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The first part of this thesis describes a study of the

characteristics of oxidation of a 1:2 iron(III):thiolate system in

methanolic solution and in water. This system was investigated as a

potential analog for the cysteine- and cysteamine-dioxygenase catalyzed

0
2
-oxidation of cysteine and cysteamine, respectively, to the

corresponding sulfinic acids. In the neutral pH range, oxidation by 02

and H
2
0
12

of a stoichiometric mixture of 1:2 iron(III):cysteine in

aqueous solution produced cysteinesulfinic acid, (CyS02H) and cysteic

acid, (CyS03H) , reported as CyS0x (with yields of 4.1-24.6%), in

addition to the principal product, cystine (CySSCy). All amino acid

material was separated by ion exchange chromatography and detected

quantitatively by standard ninhydrin colorimetric analysis or

gravimetric analysis. The primary mechanism pertaining to oxidation of

CyS to CyS0
x

involves the proposal of an initial four atom "cluster",

[-(Fe
II

)2(SCy)2-]
n
, which on oxidation with 02 generates H202 and

(_(FeIII)
2 -'

(sr.)
2

The active oxidant would then in turn react



with an available Fe(III)-thiolate bond forming the S-bonded sulfenate

ligand. An IR spectrum of the oxidized solid from the product mixture

supports this proposal. An alternative mechanism would be the direct

0
2
-oxidation of an Fe(III) coordinated thiolate to (Fe-S(0)

2
Cy]. This

oxidative mode seems to be active at low Fe(III) concentration in the

presence of excess thiolate in slightly alkaline medium.

Early iron-thiolate studies were carried out using the thiol,

penicillamine. Syntheses of penicillaminesulfinic acid were explored.

The syntheses of K3[(S- PenS- N,S)3] and of yellow ly(S-PenS02-N,D3]

were performed. The
1
H nmr and UV-visible spectra are reported. The

decomposition of ly(S-PenS02-N,S)3] with ethylenediamine provided the

best yield of the sodium salt of the penicillaminesulfinate ion. The

molecular acid was unstable in acidic or near neutral, aqueous

solution, and therefore was not isolated.

The second part of this thesis details the synthesis of

bis-penicillaminato-N,S,0-cobaltate(III) complex and its stoichiometric

H
2
0
2
-oxidation resulting in isolation of Na[Co(S-PenS-N,S,0)-

(S-PenSO-N,S,0)] and Na[Co(S-PenSO-N,S,O)
2
]. The UV-visible, IR and

1H

nmr spectra of these cobalt(III) complexes are reported. Techniques

were developed and refined during the study which made possible the

separation and identification of the oxidation products, using anion

exchange chromatography and gel filtration. Determination of the

chirality of each sulfenato sulfur atom was made using applications of

circular dichroism. Structures for the several complexes are

postulated, based on the combined spectral results. The second-order

rate constants for oxidation of the thiolato and the sulfenato



complexes were measured under pseudofirstorder conditions.

By analogy with the results of the oxidation of Fe(III) and

Co(III) complexes studied, proposals on the mechanism and stoichiometry

of the reaction at the active site of the cysteine and cysteamine

dioxygenases are suggested.



Synthesis and oxidation of cysteine and penicillamine containing
Fe(III) and Co(III) complexes. Analogs for the active metal sites

of the cysteine and cysteamine dioxygenases.

by

Krys J. Miller

A THESIS

submitted to

Oregon State University

in partial fulfillment of
the requirements for the

degree of

Doctor of Philososphy

Completed January 22, 1981

Commencement June 1981



APPROVED:

Redacted for Privacy
Profes, or of Chemistry
in ch r of major

Redacted for Privacy

Chairman of Department of Chemistry

Redacted for Privacy

Dean of t actuate School(

Date Thesis is presented %10.4mveLnej 19031

Typed by Sandra L. Dow for Krys S. Miller



One never notices what has been done;
one can only see what remains to be done.

-MARIE CURIE (1867-1934)
French scientist



ACKNOWLEDGMENTS

I would like to extend my heartfelt gratitude to the Lord, for His
answers to my prayers, and realization of a personal goal.

I would like to dedicate this achievement to Dr. Franklin H.
Blood in memory of his good humor and enthusiasm and shared comraderi;

Dr. Krueger for his unceasing patience, understanding, and coping
with my illness, prolonged setbacks, and "ecstatic" discoveries; and

My parents, for their continual encouragement, monetary support,
and most of all their faith in me.

I would like to mention my "hugs and mugs" who were very influ
ential in my life that helped me pull it all together:

Jerry Moy, who set me straight,

John Ruppert, for your kindred spirit,

Dean Regier, for your sounding board guidance,

Jeff Miller and Ken Bomben, for sharing and caring,

Ellie Hinckley, Kathy Faes, and Heidi Pearson, for being here,

Members of the University Ward (1978-80) and Bishop Sterling and Raenae
Russell for your loving support and heartfelt prayers.

I also want to thank Tom Bailey for his efforts and sacrifices to
obtain my amino acid readouts, and Dr. Robert Becker of the Department
of Biochemistry for the use of his amino acid analyzer. Thanks to Dr.
Walter Baase, same department, for the use of CD equipment. And I
extend my appreciation to Dean Regier, Department of Agricultural
Chemistry and Dr. James White's group, Department of Chemisty, for the
loan of much needed equipment and materials which aided the progress of
my research. And last but by no means least, Jerry Allison, who helped
thwart the ills of construction and Murphy's Law. I'm also very
grateful for the selfless sacrifices and endless patience exhibited by
Rand and Sandy Dow in typing, editing, and helping me meet deadlines
and advancing me to 'expert' Star Trek commander.



TABLE OF CONTENTS

GENERAL INTRODUCTION 1

Enzyme studies 2

Oxidation of thiols 4

Objectives 8

PART 1: OXIDATION OF IRON THIOLATE SYSTEMS 10

Introduction 10

Ninhydrin Colorimetric Analysis 18

Experimental 20

Materials and Equipment 20

Procedures: Ninhydrin Colorimetric Analysis 20

Standard Amino Acid Analysis 22

Attempted Synthesis of Penicillaminesulfinic acid: 25

Method 1: Hydrolysis of Penicillaminedisulfide

Smonoxide 25

Method 2: Hydrolysis of Penicillaminedisulfide

S,Sdioxide 26

Method 3: Synthesis of Potassium Tris(Speni

cillaminatoN,S)cobaltate(III) 27

Synthesis of Potassium Tris(Speni

cillaminesulfinatoN,S)cobaltate(III) 28

Decomposition of K3[Co(SPenS02)3161120 29

Iron(III)thiolate system: oxidation reaction and

product workup 30

Method I 30

Method II 31

Quantitative Analysis 32

Results and Discussion 33

Method 1 and 2: Attempted Syntheses of PenS02H 33

Method 3: Synthesis and Decomposition of

33[Co(PenS02)3161120 34



Oxidation of the iron(III) thiolate system by 02 in

aqueous, methanolic solutions 36

1:2 Iron cysteinate system under variable pH

conditions 43

Quantitative survey of iron cysteinate solids 43

1:2 Ferric cysteinate system with hydrogen peroxide

oxidation 45

Detection of water soluble ferrous cysteinate species 48

Conclusion 53

PART II: SYNTHESIS AND OXIDATION OF BISPENICILLAMINATOCOBALTATE(III)

COMPLEX 56

Introduction 56

Circular Dichroism 62

Experimental 65

Materials and Equipment 65

. Circular Dichroism Spectra 66

Synthesis of K[Co(SPenS)2]'2H20 67

Synthesis of Na(Co(SPenS)(SPenS0)]'4H20 68

Synthesis of Na[Co(SPenS0)2] 72

Determination of k1,0 73

Determination of k1,1 74

Attempted Determination of k1,2 76

Results and Discussion 78

Spectroscopic Studies 78

Circular Dichroism 90

Kinetics 98

Conclusion 106

GENERAL CONCLUSION 109

REFERENCES 114



LIST OF FIGURES

Figure Page

1 Key reaction of thioloxidation catalyzed by 1

dioxygenase in biological catabolism.

2 Nomenclature of thioloxidation products. 6

3 Amino acid analysis readouts of external reference 23

standard and unknown product solution.

4
1
H nmr spectra fgr [Co(SPenS02N,S)3]

3
and 35

[Co(SPenSN,S)
3

] in D
2
0.

5 Product scheme for iron(III) cysteinate system in 51

Run (IV-5).

6 Proposed SN2 pathway of formation of coordinated 58

sulfenato and sulfinato complexes.

7 Absorbance of 3.4mL fractions collected from anion 70

exhange of product mixture.

8 UVvisible spectrum for 3.1 x 10
-4

M [Co(SPenS)
2

] 79

in H2O.

9 UVvisible sEgctra for 8.7 x 10-5 M [Co(S PenSO)(S PenS)] 80

and 6.9 x 10 N [Co(SPenS0
2

] .

10 Schematic representation of the orientation of_the lone 88

pairs of the cissulfur atoms in [Co(SPenS)
2

] .

11 CD spectra for [Co(S PenS)2], [Co(SPenS0)(SPenS)] 91

and [Co(SPenS0)
2
].

12 CD curve analysis of Ae([Co(SPenS0)(SPenS)]) 94

Ae([Co(SPenS)1] ), and Ae([Co(SPenS0)
2

] )

AsaCo(SPenS07(SPenS)] ).

13 CD curve analysis of Ae([Co(SPenS0)2]) 96

Ae([Co(SPenS)2] ).

14 Scheme for stepwise H
2
0
2

oxidation of [Co(SPenS)
2
]7 97

15 Threedimensional perspective view drawn for a Ac,t 105

complex with cis arrangement of sulfur atoms.

16 Plausible modes of oxidation at the active site of the 111

cysteine dioxygenase.



LIST OF TABLES

Table Page

Variations in standard conditions of 1:2 ferric: 39

cysteinate system

II Product yields with varying pH in 1:2 Fe:CyS mole ratio 44

III Additional iron cysteinate runs with change of solvent, 46

base, oxidant

IV Product yields in iron cysteinate system in H2O 49

V Correlation of the observed colors with species present 55

in the iron cysteinate system.

VI Nomenclature and abbreviations of [Co(S PenSO ) 61
x n

VII Visible and ultraviolet spectrophotometric parameters of 81

cobalt(III) complexes

VIII Carbonyl and sulfenyl infrared stretching frequencies 83

for cobalt(III) complexes

IX Proton NMR_spectra of [Co(S PenS)2] , [Co(SPenS) 85

(SPenS0)], and [Co(SPenS01 1 ] 7 and PenSH in D
2
0

,

X Most probable isomeric structures of [Co(SPenS
2

] 86

XI Rate constants for the oxidation of Ac,t 99

[Co(SPenS)
2

] at 20 ± 0.5 °C and pH 6.9.

XII Rate constants for oxidation of [Co(SPenS)(SPenS0)] 101

at 19,7°C

XIII Apparent rate constants for oxidation of [Co(S PenSO)2] 103

at 19.7°C



SYNTHESIS AND OXIDATION OF CYSTEINE AND PENICILLAMINE CONTAINING

Fe(III) AND Co(III) COMPLEXES. ANALOGS FOR THE ACTIVE METAL SITES

OF THE CYSTEINE AND CYSTEAMINE DIOXYGENASES.

GENERAL INTRODUCTION

Thiolcontaining amino acids and analogous thiols consist of an

interesting class of compounds which might undergo oxidation at sulfur.

It is a well published result that the thiol in the presence of 0
2

is

oxidized to the disulfide'. In biological processes, the key reactions

in the oxidative catabolism of thiols (e.g., cysteamine, cysteine) to

inorganic sulfate in mammalian tissues involves the enzymatic activity

of a single dioxygenase .

Figure 1. Key reaction of thioloxidation catalyzed by dioxygenase in

biological catabolism.
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CHCH

2
SH + 0

2

COO

cysteine
dioxygenase
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hypotaurine

a
Isolated from rat liver cytoplasm by Singer and coworkers

3
and later by

Yamaguchi and coworkers
4

.

b
Characterized by Cavallini and coworkers

5
from horse kidney cytoplasm.
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A dioxygenase is an enzyme that catalyzes tha reduction of molecular

oxygen in which all four equivalents of oxidation are converted to the

substrate. The cysteinesulfinic acid (alanine-3sulfinic acid) is a

major intermediate in this metabolism because in plants, bacteria and

animals there are several enzymes which rapidly degrade the added

compound to known end products.

Cysteinesulfinic acid, CyS02H, may undergo degradation which

requires the presence of aketoglutaric acid in an extremely rapid

transamination to produce 0sulfinyl pyruvic acid
6

. This substance,

with catalysis by a specific desulfinase, yields pyruvic acid and

sulfite. The sulfite is oxidized to sulfate by sulfite oxidase:

transamination
HOOCCHCH SO H HOOCIHSO2H

!in 2 2

"-2

cysteinesulfinic acid 0sulfinyl pyruvic acid

SO4
sulfite oxidase

desulfinase

SO + HOOCCCH
8

pyruvic acid

The higher oxidation product, 0sulfonyl pyruvate, is not metabolized by

tissues
7 and so cannot be an intermediate.

Although cysteine and cysteamine dioxygenases are distinct enzymes,

it appears that the mechanism of oxygen incorporation may be the same in

the two reactions. Under these biological conditions, there is no
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appreciable oxidation of the thiol to the disulfide or to a disulfide as

the intermediate. Cavallini et al.
5

demonstrated that the enzymatic

conversion of cysteamine to hypotanrine (2) involves the incorporation

of nearly two atoms of oxygen, originating from molecular oxygen rather

than water. Lombardini et a1.
3 demonstrated by the use of

18
02 and

H
2

18
0 that both oxygen atoms in the sulfinate group of the cysteine

dioxygenase reaction originate from molecular oxygen (1). Hence, the

conversion of CySII to CyS02H in liver did not involve a series of

dehydrogenations by a monooxygenase
a

reaction
8

. In addition,

experiments with [3-
14C]cysteine substrate failed to detect any free

intermediate between thiol and respective sulfinic acid
9

. Thus, a

single dioxygenase is responsible for the overall reaction.

The enzymatic action of the cysteine dioxygenase requires molecular

oxygen. It has been shown to involve ferrous ions, a reduced pyridine

nucleotide
10 (some type of modifier of the enzyme) and an unidentified,

heat unstable cofactor
9 (possibly forms an adduct with substrate) for

full activity. Each enzyme contains one mole of nonheme iron per mole

of enzyme either determined by atomic absorption for cysteine

dioxygenase or by analysis with ophenanthroline for cysteamine

dioxygenase.

The purified cysteamine dioxygenase enzyme has been studied by

electron paramagnetic resonance (EPR) spectroscopy
11

. The EPR spectrum

aIn contrast to dioxygenase, a monooxygenase, or mixed function

oxidase, incorporates just one oxygen atom from molecular oxygen

into the oxidized substrate, and the other oxygen atom is reduced

to water. In this case, NAD(P)H or some other redox system is a

required cofactor.
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exhibits a single absorption peak at g = 4.3, typical of iron(III) in a

field of low symmetry. The addition of substrate thiol in the absence

of molecular oxygen modifies the shape of the EPR derivative curve,

while other thiols do not. In the presence of the cofactorlike

compound, sodium sulfide, a new additional signal appears at g = 7.25.

These results indicate changes of environment of the ferric ion.

Admission of molecular oxygen to the enzyme completely reverses these

changes and restores the original signal. On the other hand, the EPR

signal is unchanged by admission of 02 in the absence of substrate.

In addition, the cysteamine dioxygenase is thought to have free

thiol groups as well as iron(III) present at the active site. The

enzyme is deactivated when iron chelating agents are added in the

presence of SH blocking agents
10

. It is clear from the effects of

chelating agents and from the EPR data that the environment around the

iron atom plays a key role in the functioning of both enzymes. The iron

is probably bound to cysteine sulfhydryl residues of the protein chain.

These supportive results implicate direct binding of iron to the

substrate thiol. This is strong evidence that iron must be the active

site and molecular oxygen must be having an effect at that site. With

this understanding, the active site of the dioxygenase must involve 1)

Fe(III) ion 2) protein cysteinyl thiolate and 3) oxidation occurring at

that site.

Oxidation of Thiols

The metabolism and biological function of thiols depend largely on

the fact that their SH groups readily oxidize. Thiols may be oxidized
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as far as the +4 oxidation state of the sulfur atom in the sulfonic

acid, RSO
3
H. Intermediates in the oxidation process are generally

reactive and usually not isolated. Disulfides are so resistant to

further oxidation that under mild conditions they are the major if not

only product.

In the presence of molecular oxygen, thiols do not autooxidize to

the disulfide at a significant rate without a catalyst. Traces of metal

ions, such as Cu
2+

and Fe
2+

are particularly effective12 . The complex

mechanism is speculated to involve RS' radicals but may be different

with various catalytic ions. In the absence of metal ions, the

disulfide forms from the thiol exclusively with hydrogen peroxide or a

variety of other common, laboratory oxidizing agents. It is proposed

that mild peroxide conditions generate the disulfide through the route

of the highly reactive sulfenic acid, RSOH. It reacts very rapidly with

another mole of thiol to yield the disulfide and water. Under forcing

conditions of oxidation, the thiol reacts with the oxidant via SS

fission generally to give the sulfonic acid product since all the

possible intermediates are more readily oxidized than the disulfide. An

outline of thiol oxidation products is shown in Figure 1 with brackets

indicating unstable species.

The oxidation products intermediate between disulfides and sulfonic

acids can be generated under specifically designed oxidation

conditions
13

. There are various references in the literature to the

detection of partial oxidation of cystine and the only fully

authenticated products besides cysteic acid were cystine Smonoxide and

cystine S,Sdioxide14 . These were isolated from peracid oxidations of
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cystine, although the sulfinic acid had been detected by paper

chromatography
15

.

Cystine Smonoxide is partly converted into CyS0
3
H by molar amounts

of aqueous peracid at 0°C, and there is little evidence for the

formation of other intermediate oxidation products unless chloride is

present, when good yields of the cysteine S,Sdioxide are obtained
14

.

An excellent preparative method for cysteinesulfinic acid is by alkaline

decomposition of cystine S,Sdioxide in the presence of iodine as a

catalyst

Aqueous solutions of the Smonoxide and S,Sdioxide are unstable,

and undergo hydrolysis especially rapidly above pH 7.

2 CyS(0)2SCy + H20 --CyS(0)SCy + 2 CySO2H (3)

3 CyS(0) SCy + H2O ----*2 CySSCy + 2 CyS02H (4)

Some of the chemical properties of the partial oxidation products

suggest the highly reactive cysteinesulfenic acid is a intermediate in

this alkaline hydrolysis
14

. Under strongly basic conditions, it is

possible to cleave the disulfide by hydroxide attack to the sulfenic

acid intermediate which disproportionates to the other oxidation

products (see Figure 2).

Another possible method for obtaining oxidation products beyond the

favored disulfide is to oxidize the thiol while it is coordinated to a

metal atom. As early as 1933, Schubert
17

reported detection of cysteine

sulfinic acid obtained from ethylenediamine decomposition of the

potassium salt of tris(cysteinesulfinato)cobaltate(III) (formed from
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the oxidation of parent tristhiolatocobalt(III) complex)
18

. In recent

literature, a series of [(en)
2
Co(SR)]

n+
complexes (SR, coordinated

thiolate) have been reported to undergo hydrogen peroxide oxidation to

the corresponding Sbonded sulfenato and sulfenato ligands.
19,20,21

These reactions involve direct oxidation of a thiolate bonded to the

cobalt(III) metal ion. Free sulfenic acids are very unstable molecules

and few have ever been isolated. It is noteworthy that coordination to

a metal ion greatly stablizes the reactive species. Free sulfinic acid

readily oxidizes and undergoes alkaline disproportionation to the

sulfonic acid and the disulfide, the stable oxidation products
13

. These

reports provide the first examples for the conversion of thiol to

sulfinic acid directly and substantiate that a metal ion is capable of

altering the reactivity of a thiol upon coordination. This mode of

metalthiolate interaction is not necessarily limited to systems

containing the cobalt(III) metal center and is speculated to occur in

Fe(III) thiolates
22

. The oxidation of coordinated thiolate is analogous

to the enzymatic oxidations in that the thiolate is converted to a

sulfinate rather than a disulfide.

Objectives

The main objective of the research presented here is to study thiol

oxidation of cysteine and penicillamine complexed to iron(III) and

cobalt(III). This could provide further information for an

understanding of the stoichiometry of and mechanism involved at the

active site of the thiol dioxygenase. Initially, the generation of
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sulfenato complexes and sulfinate species is undertaken with various

stoichiometries. Characterization and methods of detection are worked

out in some detail. Kinetics and mechanistic information for oxidation

by hydrogen peroxide and by oxygen of these complexes is presented.

Finally, the reactions of the coordinated thiolates and sulfenates are

examined to explore the possible connections between cobalt(III)

complexes and the iron(III) thiolate system and oxidation products.

The body ofthe thesis is divided into two major portions, Part I

and Part II. Each of the two parts is divided into sections labeled

Introduction, Experimental, Results and Discussion. Part I reports an

exhaustive study of the 02oxidation of the thiolate systems containing

the Fe(II)Fe(III) species. The attempted syntheses of

penicillaminesulfinic acid are also detailed. In Part II, the synthesis

of a new bispenicillaminatocobalt(III) complex and its corresponding

oxidation products are reported. In addition, the circular dichroism

and the kinetics of oxidation of these complexes are presented.
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PART I: OXIDATION OF IRON THIOLATE SYSTEMS

Introduction

The nature of thiol oxidation is well established and the necessity

of metal ions as catalysts in such oxidations has been demonstrated'.

Early work in iron(II) catalyzed reaction of cysteine, and related thiol

species, to the disulfide had concentrated on solution studies of the

rate of reaction of the oxidation. Since then much work has been done

in attempts to characterize the very labile, highly colored species

present in this system and to elucidate the mechanism. On mixing two

moles of cysteine hydrochloride, one mole of a ferrous salt and six

moles of potassium hydroxide in the absense 02, Schubert observed an

orange color indicating the formation of a soluble ferrous cysteinate

complex
23

. A violet coloration was noted by Schubert when a trace of

ferric ion was added to an oxygencontaining solution of cysteine at pH

8 to 9
24

. The color fades and disappears in the absence of oxygen.

Ferric ion, when added to an acidic cysteinate solution, produces a deep

indigo blue color which disappears quickly and cannot be restored by

oxygen. A red color in neutral or alkaline solution has also been

reported

Previous studies in this area have often been confined to

measurements of stability and stoichiometry in solution and there is a

great lack of detailed structural information for the colored iron

thiolate species. One of the main problems involved in investigating

these systems is that the complexes are very labile and redox active.

Tomita and coworkers26 have minimized this problem by chilling the
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reaction mixtures to 78°C at which temperature the complexes become

inert in the ethanolic solution. The nature of the ferric complexes

thus formed was dependent on pH, solvent and temperature. Electronic

spectral studies of cysteine and thioglycolic acid (HOOCCH2SH, tga),

complexes by these authors suggested the following structures for the

complexes. The blue, red, and violet species were S,0coordinated

complexes with mole ratios of iron to cysteine of 1:1, 1:2, 1:3,

respectively. It was suggested that the blue complex must also contain

coordinated water, since it will not form in the absence of water. In

aqueous, alkaline solutions, an equilibrium was postulated between red

1:2 and violet 1:3 complexes and the latter complex was the main species

in the presence of excess cysteine. The violet tris complex decomposed

into the red complex rapidly at room temperature.

the work of Tanaka and coworkers
27

, it was assumed the red complex was

By comparison with

[Fe(OH)(CyS)272 analogous to the predominant species in the

ferricthioglycolate system. The structures of these ferriccysteinate

chromophores are not firmly characterized. There is no evidence that

any of iron species discussed above is mononuclear.

Murray and Newman
28 embarked on a study of the synthesis, structure

and electronic properties of solid complexes formed between iron(II) and

thiolcontainingamino acids. Some of these compounds had been reported

by Schubert in the 1930's but only stoichiometries were given with no

description of bonding and structure
24

. Solid 1:1 complexes were

initially precipitated but with additional base dissolved and 1:2 (but

not 1:3) iron(II):cysteine solids were isolated which were extremely

airunstable and insoluble in water and other solvents. It was possible
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to make structural postulations from the spectral and magnetic

measurements, particularly when compared with those of related compounds

of known structure. Two forms of Fe(tga)2 were obtained, an

airunstable pale yellow form, an airstable orange /yellow form obtained

by warming the solution containing the yellow one. A single xray study

on the orange /yellow form has shown a polymeric structure containing

distorted [Fe0
4
S
2

] octahedra bridged by sulfur and oxygen atoms of tga

ligand
29

. The 1:2 Fe:tga complex most likely was a monomeric octahedral

structure containing two bidentate tga ions and two water molecules; a

similar structure has been proposed for a cobalt(II) analog in water
30

.

The 1:1 cysteine complex possesses a polymeric ligandbridged structure

to be compatible with the magnetic results. The 1:2 Fe:cysteine

derivative contains bidentate S,N ligand similar to that observed in the

crystal structure of Zn(CyS)
2 31
2

However, the magnetic behavior

suggested a polymeric structure bridged, most likely, by the sulfur

atoms. These authors postulate the following possible structures:

OH
2

N
\\ V

Fe

No \S/ OH2 N

NI /
Fe

0 ----C

1 N COO

Fe
N

00C N t S
1

1

1

S

_
00C N

1

1

1

1

Fe
1

N COO
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By varying the ratio of the moles of base to moles of Fe(II) in

water, Tomita
32

observed soluble Fe(II) cysteinate complexes with an

iron to ligand ratio of 1:2. In the pH range 3.5-5.0 a pale yellow

color was observed for the system. This solution turned bright orange

when pH increased to 6.9. Tanaka, et al., also report a slightly

colored (brownish yellow) solution at a pH near 8 for a 1:2 cysteinate

system
27

. Bell, et al., conducted a preliminary study of the ferric

compounds of penicillamine and reported a marked stabilization of the

'ferricthiol' chromophore at room temperature in solution
33

. As

mentioned earlier, there is adequate evidence for highlycolored labile

ferric cysteinate existing in slightly alkaline solution. It emerges

from these studies that numerous species, monomeric and polymeric, are

postulated in 1:1 and 1:2 thiolcontaining amino acid derivatives, both

in solid and solution phases. More definitive work is required with

other different physical techniques before any sort of informed

conclusion can be made about the structures.

With comparable molar amounts of iron(III) and thiol and in the

absence of 0
2

Tanaka, et al.
27

, and Overberger, et a1.
34

, have reported

that the violet color of the ferricthiolate system rapidly disappears

in a slightly basic medium. This bleaching (decomposition) of the color

is due to the redox reaction,

2 Fe(III) + 2 RS Fe(II) + RSSR. (5)

Subsequent treatment with oxygen regenerates the violet chromophore,

indicating that an oxidationreduction reaction between ferricferrous



14

complex is involved in the oxidation of the thiols by molecular oxygen.

The following kinetic scheme was demonstrated

Fe(III) + xRSH
kl

Fe(III) complex + (6)

Fe(III) complex + RSH
k
2

Fe(II) complex + RS' + le (7)

2Fe(II) complex + 2RSH +0
2

+ H

2RS'

k
3

2Fe(III) complex + 2RS' + H2O + 0H

k4

(8)

RSSR (9)

which involves rapid formation of a ferricthiolate complex (6), a slow,

ratedetermining reduction of the complex by thiol (7), and finally

rapid regeneration of iron(III) complex (8). Under oxygen,it appears

that the ferricthiolate complex concentration remained nearly constant.

It was stated assuming a steadystate concentration for [Fe(II)J, the

rate was given by: Rate = 2k2(Fe(III)J[RSH]. The stoichiometry of the

reaction (1 mole of oxygen oxidizing 4 moles of thiol) suggests that

oxygen is completely reduced to water. Thiol radicals appear to be

intermediates in the oxidation process.

The iron(III) catalyzed oxidation of cysteine by molecular oxygen

to cystine was found to be zero order in both cysteine and oxygen, but

was twothirds order in ferric ion. The twothirds order is explained

by Taylor and coworkers' proposal
35 that the ferric ion forms a complex

with either two or three cysteinate ligands.
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Fe
3+

+ 3CySH Fe
III

(CyS)
3

+ 3H
+

(10)

Fe
III

(CyS)3 ),Fe(CyS) + 2Cys
*

(11)

2CyS --------*CySSCy (12)

Fe(Cys) + 2CySH + 0.502--------Fe(CyS)
3

+ H2O

*
(CyS probably is CyS')

(13)

This reactive ferric cysteinate species (10) is in equilibrium with the

ironmonocysteinate complex and two cysteinyl species which combined

together to form cystine
11,12

. The final reaction is the formation of

the ferric cysteinate complex
13

. The maximum catalytic rate was

observed at pH 8.1. The pH effect is attributed to the Fe(III)cysteine

complex (by virtue of several species of cysteinate ligand) and/or the

amphoteric character of the cysteinyl intermediate.

The kinetics of the reaction of iron(II)cysteine complexes with

molecular oxygen has been studied
36

. It has been shown that at pH 6,

the main species present is a 1:1 complex and the rate is given by:

Rate
1

= k
1
'[Fel][0

2
] (L = cysteinate). However, at pH 9-10 the rate is

given by: Rate2 = k27[FeL2][02], and k2' 4 x k11. It was suggested

with the formation of an unstable ferrous oxygen adduct that a

threecentern system involving S, Fe, 0 was present leading to a facile

electron transfer to the ferric complex.

An alternative mechanism
1
proposed that the thiolate complex plays

a catalytic role in generating both RS' and 0
2

radicals:

V e II (SR)
x

02 41 eIIIkO RN
x

+ ^
2

(14)
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0
2

(0
2

...., III,,,
re tDa)

+ RS -------*0
2

2-
+ RS'

+ RSH --_____+ HO + RS')

...,
+ no'

(15)

(16)

(17)

(18)

2

+ -,,, .r. II,,,-.Az --ore kti,
x

2 RS' RSSR

The free radical mechanism illustrated shows the production of peroxide

ions, 0
2

2
. Pirie showed that addition of hydrogen peroxide to an

iron-cysteinate solution increased the rate of oxidation
37

. Schales

carried out this reaction with molecular oxygen in the presence of

luminol (5-amino-2,3-dihydro-1,4-phthalazinedione) and a very pronounced

chemiluminescence resulted
38

. The luminescent reaction will not occur

in the absence of peroxide ions. Neville reinvestigated the iron(III)

cysteinate system under the conditions for formation of the labile

violet iron(III) complex in the presence and absence of peroxide ion
39

.

Although his results substantiated Schubert's earlier work, he also

claimed the unexpected precipitation of cystalline cysteic acid in the

addition of hydrogen peroxide to dilute acidic or alkaline deareated

solutions of 1:1 Fe(II):cysteine solutions.

Previous studies in this area have often been focused on

determination of the kinetics and proposed radical mechanism of this

system generating disulfide as a product except Schubert's mention of

further probable oxidation to the sulfonic acid. In the absence of

catalytic amounts of metal ions, Xan et a1.
40

reported the unexpected

excess absorption of oxygen by mercaptans in alkaline, aqueous solutions

indicating a speculated oxidation of the disulfide formed to the

sulfonate. Likewise, Berger41 investigated the autoxidation (oxidation
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with molecular oxygen) of thiols in strongly basic, nonaqueous

solutions and observed oxygen uptake exceeding the theoretical

consumption expected if four moles of thiol were being oxidized by one

mole of molecular oxygen. This observation was shown to be due to the

formation of sulfinic or sulfonic acid. Although Berger proposes a

mechanism involving direct reaction of thiolate with molecular oxygen,

the sulfinate could arise simply from strong base attack on the

disulfide to give a reactive sulfenate (See Figure 2).

In aqueous solution, iodine oxidizes thiols. Providing that iodine

is not in excess, it gives in acid mainly disulfides and so it is used

in thiol assays. If iodine is in excess, there may be "overoxidation"

depending on the structural features around the SH group
'

. Danehy and

coworkers found that thiols containing a free 0carboxylate (e.g.,

cysteine) have the greatest tendency to be oxidized beyond the

disulfide
42

. The over oxidation of cysteine by iodine gives a possible

sulfenyl iodide intermediate which yields the reactive sulfenic acid

stablized by the 0carboxyl. Hydrolysis and disproportionation yield

CyS02H and CyS03H. In acidic (pH 2-5) solutions, Deutsch and

coworkers
43

also reported an over oxidation in the reaction of

neptunium(VI) and cerium(IV) with thiols.

Nevertheless, no research group has substantiated the

"overoxidation" products of cysteine in an Fe(III)thiolate system.

Recently, a mixture of one mole of iron(III) and two moles of

penicillamine and four moles of triethylenediamine, on aeration with

molecular oxygen, were reported to generate in solution the "stable",

violet ferricpenicilliminato chromophore (indicating metalsulfur
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bonding)
22

. With qualitative amino acid analysis of product mixtures,

the existence of overoxidation products was found in a slightly alkaline

aqueous medium for the first time. This reaction provides a closer

analogy with the dioxygenase conversion of thiol to sulfinic acid

product. In the dioxygenase, the active site must involve iron(III),

protein cysteinyl residues and molecular oxygen specifically.

An exhaustive study of the iron(IIIII)thiolate system was

undertaken to generate, detect and optimize the yield of sulfinic

species. First, several analytical techniques were employed to quantify

the products for determination of yields. Second, the synthesis and

purification of penicillaminesulfinic acid, PenS0
2
H, was attempted to

provide a known standard. The oxidation of penicillamine, PenSH, or

penicillamine disulfide, PenSSPen, with various laboratory oxidants

generated unfavorable purification conditions and undesirable

nonspecific products. A more specific pathway was designed in which the

only amino acid product would be the PenS0
2
H itself. Finally, a series

of ironthiolate reactions was conducted with penicillamine, and then

with cysteine, to measure the changing yields of the products (i.e.,

RSSR, RSO2H, H RSO
3
H) with variations of the conditions (i.e., pH,

solvent, stoichiometry, oxidant, free radical scavengers, etc.).

Ninhvdrin Colorimetric Analysis

In 1948, the first practical procedure for the chromatographic

separation of amino acids on starch columns was published by Stein and

Moore
44

. In this publication they reported a photometric method for the

quantitative analysis of the effluent fractions. Their procedure was
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based on the reaction of amino acids with reduced ninhydrin

(triketohydrindenhydrate) at pH 5; stannous chloride served as reducing

agent. The method was proved to be reliable and reproducible.

The determination of the amino acid materials after separation on a

chromatographic column requires a very large number of analyses. This

makes it necessary to use an effective method and automatic procedure as

possible. Since the method is quantitative for individual amino acids,

the procedure is used almost exclusively in column chromatography. A

number of modifications have been employed to improve the ease and

efficiency of the procedure.

Moore and Stein dispensed with the stannous chloride by using

reduced ninhydrin prepared with ascorbic acid
45

. This procedure

prevents precipitation of tin salts by the phosphate buffers. Solutions

of reduced ninhydrin are unstable in air; therefore, they must be

stored under nitrogen or prepared fresh every few days. Yemm and

Cocking prepared cyanideninhydrin solutions which were also stable
46

.

Rosen
47

modified the previous procedure which employs cyanide and

ninhydrin and avoided the necessity for the preparation of solutions of

reduced ninhydrin. This modification was intended primarily for the

analyses of eluted fractions of individual amino acids from

chromatographic columns.
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Experimental

Materials and Equipment: L(+)cysteine hydrochloride monohydrate,

A grade, was obtained from Calbiochem. Lcysteine, free base, and L

cysteinesulfinic acid monohydrate were obtained from SIGMA Chemical

Company. Lcystine, triethylamine, and 8hydroxyquinoline were obtained

from Matheson, Coleman and Bell. Cysteamine hydrochloride, D()peni

cillamine, Dpenicillaminedisulfide, and ninhydrin were obtained from

Aldrich Chemical Company. Ferric chloride hexahydrate was obtained from

Amachem. The ferric perchlorate hexahydrate and the ferrous perchlorate

hexahydrate were obtained from G. Frederick Smith Chemical Co. Pre

purified N
2

and 0
2
were used for purging solutions. The pH of solutions

was measured with a Broadley James Ag/AgC1 microcombination electrode

and a Chemtrix Model 70A digital pH meter. All other chemicals and

solvents were reagent grade unless stated otherwise.

Ion exchange resins used were BioRad AG 50WX4, hydrogen form,

200-400 mesh, and BioRad AG 1X4, formate form, 200-400 mesh. Amino

acid analyses, made on a modified Beckman Model 120B amino acid

analyzer, were supplied through the courtesy of Professor Robert Becker,

Department of Biochemistry, Oregon State University.

Procedures: Ninhydrin Colorimetric Analysis. The reagents used in

the modified ninhydrin analysis were an acetatecyanide buffer and

ninhydrinCellosolve reagent. Both were stable and could be stored

indefinitely at room temperature. 21.6 g sodium acetate trihydrate and

2.5 mg potassium cyanide were dissolved into 25 mL distilled water
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(containing 2.3 mL glacial acetic acid) and then made up to 100 mL

volume with distilled water. This buffer was adapted from Stein and

Moore. Its pH should be 5.3-5.4. Preliminary pH adjustments of

samples, e.g., effluent fractions were usually unnecessary, but pH of

reaction mixture was monitored as a precaution. The stable ninhydrin

reagent was adapted from Rosen method. Suitable ninhydrin was obtained

from Aldrich Chemical Company, GOLDLABEL. The Methyl Cellosolve

(ethyleneglycolmonomethylether) was percolated through a column of Woelm

Super 0 silica for the removal of contaminant peroxides. 1.50 g

ninhydrin was dissolved in 50 mL Methyl Cellosolve.

To a 1.0 mL aliquot of collected eluant containing a 0.02-0.40 gmol

of an amino acid, was added 0.5 mL cyanideacetate buffer and 0.5 mL

ninhydrin solution. The sample was thoroughly mixed and heated 15

minutes in a 100°C water bath. The maximal color develops after 10-12

minutes. Immediately after removing from the water bath, the sample was

diluted with 5.0 mL isopropanol:water (1:1, v/v) and shaken vigorously.

Furthermore, the stream of diluent was directed at the center of the

test tube so as to entrain a maximum of air. All samples, when removed

from the water bath, were deep red. The color faded rapidly when the

mixture was shaken and/or cooled. Fractions that were ninhydrin

negative were colorless, or faint lavender. Samples were allowed to

cool to room temperature to obtain minimum blanks, and placed in Beckman

1cm silica cells. The absorbances of the solutions were recorded at

570 nm using Cary Model 16 Spectrophotometer. All amino acid material

detected gave a purple color with ninhydrin; all colors were stable,

fading only 1-2% in 24 hr.
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Standard Amino Acid Analysis. To quantify the amino acid products

and other nitrogen species present, particularly RSO
x

, a diluted

aliquot of the solution workup was subjected to separation on a modified

Beckman 120 Amino Acid Analyser. One mL of unknown amino acid material

containing 0.2-4.0 gmole was diluted with 2.0 mL 0.20 M sodium citrate,

pH 2.20, a standard diluting buffer. 0.5 mL sample was extracted and

injected onto a single 6 mm x 32 cm cation exchange column containing

Dionex DC-6A amino acid analysis resin, sodium ion form. The sample was

subjected to a three stage gradient elution by increasing pH.

According to Professor Becker's standard procedure, the three

buffers employed were: A Buffer, 0.2 N sodium citrate, pH 3.24 for 16.5

minutes; B Buffer, 0.2 N sodium citrate, pH 4.12 for 14 minutes; and C

Buffer 1.0 N sodium citrate, pH 6.17 for 75 minutes. The qualitative

method of detection was a modified ninhydrin analysis of Stein and

Moore
45

. Their ninhydrin reagent used hydrindantin as the reducing

agent in DMSO. The ninhydrin enters the system at a mixing T at the

bottom of the column and the resulting solution flows through 50 feet

reaction coil at 100°C. As the solution enters the microflow silica

cells, the absorbances at 570 nm and 440 nm are recorded.

The areas of the peaks were determined by a Spectrophysics

integrator employing calibration of an external standard (eighteen amino

acids, 50 nmol of each per mL). An illustration of resultant readouts

of the external standard and unknown are shown in Figure 3. The

equation KF = Area /[ was used to determine the concentration of

identified amino acid present. KF is the ninhydrin color yield
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determined from the known standard.

Cysteic acid and, likewise, cysteinesulfinic acid are uncharged at

pH 3.4, therefore, were not retained. Under these conditions, they were

eluted rapidly in the void volume of the cation column. Conversely,

positively charged species, such as ammonium ion, were strongly held.

Attempted Synthesis of Penicillaminesulfinic acid, H
2
NCH(COOH)C

(CH3121122H: Method 1: Hydrolysis of PenicillaminedisulfideSmonoxide,

Pen S(0)SPen. The Smonoxide of penicillaminedisulfide, produced by

the performic acid oxidation of the disulfide, was hydrolyzed in basic

medium to disproportionate to the penicillaminesulfinic acid, PenS0
2
H,

and disulfide, PenSSPen. In a typical trial, the performic acid,

HC(0)00H, was prepared prior to oxidation by adding 1 mL of 30% H202 to

9 mL 88% formic acid. The mixture was allowed to stand for one hour at

room temperature and then cooled to 0°C in an iceNaC1 bath. In a 25mL

round bottom flask, 0.100 g penicillamine disulfide (PDS) (0.334 mmol)

was dissolved in 2 mL of 88% formic acid. With constant stirring, 0.34

mL HC(0)00H (0.34 mmol) was pipetted into the PDS solution. The

reaction flask was placed in an ice bath (-0°C) for 2.5 hours.

To remove the excess formic acid, the solution was gently

evaporated to dryness under vacuum leaving a transparent residue. This

product was dissolved in 10 mL of distilled water and the pH adjusted to

8.5 with 1.0 M NaOH. This mixture was stirred at room temperature for

24 hours to insure the completion of hydrolysis. 0.5 mL aliquot was

adjusted to pH 7.05 with dilute formic acid and was tested with 0.01665

M KI/I2. The solution rapidly decolorized the KI/I2, indicating the
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presence of PenS0
2

ion.

A 1.0 mL aliquot of product mixture was carefully loaded on to 35

cm x 10 mm anion exchange column containing BioRad AG 1X4 anion

exchange resin, 200-400 mesh, in the formate ion form. The ion exchange

of the components was conducted with 0.1 M NaCH02 with a flow rate of

0.6 mL/min. The eluant was collected in 12 mL volumes using an ISCO

Model 270 automatic fraction collector with constant time interval of 20

minutes. OnemL aliquots from each fraction collected were subjected to

a modified ninhydrin analysis for amino acids. The absorbances of the

resultant colored solutions were determined at 570 nm.

The sample was chromatographed into three ninhydrin sensitive

bands. The detected amino acid materials were assigned according to the

retention times of known standards of penicillamine disulfide and

cysteinesulfinic acid. Based on these standards, the separated bands

were assigned as NH
4

and PDS for first and second hour eluted band;

PenS02 forfor the fourth and fifthhour band; and trace PenS03 for the

seventhhour band.

The PenS0
2

fractions also tested highly sensitive to the

decolorizing of the KI/I
2

solution. To obtain the molecular acid, these

PenS0
2

Na
+

samples were combined and loaded upon a cation exchange

column containing BioRad AG 50A X4 resin, 200-400 mesh hydrogenion

form, with eluant of distilled water. Eluate was collected in a 500mL

round bottom flask until a negative ninhydrin test was obtained. This

solution was evaporated to dryness in vacuo at 40°C to remove the excess

formic acid formed in the previous step.

The solid was dissolved in 4 mL of distilled water then 4 mL of



26

isopropanol was added, which caused immediate cloudiness. 24 hours

later, sample was filtered via 0.8 mL fritted Buchner funnel. The

crystals collected were repeatedly washed with cold anhydrous ether (5 x

10 mL) .

Method 2: Hydrolysis of PenicillaminedisulfideS,Sdioxide,

PenS(0)(0)SPen. The S,Sdioxide of penicillamine disulfide was an

intermediate product in the synthesis of PenS02H, the former being

formed from PDS under the influence of hydrogen peroxide in the presence

of iodine as catalyst. In a standard reaction, the PDS was made prior

to oxidation from the thiol, penicillamine, PenSH. 2.42 g (16.2 mmol)

PenSH was dissolved in 20 mL of distilled water. The pH was adjusted to

7.0 with 3.0 M ammonia and reaction was stirred for 24 hours. The

precipitate formed was filtered and washed with 50 mL ethanol and then

50 mL anhydrous ether. Powder was vacuum desiccated overnight over

phosphorus pentoxide. Total yield 1.29 g, 54.0%.

1.29 g (4.3 mmol) PDS was dissolved in a 10 mL volume of HC1

solution (2.2 mL 33% HC1 + 8.8 H
2
0) and 50 mg ICI was added. The 0.92 mL

(9.2 mmol) 30% H
2
0
2
was syringed dropwise into the flask while the

solution was vigorously stirred. The browncolored solution resulting

from the liberation of iodine was left at room temperature for about 20

hours. A total of 300 mL acetone in 10 mL portions was added to the

solution and vigorously shaken again. The white precipitate was

filtered with acetone (100 mL) and ether (50 mL). The S,S dioxide of

PDS was recrystallized from water:acetone (1:10) and was dried in vacuo

over phosphorus pentoxide. Total yield 0.734 g, 57%.
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In 25mL round bottom flask, 0.722 g (22.0 mmol) PenS(0)(0)SPen

was dissolved in 15 mL of 1.0 M ammonia and left for about 1.5 hours at

35°C. The solution was then passed through a BioRad AG 50 WX4, 200-400

mesh, hydrogen ion form column (25 cm x 20 mm). After washing the

column with distilled water, all the fractions ninhydrinpositive were

collected and combined in a 100mL round bottom flask. This solution

was evaporated in vacuo at 40°C to approximately 1.0 mL and then 10 mL

acetone was added. Crystalline solid was filtered immediately and

washed with 25 mL acetone. Solid was dried in vacuum desiccator over

phosphorus pentoxide. This product weakly decolorized 0.1665 M XI /I2

solution.

Method 3: Synthesis of Potassium Tris(SDenicillaminatoN,S)

cobaltate(III), K
3
[Co(SPenS)

3
]. A 1.73 g sample (6.7 mmol) of

[Co(NH
3

)

6
]C13 was dissolved in 25 mL distilled water in a 100mL round

bottom flask. After the solution was deareated for 1.5 hours (N
2

bubbler), 5.00 g (3.35 mmol) Dpenicillamine and 6.07 g (10 mmol)

potassium hydroxide were added simultaneously to this solution. This

mixture was heated at 55°C-60°C with hourly monitoring of ammonia.

After ammonia was no longer detected ('24 hours), the mixture was

evaporated to half its original volume under vacuum. 75 mL of deareated

100% ethanol was added, causing immediate signs of precipitation of the

green potassium tris(Spenicillaminato)cobaltate(III) dihydrate. The

mixture was refrigerated under nitrogen for 24 hours to facilitate

complete precipitation. This mixture was rapidly filtered and washed

with loon ethanol (2 x 25 mL) and vacuum desiccated. Total yield 6.53 g
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(106 mmol). The UVvisible spectrum showed absorbance peaks at 580 nm

and 400 nm with shoulder at 360 nm.

Synthesis of Potassium Tris(SDenicillaminesulfinatoN,S)cobaltate

(III) hexahvdrate, K
3
[Co(SPenS0

2
1
3
1.6H

2
O. A 6.00 g (9.71 mmol) sample

of the green tristhiolatocobaltate(III), K3[Co(SPenS)3] was dissolved

in 10 mL of deareated H20. Under N2, a hydrogen peroxide solution

(14.14 mL 30% H
2
0
2

in 16.88 mL H
2
0) was added dropwise from a buret over

45 minute intervals while the temperature was maintained below 10°C.

Spectral changes were monitored to observe formation of the desired

oxidation product. The reaction was quenched in eight hours with 180 mL

of cold 100% Et0H after spectrum result showed an absorbance maximum

only at 323 nm. Immediate precipitation of a redorange amorphous solid

of the complex 113(PenS02)3].6H20 occurred; it was washed with 100%

ethanol (2 x 50 mL). The solid was dissolved in a minimum amount of

distilled water. Slow addition of cold absolute ethanol (100 mL) with

continuous stirring produced a uniform orangeyellow solid suspension.

After 25 minutes, the recrystallized powder which formed was removed by

filtration and washed with anhydrous ether (2 x 50 mL) and then was

dried in vacua over phosphorus pentoxide for 25 hours. Total yield:

4.50 (5.47 mmol), 56.3%. UVvisible spectrum displayed absorbance

maxima at 325 nm and 240 nm. Anal. Calcd. for

K
3
[Co(SPenS0

2
)

3
r6H

2
0: Co, 7.17; C, 21.92; H, 4.78; N, 5.11.

Found: Co, 7.39; C, 21.46; H, 4.74; N, 4.93.
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Decomposition of K
3
[Co(PenS0

2 3
1'6H

2
0 with Ethvlenediamine. Ten

mL of distilled water and 4.7 milliequivalents of BioRad AG 50 WX4,

50-100 mesh resins, potassium ion form, were placed in 50mL threeneck

round bottom flask and deareated for one hour at 60°C. 1.3 g (1.6 mmol)

of K
3
[Co(PenS0

2
)
3
]'6H

2
0 was dissolved into this flask with continual N

2

purging. 0.24 mL (3.1 mmol) neat ethylenediamine was syringed

immediately into this red solution. Mixture was stirred at 60°C for ten

minutes. CO
2

gas (from dry ice generator) was purged through the

solution at room temperature for 15 minutes to lower the pH.

This reaction mixture was filtered to remove any solid present

(i.e., unreacted K
3
[Co(PenS0

2
)

3
]) and the cation resin containing

Co(en)
3

3+
formed during the reaction. The bright red filtrate was

carefully placed onto a 6 cm x 10 mm anion exchange column containing

BioRad AG 1X4, 200-400 Mesh, in the carbonatebicarbonate form.

Elution sequence was conducted with 50 mL distilled water rinse followed

by 0.2 M NaHCO3 (pH 6.74). The eluate was collected in 12.0 mL volumes

(20 minute intervals) and fractions were monitored by ninhydrin

analysis.

The sample appeared to be split into four components in which the

waterwash fractions contained a colored species which was shown to be

Co(en)
3

3+
cation. The following three ninhydrinpositive bands,

identified by retention times and by decolorizing of 0.01665 KI/12

solution, were penicillamine disulfide, penicillaminesulfinic acid and

penicillaminesulfonic acid (0.8:3:1, respectively).

The PenS02 Na
+

fractions were combined in a 60mL round bottom

flask and sufficient amount of BioRad AG 1X4 resin 200-400 Mesh,
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hydrogen ion form, was added to provide adequate cation exchange to

obtain the molecular acid. Then the solution was filtered and the resin

was washed and filtrate was combined and evaporated to dryness to remove

the water and CO
2

gas generated from the acidification of the solution.

Iron(III)thiolate system: oxidation reaction and product workup.

An apparatus was designed that would accomodate the desired conditions

in which the experiment was to be conducted. A 50mL threeneck round

bottom flask was fitted with a septum at one neck to serve as source of

introduction of reactants under inert atmosphere. A hypodermic needle

was employed to introduce the inert gas into the flask. Another

aperture was attached to a bubbler to regulate the flow of gas through

the system. The third was adapted to a pH electrode.

A series of various experiments was performed in this laboratory

using routine designs to ensure reproducibility and precision in the

results. Method I. 10.0 mL of absolute methanol was pipetted into the

reaction flask. With stirring, 1.0 mL distilled water was introduced

into the alcohol. This 91% methanolic solution was deareated for one

hour. While under nitrogen, a weighed amount of solid thiol was

carefully dissolved in the solution. Then, the deareated base, usually

triethylamine, NEt3, was pipetted or syringed into the solution to yield

a solution pH 8.5 or greater. With the removal of the pH electrode, the

final reactant, solid iron(III) salt, was dissolved in the reaction

mixture with vigorous stirring. In less than two minutes, the N
2

purging was changed to rapid 0
2

introduction. The 0
2

was bubbled

through the solution for a 30 minute interval.
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The contents of the flask were filtered and the collected solid was

dissolved in 3.0 mL 6M hydrochloric acid resulting in a clear,

strawyellow solution. It was necessary to remove as much iron(II,III)

as possible because of probable interference in subsequent analysis and

colorimetric results. Solid 8hydroxyquinoline (oxine) was dissolved in

2 mL of pH 3 buffer (0.1 M NaC2H302; 5.55 M HC2H302) to provide 3.50

moles oxine per mole of iron (III) added. The oxine solution was added

to the product solution and pH was adjusted above pH 5.0 with

concentrated NaOH. The dark black mixture was digested for 30 minutes

at 35°-40°C to facilitate the coagulation of dark green Fe(C9H6N0)3.

The solid was filtered through diatomaceous earth and washed with

distilled water. Washings and filtrate were combined and diluted to a

total volume of 13 mL with distilled water.

Method II. Procedural changes were conducted to improve the yields

of products and to quantify the results. 10.0 mL of absolute methanol

was pipetted into the 50mL threeneck round bottom flask, and deareated

for one hour. The solid iron(III) salt was dissolved in 1.0 mL

deareated methanol removed from reaction flask and placed in 5.0 mL

syringe. Under N2, solid thiol was carefully dissolved in the remaining

9.0 mL of methanol. Generally, the iron(III)methanol solution was

syringed into the thiol solution. With continuous pH monitoring of the

solution, the NEt
3

was added dropwise from a syringe to raise the pH to

the desired initial value. A slow regulated flow of oxygen was bubbled

through the solution for 35 minutes.

The product suspension was filtered through a 15mL fritted

Buchner funnel and the collected solid was digested in 3.0 mL 1.0 M
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NaOH for 1 hr to facilitate the precipitation of red iron(III)

hydroxide. The solution was filtered to remove the iron precipitate.

The filtrate was placed in a 25mL beaker and the pH was lowered around

5.5 with 88% formic acid to precipitate the disulfide product. The

solution was stirred for approximately 15 minutes and then filtered

through a preweighed Gooch crucible. The collected white precipitate

and crucible were placed in a desiccator over calcium chloride and dried

to constant weight. The filtrate was diluted to 13 mL volume with

distilled water.

Quantitative Analysis. A 1.0 mL aliquot was extracted from the

13 mL volume and was diluted to 25 mL with distilled water. From this

solution, another 1.0 mL sample was taken and diluted with 2.0 mL 0.20 M

sodium citrate. This extract was subjected to amino acid analysis (See

Procedures: Amino Acid Analysis). The remaining 12 mL volume was

placed onto a 35 cm x 10 mm anion exchange column containing BioRad AG

1X4 resin, 200-400 Mesh, in the formate ion form. Elution with 0.1 M

sodium formate was conducted and 12 mL eluate fractions (over a

20minute period) were collected by using an ISCO Model 270 automatic

fraction collector. All fractions were subjected to modified ninhydrin

colorimetric analysis to determine the presence and quantity of amino

acid material. (See Procedures: Ninhydrin Analysis).
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Results and Discussion

Methods 1 and 2: Attempted Syntheses of PenS0
2
H. By analogy with

the synthesis of CyS(0)SCy and CyS(0)2SCy, the Smonoxide and

S,Sdioxide of penicillamine were obtained. The IR spectrum of the

S,Sdioxide shows three strong absorptions at 1475, 1235 and

1183(doublet), and 1021 cm
1

that are not present in the IR spectrum of

penicillamine disulfide. In virtually all alkyl and aryl sulfonates,

the symmetric S(=0)
2

stretch occurs in the region of 1415-1335 cm 1;

the asymmetric S(=0)2 at 1175-1150 cm
1

range, and S=0 stretch in the

1070-1030 cm
1

range Thus, the infrared spectral results support the

assignment of this solid as PenS(0)2SPen.

In contrast to the alkaline hydrolysis of the cysteine derivatives,

which yield the disulfide and sulfinate (eqns. (3) and (4)), the

PenS(0)SPen and PenS(0)
2
SPen underwent hydrolysis, slowly

disproportionating into the disulfide and sulfonate. This observed

inert behavior may be due to the steric hindrance of the methyl groups

of the adjacent 0carbons and prevents convenient hydroxide ion attack

on the adjacent sulfur atom (to generate reactive PenSOH and PenS02).

Therefore, hydroxide ion attack must take place at the thiolsulfonyl

atom generating the sulfonate and thiol species.

PenSPen + OH PenS OH + PenS

PenS0
3
H + PenS -------+PenS0

3
+ PenSH

PenS(0)
2
SPen + PenSH---4PenS0

2
H + PenSSPen

(19)

(20)

(21)



34

Method 3: Synthesis and Decomposition of Potassium Trispeni

cillamatocobaltate(III). The elemental analysis (Co,C,H,N) of the

product obtained from the reaction of six moles hydrogen peroxide with

one of the green trispenicillaminatocobaltate(III) complex agreed fairly

well with values calculated for K
3
[Co(SPenS0

2
)
3
7.61

2
0 The simple

1
H

nmr spectrum exhibited in D20 a singlet at 3.33 and another at 3.41 ppm

from HOD for the methyl protons and a singlet for the methine proton at

1.6 ppm from HOD in the
1
H nmr spectrum. Green solid obtained in D

2
0

displayed in the
1
H nmr spectrum a singlet at 3.28 ppm and another at

3.54 ppm from HOD for the methyl protons and multiplet at 1.73 ppm from

HOD with expected 6:1 ratio. (See Figure 4) Within a given

penicillamine ligand, the two methyl groups are diastereotopic (see

Table IX). The proton nmr signals of K3[Co(SPenS02)3)*6H20 indicate

that the protons of one penicillamine ligand are magnetically equivalent

to the corresponding protons of the other ligands. This is additional

evidence for three penicillamine ligands of bidentate coordination.

The decomposition of the tris(sulfinato) species with

ethylenediamine gave only an estimated 10-12% product recovery. But

approximately 60% of this small yield was the desired PenS02 species.

The solids obtained after acidification of assigned PenS0
2
Na

+

fractions were only slightly sensitive to KI-12. In the attempt to

obtain the molecular acid, the sodium salt of PenS0 disproportionated

to the disulfide and sulfonic acid. The PenS0
2
H product was present

only in trace amounts (3-5%). In solution, PenS0
2

ion is a transient

species particularly in acidic medium (pH < 4.0) but appears to be

reasonably stable in alkaline or near neutral conditions. The molecular
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S, ppm from HOD

Figure 4. 1H nmr spectra for (I) the yellow complex of

(Co(SPenS02N,S)3]3, and (II) the green complex of

[Co(SPenSN,S)3]3 in D20 (HOD as reference).
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acid decomposes either by reacting with itself or by hydrogen ion

promoted disproportionation. Therefore, the standard elution time of

penicillaminesulfinic ion was established instead by the sodium salt and

comparative elution interval of known standard of cysteinesulfinic acid.

Oxidation of the iron(III)thiolate system by 0
2

in aqueous,

methanolic solutions. Initially, a series of various experiments was

designed to establish the parameters and conditions that determined the

yield of RSO
x

(See Experimental, Part I). In Method I, 0.85 mmol thiol

was deprotonated with 1.61 mmol base in 91% methanolic solution. The

thiolate monoanion was the principle species in this solution with a

mixture of S and NH
3

+
forms present. The expected order of ligand

donor atom binding to the iron center would be S > 000 > NH2.

On the addition of the solid ferric salt or a ferricmethanol

solution, the reaction mixture turned a deep purple color indicating

Fe(III)thiolate bonds which disappears rapidly to white and tan

precipitates in the absence of O. Color change is due to the internal

redox reaction (eqn. 5) generating a mixture of the ferrous thiolate and

disulfide. On admission of 0
2'

the purple color was regenerated but

gradually fades with continued aeration leaving behind either a black or

dark brown precipitate which was subjected to product workup as

described in Part I Experimental, Method I. The oxidized solid when

dissolved in base readily formed an insoluble, red ferric hydroxide

within a reasonable length of stirring.

In Method II, the ferric solution in methanol was syringed into the

deareated, acidic solution (100% methanol) of the thiol producing a deep

Kelly green which disappeared in a short time and was not restored by
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oxygen. (In deareated water, the transient color observed was deep

indigo blue.) Then, the pH was adjusted by the addition of NEt3 to the

clear, acid ironthiol solution. Between pH 2.5-3.5, a visible

precipitation of white solid was observed in the ironcysteinate system

(possibly, cystine from the redox reaction). From pH 4.0-7.0, the

precipitation continues to take place except the solid was

lightlycolored brownish yellow. On the admission of 0
2'

the reaction

mixture turns intensely dark purple and fades gradually to a visible

purplish or grayish black solid which partially dissolves in water

losing its black color. This solid was treated to product workup as

described in Part I Experimental, Method II. On addition of the base to

this solid, a voluminous green solid was observed which eventually

precipitated red hydroxide solid under 0
2

aeration (i.e., evidence for

complexed Fe(II) in the oxidized solution and solid.)

The principle oxidation products are cystine and CyS02 plus CyS03

(represented as eyS0
x
). Typically, CyS0

3
was 10-13% of the total

yield of CyS0x in Method II and 3-6% in Method I. The cystine

recovered in these experiment was produced by either ironcatalyzed

autooxidation in the presence of molecular oxygen to give disulfide,

4CySH + + H2O (22)

or direct oxidation by iron(III) to generate CySSCy,

Fe(III) + + 1/2CySSCy + 114- (23)



38

Both reactions proceed via le oxidation of CySH to give the cysteinyl

radical, CyS, which dimerizes to give disulfide. It is likely that that

hydroxyl radical is present in the autoxidation process. The attack by

OH' on CySSCy and/or CySH also can generate CySOH which

disproportionates to give the sulfinate. In the near neutral pH range,

the OH' contribution to the (RSO
x

] is approximately 0.5% which

results from product work up. (See Run (12) in Table I). Thus, some of

the CyS0
x

observed arises from OH' reaction, but most must be produced

by another route.

Obviously, if one of the essential reactants (i.e., thiol, ferric

salt, base) was absent, the sulfinate species was not detected. Table I

lists runs that were initiated to determine the generation of the

sulfinate. Run (I-12) with a mixture of Fe(II)/Fe(III)/CySSCy was

conducted to quantify the contribution to the CyS0
x
peak from reactions

involving cystine including the product workup stage. The 0.5% to the

yield of CySO: was CyS03. With Method II, the low iron(III) of Run

(I-10) introduced to the thiolate solution acts as a catalyst in the

redox reaction so the Fe(III) was completely reduced to Fe(II) in the

presence of excess thiolate (conditions favored the redox reaction).

Under 02, reaction yielded a light lavendar solid. With Method I, the

trace amount of ferric ions was introduced into a basic solution with

1:40 ratio of iron to cysteinate. Under N2, the reaction solution

turned immediately purple associated with the 1:3 ferriccysteinate

chromophore. On admission of 0
2'

the characteristic color rapidly

disappeared. The yield of CyS0x (1.9 -4.7%) depended on the length of

time under N
2
before 0

2'
The better yields were obtained with the



Table I. Variations in standard conditions

39

of 1:2 Ferric cysteinate
system.

Reactants Products

Run Method Conditions Fe(III)a CySHb 2xCySSCyc CyS0; %CyS0;

mmol mmol mmol mmol

1 (I) l:le 0.855 0.856 0.668 0.054 6.8

2 (I) 1:2e 0.428 0.854 0.673 0.056 6.5

3 (I) 1:3° 0.286 0.856 0.739 0.035 4.1

4 (II) pH 4.0 0.429 0.854 0.757 0.053 6.2

5 (II) pH 5.6 0.430 0.854 0.699 0.091 10.7

6 no Fe(III) 0.854 0.764 -0 0.0

7 no base, pH 0.45 0.436 0.854 0.699 0.006 0.67

8 (I) low Fe(III) 0.020 0.854 0.426 0.016 1.9

9 (I) low Fe(III) 0.021 0.854 0.387 0.040 4.7

10 (II) low Fe(III) 0.020 0.854 0.704 0.005 0.64

11 reverse add'nf 0.440 0.860 0.747 0.013 1.5

12 Fe(II-III)/CySSCy Fe(II) 0.212 0.840 0.802 0.004 0.45

(pH 9.5) Fe(III) 0.209

13 (I) pH 4.0,2.5 DTTg 0.428 0.854 0.272 0.059 6.9

14 (II) pH 4.0, DTTg 0.868 0.855 0.529 0.037 4.4

15 (II) pH 5.6, DTTg 0.425 0.856 0.600 0.047 5.5

a0.197g ferric perchlorate hexahydrate (0.427 mmol).

b0.150g cysteine hydrochloride monohydrate (0.854 mmol).
cThe cystine was recovered gravimetrically and detected from

amino acid analysis, reported as thiol.

d100x mmol CyS01 /mmol CySH present initially.

eThe starting pH of this solution was 8.5. On addition of

ferric ion gave resultant pH near 4.0.

fThe iron(III) salt was dissolved in alkaline methanol and the

dissolved thiol added to that mixture.

gDTT = 0.428 mmol dithiothreitol.
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minimum lapse of time before 0
2

admission after the appearance of the

purple color. (Under these conditions competition between the redox and

the overoxidation reactions favored the overoxidation).

In Runs (I-1)(I-3), the mole ratio of Fe(III):CyS was varied 1:1,

1:2 and 1:3. The yield of CySO: was independent of increasing thiolate

concentration. In Runs (I-13)(I-15), the added DDT (Dithiothreitol,

C
4
H
10

0
2
S
2

) converts the cystine formed back to cysteine resulting in a

cyclic disulfide of DTT which is highly watersoluble solid and not

readily oxidized directly by air. Even though DTT itself complexes with

iron, the percentage yields of CyS0
x

are comparable with the nominal

yields. In either method of introduction, failure to add the base

results in little or no complex formation characterized by no generation

of the purple chromophore and, likewise, no detection of CyS0
x

Therefore, the generation of the CyS0
x

species was dependent on the

concentration of ferric ion present that was coordinated to thiolate

ligand, rather than the concentration of available cysteinate.

Free sulfenic acids are very unstable molecules and will react with

the free parent thiol to produce the corresponding disulfide.

Coordinated CySO will not react with coordinated thiolate by analog

with the cobalt(III) work (see Part II Discussion); but it will react

with additional oxidant (e.g. H202) to give CyS02. In addition, it is

a well known fact free sulfenic acid disproportionates rapidly to the

sulfinate and disulfide. So, the production of coordinated or

dissociated CySO is essential for the formation of CyS0
x

In Method II, the composition of the solution prior to oxidation

has one mole of ferrous ion to one mole CyS and half mole of disulfide.
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The yellow precipitate ferrous cysteinate solid is

potentially a polymeric aggregate, but, initially, at least can be

dimeric and contain a bridged ferrous cysteinate "cluster" (i.e.,

Fen<S> Fen). The four atom unit, Fe
2
S
2

, is the likely center of

activity and has the capability of transferring from 1 to 4 electrons in

any combination (e.g., twoe oxidation in which two ferrous ions oxidize

to two ferric ions). On oxidation in Method II,

[Fe12(SCy)2ln + 0
2

+ 2HNEt
3 2

0
2

+ [Fe
2

(Sy)
2

]
n+2

+ 2NEt
3

(24)

the [Fe2
II

(CyS)
2

]

n
represents the active four atom "cluster", where n is

the charge on the dimer which is presumably 0 in the pH 4.0 6.5

region. Triethylammonium ion (HNEt3 is the probable proton donor in

this system. The hydrogen peroxide generated would then in turn react

with an available Fe(III) coordinated thiolate generating the

Scoordinated sulfenate ligand (25).

[Fe2(SCy)2]m + 11202* [Fe2(SCy)(S(0)Cy)lm + H2O (25)

The charge on the ironcysteinate "cluster", m, is equal to 1 or 2

depending whether one or both of the irons in the cluster are formally

in the ferric state. The oxidized product solid appears to be an

insoluble mixture of CySSCy and Fe(II)Fe(III)cysteinate mixture. A

Mossbauer spectrum obtained for a typical product solid (Method I)

showed the presence of both iron(II) and iron(III) in significant

amounts. Also, addition of NaOH to the solid of Methods I and II a
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green Fe(II)hydroxidelike solid was observed which readily air oxidized

to the red ferric hydroxide.

The formation of the FeS(0)Cy is the critical step for the

production of CyS0
x

species in this ferricthiolate system. Since the

CyS0
x

was isolated from the product solid, but was not found in the

product solution, the species must remain part of the coordination

sphere or structure of the insoluble, oxidized iron precipitate. In an

attempt to verify the presence of coordinated sulfenate, a Knr pellet of

the oxidized solid was prepared and its IR spectrum was obtained. (See

this section, iron cysteinate in H20.) From reported organic and

coordinated sulfenates usually shows a characteristic strong feature in

the 1050-930 cm
1

region of the IR spectrum
48

. The sulfenate species in

the 1:1 iron:cysteinate system should display a representative S=0

stretch even though it is approximately one tenth of the product. In

general, the spectrum strongly resembles the cystine spectrum with

changes that might arise from possible coordination. There is a peak at

913 cm
1
which does not appear in cysteine. Also, there is considerable

extra intensity in the 1050 1080 cm
1

region. This suggests the

existence of a coordinated sulfenate (or CyS02) in the ironcysteinate

solid.

CyS0
2

can be generated in the solid: 1) by additional oxidation

of the coordinated sulfenate by H201 or any other active oxidant

present, and 2) by adjacent disproportionation with neighboring Sbonded

sulfenates in the solid phase, or in the basic conditions of product

workup. Likewise, the free sulfenate from the workup degradation of the

solid can be converted to the sulfenate by residual oxidant, air or by
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disproportionation.

1:2 iron cysteinate system under variable pH conditions. Another

series of experiments was conducted to determine the pH range in which

the CyS0x was generated and to find the optimal yield of CyS0x under

those conditions. With pH monitoring in Method I, the basic thiolate

solution initially had a pH of 8.5. On addition of the ferric salt

(either as solid or solution), the pH dropped to 4.0 with the purple

chromophore persisting at that pH. With Method II, the pH was adjusted

by varying the amount to base added. Although the purple chromophore

was not observed until the admission of 0
2'

comparable yields were

observed at nearneutral pH as well as at pH 4.0 (see Table II).

There is no discernible trend or optimal pH in the pH range 4 to 9.

It was observed during typical runs that the pH continued to decrease

slightly after the initial pH was established. Below pH 4, there is no

purple coloration indicating no active complex formation which supports

the necessity of coordination of at least one Sbonded thiolate to

ferric ion to generate the CyS0
x

. Above pH 9, ferric hydroxide

formation was prevalent; therefore, these runs were not subjected to

amino acid analysis because of visibly little production of the purple

chromophore.

Qualitative survey of iron cysteinate solids. The light yellow,

unoxidized solid formed on raising the pH to 5.6 with triethylamine in

methanol (Run (III-1)), was collected on a Biichner funnel and exposed

to air. The solid turned black with a purple cast and remained that way

throughout the exposure. The CyS0x yield was only 1.1%, probably due

to limited contact of the oxidant with material trapped within the
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Table II. Product yields with varying pH in 1:2 Fe:CySa mole ratio.

Run Method pH, Conditions 2xCySSCy

mmol

CyS0x

mmolx

%CyS0x

1 I 4.00, 91% Me0H
b

0.656 0.038 4.4

2 I 4.00, 91% a 0.673 0.056 6.5

3 II 4.00, 100% " 0.504 0.063 7.4

4 II 4.17, " a 0.622 0.048 5.6

5 II 4.00, II II 0.767 0.053 6.2

6 II 5.6, II II 0.699 0.091 10.7

7 II 6.6, II II 0.676 0.089 10.5

8 II 5.6, a a 0.775 0.039 4.6

9 II 5.6, II II 0.751 0.034 3.9

10 I >8.6, 91% " 0.686 0.039 4.6

11 II 0.45, 100% " 0.699 0.006 0.67

a(Fe3 +] = 0.426 0.432 mmol Fe(C104)3'6H20; [CyS] =

0.854 0.856 mmol CySH'HCPH20.

b
Cysteine, free base
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solid. In tbutyl alcohol, the dark purpleblack solid formed by Method

I was only partially soluble under N2. Therefore, the solid was studied

in this voluminous suspension which remained intensly black throughout

aeration. The CyS0x yield was 4.3% (see Run (III-2)). At higher pH

(Run (III-3)), the yield was lower exhibiting similar characteristics to

reverse addition conditions (see Run (I-11)). The species present at pH

9.1 formed a redbrown suspension with only a trace of blackpurple

coloring associated with the active species (i.e., loss of possible

source of Fe(III) to the insoluble ferric hydroxide or hydroxobridged

polymeric ironcysteinates).

With Method II in tbutanol, prior to raising the pH to 5.6, the

ironcysteine solution was a persisting dark green color, unlike the

methanol system in which the color fades immediately. With the addition

of base, the solution was an intensely colored and turbid suspension;

with the admission of 0
2

, the solution precipitated a voluminous dark

purple solid. The final oxidized solid was grayish green. On product

workup, the CyS0x yield was 2.1% (see Run (III-4)). Interesting

evidence from the tbutanol runs was that the system favored the

formation of iron(III) hydroxides and/or possibly bridged hydroxo

ironcysteinates and readily formed the red iron(III) hydroxide on

treatment with base (i.e., little formation of an inert Fe(II)

cysteinate species). Also, the low yields of CyS0x were due to the

nature of the precipitate formed initially in tbutanol and not a

chemical effect by the solvent.

1:2 Ferric cysteinate system with hydrogen peroxide oxidation. The

hydrogen peroxide experiments reported in Table III were conducted under
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Table III. Additional runs with change of solvent, base, oxidant.

Run Method pH, Conditionsa 2xCySSCy CySO %CyS0x
mmol mmol

Solid, 0
2

1 II solid, air 0.763 0.014 1.1

2 I 4.00, tbuOH, 91% 0.688 0.037 4.3

3 I 9.1, It It 0.748 0.015 1.8

4 II 5.6, a n 0.763 0.017 2.1

5 II 5.6, Me0H, NaOH

ff29.2

0.760 0.031 3.6

6 I 4.0, Me0H 0.388 0.108 12.6

7 I 4.0, Me0H 0.349 0.210 24.6

8 II 4.0, tbuOH 0.403 0.191 22.3

9 2.0, H20, Fe(II)b 0.792 0.024 2.9

H202,CvSSCv, no CySH

10 I 4.0, Fe(II III)° 0.698 0.023 2.7

11 II 6.3, Fe(IIIII)c 0.763 0.046 5.4

12 II 6.5,Fe(III),tbuOH 0.659 0.001 0.11

13 II If ft Me0H 0.018 2.0

= 0.426-0.432 mmol;a[Fe3+]
total [CyS]

total
= 0.854-0856 mmol as

[CySH]o or [2xCySSCy]o. These are the initial concentrations of

iron(III) and thiolate present unless otherwise specified.

b
(Fe

2+
] = 0.001 mmol Fe

II
(NH

4
)
2
(SO

4
)

2'
No Fe(III) present initially.

c
[Fe

2+
] = 0.426 mmol Fe(C10 )'6H

2
0 with 20% Fe

3+
contaminant.
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the identical methods as the molecular oxygen trials. The

Fe(III):CyS:H
2
0
2

ratio was theoretically 1:2:4. On the slow addition

of the 30% 112 0
2

under method I, the purple color of the solution with

simultaneous precipitating of a white solid persisted until only one

mole of 112 0
2

was used. The oxidized solid was a grayish brown

precipitate after the addition of the other mole of 11
2
0
2

. On product

workup, the base treatment yielded immediately the red hydroxide (i.e.,

no evidence for ferrous species). The yield of CyS0
x
was two to five

times greater than that of the 0
2
oxidations. The ratio of

CyS02:CyS03 was 7.6:1 (or 13% CyS03).

To ascertain the contribution to the CySO: by 11102 oxidation of

disulfide to the reactive CySO species, a few runs were conducted with

disulfide and 112 0
2

in the presence of iron(II) and iron(III) (see Runs

(III-10) (III-13)). With addition of an iron solution (SO% Fe(II);

20% Fe(III) to the disulfide, the reaction mixture turned crreen, then

immediately a brownish white suspension was formed under N2. In Method

II, on raising the pH, a brownish white suspension was also formed. The

addition of 112 0
2

to either solution generated an orange solid. There

was no visible purple coloration throughout the oxidation step, and no

indication of ferrous ion present in product workup. The contributions

to CySO: were estimated at 11 225 of the total yields of Run (III-7)

Nevertheless, the majority of CyS0
x

came from the H
2
0
2

oxidation of

coordinated thiolate to iron(III) (i.e. presence of purple color).

Neville
39 reported the immediate precipitation of cysteic acid on

the addition of hydrogen peroxide to a solution containing (Fe(II) and

cysteine in a 1:2 mole ratio in 0.01M HC1. Since cysteic acid is highly
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water soluble, its precipitation seemed very doubtful. This experiment

was repeated combining 0.10 mL of 0.01 M Fe II (NH
4

)

2
(SO

4
)

2
solution with

10.1 mL of 0.01 M HC1 solution containing 8.53 x 10
-4

moles of

CySICHCl'H20 under N2. With the introduction of 3.0 mL of 3% H202, an

immediate cloudiness was observed. In (Run (III-9)), the precipitate

analyzed as cystine; and the solution contained only 2.3% CyS03 (no

CyS0
2

within detectable limits). Results from three such runs showed

that the solid that forms is in fact, cystine, as expected under these

conditions. Thus, Neville's claim of precipitation of cysteic acid is

erroneous. (He gave no experimental evidence to support his claim).

However, cysteic acid is produced in solution in small, but significant

amounts.

Detection of water soluble ferrous cvsteinate species. On product

workup, it was discovered that the oxidized solid (e.g. the dark gray

or black precipitate; see iron(III) thiolate system in Methods I and

II) was soluble in distilled water leaving a visibly red, insoluble

solid. Tomita reports the presence of soluble ferrous cysteinate

chromophores in his experiments
26

. Therefore, the deareated methanol

was carefully decanted from the unoxidized solids (e.g. grayish or

brownish yellow colored) formed while raising the pH greater than 5.2

under N
2.

Then, a few mL of deareated water was added to the solid with

immediate dissolution of that solid leaving a deep yellow colored

solution with a small amount of light yellow solid. These results

indicated that an active ferrous cysteinate species must be soluble in

water and insoluble in alcohol.

Table IV lists runs that were conducted in distilled water with
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Table IV. Product yields in Iron cysteinatea system in H
2
0.

Run Method pH, Conditionsa 2xCySSCy CyS0x %CyS0x

mmol mmol

1 I 4.0, Fe(IIIII)c 0.762 0.020 2.4

2 2.0, H2O, Fe(II)
b

0.698 0.023 2.7

3 II 5.6, H
2
0, Fe(III) 0.798 0.009 1.1

4 II 6.2, H
2
0, Fe(III) 0.713 0.090 5.7

5 II repeat 16, solid
a

d
0.335 0.032 3.8

IIft
sol' flbd 0.0 0.0019

PIP II solid
c

d
0.223 0.045 4.6

6 II 9.8-6.5,Fe(II)e,filtrate 0.0014 0.0 0.013

n " solid 0.363 0.02 4.8

7 II 5.2-6.0,Fe(II)e,filtrate 0.084 0.0 0.025

II II solid 0.370 0.0 0.035

8 II repeat 16,FeC1361120 0.683 0.049 5.7

a[Fe3+]t = 0.426-0.432 mmol; [CyS = 0.854-0856 mmol as
[CySH]o °OP [2xCySSCy] . These are the initial concentrations of iron
(III) and thiolate present unless otherwise specified.

b[Fe2+] = 0.001 mmol Feii(NH
4

)
2
(S0

4
)
2'

c[Fe24] = 0.426 mmol Fe(C104)'6H20 with 20% Fe3+ contaminant.

dSolid
a
and solid

c
are defined by the scheme in Figure 5.

e[Fe2+] = 0.432 mmol Fe
2+

from oxidation of iron powder.
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variable pH conditions. In methanol, any pH > 4 run gave a nominal

yield of CySO: (i.e. slightly greater yields at higher pH). But in

distilled water, these yields were dependent on the pH of the solution.

At pH 5.2 there is no detectable CyS0x; at 5.6, 1.1%; and at 6.2,

5.7%. This effect corresponds to the extent of soluble, active ferrous

cysteinate complex formation, supported by the yellow color which is

absent at pH less than 5.2 but very intense at pH 6.2 or greater.

An experiment (Run (IV-5)) was constructed that separated the

unoxidized yellow solid from the yellow solution as illustrated in

Figure 5 under Method II conditions. According to the results reported

in Table IV, each resulting solid yielded comparable amounts of CySSCy

and CyS0x. Even though a soluble ferrous cysteinate species (i.e.,

yellow solution) reacts with 02, the CyS0
x

species is still trapped in

a precipitate (i.e., solid
a
). This experiment was repeated with ferric

chloride hexahydrate instead of the usual ferric perchlorate hexahydrate

to obtain the solid for IR analysis. Consequently, instead of obtaining

a yellow solid and yellow solution by pH of 6.2, there was no evidence

of precipitation, only a yellow solution, even at pH 8.2. The IR

spectrum of the solid after oxidation supports the proposal of a

coordinated and/or trapped sulfenate (see this section, Ironthiolates).

Also, the absence of a white precipitant at pH 2.0-4.0 under Method II

indicates a partial coordination of the dissolved disulfide. The

FeC1
3
'6H

2
0 experiment was repeated at pH 6.2 producing a dark purple

solution on admission of 02. Within four minutes an instantaneous

precipitation of grayish white solid appeared. The purple color of the

solution faded in 10 minutes. After 35 minutes of aeration the solid



Fe(III) + 2CySH
N
2 Fe(II) + CySH + i CySSCy + H

+

H
2
0

'

pH 2.0

N
2

NEt
3

pH 5.6

yellow solid
c

+ yellow sol'nb

02 021

light purple solidc purple sol'nb

7-8 min

flay yellow solid
c

35 min 0
2

5 min

clear sol'nb gray yellow solid
a

Figure 5. Product scheme for iron(III) cysteinate system in Run (IV-5).
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was a light yellowish orange. The CyS0x yields for both, run (IV-8)

and the run (IV-4) (i.e., Fe(C10
4

)

3
'6H

2
0) were 5.7%.

Also, the results demonstrate the partial H2O solubility of CySSCy

in the presence of ferrous cysteinate at pH 5-6 (at which it should have

precipitated) by the detection of the disulfide in the product workup

from the Yellow solution. This suggests that the H2O soluble species is

possibly a mixed ferrous cysteinate disulfide (e.g., [Fe(CyS)(CySSCy)]),

which readily dimerizes on raising the pH (e.g. yellow color) and

precipitates depending on the extent of coordination with disulfide or

potential polymerization.

Several experiments were conducted in water in the presence of

ferrous ion generated from the oxidation of iron powder by hot 6 M HC1.

Under N2, 0.432 mmol of CyS1PHC111
2
0 was dissolved in aqueous pale

211111 Fe(II) solution (0.432 mmol) as the pH was slowly raised by the

addition of NEt3, the colored solution cleared at pH 3.6. At pH

4.5-5.2, the yellow coloration of the solution was observed. The

production of CyS0x was 4.8% above pH 6.5 (see Run (IV-6)) and the

yield was obtained from the oxidized solid and not the filtrate. In

another Fe(II) experiment, the mole ratio of the thiol to ferrous ion

was two to one. As the pH was raised from 2.0 to 4.0 by the addition of

NEt
3

, the pale green Fe(II) color of the solution disappeared (i.e.

clear solution), then a slight yellow tinge developed becoming more

intense with increasing pH. At pH 4.4, a whitish yellow solid had

formed. The pH of the reaction mixture was raised to pH 6.2 and 02

bubbling commenced. The above solid turned purple (e.g.

(FeIIIN
/2(CyS)4) and within four minutes the purple color had faded
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leaving behind a ruddy brown suspension.

Conclusion

Contrary to a popular belief the disulfide is not the only

oxidation product formed from thiolate in the presence of iron and an

oxidant. In the present research, iron cysteinate studies have shown

consistently the production of a minor but significant quantity of

cysteinesulfinic acid associated with the appearance of a purple ferric

cysteinate chromophore. The CyS0
2

(and CyS0
3

) species was formed by

either 1) direct oxidation of coordinated thiolate to the sulfinate by

molecular oxygen (as supported by the low iron concentration runs with

excess thiolate), and/or 2) oxidation of coordinated thiolate to the

sulfenate by an active oxidant formed by reduction of 02 (e.g., H202)

generated in situ.

Development of specific colors was the criterion used that

established the formation of the iron(III) thiolate species necessary

for the generation of the overoxidation products, CyS0
x

. In earlier

studies in the field, the purple chromophore had been assigned as the

monomeric 1:3 ferric:thiolate species in the presence of molecular

oxygen. But structural studies were not conducted that confirmed the

species to be monomeric. In the present study, the active purple

chromophore was generated in solution and in solid phases with an

iron(III) to cysteine ratio of 1:2. An iron(II) thiolate dimer can

exist initially containing an active fouratom cluster, Fe2(CyS)2. On

oxidation of this species, the presence of iron(III) coordinated to at
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least one Sbonded thiolate is concomitant with appearance of the purple

color.

In Table V, numerous species, monomeric and polymeric, are

postulated as existing both in solid and solution phases. Generally,

the 1:2 iron(III) thiolate system generated disulfide and ferrous iron

prior to and during oxidation so CySSCy is present in all solids and

solutions. Complexation of the ferrous ion was dependent on the extent

of coordination with the carboxylate of the disulfide and/or the thiol

present (clear solution). It was proposed that, as pH is raised,

adjacent ferrous thiolate complexes dimerize through ironthiolateiron

bridges, forming the species (yellow color) active in CyS0x formation.

As Fe(III) is formed (purple color), the carboxylate of the disulfide

will compete for coordination sites on Fe(III), thereby increasing the

extent of complexation and forming an insoluble solid (gray to orange),

trapping the sulfenate, probably in coordinated form.

Possibilities for the exact mechanism of oxidation generating the

CyS0
x species were proposed and outlined in the Results and Discussion.

The similarity in results of the H202oxidation of the ironthiolate

system to those of the 0
2

oxidation supports the proposed mechanism of

oxidation of coordinated thiolate to a coordinated sulfenate. With the

discovery of an H
2
0 soluble iron cysteinate species which actually

produces the cysteinesulfinic acid with 02, a parallel with the mode of

oxidation at the active site of the thiol dioxygenases can be drawn (see

General Conclusion).



Table V. Correlation of the observed colors in species present in the
iron cysteinate system.

Color Iron Species Presenta Other

white CySSCy

clear Fe(II)(CySH)(L)bx

green [Fe(III)(CyS11)(110H)]b" Fe(OH)
2

blue [Fe(III)(CySH)(H20)]b"

yellow (FeII
)
2
(CyS)

2
L
x

purple

gray to black

brown to orange

red

-(Fe
II

)2Lx-

-Fe(III)(CyS)2Lx-

-Fe(II)(CyS)Fe(III)(CyS)Lxd

Fe(II)(CyS)Fe(III)L
x

d

(Fe III
)

2
L
x

d

Fe(OH)
3

55

a
Shows species believed to be present. The formulas do not represent

actual stoichiometric composition. L represents coordinated species

(e.g. solvent > C00 coordinated CySSCy > OH > Cl > C104)

b
cysteinate ligand is probably COO coordinated.

c
[transient species] observed in acidic ROH (e.g., tbuOH, MOH) and in

acidic H
2
O.

d
CyS0

x
species is present in this mixture in agreement with amino acid

analysis.
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PART II: SYNTHESIS AND OXIDATION OF

BISPENICILLAMINATOCOBALTATE(III) COMPLEX

Introduction

Controlled oxidation of mononuclear, monothiolato cobalt(III)

complexes, which leads to Sbonded sulfenato and sulfinato ligands, has

been characterized over the past few years. Sloan and Krueger
19

reported the stepwise oxidation of bis(ethylenediamine)cysteinato

cobalt(III) ion to the coordinated sulfenato and sulfinato ligands.

Deutsch and coworkers treated (2mercaptoethylamineN,S)bis(ethylene

diamine)cobalt(III) ion with excess hydrogen peroxide to obtain

i

(2sulf

inatoethylamineN,S)bis(ethyldiamine)cobalt(III) on
49

. Recently,

Adzamli et al. synthesized and characterized [(en)2Co(S(0)02CH2N112))2+

and [(en)
2
Co(S(0)CH

2
C00)1+ salts involving stoichometric oxidation of

the corresponding thiolato complex with hydrogen peroxide
21

.

Some of the earliest thiolato cobalt complexes to be characterized

and undergo oxidation were those reported first by Schubert
17

in his

work with cysteinato complexes of Co(II) and Co(III) and more recently

by Gillard and coworkers
18

. All the cobalt complexes described

contained more than one cysteinate ligand per cobalt ion. The hydrogen

peroxide oxidation of the bright green complex, X3[Co(CyS)3]

(abbreviated GTRIS) to the triscysteinesulfinatocobaltate(III) species

was described. Later a controlled, stoichometric oxidation of the

GTRIS yielding triscysteinesulfenatocobaltate was reported by

Herting50. This oxidation takes place much more rapidly than the
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corresponding oxidation of Co(en)
2
CyS .

Schubert was also the first to prepare a compound with the empiri

cal formula K[Co(CyS)
2
](H

2
0)

x
(abbreviated BIS)

17
. It was observed that

BIS has a resistance toward oxidation by hydrogen peroxide, exhibiting a

deviation from observed reactivities of coordinated thiolates of

cobalt(III). Originally, Schubert had postulated this complex to be

binuclear with cobalt ions joined by two hydroxo bridges. Later,

Neville and Gorin suggested that BIS was a simple monomeric complex. An

investigation was undertaken by Dan Herting to ascertain the factors

leading to this anomaly and elucidate the structure of BIS
50

. Despite

the conviction of earlier researchers, Herting suggested that BIS

complex has a trinuclear structure with bridging thiolates, similar to

that reported by Busch and coworkers for the analogous complex

(Co[Co(cystS)3]2}Br3 51. Herting presents supportive experimental

evidence for this claim but no crystallographic work has been conducted.

An empirical rule regarding the reactivity of thiolate ligands

coordinated to Co(III) has been proposed by Herting. Bridging thiolate

ligands (those coordinated simultaneously to two cobalt(III) ions) are

remarkably resistant toward hydrogen peroxide oxidation, while non

bridging or terminal thiolate ligands are quite readily oxidized.

RTRIS reported by Schubert has since been shown to be a polymer in

which all the thiolate ligands are bridging and does not react with

hydrogen peroxide
52

. A similar rationalization was reported by Busch et

al. that terminal thiolate ligands undergo alkylation more readily than

bridged thiolates
53

. Herting et a1.
54

demonstrated that terminal

thiolate ligand is nearly as reactive toward hydrogen peroxide as free
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thiolate (vide infra).

Sargeson and coworkers
20

were first to demonstrate formation of two

diasteromeric sulfenato complexes formed from Ai(en)2Co(R)-0yS]+. An

xray crystal structure for the (S)isomer was presented in the report

((S) referring to the stereochemistry of the sulfenato sulfur).

Hydrogen peroxide is generally thought to react with a reducing

nucleophile via an SN2 path. Such an SN2 path for H202oxidation of

coodinated thiolates was adopted by Sloan et al. and Herting et al.
19,54

(See Figure 6).

SO

(en)
21
CoS

)

+ HOOH

(e n)
1

CoSOH + OH
)

N /

H+

(en) CoS=0 + HOOH

2
1_,)

0

(en) CoJOH + OH

j

S°2

--Co II

S... ..0

Ae' I
CH

2

CoS=0 + H2O

Co 0 H

l/ I

S--- O. 0

CH
2

Figure 6. Proposed SN2 pathway of formation of coordinated sulfenato

and sulfinato complexes.



The kinetics of the formation of the AiCo(en)2(CyS0)1+ were

59

conducted

under pseudofirstorder conditions and the results were shown to

conform to the rate law d[/1Co(en)
2
CyS4-] /dt = k

SO
[ACo(en)

2
CyS+][H

2
0
2
I.

The value of k
SO

at 20.3°C, 0.10 M ionic strength, pH 5-7 was given as

0.36 M
1
s
-1 compared to 12.4 M

1
s
-1

for CyS (i.e., H3N
+
CH(C00 )CH2S ),

in water.

These studies indicate that oxidation of thiolate directly to

states higher than disulfide is possible when the thiolate is

coordinated to Co(III). The preparation of a sulfinate from a thiol in

the presence of a metal ion has its biological analog in the formation

of cysteinesulfinic acid from cysteine by a dioxygenase enzyme.

The iron in the enzymes, cysteine dioxygenase and cysteamine

dioxygenase, is probably coordinated to protein cysteinyl residues as

well as to substrate thiolate when oxidation takes place. The oxidation

of coordinated thiolate to sulfinate suggested to us in 1975 the analogy

that could be drawn to the dioxygenase catalyzed reaction of 02 with

cysteine and cysteamine. A major objective of this research has been to

provide a basis for the use of cobalt(III) and iron(III) thiolate

systems as analogs for the active metal sites in these enzymes.

In 1977 an important related paper appeared in the literature. The

paper by Helis et a1.
55

was a report of the crystal structure of

IC[Co(DPenS)(LPenS)]*2H2
0. This report provided the first example of

a mononuclear bis(thiolato)cobalt(III) species of known geometry with a

cis arrangement of the sulfur atoms. Later, the crystal structure of

bis[[( 2 pyridylmethyl )aminolethylsulfinato }cobalt(III) ion was published

by Lundeen et a156. The trans sulfinato product apparently resulted
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from the oxidation of a thiolatocobalt(III) complex since the

bis(sulfinato)cobalt(III) complex was obtained from the reaction of

cobalt(II) perchlorate with 2[(2pyridylmethyl)amino]ethanethiol in

the presence of hydrogen peroxide. However, the independent existence

of a corresponding trans bisthiolatocobalt(III) complex was not

demonstrated.

While attempting the synthesis of penicillaminesulfinic acid by

Method III (See Experimental, Part I), the contaminant brown bis

(penicillaminato)cobaltate(III) species was found unexpectedly, to react

with hydrogen peroxide. With Herting's supportive work and by analogy

with the complex of Helis et al., the synthesis of

A(Co(SPenS)
2
7'3H

2
0 provided a simple, convenient, mononuclear

bis(thiolato)cobaltate(III) entity. This species readily undergoes a

controlled hydrogen peroxide oxidation. Such oxidation could give rise

to a series of sulfenato and sulfinato complexes. This reaction

provides a closer analogy to the possible interaction of the

dioxygenases active metal site since the iron is probably coordinated to

at least two or more thiolate groups during oxidation.

For clarity and convenience, an abbreviated naming system for the

possible cobalt(III) complexes will be adopted. These abbreviations are

based upon the number of oxygen atoms bound to the sulfur atoms of the

various complexes. Therefore, the assigned symbols are attached to

these cobalt(III) complexes as shown in Table VI.

For a complex containing two sulfur ligands per cobalt, the number

of possible oxidation products is considerably larger than that for a

monothiolato complex. Initially, the synthesis of clearly defined and



Table VI. Nomenclature and abbreviations of [Co(SPenS0
x

)

n
] .

Cobalt(III) complex

Bis[(S)penicillaminatoN,S,O]cobaltate(III) ion

(E(S)penicillaminatoN,S,01[(S)penicillaminesulfenato
N,S,O]lcobaltate(III) ion

Bis[(S)penicillmninesulfenatoN,8,0]cobaltate(III) ion

ff(S)penicillaminesulfenatoN,S,01[(S)penicillaminesulfinato
N,S,O])cobaltate(III) ion

Bisf(S)penicillaminesulfinatoN,S,Olcobaltate(III) ion

Formula

[Co(S PenS)2]

[Co(SPenS)(SPenSO)l

[0o(SPenS0)
2

[Co(SPenS0)(SPenSO
2
)]

[Co(SPenS0)
2

Symbols

(0,0)

(1,0)

(1,1)

(2,1)

(2,2)

a
In the structures adopted for these species (Results Section), the sulfur centers are equivalent. Thus,
(0,1) = (1,0) and (1,2) = (2,1).
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characterized starting material, the potassium salt of [Co(SPenS)2]

was undertaken. The separation and identification of the various

oxidation products of this compound was initiated. In addition, the

complex kinetics of oxidation of bis(thiolato)cobalt(III)complex was

studied.

Circular Dichroism

Although circular dichroism (CD) in solution was first observed by

Cotton
57

in the visible absorption bands of transitionmetal complexes,

the treatment of optical activity has been developed more extensively

for organic molecules than for coordination compounds.

A number of attempts have been made to relate the absolute

configuration of a transition metal complex to the sign of the Cotton

effect of the lowestenergy absorption band, but there has been

established as yet no satisfactory generalization to the well

substantiated 'Octant Rule' for asymmetric ketones
58

. It is essential

to recognize that molecules of identical configuration should have the

same Cotton effect for electronic transitions of the same origin,

whereas enantiomers will have mirror image Cotton effects. Saito and

coworkers
59

found that the trisethylenediaminecobalt(III) isomer which

is dextrorotatory at the sodiumD line, (+)[Co(en)
3

3+
, has the A(C

3
)

configuration (A E.A.). The sign of the Cotton effect for the lowest

energy band of this complex is positive. It is suggested that

dissymmetric d
6

complexes have the same chirality as the (+)(Co(en)3)3+

ion if the sign of the long wavelength Cotton effect is also positive".
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The assignment of absolute configuration from circular dichroism

measurements has been reported by Mason
61

, who has developed several

criteria for assigning the electronic circular dichroism transitions and

absolute configuration for the cisCo(en)2L2
+

ions of C2 symmetry. In

D3 symmetry, the more intense band is assigned as the
1
Af.4 E2

transition, whereas in complexes of C
2

symmetry it is considered a

composite transition, Al ---4A2(Ea) + B2(Ea). If the transition with

E
a
parentage shows a positive Cotton effect then the complex possesses

the A(C
2

) absolute configuration as in the (+)[Co(en)
3

]
3+

. In the

cisCo(en)
2
L
2

+
species, the second CD component was positive and lay

closest to the reference 1A1 transition positioned at 493 um for

A(C2) Co(en)3 +. Using the formalism suggested by Mason, the first CD

component of low energy exhibiting a negative Cotton effect is assigned

in each case to the Al ---+B
1
(A

2
) transition at 428 um for

A(C
2
)Co(en)

3

3+ 62
In general, the trigonal metal complexes in

solution give two circular dichroism bands with opposite signs, due to

the A2 and the Ea transitions in the longwavelength region
63

. However,

in the Co(N)
2
(S)

2
(0)

2
chromophores, the situation is a little more

complex, as will be seen, and assignments of absolute configurations can

not be attempted.

Considerable progress has been made in correlating the experimental

parameters of circular dichroism with specific stereochemical features

of various classes of transition metal complexes
64

. The

symmetrycontrolled aspects of the signs are closely related with the

ligand field transitions of dissymmetric sixcoordinate Co(III)

complexes. The chromophoric center is the Co(III) ion and, in most



64

cases, the microsymmetry of the ML
6

cluster is dissymmetric (i.e., the

complex ion lacks an improper rotation element) or very nearly so.

Three contributions to the dissymmetry of the Co(III) environment are

related directly to the CD patterns. The configurational (trigonal)

contribution is usually the largest source of dissymmetry and thus has

the largest effect on the CD spectrum. For example, configurational

chirality due to skew pair of chelate rings can be observed when three

bidentate chelates are coordinated to a Co(III) ion (e.g.,

A(C
3
)(+)(Co(en)

3
]

3+
and A(C

3
)()[Co(en)

3
]

3+
). The conformational

(octahedral) effect is attributed to the dissymmetric puckering of

nonplanar chelate rings (i.e., A. and 6 ring forms). Planar chelates

(i.e., N,0coordinated amino acids) do not show this effect; chelate

rings which are more labile conformationally (e.g., 1,2 diamine) show a

weak contribution. The vicinal effect is the result of having a chiral

donor atom, as the sulfur donor in the sulfenato complexes, or a chiral

atom within a chelate ring, e.g., the chiral carbon atom in a chelated

amino acid. The three contributions to the CD spectrum have been shown

to be additive, and the configurational and vicinal/conformational

contributions can often be separated by proper arithmetic manipulations

of the spectra
65

. The arithmetic separations of the contributions will

be described further in the Results and Discussion section of Part II.
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Experimental

Materials and Instruments. D()penicillamine was obtained from

Aldrich Chemical Company. Cobalt(II) chloride hexahydrate was obtained

from Mallinckrodt. The hydrogen peroxide used in all experiments was

prepared by dilution with distilled water of 30% H
2
0
2

solution

(Mallinckrodt), analytical reagent grade. All other chemicals and

solvents were reagent grade unless stated otherwise.

Ultraviolet and visible spectra were obtained on solutions placed

in Beckman 1cm silica cells using a Cary Model 16K Spectrophotometer

equipped with a Cary Model 16053 Strip Chart Recorder at room

temperature. The infrared absorption spectra of KBr pellets were

recorded from 4000 to 600 cm
1

on a Perkin Elmer Model 727B

spectrophotometer. Circular dichroism (CD) spectra were run on JASCO

Model 41A spectrophotometer. Proton nmr spectra were run on a Varian

RA -100 NMR Spectrometer or on a Varian FT-80A NMR Spectrometer.

Kinetic runs were monitored with a Cary Model 16K spectrophotometer

equipped with a Cary Model 1629 programmer, a Cary Model 16054

MultiZero, MultiRange Accessory, and a Cary Model 16053 Strip Chart

Recorder. The cell compartment and cell holder were thermostated to

19.7 ± 0.1°C with a Lauda/Brinkmann Model K-4/RD Circulator.

All anion exchange chromatographic separations and gel filtrations

employed BioRad AG 1X4, chloride form, 200-400 mesh; and Sephadex G-10

and BioRad BioGel P-2, 200-400 mesh (wet), respectively. All analyses

for % C, H, N, and S were performed by Galbraith Analytical

Laboratories, Knoxville, Tennessee.
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It must be mentioned that all of the sulfenato complexes described

in this study were suspected to be photosensitive. (The bisethylene

diaminecysteinesulfenatocobalt(III) cation, Co(en)
2
(CyS0)

+
, is known to

racemize with exposure to light.) Therefore all sulfenatecontaining

solutions were protected from intense exposure to light either by

performing separations and kinetics in a darkened room or by using taped

or foiled glassware and chromatographic columns.

Circular Dichroism Spectra. The CD spectra are recorded in

millidegrees of ellipticity (4) per centimeter. These units were

converted to As units normally used for reporting CD spectra by the

following equation:

As = (c.f.)*(H )(S)'1'1

33 - c

(26)

In this equation, (c.f.) is a calibration factor ranging from 0.94 to

1.04. The JASCO spectropolarimeter required calibration each day by

measuring the observed amplitude of the spectrum of a standard solution

of d-10camphorsulfonic acid (Aldrich Chemical Co.) and comparing it to

the theoretical amplitude (As = +2.42 at 290.5 nm, for 2 millideg/cm1

sensitivity equals 17.2 cm). The c.f. equals theoretical

amplitude/observed amplitude. (Fix) represents the height in cm of the

spectrum at a given wavelength from the baseline at a given wavelength,

and carries a positive or negative sign. (S) represents the sensitivity

range setting of the instrument, which usually ranges from 0.002 deg/cm
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to 0.020 deg/cm. The number 33 is a geometric factor relating 4(deg) to

As. (f) is the cell pathlength in cm. (C) is the concentration of the

solution. (C) can be replaced by (A
X'

/e
X'

). A
X

represents the

absorbance, and thethe molar absorptivity of the complex solution from

a UV/vis spectrum of the same solution used for the CD spectrum.

Synthesis of Potassium Bis[(S)PenicillaminatoN,S,O]cobaltate(III)

dihydrate, K[Co(SPenS)
2
12H O. A 3.61g sample (24.0 mmol) of

--2

D()penicillamine (DES) was partially dissolved in 15 mL distilled

water in a 50mL beaker. 2.80 g (11.7 mmol) of cobalt(II) chloride

hexahydrate was dissolved in 5 mL distilled water and added to the thiol

solution. To the clear red solution was pipetted 5 mL of 9.23 M KOH

(46.1 mmol) resulting in pH 7.01. This solution was stirred in air for

two hrs, after which the dark brown solution was filtered, collecting a

small amount of unidentified brown residue on the filter. The remaining

filtrate was transferred to a 250mL beaker and treated with 25 mL

isopropanol with immediate coagulation. With stirring, an additional 75

ml isopropanol was added. The light brown crystalline solid which

formed was removed immediately by filtration and washed with

isopropanol. The brown complex (2.5 g) was recrystallized by

dissolving it in 5 mL distilled water and adding 100 mL of isopropanol

slowly with stirring. The solid was collected and washed with 25 mL of

isopropanol and then with 25 mL ether. The crystalline solid was dried

over phosphorus pentoxide in vacuo over 72 hours. Total yield: 2.38 g,

51%.

A weightloss experiment was conducted to determine the waters of
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hydration. Weight loss on heating to 63°C in vacuo (-20-30 Torr) for

three hrs. corresponded to 1.16 moles of water. No further weight loss

was observed on heating to 63°C in vacuo for an additional hour. Thus,

there is an indication of one to two moles of water per mole of

bis-thiolatocobaltate(III) complex.

Analysis for % Co was performed in this laboratory by digesting the

compound in hot, acidic KMn0
4'

neutralizing the excess Din0
4

with

H2C204'2H20, and determining the Co(II) concentration spectro-

photometrically as the [Co(SCN)
4

]
2-

complex in 50:50 (v/v)

water:acetone. Anal. Calcd. for K[Co(H
2
NCH(C00)C(CH

3
)
2
S)

2
J'2H

2
0:

Co, 13.75; C, 28.03; H, 5.17; N, 6.53; S, 14.97. Found: Co, 14.18;

C, 28.32; H, 5.23; N, 6.38; S, 14.90. Two moles of water per mole of

complex were assigned to the molecular formula on the basis of the best

agreement with elemental analysis of C, H, N, S.

Synthesis of Sodium MS)-Penicillaminato-N,S,01[(S)-nenicillam-

inesulfenate-N,S,O] }cobaltate(III) tetrahvdrate, Na[Co(S-PenS)(S-Pen-

SO)]'4H O. In a 10 mL beaker, 0.120 g (0.280 nmol) of the brown

K[Co(PenS)
2
]'2H

2
0 salt was dissolved in 5 mL distilled water. A

dilute hydrogen peroxide solution was prepared by diluting 12.0 mL 23%

H
2
0
2

to 1.00 L with distilled water. This solution was titrated to give

[H202] = 0.092 M. In subdued light, 4.00 mL of 0.092 M H202 (0.368

mmol) was syringed slowly into the brown [Co(PenS)
2

] solution over an

eight-minute interval providing ca. 1.30 moles H202 per mole of cobalt

complex. The criterion for indicating the formation of the desired

monosulfenato product is the appearance of an absorption in the 360 nm
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region and its growth to a maximum absorbance in the UVvisible spectrum

of the solution mixture. The expected spectral change was obtained in

approximately 25 minutes.

To separate this dark brownish red mixture into its components, the

mixture was carefully loaded onto a 32 cm x 20 mm anion exchange column

containing BioRad AG 1X4 anion exchange resin, 200-400 mesh, in the

chloride ion form. All of the mixture was trapped in the top 2-5 mm of

resin. Elution with 0.04 M NaC1 at a rate of 0.34 mL/min split the

sample into five bands of which the last two bands were (1) a trace

component band of unreacted bisthiolatocobaltate(III) and (2) a red

unidentified species that behaves like an apparent 2, "minus two", or

greater charged complex.

The bright colors of the component bands enable'visnal observation

of their elution progress in subdued light. The eluate was collected in

3.4mL aliquots using an ISCO Model 270 automatic fraction collector

with a constant volume siphon device. The component bands were detected

bymonitoringUV/visspectraandAu/Avis ratios of successive fractions

eluting from the column. A plot was constructed of Ax vs. fraction
vis

number for determining relative yields of the possible oxidative

products in this elution sequence (Figure 7).

The first and second orangered, bands were tentatively assigned as

disulfenato (1,1) products with characteristic absorptions at 370 nm,

290 nm with A290/A370 = 0.978, and at 380 nm, 290 nm with A290/A380

0.804, respectively, and not quantified.
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Figure 7. Absorbance of 3.4m1 fractions collected from anion
exchange of product mixture of 3.00 mL of 0.0490 M H202 and

0.0431 g (0.1 mol) K[Co(SPenS)2]'2H20.

The third band, collected during the fifth and sixth hours, has

absorptions at 369 nm and 282 nm with A_
2,82

/A
369

= 1.45. This major

blonde component was tentatively assigned as the monosulfenato (1,0)

product in this elution sequence. Its UVvisible spectrum exhibited

absorbance maxima similar in comparison to the known spectrum of

bisethylenediaminecysteinesulfenatocobalt(III) cation, Co(en)
2
CyS0

+
,

which has absorptions at X (em-1cm-1) equal to 480 (603), 371 (5910),

and 287 (3750).

Fractions from leading and trailing edges of this monosulfenato

(1,0) band exhibited identical CD and UVvisible spectra. It was

concluded that a single (1,0) species was present. These collected
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fractions were combined in 50mL round bottom flask shielded from

exposure to light. This solution was slowly evaporated to 1.5-2.0 mL

volume under vacuum in a 40°C water bath. This sample volume was placed

carefully onto 42 cm x 20 mm gel filtration column containing BioRad

BioGel P-2 resin for desalting. With an eluant of distilled water, a

flow rate of 0.25 mL/min was maintained with pressure from a peristaltic

pump. Aliquots (0.1 mL) were extracted from collected blondecolored

fractions and were tested with 0.01 M AgNO3.

In the desalting procedure, a latter red (1,0) "contaminant" band

was observed overlapping the trailing edge of the blonde (1,0) band.

This unknown had absorbance maxima at 375 nm and 283 nm with A283/A375 =

1.15 and a similar, but not identical, CD spectrum in comparison with

that of the blonde band.

To remove this red (1,0) "contaminant", the collected samples were

evaporated to small volume and loaded again upon the gel filtration

column, and the desired blonde (1,0) band physically separated. This

procedure was repeated until there was spectral agreement throughout

collected sample volumes. In estimating the amount of red (1,0)

present, a substantial amount of blonde (1,0) was not recovered due to

the overlap fractions so weight loss in the recovery must be corrected

for that exclusion. The upper limit of the quantity of red (1,0)

present was 21% in this separation and the actual amount -present

appeared to be variable between 5-15%.

These blonde (1,0) fractions were combined in a preweighed 50mL

round bottom flask and slowly evaporated in vacuo to dryness with a 30°C

water bath. Total yield: 0.0456 g (-0.1 mmol), 38.4%. Anal. Calcd.
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for Na[Co(H
2
NCH(C00)C(CH

3
)
2
SHH

2
NCH(C00)C(CH

3
)
2
S0W4H

2
0: C, 25.8;

H, 5.64; N, 6.03. Found: C, 26.17; H, 5.18; N, 6.04. Four waters

of hydration were assumed on the basis of best agreement of elemental

analysis of C, N.

Preparation of Sodium Bis(penicillaminesulfenatoN,S,O)cobalt

ate(III), Na[Co(SPenS0)
2
1. In 30mL beaker, 0.150 g (0.35 mmol) of

K[Co(SPenS)
2
]'2H

2
0 was dissolved in 5 mL distilled water. A hydrogen

peroxide solution was prepared by diluting 5 mL of 27% H202 to 1.00L

with distilled water. This solution was titrated iodometrically to give

[H202] = 0.046 M. In dim light, 15.7 mL of 0.046 M H
2
0
2

(0.72 mmol) was

pipetted into the brown bisthiolatocobaltate(III) solution providing

ca. 2.00 moles H
2
0
2
per mole of cobalt complex. The reaction mixture

was stirred for one hour taking periodic UVvis spectral scans. The

criterion for the presence of the disulfenato product is the growth of

an absorption in the 265 nm region and a shift from the 365 to the 380

nm region. A maximum absorbance at 380 nm was achieved in 55 minutes.

This dark red product solution was filtered and then loaded upon

the BioRad AG 1X4 anion column. Using 0.04 M NaCl as the eluant, and

with a rate of 0.38 mL/min, the sample separated into six observed

intensely colored bands in which the last three components were (1) two

slowmoving yellow bands (possibly highly oxidized species) that

visually disappeared upon the column and were not detected in the eluant

(within 8 hr); (2) a small amount of red "polymeric" precipitate that

remained at the top of column throughout the elution sequence.

The remaining three "minus one" bands separated on the column and
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the elnate was collected in 3.4mL fractions and the fractions of the

individual red bands detected spectrophotometrically using comparative

UVvisible and CD spectra (see Results and Discussion). The first

orangered band was tentatively assigned as a disulfenato (1,1) product

with characteristic absorptions at 386 nm and 295 nm with A_ /A =
z95 383

0.576-0.613.

The second and third bands appeared to be mixtures of oxidized

products with varying absorption shifts throughout the bands. The

second band had spectral readings at the leading edge of 383 nm and 290

nm with A290/A383 = 0.555-0.618 and at the trailing edge of 393 nm, 315

nm, and 295 nm with A
315

/A
393

= 1.64. The third band exhibited the same

type of shifting absorbance maxima; i.e., 383 nm and 303 nm absorptions

with A
303

/A
383 = 1.40-0.558 (see Results and Discussion).

The assigned orangered (1,1) band was isolated and desalted by the

methods just described for the blonde (1,0) complex. Total yield:

0.0350 g, 2n.

Determination of k rate constant for oxidation of

(Co(S PenS)2] to (Co(SPenS)(SPenSO)l Generally, all stoppedflow

kinetic studies were carried out in a phosphate buffer (pH = 6.9 at

20°C) made to be 0.01 M in both potassium monohydrogen phosphate and

potassium dihydrogen phosphate (and 0.001 M in Na
2
EDTA) with freshly

boiled, distilled water. A 42.9 mg sample of the potassium salt of

bisthiolatocobaltate(III) complex was dissolved in 500 mL freshly

boiled, distilled water giving a ca. 2.0 x 10
-4

M solution of

[Co(SPenS)2 "F (0 0) A series of hydrogen peroxide solutions of
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varying concentrations was made by dilution of 30% hydrogen peroxide

solution with 0.01 M phosphate buffer. The concentrations of the

peroxide solutions were determined by iodometric titration with 0.02821

M sodium thiosulfate in the usual way.

All experiments in the stoppedflow kinetic study were carried out

under pseudofirstorder conditions, with the hydrogen peroxide present

in ca. 100fold excess over the bisthiolatocobaltate(III) complex at 20°

± 0.5°C in phosphate buffer with an ionic strength of 0.002 M.

A 2.0 x 10
-4

M solution of the brown (0,0) complex and the hydrogen

peroxide solution were placed in the Durrum reservoir syringes. Samples

(0.5 mL) of the two solutions were rapidly combined in the mixing

chamber of the Durrum Model D-110 StoppedFlow Spectrophotometer.

Monochromatic light, 360 nm in wavelength, was provided by a Beckman DU

monochromator with tungsten light source. A Tektronix 5103N

oscilloscope was used to display the absorbance of the solution in the

mixing chamber as a function of time. A Tektronix C-5 Oscilloscope

Camera with Polaroid type 107 film was employed to record the desired

display of the kinetic trace stored on the CRT of the oscilloscope.

Determination of k1,1, rate constant for oxidation of [Co(SPenS)

(S PenSO)] to [Co(SPenS0)
2
E. In a taped, 100mL volumetric flask,

a 10.8 mg sample of Na[Co(S PenS)(S PenSO)] , (1,0), was dissolved in

distilled water to yield a stock solution of 2.75 x 10
-4

H. Generally,

a 0.01 M stock phosphate buffer (with 0.001 M Na
2
EDTA) was used to

maintain constant ionic strength and pH throughout the oxidation

reaction.
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Solutions of the blonde (1,0) complex, of the diluting buffer and

of H
2
0
2'

each in separate 100mL volumetric flasks, were placed in a

constant temperature bath at 20.0°C for 20-30 minutes in a darkened

room. In a typical experiment, 2.0 mL of the diluting buffer and 2.0 mL

of hydrogen peroxide solution were pipetted into a 15mL glassstoppered

Erlenmeyer flask. Then, 2.0 mL of the (1,0) complex solution was

rapidly pipetted into the bufferperoxide solution and thoroughly mixed.

A portion of the solution was quickly transferred to a previously

thermostated 1cm glassstoppered UVsilica cell. The cell was

immediately placed in the Cary Model 1611 Spectrophotometer. The cell

compartment and cell holder were thermostated to 19.7° ± 0.5°C with a

Lauda/Brinkmann Model K-4/RD Circulator. The progress of the reaction

was followed by continuously recording the decrease in UV absorbance of

the reaction mixture at 280 nm at which wavelength the (1,0) complex

exhibits a maximum (see UVvis spectra). Ordinarily, formation of the

(1,1) complex was complete in approximately 15 min to one hr. The

infinity absorbance was chosen to be the minimum absorbance reached at

280 nm. Under dilute hydrogen peroxide conditions the infinity

absorbance was still decreasing after the estimated completion of the

(1,1) oxidation. Also, the relative ratio of A /A was slightly
uv vis

changed but the spectrum appeared to be similar compared with the (1,1).

Several experiments were designed to study the effects of trace

cobalt(II) ions and/or dilute hydrogen peroxide on known solutions of

the (1,1) complex and of (en)2Co(CyS0)+ complex made from isolated

solids. There was no observed decrease of the A310 in the presence of

9.17 x 10-4 M solution of CoC126H20, but the Ano decreased gradually
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in the presence of the cobalt(II) solution and 1.48 x 10
-2

M H
2
0
2

until

complete decompostion of the (1,1) species had occurred. This was also

observed for the (en)2Co(CySO)+ complex. Therefore, this behavior

suggests a possible conversion to an unstable form of the (1,1) complex,

catalyzed by hydrogen peroxide and Co(II), which underwent further

decomposition. Alternatively, the continuing decrease in absorbance may

have resulted from decomposition of the disulfenatocobaltate(III)

complex, catalyzed by trace amounts of cobalt(II) generated by OH' or

another radical from hydrogen peroxide. However, this process does not

take place in the presence of Na
2
EDTA. EDTA

2
does chelate Co(II) and

greatly reduces its effectiveness in causing decomposition of

Co(SPenS0)
2

A number of runs with Na
2
EDTA were carried out to

determine rate constants for conditions in which no product

decomposition was occuring.

Attempted determination of k1,2, the apparent rate constant for

oxidation of [Co(SPenS0)
2

] to [Co(SPenS0)(SPenSO
2
)]. Solutions

for the oxidation of [Co(SPenS0)
2
], were prepared by dissolving the

sodium salt of the complex in distilled water or by appropriate dilution

of solutions obtained by elution from an anion exchange column with 0.04

M NaCl. Kinetics of the oxidation of the orange (1,1) complex by H202

were measured in the same way as the kinetics of the first step of the

oxidation, with three exceptions. In this case, progress of the

reaction was monitored as the increasing visible absorbance of the

reaction mixture at 310 nm, which was recorded periodically during the

run. Much higher concentrations of hydrogen peroxide (0.5-1.5 M) were
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required in order to complete the reaction in a reasonable length of

time. The contribution to the absorbance at 320 nm by the reaction of

(2,1) complex to [Co(S-PenS02)2] was not determined. However, in

pseudo-first-order reactions, the infinity absorbance, A., should be

reached in eight to ten half lifes. An estimated A. was chosen from the

data during that length of time.
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Results and Discussion

Spectroscopic Studies. Standard solutions of known concentration

were prepared by dissolving a weighed amount of isolated solids in

distilled water and diluted to known volume in a volumetric flask. The

electronic spectra of [Co(SPenS)
2

[Co(SPenS)(SPenS0)] and

[Co(S PenSO)2] from 700 nm to 360 nm are shown in Figures 8 and 9. The

absorption maxima are listed in Table VII, along with the maxima of

other Co(III) complexes.

The (0,0) complex exhibits two dd bands typical of cobalt(III)

complexes, as well as an intense ligandtometal charge transfer band at

292 nm which characteristically arises from coordination of sulfur to a

potentially oxidizing center. In addition, the visibleUV spectra of

(1,0) and (1,1) complexes were characterized by intense bands at 365 nm

and 383 nm, respectively, which were not present in the spectra of the

corresponding (0,0) and (2,2) complexes. The 365nm absorption was a

qualitative measure for the degree of formation of the Sbonded (1,0)

complex; and likewise, the characteristic absorption in the 383nm

region indicated formation of the Sbonded (1,1) complex. A useful

gauge that was used as conclusive evidence for either sulfenato complex

was the ratio of the absorbances at and at
vis

. (Actual

wavelengths employed for the specific complex were those wavelengths for

which the sulfenate complex exhibits maximum absorbance.) Those eluted

bands exhibiting A280/A365 > 1.40 were collected as (1,0) complex

samples and those for which A295/A383 0.57 (A280/A365 0.71) were

collected as (1,1) complex samples. Since the intensity of the



0.9

0.8

0.7-

0.6 r

0.5 -

0.4-

0.3-

0.1

300

wavelength, am

79

400 500 600 TOO

Figure 8. UVvisible spectrum for 3.1 x 10-4 M [Co(S PenS)2] in H2O

(700-300 nm) and for 3.1 x 10-5 M [Co(S PenS)2] in H2O (320-260 nm).
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Table VII. Visible and Ultraviolet Spectrophotometric Parameters of
Cobalt(III) Complexes.

Complex Ion A.max (nm) e(M
-1

cm
-1

)

[Co(PenS)2J 680 47

580 97

489 336

292 16,600

[Co(PenS)(PenSO)] 630 56

365 6,100a

280 9,000a

[Co(PenSO)2] 383 9,500a

295 5,400a

[Co(PenS0
2

)
2

320 13,400
b

aValue assuming no H2O present. If, for example, the compound contains

2H
2
0 as does the [Co(PenS)

2
] , the corresponding e

1 0
values would be

9.0% larger and el,1 would be 8.0% larger.

b
Reference 50.
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ligandtometal charge transfer band in the 280 nm region of the

sulfenato complexes varys dramatically from one complex to another, this

gauge is a convenient measure of the purity and separation of the

sulfenato moieties (see Figure 9).

The brown (0,0) complex showed a strong, sharp absorption at 1640

cm
1

for the carboxylate stretching frequency. This is within the

1650-1620 cm
1

range expected for coordinated carboxylate; the range

for uncoordinated carboxylate is 1630-1575 cm 1. For [Co(en)
2
CyS]

+
and

[Co(en)
2
CyS0] complexes, in which the carboxylate is not coordinated,

stretching frequencies of 1630 cm
1 and 1610 cm

-1
, respectively, were

reported.

The results for a series of Sbonded sulfenato cobalt(III)

complexes are also reported in Table VIII. Adzamli et a1.
21

found S=0

stretching frequencies in the region of 950-1000 cm
1

. This S=0

assignment is in agreement with the sulfuroxygen stretching frequency

near 1000 cm 1 in (Ssulfenato)iridium(III) complex, an analogue of

Vaska's complex
66

. The infrared spectra of the blonde (1,0) complex and

the orange (1,1) complex exhibit a band at 940 cm 1, not present in the

(0,0) complex spectrum. This additional band compares with other

sulfuroxygen stretches of the Sbonded sulfenato moieties. Therefore,

the infrared spectral results support the assignment of these complexes

as [Co(SPenS)(SPenS0)] and [Co(SPenS0)
2
]. Absence of significant

new absorption in the 1200-1300 cm
1 region indicates the absence of a

sulfinato group. Thus, the (1,1) complex is a disulfenato species,

rather than a mixed thiolato, sulfinato species.

Within a given penicillamine ligand, the two methyl groups are
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Table VIII. Infrared Stretching Frequencies (cm
-1

) for Cobalt(III)

Complexes.a

Complex Ion v(c=0) v(S=0)

K[Co(SPenS)2] 1640

[(en)2CoCySrI 1610b

KICo(SPenS)(RPenS)] 1625

Na[Co(S PenS)(S PenSO)] 1610 940

Na[Co(SPenS0)2] 1610 940

[(en)2Co(CySO)]I 1630b 953b

[(en)2Co(S(0)CH2C00)1C12 960c

Hen)2C0(S(0)CR202N112)l(SCN)2 986c

[(en)2Co(S(0)CH2CH2Nl1.2)](NO3)2 993c

[(en)2Co(S(0)CH2C112NH2)](NO3)(C104) 998°

IrC12(P(C05)3)2S(0)CH3 1013d

a. Spectra obtained in KBr pellets or Nujol mulls.

b. Reference 54

c. Reference 21

d. Reference 66
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diastereotopic as illustrated by the
1
H nmr results for free

penicillamine (Table IX). The proton NMR signals of

laCo(SPenS)
2
1'211

2
0 indicate that the protons of one penicillamine

ligand are magnetically equivalent to the corresponding protons of the

other ligand. With the oxidation of one of the sulfurs to form a (1,0)

complex, this equivalence is no longer possible. Thus, all four methyl

groups are magnetically nonequivalent and four separate peaks were, in

fact, observed. Within the series of these cobalt(III) complexes, the

chemical shift of the proton NMR signal arising from the methyl groups

is dependent upon the oxidation state of the sulfur. With an increase

of the sulfur oxidation state (thiolateS to sulfenateS) the NMR

absorption of the methyl protons moved down field due to the increase in

the electronegativity of the sulfur function and subsequent decrease in

the electron density at the adjacent protons. Peaks for two of the

methyls are observed at lower field, consistent with this expectation.

On oxidation of the other sulfur, the remaining methyl peaks move

downfield somewhat. More important, however, is the observation of four

distinct methyl peaks, indicating that the (1,1) complex cannot have C2

symmetry. Thus, the two sulfur centers must be of opposite chirality.

(The possibility that the lack of C2 symmetry arises because (1,1) is a

mixed thiolatosulfinato species is eliminated by IR evidence and

considerations of chemical reactivity.) Thus, the successive oxidations

of (Co(S PenS)2] to [Co(SPenS)(SPenS0)] and [Co(SPenS0)
2
] were

conveniently fingerprinted by
1
H NMR spectroscopy.

The most probable isomeric structures of the brown (Co(S PenS)2]

are presented in Table X.
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Table IX. Proton NMR Spectra of [Co(SPenS)2], [Co(SPenS)(SPenS0)]:
and [Co(SPenS0)

2
] in D

2
0.

CH1

S C CH

C3 3

complex
1
H signal

ppm upfield relative
from HOD area assignment

PenSHa sharp singlet 3.20 3 methyl

sharp singlet 3.10 3

sharp singlet 1.00 1 methine

(0,0) sharp singlet 3.60 3 methyl

sharp singlet 3.40 3

sharp singlet 1.30 1 methine

(0,1) sharp singlet 3.70 3 methyl

singlet 3.41 (3)
IP

6

singlet

sharp singlet

3.35

3.21

(3)

3
re

sharp singlet 1.20 1 methine

sharp singlet 1.00 1

(1,1) sharp singlet 3.64 3 methyl

singlet 3.33 (3)

singlet 3.28 (3) 9

singlet 3.22 (3)

sharp singlet 1.31 (1) methine

sharp singlet 1.08 (1)

aSpectrum of Dpenicillmmine in D20. Reference 67.
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Table X. Most probable isomeric structures of [Co(SPenS)2]7

cis trans orientation of

donor atom pairs

_b
,C00isomer

a
S,S N,N COO symmetry

At,c t c c C
2

Ac,t c t c C
2

Ac,c c c c none
c

Ac,c c c c none
c

cpc c C t C2

a
The abbreviations for the isomers give the configuration of the

complex, followed by the cis/trans arrangement of the sulfur ligands and

nitrogen ligands, respectively.

b
or H

2
O.

c
One ligand could be tridentate; the other can be bidentate only.
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Strong indirect evidence supports the tridentate arrangement of the

penicillamine ligands rather than complexes having coordinated water

molecules in the fifth and sixth coordination sites. In addition to the

IR results presented above, the penicillamine ligands in

[Co(S PenS)(R PenS)] have been shown by xray crystallography to be

tridentate with a cis arrangement of the sulfur atoms, as well as, the

amine and carboxylate groups. The [Co(S PenS)2] complex is quite

unstable in acid solution decomposing in less than one hour in 0.02M

HC1. It seems likely that this arises from protonation of coordinated

carboxylate groups.

On the basis of the simple
1
H nmr spectrum, structures Ac,c and

Ac,c can be eliminated since the protons of one penicillamine ligand

would not be magnetically equivalent to those of the other ligand (i.e.,

no C
2

axis of symmetry). If the carboxylate ligands are coordinated as

suspected, the possible isomers would be At,c; Ac,t; and c,c. In all

three cases, two of the ligand donor pairs are cis oriented, while the

remaining pair is trans. [Co(SPenS)
2

] elutes faster on an anion

exchange column than [Co(RPenS)(SPenS)r. This is in agreement with

the expectation that a complex with one trans pair of ligands should be

less polar than the allcis arrangement, and therefore elute faster.

The (0,0) complex was found to react with 1,2dibromoethane
68

,

presumably to form an extended ligand in which the two sulfurs are

linked by a CH2CH2bridge. Such a reaction is possible only if the

thiolate groups were in a cis arrangement. The 1,2dibromoethane

experiment was repeated with the green X[Co(RPenS)(SPenS)] solid of

known cissulfur geometry, and comparable results obtained. With this
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supportive evidence and by comparison with the xray structure of the

already mentioned [Co(RPenS)(SPenS)], the possible isomers would be

Ac,t and c,c. Figure 10 displays the orientation of the sulfur atoms in

the Ac,t and c,c forms of a (0,0) complex.

The disulfenato isomers, R,R (1,1) and S,S(1,1) have C
2

symmetry

and should exhibit simple proton NNR spectra similar to that of the

(0,0) complex except with different shifts. In fact the IH NMR spectrum

of the isolated (1,1) complex exhibits four magnetically inequivalent

groups of methyl protons which supports instead the R,S arrangement of

the sulfenato oxygen atoms for this isomer (see Table VIII).

In formation of the (1,0) complex, the S or Risomer appears to be

equally probable in either Ac,t or c,c. In the c,c isomer the rate of

oxidation of the second thiolate should be comparable to the rate of the

reaction of the first thiolate because the approach of the oxygen atom

(b)
F2

R R

S

S

(a)S.

Ac,t

S

C, C

C2

S

Rati

Figure 10. Schematic representation of the orientation of the lone

pairs of the cissulfur atoms (a) looking down at the sulfurs along the
C
2

axis (b) viewing at right angle from the CI axis. Details of

coordination to adjacent atoms have been excluded for clarity. R and
S denote the stereochemistry of the sulfenato sulfurs that can be

formed by reaction with H
202 a t the lone pair indicated.
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of hydrogen peroxide to either available position of the adjacent isomer

is unhindered. However, the rates of reaction of the two thiolates

differ by two orders of magnitude. (see Kinetic Results). Therefore,

the c,c structure is an unlikely one, based on these kinetic results.

In the syntheses of the H
2
0
2
-oxidation products of Ac,t

[Co(S-PenS)
2 '

] only the major component obtained from the anion

exchange chromatography was characterized. The isolated (1,0) and (1,1)

complexes maintained the sulfur and carboxylate-oxygen mutually cis

while the amino nitrogen atoms are trans (see Circular Dichroism

Results). For the (1,1) species other minor components were observed

which provide indirect evidence for other configurations of

[Co(S-PenS0)
2

] under different hydrogen peroxide conditions.

The minor components exhibited anion exchange characteristics which

were consistent with an overall 1- charge. The red (1,0) "contaminant"

band exhibited similar spectral features with the blonde (1,0) complex.

It was formed along with the blonde complex, or was formed from it

during recrystallization of the blonde complex. However, it probably is

a co-product in the oxidation since higher relative amounts of peroxide

in the stoichiometry produced more of the red species. This species

could be an isomer of the (1,0) complex with respect to the

stereochemistry of the monosulfenato oxygen atom. But more likely, it

possesses the same configuration at sulfur with one or both of the

ligands being bidentate with carboxylate replaced by a water molecule in

the fifth and/or sixth coordination site. This would explain the slight

discrimination of the red (1,0) contaminant by the BioRad BioGel P-2 gel

filtration step in the desalting procedure of the blonde (1,0)
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component.

Additional refining of the exact stoichiometric oxidation procedure

and an improvement in separations by the anion exchange column, if

possible, must be attempted for the (2,1) and (2,2) complexes before a

tentative speculation of the existence of other (1,1) configurations can

be made. The exact elution time from the anion exchange column of the

sulfinate complexes is uncertain and the possible overlapping

contribution to the gauge, Auv/A
vis

, of the (1,1) spectrum is unknown.

At this time, these parameters prevent further resolution of the

indirect chromatographic and spectral evidence.

Circular Dichroism. Circular dichroism spectra were obtained to

gain information, effectively, about the chiral properties of these

isolated cobalt(III) complexes. This was a qualitative tool for

differentiating between the desired sulfenatocobaltate(III) complexes

and other oxidation products. The purity of the sample was determined

by replication of the assigned spectrum. Figure 11 displays the

obtained spectra of the brown (0,0) complex and the blonde (1,0) complex

and orange (1,1) disulfenato complexes isolated. The CD spectra exhibit

a negative CD band in the 530-500 region suggesting an Ea parentage and

a positive CD band in 440-400 region indicating an A2 parentage for the

dd transitions by analogy with a CoL
6

chromophore spectra of C
2

symmetry. But these assignments are strictly tentative due to 1) the

undetermined contribution of the S---,Co charge transfer band at

relative low energy for Co(N)
2
(S)

2
(0)

2
chromophore and 2) the vicinal

contribution from the chiral atom chromophores, especially, the

sulfenato sulfur. In the present system the tridentate N,S,O ligands
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occupy the six coordination sites but there is no configurational CD

effect arising from the skew pair of chelate rings. When coordination

sites are occupied by nonequivalent ligating atoms, a kind of

configurational chirality due to the arrangement of these donor atoms is

expected
69

. These complexes have a chirality due to the arrangement of

six different donor atoms and another vicinal CD effect due to the donor

sulfur atom in the sulfenato complexes, though both contributions are

associated with each other. Since the CD spectra of these complexes

display similar longer wave length CD patterns (differing in magnitude

and wavelength absorptions), this suggests that the cobalt(III)

chromophoric center retains the Ac,t geometry (i.e., cis arrangement of

the sulfur and carboxylateoxygen atoms with trans arrangement of the

amine nitrogen atoms).

The CD spectra of the A(Co(en)2(CyS0)11- diastereomers (Co(N)5S

chromophores) are characterized by their large Ac values in the region

of 371 nm S Co charge transfer peak
50 , Ac372 = 16.7 and Ae294 = +7.5

M
1
cm

1
for AR and Ac

377
= +8.5 and Ac294 = 9.8 M

1
cm

1
for AS.

Consequently, this region of the CD spectrum is quite sensitive to

stereochemical changes at the sulfur atom. Likewise, in the region of

281 nm of the lower energy thioether charge transfer band
b

, the AR

complexes of Co(N)
5
S chromophore type, [Co(mea)(en)2]3+ and

[Co(eea)(en)
2

]

3+
(mea=2(methylthio)ethylamine, NH

2
(CH

2
)

2
SCH

3'
eea=

b In the nearultraviolet region, such bands appear always for the

cobalt(III) complexes containing sulfur donor atoms, and are

considered to be the charge transfer bands due to the lonepair
electrons on the sulfur atom.
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2(ethylthio)ethylamine, NH2(CH2)(SC2H5), show Ae281 = +5.09 and Ae281

. +6.73 69. The CD spectra are strikingly similar to each other,

indicating that the Salkyl groups of both the complexes are in

analogous environments. The complex belonging to the Co(N)4(S)(0)

chromophore type, [Co(Lsmc)(tame)]
2+
(Lsmc=SmethylLcysteine,

CH
3
SCH

2
CIUNH

2
)C0

2
H. tame = 1,1,1tris(aminomethyl)ethane,

CH3C(CH2NH2)3, exhibits a negative Cotton effect in the UV region, A 288

= 11.9, for the vicinal effect of the (S) chirality of the coordinated

sulfur atom of the Smethylcysteinate ligand
70

. The (1,0) complex

exhibits As
375

= +7.2 and Ae
285

= 9.1. By analogy with the chirality

criteria assigned from previous CD spectra, the first sulfenate (the

blonde species) formed is of (S) chirality. To assign the

stereochemistry of the second sulfenato sulfur atom, a comparison of the

curve analyses of Ac(1,0) As(0,0) to Ae(1,1)Ae(1,0) was conducted. In

order to estimate the vicinal CD contribution of the chiral sulfur donor

atom of the sulfenate, an additivity rule was applied to the CD spectra.

The chiral sulfur contribution of the first sulfenato ligand was

obtained by subtraction of the observed CD spectrum of the (0,0) complex

from the (1,0) complex CD spectrum. This manipulation removes the

overall CD contributions from the chiral carbon atom of the

penicillamine and/or the configurational contribution due to the

arrangement of the donor atoms (vide supra). The chiral sulfur

contribution of the second sulfenato ligand was determined by the

difference in the curves of the (1,1) complex and the (1,0) complex.

This subtraction should remove not only the overall CD contributions

mentioned above but also the vicinal effect from the first sulfenate
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sulfur chirality. Figure 12 displays the calculated CD curves.

The (1,0) and (1,1) sulfenato complexes exhibit charge transfer

peaks at 365 nm and 383 um, respectively, in the visible spectrum. For

the (S)(1,0) complex, the first sulfenato sulfur exhibits a 6(Ae)
360

+15.6; and in the (1,1) complex, the second sulfenato shows a 6(A8 )
360

= 16.48. This strongly suggests that the chirality associated with the

second sulfenato sulfur is (R) in agreement with the
1

nmr results for

the orange (1,1) complex. These curve analyses, also, exhibit

reasonable enantiomeric CD patterns except in the 380-450 nm region.

This enantiomeric relationship of the difference curves can be

attributed mainly to the configurations of the chiral sulfur atoms.

Additional supportive evidence for these assignments is seen in the

Aa(1,1) Ae(0,0) curve (Figure 13) in the region of 370-340 nm showing a

near cancellation of the vicinal contributions of both sulfenate sulfur

atoms to the CD spectra. Therefore, the isolated blonde

Na[Co(S PenS)(S PenSO)] and the orange Na[Co(S PenSO)21 are assigned (S)

and (S,R) chirality, respectively, with regard to the sulfenato sulfur

atoms. Incomplete cancellation in the Aa(1,1) Ae(0,0) curve suggests

that there may be a small amount of the (S,S) isomer in the (S,R)(1,1)

complex.

In conclusion, the sulfur chirality of the coordinated sulfenato

ligands has a large vicinal CD contribution even in the first absorption

band region. Therefore, the absolute configurations of these complexes

containing chiral sulfur cannot be assigned strictly by the sign of the

long wavelength Cotton effect of Ea parentage in analogy to the

A(C
3
)(+)[Co(en)

3
]3 + CD spectrum.
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Figure 14. Scheme for stepwise 112 0
2

oxidation of [Co(S-PenS)
2
1. R,S refers to the chirality of

the sulfenate sulfur atom. The heavy arrows represent the combined rate constants that are obtained
experimentally in the absence of resolution into specific constants for the formation of each
isomer.
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Kinetics. In Figure 6, the controlled oxidation of coordinated

thiolate occurs through an SN2 mechanism. By analogy a sequence of

secondorder, nucleophilic substitution reactions is anticipated for

oxidation of K(Co(PenS)21. (See Figure 14). If secondorder reaction

via nucleophilic attack is the accepted pathway of stepwise hydrogen

peroxide oxidation, then a kinetic scheme can be illustrated for the

oxidation sequence of the (0,0) complex. Separate routes are shown for

each of the possible isomers.

In determining the kinetics of oxidation of the (0,0) complex, it

was assumed that the R(1,0) and S(1,0) are formed at different rates,

k
1,0

R
and k

1,0
S

, respectively. Only the Sisomer, the major constituent

from stoichiometric oxidation, was isolated and characterized. The

Risomer was not detected and, thus, a relative ratio of R:S was not

determined. Therefore, only k1,0, the apparent rate constant can be

determined. Kinetics were studied to determine the apparent

secondorder rate constant of the hydrogen peroxide oxidation of the

brown (0,0) complex. The reaction,

[Co(SPenS)
2

] +
2
0
i
-----.V[Co(SPenS)(SPenS0)] + H2O (27)

was studied at 20 ± 0.5°C in a phosphateEDTA buffer by stoppedflow

spectrophotometry. The reaction was determined to be first order with

respect to each of the reactants, the rate expression,

d[Co(SPenS)(SPenS0)lidt = k
1,0[11202][Co(SPenS)il. (28)
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Table XI. Rate constants for the oxidation of A-c,t-[Co(S-PenS)
2

I at
20 ± 0.5°C and pH 6.9.

ki,o, M
-1

s
-110

2
[H
2
0
2

]
o'

M k (obsd), s
1

t1/2, s1

0.56 0.0083 84.0 1.48

0.69 0.0091 76.0 1.33

0.91 0.012 56.0 1.37

1.22 0.017 40.8 1.39

4.16 0.055 12.6 1.33

4.69 0.063 11.0 1.34

4.73 0.060 11.6 1.26

6.86 0.094 7.4 1.37

10.1 0.122 5.7 1.21

12.3 0.132 5.3 1.19

19.3 0.242 2.8 1.26

41.6 0.457 1.5 1.10
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The desired reaction was run under pseudofirstorder conditions (excess

H
2
0
2

) so

(11
2
0
2

]
o
k
1,0

= k
1

(29)

A series of runs was carried out with the initial concentration of (0,0)

complex ca. 2.0 x 10
-4

M and [H
2
0
2

]
o

in the range 9.09 x 10
-3

1.2 x

10
-1

M. The plots of ln(A
co
A

t
) vs. t were linear over 3-4 halflives.

(In a number of runs, small corrections to A.(obsd) were necessary to

obtain linearity.) About 80% of the runs produced acceptable straight

lines; the runs at higher hydrogen peroxide concentrations produced

curves of gradually decreasing slope in the 5-6 halflife region. At 20

± 0.5°C and g = 0.013, an average secondorder rate constant, calculated

from eqn. (29), was 1.32 ± 0.085M
1
sec

-1
at pH 6.9. A summary of the

results of the stoppedflow kinetic study is listed in Table XI. The

uncertainty represents one standard deviation of all values, but

excludes the result for [II
2
0
2

]
0

= 0.416 M. The subsequent oxidation of

the (1,0) complex is about sixteen times slower, and therefore, does not

interfere significantly with these rate measurements. The possible

exception to that is in the runs of higher peroxide concentration which

yield lower rate constants (resulting in too high an A. from the (1,1)

contribution to the final absorbance).

The kinetics of the second oxidation step,

[Co(S PenS)(S PenSO)] + H
2
0 2-----11[Co(SPenS0)

2
] + H

2
0

'

(30)

were measured in a series of runs with the initial concentration of the

S(1,0) complex approximately 9.17 x 10-5M. The formation of the (1,1)
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Table XII. Rate constants for oxidation of (Co(S-PenS)(S-PenSO)l
at 19.7°C.a

102[11202]0, M 103k1(obsd), s-1 k1,1, M-1 s
-1

[Buffer] added

1.49

0.75

0.075

0.25

0.75

0.25

1.49

0.75

2.95

2.92

1.43

1.42

1.42

0.85

0.44

0.84

2.06

1.07

0.12

0.34

1.06

0.42

2.15

0.88

2.55

2.40

1.11

1.10

1.11

0.68

0.34

0.67

0.14

0.14

0.16

0.14

0.14

0.17

0.14

0.12

0.087

0.082

0.077

0.078

0.079

0.080

0.079

0.079

.003 M phosphateb,no EDTA2

tf

ft

.013 M chloride,no EDTA2

It

0.003 M phosphatec

0.013 M chlorided

0.013 M acetatee

0.003 M phosphates

If

a(Co(S-PenS)(S-PenS0)10=9.2 x 10-5M; prepared from the S-(1,0) solid.
b
[g2HP°4]0=0.003M, [KH2PO4]0=0.003M, no EDTA2-

e[K2HPO4]0=0.003M, [KH2PO4]0=0.003M, [EDTA2 ]0 =3.33 x 10-4,pH=6.9
d
NaC110=0.013M

e[HC2H302] =0.013M, NaC2H30210=0.013M, pH 4.9
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disulfenato complex was generally completed by ninety minutes, i.e., an

estimated 7-8 halflives. Experimentally, the assumed infinity

absorbance was taken as the approximate minimum absorbance at 280 nm.

(See Table XII.)

In the presence of excess hydrogen peroxide, the decrease in

absorbance of the 280 nm band of (1,0) complex corresponds predominantly

to the oxidation of the monosulfenato to a disulfenato complex. Later

pseudofirstorder kinetic studies were conducted with 3.33 x 10
-4
M EDTA

in the reacting solutions to prevent contribution to the infinity

absorbances observed by the radical decomposition reaction (See

Experimental). Without EDTA
2

, the average secondorder constant,

k
1,1'

was 0.148± M
1
s
-1

at 19.7± 0.5°C. With 3.33 x 10
-4

M EDTA, the

average secondorder rate constant, ki,l, was 0.080± M
1
s

1
at

19.7±0.5°C and pH 6.9. This oxidation of the S(1,0) complex to the

(1,1) complex is sixteen times slower than the H
2
0
2
oxidation of (0,0)

complex to (1,0) complex.

In the presence of EDTA
2

, the pseudofirstorder plots of

ln(AtA) vs t were linear over 7-8 halflives. In the absence of

EDTA
2

, the logarithmic plots displayed a slight upward curvature after

three halflives. The use of somewhat larger A values than those

observed were necessary to obtain linearity. The contribution from the

radical decomposition reaction manifests itself by increasing the rate

constant, k1,1, by a factor of two.

Examination of structural models of (1,0) complexes indicates the

RR(1,1) will not be a predicted product because of steric hindrance by

the adjacent sulfenate oxygen. Hidaka et a1.
70 report the isolation of



Table XIII. Apparent rate constants for oxidation of [Co(SPenS0)2] at 19.70C.a

[11202]0, M

0.16

0.48

0.48

10 3k (obsd), s-1
k2,1,1 2,1' 103[Buffer]added, M

0.36

1.05

0.84

0.0023

0.0022

0.0019

a[Co(SPenS)2]; = 5.44 x 10-5 M, made from isolated solid.

b [KH2Pyo = [K2HPO4] = 0.003M, [EDTA2] = 0.0003 M

0.003 phosphate



104

the three geometrical isomers of bis(LmethioninatoN,S,O)cobalt(III)

complex, trans(S), trans(N) and trans(0)[Co(H
2
NCH(C00)CH

2
CH

2
S

CH
3

)

2
]
2
Br. For each of the three geometrical isomers, three types of

isomers are formally expected with respect to the absolute configuration

of the coordinated sulfur atoms, namely, RR, RS, SS. In the case of the

trans(N), the model construction rejected the R,Rconfiguration because

of the crowding of the two methyl groups of cis sulfur atoms. These

authors suggested that the trans(N)isomer was a mixture of S,S and

S,Rconfiguration based upon 1H nmr spectrum (2.250, 2.201 and 2.216 ppm

downfield from DDS).

Figure 15 represents a threedimensional perspective view drawn for

a (1,0) complex of Ac,t in which the sulfur atoms are in cis positions.

The sulfenate oxygens shown are labeled to indicate the chirality of the

sulfenate sulfur that results from placement of an oxygen in that

position. The delivery of the second oxygen in the hydrogen peroxide

oxidation was expected to be more favorable at the less sterically

hindered position of the adjacent sulfur atom. Either the R,S (1,1)

orientation or an S,S (1,1) orientation insures a minimum interaction

between the incoming oxygen and the adjacent sulfenate oxygen (see

Figure 10). Therefore, the value of so ks
1,1

will be contributions from

the rate of formation of each disulfenate isomer.

A brief kinetic study of the oxidation of S,R[Co(SPenS0)
2

] was

conducted under pseudo firstorder conditions to determine an apparent

secondorder rate constant, k 2,1 . Table XIII gives the apparent k
2,1

values, obtained from linear plots of the data, for the hydrogen

peroxide oxidation of the (1,1) complex. The average value of k
2,1

for



Figure 15. Threedimensional perspective view drawn for a Ac,t
complex with cis arrangement of sulfur atoms. R,S designate the
chirality of sulfenate sulfurs.
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three runs was 0.0021±0.00013 M
1
s
-1

at 19.7±0.5°C and pH 6.9. In

monitoring the changing spectrum, it was observed that oxidation to the

(2,2) complex was occurring in the latter part of a run (i.e., to reach

A.). This gradually increasing absorbance after an anticipated eight to

ten halflives continued until the characteristic spectrum of the (2,2)

was obtained (ca. 24 hours). Nevertheless, disregarding the (2,2)

contributing component to the apparent rate constant, k
2,1'

the ongoing

oxidation of (1,1) complex to the sulfinato complexes is a factor 40

slower than the previous stepwise oxidation. This reaction would have a

negligible contribution to the rate measurements of k
1,1'

For each kinetic study conducted, observed firstorder rate

constant, k
1
(obsd), was linearly dependent on [1120210 within

experimental error, confirming that each reaction is firstorder in H202

in the range examined (eq. 29). Larger deviations were observed

continually at higher hydrogen peroxide concentrations for two reasons:

1) forming conditions where further oxidation to the next oxidation

product contributed to the infinity absorbance observed; and 2)

possible side reactions affected the uncertainty in measurement of the

infinity absorbance obtained.

Conclusion

Oxidation of coordinated thiolates provides a feasible and general

synthetic route to complexes containing coordinated sulfur in higher

formal oxidation states. The synthesis of a (1,0) complex from a (0,0)

bisthiolatocobaltate(III) complex involves 2equivalent oxidation of
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one of the coordinated sulfurs. By careful regulation of the reaction

conditions, the second coordinated thiolate is oxidized to another

Sbonded sulfenato ligand (i.e., (1,1) complex). Furthermore, the

preparative reactions are conducted readily under stoichiometric

conditions. Thus, while free snlfenic acids are notoriously unstable, a

coordinated sulfenate displays stability like that of an ordinary

ligand. This exemplifies the stabilization of a reactive organic ligand

(i.e., sulfenate) via coordination to a metal center.

It is generally accepted that H202oxidation of nucleophilic

species occurs via nucleophilic attack on the 0-0 bond of the H202.

(See Figure 6) Since a coordinated sulfur atom is known to have

considerable nucleophilic character, the H
2
0
2
oxidation of

Ac,t(Co(SPenS) 2
proceeds through successive, stepwise nucleophilic

attacks. The oxidation of the second coordinated thiolate is the

favored, subsequent oxidation rather than the second step of oxidation

of the Sbonded monosulfenato ligand (even if a coordinated sulfenato

sulfur atom maintains considerable nucleophilicity toward hydrogen

peroxide). The oxidation of the second thiolate ligand of (1,0) complex

proceeds approximately 40 times less rapidly than that of the first

thiolate ligand. This behavior is probably a consequence of lowering

the electron density of the remaining thiolate by the sulfenate and

greater steric interaction of the adjacent sulfenato oxygen atom, (vide

infra).

In Hefting et al.
54

, the fivemember ring of cysteinate in

A(en)
2
CoCyS

+
has the carboxylate in an equatorial position. As a

consequence, examination of structural models indicated that initial
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peroxide oxygen attack at the axial lone pair on sulfur was favored,

resulting in the sulfenato with Sconfiguration. In subsequent

oxidation of the sulfenato group, reaction was more rapid for the

A(R)(en)
2
CoCyS0 complex in which the remaining lone pair that reacts

with hydrogen peroxide is in the favored axial position. The rate of

oxidation of the second coordinated thiolate of the (1,0) complex and

spectroscopic studies of the major (1,1) component would suggest that

the delivery of the second oxygen is, for some reason, more favorable at

the (R) position of the sulfur atom.
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GENERAL CONCLUSION

Perhaps the most important accomplishment of this research has been

the formation and detection of sulfinate species in the iron thiolate

system. Additional successes were 1) the synthesis of coordinated

monosulfenato (1,0) and disulfenato (1,1) complexes from bispenicill

aminatocobaltate(III); 2) determination of the chirality of the

coordinated sulfenato sulfur from
1H nmr results and CD spectra; and 3)

the determination of the secondorder rate constants for the oxidation

of the cobalt(III) complexes.

One of the significant objectives of this work was to shed further

light on the mechanism and stoichiometry of the reaction at the active

site of the thiol dioxygenases. The stabilization of the highly

reactive sulfenate makes it a plausible intermediate in the enzymatic

oxidation. One of the key features of the

bispenicillaminatocobaltate(III) complex is the increased reactivity of

the first thiolato ligand toward H
2
0
2

oxidation (k
2

= 1.32 9i 1s-1)

compared to that of the monothiolate in the (en)2(PenS)Co(III) species

(k
2

= 0.14 M
1
s
-1

) and that of the second thiolate in the

(PenS)(PenSO)Co(III) complex (k2 = 0.08 hi is -1). By analogy, this

strongly suggests that at least one coordinated thiolate in the enzyme

functions to supply electron density or reducing ability to the active

site, in addition to the thiolate holding the ferric ion at the active

site.

In the iron(III) thiolate system, it was proposed that an Sbonded

sulfenate (or CyS0
2
) was formed by interacting with some active oxidant
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(e.g., H202) by an SN2 process, or even by direct action of the 02 with

an active enough site at a particular Fe(III) thiolate bond.

Recently, indirect evidence has accumulated which suggests that

sulfhydryl groups in several proteins are converted to sulfenic acids or

other sulfenyl derivatives, and not to disulfide bonds, when they react

with mild oxidants under denaturing conditions. Isolation of these

groups prevents further reaction to the disulfide. The cysteinyl side

chains situated in clefts of protein chains which are accessible to

solvent are uniquely suited for oxidation to sulfenic acids
72

.

Figure 16 presents plausible modes of oxidation at the active site

of the enzyme. Only the essential features of the coordination sphere,

including the terminal cysteinyl thiolates, are shown. Two suggested

pathways of oxidation are 1) a concerted reaction, involving no discrete

intermediate, which predicts the
18

0 labeling results, and 2) an

alternative pathway involving an assembly of atoms, the iron center and

two or more thiolates donating two or more electrons directly to avoid

one e reduction of 0
2

. The net charge would be delocalized over the

cluster unit
c

. The reactive hydroperoxide ion is not free to escape the

cage and is trapped at the active site. Then, nucleophilic attack of

the thiolate on the hydroperoxide takes place to form cysteinesulfenate

complex. Finally, the sulfenate complex in turn uses the assembly's

oxidizing capacity with hydroxide attack on the sulfur to form

cysteinesulfinic acid as a stable leaving group. It is conceivable

c
With the close proximity of other sulfhydryl groups in the

vicinity, it is conceivable that an intrachain disulfide bond could
be formed that would be activated sufficiently by the assembly of

atoms to form the Smonoxide or SS dioxide species which would
hydrolyze to form the sulfenic acid product, also.



S -Fe

s/1
Hoe

1 c...

iSFe SCy
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\Sfe CI*

HO
SCy

(+)

Figure 16. Plausible modes of oxidation at the active site of the cysteine dioxygenase: 1) a

concerted reaction with 02, or 2) nucleophilic attack of the thiolate on hydroperoxide ion

(110i).
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that the hydroxide ion is held in close proximity by binding temporarily

to the iron. In this proposal both oxygen atoms are bonded to sulfur,

consistent with
18
0labeling results in the literature.

During the research, several interesting problems were left

untouched in favor of pursuing pressing issues that seemed to require

immediate attention. For example, the (1,0) complex appeared to be

subtly photosensitive, and there seemed to be a more pronouced

preference for the (S) isomer rather that the (R) isomer. An indepth

study of that system might provide some interesting structural results.

And whereas monosulfenato complexes show a slow, steady decrease in

absorbance in the 360-380 nm region, A283 of the (1,1) complex actually

increased somewhat upon exposure to light, and then remained constant.

An investigation should produce information about factors which allow

this disulfenato complex to exhibit photoinertness. Attempts should be

made to obtain crystals of the (1,0) and (1,1) complexes and an xray

crystallographic study conducted that would ascertain the coordination

of the donor atoms and the exact nature of the sulfenate oxygen atoms.

A comparative study of the oxidation products of IC[Co(RPenS)(S

PenS)] and their kinetics of formation should shed further light on the

effects of structural subtleties within a complex on the reactivity of a

thiolate.

The iron thiolate work should be continued only if a modification

to the system could be made in which the redox reaction to the disulfide

could be inhibited without destroying or altering the integrity of the

active iron(III) thiolate complex. Improvements, such as temperature

lowering and automatic monitoring of pH and reactants, could minimize



113

the factors controlling the spontaneity of the system. Additional

quantitative refinements of the amino acid analysis, without the removal

of the iron present, would be desirable. Miissbauer studies of the

unoxidized and oxidized materials could make it possible to specify the

oxidation state(s) of iron and the nature of the environment around

iron.
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