12.05 28.88 3.23 11.23 

CoL5(C1002,2H20 pink 36.81. 4.97 13.85 36.23 4.46 14.08 

NiLC12  yellow 27.64 3.93 10.36 26.71 2.99 10.38 

NiLBr2  yellow 20.72 2.25 7.81 20.09 2.25 7.81 

CuLC12,H20 yell.-grn. 25.05 3.33 10.05 24.63 3.44 9.57 

CuL2(C104)2,2.5H2Oblue-grn. 24.77 3.05 9.52 24.52 3.60 9.53 

CdLC12  white 23.11 2.73 8.38 22.28 2.49 8.66 

CdLBr2,3H20 white 15.74 2.52 5.79 15.45 3.02 6.00 

Table 3.2 Analytical results for complexes of 5,6-dimethyluracil. 

Compound Colour 

% Found 

N 

% Calculated 

C H C H N 

MnL2C12  pale pink 35.84 3.80 14.27 35.49 3.97 13.79 

MnL2Br2  pale pink 28.45 3.00 11.80 29.11 3.26 11.32 

MnL4I2,2H20 pale pink 31.93 3.53 12.86 31.84 4.01 12.38 

FeL2C12  cream 35.30 4.00 13.96 35.41 3.96 13.76 

FeL2Br2  yellow 29.01 3.20 11.66 29.06 3.25 11.30 

CoL2C12,0.5H20 pale lilac 34.27 3.84 13.15 34.39 4.09 13.37 

CoL2Br2  pale lilac 29.30 3.33 11.28 28.88 3.23 11.23 

CoL2Br2  blue 28.23 3.59 10.93 28.88 3.23 11.23 

N iL2C12  yellow 36.05 4.16 13.60 35.16 3.93 13.67 

NiL2Br2,2.5H20 orange 26.56 3.40 10.12 26.50 3.89 10.30 

ViL2I2,2.5H20 red 22.32 2.53 8.80 22.60 3.32 8.78 

CuL2C12,0.5H20 pale green 33.79 3.56 13.80 34.01 4.04 13.22 

CdLC12,2H20 white 20.02 2.08 8.31 20.05 3.36 7.79 

CdLBr2  white 17.03 1.94 6.63 17.48 1.95 6.79 

CdL2I2  white 21.90 2.28 8.84 22.29 2.49 8.67 

Table 3.3 Analytical results for complexes of 1,3-dimethyluracil. 



Compound Colour C 

% Found 

N 

% Calculated 

H C H N 

MnUC12,2H20 pale pink 26.01 3.73 6.98 26.62 3.97 6.90 

FeUC12 yellow 29.88 4.20 6.71 29.14 3.26 7.55 

CoUC12,5H20* pink 23.36 3.69 6.07 23.29 4.78 6.04 

CoUBr2,H20* pink 22.82 3.11 5.88 22.47 2.93 5.82 

N1UC12,4H20 yellow 24.50 4.62 6.26 24.24 4.52 6.28 

NiUBr2,7.5H20 yellow 18.08 3.55.  4.56 18.08 4.55 4.68 

CuUC12,1.5H20 khaki 26.54 2.89 6.97 26.65 3.73 6.90 

CdUC12,5H20 white 20.79 2.82 5.34 20.88 4.28 5.41 

MnTC12•,4H20 pale pink 27.25 4.41 6.50 27.29 5.04 6.36 

CoTC12,4.5H20* pink 26.26 4.13 6.14 26.51 5.11 6.18 

CoT2Br2 blue 34.02 4.42 7.94 34.16 4.01 7.97 

NiTBr2,H20 yellow 25.76 4.16 5.74 25.09 3.37 5.85 

CuTC12,3.5H20 pale green 26.92 4.37 6.36 27.32 4.81 6.37 

CdTC12,3.5H20 white 24.26 3.02 5.78 24.58 4.33 5.73 

* Analytical results for the anhydrous compounds are not given (see 

Experimental). 
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Table 3.4 Analytical results for complexes of uridine and thymidine. 



6Meura 5,6DMU 1422E 	- 
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Assignment 

3120s,br v NH 

3100ms,br 3031w vCH 

2980ms,br 2995s vCH3 

2840ms 2930sh 2960w VCH3 

2800ms 2815s VCH3 

1716vs 1715vs 1708m V(C(2)=0) 

1664vs,br 1645vs,br 1655s,br V(C(4)=0),V(C=C) 

1504m 1495w 6 NH 

1461m,br V-ring,(SasCH3 

1442ms 1451m V-ring 

1430ms SCH 

1413s 1425ms (S NH 

1386ms 1374mw 1370m 
s
CH 

1347s, 1226w SCH,v-ring 

1324mw, 1311mw • 1263vw, 1230mw v-ring 

1179mw 1195m 

1173mw 

v-ring, C-CH3 

v-ring, vN-CH3 

1126w 1140mw,br 

1062m 1046vw V-ring 

1049w 

1032w 1000w v,6-ring 

983w 

960m 

982vw 962vw v-skel. 

rCH3 

931vw 929w v-skel. 

870ms 884mw 

840m, 808sh 815ms yCH 

820ms 808w, 781mw V,6-ring, C-CH3 

795vw 6-ring, 	N-CH3 

764ms 

762ms 

761s *,(CH 

skel. 

724w 

639m 638w 681w 6C=0 

535ms 522ms S-ring 

500m 468m S-ring 

432s,br 414m,br 406s skel. 

Table 3.5 Some tentative assignments for the major infrared bands of the 

substituted uracils. Values are in cm *. 

7 
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Compound 	V(C=0) + V(C=C) (cm-1) 	dC=0 (cm-1) 

6-methyluracil 	1716s, 1664s,br 	639m 

MnLC12,H20 	1708s, 1652s,br 	657m 

MnL2Br2 	1711s, 1646s,br 	665m 

MnL4(C104)2,6H20 	1700sh, 1654s,br 	664m 

FeL2C12 	1706s, 1652s,br 	657m 

CoLC12,H20 	1706s, 1649s,br 	647m 

CoLC12 	 1706s, 1650s,br, 1601sh 	655m, 636m 

CoL2Br2,2H20 	1650s,vbr 	654mw 

CoL2Br2 	1711s, 1656s, 1616s 	663m 

CoL4(C104)2,2H20 	1713s, 1636s, 1599s 	667mw 

NiLC12,1.5H20 	1703s, 1651s,br 	633mw 

NiLBr2,H20 	1675s,vbr 

CuLC12,0.5H20 	1686s,br, 1646s 	648mw 

CuL2(C104)2,4H20 	1711s, 1654s 	658w 

CuL2(C104)2,H20 	1711s, 1671s, 1631s 	650m 

CdLC12,3.5H20 	. 1707s, 1651s,br 	652mw 

Table 3.6 Shifts of infrared bands in the 6-methyluracil complexes. 
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Compound V(C=0) + V(C=C) 'Amide II' rCH3 

5,6DMU 1715s, 1645s,br 1495w,1425ms 884m 808mw 

MnL2C12,0.5H20 1724s, 1636s 1509w,1388ms 819ms 

MnLBr2,2H20 1723s, 1638s, 1596ms 1513w,1387ms 821m 

MnL5(C104)2,H20 1718s, 1648ms,br,.1618ms 1510w,1430m, 891w 861w 

1414m 

FeL2C12  1728s, 1625s 1514w,1389ms 822ms 

FeL2Br2  1728s, 1625s,br 1511w, 1386ms 818m 

CoLC12,0.5H20 1720s, 1628s 1514w,1387ms 817ms 

CoL2Br2 1724s, 1621s,br 1512w,1404ms 817ms 

CoL5(C104)2,2H20 1710s, 1630s,br 1511w,1433m, 891mw 860w 

1414m- 

NiLC12  1724s, 1625s,br 1513sh,1386ms 817m 

' 	NiLBr2 1724s, 1627s,br 1507vw,1383ms 811mw 

CuLC12,H20 1728s, 1647s, 1621s 1518w,1389ms 824ms 

CuL2(C104)2,2.51120 1698s, 1640s, 1615s 1517w,1392ms 

CdLC12  1728s, 1640s 1512vw,1387ms 821m 

CdLBr2,3H20 1727s, 1633s.  1512w,1383ms 818m 

Table 3.7 Shifts of infrared bands in the 5,6-dimethyluraeil complexes. 

Values are in cm 1. 



Compound V(C=0) V(C=C) Sc=o 

1,3-dimethyluracil 1708m, 1655vs,br•  679w 

MnL2C12 1711s, 1647vs, 1611s 688vw 

MnL 2Br 2  1710s, 1645vs, 1606s 687vw 

MnL 41 2,2H 20 1712s, 1646vs, 1611s 687vw 

FeL2C12 1718s, 1647vs, 1610s 689vw 

FeL2Br2 1715s, 1644vs, 1604s 689vw 

CoL2C12,0.5H20 1714s, 1648vs, 1610s 689vw 

, CoL2Br2 (lilac) 1726s, 1649vs, 1609s 690vw 

CoL2Br2 (blue) 1714sh, 1687s, 1638vs, 1585s 696vw 

NiL2C12 1711ms, 1649vs,br, 1609s 688vw 

NiL2Br2,2.5H20 1714s, 1648vs', 1608vs 688vw 

NiL212,2.5H20 1707sh, 1679s, 1631vs, 1581vs 696vw 

CuL2C12,0.5H20 1717vs, 1647vs, 1604vs 690vw 

CdLC12,2H20 1690s, 1647vs, 1609s 687vw 

CdLBr2  1689vs, 1650vs, 1630sh, 1610s 687vw 

CdL2I2 1705s, 1690ms, 1650vs, 1630sh 687vw 

1610s 

Table 3.8 Shifts of infrared bands in the 1,3-dimethyluracil complexes. 

Values are in cm 1. 
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Compound 	V(C=0) + V(C=C) (cm 1) 

uridine 	 1698s, 1672vs 

MnUC12,2H20 	1671vs,br, 1606sh 

FeUC12 	 1708vs, 1658vs,br 

CoUC12,5H20 * 	1670vs,br 

C0UBr2,1120* 	1720vs, 1707s, 1651vs 

NiUC12,4H20 	1670s,vbr 

NiUBr2,7.5H20 	1717sh, 1651s,vbr 

CuUC12,1.51120 	1668s,vbr 

CdUC12,5H 0 	1697sh, 1665vs,br 

thymidine 	1700vs, 1655vs 

MnTC12,4H20 	1700vs, 1654vs, 1601s 

CoTC12,4.5H20 * 	1701vs, 1656vs, 1600s 

CoT2Br2t 

NiT8r2,H2Ot 

CuTC12,3.5H20 	1698vs, 1656vs, 1598m 

CdTC12,3.5H20 	1703vs, 1661vs, 1590w 

* Anhydrous cobalt complexes unstable in mull. 

t Too hygroscopic for useful mull. 

Table 3.9 Shifts of infrared bands in the uridine and thymidine complexes. 
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Compound V(M-X) V(M-L) Ligand 	Unassigned 

6-methyluracil 432vs,411sh,312m, 

280w,225s,185w, 

112s 

MnLC12,H20 207vs,190s 248sh 408vs,br 	166s 

MnL2Br2 185s 234sh 396vs,323w 	136m,124sh 

MnL4(C104)2,61-120t 237vs 426vs,408vs,316w 

279m 

FeL2C12 222vs,201vs 247s 438s,331w,177m 	148w 

CoLC12,H20 217vs,201sh, 

180s 

360 * s,br, 

247s 

434m,273w 	151ms,126sh 

CoLC12 222vs,196s, 

180s 

248s,br 434ms,328w,288w 	151ms 

CoL2Br2,2H20 193vs. 229s 354m,br,294m, 	158m,125s 

171sh 

CoL2Br2 248s,231sh 259sh 441vs,br,373sh, 	131ms 

313m,190m 

CoL4(C104)2,2H2Ot 233m 450vs,327w 

NiLC12,1.5H20 229sh,190s 268vs,253vs 444vs,399sh,342w 175s 

NiLBr2,H20 184vs,170sh 228s 435vs,366sh,327m 142ms 

CuLC12,0.5H20 312vs,270vs 252vs 430ms,219w 

CuL2(C104)2,H2Ot 260ms,238s 445vs,420sh,285s 363ms 

CuL2(C104)2,4H2Ot 256w 418vs,br,307w 

CdLC12,3.5H20 181vs,171vs 240sh,212s 434vs,320m,195sh 131ms 

107w 

f450-200cm 1  region only. 	*may be V(M-OH2) mode. 

Table 3.10 Far i.r. data for complexes of 6-methyluracil. Values are 

1 in cm . 
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Compound V(M-X) V(M-L) Ligand Unassigned 

5,6-dimethyluracil 414vs,br,335s, 

213w,185w 

MnL2C12,0.5H20 182vs 230$ 435vs,339w 360w,146w 

MnLBr2,2H20 200s,br 432vs,335w,209w, 

180w 

360w,151w, 

112w 

MnL5(C104)2,H20t 243w 430vs,408sh,329m 360w,146w 

FeL2C12 215s,195s 230s 444vs,339w 366w,156m 

FeL2Br2 201s 211sh 435vs,335w 366w,141m 

CoLC12,0.51120 204s,184s 233s 441vs,339w 364w,156m 

CoL2Br2 205s,187sh 441vs,406sh,335w 366w,142m 

CoL5(C104)2,2H2Ot 251w ' 429vs,330m 

NiLC12 226s,181s 265s,244sh 432vs,br,340s 366sh,161m 

NiLBr2 160s 224sh,210s 428vs,337w,191sh 365w 

CuLC12,H20 301vs 239m 441m,348mw,215ms 374w 

CuL2(C104)2,2.5H2Ot 261sh,238s 444vs,321w 368w 

CdLC12 180s 210$ 435vs,336ms 354ms,271w, 

146m 

CdLBr2,3H20 126s 432vs,332w,185w 353w,166m 

t450-200cm 1  region only. 

Table 3.11 	Far i.r. 

in cm 1. 

data for complexes of 5,6-dimethyluracil. Values are 
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Compound 	V(M-X) 	V(M-L) 	Ligand 	Unassigned 

1,3-dimethyluracil 	 406vs,384vs,332m 

278w,234m,162sh, 

151s 

MnL2C12 	174vs,165vs 224s,br 	419vs,398vs,284w 443s,266mw 

140sh 

MnL2Br2 	132vs 	220ms 	417vs,395vs,329w 444s,190s 

283m 

MnL4I2,2H20 	225s,176vs, 418s,397s,282w, 443w 

165vs 	142sh 

FeL2C12 	187vs,175vs 224vs 	422vs,398s,268w 444w 

FeL2Br2 	142vs 	239ms 	418s,398s,330w, 442m,185s 

287m,163sh 

CoL2C12,0.5H20 	200s,172s 	233vs 	423vs,397vs,288w 443m 

CoL2Br2  (lilac) 	142vs 	190s 	420s,397s,283w, 441m 

222w,163w 

CoL2Br2  (blue) 	230vs,214s 	254s 	432vs,407vs,297m 340w,197s 

N iL2C12 	185vs 	248ms,230sh 	429w,398w,168sh 

N iL2Br2,2.5H20 	156vs 	204vs 	424vs,396vs,327w 442s,224m 

283w,240sh 	112w 

NiL2I2,2.5H20 	204vs 	226s 	436vs,406vs,339w 182s 

299w,146sh 

CuL2C12,0.5H20 	315s,vbr 	249m,236ms 	435vs,400vs 	448s 

CdLC12,2H20 	175vs 	200vs,br 	418vs,398s,280w 440w,263w, 

161sh 	103ms 

CdLBr2 	136vs 	243w 	416s,398m,284w, 442w 

168m 

CdL2I2 	156vs,138s 	237m 	414vs,394vs,328m 445s,182m 

280w 

Table 3.12 Far i.r. data for complexes of 1,3-dimethyluracil. Values in cm-1. 
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Compound 	v(M-X) V(M-L) 	Ligand 	Unassigned 

uridine 

MnUC12,2H20 190s 230m,br 

FeUC12 

CoUC12,51120 

216s,192sh 

210sh 

259sh,244s 

229s 

CoUBr2,H20 187sh,177s 207s,br 

CoUBr 2 

N iUC12,4H20 

N iUBr2,7.5H20 

CuUC12,1.5H20 

CdUC12,5H20 

228s,vbr 

222s 

190s,164s 

300s,br 

193s,175s 

264sh,240m 

225m 

225sh 

thymidine 

MnTC12,4H20 

CoTC12,4.5H20 

CoTC12 

CoT2Br 2 

N iTBr2,H20 

198s,190s 

200s,185s 

206s,183sh 

228s,br 

190s,162s 

234ms 

240ms 

238sh 

276s,br 

210sh 

CuTC12,3.5H20 

CdTC12,3.51120 

288s,br 	243mw 

200s,166s,br 220sh 

414s,br,360m, 

312s,293ms,269sh 

195m 

412s,356s,312s, 161m,121m.  

289ms 

362m,304w 	166m 

426s,br,361m, 	154m 

312m,283m 

423m,br,363m,br, 231m 

261ms 

450s,vbr,340sh 

411s,354m,306m, 286w 

286w 

411s,342ms,291w 143w 

388s,344sh 

423s,br,359w, 

310ms,292m,257sh 

444vs,427vs,394m 

374ms,341w,310ms, 

297m,277m,200s 

443m,427s,370sh, 162ms 

311w,297w,277w 

441ms,427s,366m, 

310w,297w,277w 

342m,315w,300w, 

278w 

363m 

443s,424s,396sh, 138m 

341w,296w,276w, 

198s 

366m,330sh 

444m,427ms,396sh 

341w,310mw,296mw 

276mw 

Table 3.13 Far i.r. data for the uridine and thymidine complexes. 

Values are in cm 1. 
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Compound Band maxima (cm 1) 

FeL2C12 

CoLC12,H20 

ca.5930*w, 9170w 

ca.7410*w, 18180s, 19230sh, 21500sh 

CoLC12 6450mw, 12820sh, 14490sh, 17300s, 18870sh, 20750sh 

C0L2Br2,2H20 ca.8470*w, 14290sh, 16530sh, 18660s, 19570sh, 

20200sh 

CoL2Br2 ca.6760*s, 14810vs, 18800sh, 21830sh, 23700sh 

CoL4(C104)2,2H20 8330w, 19120sh, 20620m, 21740sh 

NiLC12,1.5H20 	7410mw,br, 12120mw, 13990sh, 19610sh, 22620s, 

24690sh 

NiLBr2,H20 	6900mw,br, 11760mw, 18020sh, 21370t sh 

CuLC12,0.5H20 	11590s 

CuL2(C104)2,H20 	7750sh, 11980ms 

CuL2(C104)2,4H20 	12190m 

*Low energy band partially obscured by ligand vibrational bands. 

t Partially obscured by charge-transfer band. 

Table 3.14 Diffuse reflectance spectra of the 6-methyluracil complexes. 



Compound 

FeL2C12 

FeL2Br2 

CoLC12 , 0 . 5H20 

CoL2Br2 

CoLs(C104)2,21120 

 

Band maxima (cm 1) 

87 

ca. 5710 * w, 9430w 

ca . 5610 * w, 9350w 

ca.7350*w,12820sh,15870m,17860s,18970sh,20200sh 

ca.7460 * w,14700mw,18180m,21640sh 

ca. 8000 * w, 19300ms , 20750sh, 21690sh 

 

N iLC12 	7190mw,br,12900mw,19800sh,23150s 

N iLBr 2 	ca . 6850 * mw,11630mw,12660sh,18180sh, 21550sh 

CuLC12,H20 	12270s 

CuL2(C104)2,2.5H20 12800s 

*Low energy band partially obscured by ligand vibrational bands. 

Table 3.15 Diffuse reflectance spectra of the 5,6-dimethyluracil complexes. 

Compound Band maxima (cm-1  ) 

FeL2C12 

FeL2Br2 

ca. 5750 * w, 9100w 

ca.5560*w,9170mw 

CoL2C12,0.51120 ca.7270 * w,12500sh,16000m,17950s,19120s,20000sh 

CoL2Br2 (lilac) ca.7020 * w,11630sh,15150m,17700s,18420s,19490sh 

CoL2Br2 (blue) 6020sh,6540vs,14490vs,15270sh,18420sh,21280sh 

N iL2C12 6900m , br , 11560m , 13330sh, 20750sh , 22220s 

NiL2Br2,2.5H20 6330m,br,11170m,12660sh,17860sh,21370s 

N iL2I2,2.5H20 ca.4540*m,br,7870s,11760sh,12270vs,12820sh 

CuL2C12,0.5H20 12120s 

*Low energy band partially obscured by ligand vibrational bands. 

Table 3.16 Diffuse reflectance spectra of the 1,3-dimethyluracil complexes. 
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Compound 

6800sh, 

-1 
Band maxima (cm 	) 

FeUC12  9090w 

CoUC12 ,5H20 8330w, 14810sh, 18350m, 20000sh, 21640sh 

CoUC12 6330m, 14810sh, 16530s, 18800sh 

CoUBr2,H20 7690m, 14290sh, 18180s, 19880sh, 21050sh 

CoUBr2 5850s, 14490vs 

NiUC12,4H20 7410m, 12820m,br, 19800sh, 22830s 

NiUBr2,7.5H20 7090m,br, 12500m,br, 19230sh, 22220s 

CuUC12  ,1.5H20 12500s,br 

CoTC12,4.5H20 8160w, 16260w, 18350sh, 19380s, 22120sh 

CoTC12, 6290w, 12500sh, 16750m, 18760sh, 20370sh 

CoT2Br2  5710vs, 14180vs, 14920sh, 18620sh 

NJITIr2,H20 	7050m,br, 12500m, 19420sh, 22220s 

CuTC12,3.5H20 	12500s 

Table 3.17 Diffuse reflectance spectra of the uridine and thymidine 

complexes. 

Compound gII 

Cu(6Meura)2(C104)2,H20 2.04 ca.2.12, 	2.28 

Cu(6Meura)2(C104)2,4H20 ca.2.42* 2.09 

Cu(5,6DMU)C12,H20 2.34 2.08 

Cu(5,6DMU)2(C104)2,2.51120 ca.2.46* 2.05 

CuUC12,1.5H20 2.05 2.21 

CuTC12,3.5H20 2.05 ca.2.20, 	2.25 

g-values 

Cu(6Meura)C12,0.5H20 2.33, 2.24, 	2.21, 	2.12, 	2.06 

Cu(1,3DMU) 2C12,0.5H20 2.35, 2.25, 	2.20, 	2.08, 	2.06 

*Averaged value of hyperfine components. 

Table 3.18 Powder e.p.r. results for some of the copper complexes. 
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COMPLEXES OF CYTOSINE - 

4.1 Introduction 

Cytosine (4-amino-2-pyrimidinone, Fig. 4.1) offers several 

potential binding sites for metal ions, viz. N (3), 0(2), NH2, and, in 

the lactim form, N (1). Like uracil, the cytosine molecule can exist 

in several tautomeric forms (Fig. 4.1), and until fairly recently it was 

by no means certain which of these forms is predominant. 	Nowadays, 

however, there is an overwhelming amount of experimental evidence, from 

nearly all the available techniques of physical chemistry92, to suggest 

that cytosine generally exists in the lactam-amine form (Fig. 4.1(2)). 

This is also the form considered to be involved in the Watson-Crick 

base pairing scheme in DNA, and in the nucleoside and nucleotide 

(cytidine and cytidine-5'-monophosphate). 

(4) 	 (5) 	(6) 

Fig. 4.1 The major tautomeric forms of cytosine. 
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Although, in the lactam-amine form (2), the unsaturated N (3) atom 

would appear to offer the most attractive metal-binding site, potential 

energy calculations have shown173,174 that the most stable binding 

position for a cation lies between N (3) and 0(2), suggesting that metal-

oxygen interaction may also be important in complex formation. Metal-

binding at N (3) also affords the possibility of some interaction with 

the adjacent amino group, either sterically, or via weak bonding. Thus, 

a point of particular interest in the study of metal complexes of 

cytosine (and of pyrimidinones in general) is the possibilty of 

secondary interactions with other donor groups in the molecule. This 

point will be discussed more fully later, with regard to the crystal 

structure of Cu(Cyt)4(C104)2,CH OH. 

Vibrational spectra (4000-450cm 1) 

The infrared and Raman spectra of cytosine have been analysed by 

Susi and co-workers175, who have assigned many of the in-plane 

fundamental modes. The spectral region most relevant to the mode of 

binding in the metal complexes is that between 1500cm 1  and 1700cm-1  , 

which contains bands arising from the V(C=0) and v(C=C) vibrations. 

The infrared spectrum in this region is complex, however, also 

exhibiting a band due to the NH2 bending mode, and several absorptions 

arising from overtones or combinations, in possible Fermi resonance 

with the fundamentals. Susi et al.175, somewhat tentatively, assign a 
strong band at 1662cm-1  to the v(C=0) vibration. Although extensive 

coupling of the vibrations occurs, binding of a metal ion to an 

unsaturated nitrogen site in a pyrimidine, such as N (3) in cytosine, 

will affect the w-electron distribution of the heterocyclic ring, 

thereby altering the C=N, C=C, and associated stretching frequencies157. 

Advantage of this fact has been taken in deciding whether or not metal 

ions bind to the base portion of cytidine-5'-monophosphate176,177 
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It seems unlikely, however, that any interaction of a metal ion 

with 0(2) of cytosine, which will probably be weak compared with the 

strong metal-nitrogen bond, can be discerned from observation of the 

carbonyl stretching region of the infrared. This is confirmed, to 

some extent, by a comparison of the infrared spectra of Cu(Cyt)2C12 

and Cu(Cyt)4(C104)2,CH30H, whose crystal structures (vide infra) show 

similar copper-0(2) distances. In the former case, the V(C=0) band is 

reduced in energy quite markedly compared with the free ligand (from 

1662cm 1  to ca.1620cm 1), which is the behaviour expected for a strong 

metal-oxygen interaction. In the spectrum of the latter complex, 

however, virtually no change in the energy of the v(C=0) vibration is 

observed. It is also noteworthy that the coordination of manganese(II) 

to 0(2) only of cytosine, in the complex {Mn(5'CMP)(H20)}1.5H20178, 

has little effect on the V(C=0) band. 

The infrared spectra of all the other cytosine complexes prepared 

here show similarly unpredictable behaviour in the carbonyl stretching 

region; it is concluded, therefore, that the vibrational spectra of the 

complexes are of limited usefulness in determining the mode of metal 

binding. 

4.2 Metal. complexes 

There are few reports of metal complexes of cytosine. Melzer93  

has described the preparation of complexes of both 1:1 and 2:1 

stoicheiometry with copper(II)chloride, and the crystal structure of 

Cu(Cyt)2C12 has been determined179'190. Weiss and Venner191'192  

prepared the complexes Cu(Cyt)4(C104)2,2H20, Co(Cyt)2(SC N )2, N i(Cyt)3 

(SC N )2,3H20, and Ni(Cyt)4(SCN)213H20, and, very recently, the 

syntheses of Cd(Cyt)2C12,1.51120 and Zn(Cyt)2C12,0.5H20 were reported193. 

This last compound had been described previously184, formulated as 

Zn(Cyt)2C12. Also very recently, the crystal structures of mercury(II)195 
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and silver(I)186  complexes of 1-methylcytosine have been published. 

In addition, the crystal structures of several mixed-ligand 

complexes involving cytosine have been determined187-190. There are 

also several reports of complexes of cytidine191 -194,  and of cytidine-

5'-monophosphate1691178,19S-199. 

The following complexes were prepared and studied in this work: 

CdLC12,H20; ML2X2 (M=Mn, Fe, Co, Cu, Zn, X=C1, Br; M=Cd, X=Br, I, NO3; 

M=Co, X=N 03; M=Zn, X=I); NiL2X2,nH20 (X=C1, n=3; X=Br, n=6); ML4X2 

(M=Mn, X= NO3; M=CO, X=1; M=Zn, X=C104 , N 03) ; ML4X2,2H20 (M=Mn, Ni, 

X=I; M=Mn, Co, Cu, X=C104; M=Co, X=N 03); CuL4(C104)2,S (S=CH3OH, 

C2H5OH); CuL4( NO3)2,3 (S=CH3OH, C2H5OH); CoL5(C1002; N iL5 ( NO3)2,21120. 

Analytical data for the complexes are given in Table 4.3, and 

data from physical measurements are collected in Tables 4.4-4.6. 

Manganese(II) 

With manganese(II)chloride, the complex Mn(Cyt)2C12 is formed. 

The e.p.r. spectrum of this compound consists of a strong g 	=2 eff.   

signal with a very broad, weak, shoulder on the low-field side and a 

similar, even weaker, absorption on the high-field side. Because of 

the weakness and poor resolution of the shoulders, it was not possible 

to obtain an accurate estimate of the distortion parameters, D and X, 

but the D value is probably less than about 0.10cm 1. Such a spectrum 

may arise from a complex possessing a structure with a symmetry very 

close to cubic, or from magnetic interaction, such as occurs in a 
• 

polymeric structure. The low-frequency infrared spectrum exhibits a 

strong band at 268cm-1,which is assigned to a V(Mn-C1) mode (Table 4.4); 

this value tends to suggest a tetrahedral, rather than a polymeric 

octahedral, structure, particularly when compared with V(Fe-C1) for the 

pseudotetrahedral Fe(Cyt)2C12. It is, however, rather lower in energy 

than one would expect for a species possessing near-T
d symmetry

111. It 
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is possible that the form of the e.p.r. spectrum is due to factors 

other than those mentioned above. 

The e.p.r. spectrum of the 2:1 bromo-complex shows many more 

bands than that of the chloride. The strongest signal occurs near 

geff.
=3.6, which suggests a D value greater than ca.0.15cm 1, and a 

A-value close to 0.33. Apart from the main band, there are many other 

weaker absorptions up to field values of ca.1160mT, which tends to 

suggest that the D value is greater than ca.0.20cm 1  (Chapter 7). The 

general form of the spectrum indicates that the complex is monomeric, 

with either a tetrahedral, or a distorted octahedral (MnN 202Br2) structure. 

The far-infrared spectrum is similar to that of the chloro-complex, thus 

tending to support a monomeric structure for the latter. 

With manganese(II)iodide, a complex of formula Mn(Cyt)4r2,2H20 is 

formed. The low-frequency infrared spectrum of this compound exhibits 

several strong bands in the 240-170cm-1region, which are tentatively 

assigned to V(Mm-N ) modes. There are no strong bands near 100cm 1  

where the V(Mn-I) vibration in Mnpy4I2 has been shown to occur200; thus, 

a trans-octahedral MnN4I2 chromophore seems unlikely in this case, 

unless the metal-iodine bonds are very long. The e.p.r. spectrum consists 

of a broad 
geff.=2 

 signal, indicative of magnetic exchange coupling 

within the lattice, which is not unusual for aquo-complexes of this 

type148. 

The infrared spectrum of Mn(Cyt)4(C104)2,2H20 in the 450-200cm 1  

region differs considerably from that of the iodide, in that there are 

no strong bands which may be assigned to metal-ligand vibrations. This 

type of far-infrared spectrum is also found for the complexes Mn(Cyt)4 

(NO3)2, Co(Cyt)4(C104)2,2H20, and Co(Cyt)4(NO3)2,21120, and contrasts 

with the strong metal-ligand vibrations observed for most of the other 

complexes. X-ray powder photographs show that all four compounds have 

very similar structures, and it would appear that in these complexes 



the metal-cytosine bonds are quite weak. 

The V3 perchlorate band of Mn(Cyt)4(C104)2,2H20 exhibits a slight 

splitting, but this is not so pronounced as to indicate a strong metal-

perchlorate interaction. The lower energy perchlorate vibrations are 

obscured by ligand bands. 

The main feature of the e.p.r. spectrum of this complex is a strong 

band at g
eff.

=2. A weak shoulder is apparent on the low-field side of 

the main signal, and there may also be a very weak absorption in the 

corresponding high-field position. Thus, a low D value is indicated, 

and, since the compound probably has a trans-octahedral structure, A is 

expected to be small. N o accurate estimates of these parameters are 

possible, however, since the shoulders are weak and ill-defined. This 

type of spectrum is often observed for complexes with axial symmetry; 

for example, the compound Mn(y-pic)4(NCS)2 has an estimated D value of 

0.035cm 1 , with A close to zero148. 

Interference by strong ligand vibrations in the infrared spectrum 

of Mn(Cyt)4( NO3)2 makes it impossible to deduce the binding mode of the 

nitrate groups; only one nitrate band is visible, at 1291cm 1. However, 

the e.p.r. spectrum is almost identical to that of the perchlorate, and 

the similarity of their far-infrared and X-ray spectra have already 

been noted. The fact that the infrared spectrum in the 450-200cm 1  

region is almost featureless, showing none of the strong absorptions 

usually associated with coordinated nitrates, suggests that any metal-

nitrate interaction in this complex must be weak. 

Iron (II) 

With iron(II), complexes of formula Fe(Cyt)2X2 (X=C1, Br) were 

prepared. Both compounds have electronic spectra (Table 4.5) 

characteristic of pseudotetrahedral species, with very intense bands in 

the near-infrared region (cf. the spectrum of Fe(4,6DMP)2C12, Fig. 5.5). 

9 4 
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Under the influence of a ligand field of Td  symmetry, the 5D free-

ion ground term of iron(II) splits into two levels, 5E and 5T2, with 

the former lying lower in energy. Any lifting of the degeneracy of 

these levels, due to spin-orbit coupling, is relatively small. 

Consequently, iron(II) in a ligand field close to Td  symmetry usually 

exhibits just one electronic band, due to the 5E4- 5T2 transition, the 

energy of which will depend only on the value of A, the ligand field 

strength parameter. If the symmetry of the ligand field is lowered, 

either by geometric distortion, or in a pseudotetrahedral mixed-ligand 

complex, the orbital degeneracy of the 5T2 level will be resolved, and 

the 5E level may be split. Thus, in C
2V 
 symmetry, 5T2÷55B1+5B2, 

5E-÷ 5A1+5A2. The splitting of the 5T2 level will hence cause a broadening 

or splitting of the electronic band. 

As expected, therefore, the electronic bands of both Fe(Cyt)2C12 

and Fe(Cyt)2Br2 are split by the effects of the low-symmetry components 

of the ligand fields on the orbital degeneracy of the 5T2 state, but in 

both cases, only two band components are observed, compared with the 

three predicted for complexes of the type FeL2X2 on the basis of C 
2V 

formal field symmetry. It is interesting to note that the splitting 

between the band components in the cytosine complexes .(ca.950cm 1) is 

significantly less than for the analogous 4,6-dimethylpyrimidinone 

complexes (ca.1300cm 1, Chapter 5), indicative of structures closer to 

regular Td  symmetry for the former compounds. 

Cobalt(II) 

The bright blue chloro- and bromo-complexes are assigned pseudo-

tetrahedral structures on the basis of their electronic spectra, which 

are very similar in appearance. In both cases, very intense bands in 

the 7000-7500cm-1  region are assigned to the "92 transition of cobalt(II) 

in a ligand field of Td  symmetry. In neither case is this band 
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appreciably split, indicating that the complexes probably have structures 

which are not greatly lowered from T
d 
symmetry. This is similar to the 

situation for the iron complexes, and, in fact, X-ray powder photographs 

suggest that the iron and cobalt compounds have similar structures. The 

VI transition is not observed in either spectrum, but this is not 

unexpected since this band may be quite weak in these complexes, and be 

obscured by the strong ligand vibrational bands in the 4000-5000cm I  

region. For both compounds, very intense multiple absorptions in the 

16000-17000cm 1  region are assigned to the v3 transition. These band 

energies give estimated A values of ca.4300cm 1  (chloride) and ca.4100cm 1  

(bromide), which are typical for pseudotetrahedral complexes containing 

a Co N 2X2 chromophore. 

The light blue iodo-complex is of 4:1 stoicheiometry, and exhibits 

an electronic spectrum almost identical to that of the bromo-complex. 

The general appearance of the spectrum in itself suggests that the 

complex does not contain a Co Nye{  chromophore, and this is supported 

by the relatively weak ligand field (A=4100cm 1), which is at variance 

with the values (ca.5000cm 1) found for complexes of similar ligands 

containing the CoN 42+  unit (e.g. Co(1,4,6TMP)4(C104)2(Chapter 5), 

Co(pym20H)48r2195). 

The low-frequency infrared spectrum is markedly different from 

that of the chloro- or bromo-complex. The main feature of the spectrum 

in the 450-80cm I  region is a very intense, broad, band centred near 

290cm-I, which is assigned to a metal-ligand mode. A very similar 

absorption is observed in the spectrum of Co(1,4,6TMP)212 (Chapter 5), 

but, unlike this compound, Co(Cyt)4I2 does not show any bands which may 

be assigned to V(Co-I) modes. 

The relatively low A value for this complex may be a consequence 

of weak cobalt-nitrogen bonding, but, in view of the strong 290cm-I  

metal-ligand vibration, this seems unlikely. Alternatively, the 
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compound may contain strong metal-0(2) bonding, as found in 

(Mn(5'CMP)(H20)},1.5H20178. However, the ligand field seems rather 

strong for a CoO42+ structural unit (for comparison, A for Co(Ph3P0)42+ 

and Co(Ph3As0)42+ is ca.3680cm 1 	1 and 3800cm , respectively130), and is 

more compatible with a Co02 N 22+ chromophore (A for Co(Ph3P0)2( NCS)2= 

4030cm 1 130). Such a structure may be envisaged as containing either 

cytosine molecules showing linkage isomerism, or chelating cytosines, 

with two uncoordinated ligands. Although neither the X-ray powder 

pattern nor the infrared spectrum of the complex indicates the presence 

of free ligand, that the latter structure is feasible is shown by the 

similar situation for Co(Cyt)5(C104)2 (vide infra). 

With cobalt(II)perchlorate, two different complexes may be prepared, 

depending on the reaction conditions employed (see Experimental). 

The purple 5:1 complex has a magnetic moment of 4.41 B.M., which is 

in the range expected for tetrahedral cobalt(II)201. The electronic 

spectrum is also characteristic of an essentially tetrahedral stereo-

chemistry (Fig. 4.2). The band assigned to the V2 transition is rather 

broad, but is not noticeably split. This absorption is centred near 

8800cm I , which is at a much higher energy than for the halides; the 

band intensity is also lower in this case. The intense V3 band is split 

into a doublet, the centre of gravity of the band envelope being at ca. 

18000cm I. These band positions indicate a much stronger ligand field 

than in the halo-complexes; A for Co(Cyt)5(C104)2 is estimated to be ca. 

5100cm I. The infrared spectrum is compatible with the presence of 

ionic perchlorate groups. 

A complex with extremely similar properties to those of Co(Cyt)5(C104)2 

has been reported with the related ligand, 2-pyrimidinone195. The 

compound Co(pym20H)5(C104)2 has a very similar electronic spectrum to 

that of the cytosine complex (Fig. 4.2), and an almost identical 

magnetic moment (4.43 B.M.). Although a possible five coordinate 
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structure for Co(pym2011)5(C104)2 was considered195, the spectral and 

magnetic evidence both for this compound and for the cytosine complex 

seem to favour a four coordinate, tetrahedral, structure. The general 

appearance of the electronic spectrum, and the ligand field strength, 

are entirely consistent with the presence of a tetrahedral CoN 42+ 

chromophore; very similar spectra are observed for the related complexes 

Co(1,4,6TMP)4(C104)2(Chapter 5) and Co(pym20B)4Br2195, both of which 

contain this structural unit. 

This means that Co(Cyt)5(C104)2 contains a non-coordinating ligand 

.0. molecule, such as is found in complexes of the type FePY6A2
202  (X=Br, I, 

NCO).-  In the case of the cytosine complex, examination of the infrared 

and X-ray spectra gave no indication of any free ligand, but this may 

not be unexpected, since the nature of cytosine is such that any non-

coordinating molecules would probably be strongly hydrogen-bonded in the 

lattice of the complex, thus altering their physical characteristics. 

The crystal structure of the complex Mn(4,6DMP)412,6H20 (Chapter 5) 

presents an example of a compound containing hydrogen-bonded pyrimidinones. 

The dissimilarity of the electronic and far-infrared spectra of 

Co(Cyt)5(C104)2 to those of Co(Cyt)4I2 offers further evidence against 

the presence of a Co N42+ chromophore in the latter compound. 

In contrast to the 5:1 complex, the lilac compound Co(Cyt)4(C104)2,2H20 

has an electronic spectrum indicative of a basically octahedral stereo-

chemistry. The estimated A value of 8060cm-1  is low for a Co N402' 

chromophore, and is more compatible with the weak ligand fields found for 

the cobalt-uracil complexes (Chapters 2 and 3). As previously mentioned, 

the far-infrared spectrum exhibits no strong metal-ligand vibrations; it 

seems likely, therefore, that the metal-ligand bonds in this complex are 

rather weak. 

Two different compounds may also be prepared from cobalt(II)nitrate. 

The 2:1 complex has a magnetic moment of 4.38 B.M., which is indicative 
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of a basically tetrahedral geometry. This is supported by the electronic 

spectrum, which is very similar to that of the 5:1 perchlorate complex 

(Fig. 4.3). The spectrum also closely resembles that of Co(1,4,6TMP)2(1103)2 

(Chapter 5), and of Co(Me3P0)2( NO3)2203, whose structure has been shown204 

to consist of a highly irregular octahedral chromophore, involving 

bidentate nitrate groups. The magnetic moments of all these compounds 

are also similar. In view of these facts, it is uncertain whether the 

cytosine complex contains monodentate nitrate groups in a pseudotetrahedral 

structure of C 	symmetry, or whether the nitrates are bidentate, creating 
2v 

a more irregular structure, although still of C 	local symmetry. The 
2v 

strong-ligand field (A=5070cm 1), however, tends to favour the latter 

structure. 

Interference by strong ligand bands makes the infrared spectrum 

unhelpful in deciding whether mono- or bi-dentate nitrate groups are 

present. The spectrum in the 450-200cm-1  region is similar to that of 

Co(Cyt)5(C1002. 

The complex Co(Cyt)4( NO3)2,2H20 has similar spectral properties to 

the analogous perchlorate compound, and can probably be assigned a 

similar structure, involving weak metal-ligand bonds. 

Nickel(II) 

The yellow, hygroscopic 2:1 chloro- and bromo-complexes probably 

have similar structures. Both compounds exhibit weak d-d bands in their 

electronic spectra, indicative of a centrosymmetric nickel(II) environment. 

The estimated A values of ca.8000cm 1  indicate quite weak ligand fields, 

similar to those found for the uracil-nickel halide complexes, and 

incompatible with strong metal-nitrogen bonding. 

The low-frequency infrared spectrum of the chloro-complex shows 

a broad, medium intensity band near 250cm-1, which probably arises from 

both metal-chlorine and metal-ligand modes;that of the bromo-complex 
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exhibits V(Ni-Br) vibrations near 190cm 1. In neither case are there 

any strong metal-ligand modes, again suggesting weak metal-ligand bonding. 

The relatively high energy of the metal-halide vibrations suggests 

terminal, rather than bridging, nickel-halogen bonds, and the structures 

of the complexes are therefore either monomeric, or polymeric, with 

bridging cytosines. 

The 4:1 iodo-complex has an electronic spectrum almost identical 

to that of the chloride, and is accordingly assigned an essentially 

octahedral structure. The far-infrared spectrum does not show any bands 

which may be unambiguously assigned to metal-iodine vibrations; it seems 

likely, therefore, that the compound contains bonded water molecules. 

The electronic spectrum of Ni(Cyt)6(NO3)2,21120 is also indicative 

of an essentially octahedral structure. The infrared spectrum in the 

450-200cm 1  region is very similar to those of the 4:1 manganese and 

cobalt nitrates, and X-ray powder photographs show that these compounds 

do, in fact, have similar structures. Thus, although there is no 

evidence from either the infrared spectrum or the X-ray photograph of 

of the complex to suggest the presence of non-coordinated ligand 

molecules, it is possible that this compound may also contain cytosines 

held in the lattice by hydrogen bonds, as postulated for Co(Cyt)5(C1002. 

Copper (II) 

With copper(II)chloride and bromide, only complexes of the type 

Cu(Cyt)2X2 (X=C1, Br) could be prepared, despite claims by Melzer93  to 

have isolated complexes of both 1:1 and 2:1 stoicheiometry with copper 

(II)chloride. The crystal structure of Cu(Cyt)2C12 has been described179/180; 

in this compound, copper forms two strong bonds to the N (3) atoms of 

two cytosine molecules, which are in a trans-configuration (Fig. 4.4). 

It is interesting to note that two additional, weak, bonds are formed 

to the 0(2) atoms of the same cytosine molecules; two relatively strong 
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copper-chlorine bonds complete a very distorted octahedral coordination 

sphere about the copper ion. This structure will be considered in 

greater detail later, when it is compared with that of Cu(Cyt)4(C104)2, CH3OH. 

Fig. 4.4 The structure of Cu(Cyt)2C12179,180  

The electronic spectrum of the chloro-complex exhibits, as expected 

for a very distorted octahedral stereochemistry, an intense d-d band at 

ca.16000cm 1. The e.p.r. spectrum is also typical of copper(II) in a 

tetragonally-distorted environment, with slight misalignment of the 

principal axes205  (Table 4.6). 

The X-ray powder pattern'of the bromo-complex shows some similarities 

to that of the chloride, and can probably be assigned a similar structure. 

The electronic and e.p.r. spectra of this compound are also similar to 

those of the chloro-complex. 

The reaction of cytosine with copper(II)perchlorate in various 

organic solvents produces a violet complex of formula Cu(Cyt)4(C104)2,S, 
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where S=CH3OH or C2H50H. In water, a dark blue dihydrate may be prepared. 

This last compound has been described previously181,193, but its 

properties have not been fully investigated. 

The electronic spectra of both of the alcohol solvates are very 

similar, with a fairly intense d-d band at ca.18000cm 1, and a shoulder 

near 14000-15000cm 1. This type of spectrum is fairly definitive of a 

near square-planar coordination environment for copper(II). In contrast, 

the electronic spectrum of Cu(Cyt)4(C104)2,2H20 exhibits a broad d-d 

band at a considerably lower energy, suggesting a possibly less planar, 

and more tetragonal-octahedral, structure for this complex. The infra-

red spectra of all the compounds are indicative of ionic perchlorate 

groups. In the low-frequency infrared spectra- of the Cu(Cyt)4(C1002,8 

complexes, the main feature of interest is a very intense absorption at 

ca.290cm 1 , which is assigned to a V(Cu-N) mode. The spectrum of the 

dihydrate in this region shows a weaker, split, band at 270-280cm 1, 

with a stronger absorption at 216cm 1  . The e.p.r. spectra of all the 

complexes show an isotropic g
eff.=2 signal, which is uninformative, 

except to indicate the presence of exchange coupling within the lattice. 

The spectral properties of the Cu(Cyt)4(C104)2,6 complexes are 

very similar to those of the related compounds195 Cu(pym20H)4(C104)2,8 

(S=C2H5OH, i-C3H7OH). The crystal structure of Cu(pym20H)4(C104)2,C2H50H 

has been determined195, and is found to have an essentially square-

coplanar arrangement of four ligand molecules bound through a ring 

nitrogen atom, with additional, weak, interaction of copper with two 

oxygen atoms in the axial positions, producing a very distorted 

octahedral structure. (Fig. 4.5). In view of the recent interest in the 

interaction of cytosine with biologically important trace metals, and 

because of the potentially ambidentate nature of the cytosine molecule, 

a full crystal structure determination was carried out in this 

Department on the complex Cu(Cyt)4(C104)2,CH30H. 
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Crystal. structure of Cu (Cyt) 4 (ClOti ) 23  CH3OH. 

The molecular structure of the complex is reproduced in Fig. 4.6. 

The primary coordination sphere about the copper ion is approximately 

square planar, with the N (3) atoms of cytosine occupying the four 

coordination sites. The planes of the cytosine rings are arranged 

normal to the Cu- N 4  plane, allowing the keto-oxygens of two of the 

rings to interact weakly with copper in the axial positions (Cu-0= 

0.2701nm), extending, qualitatively, the coordination geometry to 

octahedral. N either the perchlorate groups nor the methanol molecule 

are coordinated to the metal ion, but are held in the lattice through 

hydrogen bonds (Fig. 4.7). The important bond lengths and bond angles 

are given in Table 4.1, together with the corresponding data for 

Cu(pym2OH)4(C104)2,C2H5OH, for comparison. It can be seen from this 

that the two structures are very similar, but with a closer approach of 

the keto-oxygens to the copper ion in the cytosine complex. This 

stronger copper-0(2) interaction may be a consequence of the steric 

effect of the amino, group, which may tend to force the oxygen atom 

closer to the metal ion; a similar effect is noted when the amino 

group is replaced by a methyl group (Chapter 5). 

A comparison of the relevant bond lengths and bond angles for all 

the known, approximately square planar, structures of copper complexes 

of cytosine and cytidine shows that this weak axial copper-0(2) 

interaction is present in all cases (Table 4.2). The present structure 

confirms the two principal features of the copper complexes of cytosine 

and cytidine, which have already been established, namely binding of 

the metal to N (3), and the axial copper-0(2) intramolecular interaction. 

The geometrical figures are essentially constant over the range of 

complexes studied, and this suggests that this weak metal-oxygen 

interaction may be important in the binding of copper(II) to cytidine 

residues in nucleic acids. 
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Fig.4.6 The Structure of Cu(Cyt)424- 
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Fig.4.7 Molecular packing diagram for Cu(Cyt)4(C104)2 ,CH3OH. 
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0.2033(5)nm 

0.1360(7)nm 

0.1248(7)nm 

0.2701(4)nm 

54.9(1) 

106.2(3)0  

121.0(4) 0  

77.9(3)13  

a = 

b = 

c = 

d = 

a= 

13 = 

= 

6 = 

0.2004(6)nm 

0.1374(10)nm 

0.1247(9)nm 

0.2776(6)nm 

53.6(2) 

109.7(5)°  

119.3(7)0  

77.4(4)°  

a = 0.2020(4)nm 
	a = 0.1992(6)nm 

b = 0.1340(7)nm 
	

b = 0.1368(10)nm 

CYT 2 
	c = 0.1256(7)nm 
	c = 0.1190(9)nm 	

PYM 2 

and 
	d = 0.2823(4)nm 
	

d = 0.2901(7)nm 	
and 

CYT 2' PYM 2' 
a = 52.8(1)°  a = 50.6(2)°  

= 110.6(3)°  = 112.7(5)0  

= 121.8(5)0  = 122.7(7)0  

6 = 74.8(3)0  6 = 74.1(5)0  

Table 4.1 Selected bond lengths and bond angles for Cu(Cyt)4(C104)2,CH30H 

and Cu(pym2OH)4(C104)2,C21150H. 
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A B C D Et 

0.203 0.202 0.197 0.195 0.198 0.201 0.201 

0.136 0.134 0.134 0.140 0.138 0.137 0.134 

0.125 0.126 0.122 0.123 0.123 0.124 0.126 

0.270 0.282 0.274 0.288 0.282 0.277 0.274 

54.9 52.8 53.8 52.0 52.9* 53.8* 

106.2 110.6 109.2* 113.0* 110.3* 108.4 

121.0 121.8 121.0 120.0 121.3 121.1 

77.9 _74.8 76.0 75.0 75.5 76.7 77.0 

A- 	Cu(Cyt)4(C104)2,CH30H 

B Cu(Cyt) 2c1218o 

C 	{(glycylglycinato)(Cyt)Cu(II)1,2H20189  

D {( N-salicylidene- N '-methylenediamine) (Cyt)Cu(II)} NO3  ,H20188  

E f(glycylglycinato)CCu(II)1,2H20191  

*Calculated values, assuming planarity of Cu- N(3)-C(2)-0(2) ring. 

t Averaged values. 

Table 4.2 Comparison of bond lengths (nm) and bond angles (0) in various 

copper(II) complexes of cytosine and cytidine. 

a = 

b = 

c = 

d = 

a = 

S = 

Y = 

6 = 
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There may be some theoretical justification for this semi-chelation 

of cytosine to metal ions. A recent ab initio study on the interaction 

of the sodium ion with cytosine in a series of significant positions 

(Fig. 4.8) has shown174  that the, energetically preferred binding position 

is the N (3)-0(2) chelate site (1), with ligand-cation distances of 

N (3)-Na
+
=0.230nm, and 0(2)- Na

+
=0.215nm. Positions (2) and (3) point 

towards the two deep minima of the molecular electrostatic potential map 

of cytosine, one of which lies in the direction of the lone pair on N (3), 

and the other at an angle of 130e to C(2)=0. 

NH2  

(3) 
-165.7kJ 

    

(1)c." 
-216.3kJ %  

(2), 
-201.2kJ 	s • % 

(4),  
-192.0kJ 

    

    

  

Fig. 4.8 

The ab initio binding energies of N a+  to cytosine in each of the 

four positions considered are shown on the diagram. It is interesting 

that, theoretically, the carbonyl oxygen exerts a stronger attraction 

(by ca.35.6kJ mole-1) than N (3) towards the cation; a recent structural 

determination on a 1:1 manganese-5'-CMP complex178 has, in fact, revealed 

strong metal binding to the keto-oxygen only of the cytosine moiety 

(Mn-0(2)=0.208nm). Similarly, fairly strong metal-oxygen bonds (Ag-0(2)= 

0.237nm) are found in the structure of a polymeric siver(I) complex of 
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1-methylcytosine186. 

Although the copper-0(2)(Cyt2) distance is longer than copper-O(2) 

(Cyt1), it is possible that this oxygen is also involved in the primary 

coordination sphere of the metal ion, in which case, a qualitatively 

pseudododecahedral structure would result, as reported for the complexes 

CaCu(Ac0)4,6H202" (Cu-01 =0.279nm) and Cu(HA)4(C104)2207  (Cu-01 =0.288nm) 

(Fig. 4.9). 

I 

1 
1 	I 

" 0 
Cu 

Fig. 4.9 

However, it seems more likely that just two off-axis oxygen atoms are 

involved in the primary coordination sphere, as in the complexes 

CU(HA)2,2H20207;208 (Cu-01 =0.277nm) and Cu(Ac0)2(NH3)22091210 (Cu-01= 

0.277nm), which have semi-elongated rhombic structures (Fig. 4.10). 

1 

cr----:1 

Fig 4,10 
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The complexes formed with copper(II)nitrate in methanolic or 

ethanolic solution appear, at first sight, to be analogous to the 

perchlorates, with formulae Cu(Cyt)4( NO3)2,S (S=CH3OH, C2H5OH). The 

spectral properties of these compounds are also similar to those of the 

perchlorates. A similar electronic spectrum has been described for the 

complex CuIm4( NO3)2, whose structure211  consists of a tetragonally-

distorted octahedron, comprising a near planar arrangement of four 

imidazole units about copper (mean Cu-  N=0.201nm) with weak axial metal-

nitrate bonds(mean Cu-0=0.257nm). This structure is thus rather like 

that of Cu(Cyt)4(C104)2,CH3OH, and it seems reasonable to assume that 

the nitrate complexes contain a similar distorted Cu N402 chromophore, 

with the weak axial metal-oxygen interaction being provided either by 

the nitrates or by the keto groups of the cytosines. 

Zinc 

Complexes of formula Zn(Cyt)2X2 were prepared, with X=C1, Br, I. 

The low-frequency infrared spectra of these compounds exhibit v(Zn-X) 

vibrations at 270cm 1  (X=C1), 205, 194cm 1(X=Br), and 176cm 1  (X=I). 

These values are in the range expected for complexes with C symmetry
111 

2v 

although somewhat lower than those found, for example, for the pseudo-

tetrahedral ZnIm2X2 complexes
212 

(V(Zn-X)=304, 291cm 1  (X=C1), 238cm 1  

(X=Br), 217cm 1  (X=I)). Accordingly, the cytosine complexes may be 

assigned distorted tetrahedral structures. The X-ray powder patterns 

of the chloro-  and bromo-complexes are very similar to those of the 

corresponding iron(II) compounds. 

The complexes Zn(Cyt)4X2 (X=C104, NO3) have very similar far-

infrared and X-ray spectra, and obviously have almost identical structures. 

In neither case is there any infrared evidence for strong metal-anion 

interaction. 
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Cadmium 

The 1:1 chloro-complex is assigned a polymeric octahedral structure 

with bridging chlorines, on the basis of its far-infrared spectrum, 

which shows V(Cd-C1) vibrations at 220cm-1  and 200cm 1  . These values 

may be compared with those for Cd(pym)C12213 (V(Cd-C1)=219, 205cm 1), 

which also contains bridging chlorines. It is possible that the 

cytosines are also bridging, either via N(3) and 0(2), or, if a proton 

shift occurs, via N(1) and N (3). The latter situation should produce 

an identifiable hydroxyl group vibration in the infrared, but this is 

not observed. Quite recently, the preparation of a complex formulated 

as Cd(Cyt)2C12,1.5H20 was described183, but this could not be repeated 

here. 

With cadmium bromide and iodide, 2:1 complexes are formed, and are 

assigned essentially tetrahedral structures on the basis of their far-

infrared spectra, which exhibit v(Cd-X) bands at 180, 165cm-1  (X=Br), 

and 162, 14Icm 	For comparison, the pseudotetrahedral compounds 

Cd(Ph3P)2Br2 and Cd(Ph3P)2I2 have V(Cd-X) modes at 195, 176cm 1  (X=Br), 

and 166, 145cm-1 
 (x=i)214.  

Although the X-ray powder pattern of Cd(Cyt)2( NO3)2 shows some 

similarities to that of Co(Cyt)2(1403)2, the infrared spectra of the 

two complexes are quite different. The cadmium compound probably has a 

pseudotetrahedral structure. 
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% Found 	% Calculated 

Compound 

MnL2C12 

MnL2Br2 

MnL412,2H20 

MnLy(C104)2,2H20 

MnL4( NO3)2 

FeL2C12 

FeL2Br2 

CoL2C12 

CoL2Br2 

CoL4I2 

CoL4(C104)2,2H20 

CoL5  (CIO 4) 2  

COL 2  ( NO3)2 

CoLk ( N 03) 2 , 2H20 

N iL2C12,3H20 

N iL2Br2,6H20 

N iL412,2H20 

N iL6( NO3)2,2H20 green 	32.59 

CuL2C12 	blue 	27.19 

CuL2Br2 	green 	21.81 

CuL4(C104)2,CH3OH violet 27.58 

CuL4(C104)2,C2H5OH violet 	28.47 

CuL4(C104)2,2H20  blue 	25.95 

CuLL„( N 03) 2,CH3OH lilac 	30.28 

CuLif( N 03) 2 ,C2H5OH lilac 	31.59 

ZnL2C12 	- white 	27.02 

ZnL2Br2 	white 	21.50 

ZnL2I2 	white 	18.24 

ZnL4(C104)2 white 	27.71 

ZnL4( N 03) 2 	white 	30.68 

CdLC12,H20 	white 	15.35 

CdL2Br2 	white 	19.51 

CdL2I2 	white 	16.48 

CdL2( N 03) 2 	white 	20.72 

H N C H N 

3.21 23.63 27.61 2.90 24.15 

2.35 19.56 21.99 2.31 19.23 

3.63 21.03 24.35 3.06 21.30 

3.31 23.08 26.17 3.29 22.89 

3.61 31.82 30.83 3.23 31.46 

2.94 24.42 27.54 2.89 24.08 

2.19 19.12 21.94 2.30 19.19 

2.77 24.34 27.29 2.86 23.87 

2.25 18.70 21.79 2.29 19.06 

2.74 22.85 25.38 2.66 22.20 

3.53 22.45 26.03 3.28 22.77 

3.04 25.92 29.53 3.10 25.83 

2.41 28.50 23.72 2.49 27.66 

3.28 29.70 28.97 3.65 29.56 

3.46 20.52 23.67 3.97 20.71 

3.00 15.03 17.51 4.05 15.31 

2.82 19.80 24.24 3.05 21.20 

3.87 33.70 32.56 3.87 31.64 

2.75 23.74 26.94 2.83 23.56 

2.30 19.06 21.57 2.26 18.86 

2.91 22.75 27.63 2.91 22.75 

3.25 19.09 28.71 3.48 22.32 

3.15 22.68 25.87 3.26 22.62 

2.96 31.01 30.75 3.64 29.53 

4.04 27.60 31.89 4.05 28.92 

2.78 23.48 26.80 2.81 23.44 

2.36 18.75 21.48 2.25 18.78 

2.15 15.21 17.75 1.86 15.52 

2.90 23.93 27.12 2.84 23.71 

3.01 28.97 30.32 3.18 30.94 

1.96 12.95 15.38 2.26 13.45 

1.97 16.94 19.44 2.04 16.99 

1.77 14.33 16.33 1.71 14.28 

2.16 24.33 20.95 2.20 24.43 

Colour 

pale pink 27.78 

pale pink 22.52 

pale pink 24.34 

pale pink 26.95 

pale pink 30.78 

cream 	27.61 

yellow 21.64 

blue 	27.39 

blue 	21.86 

blue 	26.34 

lilac 	26.35 

purple 	29.49 

cerise 	24.06 

lilac 	28.37 

yellow 	23.98 

yellow 17.44 

yellow 	24.38 

Table 4.3 Analytical results for the cytosine complexes. 
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Compound V (M-X) V(M-L) Ligand 	Unassigned 

cytosine 442vs,420vs,233m 

199m,112s,93s 

MnL2C12t 268vs 230vs 440vs,432vs,204m 396vs 

MnL2Br2  208vs,191sh 257m,243mw 442vs,431s,222sh 388vs 

122sh,91m 

MnL412,2H20 237ms,209s, 

170vs 

431vs,191ms,129w 370w 

MnL4(C104)2,2H2Ot 309* w,216w 432vs,405sh,234w 393vs 

MnL4( NO3)2t 222sh 424vs,409sh 	398vs 

FeL2C12t 272vs,br 438vs,429vs,227m 397vs 

FeL2Br2t 223vs,205vs 269m,247w 442vs,433vs,122m 399vs 

CoL2C12f 282vs 265sh,252sh 444s,435s,232w 	401s 

CoL2Br2t 219vs 272ms,252ms 444vs,435vs 	402vs 

CoL4I2  287vs,253w .443s,434s,231w 	403s 

CoL4(C104)2,2H2Ot 306* sh,222w 431vs,422vs,405w 395vs 

CoL5(C104)2t 278m,252ms 421vs,234w 

CoL2( NO3)2t 306sh,289m, 

253sh,216w 

438sh,414vs,235w 

CoL4  ( NO 3 ) 2, 21120t 210w 414vs,br 

NiL2C1 2 ,3.1120t 250vs,br 300* sh 425vs 	393vs 

N iL2Br2,6H20 191sh,180s 300 * m,273sh 427vs 	390sh 

N iL 4I2,2H20 299* m,264m, 

173m 

427vs,409sh 

NiL6(N 03)2,2H2Ot 300w,228sh 423vs,415s 	390s 

CuL 2C12t 296vs 257s,243w 447vs,433vs,225w 

CuL2Br2t 232vs 292s,276w, 

256s 

445vs,425vs 

OUL4(C104)2,CN3ONt 285vs 438vs,404vs,221w 

CuL4(C104)2,2H2Ot 283s,270s, 

216vs 

434vs,400vs 

CUL 4( NO3) 2, ON 30Nt 287s 438vs,411s,212m 	397sh 

ZnL2C12t 270vs 443vs,434vs,227w 415vs 

202m 

ZnL 2Br 2  205vs,194sh 268ms,253ms 442vs,437vs,126w 407vs 

ZnL 	2  176vs 272ms,220s 427s,411vs,196sh 

ZnL4(C10) 2t 277w,253s 445vs,421vs,230w 

ZnL4( NO 3) 2t 277w,251s 420vs,230w 

(continued overleaf) 
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Compound 

CdLC12,H20 

CdL2Br2  

CdL2I2 

CdL2( NO3) 2t 

V(M-X) 	V(M-L) 	Ligand 	Unassigned 

220s,br, 	261s 	416vs 	371ms,147vs 

200s,br 

180vs,165sh 	424vs,236w, 	393vs 

196sh,127w 

162vs,141vs 251ms,229ms 	440vs,430vs,214w 390vs 

383vs,227m 	440vs,428vs 	403vs 

t450-200cm 1  region only. 	*may be v(M-OH2) mode. 

Table 4.4 Far i.r. data for the cytosine complexes. 

Values are in cm 1. 
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Compound 	 Band maxima (cm 1) 

FeL2C12 	4760vs, 5710vs 

FeL2Br2 	4690vs,br, 5620vs 

CoL2C12 	7410vs, 16860vs, 20000sh, 23700sh 

CoL2Br2 	7140vs, 16130vs, 17240sh, 23250sh 

CoL4I2 	7140vs, 16000vs, 17150sh 

CoL4(C104)2,2H20 	8000w,br, 18420m,br 

C0L5(C104)2 	8770s, 17540vs, 19610s 

CoL2( N 03) 2 	 8680s, 18180vs, 19230sh 

CoL4( N 03) 2, 2H20 	8330w,br, 18180m,br 

NiL2C12,3H20 	8000w,br, 13990w, 24100m,br 

NiL2Br2,61120 	7690w,br, 13330w, 23250m,br 

NiL412,21120 	8000w,br, 13800w, 24100sh 

N iLs( N 03) 2,2H20 	8160vw,br, 14290vw, 24690w 

CuL2C12 	15870vs 

CuL2Br2 	15870vs 

CuL4(C104)2,CH30H 	18350s, 15150sh 

CuL4(C104)2,C2B50H 	18520s, 14600sh 

CuL4(C104)2,2H20 	16260s,br 

CuL4( NO3) 2,CH30H 	17240s, 14390sh 

CuLti ( N 03) 2, C2H5OH 	17860s, 14710sh 

Table 4.5 Diffuse reflectance spectra of the cytosine complexes. 

Compound 
	 g

II 	
g 

CuL2C12 
	 2.22 	ca.2.09, 2.05 

CuL2Br2 
	 2.17 	2.07 

geff. 

CuL4(C104)2,CH30H 
	

2.06 

CuL4(C104)2,2H20 
	

2.06 

CuLl+ ( N 03) 2,CH3OH 
	

2.05 

Table 4.6 Powder e.p.r. results for some copper complexes of cytosine. 
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CHAPTER 5 

COMPLEXES OF SOME SUBSTITUTED 2-PYRIMIDINONES 

5.1 Introduction 

The coordination properties of pyridine species containing exocyclic 

oxygen or sulphur atoms in positions alpha- to the nitrogen hetero-atom 

have been well investigated108,134.215-217 . Most interest has been 

directed towards the possibility of metal ion chelation via nitrogen and 

the exocyclic group in these ligands, and it has been shown that, as an 

anion, 2-pyridinethione (Fig. 5.1a, X=S) can chelate to metals218-220 1 

in spite of its short 'bite'. Similar chelation, via N (7) and S, is 

also shown in complexes of, some 9-substituted,6-purinethiones (Fig..5.1b, 

X=S). 

(a) 
	

(b). 

Fig. 5.1 

In contrast, the oxo-analogues of these molecules seem reluctant to 

form chelates with metal ions. Crystallographic studies134,215 on 

copper(II) complexes of 2-pyridone CFig. 5.1a, X=0) show that this 

molecule coordinates via the keto-oxygen only, while most crystal 

structures of complexes of 6-oxypurines (Fig. 5.1b, X=0) have shown 

metal binding to N(7) only, with no direct metal-0(6) interaction221-223 
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Similarly, X-ray studies on complexes of the related purine nucleotides 

guanosine-5'-monophosphate and inosine-5'-monophosphate, have revealed 

no N (7)-0(6) chelation224. Recently, however, some inner complexes of 

guanosine and inosine with platinum225 and palladium226have been prepared, 

in which metal binding to 0(6), as well as to N (7), is confirmed using 

infrared spectroscopy, and it is also known227'228 that inosine can form 

N (1)-0(6) chelates with copper(II) at high pH. A recent crystal structure 

determination on a copper(II) complex involving the theophylline monoanion 

has also revealed229  a very weak copper-0(6) interaction.(Cu-0=0.292nm). 

In addition, an interesting example of N -0 bridging by 2-pyridone has 

very recently come to light in the crystal structure of cis-diammine 

platinum 2-pyridone nitrate230, one of the so-called 'platinum blue' 

complexes. 

In spite of this interest in the coordination properties of 

nitrogen heterocycles containing exocyclic oxygen or sulphur atoms, 

there have been few reports of metal complexes with pyrimidinone ligands. 

In Chapter 4, it was seen that there are two features common to the 

known crystal structures of metal complexes containing the cytosine 

moiety, namely binding of the pyrimidine ring through N(3), and an 

intramolecular metal-0(2) interaction. In most cases the latter is 

fairly weak, but in one compoundl" 1-methylcytosine has been shown to 

form strong bonds to silver through both N(3) and 0(2). Such 'semi-

chelation' effects may, indeed, be an important factor in the interaction 

of metal ions with naturally occurring pyrimidinones. The 4-amino group 

of cytosine is also shown to be rather close to the metal ion in the 

structures examined, and may also affect the coordination properties of 

this molecule. It was thought worthwhile, therefore, to examine the 

complexing behaviour of various 2-pyrimidinones substituted with a methyl 

group in the 4-position, in order to determine the steric effect of this 

group on metal coordination, particularly with regard to the possibility 
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of N (3)-O(2) chelation. 

The synthesis of 4-methyl-2-pyrimidinone was attempted, using the 

method of Franke and Kraft231, but great difficulty was experienced in 

obtaining the free ligand from its hydrochloride. The attempted 

preparation of 4,5,6-trimethyl-2-pyrimidinone232  was also unsuccessful. 

The compounds eventually chosen as ligands were 4,6-dimethyl-2-pyrimid-

inone (Fig. 5.2, R=H), and 1,4,6-trimethy1-2-pyrimidinone (Fig. 5.2, R= 

CH3), with some complexes of 1-methyl-2-pyrimidinone also being prepared, 

for comparison purposes. 

CH3  

H3C-NO 

R 

Fig.5.2 

The dimethyl derivative serves as a simple model for the nucleic 

acid pyrimidine bases, while substitution of a methyl group at N (1) 

simulates the introduction of a sugar residue in the pyrimidine 

nucleosides. 

5.2 Pyrimidinone -pyrimidinol tautomerism 

N -heteroaromatic molecules containing alpha-exocyclic 'hydroxyl' 

groups are potentially tautomeric, being capable of existing in either 

lactim or lactam forms. Thus, 4,6-dimethyl-2-pyrimidinone, like 

cytosine, may exist in either of these forms, while for the 1,4,6-tri-

methyl derivative, only the keto structure is available. There is a 

great deal of evidence to suggest that pyrimidinones (and pyridones) 

containing an 'hydroxyl' group occur mainly in the lactam form in 
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neutral aqueous solution and in the solid state233-239, although recently 

it has been shown that the lactim form predominates in the gas phase240 

Infrared239 and electronic241 spectroscopy have demonstrated that the 

lactam form has a zwitterionic structure, with a very strong polarisation 

of the carbonyl and NH groups. 

5.3 Vibrational spectra (4000-450cm 1) 

Comparison of the infrared spectra of the metal complexes and the 

free ligand was found to be useful in determining metal-oxygen coordin-

ation for uracil and related ligands. In the case of the substituted 

monooxopyrimidines, however, this method has limited usefulness. No 

assignments for the infrared bands of either 4,6-dimethylpyrimidinone 

or 1,4,6-trimethylpyrimidinone have been reported; several studies of 

the vibrational spectrum of the parent compound, 2-pyrimidinone, have 

been undertaken234,239, but no definite band assignments can be made. 

Both 4,6-dimethylpyrimidinone and 1,4,6-trimethylpyrimidinone 

show strong, broad, absorption in the 1600-1700cm 1  region of the 

infrared, which undoubtedly arises mainly from the V(C=0) modes, but is 

probably mixed with bands from other vibrations, notably (in the case 

of the dimethyl derivative) the in-plane N -H bending mode. On complex 

formation, the carbonyl stretching region is usually altered quite 

markedly, but because of the complicated nature of the changes, it is 

not possible to relate them to a specific mode of coordination. 

5.4 Metal complexes of 4,6 -dimethyl -2 -pyrimidinone 

Complexes of 1:1, 2:1, 3:1, and 4:1 stoicheiometry were obtained 

with this ligand. These include; MLX2 (M=Cu, X=C1, Br); CdLC12,3H20; 

ML2X2 (M=Mn, Fe, Co, Ni, Cu, X=C1, Br; M=Zn, X=C1; M=Cd, X=Br, NO3; 

M=Co, Cd, X=I; M=Cu, X= NO3); CoL2Br2,3H20; NiL2Br2,4H20; N iL3( NO3)22 

3H20; ML1X2 (M=Mn, Co, X= N 03; M=CO, X=C104, I; M= N , X=Br,  , I; M=Mn, 
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X=1); ML4X2,nH20 (M=Mn,' Cu, Zn, X=C104, n=1; M=Zn, X=Br, n=1; M= Ni, 

X=Br, =2; M=Co, X=1, n=p; M=Mn, X=I, n=6). 

Analytical data for the complexes are collected in Table 5.3, and 

data from physical measurements are reported in Tables 5.5, 5.7, 5.9, 

and 5.10. 

Manganese(II) 

The e.p.r. spectrum of Mn(4,6DMP)2C12 has its strongest line near 

geff:=3.45, with another strong signal near geff.=2, and a low-field 

shoulder at ca.65mT. The presence of a transition at a field of less 

than 100mT indicates a fairly low D value, while the strong band near 

g
eff.=4 suggests a A value close to 0.33. This spectrum is considered 

in more detail in Chapter 7. The general appearance of the'spectrum 

strongly suggests a monomeric structure for the complex, which could 

be either pseudotetrahedral or distorted octahedral, with chelating 

ligandsI14. 

The low-frequency infrared spectrum exhibits a V(Mn-C1) vibration 

at 262cm I, which is at a lower energy than normally found for pseudo- 

tetrahedral C manganese complexes (e.g. v(Mn-C1) for Mn(Ph3P0)2C12242 
21, 

=327, 317cm I). It is possible that a lowering of the local symmetry 

of the metal ion, with a consequent lowering of the energy of the V(Mn-C1) 

vibration, may occur by virtue of a weak metal-0(2) interaction; this 

possibility is discussed further for the analogous cobalt(II) complex, 

whose X-ray powder pattern shows some similarities to that of Mn(4,6DMP)2C12. 

The strongest line in the e.p.r. spectrum of the 2:1 bromo-complex 

is near geff.=3.93, indicative of a Avalue close to 0.33. The higher 

field bands are much weaker, suggesting a higher D value than for the 

chloride (Chapter 7). This spectrum may be interpreted on the same 

basis as that of the chloro-complex. 

With manganese(II)iodide, two complexes may be prepared. A white 
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compound, prepared under anhydrous conditions, has the formula 

Mn(4,6DMP)4I2, while the presence of water in the reaction mixture 

promotes the formation of a yellow hydrate, Mn(4,6DMP)412,6H20. The 

white complex absorbs water from the atmosphere over a period of several 

days, to form the hydrate. 

The anhydrous compound is shown by X-ray powder photography to be 

isomorphous with the octahedral complexes Co(4,6DMP)142,31120 and 

N i(4,6DMP)4I2 (vide infra). The main feature of the e.p.r. spectrum 

of the manganese compound is a strong, asymmetric line near g
eff.

=5, 

with many other, much weaker, bands extending to high field. These 

factors suggest a structure which is basically axial (X close to zero), 

although the multiplicity of bands up to ca.1200mT indicates a 

considerable distortion. A high D value is indicated, which is typical 

of a complex containing a trans-octahedral MnIs4I2 chromophore148 (Chapter 7). 

The low-frequency infrared spectrum, however, does not show any strong 

bands near 103cm 1  , where the v(Mn-I) mode is found for Mnpy4I2200  ; an 

absorption at 141cm 1  is very tentatively assigned to this vibration, 

although this is rather high. Alternatively, the iodines may not be 

bonded to the metal ion; in this case, a structure like that of the 

Cu(Cyt)42+ moiety may be envisaged, although with a closer axial approach 

of two keto-oxygens, to give a more rigorously octahedral configuration. 

In addition, the weak ligand field indicated by the electronic spectra 

of the isomorphous cobalt and nickel complexes (vide infra) is 

inconsistent with four strong metal-nitrogen bonds; it is possible, 

therefore, that Mn(4,6DMP)4I2 contains either weak metal-nitrogen, or 

metal-oxygen, bonding. 

The e.p.r. spectrum of the yellow hydrate differs considerably 

from that of the anhydrous compound (Chapter 7). In this case, the 

strongest line is at geff.=2, with several weak shoulders, indicative 

of a structure only slightly distorted from regular cubic symmetry. 
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Although the infrared spectrum in the 4000-600cm 1  region is very 

different from that of the free ligand, the 450-80cm 1  region shows no 

obvious metal-ligand bands. In view of this, and because of the 

apparently atypical nature of the anhydrous complex from which it may 

be derived, it was decided that this hydrated compound is sufficiently 

interesting to warrant a crystal structure determination, which was 

carried out in the Crystallography section of this Department. 

Crystal structure of Mn (4, 6DMP )412., 6H20 

The molecular structure of the compound is shown in Fig. 5.3. The 

main structural feature is a distorted hexaquo manganese(II) ion. 

Rather surprisingly, in view of the available nitrogen donor sites, the 

pyrimidinone molecules are not bonded to the metal, but are held in the 

lattice by a network of hydrogen bonds to the water molecules. The 

iodine atoms are situated 0.347nm from the nearest water molecule, and 

occupy interstices in the lattice. This is shown clearly in the 

molecular packing diagram (Fig. 5.4), which also shows the staggered 

layers of pyrimidine rings, connected by hydrogen bonding between 

nitrogen and oxygen atoms of adjacent molecules. The pyrimidinones are 

arranged in pairs, with one ring in the 0(2)-Mn-0(3) plane of the 

hexaquo ion, and its 'partner' slightly above or below this plane. 

The relevant bond lengths and bond angles are listed in Table 5.1. 

The dimensions of the relatively undistorted Mn(H20)62+  ion founcrin 

manganese(II)ammonium sulphate hexahydrate243  (one of Tutton's salts) 

are also given, for comparison. It can be seen from Table 5.1 that 

although the bond lengths in the two ions are virtually identical, the 

0(2)-Mn-0(3) angle is some 5°  greater in the ion from the pyrimidinone 

compound. This rhombic distortion, which presumably arises from the 

hydrogen bonding effects within the lattice, is obviously responsible 

for the departure of the e.p.r. spectrum from the isotropic g 	=2 eff.  



Fig.5.3 The structure of Mn(4,6DMP)412,6H20 



Fig.5.4 Molecular Packing diagram for Mn(4,6DMP)412,6H20 
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signal normally observed for the hexaquo manganese(n) ion. 

The bond lengths and bond angles of the pyrimidine rings are close 

to those given by Pitt244, with the C-0 bond lengths indicating that 

the molecules are in the keto form. The protons are situated on N (13) 

and N (23). 

This structure tends to support the view of weak metal-ligand bonds 

in the anhydrous complex; it is more reasonable to suggest that weak 

bonds are broken during the formation of the hydrate, than strong 

manganese-nitrogen linkages. 

The structure also offers a useful insight into the possible 

behaviour of pyrimidinone molecules in other metal complexes; for 

instance, one may envisage additional, non-coordinated, cytosine 

molecules similarly hydrogen bonded to the primary coordination sphere 

of the metal ion in both Co(Cyt)5(C104)2 and N i(Cyt)6( NO3)2,21120. 

The formation of loosely-associated aggregates of this type with 

naturally occurring pyrimidinones could also have some biological 

significance. Trace metals are usually encountered as their aquo ions 

in ViVo, so that an association of this kind, involving hydrogen 

bonding between the ion and suitable sites on biologically important 

molecules, may well occur more readily than strong binding of the metal 

directly to the donor molecule. 

The 4:1 nitrate and perchlorate complexes both give e.p.r. spectra 

consisting of a broad line at g
eff.=2. Since the compounds cannot 

possess regular cubic symmetry, it is likely that this signal is 

produced by magnetic interaction involving exchange or hydrogen bonding. 

The infrared spectrum of the perchlorate shows little evidence for 

metal-anion interaction, but that of the nitrate is consistent with 

coordinated nitrate groups, although the metal-anion interaction may not 

be strong (Table 5.9). X-ray powder photographs indicate that the two 

complexes have very similar structures, and each is shown to be 
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isomorphous with the corresponding cobalt complexes, which are six 

coordinate (vide infra). The ligand fields of the cobalt complexes are 

quite weak; thus it is possible that the manganese compounds have 

similar structures to that postulated for Mn(4,6DMP)4I2, involving weak 

metal-nitrogen, or metal-oxygen, bonds. 

Iron(I1) 

The chloro- and bromo-complexes exhibit very similar electronic 

spectra (Table 5.7), consisting of an intense band in the 5000-6000cm 1  

region, which is split into two components. The splitting is more 

pronounced in the case of the chloro-complex. Comparison of the spectrum 

of Fe(4,6DMP)2C12 with those of Fe(quin)2C12245  (C 	symmetry) and 
2V 

Fe(isoquin)4C12127(D
4h 

symmetry) (Fig. 5.5) shows that the pyrimidinone 

complexes have essentially tetrahedral structures. As for the analogous 

cytosine complexes, only two band components are observed, compared 

with the three predicted for pseudotetrahedral C complexes of iron(II). 
2v 

The amount of band splitting for both the chloride and the bromide (ca. 

1300cm 1) is greater than for the cytosine complexes (ca.950cm 1), 

suggesting that the structures of the latter compounds are less distorted 

from regular T
d symmetry than are the pyrimidinone complexes. This may, • 

perhaps, be due to a greater amount of metal-oxygen interaction in the 

latter, in view of the postulated structures for the corresponding 

cobalt and nickel halo-complexes (vide infra). 

Cobalt (II) 

The royal blue complexes Co(4,6DMP)2X2 (X=Cl, Br) may be assigned 

an approximately tetrahedral stereochemistry on the basis of their 

magnetic moments Qp
eff.=4.65 B.M. (chloride), 4.68 B.M. (bromide)) and 

electronic spectra. The latter, however, merit further consideration. 

Although the electronic band intensities and energies are consistenti" 
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with a tetrahedral geometry, the V2 band exhibits a strong splitting 

which is unusual for typical C CoL2X2 complexes. In the spectrum of 
2v 

both the chloride and the bromide, the V2 absorption consists of a fairly 

intense, broad, band centred at ca.6400cm 1 , with a weaker component 

at ca.9500cm 1(Fig. 5.6). The V3 transition appears as a much stronger, 

multiple, absorption in the 16500-16800cm 1  region, but for neither 

compound is a VI band observed. The splitting of the V2 band suggests 

a considerable distortion from regular Td  symmetry, but the splitting 

pattern does not correspond to that predicted149  by group theoretical 

arguments for complexes of C symmetry. 
2v 

The spectrum of the chloro-complex is similar to that of Co(pym2SH)2C12 

(Fig. 5.6), whose crystal structure1 95  shows a weak bond between the 

metal ion and the 2-thione group. The splitting of the V2 band of this 

compound has been attributed195  to a lowering of the symmetry of the 

complex because of this semi-chelation; it seems likely, therefore, that 

a similar weak metal-oxygen interaction occurs in the pyrimidinone 

complexes. It is interesting to note that electronic spectra resembling 

those of the Co(4,6DMP)2X2 complexes have been reported203  for some 

cobalt(II)nitrate complexes (e.g. Co(Ph3P0)2(NO3)2, Fig. 5.7), which 

are believed2" to have distorted quasi-tetrahedral structures containing 

bidentate nitrate groups. It would seem that this type of distorted 

geometry may not be so uncommon in cobalt(II) complexes containing halides 

(or pseudohalides) and chelating ligands. 

The far-infrared spectra of the halo-complexes exhibit v(Co-X) 

vibrations at 281, 259cm 1  (chloride), and 234cm 1  (bromide). These 

values are rather lower in energy than normally found for CoL2X2 pseudo-

tetrahedral complexes111, tending to support a distorted structure for 

the compounds. 

If a few drops of water are added to the reaction mixture, the 

blue bromo-complex is converted to a green trihydrate. The coordination 
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Fig.5.7 
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geometry of this complex is not easily deduced from the available evidence. 

The electronic spectrum (Fig. 5.8) exhibits a broad, fairly intense, 

band in the near-infrared which is split into three components of roughly 

equal intensity; such splittings are typical of the V2 band of pseudo- 

tetrahedral C 	cobalt(II) complexes149. An intense multiple absorption 
2v 

in the visible region may be assigned to the V3 transition. However, 

the compound has a relatively high magnetic moment of 5.19 B.M., which 

is at variance with a tetrahedral ligand field. The low-frequency 

infrared spectrum shows strong V(Co-Br) vibrations at 236, 220cm-1, but 

no bands can be assigned to metal-water stretching modes. 

Lions and co-workers246 have found that five coordinate cobalt(II) 

complexes with coordination geometries derived from the square pyramid 

may have electronic spectra closely resembling those expected for a 

tetrahedral ligand field, but may also possess magnetic moments in the 

range commonly found for six coordinate cobalt(II). The electronic 

spectrum of Co(4,6DMP)2Br2,3H20 is, in fact, quite similar to that of 

CopaphyBr2 (Fig. 5.8), which is believed to possess a distorted, square 

pyramidal, structure247. Despite the fact that its spectrum fits 

exactly the tetrahedral ligand field model, CopaphyBr2 has a magnetic 

moment of 4.83 B.M., which is greater than predicted on this model. 

Until fairly recently, it was thought that in order to obtain five 

coordination in a 3d bivalent metal ion complex, a bulky, multidentate, 

ligand is necessary. However, since the mid-1960's, several series of 

five coordinate complexes of the first-row transition elements with 

mono- and bi-dentate ligands have been reported248. Examples of both 

square pyramid- and trigonal bipyramid- based structures are known; these 

configurations are interconvertible by means of simple angular distortions. 

Bearing in mind the far-infrared results, which suggest that at 

least one bromine is strongly bonded to the metal, possible five 

coordinate chromophores for Co(4,6DMF)2Br2,3H20 are CoL2Br2(H20) or 
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(CoL2Br(H20)2). In either case, a distorted trigonal bipyramidal or 

square pyramidal structure would result, with one elongated metal-ligand 

bond, such as is often found for five coordinate complexes containing 

non-equivalent ligands. As the fifth metal-ligand bond becomes 

progressively longer, the structures approach four coordination, which, 

in the case of a trigonal bipyramidal structure, ultimately results in 

a tetrahedral configuration. Thus, a highly distorted trigonal bipyramidal 

structure for Co(4,6DMP)2Br2,3H20, with one long cobalt-water bond, 

would e2plain both the tetrahedral-like electronic spectrum, and the 

high magnetic moment, of the complex. This structure also explains the 

far-infrared results, as it may be expected that a weak cobalt-water 

bond would give no obvious stretching vibration. 

In view of the demonstrated ability of the keto group of 4,6-di-

methylpyrimidinone to form hydrogen bonds to water molecules in the 

hydrated manganese iodide compound, and the likelihood of metal-oxygen 

interaction in Co(4,6DMP)2Br2, a possible mechanism for the production 

of a five coordinate chromophore in the trihydrate is suggested. If two 

water molecules form strong hydrogen bonds to the keto oxygens of the 

ligands in Co(4,6DMP)2Br2, this may weaken the metal-0(2) interaction by 

reducing the donor capabilities of the carbonyl groups, which in turn 

might allow a third water molecule to bind weakly to the metal. 

Three different complexes were prepared with cobalt(II)iodide. 

The royal blue compound Co(4,6DMP)4I2, which is prepared under anhydrous 

conditions,has an electronic spectrum which is very similar to those of 

the 2:1 chloro- and bromo-complexes; this suggests, therefore, a 

structure containing a chromophore of approximately tetrahedral symmetry, 

involving metal-oxygen interaction. The low-frequency infrared spectrum 

does not exhibit any obvious V(Co-I) vibrations; an intense band at ca. 

270cm-1  is similar to that found in the spectrum of Co(Cyt)4/2. 

Although the ligand field strength of the complex (i=4770cm-2) is 
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greater than that of Co(Cyt)4I2 (4=4100cm 1), it is less than for 

Co(1,4,6TMP)4(C104)2 (4=5480cm 1), indicating that a Co N42+  structural 

unit is not present. While a Co02 N 2 2+ chromophore was proposed for 

the cytosine complex, in this case, the substantially stronger ligand 

field and the splitting of the V2 band suggest a structure involving a 

distorted CO NI+ 2+ chromophore, with a significant metal-oxygen 

interaction with the carbonyl groups of two ligands. 

The turquoise 2:1 complex is produced under less strictly anhydrous 

reaction conditions. The magnetic moment of 4.58 B.M. is consistent 

with a tetrahedral structure, as is the electronic spectrum. The absence 

of pronounced splitting in the V2 band (ca.7300cm-1) indicates a less 

distorted structure than for the chloro- or bromo-complex, probably due 

to a lack of metal-0(2) interaction in this compound. The estimated 

ligand field strength (4=4220cm 1) is normal for a Co N 2I2 chromophore. 

The absence of significant metal-oxygen interaction in this complex 

may be due to steric factors introduced by the bulky iodines. 

The reaction of cobalt(II)iodide with the ligand in a 6:1 ligand: 

metal ratio produces a lilac complex of formula Co(4,6DMP)4I2,3H20, 

which has an approximately octahedral stereochemistry. This compound 

is isomorphous with the anhydrous 4:1 manganese and nickel iodides; thus 

the water molecules are not involved in the primary coordination sphere 

of the metal ion. 

The electronic spectrum exhibits weak d-d bands, characteristic of 

octahedral cobalt(II). The weak ligand field indicated (A=7100cm-1) is 

inconsistent with strong metal-nitrogen bonds in the complex, being 

more like the spectra of the cobalt-uracil complexes. 

The electronic spectra of the 4;1 cobalt perchlorate and nitrate 

complexes are also indicative of an approximately octahedral stereo-

chemistry. The ligand fields (4=8000cm-1) are stronger than for 

Co(4,6DMP)4I2,31120, but are still rather weak for complexes containing 
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four metal-nitrogen bonds. 

Nickel (II) 

Several complexes of nickel(II)chloride and bromide may be prepared, 

under different reaction conditions. 

The pink-red compounds Ni(4,6DMP)2C12 and Ni(4,6DMP)2Br2 decompose 

slowly in moist air. These complexes exhibit similar electronic spectra, 

consisting of an intense, broad, band near 21000cm 1  , with two weaker 

absorptions near 12000cm 1  and 6000cm 1  (Fig. 5.9). Although these 

band energies are compatible with an approximately octahedral environment 

for the nickel(II) ion249, the general appearance of the spectra, and in 

particular, the relatively high intensity of the highest energy band, is 

atypical for octahedral nickel(II) species. Comparison of the spectrum 

of the chloro-complex with that of Ni(2Meim)2C12 (Fig. 5.9), which has 

a pseudotetrahedral (C ) structure250, shows the similarity between 
2v 

the two spectra. It seems reasonable, therefore, to interpret the spectra 

of the pyrimidinone complexes on the basis of a very distorted octahedral/ 

tetrahedral structure, with weak metal-oxygen interaction, as proposed 

for the analogous cobalt complexes. The long axial nickel-oxygen bonds 

will tend to destroy the centre of symmetry of the compound, giving rise 

to relatively intense absorption in the electronic spectrum. In the 

limit of zero nickel-oxygen interaction, tetrahedral coordination is 

achieved. 

A somewhat similar situation has been shown to exist251 for the 1:1 

nickel chloride and bromide complexes of quinoline, 3-methylisoquinoline, 

and 2-methylbenzothiazole; these compounds have electronic spectra which 

show more intense d-d bands than the corresponding NipyX2 complexes, 

which have similar polymeric structures CFig. 5.10). It is thought 

that the steric effects of the bulky quinoline-type ligands cause a 

distortion of the lattice, such that the halide trans- to the base is 
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further from the metal than the inplane halide ions. As a result, the 

nett axial field is less than that for two halide ions. Such distortion, 

which, in the limit, forms a five coordinate complex, is thought to be 

responsible for the increased intensity of the electronic bands compared 

with those of the pyridine compounds. 

Assuming an approximately octahedral structure for the pyrimidinone 

complexes, the estimated A values of ca.6060cm 1  (chloride) and ca.6250cm 

(bromide) are lower than for NiquinC12 (A=6400cm 1), suggesting an even 

weaker axial ligand field for the former, such as would be produced by 

two long nickel-oxygen bonds. 

The magnetic moments of the complexes are higher than normally 

found for octahedral nickel(II) compounds (peff.=3.43 B.M. (chloride), 

3.34 B.M. (bromide)); similar values have been noted251  for the 1:1 

quinoline, and related ligand, complexes mentioned above, and for other 

2:1 polymeric nickel halide complexes252. These unusual magnetic 

properties may arise from a larger than normal orbital contribution to 

the moment, but the reasons for this are not clear. In view of the low 

energy of the V1 transition in the electronic spectra of the pyrimidinone 

complexes, it is possible that spin-orbit coupling 'mixes' the first 

excited orbital triplet electronic state with the ground state more 

than usual, thus increasing the orbital contribution to the magnetic 

moment. 

The low-frequency infrared spectra show V(N i-X) vibrations at 

263, 248cm 1  (X=C1), and 200, 189cm-1  (X=Br). These values are at much 

lower energy than normally found for pseudotetrahedral complexes, and 

reflect the essentially octahedral nature of the compounds. 

It is interesting to note the contrast between the essentially 

tetrahedral structure adopted by the cobalt chloro- and bromo-complexes, 

and the near octahedral geometry of the analogous nickel compounds. 

This is in agreement with the well-known preference of nickel(II) for 
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an octahedral, rather than a tetrahedral, coordination environment. 

With nickel(II)bromide, a 2:1 yellow tetrahydrate may be prepared. 

The electronic spectrum of this complex exhibits weak d-d bands, typical 

of octahedral nickel(II). A water overtone vibrational band appears at 

5020cm 1 . The ligand field, although fairly weak,(A=6900cm-1), is stronger 

than for the anhydrous compound. 

Possible structures for this complex include a halogen- or pyrimid- 

inone-bridged polymer, or a monomer with coordinated waters. 

Two complexes of 4:1 stoicheiometry may be prepared with nickel(II) 

bromide. 

The yellow Ni(4,6DMP)4Br2, produced under anhydrous conditions, 

has an electronic spectrum which may be interpreted on the basis of an 

approximately octahedral geometry for the metal ion, with A=7190cm-i. 

The electronic bands are fairly symmetrical, exhibiting none of the 

splitting expected for a complex of approximately D 	symmetry127;253 
4n 

(although this may be due to insufficient resolution by the instrument 

used). A feature of the spectrum that deserves comment is the weak 

ligand field implied. This is much weaker than for Nipy0r2 (average 

A=9600cm 1), and suggests that strong metal-nitrogen bonds are not 

present in the complex. A structure involving metal-oxygen or weak 

metal-nitrogen bonds again seems likely. The far-infrared spectrum 

does not show any bands which may be unambiguously assigned to metal-

halogen modes. This may imply a very weak nickel-bromine interaction, 

or weak axial metal-oxygen interaction, as proposed for Mn(4,6DMP)4I2. 

On exposure to moist air, the anhydrous complex forms a dihydrate. 

The electronic bands of this compound are less intense than for the 

anhydrous complex, and are shifted to higher energy (A=8160cm-1), 

suggesting that two weak axial bonds are replaced by stronger metal-

water interaction. There are no obvious metal-water vibrations in the 

450-200cm-1  region of the infrared, but a similar absence of bands near 



144 

400cm 1,  where the metal-oxygen stretching mode is found for M(1120)02+  

ions, has been noted for NiImt+(120)2Br225°• 

The 4:1 iodo-complex is isomorphous with the corresponding 

manganese and hydrated cobalt complexes. The electronic spectrum is 

very similar to that of the anhydrous bromo-complex, and may be interpreted 

similarly. 

The complex Ni(4,6IMIP)3(NO3)2,3H20 has a similar X-ray powder 

pattern to the 4:1 manganese and cobalt nitrates, and may be assigned a 

similar, essentially octahedral, structure. 

The electronic spectrum exhibits very weak bands, and the vibrational 

overtone band of water appears strongly at ca.5000cm 1. The ligand 

field strength is slightly greater (A=8330cm 1) than in the 4:1 bromo- 

and iodo-complexes. 

Copper (II) 

Complexes of 2:1 and 1:1 stoicheiometry were prepared with 

copper(II)chloride and bromide. 

The infrared spectrum of the 2:1 chloro-complex exhibits a sharp 

band at ca.3440cm 1 , which may arise from an hydroxyl group vibration. 

In this case, a polymeric structure, involving pyrimidinol molecules 

bridging via N (1) and N(3), may be envisaged. The electronic spectrum 

shows an intense band near 16000cm 1 , indicative205 of a very tetragonally- 

distorted octahedral structure. The e.p.r. spectrum is of the axial 

type (Table 5.10). 

The 2:1 bromo-complex is also assigned a distorted octahedral 

structure on the basis of its electronic spectrum, Unlike the chloride, 

however, there is no hydroxyl group vibration in the infrared spectrum, 

so that a structure involving N (1)- N (3) bridging by the pyrimidinone 

is probably not present. 

The electronic spectra of the 1:1 halo-complexes are similar, 
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consisting of a fairly low intensity band centred at ca.14000cm 1. 

This is indicative of a less tetragonally-distorted octahedral 

environment for copper than is present in the 2:1 complexes. For both 

compounds, a polymeric, distorted octahedral, structure involving 

bridging halogens is probable. 

With copper(II)perchlorate, the reaction mixture undergoes several 

colour changes before finally yielding a red-brown complex of 4:1 

stoicheiometry. The e.p.r. spectrum of this compound consists of a 

three. g-value signal, with the lowest-field absorption resolved into 

four hyperfine components. The electronic spectrum is dominated by an 

intense charge-transfer absorption, which obscures the d-d bands. The 

infrared spectrum is consistent with. the presence of ionic perchlorate 

groups. 

The reaction of the ligand with copper(II)nitrate produces a series 

of colour changes similar to the perchlorate, with the eventual formation 

of a brown precipitate. In this case, an intermediate olive-green 

product was isolated, which has identical spectral properties to the 

brown compound. The colour changes may be associated with an intense 

charge-transfer band which is observed in the electronic spectrum. Both 

brown and green complexes have the formula Cu(4,6DAIP)2( NO3)2. 

The infrared spectrum is consistent with the presence of coordinated 

nitrate groups, and the low-frequency region exhibits several bands 

which may arise from metal-nitrate modes. The electronic spectrum 

consists of a broad, medium intensity, d-d band, which, although 

partially obscured by a charge-transfer band, shows a maximum near 

13300cm 1. This suggests .a tetragonal-octahedral structure. As yet, 

there is no X-ray structural evidence for any complexes of the type 

Cu( NH3)2X2 having a strictly square-coplanar stereochemistry254; the 

structures always involve two further atoms in tetragonal positions at 

distances consistent with semi-coordination. In the case of the 
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pyrimidinone complex, this weak axial interaction may be provided 

either by the keto oxygens, or by the nitrate groups of adjacent 

molecules. The compound has an axial e.p.r. spectrum which is very 

similar to that of Cu( NH3)2( NO3)2, which has a very distorted 

tetragonal-octahedral stereochemistry254,255•  The far-infrared spectra 

of the two compounds are also similar. 

Zinc 

The chloro-complex exhibits v(Zn-C1) vibrations at 270, 254cm-1  in 

the infrared. This is at a lower energy than expected for a compound 

with a pseudotetrahedral structure (e.g. ZnIm2C12212 has v(Zn-C1)=304, 

291cm 1), and may indicate some distortion similar to that postulated 

for the analogous cobalt and nickel complexes. The X-ray powder pattern 

of Zn(4,6DMP)2C12 shows some similarities to that of the iron chloro-

complex. 

The 4:1 bromo-complex does not show any obvidus metal-halide 

vibrations in the infrared. Thus, either a tetrahedral geometry, or an 

octahedral structure involving weak axial bonds, is possible. 

The X-ray powder pattern of Zn(4,6DMP)4(C104)2, H20 shows some 

similarities to those of the corresponding manganese and cobalt complexes, 

suggesting a similar octahedral structure for the zinc compound. 

Cadmium 

The 1:1 chloro-complex is assigned a polymeric octahedral structure, 

with bridging chlorines, on the basis of its far-infrared spectrum. The 

2:1 bromo- and iodo-complexes are assigned pseudotetrahedral structures 

on the same basis. The X-ray powder pattern of the bromide is similar 

to that of the analogous iron compound. 

The infrared spectrum of Cd(4,60MP )2(NO3)2 exhibits a number of 

strong, split, nitrate group vibrations which are unlike those shown by 
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any of the other nitrates (Table 5.9). This suggests the presence of 

strong metal-nitrate bonds, and it is possible that the nitrates are 

bidentate. The low-frequency infrared spectrum, however, does not 

show the strong metal-oxygen stretching vibrations expected for such a 

structure. 

5.5 Metal complexes of 1,4,6 -trimethyl -2 -pyrimidinone 

The following complexes of this ligand were prepared: MLX2 (M=N 

X=C1, M=Cd, X=Br); MLX2,nH2O (M=Cd, X=C1, n=1; M=Cu, X=C1, n=1.5; M=N 1, 

X=C1, n=2; M=Cu, X=Br, n=2.5); ML2X2 (M=Fe, Co, Cu, Zn, X=C1, Br; M=N 

X=Br (two forms); M=Co, Zn, Cd, X=I; M=Co, Cu, Zn, Cd, X=N 03); MnL2X2,nH20 

(X=C1, n=7; X=Br, n=3); ML3X2 (M=Mn, X=C104; M= Ni, X=I, NO3); ML4X2 

(M=Co, Zn, X=C104); MnL412,2H20; CuL4(C104)2,C2H50H; Ni2L3Br4; 

Ni2L3Br 4,12H20. 

Analytical data for the complexes are collected in Table 5.4, and 

data from physical measurements are given in Tables 5.6, 5.8, 5.9, and 

5.10. 

Manganese (II) 

The e.p.r. spectrum of Mn(1,4,6TMP)2C12,71120 consists of a single 

strong line at g
eff.=2. This indicates the presence of magnetic 

exchange within the lattice, which could be due to a polymeric structure, 

but may also be caused by other factors. The far-infrared spectrum 

exhibits strong bands at 273cm 1  and 263cm 1, which are assigned to 

V(Mn-C1) modes by comparison with the spectrum of the bromo-complex. 

These values are close to those expected for a species with an approximately 

tetrahedral stereochemistry; the e.p.r. signal may be a consequence of 

the large amount of water in the lattice, which may facilitate magnetic 

exchange via hydrogen bonding effects. 

The e.p.r. spectrum of the bromo-complex, in contrast, is typical 
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of a compound with a monomeric, probably pseudotetrahedral, structure; 

the strongest line appears at g
eff.

=3.75, and there are numerous 

weaker transitions extending to high field. A spectrum of this type is 

indicative of a X value close to 0.33, and a fairly high D value (Chapter 

7). 

A strong, broad, band at ca.210cm 1  in the infrared is assigned to 

a v(Mn-Br) mode; this is at a lower energy than normally found for 

pseudotetrahedral species (e.g. V(Mn-Br) for Mn(Ph3P0)2Br2242=248, 229cm-1), 

which may indicate a distortion of the structure due to weak metal- 

oxygen interaction. 

With manganese(II)iodide, a 4:1 dihydrate was prepared. The e.p.r. 

spectrum of this complex shows a strong g
elf.

=2 signal, with several 

other, weaker, bands at higher and lower field, extending up to ca.850mT. 

The presence of the high-field transitions is not consistent with the 

strongest signal being at geff.=2, and it is likely that two species 

are present. The major, hydrated, component probably gives rise to the 

g
eff.=2 signal, while the weaker bands are probably due to a small 

amount of an anhydrous form. Neither the hydrate nor the anhydrous 

compound could be isolated in pure form, however. 

The infrared spectrum of the 3:1 perchlorate is consistent with 

the presence of ionic perchlorate groups. Thus, a tris-chelate complex 

cation is implied, which is the first example encountered in this work 

of a pyrimidinone chelating strongly. The e.p.r. spectrum supports an 

octahedral structure, with numerous bands, all below ca.650mT, indicating 

a fairly low D value for the complex (Chapter 7). 

Iron (II) 

The 2:1 chloro- and bromo-complexes have similar electronic spectra 

to their 4,6-dimethylpyrimidinone congeners, and may be assigned similar 

pseudotetrahedral structures. In this case, however, the splitting of 
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the electronic bands (ca.2500cm 1) is substantially greater than for 

the complexes of the disubstituted ligand. This may reflect a greater 

degree of distortion from regular Td  symmetry in the 1,4,6-trimethyl-

pyrimidinone complexes, although, once again, only two band components 

are observed. 

Cobalt(II) 

The electronic spectra of the 2:1 chloro-, bromo-, and iodo-

complexes are indicative of essentially tetrahedral stereochemistry. 

The v2 bands (ca.7000cm-  ) are much more intense than for the analogous 

4,6-dimethylpyrimidinone complexes, and are virtually unsplit. No 

components of a V1band are observed in any of the spectra; a second, very 

intense, multiple absorption in the 16000-17000cm 1  region is assigned 

to the V3 transition in each case. The relatively intense and unsplit 

nature of the V2 bands in these spectra probably indicates structures 

much closer to nominal T
d 
symmetry for these compounds than for the 

chloro- and bromo-complexes of the disubstituted ligand, implying less 

strong metal-oxygen interaction in the 1,4,6-trimethylpyrimidinone 

complexes. 

The 4:1 perchlorate complex has an electronic spectrum indicative 

of an essentially tetrahedral geometry (Fig. 5.11), although the band 

intensities are lower than for the halo-complexes. The band maxima 

occur at high energy, with V2 assigned to a broad absorption near 9000cm 1 , 

and V3 to a more intense band at ca.19000cm 1 	A weak, broad, absorption 

centred at ca.5300cm 1  may arise from the V1 transition, but this is 

uncertain because of the strong ligand vibrational bands which occur in 

this region. The estimated A value of ca.5470cm-I  indicates a much 

stronger ligand field than for the CoL42+  chromophore in Co(Cyt)412 and 

Co(4,6DMP)412. The magnetic moment of 4.39 B.M. is in agreement with an 

essentially tetrahedral structure for the compound. 
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Fig.5.11 
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The complex Co(pym2OH)4Br2, which has a similar electronic spectrum 

and magnetic moment to Co(1,4,6TMP)4(C104)2, has been shown, by X-ray 

diffraction, to contain a Co(pym2OH)42+cation195. In view of the 

indications that the methyl-substituted pyrimidinones often form 

complexes containing a fair degree of metal-O(2) interaction, it was 

decided to obtain a crystal structure determination on Co(1,4,6TMP)4(C104)2, 

in order to examine the effects of the methyl substituents on the 

geometry of the cation. The structure determination was carried out in 

the Crystallography section of this Department. 

Crystal structure of Co(1,4,6TMP)4(Cl04)2 

The main structural feature is the Co(1,4;6TMP)42+ cation, the 

geometry of which is a fairly distorted tetrahedron, with the cobalt 

ion bonded to four ring nitrogen atoms, and lying on a two-fold axis 

(Fig. 5.12). The important bond lengths and bond angles are given in 

Table 5.2. The structure of the Co(pym2OH)42+  ion and its corresponding 

bond lengths and angles are reproduced in Fig. 5.13 and Table 5.2, for 

comparison. From these data, it can be seen that the cobalt-oxygen 

distances in Co(1,4,6TMP)42+are slightly shorter than in Co(pym2OH)42+, 

but longer than in Cu(Cyt)42+. This shows that the metal-oxygen 

interaction in the 1,4,6-trimethylpyrimidinone complex is quite weak, 

and the ligand molecules cannot be regarded as chelating in the normally 

accepted sense. However, that a weak metal-oxygen bond does, in fact, 

exist in this compound can be seen from a consideration of the geometry 

of the coordination sphere. 

The crystal structure of 1,4,6-trimethylpyrimidinone has not 

been determined, but it is unlikely to differ greatly in essential 

details from that of 4,6-dimethylpyrimidinone, the structure of whose 

dihydrate has been described244. The salient features of this structure 

are reproduced in Fig. 5.14, together with the cobalt-pyrimidine 
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Fig.5.12 The Structure of Co0,4,6TMP4 



153 

Fig.5.13 

The structure of Co(Pym2OH)24+ 
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PYM 1 

and 

PYM 1' 

PYM 2 

and 

PYM 2' 

Co(1,4,6TMP)421.  

a = 0.2091nm 

b = 0.1366nm 

c = 0.1219nm 

d = 0.2776nM 

a = 75.0°  

= 107.8°  

y = 120.3°  

= 79.0°  

a = 0.2062nm 

b = 0.1355nm 

c = 0.1251nm 

d = 0.2754nm 

a = 79.0°  

= 107.5°  

y = 120.8°  

6 = 77.9°  

Co(pym2OH)42+ 

a = 0.2034nm 

b = 0.1387nm 

c = 0.1215nm 

d = 0.2819nm 

a = 52.6°  

= 109.0°  

= 120.8°  

= 77.6°  

a = 0.2017nm 

b = 0.1373nm 

c = 0.1210nm 

d = 0.2844nm 

a = 52.0°  

p = 110.2°  

= 121.9°  
6 = 75.9°  

Table 5.2 Comparison of selected bond lengths and bond angles in the 

structures of the Co(1,4,6TMP)42+  and Co(pym2OH)42+  cations. 
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Fig. 5.14 Comparison of some important average bond lengths and bond angles in (a) 4,6-dimethylpyrimidinone 

dihydrate, (b) the cobalt-pyrimidine fragment of Co(pym2OH)413r2, and (c) the cobalt-pyrimidine 

fragment of Co(1,4,6TMP)4(C1002. 
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fragments of Co(1,4,6TMP)42+ and Co(pym2OH)42+. It can be seen that, 

in both cases, the relevant bond angles (0(2)-C(2)- H(3) and C(2)-N(3)- 

X; X=H20 or Co) decrease on complexation, implying the formation of 

weak cobalt-oxygen bonds. Furthermore, the C(2)- N (3)-Co angle in 

Co(1,4,6TMP)42+ is slightly less than in Co(pym2OH)42+, indicating a 

slightly stronger cobalt-oxygen interaction in the former complex. It 

is interesting that the N (3)-Co-0(2) angle is much bigger in Co(1,4,6TMP)42+  

than in Co(pym20H)42+; consideration of molecular models shows that, in 

contrast to the essentially planar configuration of the cobalt-pym2OH 

fragment, the keto oxygen in the 1,4,6-trimethylpyrimidinone complex is 

shifted quite markedly out of the plane of the pyrimidine ring; this 

may also indicate a stronger involvement of 0(2) with the metal ion in 

the latter compound. 

The greater degree of metal-oxygen interaction in Co(1,4,6TM13)4 2+  

compared with Co(pym20H)42+  is probably due to the steric effects of 

the methyl substituents, particularly that in the 4-position, which 

might be expected to experience a repulsive force from the cobalt- 

nitrogen bond, thus tending to move the keto oxygen closer to the metal 

ion. A molecular model of the Co(1,4,6TMP)42+ cation shows that there 

is also considerable interaction between the 4-methyl group of each 

ligand molecule and the carbonyl group of its neighbour, which also has 

the effect of shortening the cobalt-oxygen distance. 

Although the presence of the 4-methyl group can be invoked thus to 

explain the weak cobalt-oxygen bond in this compound, it is not clear, 

on this basis, why the metal-oxygen interaction in the halo-complexes 

is apparently less strong than in the analogous 4,6-dimethylpyrimidinone 

compounds. The inductive effect of the additional methyl group in the 

trimethyl derivative should, if anything, help to make the carbonyl 

oxygen a better electron-donor than in the disubstituted compound, but 

this is obviously not always the case. The complexes Co(lMepym2OH)2X2 
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(X=C1, Br) were prepared for comparison, and found to exhibit very 

similar electronic spectra to the 1,4,6-trimethylpyrimidinone complexes, 

with no evidence for significant metal-oxygen interaction. 

It appears, therefore, that the extent of metal-0(2) interaction 

in complexes of this type is influenced by more factors than the steric 

effects of the neighbouring substituents. It is possible that molecular 

packing effects operating within the lattice may affect the mode of 

binding in the complexes, as the keto oxygen is often involved in 

hydrogen bonding, both inter- and intra-molecular, in structures 

involving pyrimidinones (see, for example, the crystal structures of 

Cu(Cyt)4(C104)2,CH3OH (Chapter 4) and Mn(4,6DMP)412,6H20). However, 

further crystallographic studies on complexes of this type are 

required before any positive conclusions can be drawn concerning the 

factors affecting possible chelation. 

The 2:1 nitrate complex has an electronic spectrum which closely 

resembles that of the perchlorate (Fig. 5.11), and a very strong ligand 

field is indicated (A=5630cm 1). The magnetic moment of 4.33 B.M. is 

also in accord with the presence of tetrahedral cobalt(II). These 

properties are similar to those shown by the compounds CoIm2( NO3)2256, 

Co(Me3P0) 2 ( NO3)2 203 , Cola-pic) 2 ( NO3)2 257 , and Co(Cyt)2 ( NO3) 2 . The 

structure of Co(Me3P0)2( H03)2 has been shown2" to consist of an 

irregular octahedral arrangement of trimethylphosphineoxide and bidentate 

nitrate groups around the cobalt ion, and yet its electronic spectrum 

and magnetic moment resemble more closely those of a pseudotetrahedral 

complex. It seems reasonable, therefore, to assign a similar structure 

to the 1,4,6-trimethylpyrimidinone complex. 

Nickel(II) 

Despite variations in the ratio of ligand to metal salt used in 

the reaction, the only complexes which could be prepared from nickel(II) 
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chloride were of 1:1 stoicheiometry. 

The yellow dihydrate has an electronic spectrum indicative of a 

centrosymmetric nickel(II) environment, with A=7500cm 1  (Fig. 5.15). 

The spectrum is rather similar to that of NipyC12258  (A=7200cm 1), 

which has a polymeric octahedral, chlorine-bridged, structure251. A 

similar structure seems likely for the pyrimidinone complex. 

Under strictly anhydrous reaction conditions, a pink complex, 

Ni(1,4,6TMP)C12, may be prepared, which reverts to the dihydrate on 

exposure to the atmosphere. The electronic spectrum of this compound 

also indicates a basically octahedral structure, but the bands are 

slightly more intense and less symmetrical than in the spectrum of the 

dihydrate (Fig. 5.15). Although intensity measurements from reflectance 

spectra must be treated with some caution, intensities being dependent 

on factors such as crystallinity, both spectra were measured on finely-

powdered samples, and the difference in band intensities is probably 

real. The change in intensity may be associated with a loss of 

centrosymmetry in the anhydrous complex, the spectrum of which resembles 

that of Ni(4,6DMP)2C12, although the high energy bands are much less 

intense. This implies, therefore, a distorted structure, probably 

similar to that of N iquinCl2 (vide supra).. 

Under anhydrous reaction conditions, a bright red 2:1 bromo-complex 

may be prepared. In moist air, this compound quickly becomes orange-

brown, and eventually decomposes. The electronic spectrum of the red 

form resembles that of the analogous 4,6-dimethylpyrimidinone complex, 

except that the V1 absorption is weaker, and the higher energy bands 

more intense (Fig. 5.16). The band energies are similar for both 

compounds. This suggests a very distorted octahedral structure, 

similar to that proposed for Ni(4,6DMP)2Br2, but with weaker metal-

oxygen interaction, giving rise to a geometry closer to a tetrahedron. 

The magnetic moment of 3.47 B.M. is in agreement with this. 
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The orange-brown form, which also has the formula N i(1,4,6TMP)2Br2, 

has an electronic spectrum which shows decreased intensity in the V3 

and V2 bands compared with the red form, but that of the Vi band is 

increased, giving a spectrum closer in appearance to a true octahedral 

nickel(II) species (Fig. 5.17). Qualitatively, this implies a distorted 

octahedral structure, but with a lesser degree of axial distortion than 

found in the red form. The change from the near-tetrahedral red complex 

to the more octahedral orange compound may, therefore, be the result of 

an increasingly strong nickel-oxygen interaction. Comparison of the 

spectrum of Ni(4,6DMP)2Br2 with that of the orange form of Ni(1,4,6TMP)2Br2 

(Fig. -5.17) shows that these compounds probably have very similar 

structures. 

When the ligand and nickel(II)bromide are reacted in 1:1 

stoicheiometric quantities, a light green complex of formula 

Ni2(1,4,6TMP)3Br4 is reproducibly formed. The electronic spectrum of 

this compound is indicative of a basically tetrahedral structure, although 

there are several shoulders which also suggest the presence of an 

octahedral chromophore (Fig. 5.18). The magnetic moment = 3.00 B.M. per 

nickel ion. It is possible that the complex contains the tetrahedral 

NiBr/,2- ion, with a Ni(1,4,6TMP)32+ cation as the octahedral species. 

Alternatively, postulation of an interallogon complex, involving equal 

numbers of tetrahedral Ni(1,4,6TMP)2Br2 and polymeric octahedral 

Ni(1,4,6TMP)Br2 species in the lattice, would also explain the spectrum. 

The intense, multiple, absorption in the 13000-15000cm 1  region of 

the electronic spectrum may be assigned to the V3 transition of nickel(II) 

in T
d 

symmetry, and the weaker band at ca.6700cm 1  to the V2 transition. 

There is some additional weak absorption below 5000cm 1  which undoubtedly 

arises from the V1 transition, but the band maximum cannot be measured 

with certainty because of the ligand vibrational bands in this region. 

Although the vi band, which might be expected to offer some information 
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concerning the amount of distortion in the structure149, is partially 

obscured, the unsplit nature of the v2 band would indicate an electronic 

symmetry not much lowered from Td. The fairly low intensity ratio of 

V2:V1 also suggests this. In the strong-field limit of Td  symmetry, the 

V2 band corresponds to a two-electron transition, and should therefore 

be rather weak; in C or C
2v 

symmetry, however, a component of the V3 
3V 

band becomes the two-electron transition, and the V2 band may increase 

in intensity. 

The electronic band energies are fairly close to those of the N iBr42-  

ion249, but the far-infrared spectrum exhibits a V( Ni-Br) mode at 240cm 1, 

compared with 231, 224cm 1  for NiBr4 2111 . The compound is hygroscopic, 

slowly changing to a pale green complex, which analyses as 

Ni2(1,4,6TMP)3Br4,12H20. The electronic spectrum of this compound is 

typical of an essentially octahedral nickel(II) structure, and comparison 

with the spectrum of the original complex (Fig. 5.18) suggests that the 

shoulders in the latter may be due to the presence of a small amount of 

the hydrate. In this case, a polymeric structure may be postulated for 

the original tetrahedral complex. It is possible that the hydrated 

compound possesses a similar structure to that of Mn(4,6DMP)4I2,6H20, 

containing two hexaquo nickel(II) ions, and non-bonded pyrimidinones. 

With nickel(II)iodide, a complex of 3:1 stoicheiometry is formed. 

The electronic spectrum is indicative of an essentially octahedral 

stereochemistry; the band intensities are quite high, compared with the 

1:1 chloro- and bromo-complexes, indicating a less symmetrical structure. 

The ligand field (A=8700cm 1) is considerably stronger than in 

Ni(4,6DAIP)4I2 (A=7020cm 1). There are no bands in the far-infrared 

spectrum which may be unambiguously assigned to V( Ni-I) modes. 

The spectral data, therefore, suggest a structure involving a tris-

chelate chromophore. Such a structure may well be fairly distorted, if 

the metal-oxygen bonds are substantially weaker than the metal-nitrogen 
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bonds, and this is probably reflected in the increased electronic band 

intensities. 

The spectral properties of the 3:1 nitrate complex are almost 

identiCal to those of the iodide, and it can probably also be assigned 

a tris-chelate structure. The electronic spectrum is shown in Fig. 5.19; 

although the band energies correlate well with those predicted for a 

nickel(II) ion in 0
h 
 symmetry150, with 4=8700cm 1 , the band intensities 

are greater than normally found for six coordinate nickel complexes, 

and probably reflect a distortion of the basically octahedral chromophore. 

The X-ray powder pattern of the complex is similar to that of the iodide. 

Copper (II) 

Complexes of both 1:1 and 2:1 stoicheiometry were prepared with 

copper(II)chloride and bromide. 

The electronic spectra of the 2:1 complexes are similar, and 

suggest a distorted tetragonal-octahedral copper environment. It seems 

reasonable to assume that these compounds have similar structures to 

that of Cu(Cyt)2C12 (Chapter 4). 

The 1:1 halo-complexes exhibit fairly low intensity absorption in 

the 14000-16000cm 1  region of the electronic spectra, indicative of a 

less distorted octahedral geometry than for the 2:1 compounds. It is 

probable that these complexes have polymeric, halogen-bridged, structures. 

The reaction with copper(II)perchlorate produces a 4:1 complex. 

The electronic spectrum shows a fairly intense band near 18000cm 1, 

typical of an approximately four coordinate environment for copper. 

The infrared spectrum shows no evidence of strong metal-perchlorate 

interaction. The compound is accordingly assigned a near square planar 

structure, with possibly long axial bonds formed by metal-0(2) interaction. 

With copper(II)nitrate, the ligand undergoes a reaction entirely 

analogous to 4,6-dimethylpyrimidinone. Several differently-coloured 
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2:1 compounds may be isolated from the reaction mixture, all of which 

have identical spectral properties. The electronic spectrum exhibits 

a strong band at ca.18000cm 1 , which is at a higher energy than for 

Cu(4,6DMP)2( NO3)2, and may indicate a more distorted structure for the 

1,4,6-trimethylpyrimidinone complex. 

Zinc 

The 2:1 halo-complexes are assigned pseudotetrahedral structures 

on the basis of their low-frequency infrared spectra. The X-ray powder 

pattern of Zn(1,4,6TMP)2Br2 shows some similarities to that of the 

corresponding cobalt complex. 

The X-ray powder pattern of Zn(1,4,6TMP)4(C104)2 shows it to be 

isomorphous with the analogous cobalt complex, whose crystal structure 

is shown in Fig. 5.11. 

Zn(1,4,6TMP)2( NO3)2 has an infrared spectrum consistent with the 

presence of coordinated nitrate groups. In view of the probable 

tetrahedral stereochemistry of all of the other zinc complexes, it seems 

reasonable to assume a similar structure in this case. 

Cadmium 

The 1:1 chloro- and bromo-complexes are assigned polymeric octahedral 

structures, with bridging halogens, on the basis of their far-infrared 

spectra. 

The 2:1 iodo-complex may be assigned a similar structure to 

Cd(4,6BMF)2I2. 

The infrared spectrum of Cd(1,4,6TKP)2( NO3)2 shows nitrate group 

vibrations at similar energies to the zinc nitrato-complex, and it is 

likely that this compound has a similar structure. 
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Compound Colour 

% Found 

N 

% Calculated 

H C H N 

MnL2C12  pale pink 37.45 4.21 15.01 38.53 4.31 14.97 

MnL2Br2  pale pink 31.34 3.50 12.81 31.13 3.48 12.10 

MnL412  off white 35.59 4.00 13.56 35.79 4.00 13.91 

MnL412,6H20 yellow 31.79 4.67 12.25 31.56 4.86 12.27 

MnL4(C10102,H20 off white 37.59 4.87 14.71 37.51 4.46 14.58 

MnLI, ( N 0 3) 2 off white 42.52 4.69 20.28 42.67 4.77 20.73 

FeL2C12  yellow 39.43 4.45 15.34 38.43 4.30 14.94 

FeL2Br2  yellow 31.39 3.62 12.17 31.07 3.48 12.08 

CoL2C12  royal blue 38.53 4.42 14.84 38.12 4.26 14.82 

CoL2Br2  royal blue 31.61 3.79 12.32 30.86 3.45 12.00 

CoL2Br2,3H20 green 28.10 3.54 10.83 27.66 4.26 10.75 

CoL212' turquoise 25.48 2.90 9.88 25.69 2.87 9.99 

CoL412  royal blue 35.51 3.89 13.51 35.62 3.98 13.85 

CoL412,3H20 lilac 33.69 3.91 13.05 33.39 4.44 12.98 

CoL4(C104)2  pink 38.06 4.17 14.92 38.21 4.27 14.85 

C01,4  ( N 0 3) 2 pink 41.92 4.74 20.52 42.40 4.75 20.61 

NiL2C12  pink-red 38.31 4.17 15.00 38.14 4.27 14.82 

NiL 2 Br 2  pink-red 31.43 3.62 12.15 30.87 3.45 12.00 

NiL2Br2,4H20 yellow 26.13 3.71 10.16 26.75 4.49 10.40 

N yellow 40.23 4.44 15.08 40.31 4.51 15.67 

NiL4Br2,2H20 pale green 38.58 4.93 14.81 38.38 4.83 14.92 

N iL1,12  yellow 	32.93 3.85 14.01 35.63 3.99 13.85 

NiL3( NO3)2,3H20 pale green 35.66 5.17 18.08 35.49 4.96 18.39 

CuL2C12  blue-grey 39.25 5.36 14.13 37.66 4.21 14.64 

CuLC12  olive grn. 27.61 3.39 11.09 27.87 3.12 10.83 

CuL2Br2  olive grn. 30.13 3.38 11.60 30.56 3.42 11.88 

CuLBr2  khaki 20.08 2.53 7.66 20.74 2.32 8.06 

CUL4(C104)2,H20 red-brown 37.20 4.34 13.57 37.10 4.41 14.42 

CuL2( NO3) 2 brown 33.29 3.81 19.58 33.07 3.70 19.28 

ZnL2C12  white 36.83 4.08 14.42 37.48 4.19 14.57 

ZnL4Br2,H20 white 39.29 4.44 14.67 38.97 4.63 15.15 

ZnL4(C104)2,H20 white 36.79 4.17 14.21 37.01 4.40 14.39 

CdLC12,3H20 white 19.71 2.33 7.29 19.93 3.90 7.75 

CdL2Br2  white 27.95 3.04 10.87 27.69 3.10 10.76 

CdL212  white 23.88 2.74 9.36 23.46 2.62 9.12 

CdL2( NO3) 2 white 30.11 3.35 17.30 29.74 3.33 17.34 

Table 5.3 Analytical results for complexes of 4,6-dimethylpyrimidinone. 
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% Found 	% Calculated 

Compound 

MnL2C12,7H20 

MnL2Br2, 3H20 

MnL412,2H20 

MnL3(C104)2 

FeL2C12 

FeL2Br2 

CoL2C12 

CoL2Br2 

CoL2I2 

CoL4(C104)2 

CoL2( NO3)2 

N iLC12 

N iLC12,2H20 

N iL2Br 2 

N iL2Br2 

Ni2L3Br4 

Ni2L3Br4,12H20 

N iL3I2 

N iL3( NO3)2 

CuL2C12 

CuLC12,1.5H20 

CuL2Br2 

CuLBr2,2.5H20 

CuL2( NO3)2 

ZnL 2C12 

ZnL2Br2 

ZnL2I2 

Zn144(C104) 2 

ZnL2( N 03) 2 

CdLC12,H20 

CdLBr2 

Cd14212 

CdL2( NO3)2 

Colour 

pale pink 32.02 

pale pink 31.02 

pale pink 37.12 

pale pink 37.74 

yellow 	39.50 

yellow 	33.80 

royal blue 41.06 

royal blue 34.10 

turquoise 30.21 

cerise 	41.80 

cerise 	36.29 

salmon 	31.67 

yellow 	27.93 

red 	33.94 

orange 	34.03 

green 	29.67 

pale green 23.81 

green 	34.41 

green 	42.25 

blue-grey 40.65 

grey-grn. 28.16 

yellow-grn.33.68 

olive grn. 20.85 

grey 
	34.96 

white 	39.74 

white 
	33.29 

white 	29.10 

white 
	41.19 

white 
	36.02 

white 	24.19 

white 
	21.76 

white 	26.15 

white 
	

33.00 

H 	N 	C 

5.87 10.49 31.83 

4.96 10.29 30.84 

5.19 12.40 37.47 

4.41 12.14 37.73 

4.62 13.04 41.72 

4.00 10.69 34.18 

5.00 14.45 41.40 

4.10 11.17 33.96 

3.56 9.28 28.54 

5.35 13.45 41.49 

3.88 18.33 36.61 

4.64 10.47 31.40 

4.48 8.37 27.67 

4.05 11.27 33.97 

4.02 11.55 33.97 

3.55 9.83 29.62 

4.46 7.96 23.62 

3.88 11.00 34.69 

4.53 18.89 42.22 

4.92 13.39 40.93 

3.54 9.19 28.06 

4.16 10.78 33.65 

2.63 6.82 20.68 

5.03 12.40 41.83 

4.40 17.63 36.25 

4.43 13.17 40.75 

3.96 11.25 33.53 

3.48 9.49 28.24 

4.86 13.74 41.17 

4.47 17.88 36.11 

3.13 8.21 24.76 

2.48 6.94 20.49 

3.07 9.06 26.17 

3.94 16.24 32.79 

H 	N 

6.49 10.60 

4.81 10.28 

4.94 12.48 

4.52 12.57 

5.00 13.90 

4.10 11.39 

4.96 13.79 

4.07 11.32 

3.42 9.51 

4.97 13.82 

4.39 18.29 

3.76 10.46 

4.64 9.22 

4.07 11.32 

4.07 11.32 

3.55 9.87 

4.91 7.87 

4.16 11.56 

5.06 18.76 

4.91 13.64 

4.37 9.35 

4.03 11.21 

3.72 6.89 

5.38 13.00 

4.35 18.12 

4.89 13.58 

4.02 11.17 

3.38 9.41 

4.93 13.72 

4.33 18.04 

3.56 8.25 

2.46 6.83 

3.14 8.72 

3.93 16.39 

CuL4(C104)2,C2H50H grey-grn. 41.64 

Table 5.4 Analytical results for complexes of 1,4,6-trimethylpyrimidinone. 
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Compound 

4,6DMP 

MnL2C12t 

MnL2  Br2t 

MnL412  

Mn1,412,6H20 

Mn144(C104)2,H2Ot 

Mn1,4(NO3)2t 

FeL2C12t 

FeL2Br21 

CoL2C12f 

CoL2Br2t 

CoL2Br2,3H2Ot 

CoL412  

CoL212  

CoL412,3H20 

CoL4(C104)2,B20t 

CoL4( NO3)21* 

N iL2C12t 

N iL2Br 2 

N iL2Br2,4H20 

NiL4Br 2 

NiL4Br2,2H20 

N iL412 

N iL3( NO3)2,3H2Ot 

CuL2C12f 

CuLC12t 

CuL2Br2t 

CuLBr2t 

V (M-X) 	(M-L) 

	

262vs 
	236vs 

	

219vs 
	248s 

	

141vs 
	

227s 

239s 

243s,br 

270vs,252vs 

	

226vs 
	255m 

281vs,259vs 

	

234vs 
	267ms 

236vs,220vs 275ms 

275vs,261vs 

195vs,179vs 279s 

	

150vs 	234s 

219s,br 

287vs,275sh 

263vs,248vs 279s 

200sh,189s 
	275m,236vs 

	

190vs 
	233ms 

234s 

231vs,219s 

	

166vs 
	250ms,231s 

250s,br 

304vs,br 
	253s 

310vs,276vs 

	

214vs 
	

261s 

	

218vs 
	

262ms 

Ligand 

364vs,283m,230w 

209m,160w,145w, 

101m 

353s,297s,205s 

352m,299ms 

375vs,290ms,195s 

180sh 

370m,295w,230wi 

200m,145sh,117m 

354m,br,288s 	318m 

376vs,291g 

354s,302ms 

352s,302m 

354s,300s 

351mw,301m 

356w,300m 	338w 

345m,296w,225w, 401w 

204m,150m,138m 

354ms,225s,148w 

379ms,354ms, 

198s,182sh 

387vs,294ms 

360s,231w,206s 

359mw,297m,222s 341w 

355m,299ms,219s, 338w 

117w 

388vs,294m,220m, 364sh 

205s,163s,142w 

379vs,291ms,190s 344s 

161sh 

372ms,289s,156s 345sh 

388vs,292s,202s, 

186sh 

365vs,290m,217m 343s 

377ms,219w 	430w 

359s,218s 	375w 

364m,302ms 

70

366w,302m 

Unassigned 

377w,335ms 

(continued overleaf) 
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Compound 	V(M-X) 	V(M-L) 	Ligand 	Unassigned 

CuL4(C104)2,1120t 	296s,br,279ms 372ms,225m 	341sh 

CuL2(NO3)2t 	315vs,br, 	368m 

269vs 

ZnL2C12t 	270vs,254vs 	357mw,302m,215w 

ZI11,4Br2,H20 
	

253vs,br,277s 354mw,br,308s, 	408w 

285ms,220s 

ZnL4(C104)2,H2Ot 	278ms 	357m,br,302s, 	340sh 

219m,br 

CdLC12,3H20 	210sh,190vs 252sh,228s 364m,303m,142w 

CdL2Br2 	201sh,184vs 246m 	351vs,301s,165vs 

151w 

CdL2I2 	162sh,152vs 261s 	366vs,297s,131vs 395sh,353vs 

CdL2(NO3)2t 	261s,246s 	371vs,300s 

t450-200cm 1  region only. 

Table 5.5 Far i.r. data for complexes of 4,6-dimethylpyrimidinone. 

Values are in cm 1. 
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Compound V(M-X) V(M-L) Ligand Unassigned 

1,4,6TMP 408s,292m,175w, 

153w,104m 

MnL2C12,7820t 273vs,263vs 234m 392m,302m 424m,366m, 

323m 

MnL2Br2,3820 210vs,br 234sh 393s,298s,176m, 

160m 

MnL4I2,21120 287vs,276sh, 

246ms 

390m,303m 423m,372sh, 

131vs 

MnL3(C104)2t 245vs 412vs,303s 

FeL2C12-j- 320vs,280vs 242sh 	' 399s 369s,br 

FeL28r2t 233vs,213vs 252sh 397m,303w 318w 

CoL2C12t 303vs,280vs 246sh 400m 

CoL2Br2t 222vs,br 251m 396m,303w 320w 

CoL2I2  204vs,185s 294s 397m,306sh,142w 

CoL4(C104)2t 226vs,219s 398m,327m 264w 

CoL2(803)2t 294vs,215m 399w,324s 378w 

NiLC12t 273vs,229sh 404m,310ms 

NiLC12,2H20 171vs 276m,268ms 396sh,374vs 

NiL2Br2 	(red)j- 225s 242ms 399s,307s 

NiL2Br2  (orange)t 234s,218s 400s,br,309s 278w 

Ni2L3Br4t 240vs 260s 411vs,307m 323mw 

Ni2L3Br4,12H20 336* s,vbr, 

270m,br 

404vs,183m,157mw 383s,225w 

NiL3I2  260s 405vs,307vs, 

184sh,156s 

362sh,321m 

191s 

NiL3( NO3)2t 261s 410vs,310s 327w 

CuL2C12t 320vs,305vs 252s 396ms 375sh,339m 

CuLC12,1.5H20t 303s 256m 

CuL2Br2f 220vs 259s 397m,316m 

CuLBr2,2.51120t 222s 267m 362vs,br 

CuL4(C104)2,C211 50Ht 271ms,225s 407s,321s 379w,335m 

CuL2(803)2t 311vs,br, 

269s 

403w 

ZnL2C12f 286vs,br 248sh 403w,319s 376w 

ZnL2Br2f 213vs,br 246sh 402m,306m,176m, 

107m 

378sh,318m 

ZnL2I2 189vs 234m,225sh 405w,307w,152m, 

123m 

(continued overleaf) 



Compound 

Zn144 (C104 )2t 

Z111,2 ( N 03 ) 2.1" 

CdLC12,H20t 

CdLBr2 

CdL2I2 

CdL2(N 03) 2t 

V(M-X) 	v(M-L) 	Ligand 	Unassigned 

262w,252w, 	400m,328s 	378sh 

211vs 

301s,br, 	402w 

275s,br 

231vs,br 	268s 	398mw,316w 	376m 

179vs 	225w 	393s,306m,158m, 

135m,107m 

156vs 	278m,229w 	396s,302s 	369sh 

219s,br 	400m,302s 

t450-200cm-1  region only. 	*may be V(M-OH2) mode. 

Table 5.6 Far i.r. data for complexes of 1,4,6-trimethylpyrimidinone. 

Values are in cm 
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Compound 

5210vs, 

5000vs, 

6580vs 

6250vs 

Band maxima (cm 1) 

FeL2C12 

FeL2Br2 

CoL2C12 6490s, 9520ms, 16530vs 

CoL2Br2 6450s, 9350ms, 16530vs 

CoL2Br2,3H20 5000s, 5800s, 7140s, 14290sh, 15620vs, 16390sh, 17540s 

CoL2I2 7270s,br, 	15620vs, 	17300vs 

CoL412 6780s, 9520ms, 16810vs 

CoL412,3H20 7020w, 13330sh, 16670sh, 17540m, 18620sh, 19380sh, 

20080sh, 21460sh 

CoL4(C104)2,H20  7690w, 10530sh, 18520m, 21140sh 

CoL4( NO3) 2 7690w, 19230m, 20410sh, 21050sh, 24570sh 

N iL2C12 	6060m,br, 11760s, 21280vs 

N iL2Br2 	6250m,br, 11760s, 20620vs 

N iL2Br2,4H20 	6900w,br, 12200w, 19050sh, 22470m 

NiL4Br2 	7190mw, 12500mw, 19420sh, 22730s 

N iL4Br2,2H20 	8160w, 14080w, 21280sh, 25000m 

NiL4I2 	7020mw,br, 12500mw, 19000sh, 21980* sh 

N iL3( NO3) 2,3H20• 8330w, 13790w, 24690m 

CuLC12 	13790s 

CuL2C12 	9800sh, 16000vs 

CuLBr2 	14290* sh 

CuL2Br2 	9520sh, 13740sh, 16530s 

CuL4(C104)2,H20 	Obscured by charge-transfer band. 

CuL2( NO3)2 	9800sh, 13330s 

*Partially obscured by charge-transfer band. 

Table 5.7 Diffuse reflectance spectra of complexes of 4,6-dimethyl-

pyrimidinone. 
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Compound 	 Band maxima (cm-1) 

FeL2C12 	4440vs, 7140vs 

FeL2Br2 	4290vs, 6670vs 

CoL2C12 	7380vs, 16390vs, 17860sh, 18350sh, 19610sh, 20830sh 

CoL2Br2 	7300vs, 15750vs, 16670sh, 17700sh 

CoL2I2 	7140vs, 13330sh, 15380vs, 16860sh, 20320sh 

CoL4(C104)2 	9300s, 18350vs, 19230sh, 21600sh, 23200sh 

CoL2( N°3 ) 2 	8160sh, 9520s, 18350vs 

NiLC12 	6900w,br, 12120m, 13330sh, 19610sh, 22220s 

NiLC12,2H20 	7460w,br, 12990w,br, 23150m 

N i2L3Br4 	66701m, 8510sh, 12740s, 14290vs, 19300sh, 21190sh 

Ni2L3Br4,12H20 	6670w, 8130w,br, 13890w,bi, 18520sh, 25000m 

NiL2Br2 (red) 	6490w,br, 11500s, 20790vs 

NiL2Br2 (orange) 	6780m,br, 12500s, 19420sh, 21740vs 

N iL3I2 	8690ms, 14290ms, 20320sh, 23810* sh 

N iL 3 ( NO3)2 	8700ms, 14490s, 20410sh, 25000vs 

CuLC12,1.5H20 	10000sh, 14290* sh 

CuL2C12 	17240s 

CuLBr2,2H20 	16000* sh 

CuL2Br2 	16260s 

CuL4(C104)2,C2H5OH 17700s,br 

CuL 2( NO3) 2 	17600s,br 

(Absorption below 5000cm I. 	*Partially obscured by 

charge-transfer band. 

Table 5.8 Diffuse reflectance spectra of complexes of 1,4,6-trimethyl-

pyrimidinone. 
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Compound V3 V2 V4 

L=4,6DMP 

MnL4( N 03) 2 1440* s,br, 	1305vs,br 1036ms 819w 746vw 

COL4 ( NO3) 2 1440* s,br, 1306s,br 1033m 817w 732vw 

N iL3( NO3)2,3H20 1387s,br, 	1313vs,br 1044w 825vw 737vw 

CuL 2 ( NO3) 2 1470* s,br, 	1308vs,br 1027m 819w 745vw 

CdL2( NO 3) 2  1494s, 	1460* s, 1303vs, 1043s, 823s, 740m 

1280vs 1030vs 817s 

L=1,4,6TMP 

CoL2( NO3) 2 

N iL3( N 03) 2  

CuL2( NO3) 2  

ZnL 2 ( NO 3) 2  

CdL 2 ( NO3) 2  

1470*vs,br, 1300s, 

1287s 

1435* s,br, 1335vs,1240s 

1470* vs ,1368 * vs ,1290vs 

1475* vs,br, 1290vs,br 

1460 * vs ,br , 1306s , 1287s 

• 

t 	t 
t 

* Partially obscured by strong ligand band. 

t Low frequency bands obscured by ligand vibrations. 

Table 5.9 Nitrate group frequencies for complexes of 4,6DMP and 1,4,6TMP. 

Compound gII 

2.22 

2.12 br 

g
1 

2.05 

L=4,6DMP 

CuL2C12 

CuLC12 

CuL2Br2 2.19 ca.2.06, 2.03 

CuLBr2 2.19 ca.2.06, 2.04 

CuL4(C104)2,H20 ca.2.29 * ca.2.06, 2.03 

CuL2( NO3)2 2.30 2.06 

L=1,4,6TMP 

CuL2C12 ca.2.16 2.13, 2.03 

CuLC12,1.5H20 ca.2.16 2.12, 2.03 

CuL2Br2 ca.2.15 2.07 

CuL4(C104)2,C2H50H ca.2.31 * 2.05 

CuL2( NO3) 2 ca.2.21 * 2.06 

* Averaged value of hyperfine components. 

Table 5.10 Powder e.p.r. results for the copper complexes of 4,6DMP and 

1,4,6TMP. 
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CHAPTER 6 

COMPLEXES OF FLAVINS 

6.1 Introduction 

The early potentiometric studies of Albert259;260 have been 

followed by a great deal of work on flavin-metal complexes, both in the 

solid state and in solution. The fact that the isoalloxazine nucleus 

bears a formal structural similarity to 8-quinolinol (Fig. 6.1), whose 

metal chelating properties are well-known, suggests that flavins should 

also act as strong ligands under normal aerobic conditions. 

OH 
(b) (a) 

Fig. 6.1 The structures of (a) the isoalloxazine nucleus 

(b) 8-quinolinol. 

However, early reports of the isolation of metal-riboflavin 

complexes261'262  have since been discounted263 -266,  and, at present, 

there are only three authentic solid riboflavin complexes known. These 

are a 1:1 silver(I) salt, a silver(I)perchlorate complex containing two 

silver atoms per flavin molecule, and a 2:2 complex of copper(II)per-

chlorate. 

The silver salt46 is believed267,268 to be a chelate of the 8- 

quinolinol type. Crystallographic studies on the other two compounds 

show them to have more complicated structures269'270, with the ribityl 
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group participating in metal coordination, despite the normally poor 

donor properties of alcoholic oxygen atoms. In these compounds there 

are two chelate sites, the primary one, forming the strongest bonds, 

being N (5)-0(4), while the weaker binding at the secondary site of 

N (1)-0(2) is assisted by the formation of the metal-ribityl oxygen 

bond. 

Other X-ray studies, on complexes of the model compound 10-methyl-

isoalloxazine with silver(I), copper(I), copper(II), and lead(II), have 

confirmed that N (5)-0(4) is the chelate site most often occupied by 

copper and silver271-275, but in the case of the lead complex276, only 

the N (1)-O(2) site is involved in metal coordination. It is interesting 

to note that in the copper(II) and lead complexes, the metal-carbonyl 

oxygen bond is stronger than the metal-nitrogen bond. 

Virtually all other work on flavin-metal interaction has been 

carried out in solution. Early studies283,2642268,277-280 by Hemmerich 

and co-workers on the metal-binding abilities of various isoalloxazine 

systems were interpreted as indicating that the fully-oxidised, or 

quinone, form does not show any affinity for transition metal ions 

under aqueous conditions. This view has since been refuted by the 

preparation, in aqueous solution, of the crystalline copper complexes 

noted above; it seems probable, from a consideration of bond lengths, 

that the isoalloxazine nuclei in these compounds exist in the quinone 

form. 

The riboflavin species whose interaction with aqueous metal ion 

solutions has been most extensively studied is the half-reduced, or 

semiquinone, moiety. The formation of soluble flavin 'radical chelates' 

with a number of metal ions in anaerobic aqueous solution has been 

inferred263'264 from both visible268,277-279 and e.p.r.280  spectral 

studies. 

Both molybdenum-flavin and iron-flavin complexes have attracted 
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considerable attention281-286 because of their possible relevance to 

the naturally occurring systems, but there remains little evidence for 

the exact metal binding sites in these compounds. 

To summarise, although a considerable amount of work has been 

carried out on metal-flavin interaction in solution, there has been 

relatively little examination of the properties of the isolated complexes. 

This is surprising, in view of the continuing doubts about the role of 

the metal ions in metalloflavoenzymes, since good evidence for 

'coordination sites may be obtained using standard solid-state techniques. 

It was decided, therefore, to prepare and study some solid metal-flavin 

complexes. 

Riboflavin itself is not suitable for synthetic work of this type, 

because of its relative insolubility in most organic solvents, and in 

water at neutral pH. It should be pointed out that the reported269'27°  

preparations of crystalline complexes are rather unreliable, and very 

slow. It is necessary, therefore, to synthesise a more soluble flavin 

derivative to use in complex formation. A suitable 'model' compound, 

which retains the major characteristics of riboflavin, while being 

much more soluble in organic solvents, can be produced by acylating the 

polyhydroxylic side chain of riboflavin. Riboflavin-2',3',4',5'-tetra-

acetate (Fig. 6.2) has a structure sufficiently like that of the parent 

compound to make a study of its metal complexes worthwhile, although it 

does lose the ability of riboflavin to bind to metal ions via the 

hydroxyl groups of the ribityl side chain. 

6.2 Transition metal complexes of riboflavin-2 ',3 ', 4 ', 5 '-tetraacetate 

Although there are several reports of solution spectral studies 

on RTA-metal systems263,287-289, the only example of the isolation of 

a complex containing this ligand is a molybdenum compound, originally 

formulated286  as Mo(IV)0C13(HRTA).HC1, with the flavin molecule 
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protonated on N(1). Subsequently, however, it was claimed that this 

species is actually an adduct, containing molybdenum in a complex anion, 

and flavin as a protonated cation290. 

Fig.6.2 The structure of riboflavin-2',3',4',5'-tetraacetate. 

While the work described here was under way, several 2:1 metal 

perchlorate complexes of 3-ethyl RTA were described288'289, but were 

not studied in detail. The crystal structure of one of these compounds 

had previously been reported291. 

The following complexes were prepared: CoL2X2,nH20 (X= NO3, n=1; 

X=C1, Br, I, n=2; X=C104,n=6); NiL2X2,nH20 (X= NO3, n=0; X=C1, n=2; 

X=Br, n=6; X=I, n=5); CuL2X2,nH20 (X=C1, n=6; X=Br, n=5). 

Analytical data for the complexes are given in Table 6.1, and data 

from physical measurements are reported in Tables 6.2, 6.3, 6.4, 6.6, 

and 6.7. Attempts at complex formation using manganese(II), iron(II), 

zinc, and cadmium salts were unsuccessful. 



6.2.1 Diffuse reflectance spectra (Table 6.2) 

All of the complexes exhibit spectra with low intensity bands in 

the near-infrared, indicative of a centrosymmetric environment for the 

metal ion. 

The cobalt complexes each have a band near 8000cm-1, which is 

assigned to the vi transition of essentially octahedral cobalt(II). 

There are also two weak higher energy absorptions, which appear only as 

shoulders on the low energy side of an intense ligand band; the spectrum 

of the free ligand also exhibits a shoulder in this region, making it 

difficult to assign these bands to d-d transitions. One of the shoulders 

in the complex spectra may, perhaps, be assigned to either the 4T 	2G  
ig 

or the V2 transition, which are predicted292  in the 15000-17500cm 1  

region. 

The nickel complexes each have weak bands near 8500cm 1  and 14000cm 

which are assigned to the V1 and V2 transitions of six coordinate nickel 

(II), respectively, although the assignment of the higher energy band is 

uncertain, because of the ligand absorption. 

The copper complexes show fairly weak absorption in the 10000-16000cm 1  

region, suggesting a distorted octahedral metal environment. 

6.2.2 Infrared spectra (4000-450cm 1; Table 6.3) 

The infrared spectrum of RTA in the carbonyl stretching region is 

complicated. Selbin and co-workers have assigned286  strong bands at 

1745cm 1  and 1667cm 1  to the V(C(2)=0) and V(C(4)=0) modes, respectively, 

thus reversing the assignments originally proposed262 for the analogous 

bands in the spectrum of riboflavin. These assignments appear to be 

reasonable, since X-ray studies on various isoalloxazines293 295 all 

show the C(2)=0 bond length to be shorter than C(4)=0. However, as for 

the related uracils, considerable coupling with other vibrations probably 

occurs, and neither absorption band can be considered as arising solely 

1 
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from the appropriate carbonyl stretching vibration. On complex formation, 

V(C(2)=0) generally increases in energy, and v(C(4)=0) decreases, compared 

with the free ligand. There is also a decrease in the energy of the V(N-H) 

vibrations. These results are similar to those obtained by Selbin et al. 
• 

with molybdenum286, who explained them on the basis of chelation of the 

metal ion by N (5) and 0(4) of the flavin. Later, however, it was 

pointed out290  that similar infrared results may be obtained by the 

formation of a salt, with RTA, protonated on N (5), as the cation, and 

the metal incorporated in a complex anion. It seems unlikely that this 

is the case for the compounds under discussion, however, particularly in 

view of their electronic spectra. For these complexes, at least, it 

seems likely that the spectral shifts are caused by a fairly strong 

interaction of the metal ion with 0(4) of the flavin. 

The spectrum of the ligand in the 1500-450cm 1  region is also 

complicated; consequently, the assignment of nitrate and perchlorate 

bands for the complexes was not attempted. 

6.2.3 Infrared spectra (450-80cm 1; Table 6.4) 

The low-frequency infrared spectra of the cobalt and nickel halo-

complexes are devoid of bands which may reasonably be assigned to metal-

halogen stretching modes. The main feature of the spectra is a strong 

band, assigned to a metal-ligand vibration, in the 230-250cm 1  region. 

The chloro-complexes also exhibit a strong band near 280cm 1, which 

appears less strongly in the spectra of the bromo- and iodo-complexes, 

and is also tentatively assigned to a metal-ligand vibration. 

The spectra of the copper complexes are slightly different, but 

once again, no halogen-dependent bands are observed. 

The spectral data are thus consistent with structures providing a 

distorted octahedral coordination of the metal ions, with chelating 

RTA molecules. The axial coordination positions are probably occupied 



1 8 3 

by water molecules in the halides and perchlorate, and by nitrate groups 

in the nitrates. A similar structure has been described291 for the 

complex Zn(3-EtRTA)2(C104)2,2H20, in which the flavin molecules adopt a 

trans-configuration. 

X-ray powder pattern data 

X-ray powder photographs show that the cobalt and nickel chloro-

complexes are isomorphous, as are the corresponding nitrates. The 

similarities between the patterns produced by the other complexes are 

enough to suggest that they all have similar structures. 

6.3 Metal. complexes of riboflavin-5t-monophosphate 

Despite its possibly more direct relevance to the question of 

flavin-metal interaction in enzymes than other model systems, the study 

of the metal-binding properties of FMN has been almost totally 

neglected. Taqui Khan reported296  the formation of precipitates, 

presumably metal complexes, during potentiometric studies on aqueous 

FM N-metal systems, but no attempt was made to characterise these 

compounds. Similarly, Hemmerich et al. mention264  dark red-brown 

precipates formed on adding aqueous solutions of metal salts to aqueous 

solutions of semiquinoid FM N, but have not investigated the compounds 

further. 

In this work, complexes of the type ML,nH2O (M=Zn, Cd, n=2; M=Cu, 

n=3; M=Mn, Fe, Co, n=4; M= Ni, n=5) are prepared. Analytical results 

are collected in Table 6.1, and data from physical measurements are 

recorded in Tables 6.2, 6.5, and 6.6. 

Only inner complexes could be prepared, despite the use of a wide 

range of metal salts. The physical properties of the complexes are 

discussed with respect to those of the monosodium salt of FM N (FM N N a,2H20), 

which was used as starting material, rather than the neutral compound, 
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which is unstable towards heat and light. 

6.3.1 Infrared spectra (4000-450cm 1; Table 6.5) 

By comparison with the infrared spectrum of RTA, strong bands at 

1726cm 1  and 1644cm 1  are assigned to the v(C(2)=0) and V(C(4)=0) modes 

of FM N. Na, respectively. Neither the energy nor the intensity of 

these absorptions changes significantly in the complex spectra, indicating 

that there is no strong interaction between the metal ion and the 

carbonyl oxygens. Other available binding sites in the FMN molecule 

are N (1), N (3), N (5), or the phosphate group of the side chain. It 

is difficult to obtain firm evidence for metal-nitrogen bonding in these 

complexes; the low-frequency infrared spectra Offer little information 

because of the strong ligand absorption in the 450-200cm 1  region. 

The use of vibrational spectroscopy to study the interaction of 

metal ions with phosphate groups has been investigated by Ogawa and 

Sakaguchi for complexes of mononucleotides168;177,297-301. The 

vibrational spectra of phosphate groups have also been studied in some 

detai1302. The phosphate represented both in FM N and in the mono-

nucleotides is the phosphomonoester group, ROP032 . In the mono-

nucleotides, this group exhibits three characteristic bands, at ca.1100cm 1, 

ca.980cm 1 	1 , and ca.750cm , which are assigned to the P032 asymmetric 

(V
as
), symmetric (V

s
), and P-0 (V 	) stretching modes, respectively303,304 

p-o 

For FM N. Na, the corresponding bands are tentatively assigned at ca. 

1050cm 1 	1 	1 , 975cm , and 771cm . 

The V
as 

and V 	bands are of little value in determining metal 
p-o 

coordination, because V 	is too weak, and V too broad, for accurate p-o 	as  

measurement of shifts. The V
as 

band, however, has been used to invoke 

metal-phosphate interaction in various 5'-ATP complexes305,306. In 

mononucleotides, the V
s 

vibration is considered to be the band most 

sensitive to metal-phosphate coordination; it is likely that this is 



also the case for FM N. 

The arguments of Ogawa and Sakaguchi are based simply on the 

comparison of the infrared spectra of the sodium, potassium, barium, and 

calcium salts of the mononucleotides with those of the free acids. These 

metals are known to be associated with the phosphate group307, whereas 

the protons in the free acid are situated near the base300. Since the 

spectra of the salts show a strong Vs  band at ca.980cm I , which is not 

found in the spectrum of the free acid, it was proposed that if, on 

complexation, the infrared spectrum shows the v
s 

vibration, then the 

metal is bound to the phosphate group. Conversely, if this band is 

absent, binding to some other part of the molecule may be presumed to 

occur. Further infrared studies on some metal salts of (R0)2P02 34/8  

(the representative group of polynucleotide phosphates) and of 

r, 	309'31° 	that sometimes the P02 and P032 symmetric 

stretching modes shift to higher energy on coordination. The reason for 

this is not clear, but it may be due to a reduction in the symmetry of 

the phosphate group by its coordination to the metal ion. 

It is clear from the infrared results that there is some perturbation 

of the phosphate group in the FMN complexes. In particular, the energy 

of V
s 

is increased compared with FM N . N a. It would appear, therefore, 

that metal-phosphate bonding occurs in these compounds. 

6.3.2 Diffuse reflectance spectra (Table 6.2) 

The spectrum of the cobalt complex is difficult to interpret, as 

only one d-d band is observed, near 8000cm I. The other transitions 

are obscured by intense ligand bands. The relative weakness of the 

observed d-d band, however, makes it reasonable to assume that the 

metal ion has approximately octahedral geometry. 

The nickel complex exhibits a spectrum similar to the RTA nickel 

complexes, and may also be assigned an octahedral structure. 

8 5 
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The single 12500cm-1  band in the spectrum of the copper complex is 

also indicative of basically octahedral coordination of the metal ion. 

The e.p.r. spectra of the manganese, copper, and iron(III) complexes 

all exhibit broad geff.=2 signals, indicating the presence of magnetic 

exchange coupling in the lattice. 

The spectral data, therefore, seem to indicate metal-phosphate 

bonding only in these complexes. The metal ions are probably six 

coordinate, but few other conclusions can be drawn from the available 

evidence. A structure involving both metal-phosphate and metal-ring 

binding has been postulated264  for the previously mentioned FM N 

semiquinone complexes, but a structure of this type seems unlikely for 

the compounds under discussion. 

X-ray powder pattern data 

All of the complexes except the iron compound show the same overall 

line pattern, with usually only small variations in line positions and 

intensities. The general similarity between the patterns of most of 

the complexes and that of the ligand indicates that there are no great 

structural changes on complexation, which tends to support the conclusion 

that the metal ions bind to the phosphate only. 

6.4 Electronic transitions of the flavin chromophore 

The solution electronic spectra of riboflavin and its derivatives 

consist of two strong bands in the visible and near ultraviolet regions, 

the exact position and shape of the bands being very dependent on the 

environment, and much less so on the substituents present311. The 

spectral differences found for solutions of flavins in different media 

have aroused much interest312-315, since they parallel the changes 

found when FAD and FMN are linked to various apoenzymes 316-321.  These  

changes have been ascribed to differences in the polarity of the media, 
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and to binding of the prosthetic group to hydrophilic or hydrophobic 

regions of the apoenzyme. 

It is of interest to compare these results with the visible spectra 

of the metal complexes described in this Chapter. Neither of the two 

series of complexes is soluble in organic solvents or water without 

decomposition, so the diffuse reflectance spectra were used for comparison 

purposes. 

In the reflectance spectra of the RTA complexes, the ligand bands 

are both shifted to lower energy, with partial resolution of the lower 

energy band into two or more components (Table 6.6 and Fig. 6.3). This 

behaviour is very similar to that observed for some flavin holoenzymes 

in the presence of species similar to the substrate, e.g. D-amino acid 

oxidase in the presence of carboxylic acids316'317, especially those 

with amino groups near to the carboxyl group. 

It is instructive to compare these results with the spectrum of 

RTA in solvents of varying polarity (Table 6.7). These are in agreement 

with data given for related compounds314,315. Normally, in polar media, 

the near-ultraviolet band of the flavin chromophore is shifted to lower 

energy, while the visible band undergoes a slight blue-shift with the 

loss of some fine structure. This fine structure has been attributed 

to the resolution of vibrational transitions, which are blurred in polar 

environments321. From consideration of these effects, the spectral 

changes involved on formation of the enzyme-substrate complex have been 

ascribed to the binding in a hydrophobic environment of the chromophore 

which absorbs near 450nm, and in a hydrophilic environment of that 

which absorbs near 350nm. Apart from the difficulty of designating two 

different chromophores in a conjugated system such as the isoalloxazine 

nucleus, the spectra of the RTA complexes seem to make this explanation 

unlikely, since no part of the molecule can be in a strongly hydrophobic 

environment in these compounds. It seems likely, therefore, that the 
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observed spectral changes in the enzyme-substrate complexes are 

associated with the binding of an electrophilic ion or group in the 

N (5)-0(4) region of the flavin molecule. Conversely, it is probable 

that the loss of resolution of the visible band in polar media is 

caused by protonation or hydrogen bonding at N (1) of the flavin. This 

suggests that some components of the lowest energy transition may be 

of the nor type, involving the N(1) electrons. 

There are no firm assignments available at present for the visible 

or ultraviolet bands of the isoalloxazine chromophore. Theoretically, 

four n,u transitions are expected in the flavin moiety, since there 

are two pyridine-like nitrogen atoms and two carbonyl oxygens. In 

addition, the extensive u-aromatic character of the isoalloxazine 

nucleus means that there will also be several absorptions arising from 

7,7 transitions. The complex nature of the system makes assignment of 

the electronic transitions very difficult, and this was not attempted. 

However, the solvent dependence of the weak band near 420nm (Table 6.7) 

* 
may indicate that it arises from an n,u transition; most of the other 

* 
bands are probably due to u,u transitions. 

The visible spectrum of FM N .11a in aqueous solution is almost 

identical to that of RTA, with bands at 373nm and 445nm. In the solid 

state, the spectrum exhibits two strong bands, near 490nm and 440nm. 

On complex formation, these absorptions appear generally unchanged, and 

a third band appears, near 380nm (Table 6.6). This behaviour contrasts 

with that of RTA, and provides further evidence for a different mode of 

metal binding in the FMN complexes. 
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Compound Colour 

% Found % Calculated 

L=RTA 

CoL2C12,2H20 red-brown 48.19 4.79 8.95 47.85 4,82 8.93 

CoL2Br2,2H20 red-brown 44.33 4.54 8.61 44.69 4.50 8.34 

C0L212,2H20 brown 42.13 4.60 8.05 41.77 4.21 7.80 

CoL2(C104)2,6H20 red 40.84 4.63 7.68 41.24 4.71 7.70 

CoL2( N 03) 2 H20 red 46.65 4.35 10.88 46.55 4.53 10.86 

NiL2C12,2H20 red 48.34 4.54 9.03 47.86 4.82 8.93 

N iL2Br2,6H20 red 42.41 4.19 7.99 42.40 4.84 7.91 

NiL2I2,5H20 brown 40.18 3.90 7.47 40.26 4.46 7.51 

NiL2(NO3)2 red 47.58 4.31 10.95 47.22 4.44 11.01 

CuL2C12,6H20 orange 45.30 4.27 8.33 45.10 5.10 8.41 

CuL2Br2,5H20 orange 43.39 3.92 7.90 42.82 4.74 7.99 

L=FM N 

MnL,4H20 yellow 34.98 4.65 9.34 35.12 4.68 9.64 

FeL,4H20* yellow 34.73 4.99 35.07 4.67 

CoL,4H20 yellow 34.43 4.75 9.59 34.88 4.65 9.57 

N iL,5H20* yellow 33.14 4.92 33.85 4.85 

CuL,3H20 yellow 35.90 4.23 9.94 35.70 4.41 9.80 

ZnL,2H20* yellow 36.86 4.04 36.74 4.17 

CdL,2H20* 	' yellow 34.56 4.17 33.87 3.85 

*Pregl analysis (C,H only). 

Table 6.1 Analytical results for the flavin complexes. 
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Compound Band maxima (cm 1) 

L=RTA 

CoL2C12,21120 8450w, 13000sh, 16300* sh 

CoL2Br2,2H20 8150w, 12500sh, 15000* sh 

CoL212,21120 8000w, 10900sh, 13700 * sh 

CoL2(C104)2,6H20 8700w, 15380* sh 

CoL2( NO3)2,H20 9300w, 13300sh, 15700* sh 

N iL2C12,2H20 8550w, 13250sh, 14900.* sh 

N iL2Br2,61120 8470w,br, 13160sh, 15150* sh 

N iL2I2,51120 8400w, 14300* sh 

N iL2( NO3)2 8260w,br, 12350sh, 14820* sh 

CuL2C12,6H20 10500w, 13000m, 15900* sh 

CuL2Br2,5H20 10700w, 15400* sh 

L=FM If 

CoL,4H20 
	 8160* sh 

NiL,5H20 
	 8330mw, 13160sh, 15040mw 

CuL,3H20 
	

12500ms 

* Partially obscured by ligand band. 

Table 6.2 	Diffuse reflectance spectra of the flavin complexes in the 

near-infrared region. 

Compound 	V(C(2)=0) 	V(C(4)=0) 	N -H) 

RTA 1744vs 1665vs 3155w, 3099mw 

CoL2C12,2H20 1755vs 1656vs 3137w, 3077w 

CoL2Br2,2H20 1745vs 1641vs 3129w, 3067w 

CoL212,21120 1752vs 1648vs 3133w, 3079w 

CoL2(C104)2,6H20 1746vs 1651vs 3179w,br 

CoL2( N 03) 2,H20 1749s, 1738s 1653vs 3131w, 3061w 

NiL2C12,2H20 1754s, 1744s 1647vs 3135w,br, 3085sh 

N iL2Br2,6H20 1745s 1645vs 3133w, 3085w 

N iL2I2,5H20 1748s, 1734s 1642vs 3127w 

N iL 2 ( N 0 3 ) 2  1747s,1735s 1649vs 3135w, 3083w 

CuL2C12,61120 1750vs 1663vs 3135w, 3089w 

CuL2Br2,5H20 1755s, 	1745s 1655vs 3135w, 3083w 

Table 6.3 Shifts of infrared bands in the RTA complexes. 

Values are in cm 1. 
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Compound 	V(M-L) 	Ligand 

RTA 	 426sh,386vs,355sh,341sh 

CoL2C12,2H20 	277vs,233s 399vs,br,330m,br 

CoL2Br2,2H20 	272w,234vs 396vs,br,344s 

CoL212,2H20 	267w,233s 	420s,br,329m 

CoL2(C104)2,6H20 	258sh,234ms 408vs,br,345s,br 

CoL2(NO3)2,H20 	276w,252m 	406vs,384vs,350sh,318sh 

NiL2C12,2H20 	279s,240s 	390vs,br,327vs,br 

N1L2Br2,6H20 	244s 	437vs,342s 

NiL212,5H20 	267sh,239s 390sh,315vs,br 

NiL2( NO3)2 	268m,240w 	393vs,br,348s 

CuL2C12,6H20 	273sh,243w 405sh,323vs,br 

CuL2Br2,5H20 	261vs 	385vs,br,348sh,325sh 

Table 6.4 Far i.r. data for the RTA complexes. Values 

are in cm 1. 

Compound Vas 
V
s 

V p-o 

FM N . Na 1050s,vbr 975m 771ms 

MnL,4H2O 1070s,vbr 998sh 774ms 

FeL,4H20 1050s,vbr 980sh 772m 

CoL,4H20 1070s,vbr 987sh 770mw 

NiL,5H20 1070s,vbr 988sh 769w 

CuL,3H20 1060s,vbr 990sh 769w 

ZnL,2H20 1070s,br 1010s 769w 

CdL,2H20 1050s,vbr 980sh 768w 

Table 6.5 Shifts of i.r. phosphate bands in the FMN complexes. 

Values are in cm 1. 
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Compound Band maxima (nm) 

RTA 470sh, 406vs, 370sh 

CoL2C12,21120 520sh, 475vs, 390s,br 

CoL2Br2,2H20 510sh, 475vs, 390s,br 

CoL212,2H20 510sh, 475vs, 390s,br 

CoL2(C104)216H20 520sh, 480vs, 390s,br 

CoL2( NO3)2,H20 460s,vbr, 380sh 

N iL2C12,2H20 
	

485vs, 390s 

N iL2Br2,6H20 
	

490vs, 400s,br 

NiL2(NO3)2 
	520sh, 485vs, 400s,br 

CuL2C12,6H20 
	

485vs, 390s,br 

CuL2Br2,5H20 
	

510sh, 460vs, 390s,br 

FMN. Na 
	490s,br, 440vs,br, 380sh 

MnL,4H20 
	

485sh, 440vs,br, 385s 

FeL,4H20 
	

485sh,.440vs,br, 385s 

CoL,4H20 
	490sh, 430vs,br, 385s 

NiL,5H20 
	

490sh, 440vs,br, 380sh 

CuL,3H20 
	

490s, 430vs,br, 375s 

ZnL,2H20 
	485s, 420vs,br, 375sh 

CdL,2H20 
	

490s, 425vs,br, 370sh 

Table 6.6 Diffuse reflectance spectra of the flavin complexes in the 

visible and near ultraviolet regions. 

Solvent Band maxima (nm) 

chloroform 352m, 425sh, 450s, 475sh 

acetone 342m, 434sh, 444s, 470sh 

ethanol 350m, 424sh, 446s, 470sh 

water 373m 448vs 

Table 6.7 Spectrum of RTA in the visible and near ultraviolet regions 

in various solvents. 



CHAPTER 7 

E.P.R. SPECTRA OF THE MANGANESE COMPLEXES 

7.1 Introduction 

It is usually more difficult to determine the stereochemistry of 

complexes of manganese(II) by the classical means of inorganic chemistry 

than for those of many other transition metal ions. This is because 

two of the methods traditionally used, electronic spectroscopy and 

magnetic measurements, give little information in the case of manganese 

(II). This lack of information can be attributed to the electronic 

structure of the manganese(II) ion, the ground state of which is 6S (6A1), 

i.e., a spin-sextuplet, with all five d-electrons 'parallel'. 

Consequently, any electronic transition to an excited state must involve 

spin-pairing, which violates the quantum mechanical rule which states 

that transitions between states of different spin-multiplicity cannot 

take place. Thus, the electronic d-d bands of manganese(II) complexes 

are very weak and difficult to see, and only gain any intensity at all 

from weak spin-orbit interaction. Similarly, the magnetic moment of 

the high-spin d5  ion varies little from 5.92 B.M. (the spin-only value), 

unless the ligand field is very strong, as in Mn(C N )64 	when spin- 

pairing occurs. Thus, unlike other transition metal complexes, whose 

magnetic moments often give useful information about their symmetry, 

magnetic measurements on manganese(II) complexes are uninformative. 

The e.p.r. spectra of manganese(II) complexes, even in a purely 

qualitative way, provide a much-needed method of distinguishing between 

the various types of stereochemistry found in these compounds. The 

types of manganese(II) complexes most commonly encountered generally 

give e.p.r. spectra which fall into one of the following easily - 

recognised categories: 

I 9 
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(a) A strong line near geff-7 2, with no fine structure visible. A 

spectrum of this type may be produced by several different classes 

of compound, particularly aquo-complexes, but it is generally 

indicative either of a regular cubic symmetry, such as Mn(H20)62+, 

or of a polymeric structure, where magnetic interaction can easily 

occur. 

(b) A strong line near geff7 2, with fine structure. Such a spectrum 

is indicative of a species with a near-regular symmetry. 

(c) A spectrum with the strongest line near geff. = 6 is characteristic 

of a complex having axial symmetry; a great number of weaker bands 

extending to high field indicates a distortion from axial symmetry. 

(d) Several types of complex can give rise to a spectrum with its 

strongest line near geff= 4.27, including pseudotetrahedral 

compounds of the type MnL2X2, and octahedral complexes of the type 

MnC2X2, where C is a chelating ligand. There are two possible 

structures for the latter compounds; a trans arrangement of the 

ligands, with a rectangular plane of donor atoms, or a cis 

arrangement. These produce D
2h 

and C symmetry, respectively, 
2V 

either of which may give rise to a signal at geff= 4.27322. 

In quantitative terms, certain features of the e.p.r. spectra can 

be correlated with the zero-field splitting parameters, D and E, of the 

spin Hamiltonian for d5 systems323. A simplified form of the spin 

Hamiltonian for a d5  system is: 

= 	D(g2
z 
 - 0.3332. 	

x 	y 
E(g2  - g2) 	g.A.T ....(1) •  

Here D is a measure of the tetragonal distortion, or the distortion from 

cubic symmetry in general, and E a measure of rhombic distortion. It is 

usually more convenient to use the parameter X (= E/D) in place of E, 

and symmetry considerations324 show that the only meaningful values of 

X lie between zero (axial symmetry) and 0.33' (rhombic symmetry). In 



this work, the number and position of the observed bands in the e.p.r. 

spectra of several complexes are related to those calculated for given 

values of D and A, and hence to the symmetry of the complex. The method 

of calculation used was the exact diagonalisation of a spin Hamiltonian 

matrix based on equation (1), using the computer program ESRS325. 

Simulated random-orientation spectra were plotted using the program 

SHAPE9326,  which incorporates ESRS; a Gaussian line-shape was assumed. 

The 'fitting' of the observed spectrum to that calculated is largely 

a process of trial and error, and, as such, it was found to be easier 

to obtain a good fit for a spectrum containing many bands than for one 

with very few lines, especially if the band intensities were low. A 

small change in D, A, or the linewidth can make a big difference to the 

observed spectrum, so that fitting the calculated spectrum is often 

mainly a matter of experience. To this end, several empirical rules 

were used to estimate the likely ranges of D and A for a particular 

compound: 

(1) A spectrum with the strongest line near geff. = 2 indicates a D of 

less than ca.0.10cm 1. The spread of bands about geff= 2 is 

roughly proportional to D. 

(2) Transitions at fields of less than ca.100mT can only occur for D 

values of less than ca.0.17cm 1. 

(3) A spectrum with its strongest line near g
eff 

 = 6 indicates a A value 

close to zero, and D greater than ca.0.15cm . 

(4) A spectrum with its strongest line near geff= 4.27 indicates a A 

value close to 0.33, and a D value greater than ca.0.15cm 1. 

(5) Bands above ca.1000mT indicate a D value greater than ca.0.20cm 1. 

It is possible that more than one successful fit of the observed spectrum 

to one calculated may be achieved, using different values of D and A. 

To reduce the likelihood of this, it was necessary in some cases to 

obtain supplementary evidence to the X-band spectra (which are the 

96 
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most readily obtained, and more reliable, spectra). This was achieved 

using the Q-band spectra, which were in turn compared with the 

corresponding calculated spectra using the values of D and A obtained 

from the X-band data, and the values adjusted, if necessary, to give 

the best fit for both spectra. The Q-band spectra of some of the 

complexes were also found to be useful in providing a preliminary 

estimate of the likely range of D. 

No attempt was made to obtain extremely accurate parameters in 

this work. There are several sources of error in the method used, 

although good agreement between observed and calculated spectra can 

usually be obtained. Approximations in the method of calculating the 

resonance fields result in a possible error of ± 10mT at X-band, with 

a greater margin of error at Q-band. The use of powder samples results 

in line broadening, due to anisotropy and magnetic interaction, which 

may be sufficient to completely alter the apparent position or the 

intensity of a line, or even prevent its observation altogether. For 

an axial complex (A close to zero), the statistical effect of having 

more molecules orientated close to the x and y directions than are 

close to the z direction will cause the former transitions to appear 

relatively more intense than calculated, and for a rhombic compound 

(A close to 0.33), the line at geff= 4.27 is isotropic and will appear 

much more strongly than any of the other transitions. 

7.2 Interpretation of the e.p.r. spectra 

Mn(4, 6DMP) 2C12 

The strongest line in the spectrum of this complex is near 200mT 

(geff= 3.45), suggesting a A value close to 0.33, while the appearance 

of a low field shoulder at ca.70mT indicates a D value of less than ca. 

0.17cm 1. In agreement with these predictions, no bands are observed 

above ca.890mT. 
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The best fit between the observed and calculated spectra was 

obtained with D = 0.15cm 1, A = 0.26, and an isotropic peak-to-peak 

linewidth of 90mT at X-band (Fig. 7.1). These parameters are confirmed 

by the Q-band spectrum (Fig. 7.2), which, as expected for a relatively 

low D value, consists of a strong geff= 2 signal, with several shoulders. 

The linewidth used in the Q-band simulation was 100mT. 

Mn(4,6DMP)2Brz 

The spectrum of the bromo-complex consists of a strong, isotropic 

line at geff= 3.85, with numerous weaker bands, up to ca.900mT (Fig. 7.3). 

This again suggests a A value close to 0.33. The Q-band spectrum shows 

strong absorption near geff= 4.3 and geff= 2.3, indicating a larger D 

value than for the chloro-complex, as would be expected (Fig. 7.4). 

In this case, however, it was much more difficult to obtain a good fit 

between the experimental and the calculated X-band spectra, because of 

the weakness and lack of definition of the higher field bands. The 

best fit for the X-band spectrum was obtained with D = 0.53cm 1, A = 

0.26, but these parameters do not provide an acceptable fit at Q-band. 

The latter spectrum seems to indicate a slightly lower D value. 

161(4,6DMP) 412 

This complex exhibits a fairly complicated X-band spectrum, the 

main features of which are a strong, asymmetric line near geff= 5, and 

many other, much weaker, bands extending to high field (Fig. 7.5). The 

highest field line observed at X-band is near 1220mT. These factors 

suggest a structure which is basically axial (A close to zero), but the 

multiplicity of bands indicates a considerable distortion. The Q-band 

spectrumalsoshowsmanybands,withthemainintensityatg,_=5.42 
ext. 

(Fig. 7.6). This indicates a high D value (ca.1.0cm 1) for the complex. 

In fitting the computer simulation to the observed X-band spectrum 
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it was found that the asymmetry of the main absorption could only be 

reproduced with a A value greater than ca.0.07, which is indicative of 

a quite considerable distortion from axial symmetry. The parameters 

which were found to give the best fit at X-band are D = 0.80cm 1 , A = 

0.075, although again the Q-band results are not in agreement with these 

values, a larger D value being suggested. 

The fairly large A value deduced is atypical for a D MnNt,I2 
411 

species'", and is closer to that foundl" for Mn(Ph3As0)4I2 (A. = 0.1), 

which exhibits a somewhat similar spectrum to the pyrimidinone complex. 

The structure of Mn(Ph3As0)4I2 was suggested148 to be approximately 

square planar, with the anions at most very weakly bonded. 

Mn(4,6DMP)412,6H20 

The spectrum of this complex is very different from that of the 

anhydrous compound. The strongest line is now near geff= 2, with 

several weak shoulders (Fig. 7.7), indicative of a near regular cubic 

symmetry. 

It is difficult to obtain good estimates of the distortion 

parameters for complexes giving spectra of this type, because the 

weakness of the shoulders makes them difficult to reproduce accurately 

in the simulation. However, during the course of this work, it was 

found that, for D values of less than ca.0.10cm 1 , simulations with low 

A values (<ca.0.20) tend to produce spectra with a distinct splitting 

of the 
gaff=  2 band into two or more components, even using a fairly 

large linewidth (cf. the spectrum of Mn(1,4,6TMP)3(C104)2, Fig. 7.10) 

Thus, a spectrum of the type shown by Mn(4,6DMP)412,6H20 is indicative 

of a low D value (<ca.0.10cm 1) and a A value greater than ca.0.20. 

The best fit for the X-band spectrum was obtained with D = 0.042cm 1, 

A = 0.30, and a linewidth of 50mT. The Q-band spectrum was not run, 

since it is expected to be of the same general form as the X-band spectrum, 
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and would not provide any additional information. Tho deduced 

parameters agree well with the crystal structure of the complex, which 

shows the main structural unit to be an hexaquo manganese(II) ion, 

rhombically distorted from regular cubic symmetry (Chapter 5). 

Mn(1,4,6TMP)2Br2,3H20 

The X-band spectrum of this complex is reproduced in Fig.7.8. 

The form of the spectrum is rather similar to that of Mn(4,6DMP)2Br2, 

withthemainbanda
tgeix.  

_=3.75, and many weaker absorptions extending 

to ca.900mT. The Q-band spectrum, however, has its strongest band near 

geff. 
= 2 (Fig. 7.9), which indicates a D value of ca.0.40cm 1  or less. 

This is lower than normally found for pseudotetrahedral MnN2Br2 

species'", and may indicate a MnO2Br2 structure; for comparison, D 

for Mn(Ph3P0)2Br2 is estimatedl" to be ca.0.40cm 1. Alternatively, 

a Mn02 N 2Br2 chromophore, involving chelating ligands, is possible. 

Mn(1,4,6TMP)3(Ci002 

The X-band spectrum (Fig. 7.10) consists of numerous bands, all 

below ca.650mT, indicative of a D value of less than ca.0.10cm 1. One 

of the main group of three intense bands near g = 2 may be attributed 
ell. 

to a small amount of impurity, undetected by chemical analysis, since 

the band intensity relative to the other absorptions varies in different 

samples. However, a fairly good simulation for the other bands can be 

achieved with D = 0.05cm I, A = 0.01, and a linewidth of 60mT. The Q-

band spectrum was not obtained, since it would not provide any further 

information. 

A spectrum of this type might be expected for a facial, rather 

than a meridianal, tris-chelate, since a low D value is more likely for 

the former structure. This is supported, to some extent, by similar 

spectra obtained in this Laboratory for tris-chelates of the similar 
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ligands 4,6-dimethyl-2-pyrimidinethione and 1,4,6-trimethylpyrimidine-

thione. A tris-chelate cobalt(III) complex of the former ligand, whose 

structure has been found339 to be of the facial type, gives a spectrum 

very like that of Mn(1,4,6TMP)3(C104)2 when doped with the analogous 

manganese compound. 

Mn(Cyt)2Br2 and Mn(6Meura)2Br2 

The X-band spectra of both these complexes show spurious signals 

at geff7 2, which may be due to the presence of a polymeric isomer, or 

a small amount of impurity. 

The spectrum of Mn(Cyt)2Br2 is shown in Fig. 7.11. The main 

absorption at geff= 3.57 indicates a X value close to 0.33, while the 

weaker bands, extending to ca.1160mT, suggest a D value greater than 

ca.0.20cm I. 

The spectrum of the 6-methyluracil complex (Fig.7.13) is also 

indicative of a X value close to 0.33, but the fact that there are no 

bands visible above ca.920mT suggests that D may be rather low, say 

0.2cm I. 

The Q-band spectra of both compounds (Figs. 7.12 and 7.14) tend to 

confirm low D values, with the main absorption near geff= 2. The spread 

of bands about geff= 2 in the spectrum of the uracil complex suggests a 

higher D value than for Mn(Cyt)2Br2. 

Thus, for both compounds, fairly low D values are suggested; this 

is not unexpected for the 6-methyluracil complex, in view ofthe weak 

ligand field generated by this ligand, but it tends to suggest that the 

cytosine complex does not contain a MnN2Br2 chromophore. 
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CHAPTER 8 

EXPERIMENTAL 

8.1 General 

Analyses were carried out by the Microanalytical Laboratory, 

Imperial College. The Pregl method was used for carbon and hydrogen 

analyses for some of the FM N complexes (Chapter 6) because of the 

better combustion compared with other methods. 

Infrared spectra were recorded on the following instruments: a 

Perkin-Elmer 257 (4000-625cm I); a Perkin-Elmer 457 (4000-250cm 1); a 

Perkin-Elmer 325 (4000-200cm I); a Perkin-Elmer 180 (4000-50cm I); and 

a Beckman FS720 Fourier spectrophotometer (400-80cm I). The last-

named instrument was used in conjunction with the CDC6400 and Cyber 174 

computers at Imperial College Computer Centre. 

Diffuse reflectance spectra were measured in the 26000-4000cm I  

region on a Beckman DK2 spectrometer and a Cary 14 spectrometer fitted 

with a Cary Model 1411 diffuse reflectance accessory. Solution spectra 

in the visible and ultraviolet regions were recorded on a Perkin-Elmer 

402 spectrophotometer. 

E.p.r. spectra were obtained at X-band on a Varian E12 spectrometer. 

The Q-band spectrometer is a combination of a Varian 36GHz microwave 

bridge and cavity with a bbwport Instruments 12" type F magnet, powered 

by a C905 rotary generator. Computer simulations were carried out on 

the CDC6400 and Cyber 174 machines at Imperial College Computer Centre, 

using the programs ESRS and SHAPE9 developed by Dr. J. F. Gibson and 

co-workers, of this Department325,326 

Magnetic susceptibilities were measured on solid samples at room 

temperature using the Evans modification327,328 of the Gouy-Rankine 

balance. The balance was calibrated with cobalt mercury thiocyanate. 
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X-ray powder photographs were obtained on a Guinier Nonius Mark II 

camera. 

Sampling techniques 

Infrared spectra, 4000-250cm 1: samples were made up as nujol and 

hexachlorobutadiene mulls and run between potassium bromide windows. 

Infrared spectra, 450-80cm 1: samples were made up as vaseline mulls 

and run between polythene plates. 

Electronic spectra were measured on the finely-powdered sample by the 

reflectance technique. 

Both X-band and Q-band e.p.r. measurements were obtained using the solid 

sample in the appropriate tube. Room temperature measurements only were 

made. 

8.2 Ligands 

Uracil (BDH), thymine (BDH), 6-methyluracil (Aldrich), uridine 

(Sigma), thymidine (Cambrian) and cytosine (Sigma) were purchased and 

used without further purification. FMN (BDH) was purchased as its 

sodium salt, and also used without further purification. 

The ligands 1,3-dimethyluraci1329, 1,4,6-trimethylpyrimidinone339, 

1-methylpyrimidinone331, and RTA332 were prepared according to published 

procedures. 1,3-dimethylthymine was prepared in an exactly analogous 

way to 1,3-dimethyluracil, except that thymine was used as the starting 

material. 

Preparation of 5,6 -dimethyluracil 

Ethyl-2-methylacetoacetate was prepared using an analogous method 

to that described by Kelso et a1.333  for the preparation of 3-methyl-

2,4-pentanedione (3-methylacetylacetone): 

Sodium methoxide (24.6g, 0.46 mol) was suspended in absolute ether 
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(200cm3) and ethylacetoacetate (59.3g, 0.46 mol) added rapidly, with 

vigorous stirring, to give a yellow solution. The reaction vessel was 

cooled in an ice bath, and methyl iodide (65g, 0.46 mol) added over a 

period of one hour. The reaction mixture was boiled under reflux for 

several days, until the solution was no longer basic. The formed 

sodium iodide was filtered off, and the filtrate stripped of ether. 

The residue was vacuum-distilled, the fraction boiling between 81 C and 

85°C at 11mm pressure being collected (52g, 79%); 

The substituted uracil was prepared by a similar method to that 

used by Anderson et al.334  for the preparation of substituted thiouracils: 

Sodium metal (16.6g, 0.72g atom) was dissolved in absolute ethanol 

(ca.250cm3) and urea (30.2g, 0.5 mol) and ethy1-2-methylacetoacetate 

(52g, 0.36 mol) added to the clear solution. The mixture was heated on 

a steam bath for six to seven hours, during which time a heavy white 

precipitate formed, The mixture was allowed to stand overnight, and 

the solvent and unreacted ester then removed. The residue was dissolved 

in water (ca.100cm3), and the product precipitated by adding concentrated 

hydrochloric acid (ca.50cm3) and subsequent acidification to pH 4 with 

glacial acetic acid. The crude product was recrystallised from hot 

water, and dried at 80°C (25.4g, 50%; M.P. 290°C(decomp.) Lit. M.P. 290°C) 

Preparation of 4,6 -dimethyi -2 -pyrimidinone 

Concentrated hydrochloric acid (25cm3) was added to a warm 

suspension of finely powdered urea (6g, 0.1 mol) in 2,4-pentanedione(12g, 

0.12 mol) and absolute ethanol (250cm3), and the mixture boiled under 

reflux for two hours. After cooling, the colourless crystals of 4,6- 

dimethylpyrimidinone hydrochloride were collected. To the mother-

liquor was added more powdered urea (6g), 2,4-pentanedione (11g), 

ethanol (10cm3), and concentrated hydrochloric acid (15cm3), and the 

mixture boiled as before. The crystals of the hydrochloride were again 
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collected. After two such preparations, making use of the original 

mother-liquor, the final solution was discarded. 

The combined yield of hydrochloride (37.3g, 77.5%) was dissolved 

in the minimum of cold water, neutralised with sodium hydroxide solution, 

and evaporated to one third of its original volume on a water bath. 

The solution was cooled overnight to give colourless crystals of 4,6- 

dimethy1-2-pyrimidinone dihydrate. This was recrystallised from water, 

and the anhydrous compound prepared by heating in vacuo at 80°C. (16.8g, 

45%; M.P. 2010-202°C; Lit. M.P. 201°-202°C335). 

8.3 Complexes of uracil and thymine (Chapter 2 

All of the complexes except Co(Ura)2Br2 and Fe(Thy)C12,21120 were 

prepared by the following method: 

Finely-powdered samples of the ligand and the hydrated metal salt 

were mixed together, dry, in 1:1 stoicheiometric quantities, and dry 

ethyl acetate (ca.35cm3) added. After boiling under reflux for ca.15- 

20 minutes, the metal salts dissolved, followed, more slowly, by 

dissolution of the ligand, and simultaneous precipitation of the product. 

Refluxing was continued until all of the ligand had reacted, a process 

which was usually complete within a few hours for uracil, but often 

required longer (a day or so) in the case of thymine. The dense, 

flocculent precipitates thus obtained were filtered off, washed with 

ethyl acetate (2X5cm3), and dried over silica gel. 

For Co(Ura)2Br2, the process was as detailed above, except that 

anhydrous cobalt(II)bromide was used as starting material, and refluxing 

was carried out under anhydrous conditions. The blue product was filtered 

under dry nitrogen, washed with ethyl acetate, and dried over P2O5. 

Fe(Thy)C12,2H20 was prepared as follows: 

FeC12,41120 (0.199g, lmmol) was dissolved under nitrogen in a 

deoxygenated mixture of anhydrous ethanol (ca.8cm3) and 2,2-dimethoxy- 
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propane (ca.lcm3). Iron wire (ca.1.5g) was added, with concentrated 

hydrochloric acid (0.2cm3) to provide a reducing system. The flask was 

sealed and shaken periodically until the solution was colourless. This 

was then filtered under nitrogen directly into a suspension of thymine 

(0.126g, lmmol) in deoxygenated, anhydrous, ethyl acetate (ca.30cm3). 

The mixture was boiled under reflux in a nitrogen atmosphere for ca. 

four hours, by which time all the ligand had dissolved, and a very dense 

pale yellow precipitate had formed. The complex was filtered off under 

nitrogen, washed with ethyl acetate, and dried over silica gel. 

Co(Ura)Cl2 

On heating Co(Ura)C12,2H20 to constant weight in vacuo at 110°C, 

wt. loss = 13.14%; calculated wt. loss for Co(Ura)C12,2H20 	Co(Ura)C12 

= 13.01%. 

Co (Thy)C12 

On heating Co(Thy)C12,2.5H20 to constant weight in vacuo at 110°C, 

wt. loss = 13.31%; calculated wt. loss for Co(Thy)C12,2.5H20 	Co(Thy)C12 

= 13.63%. 

Co(Thy)2Br2 

On heating Co(Thy)2Br2,1.5H20 to constant weight in vacuo at 120°C, 

wt. loss = 5.51%; calculated wt. loss for Co(Thy)2Br2,1.5H20 4 Co(Thy)2Br2 

= 5.43%. 

Analysis results for the blue compounds obtained by heating the 

hydrates indicated the presence of small amounts of water. However, 

these very hygroscopic compounds always gain weight during weighing for 

analysis; it is considered, therefore, that the blue forms are truly 

anhydrous. 
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8.4 Complexes of Chapter 3 

8.4.1 6-methyiuracil 

The complexes of this ligand were prepared in an entirely analogous 

manner to that detailed above. 

Co(6Meura)C12 

On heating Co(6Meura)C12,H20 to constant weight in vacuo at 110°C, 

wt. loss = 6.48%; calculated wt. loss for Co(6Meura)C12,H20 Co(6Meura)C12 

= 6.58%. 

Co(6111eura)2Br2 

On heating Co(6Meura)2Br2,2H20 to constant weight in vacuo at 100°C, 

wt. loss = 6.50%; calculated wt. loss for Co(6Meura)2Br2,2H20 	Co(6Meura)2Br2 

= 7.10%. 

8.4.2 5,6 -dimethyluraeil 

These complexes were also prepared as for the uracil and thymine 

complexes. Fe(5,6DMU)2Br2 was prepared as for Fe(Thy)C12,2H20, using 

FeBr2,4H20 and 40% aqueous hydrobromic acid. 

8.4.3 1, 3-dimethyluracil 

Mn(1,3DMU)2X2 	Br) 

A warm solution of MnX2,4H20 (0.5mmol) in ethanol (10cm3) was 

added, with stirring, to a hot solution of ligand (0.14g, lmmol) in 

ethyl acetate (10cm3). After heating and stirring for a few minutes, 

a pale pink, microcrystalline solid precipitated. This was filtered 

off, washed with ethyl acetate, and dried over silica gel. 
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Mn(1,3DMU)412,2H20 

A manganese iodide solution, made metathetically from MnC12,4H20 

(0.1g, 0.5mmol) in ethanol (5cm3) and NaI (0.15g, lmmol) in ethanol 

(5cm3) was added to a solution of ligand (0.14g, immol) in ethyl acetate 

(10cm3). On heating and stirring for a few minutes, a fine, off-white 

precipitate formed. This was filtered, washed with ethyl acetate, and 

dried over silica gel. 

Fe(1,3DMU)2X2 (X=C1, Br) 

These complexes were prepared as for Fe(Thy)C12,2H20 and Fe(5,6DMU)2Br2. 

Ni (1, 3DMU) 212, 2. 51120 

A nickel iodide solution was made metathetically from NiC12,6H20 

(0.119g, 0.5mmol) and Nal (0.15g, immol) in ethanol (10cm3). This was 

added to a warm solution of the ligand (0.14g, lmmol) in ethyl acetate 

(10cm3), and the resulting solution evaporated to a low bulk. After 

cooling, an equal volume of absolute ether was added, to precipitate 

the bright red product. This was filtered off under nitrogen, washed 

with ether, and dried in vacuo over silica gel. 

Other complexes 

All of the other 1,3-dimethyluracil complexes were prepared in a 

similar manner to the manganese chloro- and bromo-compounds, with only 

slight variations in technique. For the cadmium complexes, one drop of 

the appropriate concentrated halo-acid was added to the reaction 

mixture, to prevent partial hydrolysis. The cadmium iodide complex was 

precipitated from solution by the addition of an equal volume of absolute 

ether. 

The blue form of Co(1,3DMU)2Br2 was prepared by exposing the pink 

form to the atmosphere overnight. The excess moisture was removed from 
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the blue product by drying at 60°C. 

8.4.4 Uridine and thymidine 

Complexes of these ligands were made in an exactly analogous 

manner to the corresponding uracil and thymine compounds. 

CoUCZ2  

On heating CoUC12,5H20 to constant weight in vacuo at 1000C, wt. 

loss = 18.9%; calculated wt. loss for CoUC12,5H20 4- CoUC12 = 19.41%. 

CoUBr2 

On heating CoUBr2,H20 to constant weight in vacuo at 120°C, wt.  

loss = 4.24%; calculated wt. loss for CoUBr2,H20 CoUBr2 = 3.75%. 

CoTCZ2 

On heating CoTC12,4H20 to constant weight in vacuo at 120°C, wt. 

loss = 15.5%; calculated wt. loss for CoTC12,4H20 	CoTC12 = 16.23%. 

8.5 Complexes of cytosine 

Mn(Cyt)2X2 (X=CZ, Br) 

A warm solution of MnX2,4H20 (lmmol) in ethanol (10cm3) was added 

to a hot solution/suspension of cytosine (0.111g, lmmol) in ethanol (10cm3). 

After a few minutes heating and stirring, a clear solution formed. On 

evaporation of this solution to a fairly low bulk, a fine pale pink 

precipitate formed. This was filtered off, washed with ethanol, and 

dried over silica gel. 

Mn(CYt)412,2H20 

A solution of MnI2  (0.381g, lmmol) in ethanol (10cm3) (prepared 

metathetically, as for Mn(1,3DMU)4I2,2H20) was added to a warm solution/ 
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suspension of ligand (0.111g, lmmol) in ethanol (10cm3). The clear 

solution formed after a few minutes heating and stirring was evaporated 

to a low bulk, cooled, and an equal volume of absolute ether added to 

precipitate the off-white product. The compound was washed and dried as 

before. 

Mn(Cyt)4X2,nN20 (X=C104, n=2; X=NO3, n=0) 

These complexes were prepared in a similar manner to the chloro-

and bromo-complexes. 

Fe(Cyt)2X2 (y.ci, Br) 

A solution of FeX2,4H20 (lmmol) in ethanol (10cm3) (prepared as 

for Fe(Thy)C12,2H20) was filtered under nitrogen directly into a warm 

solution/suspension of cytosine (0.222g, 2mmol) in ethanol (10cm3). 

On heating and stirring for five minutes, a dense precipitate formed. 

This was filtered under nitrogen, washed with ethanol, and dried over 

silica gel. 

Co(Cyt)2X2  (X=C1, Br) 

To a warm solution of cytosine (0.222g, 2mmol) in methanol (10cm3) 

was added a warm solution of CoX2,6H20 (1=01) in methanol (10cm3). 

The solution was heated for five minutes, whereupon a bright blue 

microcrystalline precipitate formed. This was filtered off, washed 

with methanol, and dried as usual. 

Co(Cyt)4I2 

This was prepared as for Mn(Cyt)4I2,2H20, except that it was not 

necessary to add ether to precipitate the product. 
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Co (Cyt ) 4 X2,2H 20 (V=C104, NO3) 

These complexes were prepared as for the manganese chloro- and 

bromo-compounds, except that it was necessary to add an equal volume 

of absolute ether to the final solution to precipitate the product. 

Co(Cyt)5(C104)2 

This was prepared in a similar manner to the manganese chloro-

and bromo-complexes, except that a 4:1 ratio of ligand to metal salt 

was employed. 

Co(Cyt)2(NO3)2 

This complex was prepared as for Co(Cyt)5(01002, except that a 

2:1 ratio of ligand to metal salt was used. 

Ni(Cyt)2X2,71112O (X=C1, n=3;.X=Br, n=6) 

A warm solution of NiX2,6H20 (lmmol) in ethanol (10cm3) was added 

to a hot suspension of ligand (0.222g, 2mmol) in ethyl acetate (10cm3). 

After a few minutes heating and stirring, a yellow-green solution formed, 

and, on evaporation to a low bulk, a dense pale yellow precipitate was 

formed. This was filtered, washed with ethanol, and dried over silica 

gel. 

Ni(Cyt)41.2,2H20 

This was prepared in an analogous manner to Mn(Cyt)412,2H20, except 

that the ligand was suspended in hot ethyl acetate (10cm3). After 

heating and stirring for ca.fifteen minutes, a dense, pale yellow 

precipitate formed. This was filtered off, washed, and dried as above. 

Ni (Cyt) 6 (NO3)23 020 

This was prepared exactly as for Co(Cyt)2( NO3)2• 
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ctacyt),x2 (X=C1, Br) 

These complexes were prepared in an exactly analogous fashion to 

Co(Cyt)2X2. 

Cu(Cyt)4X2,S CX=CI.04, NO3; s=c113011; aglow 

The preparation of these complexes was carried out by the slow 

addition of a solution of CuX2,nH20 (0.25mmol) in methanol or ethanol 

(10cm3) to a solution/suspension of cytosine (0.111g, lmmol) in 

methanol or ethanol (10cm3), and heating, with stirring, for ten minutes. 

Cu(Cyt) 4 (C10 4)2,2H20 

A solution of Cu(C104)2,6H20 (0.093g, 0.25mmol) in water (5cm3) 

was added to a warm solution of ligand (0.111g, lmmol) in water (10cm3). 

On leaving for a day or two, deep blue crystals of the product formed. 

Zn (Cyt) t ) 2  X 2  (X.C1, Br, I) 

These complexes were all prepared in an analogous manner to 

Co(Cyt)2X2. 

Zn(Cyt)4X2 (X=C104, NO3) 

Preparation of these complexes was carried out as for Cu(Cyt)4X2,CH3OH. 

Cd(Cyt)C12,H20 

This was prepared in a similar manner to Mn(Cyt)2C12, except that 

one drop of conc.HC1 was added to the metal salt solution, to prevent 

partial hydrolysis. 

Cd(Cyt)2X2 (X=Br, I) 

Preparation of these complexes was carried out in a similar fashion 

to that of Co(Cyt)2X2, except that a 1:1 ratio of ligand to metal salt 



2 2 7 

was employed. For the bromo-complex, one drop of 40% aqueous HBr was 

added, to prevent partial hydrolysis of the metal salt. 

Cd (Cyt) 2 (NO3)2 

This was prepared in an exactly analogous manner to Co(Cyt)2(NO3)2• 

8.6 Complexes of Chapter 5 

8.6.1 4,6 -dimethyl -2 -pyrimidinone 

Mn(4,6DMP)2X2 (X=Cl, Br) 

To a warm suspension of the pyrimidinone (0.124g, lmmol) in ethyl 

acetate (10cm3) was added, with stirring, a solution of the manganese 

halide (0.5mmol) in ethanol (10cm3). After heating and stirring for 

five minutes, a fine off-white precipitate formed, which was filtered 

off, washed with ethyl acetate, and dried over silica gel. 

Mn(4,6DMP)412 

A solution of MnI2 (0.19g, 0.5mmol) in anhydrous ethanol (10cm3) 

was prepared metathetically from anhydrous MnC12. This was added, with 

stirring, to a suspension of the ligand (0.124g, lmmol) in anhydrous 

ethyl acetate (10cm3). After a few minutes heating and stirring, the 

off-white precipitate was filtered off, washed with ethyl acetate, and 

dried over P205. 

Mn ( 4, 6DMP ) 412, 6H20 

A solution of MnI2 (0.19g, 0.5mmol) in 1-propanol (10cm3) was 

prepared metathetically from MnC12,4H20. This was added to a warm 

solution of the ligand (0.124g, immol) in 1-propanol (10cm3). After 

heating and stirring for five minutes, the solution was left for several 

days. Large yellow crystals of the product formed. These were filtered 
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off, washed with 1-propanol, and dried over silica gel. 

Mri(4,6DMP)4X2,nH20 (X=CZ04,n=1; X=NO3, n=0) 

The preparation of these complexes was analogous to that of 

Mn(4,6DMP)2X2, except that a 4:1 ligand to metal ratio was employed. 

Fe(4,6DMP) 2 X2 (X=C1, Br) 

These compounds were prepared as for the corresponding 5,6-dimethyl-

uracil complexes, except that a 2:1 ratio of ligand to metal salt was 

employed. 

Co(4,6DMP)2X2 (X=Ci, Br) 

The preparation of these blue complexes was analogous to that of 

Mn(4,6DMP)2X2. 

Co (4, 6DMP ) 2Br 2, 31120 

A warm solution of CoBr2,6H20 (0.163g, 0.5mmol) in acetone (10cm3) 

containing 3-4 drops of water was added, with stirring, to a suspension 

of the ligand (0.124g, lmmol) in acetone (10cm3). After heating and 

stirring for five minutes, a green precipitate formed, which was filtered 

off, washed with acetone, and dried over silica gel. 

Co (4, 6DMP) 212  

A solution of Co12,6H20 (0.211g, 0.5mmol) in ethanol (10cm3) was 

prepared metathetically from CoC12,6H20. This was added, with stirring, 

to a warm suspension of the ligand (0.124g, lmmol) in ethyl acetate (10cm3). 

After five minutes heating and stirring, a turquoise microcrystalline 

precipitate formed, which was washed and dried in the usual way. 
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Co ( 4, 6DMP ) 41-2 

A solution of anhydrous Co12 (0.313g, lmmol) in ethanol (10cm3) 

containing 2,2-dimethoxypropane (ca.lcm ) was prepared metathetically 

from anhydrous CoC12. This solution was added to a suspension of the 

pyrimidinone (0.185g, 1.5mmol) in an ethanol (5cm3)-ethyl acetate (5cm3) 

mixture. After five minutes heating and stirring, a dense, royal blue 

precipitate formed. 

Co (4, 6DMP) 412, 3H20 

This complex was prepared in a similar manner to Co(4,6DMP)212, 

except that a 6:1 ligand to metal ratio was employed. 

Co(4,6DMP)4X2(X=C204, NO3) and Ni(4,6DMP)2X2 (x.,-(n., Br) 

These complexes were prepared in an analogous manner to Mn(4,6DMP)2X2. 

For the cobalt compounds, a 4:1 ratio of ligand to metal salt was used. 

Ni(4,6DMP)2Br2,4H20 

A mixture of NiBr2,6H20 (0.109g, 0.5mmol) and the ligand (0.124g, 

lmmol) in ethyl acetate (20cm3) was boiled under reflux for 2-3 hours. 

The yellow precipitate formed was filtered off, washed with ethyl acetate, 

and dried over silica gel. 

Ni (4, 6DMP) 4Br 2 

A warm solution of anhydrous NiBr 2  (0.055g, 0.25mmol) in dry 

ethanol (10cm3) containing 2,2-dimethoxypropane (ca.lcm3) was added to 

a warm suspension of ligand (0.124g, lmmol) in ethyl acetate (10cm3) 

containing a trace of 2,2-dimethoxypropane. After several minutes 

heating and stirring, a dense yellow precipitate formed, which was 

filtered off under nitrogen, washed with ethyl acetate, and dried in 

vacuo over silica gel. 
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Ni ( 4, 6DMP) 4Br 2, 2H20 

This was prepared as above, except that the hydrated metal salt 

was used, and no 2,2-dimethoxypropane was employed. 

Ni(4,6DMP)412 

This was prepared in a similar manner to Ni(Cyt)4I2,2H20. 

Ni ( 4, 6DMP ) 3 (NO3) 2, 3H20 

The preparation of this complex was entirely analogous to that of 

Mn(4,6DMP)2X2. 

Cu(4,6DMP) 2 X 2  (X=C1, Br ) 

A warm solution of the metal halide (0.5mmol) in ethanol (10cm3) 

was added to a warm solution of the ligand (0.124g, lmmol) in ethanol 

(10cm3). A dense, microcrystalline precipitate formed after a few 

minutes heating and stirring, and was filtered off, washed with ethanol, 

and dried over silica gel. 

Cu(4,6DMP)X2 (X=Cl, Br) 

These complexes were prepared as for Mn(4,6DMP)2X2, except that a 

1:1 ratio of ligand to metal salt was employed. 

Cu ( 4 , 6DMP) 4  (C104) 2, B20 

A warm solution of Cu(C104)2,6H20 (0.093g, 0.25mmol) in 1-propanol 

(10cm3) was added, with stirring, to a hot solution of ligand (0.124g, 

lmmol) in 1-propanol (10cm3). Initially, a dark green solution formed, 

followed, on further heating and stirring, by a dense olive green 

precipitate. After a few minutes heating, the precipitate became 

yellow, and finally rust-red in colour. This was filtered off, washed 

with 1-propanol, and dried over silica gel. 
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Cu(4,6DMP) 2(03 )2 

This was prepared in a similar manner to Cu(4,6DMP)2X2. The initial 

dark green solution was followed, after a few minutes heating and stirring, 

by the formation of a grey-blue precipitate. On further heating, this 

became olive green, yellow, and finally brown in colour. 

Zn(4,6DMP)2Cl2 and Zn(4,6DMP)4.7(2,B20 (X=Br, C104) 

These complexes were prepared in a similar manner to Mn(4,6DMP)2X2 . 

For the perchlorate, a 4:1 ratio of ligand to metal salt was employed, 

and it was necessary to precipitate the product by the addition of an 

equal volume of ether to the final solution. 

Cadmium complexes 

These were prepared by an analogous method to that used for 

Cu(4,6DMP)2X2; for the halides, one drop of the corresponding concentrated 

halo-acid was added to the reaction mixture, to prevent partial hydrolysis. 

No precipitates were obtained with the iodide and the nitrate; on 

leaving the yellow solutions for several days, small white crystals of 

the product were formed. 

8.6.2 1,4,6-trimethyl-2-pyrimidinone 

Mn(1,4,6TMP)2X2,nH20 	n=7; X=Br, n=3) 

A warm solution of the manganese halide (0.5mmol) in ethanol (10cm3) 

containing a few drops of 2,2-dimethoxypropane was added, with stirring, 

to a warm solution of the ligand (0.138g, lmmol) in ethyl acetate (10cm3) 

containing 2,2-dimethoxypropane (lcm3). After a few minutes heating 

and stirring, a fine white precipitate formed, which was filtered off, 

washed with ethanol, and dried over silica gel. 
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Mn (1, 4, 6TMP) 41-2, 21120 

This was prepared as above, except that an equal volume of absolute 

ether was added to the final solution to precipitate the product. 

Mn ( 1, 4, 6TMP) 3 (C1002 

This was also prepared as for the chloro- and bromo-complexes, 

except that a 4:1 ratio of ligand to metal salt was employed, and no 

2,2-dimethoxypropane was used. 

Fe(1,4,6TMP)2X2  (X=C1, Br) 

The preparation of these compounds was exactly analogous to that 

of the corresponding 4,6-dimethylpyrimidinone complexes. 

Co (1,4, 6TMP) 2x2 (y=c1, Br, I, NO3) 

These complexes were prepared as described for Mn(4,6DMP)2X2. 

Co ( 1, 4, 6TMP) 4  (C104) 2  

This compound may be prepared as for Mn(4,6DMP)2X2, except that a 

4:1 ratio of ligand to metal was employed. The complex was prepared in 

crystalline form by using ethanol as the solvent. 

Ni (1, 4, 6TMP)Ct2  

Anhydrous NiC12  (0.065g, 0.5mmol) and the ligand (0.138g, lmmol) 

were mixed together in ethyl acetate (20cm 3) containing 2,2-dimethoxy-

propane (2cm3), and the mixture boiled under reflux for 2-3 hours. A 

pale pink precipitate formed, which was filtered off under nitrogen, 

washed with ethyl acetate and ether, and dried in vacuo over silica gel. 

Ni (1, 4, 6TMP)CZ2, 21120 

The preparation of this complex was as for Co(4,6DMP)2X2 . 
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Ni (1, 4, 6TMP)2Br 2 

Anhydrous NiBr2 (0.109g, 0.5mmol) was mixed with the ligand (0.133g, 

lmmol) in acetone (20cm3), and the mixture boiled under reflux for 2-3 

hours. A bright red precipitate formed, which was filtered off under 

nitrogen, washed with acetone, and dried in vacuo over silica gel. 

Ni 2  (1., 4, 6TMP) 3Br 4  

A warm solution of the ligand (0.138g, lmmol) in ethyl acetate 

(10cm3) was added, with stirring, to a warm solution of NiBr2,6H20 

(0.33g, lmmol) in ethanol (10cm3). After a few minutes heating, a dark 

green oil formed. This was dissolved by adding more ethanol, and the 

solution evaporated to a low bulk. The oil reformed several times, and 

was repeatedly re-dissolved in ethanol. Eventually, a dense, light 

green precipitate formed. This was isolated by the usual procedure. 

Ni(1,4,6TAIP) 3 X 2  (X=I; NO3) 

These complexes were prepared in a similar manner to Ni(4,6DMP)4I2 

and N i (4, 6DMP) 3 ( N 03 )2, 3H20. 

Cu (1,4, 6TMP)2x2 (y=cz, Br) 

The preparation of these complexes was exactly as described for 

Mn(4,6DMP)2X2. 

Cu(1,4,6TMP)X2,n1120 	n=1. 5; X=Br, n=2.5) 

The preparation of these compounds was carried out in an analogous 

fashion to that described for Ni2(1,4,6TMP)3Br4. The products 

precipitated immediately from solution. 

Cu (1, 4, 6TMP) 4 (C104) 23  C 2H 50H and Cu ( 1 , 4, 6TMP) 2 (NO3)2 

These compounds were prepared in a similar manner to the analogous 
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complexes of 4,6-dimethylpyrimidinone. The perchlorate gave an 

instantaneous light blue precipitate, which became greenish on further 

heating. The nitrate gave an initial bright blue precipitate, which 

became grey-green, and finally grey, on further heating. 

Zn(1,4,617MP)2X2 (X=Cl, Br, I) 

Preparation of the chloro- and bromo-complexes was as described 

for Mn(4,6DMP)2X2. The iodide was prepared in a similar manner to 

Mn(1,4,6TMP)2X2,nH20. 

Zn(1,4,6TMP)4(CI04)2 and Zn(1,4,6TMP)2(NO3)2 

The preparation of these compounds was as described for the 

analogous cobalt complexes. 

Cadmium complexes 

The halo-complexes were all prepared as for Mn(4,6DMP)2X2, except 

that one drop of the corresponding halo-acid was added to the reaction 

mixture, to prevent partial hydrolysis. 

The preparation of the nitrate was as described for Mn(1,4,6TMP)2X2, 

nH2O ,except that a 4:1 ligand to metal salt ratio was employed. 

Other pyrimidinone complexes 

The cobalt chloro- and bromo-complexes of 1-methyl-2-pyrimidinone 

were prepared in an entirely analogous manner to Cu(4,6DMP)2X2. 

Co(lMepym2OH)2C12 requires: 

found: 

C, 

C, 

34.31% H, 

34.36% H, 

3.46% 

3.63% 

N,16.00%. 

N,16.12%. 

Co(lMepym2OH)2Br2 requires: 

found: 

C, 

C, 

27.36% H, 

27.51% H, 

2.76% 

3.02% 

N ,12.76%. 

N ,12.79%. 
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8.7 Complexes of Chapter 6 

8.7.1 Riboflavin-2',3',4',5?-tetraacetate 

Co(RTA)2X 2,  2H20 (X=Cl, Br, I) 

A warm solution of the cobalt halide (10 4mo1) in acetone (10cm3
) 

was added, with stirring, to a warm solution of RTA (0.054g, 10 4mol) 

in acetone (10cm3). A dense brown precipitate formed almost immediately. 

This was filtered off, washed with acetone, and dried over silica gel. 

Co(RTA)2(C104)2,6H20 and Co(RTA)2(1703)2,H20 

A solution of the metal salt (10 4mol) in ethanol (10cm3) was warmed, 

and added, with stirring, to a hot solution of RTA (0.109g, 2x10 4mol) 

in ethyl acetate (10cm3). A bright red solution formed, which was 

evaporated to a low bulk. In the case of the nitrate, a dense red 

precipitate formed, but for the perchlorate, it was necessary to 

precipitate the product by the addition of an equal volume of absolute 

ether. 

Ni(RTA)2X2,nR20 (y.ci, n=2; X=Br, n=6) 

A warm solution of the nickel halide (2x10 4mol) in ethanol (5cm3) 

was added, with stirring, to a warm solution of the ligand (0.109g, 

2x10 4mol) in acetone (10cm3). On heating for a few minutes, an orange 

precipitate formed, which was isolated by the usual method. 

Ni(RTA)2(1703)2 and Cu(RT4)2X2,nH20 (X=Cl, n=6; X=Br, n=5) 

These complexes were prepared in an analogous manner to Co(RTA)2( NO3)2. 

8.7.2 Riboflavin-5 1-monophosphate 

These complexes were all prepared by the following method: 
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A solution of the metal salt (10 4mol) in water (5cm3) was added, 

with stirring, to a warm solution of the sodium salt of FMN (0.051g, 

10 "mol)in water (5cm3). After a few minutes heating and stirring, a 

dense yellow precipitate formed. This was filtered off, washed with 

water, and dried over silica gel. 
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CHAPTER 9 

CONCLUSIONS 

The in Vivo rale of metal ions in nucleic acid chemistry has long 

been recognised. Furthermore, the recent discovery that certain 

transition metal complexes, such as cis-(Pt(NH3)2C12), are effective 

antineoplastic agents336'337, and that these complexes are thought to 

bind.to nucleic acids in vivo, has lead to a great increase in activity 

in this area of bioinorganic chemistry. In addition, a large number of 

metal ions and metal complexes have been employed to probe into the 

functions of nucleic acids and nucleic acid constituents, and as aids 

in the separation, purification, and structural elucidation of these 

biologically important molecules. Selective coordination underlies all 

these aspects of the interaction of nucleic acids with metals; i.e., 

selectivity of binding to base, ribose, or phosphate, and selectivity 

of binding to a particular base. It is now clear that the exocyclic 

groups of the pyrimidine and purine rings are a key to selectivity. 

These groups can function either to hinder coordination via steric 

factors, or to stabilise coordination by participating in weak bonding 

to the metal, or in hydrogen bonding with other ligands coordinated to 

the metal. 

The work on complexes of uracils described here (Chapters 2 and 3) 

shows clearly that pyrimidinone oxygen atoms can act as donors in a 

variety of metal complexes. The weakness of the ligand field generated 

is in accord with the high 7-charge density calculated for both keto 

oxygens in uracil and thymine97. These atoms would be expected to act 

as moderately strong 7-donors, with a ligand field at the low end of 

the oxygen donor range. The metal-ligand bond may well be fairly strong, 

in accord with the stability of the compounds to heat, but the low 
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crystal field stabilisation energies make them very labile under polar 

conditions. Infrared spectral evidence indicates that 0(4) is the most 

likely metal binding site in most of these complexes. This conclusion 

is supported by ab initio calculations on the interaction of Mg2+  and 

Na
+ 

with uracil174,338, which show the most stable binding site to be 

in the vicinity of 0(4), on an axis making an angle of ca.10°  with 

C=0(4), in the plane of the ring, and on the side of C(5). 

The fact that fairly strong metal-oxygen bonds can apparently be 

formed with ligands of the uracil type is a result of some importance, 

since these bases have frequently been discounted when considering 

nucleic acid-metal ion interaction, on the ground that they have no 

available nitrogen donors. Since the postulated binding sites are not 

involved in bond formation to the sugar in nucleotides, these results 

may be relevant to metal-nucleic acid interactions in vivo. Metal ions 

may approach the keto oxygens of uracil or thymine from the 'outside' 

of the nucleic acid molecule, since these groups are partially exposed 

in the large 'groove' of the helical structure. 

The importance of the influence of the carbonyl group on metal-

binding by pyrimidinones is also shown in the complexes of molecules 

containing an available nitrogen donor. Crystal structure determinations 

on Cu(Cyt)4(C104)2,CH30H and Co(1,4,6TMP)4(C104)2 illustrate the 'semi-

chelation' which seems to be a feature of some pyrimidinone complexes, 

and stronger metal-oxygen bonding is indicated for some complexes of 

these ligands, notably in Co(Cyt)4I2 and in the tris-chelates of 1,4,6- 

trimethy1-2-pyrimidinone. The often low basicity of the unsaturated 

ring nitrogens in these ligands is highlighted by the crystal structure 

of Mn(4,6DMP)4I2,6H20 and by the weak bonding suggested by the spectral 

properties of some of the complexes. Further crystallographic studies 

on some of these compounds would be interesting, particularly the tris-

chelates and the other complexes showing spectral evidence of strong 
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metal-oxygen binding; a recent structural determination on a tris-

chelate complex of the related ligand 2-pyrimidinethione339  has revealed 

strong metal-sulphur bonds, despite the short 'bite' of the ligand. 

Numerous solution studies on complexes of nucleic acid derivatives 

suggest340 that strong hydrogen bonding interactions of the exocyclic 

groups, coupled with repulsive non-bonded interactions, can greatly 

influence the stability of the compounds, and it is thought that such 

interactions may be biologically important. It is clear that, in 

future, studies such as those described here must be extended to larger 

nucleic acid fragments, and to the nucleic acids themselves. 

RTA forms 2:1 octahedral complexes with cobalt(II), nickel(II) 

and copper(II) halides, and with Co(C104)2,  Co( N 03)2 and N i( NO3)2, 

the structures of which appear to be analogous to those of related 

compounds containing the metal bonded to N(5) and 0(4) of the flavin 

chromophore. It is interesting that no iron or manganese complexes of 

RTA could be isolated, in view of the biological importance of iron-

flavin interaction. Pearson's concept of 'hard' and 'soft' acid and 

base pairing341 would suggest that the 'hard' Fe(III) and Mn(II) ions 

should bind preferentially to 'hard' oxygen, rather than 'soft' nitrogen, 

donors, while the converse should be true for Fe(II). This has been 

found to occur for RTA in solution299, where proton n.m.r. studies 

have detected an octahedral complex of iron(II) involving three RTA 

molecules chelating via N (5) and 0(4), and monodentate complexes• of 

manganese(II) and iron(III), bound very weakly to 0(2) only of the 

flavin. 

Crystallographic studies on flavin complexes related to those 

described here have shown that copper(II), zinc, and lead(II) form 

stronger bonds to 0(4) than to N(5), again illustrating the relatively 

weak donor capacity of this type of heterocyclic nitrogen atom. The 

converse is found to be true for complexes of silver(I) and copper(I); 
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this preference of the 'harder' metal ions for the carbonyl oxygen 

binding sites in flavins may have important consequences in metallo-

flavoproteins. 

Less firm conclusions may be drawn concerning the structures of the 

FMN complexes, but infrared studies seem to indicate metal-phosphate 

binding only. This difference in behaviour towards metal ions compared 

with RTA illustrates the comparative reluctance of the isoalloxazine 

chromophore to coordinate to metal ions in aqueous solution. It has 

been suggested313,316,317)319,  however, that the flavin coenzyme may 

be in a predominantly hydrophobic environment inside the protein 

fragment of a flavoprotein, under which conditions, coordination of a 

metal ion to the isoalloxazine ring may be more favourable. 

A major objection to the validity of the RTA complexes as models 

for metal-flavin interaction in enzymes is the difference in the 

stoicheiometry of the two systems. The RTA complexes are 2:1, whereas 

the enzyme systems are known to contain only one flavin entity per 

metal ion (formally, two moles of FAD and two metal ions per enzyme 

molecule). However, this difference in the metal to ligand ratio 

probably does not affect the nature of the metal binding. 

Although it may be true that these results, obtained from the 

study of solid metal complexes, are not immediately applicable to the 

solution interactions which occur between metal ions and biologically 

important molecules in Vivo, it is likely that the binding sites and 

the stereochemistries of the complexes considered do have some 

biological significance. This is particularly true, in view of the 

fact that the metal-donor sites in most biological systems are situated 

on parts of very large molecules, which might reasonably be expected to 

be more constrained in their reactions with metal ions than is usual 

for solution interactions. 
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