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ABSTRACT 

TITLE: THE EFFECT OF METAL IONS ON THE 

REACTIVITY OF CHELATED LIGANDS 

Carlton Ray fiostic Ph.D. 

The University of Arizona 1963 

Dissertation Director: Henry Freiser 

A technique for studying the kinetics of moderately 

fast bromination reactions has been developed. Commer

cially available equipment was used to coulometrically 

generate bromine from an aqueous solution of bromide ion. 

The disappearance of the bromine was followed by an am-

perometric method. Changing the voltage between the two 

indicator electrodes permitted the study of kinetics of 

iodination. The rates of iodination of phenol and of 

8-quinolinol-5-3ulfonic acid were determined by ampero-

metric titration and compared with values from thiosul-

fate titrations. 

Bromination of 8-quinolinol-5-sulfonic acid resulted 

in displacement of the sulfonic acid group to yield 5,7-

dibromo-8-quinolinol. The reaction was found to be pH 

dependent, displacement occurred in neutral to moderately 

acid solutions, but no displacement occurred in strong 

acid (1 M H*) or base (0.7 U OH ). At pll 4, metal ions 

ix 



slowed the overall rate of bromination, with the deactiva

tion following the order Cu(Il)) Co(II)) Ni(ll)) Mn(ll)„ 

The iodination of 8-quinolinol-5-sulfonic acid was 

studied at pH 5, 7, and 9. The reaction was first order 

in iodine and in substrate, inverse first order in iodide, 

and showed general base catalysis. A mechanism similar 

to that which has been proposed for phenol was suggested. 

The addition of metal ions slowed the rate of iodi

nation. At pll 5, the 1:1 chelates were studied: at pH 7 

and 9, the 1:2 chelates were studied. In all cases, the 

chelate reacted slower than the free ligand by factors of 

ten to twenty. The order of reactivity was the phenolute 

anion of 8-quinolinol-5-sulfonic acid ) the 1:2 chelate) 

1:1 chelate. The datu was insufficient to compare the 

relutive reactivity of the 1:1 chelate to the phenol form 

of the ligand. The deactivation was discussed on the basis 

of charge effects. 

The deactivation of the chelated ligand varied with 

the inetal ion involved, with the order of deactivation 

being Cu(Il)/^Ni(Il)> Co(II) > Zn( II )/^ Fe( II) ) Mn( II) . 

This is the same order as the order of stability of the 

metal chelates. The implications of this order were dis

cussed on the basis of covalent metal-to-oxygen bond 

formation and its effect on the transition state for 

iodination. 

x 



The Arrhenius activation energy for the free ligand 

at pll 5 was found to be 27.6 kcal. per mole. Under the 

same conditions, the 1:1 chelates of Co(Il), Ni(II), and 

Zn(Il) had activation energies of 25.7, 25.5, and 25.3 

kcal. per mole, respectively. 

xi 



I. INTRODUCTION 

A. The State of the Art 

The chemistry of metal chelates has been studied 

for more than fifty years. During this time, the major 

areas of interest have been the determination of the struc

ture and of stability constants, the influence of structure 

of the chelating agent and the metal ion on the stability 

of the complex, and the applications of metal chelates. 

The effect of the metal on the coordinated ligand has 

received much less attention. 

The coordination of a metal ion to an organic 

molecule could alter the reactivity of the ligand by 

(l) changing the electron density within the molecule, 

reducing it by electrostatic or inductive effects and 

enhancing it by back cnr-bonding, (2) blocking an active 

center either by bonding to it or by exerting steric 

effects, (3) holding the molecule in a particular stereo

chemical conformation, and (4) reducing the concentration 

of an active species. 

Various fields of chemistry are affected by such 

changes. Chelates are an important part of many biologi

cal systems; an understanding of the role of metal ions 

might be useful in explaining the mechanism of some 

1 
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biochemical reactions. Chelates hare already been used 

to a limited extent in organic synthesis. The proper 

choice of metal ion can improve yields and provide routes 

to difficultly accessible compounds. For theoretical 

purposes, mixed ligand complexes are sometimes desired; 

synthesis from more than one ligand is difficult. Altera

tion of one of the ligands already in a complex holds 

promise as an easier route to mixed ligand complexes. 

Although isolated reports of reactions on substi

tuted ligands occur as early as 1925, 1 the systematic 

study of such systems did not begin until I960, vhen Busch, 

Collman, Jones, Kluiber, and others began to report their 

research in this area. The following pages present a 

review of some of this work. 

1 H. Reihlen, R. lllig, and R. Wittig, Ber., 5JBB, 
12 (1925). 
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B. Comparison of Reactivities of Ferrocene, 

Ruthenocene, and Osmocene 

The discovery that dicyclopentadienyl iron(II) 

(ferrocene) had aromatic properties and underwent typical 

aromatic substitutions led to a study of the reactivity of 

the coordinated cyclopentadienyl ring as a function of the 

central metal ion. Priedel-Crafts benzoylation with ex

cess benzoyl chloride of dicyclopentadienyl iron(II), 

ruthenium!II), and osmium(II) produced the following 

results: ferrocene gave only dibenzoylated material, 

ruthenocene gave both mono- and dibenzoylated product, 

and osmocene gave only monobenzoyl product. Equimolar 

quantities of benzoyl chloride and ferrocene gave only 

monosubstitution. Acylation gave similar results, so that 

the order of activation towards electrophilic substitution 

(and therefore the order of electron contribution from the 

metal ion to the cyclopentadienyl rings) is Pe) Ru) Os.* 

In contrast to the order observed for electro

philic substitution, the ruthenium compound was more active 

towards metalation with n-butyllithium — a nucleophilic 

substitution — than ferrocene. Ionization constants for 

the two carboxylic acids show the same trend; the pK for 

1 M. D. Rausch, £. 0. Fischer, and H. Grubert, 
Chem. and Ind., 756 (1958). 



ferrocenemonocarboxylic acid is 5.72, for ruthenocene-

monocarboxylic acid, 5.43.* 

Two examples of carboniua ion reactions which 

follow the order Os) Ru) Fa are known. The solvolysis 

of the carbinyl acetates of the metallocenes follows a 

carbonium ion mechanism, and one expects that anything 

which stabilizes the positive charge will increase the 

rate of reaction.. The order ahould then be the aame as 

the order for electrophilic substitution.. The observed 

2 
rates of solvolysis weret 

trityl acetate 1 .0 

ferrocenylcarbinyl acetate 0 .63 

methylferrocenylcarbinyl acetate 6 .7 

methylruthenocenylcarbinyl acetate 9 .0 

methylosmocenylcarbinyl acetate 34 .0 

The addition of weak acids to the double bond of vinyl-

metallocenes has also been explained on the baais of an 

intermediate carbonium ion. Pseudo first order rate con-

1 
stunts for this reaction followed the order Os) Ru)Fe„ 

A possible explanation for this surprising order involves 

direct participation of electrons from the metal with tha 

positive center, rather than an interaction through tha 

1 M. D. Rausch, £. 0. Fisher, and H0 Grubert, 
J. Am. Chem. Soc., 82, 76 (i960). 

2 E. A. Hill and J. H. Richards, J. Am. Chem. 
Soc., 83, 3840 (1961). 

3 G. R. Buell, W. fi. McEwen, and J. Kleinberg, 
J. Am. Chem. Soc., 84, 40 (1962). 



<7rr-electron system of the aromatic ring. This direct 

participation would be expected to increase in importanc 

with increasing size of the metal ion» 
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Co Aliphatic Ligand Reactions 

The reactivity of coordinated aliphatic ligands 

appears to depend both on the nature of the ligand and 

on the nature of the reactiono Kurtzin a study of 

biochemical interest, used copper ion to deactivate an 

ot-amino acid group during the acylation of another amino 

group in the same moleculee Krebs studied the effect of 

metal ions on the rate of decomposition of oxaloacetic 

acid and found that most multivalent cations catalyzed 

the reaction, The catalysis was apparently proportional 

to the charge of the metal ion and to the stability of 

the complexo 

Pedersen studied the effect of metal ions on the 

3 
rate of decomposition of nitroacetic acid, the decar-

4 5 
boxylation of oxaloacetic and dihydroxytartaric acids, 

and the rate of bromination of ethyl acetoacetate^ and 

7 
2-carbethoxycyclopentanone„ The bromination reactions 

1 A, C. Kurtz, J. Biol, Chem., 122, 477 (1937-8). 

2 H. A. Krebs, Biochem. J,, 36., 303 (1942). 

3 K0 J. Pedersen, Acta Chem. Scand., 2» 676 (1949). 

4 Ibid.. 6, 285 (1952). 

5 Ibid.. 9, 1640 (1955). 

6 Ibid'. 2, 252 (1948). 

7 Ibid., p. 385. 
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are of special interest. The rate of bromination depends 

on the rate of enolization, and both reactions show gener

al base catalysis. The reactions are also catalyzed by 

metal ions. The effect of the metal ion was interpreted 

as a catalysis of the proton transfer from the ester to 

the base, this catalysis being attributed to formation of 

a small amount of complex between the metal ion and the 

keto form of the ester. The catalytic effect varied with 

1 2 
the metal ion and was correlated with the kellor-Maley ' 

stability series. 

A change in the orientation of a bromination 

3 
reaction has been observed for chelated tropolone. Bro

mination normally occurs in the three position; when the 

ligand is chelated to copper, however, bromination occurs 

in the five position. The bromination of tropolone is 

complicated by the initial formation of a complex between 

bromine and free tropolone. Most other electrophilic 

1 D. P. Wellor and L. Haley, Nature, 159, 370 (1947). 

2 Ibid.. 161. 436 (1948). 

3 J. V. Cook, A. R. H. Gibb, and R. A. Raphael, 
J. Chem. Soc., 2244 (1951). 

H 
0 0 

I II 
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substitutions with this compound occur in the five posi

tion, but the dominant position of attack and the ratio 

of products depend on the particular reaction being 

studied.^ 

2 
fiusch treated chelated dimethylglyoxime and 2-

pyridinaldoxime with excess acetyl chloride. The dimethyl-

glyoxime chelates were decomposed, forming diacylated 

ligand and metal chlorides. Palladium!II) and platinum(ll) 

2-pyridinealdoximes gave mono- and diacylated chelates 

respectively. 

A study of electrophilic substitutions on coordi

nated benzylisonitrile in the complexes of the type 

cyanopentabenzylisonitrileiron(II) hydrogen sulfate shows 

3 4 
-that substitution occurs in the para position. ' Both 

nitration and alkylation take place more rapidly on the 

complex than on benzene, a possible explanation being 

anchimeric assistance from the electrons on the nitrogen. 

1 T. Nazoe in D. Ginsburg, ed., "Non-benzenoid 
Aromatic Compounds", Interscience Publishers, Inc., New 
lork, N. Y., 1959, pp. 339-463. 

2 R. A. Krause, D, C. Jicha, and D. H. Busch, 
J. Am. Chera. Soc., 83_, 528 (1961). 

3 W. Z. Heldt, J. Org. Chem., 27, 2604 (1962). 
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Curtis1 found that bisethylenediaminenickel(II) 

perchlorute reacts with acetone to form Schiff base coordi

nation compounds containing two or three isopropylidine 

groups per complex,, The parent Schiff base, N,Nmiiso-

propylidineethylenediamine could not be isolated, but 

the diisopropylidine complex was found to be stable to 

boiling, concentrated acid and alkali. 

The reactivity of a hydroxyl group beta to a 

coordinated amino group has been studied by several work

ers. The uncoordinated hydroxyl group of tris-(2-hydroxy-

ethylethylenediamine)cobalt(III) chloride is not affected 

by refluxing acetyl chloride or numerous other reagents 

2 
which ordinarily react with alcohols. One explanation 

advanced for the lack of reactivity for this group was 

that the functional groups of the attacking molecules 

bear a partial positive charge, so that attack on a posi

tively charged complex is not favoredo 

3 
Krause and Goldby studied the acylation of the 

beta hydroxy group of bis(2-hydroxyetheliminodiacetato) 

chromium(III) ion, an anionic complex. This hydroxy group 

1 No F0 Curtis, J. Chem. Soc0, 4409 (i960). 

2 Ro N. Keller and L0 Jo Edwards, Jo Am. Chem0 

Soc., 74, 215 (1952). 

3 R. A. Krause and S. D. Goldby, "Advances in 
Chemistry Series No. 37, Reactions of Coordinated Ligands 
and Homogenous Catalysis", American Chemical Society, 
Washington, D. Co, 1963, pp. 143-9o 
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was also of low reactivity; refluxing with acetyl chloride 

yielded no ester. Ketene reacted very slowly to form 

CH2-C-O 
H0CH2CH2N Cr 

0 / 2 

esters, in marked contrast to its usual rapid reaction 

with alcohols. The ester behaved in a normal fashion, 

and transeaterification was possible. The reason for the 

very low reactivity of this hydroxy group is unknown. 

These examples demonstrate that a metal may 

catalyze the reactions of an aliphatic ligand to varying 

degrees. Both increases and decreases in the rate can be 

observed, and the factors which affect the reactivity are 

still undefined. 



11. 

D. Reactions on 1,3-Diketones 

Coordination of a metal ion to the two oxygen 

atoms of 1,3-diketones results in a planar, pseudo-

aromatic six-membered chelate ring.* 

CH~ CH. 
3\ 3\ 
^C=0 C-rrrO^ 

H2C + U+n H-c'f ;>/n + nH+ 

Xc=o ^C —V 

CHJ CH3 

The hydrogen on the central carbon is reactive and can be 

displaced without rupture of the chelate ring> Collman 

2 
and co-workers were the first to systematically study 

the chemistry of these systems, although isolated reports 

of substitution had appeared earlier« For example, 

3 
Kluiber prepared some brominated acetylacetonates using 

N-bromosuccinimideo His work indicated that substitution 

occurred without ring cleavage. 

The chromium(III) and cobalt(III) chelates are 

stable in glacial acetic acid and were treated with 

1 y. Calvin and K0 W. Wilson, J. Am. Chem. Soc., 
67, 2003 (1945). 

2 J. P. Collman, R. A. Moss, H. Ualtz, and C. C. 
Heindel, J. Am„ Chem. Soc., 83, 531 (1961). 

3 R. Wo Kluiber, Jo Am0 Chem0 Soc., 82, 4838 (I960) 
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molecular bromine in this medium to yield tris(3-bromo-

2 , 4 - p e n t a n e d i o n e ) - c h r o m i u m ( I I I )  o r  c o b a l t ( I I l ) B r o m i -

nution did not occur when phenyl groups were substituted 

for methyls (l-phenyl-1,3-butanedione or 1,3-diphenyl-

1,3-propanedione) of the ligando Acid labile chelates 

such as those of copper were halogenated under electro-

philic conditions with N-haloauccinimides or iodine 

monochlorideo These agents were also effective on the 

phenyl-substituted compounds0 

In all cases, substitution occurred on the number 

three carbon atomD Evidence for halogenation at this 

position included (l) the disappearance on halogenation 

of two infrared bands in the 1500-1600 cmT* region and 

their replacement by a singlet at 1550 cm7* (a band charac

teristic of a chelated carbonyl group), (2) an ultraviolet 

spectral shift to longer wave lengths, and (3) in one case, 

independent synthesis. 

The halogen atom on the chelate ring is surpris

ingly unreactive. The brominated chromium chelate was 

found to be inert to magnesium and lithium and could not 

be displaced by azide, acetate, nitrite, or iodide ions in 

hot dimethylformamide. Unchanged chelate was recovered 

from each of these experiments. 

1 Jo P. Collman, R. A. koss, Ho kaltz, and C. C. 
Heindel, J. Am. Chem. Hoc,, 83, 531 (1961)0 
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Other substitutions on the chelate ring are also 

possibleo Copper(ll) nitrate trihydrate in acetic anhydride 

trinitrated the trisacetylacetonates of chromium(111)f 

cobalt(III), and rhodium(III)Chelates of trifluora-

acetylacetone did not undergo nitration, a strong indica

tion of the electrophilic nature of the reaction» 

The nitration reaction was reported by other 

workers almost simultaneously. Dinitrogen tetroxide 

reacts with the acetylacetonates of copper(II), nickel(ll), 

plutinum(II), and aluminum(III) to give completely nitrated 

products. Iron(III), palladium(II), and cobalt(lll) gave 

unidentified products. Structures similar to those pro

posed by Collman were suggestedo 

Reduction of the mononitro chromium(III) chelate 

3 
by hydrogen and palladium gave the monoamine compound0 

This was diazotized and a stable diazonium fluoroborate 

salt isolated. The stability of the diazonium salt was 

cited as further evidence for aromaticity of the chelate 

ring. Both the fluoro and hydroxy compounds were obtained 

from the diazonium salt. 

1 J. P. Collman, R. L. Marshall. W. Y. Young, and 
S. D. Goldby, Inorg. Chem., 1_, 704 (1962). 

2 C. Djordjevic, J. Lewis, and R. S. Nyholm, 
J. Chem. Soc., 4778 (1962). 

3 J. P. Collman and M. Yaraada, Chem. and Ind., 
692 (1963). 
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Phosphorous oxychloride and diraethylformamide 

formylated the chelate ringo^" Only monosubstitution was 

observed for the chromium and rhodium chelates, while mono-, 

di-, and a small amount of trisubstitution were observed 

with cobalt(Ill). The monoformylated chelates could be 

brominated, chlorinated, or nitrated in the other two 

rings. The formyl groups also showed a surprising lack 

of reactivity, being inert to sodium borohydride in tetra-

hydrofuran. An attempted conversion to oxime derivatives 

was not successfulo 

>V'hen treated with nitrosyl chloride, the copper 

chelate decomposed, nickel yielded either an oxime or a 

nitroso compound, and platinum formed a chlorinated che-

2 
late. Nickel and platinum acetylacetonates formed sub

stituted products with nitrite ions, but the structures 

were not determinedo 

Substitution of a sulfenyl chloride (-SC1) group 

3 
was effected by Kluiber o The acetylacetonates of alumi-

num(lll), beryllium(II), chromium(III) and cobalt(Il) 

reacted with sulfur dichloride to produce chelate sulfenyl 

1 J. P. Collman, R. L. Marshall, W. Y. Young, 
and S. D. Goldby, Inorg„ Chem. , 1_, 704 (1962). 

2 C. Djordjevic, J. Lewis, and R. S. Nyholm, 
J. Chem. Soc., 4778 (1962). 

3 R. W. Kluiber, J. Am. Chein. Soc. , 83, 3030 
( 1 9 6 1 ) .  
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chlorides. Copper(II) and iron(lll) chelates were des

troyed under the same conditions. The chelate sulfenyl 

chlorides were much more reactive than the chelate halides 

and formed derivatives with amines, phenols, and thio-

cyanates o 

A Mannich type condensation of trisacetylacetone 

chelates was reported recently by Collman, e_t al^ Form

aldehyde, tetramethylmethylunediamine, and the chelate 

form a dimethylaminomethy1 derivative. Quaternization with 

methyl iodide produced salts amenable to attack by some 

nucleophileso Chloromethylation also appeared to be suc

cessful in this series, 

A change in the site of reaction was observed by 

2 
Gritter and Patmore for a radical reaction,. Heating of 

t-butyl peroxide causes decomposition to t-butoxy radicals; 

the radicals may abstract hydrogen atoms from a substrate 

(to form _t-butyl alcohol) or decompose to acetone and 

methyl radicals. The t-butoxy radicals abstract hydrogen 

from the methyl groups of free acetylacetone, but the 

three position is attacked when the diketone is chelated 

to u raetalo 

1 J. Po Collman, It. H. barker and R. L. Marshall, 
Abstracts of papers presented at the A. C. S. meeting, 
Los Angeles, Calif., April 1-5, 1963, p. 6M„ 

2 K. J. Gritter and E. L. Patmore, Proc. Chem0 

Soc., 328 (1962). 
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The alcohol:acetone ratio iB an indication of the 

ease of abstraction of a hydrogen atom; therefore an 

indication of the strength of the carbon-hydrogen bond 

being broken. The rate of abstraction (and, since the 

ji-butoxy radical decomposes at a constant rate, the alco

hol racetone ratio) varies with the chelated metal ion„ 

metal alcoholracetone 
ratio 

metal alcohol .-acetone 
ratio 

none 5.00 Al(III) 5.62 

Na(I) 0.515 Cu(II) 21.0 

Mg(II) 8.85 Be(11) 3108 

Cr(IIl) 5.70 Ni(II) 9.14 

Co(111) 27<,9 Co(II) 4.59 

Mn(lII) 11.6 Zn(II) 2.76 

Fe(Ill) 6.54 kn(II) 19.7 

Gritter and Patmore state that the rate of abstraction can 

be correlated with properties of the metal such as electro

negativity, ionization potential, ionic radius, and ligand 

field effecto The rate increases with increasing energy 

of the metal-oxygen bond. The authors suggest that back 

donation of electrons from the metal to the organic ligand 

determines the relative reactivity,, 

These generalizations appear to be only qualita

tively true, at best. For example, the sum of the two 

ionization potentials for zinc is 27.2 electron volts and 

for copper, 27.9; yet the alcohol:acetone ratio varies by 
o 

factor of 7.6. The ionic radius of Na(I) is 0.95 A and 

Mg(II) 0.82 A; the relative rates differ by 17. Sodium 
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and zinc chelates had the lowest rate of abstraction,. It 

is difficult to draw any conclusions about the differences 

in reactivity caused by metals in this series. 

Interpretation of the electrophilic substitution 

reactions are also ambiguous. Collman^ has expended 

much effort to show that the metal acetylacetonate rings 

have aromatic character (this conclusion has been disputed 

2 3 
by other workers) ' and a different reactivity from that 

of the free ligando As evidence, he points out that the 

metal can prevent oxidation of the ligand; the tris chro

mium compound can be nitrated while the free nitroacetyl-

acetone has not been characterized.. The chelate has been 

compared with the free ligand; a better comparison might 

be with the ligand anion, perhaps as a tetraalkylammonium 

salt o 

The low reactivity of the substituted chelates 

hus been uttributed both to steric hindrance by the two 

methyl groups and to the supposed aromatic character of 

1 J. P. Collman, "Advances in Chemistry Series 
No. 37, Reactions of Coordinated Ligands and Homogeneous 
Catalysis", American Chemical Society, Washington, i). C., 
1963, p. 78. 

2 ft. W. Kluiber, J. Am. Chem. Soc., 82, 4838 
(I960). 

3 R. ii. Holnt and F. A. Cotton, J. Am. Chem. 
Soc., 80, 5658 (1958). 
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the rings. Collman''" has reported syntheses of malonalde-

hyde and formylacetone chelates (replacing one and two 

methyl groups by hydrogens) and their halo and nitro 

derivatives, but the reactivities of these compounds 

have not yet been reportedo 

1 J. P. Collman and £. T. Kittleman, J. Am. Chem. 
Soc., 83, 3529 (1961). 
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£. Effect of Metals on the Acidity of Ligands 

Several reports of a change in the acidity of a 

ligand on coordination to a metal ion have appeared. 

Harkins and Preiser*" studied the chelates of 2-(2-pyridyl)-

benzimidazole and found that the acidity of the imino 

hydrogen was increased by chelation in an amount which 

Cu(II)) Co(II)) Zn(II)> varied with the metal ion used; viz O » 

Ni(II)> Mn(II). 

The same order was later found for the 4-hydroxy 

2 
group of chelated 2,6-dicarboxy-4-hydroxypyridine. The 

following dissociation constants were Msted. 

Metal ion in chelate pK0H pK0H 

Cu(II) 5.0 6.9 

Co(II) 5.5 7.7 

Zn(II) 5.7 7.8 

Ni(II) 5.7 8.0 

Mn(II) 6.4 8.9 

none 11.4 

The two dissociation constants refer to dissocia

tion from first one and then the second coordinated ligand. 

1 T. R0 Harkins and H. Preiser, J. Am. Chem. Soc., 
78, 1143 (1956). 

2 S„ P. Bag, Qo Fernando, and H. Preiser, Inorgo 
Chem0, I, 887 (1962). 
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The authors attributed the increase in acidity of the 

ligand to the electron-withdrawing ability of the metal 

ions, since the effect was approximately inversely pro

portional to the ionic radius. 

The acid-strengthening effect of chelation on 

pyridine-2,6-dialdoxime 

HON* N *N0H 

was found to vary in the order: NI(II) )Zn(II)) Until).* 

i 
metal chelate ^^NOU ^^NOH 

Ni(II) 7.3 8.9 

Zn(II) 8.9 9.8 

Mn(II) 9.7 10.5 

none 10.7 

Chelation of iron(ll) to pyridine-2-aldoxime 

2 
lowers the pK of the oxime group from 10.2 to 701, 

and iron(ll) chelated to 2,2'-pyridylimidazole decreased 

3 
the pK of the imino group from 8.9 to 6elo 

GL 

1 So P. Bag. Q. Fernando, and H. Preiser, Analo 
Chem., 35, 719 (1963). 

2 G. I. H. Hanania and D«> H„ Irvine, J. Chem. 
Soc., 2745 (1962). 

3 Ibid.. p. 2750. 
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An unusual chelate-acidity series has been reported 

for 4-(2-pyridylazo)-resorcinol 

HO 

The pK of the para hydroxy group is 7.0} metal chelation 

changes this value to 

metal 

Co( 11 

Cu( II 

Ni( II 

Zn( II 

Mn( II 

J*. 

4.7 

5.5 

7.7 

7.7 

8 . 8  

£K___ 

6.0 

9.2 

9.3 

10.3 

The unusual position of the free ligand in the series was 

thought to be due to a steric effect. The hydrogen-bonded 

free ligand is planar, allowing the conjugated pyridylazo 

group to withdraw electrons from the phenyl ringo If the 

pyridylazo group is twisted on chelation so that it is not 

in the plane of the phenyl ring, as is indicated by models, 

then the group would lose much of its electron withdrawing 

capability. Another possible interpretation involves 

keto-enol tautomerism. This is important for 2,6-dicar-

boxy-4-hydroxypyridine and may be important for the 

pyridylazo compounds as well0 

1 A, Corsini, Q. Fernando, and He Freiser, Inorgo 
Chem., 2, 224 (1963). 
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The overall effect of metal chelation on an acidic 

group in the ligand seems to be to increase its acidity, 

as long as special effects are absent. The acid strength

ening effect is observed with both neutral and anionic 

ligands, suggesting that this is not a simple electro

static effect. The order of increasing acidity is about 

the same us the order of chelate stability. The order 

also varies with the nature of the ligand involved. This 

area needs further study to properly assess the factors 

involved. 



F. Aromatic Substitution Reactions 
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The effect of coordination on the reactivity of a 

number of aromatic ligands has been studied by Mark Jones 

and co-workers. They found that coordination of chro-

mium(lll) to pyridine or to aniline did not affect the 

usual substitution reactions of the ligand.* Bromination 

of aniline and some of its derivatives was unaffected by 

coordination to palladium(II); bromination of free 

8-hydroxyquinoline or of its metal chelates gave the 

3 
same yield of 5,7-dibrominated product. 

A few differences between the coordinated and free 

ligand were observed. Chlorination of chelated 8-hydroxy

quinoline gave higher yields of 5,7-dichloro product than 

did chlorination of the free ligand, presumably because 

4 
the chelate was protected against oxidation,. The degree 

of bromination of coordinated aniline and toluidine was 

slightly less than for the free amine, but differences in 

the reaction conditions (e.g„, solvent) might account for 

1 J. C. Taft and M. M. Jones, J. Am. Chem. £>oc., 
82, 4196 (I960). 

2 R. L. Jetton and M. k. Jones, Inorg. Chem.. 1. 
309 (1962). 

3 K. E. liaguire and M. M. Jones, J„ Am. Chem. 
Soc., 85, 154 (1963). 

4 Ibido 
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this.* Rates for tribromination of the chrom:;um (III? 

2 
aniline complex were slightly higher than for the ligand. 

Jones chose diazo coupling for a detailed kinetic 

3 
study. Diazotized sulfanilic acid was found to substi

tute at the 7-position of 8-quinolinol-5-sulfonic acido 

Coordination of zinc ion to the ligand did not affect the 

position of attack. 

SOT 

^ . 

0 

Diazo coupling of phenols is a second order re

action, first order in diazonium ion and first order in 

4 
pheaolate anion. In the presence of excess diazo compound, 

pseudo first order kinetics were observed for the free li

gand and for the 1:1 zinc chelate. 

The ratio of zinc to ligand was varied until no 

further change in rate was observed. A large excess of 

1 R. L„ Jetton and U. to. Jones, Inorgo Chem., 1, 
309 (1962). 

2 J. C. Taft and U0 M. Jones, J. Am. Chem. Soc., 
82, 4196 (1960). 

3 K. £. Maguire and M. M. Jones, J. Am. Chem. 
Soc., 85, 154 (1963). 

4 11. Zollinger, "Azo and Diuzo Chemistry, Ali
phatic and Aromatic Compounds", Interscience Publishers, 
Inc., ^ew ifork, N. Y„, 1961, pp. 220-39. 
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zinc favors the formation of the ltl chelate and reduces 

the amount of free ligand in solution. Since further 

addition of zinc did not affect the rate, a mechanism 

involving reuction of the free ligand was ruled outo The 

observed rates for the chelate were lower than the observed 

rates for the ligand by a factor of five. Comparison of 

calculated second order rate constants shows that the 

free phenolate anion reacts approximately 10,000 times 

faster than the metal coordinated species. Phenol has 

been reported* to be less reactive than phenolate anion 

by a factor of 10*^. The order of reactivity is therefore 

ArO" ) zinc chelate ) ArOH. 

Variation of the metal also affected the observed 

2 
rate. The following pseudo first order rate constants 

were observed at inetal:ligand ratios of 100tlo 

2 -1  
metal ion k x 10 min0 obs 

none 3.93 

Al(III) 0.069 

Zn(Il) 0o79 

Ca(II) 2.52 

Na(l) 2.68 

1 H. Zollinger, "Azo and Diazo Chemistry, Ali
phatic and Aromatic Compounds", Interscience Publishers, 
Inc., New York, N. Y., 1961, pp. 220-39o 

2 J. B. Breinig and M. M. Jones, J. Org. Chem., 
28, 852 (1963). 
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2  - 1  
metal ion kQbg x 10 inin. 

Sr(ll) 2.77 

K(I) 2.82 

Mg(II) 2.83 

Ba(ll) 2.90 

Li (I) 2.91 

Cd(II) 6.89 

This is not a simple salt effect since the rates for each 

metal were the same for ine tal s 1 igand ratios from 50:1 to 

400:1. 

Calculation of activation energies gives a value 

of 19o3 kcalo per mole for the reagent0 All of the che

lates had a smaller energy of activation; values ranged 

from 17o7 to 13.4 kcalo per mole0 

Jones concluded that coordination of mono- and 

divalent metal ions has much less effect on reactivity 

than does coordination of a proton. The similar energies 

of activation for the chelate and for the ligand suggest 

that the electronic charge density in the aromatic ring is 

slightly affected. All of the complexes show a lower 

than the free ligand, therefore the major rate reducing 

effect must be on the entropy of activation,, 

Necessarily, the observed energy of activation 

is composed of a number of terms0 The effects of tempera

ture on the ionization of ligand, ionization of buffer, 

and formation of diazonium ion are all includedo Lack 

of this information makes interpretation impossible. 
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Two criticisms of Jones's work on diazo coupling 

seem appropriate. In the last paper, the metal ions were 

appureutly added to a solution buffered with sodium 

acetate-acetic acid0 The experimental section of the 

paper refers to general procedure reported earlier, pro

cedure which used the sodium acetate system; furthermore, 

the listed rates with "no metal present" are the same in 

the two papers. The sodium ion concentration (from the 

buffer) was about 0„14 M,* while the concentrations of 

added metals varied from 0.005 to 0.04 M, This may ex

plain the similarity in rates for those metals which form 

weak complexes. The largest change in rates occurs with 

metals which form strong chelates: aluminum, zinc, and 

cadmium. 

Secondly, Jones attributed the decrease in rate 

of coupling to coordination of a metal ion to 8-hydroxy-

quinoline-5-sulfonic acid. Since an eight-fold variation 

did not affect the rate, it was assumed that the metal 

complexes were the reacting species,, Values of these 

chelate formation constants are as follows: for calcium(Il) 

log is 3.5, strontium(II) is 2.8, and barium(II) is 2„3. 

1 Ko D. Maguire, Ph.Do Thesis, Vanderbilt Univer
sity, 1962, p« 50o 

f 

2 Jo Bjerrum, G. Schwarzenbach, and Lo G„ Sillen, 
"Stability Constants", Burlington House, London, 1957, p. 69. 
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The approximate concentration of ligand in the phenolate 

form at pH 5 is K [hL 1 / Th*] = 10 At a calcium ion 
fit ^ 

concentration one hundred times greater than the total 

ligand concentration, the complex formation expression 

10-7'3. The total ligand would be ML W+2 HK1 = 

_4 
concentration is ^ 10 , so that according to these cal

culations, less than 0.1$ of the ligand is complexed with 

calcium. Barium, sodium, strontium, potassium, and lithium 

would be expected to have even less tendency to complex the 

ligand. Further, since the complex must react slower than 

the ligand, more than 30$ of the ligand must be complexed 

(to remove it as the active species from solution) before 

a contribution to overall rate by the complex can be seen. 

Hence, a failure to observe a change in rate on increasing 

metal ion concentration does not prove that the metal com

plexes are the reacting species, so that one can not say 

that coordination of a metal ion has altered the reac

tivity of the ligand for these metals. Zinc, cadmium, 

aluminum, and perhaps magnesium form stronger complexes, 

and the rates ol' coupling may be true values for these 

complexes. 

Results from this series of papers are interesting 

and seem to establish two points: (l) coordination of a 

metal ion does not change the position of substitution for 

aromatic amines or 8-quinolinol derivatives, and (2) co

ordination of a metal ion has less effect than coordination 
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of a proton. The rate data is not definitive in terms of 

quantitative relationships between uncoordinated ligands 

and ligands coordinated to various metal ions, at least 

as far as can be determined from the published work. 



II. STATEMENT OF THE PROBLEM 

Studies of the effect of coordination on ligand 

reactivity have established that metal ions have a widely 

varying influence on the chemical properties of the co

ordinated ligand. In some cases, the effect of variation 

of inetal ions has been studied. The reactions which have 

received the most attention have been concerned with ali

phatic ligands — bromination of an enol, decarboxylation, 

hydrolysis of Schiff buses. At the time this work was 

begun, no detailed investigation of the effect of coordi

nation of a series of metal ions to an aromatic ligand had 

been published. 

A kinetic study of electrophilic substitution on 

a chelated ligand should show any electronic changes in 

the ligand resulting from chelation. Variation of the 

metal ion should provide a quantitative measure of rela

tive electronic effects and suggest which structural 

parumcters of the metal are influencing the reactivity 

of the ligand. 

The halogenation of 8-quinolinol-5-sulfonic acid 

and its metal chelates was chosen to study the effect of 

chelation on the reactivity of an aromatic ligand. Halo

genation of phenols, a moderately fast reaction, can be 

30 



studied conveniently with coulometric-amperometric tech

niques o The chelates are well-characterized and stable 

so that one can be reasonably sure of the species which 

exist in solution.. The sulfonic group imparts water 

solubility, so that aqueous solutions can be usedo Fur

ther, only one position is activated toward substitution,, 

The purpose of this investigation was to determine 

the quantitative effect of transition metal ions on the 

rute of halogenation of 8-quinolinol-5-sulfonic acid and 

to interpret this effect on an electronic and moleculur 

level„ 



III. EXPERIMENTAL 

A. Reagents 

I. 8-Quinolinol-5-sulfonic Acid 

Eastman white label 8-quinolinol-5-sulfonic acid 

was recrystallized twice from deionized water to give 

loni;, yellow needles. After drying at 90°, the crystals 

melted from 319-21°. Recorded values range from 275° to 

323°.* All melting points were obtained using a Wei-Temp 

electrically heated block and have been corrected. 

The purity was further checked by a variation of 

* 2 
a procedure suggested by Velich „ Approximately 0»15 g. 

of the acid was accurately weighed and dissolved in 20 ml0 

of 10% sodium hydroxidee To this solution, 30 ml. of 

water and 20 ml. of 0ol N iodine were added, the solu

tion stirred, and allowed to react in the dark for five 

minutes,, The solution was then acidified with 25 ml. of 

25% sulfuric acid, 0.5 go of potassium iodide added, and 

the excess iodine titrated with 0ol N sodium thiosulfate 

1 R. Go tf. Hollingshead, "Oxime and Its Deriva
tives", Vol. Ill, Butterworths Scientific Publications, 
London, 1956, p. 882» 

2 V. Velich, Chem. listy, 52, 346 (1958)} C. A», 
52, 10504 (1958). 

32 
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to a starch end point, Equivalent weight: found, 225.6 

g./eq.j calculated, 225.3 g./eq. 

2. 5,7-Dibromo-8-quinolinol 

Bromine was added to a cold solution of 8-quino-

linol in chloroform according to directions given by 

Haase^o The precipitate of 5,7-dibromo-8-quinolinol was 

extracted into ethanol using a Soxhlet extractor. Two 

recrystalligations from benzene gave off-white crystals, 

in.p. 199-200°, lit.2 value, 196°. 

3o 7-Broino-8-quinolinol-5-sulf onic Acid 

8-Quinolinol-5-sulfonic acid was dissolved in 

dilute sodium hydroxide and a solution of potassium bro

mide in water was added with stirring. A 4% solution of 

sodium hypochlorite was added and allowed to react until 

the yellow color of the 8-quinolinol-5-sulfonic acid had 

disappeared. The excess hypochlorite was destroyed with 

sodium bisulfite. The crude 7-bromo-8-quinolinol-5-sul-

fonic acid separated on acidification and was filtered 

off and recrystullized from 20$ (v/v) sulfuric acid. After 

1 L. W. Haase, Z. anal. Chem0, 78, 113 (1929). 

2 Ho G. W. Hollingshead, "Oxine and Its Deri
vatives", Vol. Ill, Butterworths Scientific Publications, 
London, 1956, p„ 710. 



drying, the product had a decomposition range of 280-5° 

reported,* 280°. 

40 p-Iodophenol 

Phenol was iodinated using silver perchlorate 

and iodine in ether0 Recrystallization from petroleum 

ether (b.p. 100-15°) following a vacuum distillation 

(5 mm. Hg) gave white needles, mspo 92°, reported,"* 94°. 

5. Miscellaneous Reagents 

Unless otherwise noted, all chemicals were ob

tained commercially as pure or reagent grade materials 

and were used without further purification# 

1 A. L. Coll and G. P„ Coll, Afinidad, 28, 
163 (1951). 

2 L. Birckenbach and J. Goubeau, Ber., 65, 
395 (1932). 

3 Ibid. 
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All aqueous solutions were prepared from distilled 

water which had been passed through a Crystalab Deeminizer 

containing a mixed bed of cation and anion exchange resins. 

The effluent had a specific conductance which indicated a 

residual impurity of less than one p.p.m„ (as NaCl). The 

solutions were prepared to contain 0.20 moles of buffer 

components, and the pH was adjusted to the exact value 

with 30% KOH or 70?6 HC10^f using a Beckman Model G pH meter 

equipped with a glass-saturated calomel electrode pair. 

The pH meter was standardized with Beckman buffer solu

tions at pH 4 and 7 before use. Except at pH 5, all 

buffers contained either LiBr (for bromination runs) or 

K1 (for iodination runs). 

Acidic solutions - Runs at low pH were carried out using 

perchloric acid solutions of appropriate 

dilution. 

Buffer pH 9 - Mallinckrodt A. R. sodium bicarbonate (16.8 g., 

0.20 moles) was dissolved in water and aque

ous potassium hydroxide and water were added 

to give one liter of solution. 

Buffer pH 7 - Mallinckrodt A. R. potassium dihydrogen phos

phate (27.2 g,t 0.20 moles) was dissolved in 

water and aqueous KOH added. 
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Buffer pH 5 - Matheson Coleman & Bell reagent grade so

dium acetate (10„5 g.» 0.127 moles) and 

iiallinckrodt glacial acetic acid (4,37 g.t 

0.073 moles) were dissolved in water and 

diluted to one liter0 

Buffer pH 4 - This buffer was prepared in the same manner 

as at pH 5. 
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C. Metal Ion Solutions 

All metal ion solutions were prepared from G. 

Frederick Smith hydrated metal perchlorates0 Zinc and 

copper solutions were standardized with ethylenediaraine-

tetraacetic acid according to procedures listed by 

1 2 
Welcher» ' Proper concentrations of solutions of the 

other metals were prepared by direct weighingo 

1 F. Jo belcher, "The Analytical Uses of Ethylene 
diaminetetraacetic Acid", D. Van Nostrand Company, Inc., 
Princeton, New Jersey, 1958, p„ 242,3. 

2 Ibid.t p. 63. 
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D. Apparatus 

1. Principle of Operation 

The apparatus for determining the rate of halo-

genution was adapted from equipment described by Fernando, 

1 2 
et al. ' The principle is this; halogen is electrogen-

erated in solution from halide ion with one hundred per 

cent current efficiency, so that the amount of halogen 

generated can be accurately calculatedo The concentration 

(really the activity) of the halogen in solution is mea

sured by the current produced by the reduction of halogen 

to halide ions at a platinum electrode. The current is 

measured at constant voltage on the diffusion current 

plateau. This is in essence a coulometric titration with 

instantaneous araperometric detection. 

2. Coulometer 

3 4 
Fernando ' used a multivibrator to produce pulses 

of current for electrogeneration of halogen. In this work, 

a Sargent Model IV Coulometric Current Source was used for 

this purpose. The device is equipped with a timer, so 

1 II, A. V, Devanathan and Q. Fernando, Trans. 
Faraday Soc., 5£, 1332 (1956). 

2 Q. Fernando, M. A. V. Devanathan, J. C. Rasiah, 
J. A. Calpin, and K. Nakulesparan, J. Electroanal. Chem., 
3, 46 (1962). 

3 Ibid. 

4 Devanathan and Fernando.loc. cit. 
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that the amount of halogen produced is determined by 

multiplying the time of generation by a factor involving 

the output currento The current is passed through the 

solution between a j)latinum foil electrode (area~2 cm. ) 

and a saturated calomel electrode separated from the ti

tration cell by a sintered glass plug and an agar bridge. 

The current output of the coulometer was calibrated by 

titrating a weighed amount of primary standard grude 

ursenic trioxide with generated bromine (accuracy - 1%). 

3. Amperometric Detector 

The detection system consisted of a rotating 

plutinum microelectrode (driven by a Sargent synchronous 

rotator, catalog number S-76485, at 600 r.p.m.) and another, 

similarly isolated, saturated calomel electrode. The cur

rent was recorded with the recorder on a Sargent Model XV 

polarograph. 

40 Titration Cell 

The solution in the cell was stirred by an all-

glass, low pitch propeller-type stirrer driven by a stir

ring motor. All connections were made with mercury and 

nickel or platinum wires. A diagram of the titration 

cell is shown in Figure 1. The cell was immersed in a 

constant temperature bath controlled to - 0.1°. 
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FIGURE 1 

TITRATION CELL 

a. s a t u r a t e d  c a l o m e l  e l e c t r o d e s  

b .  a g a r  p l u g s  

c .  s i n t e d  g l a s s  p l u g s  

d 0  t h e r m o m e t e r  

e „  p l a t i n u m  f o i l  g e n e r u t i n g  e l e c t r o d e  

f .  r o t a t i n g  p l u t i n u m  m i c r o e l e c t r o d e  

g» glass s t i r r e r  
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E. Procedure 

1. Electrogeneration with Amperometric Titration 

The coulometer and polarograph recorder were 

turned on and allowed to warm up for at least thirty 

minutes before each run. The indicator electrode (ro

tating platinum microelectrode) was pre-treated before 

each run by immersing it in warm, concentrated nitric 

acid for five minutes, washing with distilled water, 

covering with 0.01 M ferrous sulfate for another five 

minutes, and washing again with water in order to obtain 

a reproducible electrode surface.^ Both current and vol

tage circuits were standardized each day for iodine ti

trations, only current circuit for bromine titrations,. 

The solutions were pipeted directly into the ti

tration cell. The reagent solution and metul ion solution 

(or solid metul perchlorates, if desired) were introduced 

into the cell and enough water added to give 50 ml of 

solution. The stirrer was started and 50 ml. of buffer 

solution containing the halide ion was added. 

After the solution attained the proper temperature, 

and with both the stirrer and the rotating microelectrode 

turning, a titration run was started by switching on the 

chart recorder motor of the polarograph, adjusting the base 

1 I. M. Kolthoff and N, Tanaka, Anal. Chem., 
26, 632 (1954). 
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line with the current displacement knob, and switching on 

the coulometer cell current» This began the titrations 

Halogen was generated until the current, as recorded by 

the polarograph, reached a certain value corresponding to 

the current range of the recorder. The current was then 

turned off, the cell emptied, and the process repeatedo 

For determination of bromine, no external vol

tage was used in the indicator circuit and the current 

due to the bromine-bromide couple was measured at 0.25 

volts (vs. the hydrogen electrode). This is on the limit

ing current plateau of the current-voltage curve for elec-

troreduction of bromine to bromide.^ 

For iodination, -0.10 volts was impressed across 

the indicator electrode system (using the polarograph) 

so that the iodine-iodide couple was measured at 0.15 

volts (vs0 the hydrogen electrode). Ramsey, et al..^ 

have observed that the limiting current plateau for io

dine-iodide reduction is 0.100 to 0.160 volts. 

2. Thiosulfate Titration 

For slower reactions, aqueous iodine was added 

to the solution and aliquots were withdrawn for titration 

1 Q. Fernando, M. A. V. Devanathan, J„ C. Rasiah, 
J. A. Calpin, and K. Nakulespuran, J. Electroanul. Chem., 
3, 46 (1962). 

2 J. Ramsey, P. S. Farrington, and H. 
Swift, Anal0 Chem., 22, 332 (1950). 
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ut appropriate time intervals. Buffer, a solution of 

reagent, and metal ion, if desired, were diluted to 90 ml. 

in a 125 ml. gluso-stoppered conical flask immersed in a 

constant temperature bath. After the solution had reached 

the proper temperature, 10 ml. of a solution containing 

iodine and iodide, ulso at the proper temperature, was 

uddedo All volumes were delivered by volumetric pipets» 

A timer was started when the iodinating solution hud half-

emptied into the flask. The stopper was replaced and the 

flask swirled. Aliquots (10 ml.) were withdrawn at inter

vals, quenched in 20 ml. of 0.10 M KI, 5 ml. 2 N ^SO^ 

_3 
added, and the iodine titrated with 10 M thiosulfate to 

a starch end point. A 10 ml. buret graduated to 0.02 ml. 

wus used to follow the decrease in iodine titer with time. 
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F0 Calculations 

lo Electrogenerution and Amperometric Titration 

The use of electrogenerated bromine with an 

amperometric detection and titration system for the de

termination of rate constants was reported by Kozak and 

Fernando.* Bromine is generated at a constant rate, and 

the instantaneous bromine concentration is measured by an 

electrode pair. The current (which is proportionul to 

the bromine concentration) is recorded on a chart driven 

at a constant speed, and the time, bromine concentration, 

and amount of bromine reacted are all known. The rate 

constant can be calculated from these three quantities. 

The method is applicable to moderately fast reactions. 

Titrations with iodine are analogous. 

Some typical titration curves are shown in Figure 2. 

In Figure 3, the straight line is the titration of a solu

tion containing no reagent; hence it illustrates the response 

of the indicator electrodes to the change in concentration 

of halogen in solution., A small time lag (10 to 20 sec.) 

was always observed before the slope of the line obtained 

for a blank titration became constant. The linear portion 

was extrapolated to a new zero concentration of halogen, 

and this was considered to be zero time for the start of 

1 G. S. Kozak and Q. Fernando, Anal. Chim. Acta, 
26, 541 (1962). 



FIGURE 2 

TITIUTION OF 8-QUINOLINOL-5-SULFONIC ACID WITH IODINE 

a. blank 
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FIGURE 3 

ILLUSTRATION OF CURVES FOR CALCULATING KINETIC VALUES 
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the reaction. This "blank time" or lag was also subtracted 

from the extrapolated end point during a halogenation. 

Hence, the time for titration of the reagent is the dis

tance fa in Figure 3. The reason for the lag is not known; 

it cannot be attributed to slow recorder response0 Care

ful purification of the substances used in the blank was 

not effective in reducing this time lago 

From the straight line portion of the blank ti

tration and a knowledge of the number of coulombs gener

ated per minute (from the current setting of the coulometer) 

the concentration of halogen per M amp0 of current can be 

obtainedo The recorder chart is driven at a constant 

speed (l inch per minute); multiplication of the time by 

the generation current gives the amount of halogen gener-

atedo The amount present subtracted from the amount 

generated (de in the Figure) is the amount reacted. The 

slope of the curve of instantaneous reagent concentration 

versus time, determined at any point by drawing a line 

tangent to it, is -d£lt]/dt, where [r] stands for the re

agent concentration. The observed second order rate con

stant, k, is calculated from the equation 

-d[R]/dt 

^obs 

This rate constant can be corrected for the bromine-

bromide equilibrium if desiredo The indicator electrode 



48 

responds to bromine and tribromide, and Cgr in the above 

equation includes both these species, as well as any others 

which are electroactive. The value* which was used for 

[»r3 ' [Br2][Br~] was 16. For iodine, the values used were 

710 at 25°, 787 at 20° (extrapolated), 1000 at 10° (ex-

o 2 
trapolated), and 1393 at 0 . Data for a typical run are 

shown in Table 1. 

2. Thiosulfate Titration. 

Second order rate constants were calculated from 

a knowledge of the iodine concentration, as determined by 

thiosulfate titration. The equation used was 

2.303 a(b-x) 
k = • log ——— , where a and b are the 

(b-a)t b(a-x) 

initial concentrations of iodine and reagent, t is the 

3 
time, and x is the amount reacted. The rate constants 

were corrected for triiodide formation. Data for a typi

cal run are shown in Table 2. 

1 R o  P. Bell and D» J. Rawlinson, J. Chem. Soc., 
63 (1961). 

2 G. Jones and B. B„ Kaplan, J. Am. Chem. Soc., 
50, 1845 (1928). 

3 A. H. Frost and R. G. Pearson, "Kinetics and 
Mechanism", John Wiley & Sons, Inc., New York, N. ¥., 
1953, p. 17. 
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TABLE 1 Data for a Typical Amperometric-Coulometric Run -

Iodination of 8-Quinolinol-5-sulfonic Aoid 

time 

(min.) 

curve 
height 
(cm.) 

I2 

(moles/1.) (moles/L) (moles/L) 

k 
(1.moIf 
min."* 

0 4.00xl0"4 

0.19 0.85 0.285x10""' Oo511xlO~6 3.92 

0.69 2.30 1.03 1.388 3.52 *1.88x10 

0.89 2.70 1.34 1.630 3.22 *2.09 

1.09 3.00 1.64 1.808 3.09 1.97 

1.29 3.40 1.99 2.05 2.84 1.90 

1.49 3.60 2.24 2.17 2.64 1.93 

1.69 3.90 2.54 2.37 2.41 1.94 

1.89 4.20 2.84 2.53 2.18 2.01 

2.09 4.55 3.14 2.74 1.97 2.02 

2.29 4.96 3.44 2.99 1.76 1.84 

2.69 5.93 4.04 3.57 1.40 *1.61 

3.09 7.10 4.64 4.28 1.09 

ave„ 

*1.30 

= 1.94 

* not included in the average 

Conditions 

Sargent IT - current setting 0.05 

Sargent XV - current sensitivity 0.60HA/mm. 

damping 4 

Solution - pH 7, phosphate buffer (0.10 M), 

iodide = 0.05 Uf 20° 



TABLE 2 Data for a Typical Thiosulfate Run -

lodination of 8-Quinolinol-5-sulfonic Acid 

50 

time (min.) ml. $2^3 x k (l. moles* min. *) 

0 9.66 
8.15 9.08 0.61xl0~4 17.9 

15.6 8.62 1.09 17.4 

26.6 8.10 1.64 18.5 

35.6 7.77 1.99 17.9 

47.4 7.39 2.39 18.0 

60.9 7.06 2.74 17.9 

74.5 6.77 3.04 18.0 

89.9 6.51 3.32 18.4 

118 6.18 3.86 19.4 

ave. = 18.2 

Conditions 

~I2] = 10.15 x 10"4 

8-HQSa) = 4.54 x 10~4 

[zn+2] = 4.54 x 10"3 

pH 5, acetate buffer (0.10 M), iodide = 0.02 U, 20° 

These rates have not been corrected for triiodide formation. 



IV. RESULTS AND DISCUSSION 

A. Technique of Obtaining Kinetic Data 

The determination of rate constants for the 

bromination of phenol using electrogenerated bromine has 

been described.1 The method has also been extended to 

phenetole. Good agreement between the rate of bromination 

of phenetole by this method and the rate of bromination 

2 
of anisole by a potentiometric technique was foundo The 

advantage of electrogeneration is that very small quanti

ties of halogen can accurately be introduced into solution; 

amperometric detection allows accurate, instantaneous de

termination of amount of halogen in solution, These two 

factors permit the kinetic study of fast reactions. 

The iodination of phenol was studied carefully by 

Berliner o (See Section IV C for details,) This reaction 

was chosen to provide a comparison of the electrical 

method with a titrimetric method utilizing standard 

1 G. S. Kozak and Q, Fernando, Anal. Chim, Acta, 
26, 541 (1962). 

2 G. S. Kozak and Q. Fernando, J, Phys„ Chem., 
67, 811 (1963) 

3 E. Berliner, J. Am. Chem. Soc,, 73, 4307 (1951). 

51 
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thiosulfate and iodine solutions. Berliner found that the 

observed rate could be fitted to the expression 

^obs = ^o^ + ̂  (^ase ^ (base )/^H+J. The 

constants (in 1, moles"* min.""*) were given as 

k = 3.34 x 10~7, k' for HPO= = 2.25 x 10~5, and k" for 
o '4 

I^PO" = 7 x 10~7. At pH 7, using 0.10 M total phosphate 

buffer, the calculated rate is 12.2 1. moles * min.* Using 

the uctivution energy of 25.2 kcal./mole to change the 

rate* to 20° and multiplying both observed rates by the 

square of the iodide ion concentration gives 5.9 x (0.12) * 

0.085 (titrimetric) and 5.1 x 10^ x (0„05)^ = 1.3 (electri

cal, both rates being in 1. moles'* mini*. For three dif

ferent runs, the electrical value was higher than the 

calculated titrimetric value by factors of 14.7, 15.1, and 

11.0o 

The rate data for the coulometric-aaiperometric 

system were obtained over the first 10$ of the reaction} 

Berliner followed the reaction to 90$ completion. 

In order to follow the reaction under the same 

conditions used by Berliner, a Dynatron Model 1811 milli-

microammeter was used instead of the polarograph recorder. 

The current and time readings were obtained raanuallye 

This run gave an observed rate of 15.8, compared to Ber

liner's observed rate of lo06, higher by a factor of 14.9. 

1 E„ Berliner, J. Am. Chem. Soc», 73, 4307 (1951). 
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Although it is difficult and perhaps dangerous to 

draw conclusions by comparing only four experimental runs 

and a literature value, the constancy of the higher fac

tor does suggest that two different species were being 

measured. A thiosulfate titration measures the total 

amount of iodine in solution, regardless of the form, 

whereas the electrode system measures only the electro-

reducible iodine0 Triiodide and iodine are both electro-

reducible and are measured by the electrode system,, 

There is little difference in the activity of these two 

species as shown by similar electrode potentials and by 

the absence of any current change on the addition of solid 

potassium iodide to an iodine-iodide system0 A lower 

iodine concentration as "seen" by the electrode system 

would result in a higher rate, 

^obs Cj g 

Iodine forms complexes with benzene, alkylben-

zenes, alcohols, unci ethers,*" The formation constant 

for the complexes increases with increasing basicity of 

the donur molecule, the equilibrium constant being 107 

for the formation of a benzene-iodine complex and 7„2 

1 L, J o  Andrews and R o  M0 Keefer in H0 J o  Eraeleus 
and A. G. Sharpe, edo, "Advances in Inorganic Chemistry 
and Radiochemistry, Vol. Ill, Academic Press, Inc., New 
York, No Ye, 1961, p. 91. 
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for a raesitylene-iodine complex,* The molecular complexes 

have intense absorption peaks in the 280-400 m/< region. 

In the presence of iodine, both phenol and p-iodo-

plienol have intense absorption peaks around 285 m/io 

Figures 4 and 5 show the ultraviolet absorption spectra 

of phenol and p-iodophenol in water and the change caused 

by addition of iodine. If this complex is inactive toward 

the electrodes, a lower iodine concentration would be mea

sured, and the rate as determined by thiosulfate titration 

would be less than that determined by an amperometric de

tection system. 

Dilution experiments using the electrode system 

suggested that the addition of water to a solution con

taining iodine caused a smaller current decrease than 

addition of the same volume of water containing a small 

umount of phenol. Conditions were such that no reaction 

took place. The differences were small and must be re

garded as indicative rather than definitive. 

If this interpretation is correct, one would expect 

that the rate would vary with the initial concentration of 

phenol. This did not occur under the conditions used, 

although the range of concentrations (0.0013 to 0.0032 M) 

was too small for conclusions to be meaningful. No variation 

1 Ho A. Benesi and J. H. Hildebrand, J. Am. Chem. 
Soc., 71, 2703 (1949). 
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2 . 0  

FIGURE 5 

EFFECT OF IODINE ON THE SPECTRUM OF IODOPHENOL 
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of rate occurred over a ten-fold concentration change for 

8-quinolinol-5-sulfonic acid. 

The experiment was repeated at pH 5 with 8-quino-

1inol-5-sulfonic acid. Iodine was electrogenerated in 

solution, and a plot of the iodine concentration vs. cur

rent as measured by a Hewlett-Packard Model '125A micro-

ammeter was linear and passed through the origin,, A 

solution of 8-quinolinol-5-sulfonic acid was added and the 

decrease in current with time recorded,, The value calcu

lated for the rate of iodination from this run was 9«67 

lo moles"* mini*, which compares well with the value of 

9„58 obtained by thiosulfate titration. 

Ultraviolet spectra of 8-quinolinol-5-sulfonic 

acid show a shift to shorter wave lengths when iodine is 

present; A for the reagent is 241 m/t, addition of 
r ' ' max 

iodine moves the A to 226-31 mA, and the extinction v max 

coefficient increases. This does not follow the usual 

pattern for iodine complexes, and may indicate a different 

(electro-inactive?) type of species. Regardless of com

plex formation, the species measured by the electrodes 

and by titration for 8-quinolinol-5-sulfonic acid seems 

to be the same. 
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B. Bromodeaulfonation of 8-Quinolinol-5-sulfonic Acid 

The rate of bromination of 8-quinolinol-5-sulfonic 

acid was the first reaction chosen for study. The ligand 

forms stable chelates whose formation constants are known, 

the sulfonic acid group provides reasonable solubility, 

and only one position (7) is active towards electrophilic 

substitution reuctions. 

An amperometric titration using bromine for the 

determination of the reagent has been published by Fernan

do^. An accuracy of about Jf* was reported for concentra-

—4 
tions of 1 x 10 Mo The hydrogen ion concentration was 

about 0.5 M0 

A number of different acidities were studied to 

find a pH region in which good kinetic data could be ob

tained. In 1 M perchloric acid, good ltl stoichiometry 

was observed. At an acid concentration of 0.05 M, two 

moles of bromine were consumed per mole of 8-hydroxy-

quinoline-5-sulfonic acid. The 2:1 ratio was also observed 

in solutions buffered at pH 4 or pH 5. All these runs were 

at 25°. At 0° and pH 4, the ratio of bromine consumed per 

mole of ligand varied from 1.1 to 1.7, depending on the 

initial concentration of ligand and the rate of generation 

of bromine. In base (0„7 M NaOH) only 1:1 stoichiometry 

1 Q. Fernando, Analyst, 72., 713 (1954)» 
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occurred.. (See the procedure for determining the purity 

of 8-quinolinol-5-sulfonic acid.) 

The product from the reaction involving consump

tion of two moles of bromine was identified as 5,7-dibromo-

8-quinolinol by the following procedure. The bromination 

was carried out on a macro scale by dissolving 0.10 g. of 

sodium acetate in 40 ml. of water and adjusting the pH to 

-4 
4 with acetic acid. To this solution 0.11 g. (5.0 x 10 

moles) of 8-quinolinol-5-sulfonic acid, 0.1 g, LiBr, and 

0.18 g. (1.1 x 10~ moles) bromine. The solution was 

stirred until all the bromine disappeared and the yellow 

color due to the 8-quinolinol-5-3ulfonic acid became 

lighter. The solution was passed through a Dowex 50W-X1 

strong cution exchange column and eluted with water 

(200 ml.) until the washings were neutral. The effluent 

was cooled overnight and the white solid which precipitated, 

was collected by filtration. 

The crude product melted sharply at 198°, authentic 

5,7-dibromo-8-quinolinol melts from 198.5 to 199°. The 

melting point of a mixture of the two solids was not de

pressed. Further evidence was provided by the ultraviolet 

spectra. The known 5,7-dibromo-8-quinolinol had maxima 

and extinction coefficients as follows: A 250 mA 
' max 

(4.64) and Amov 320-35 (3.51); the unknown bad \ at 
tuclx 

250 m/<(4*63) and A_,„„ 320-05(3.48). The product of 
wclx 

dibromination is 5,7-dibromo-8-quinolinolo 
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The qualitative effect of metal ions was studied. 

At 25° and pH 4, good 1:2 stoichiometry was observed. 

Under these conditions sufficient metal ion to form the 

1:2 chelate was added. The effect of the metal on the 

overall rate was small (at least partly due to incomplete 

chelate formation), but a decrease could be observed. The 

amount of decrease varied according to the order Cu(ll)) 

Co(II)) Ni(II) ̂ Mn(II). The rate for Mn(II) was about 

the same as that for the free ligand. 

Bromodesulfonation is a typical electrophilic sub

stitution reaction and the kinetics and mechanism have 

been studied by Cannell*. A few attempts were made to 

study the kinetics of bromodesulfonation of 7-bromo-8-

quinolinol-5-sull'onic ucid. Good 1:1 stoichiometry was 

not observed; the ratio of bromine consumed to ligand 

varied from 0.9 to 1.0. No attempt was made to obtain 

detailed kinetic data in this system0 Further work on 

this reaction would be of interest. 

1 L. G. Cannell, J. Am. Chem. Soc.. 79. 2927 
(1957). 
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C. Iodination of 8-Quinolinol-5-sulfonic Acid 

1. The Mechanism of Iodination of Phenols 

Cofman^ studied the kinetics of iodination of a 

number of phenols and found that molecular iodine was 

not an effective iodinating agent in acid solutions. 

In basic solutions an "active iodine" was formed which 

was postulated to be hypoiodous acid, HOI. The following 

reaction sequence was proposed 

I2 + OH" • HOI + I" 

H I 

I OH 

(T 0" 

+ h2O 

(ArHO") 

Cofman suggested that other common iodinating 

agents also formed H0Ie Examples are 

NI3 + 3H20 > 3H0I + NH3 

IC1 + H20 * HOI + HC1 

Base was necessary during the iodination to. promote the 

hydrolysis of molecular iodine, or to neutralize acids 

formed from the hydrolysis or reaction products0 A posi

tive iodine cation (I*) was mentioned as a possible active 

species. 

1 V. Cofman, J. Chem„ Soc., 115. 1040 (1919). 
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Soper and Smith* did a careful kinetic study of 

the reaction of iodine and phenol in the presence of ex

cess iodide ion. The following possible reactants and 

their rate expressions were considered. 

ki 4. 
(1) ArHOH + I2 ArlOH + I" + H 

i2 * r ij Kj = [i;] / [iJ [i-j 

rate = k± [ArHOH) [i^J / ̂  [i"] 

k 2  
(2) ArHOH + HOI ArlOH + H20 

I + H20 ^HOI + H+ + I" 

Kh = [ll0l][H+][l-]/[l2] 

rat. = k2Kh [ArHOH] [i^/Kjy] [i"] 2 

k3 
(3) ArHO + HOI ArlOH + OH 

ArHOH i==^ ArHO" + H+ 

K. = [ArHO"] [H+]/[ArHOH] 

rate = k3KhK. [ArHOH] [i^/K^H4"] 2 [i"] 2 

, k. 
(4) ArHOH + I* ArlOH + HjO 

i2*—— i +  + 1 _  K
d  =  [ i + ] r i ~ > [ i 2 i  

rate = k4Kd[ArH0H] [i^/K^I"] 2 

Experimentally, the reaction was first order in 

phenol, first order in triiodide, and inversely propor

tional to the square of the iodide ion concentration» The 

reaction was also inversely proportional to the hydrogen 

1 F. G. Soper and G. F. Smith, J. Chem. Soc., 
130, 2757 (1927). 
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ion concentration, with the non-integral order being be

tween one and two. These observations support (3) as the 

most important reaction, with a small contribution to the 

overall rate from (2). Fhenoxide ion was calculated to be 

180 times as reactive as phenol, hypoiodous acid more re

active than iodine by a factor of 10^. 

A re-examination of the reaction by Painter and 

Soper* showed that the rate of iodination at constant pH 

is a function of the buffer concentration. The rate equa

tion was written as 

(5) rate = kQ[ArH0H] [l~] + k^ [ArHOH] [l~ ] [HA] 

where kQ is the rate for the uncatalyzed reaction, k^ is 

the catalyzed rate, and HA is the buffer acid. As the pH 

changes, kQ varies inversely with the first power of the 

hydrogen ion concentration and k^ according to the second 

power. The total rate was again found to be first order 

in phenol and in iodine, and inverse second order in iodide. 

These observations can be interpreted as a reaction between 

phenol and hypoiodous acid, or an iodine cation and phen-

oxide ion. The catalysis by buffer was interpreted as 

formation of an iodinating species involving the base and 

iodine, e.g., an acyl hypoiodite. 

1 B. S. Painter and F. G. Soper, J. Chem. Soc., 
342 (1947). 
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Berliner studied the iodination of aniline* and 

of phenol.^ He found that the rate of iodination of phe

nol was greater than that of aniline and suggested that 

this was evidence for the phenoxide ion as the active 

species. He also proposed general base catalysis rather 

than catalysis by an intermediate such as an acyl hypo-

iodite. The activation energy for the observed reaction 

was found to be 25.2 kcal./mole while a value of 19.4 

kcalo/mole was calculated for the phenoxide ion reaction.. 

3 
Grovenstein and Henderson pointed out that the 

kinetics of the reaction also fitted this scheme 

(6) ArHOH ffr8t) ArHO" + H+ 

- ^1 -
ArHO + I0 ArHIO + I 

k 
-1 

^2 + — 
ArHOH +1, ArHIO + H + I 

k-2 

ArHIO + base —^3 » ArIO~ + base - H+ 

where ArHIO could have the structure 

0 
II 

1 E. Berliner, J. Am. Chem. Soc ., 7£, 4003 (1950). 

2 Ibid.. 73, 4307 (1951). 

3 JS. Grovenstein, Jr. and U. V. Henderson, Jr., 
J. Am. Chem. Soc», 78, 569 (1956). 
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Either a buffer component or water can accept the proton 

from the semiquinone intermediate, thus accounting for 

the two terms in the Painter and Soper equation (equation 

5). This mechanism requires neither hypoiodous acid nor 

an iodine cation as the active agento 

This mechanism was soon supported* by the obser

vation of a hydrogen isotope effect during the iodination 

of 2,4,6-trideuterophenol, showing that the carbon-hydro

gen bond breaking is kinetically important,, The ratio of 

rate constants is 3<,97. The authors emphasize that 

the proposed intermediate must be in equilibrium with the 

reactants; therefore the nature of the iodinating agent 

remains in doubt. 

The kinetics of iodination of 4-nitrophenol and 

its deuterated analog follow the same general pattern as 

2 
the others, first order in iodine and phenol and inverse 

second order in iodide. The isotope effect at high io

dide concentrations is also the same. Variation of the 

iodide ion concentration changes the isotope effect and 

the experimental order in iodide, both of these decreasing 

as the iodide concentration becomes very low. The hydro

gen ion dependence also decreases at low iodide concentrati 

1 E. Grovenstein, Jr. and D. C. Kilby, J„ Am. 
Chemo Soc., 79, 2972 (1957). 

2 E. Grovenstein, Jr. and N. S. Aprahamian, 
J. Am. Chem. Soc., 8£, 212 (1962)0 
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These observations are consistent with the mechanism pro

posed previously (6)c Either the phenol or phenoxide ion 

reacts with iodine to form an intermediate, perhaps of 

the form 

°v  

This species can react with iodide ion to regenerate 

starting materials or with base to form product. The 

4-nitrophenoxide ion was calculated to be 2 x 10^ times 

more reactive than 4-nitrophenol. 
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2o The Mechanism of Iodination of 8-Quinolinol-5-sulfonic 

Acid 

At constant pH, buffer concentration, and iodide 

concentration, the iodination of 8-quinolinol-5-sulfonic 

acid is pseudo second order. The first order dependence 

on 8-hydroxyquinoline-5-sulfonic acid (8-HQSA) is shown 

in Table 3. All rate constants are corrected for triio-

dide formation. It is not possible to vary the initial 

iodine concentrations with the amperonetric-coulometric 

system, but the uniformity of the calculated rate con

stants as the iodine concentration varies during a run 

shows the first order dependence on iodine. At pH 5, 

the initial iodine concentration can be raried and a 

first order dependence on iodine shown (Table 4)0 

The reaction also depends on the buffer concen

tration. At pH 7, for example, the observed rate decreased 

from 2.3 x 10"* to 1.9 x 10^ (1. moles""* min.-*) when the 

phosphate buffer concentration was decreased from 0.10 11 

to 0.05 M. The ionic strength was held constant with 

sodium perchlorate. 

Similarly, an inverse order in iodide ion (even 

after correction for the iodine-triiodide equilibrium) 

was found. At pH 7, the rate was 2.3 1. moles-* min.~* 

in 0.05 M KI, this decreased to 1.1 1. moles min."1 

when the iodide concentration was 0.10 M. Similar results 
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TABLE 3 Effect of Reagent Concentration on the lodination 

of 8-Quinolinol-5-sulfonic Acid 

Run p H  8-HQSA, U k, liter molea 

179 9 0.503xl0"4 2.35xl06 

180 9 1.01 2.47 

181 9 lo51 2.65 

242 7 0.500 2.27xl05 

205 7 l o O l  2o39 

207 7 2.51 2.50 

244 7 5 o O O  2.33 

Runs 179-81 were at 20°, carbonate buffer (total carbonate = 

OolO y), and at an iodide concentration of 0o10 

Runs 205,7 and 242,4 were at 20°, phosphate buffer (total 

phosphate = 0.10 U)t at an iodide concentration of 

0.05 Ua 
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TABLE 4 Effect of Iodine Concentration on the Iodination 

of 8-Quinolinol-5-sulfonic Acid 

Run PH Iodine, k k, liter moles 

316 5 5ol2xlO~4 3.6lxl02 

306 5 l.OlxlO"3 3.47xl02 

312 5 1.08xl0-3 2.62x102 

317 5 5.12xl0~4 2.58xl02 

Huns 306 and 316 were at pH 5, acetate buffer (0.10 k ) ,  
iodide = 0.02 k, Zn(II) = 1.82 x 10~3 M, and 20°. 

Suns 312 and 317 were at pH 5» acetate buffer (0.10 M), 

iodide = 0.02 M, Zn(II) = 4.54 x 10-2 M, and 20°. 

These rates are corrected for triiodide formation. 
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were obtained at pH 9* These observations are in accord 

with the mechanism 

+ *2 "r" + I" 

and 

+ HT + I" 

SO" 

I I + base 

0 

Both the phenol and the phenoxide ion are formulated as 

1 2 
reactive species. Berliner and Painter and Soper noted 

that the observed rate constant was composed of at least 

two terms: one term involving an inverse first power term 

+ base - H 

1 E. Berliner, J. Am. Chem. Soc., 73, 4307 (1951). 

2 B. S. Painter and F. G. Soper, J. Chem. Soc., 
342 (1947). 



in hydrogen ion, the second containing an inverse second 

power term in hydrogen ion. Calculated rate constants for 

each of these cases are tabulated in Table 5. Berliner 

interpreted the second terra as catalysis by base, consid

ering only the basic component of the buffer. The reac

tion velocity wus directly proportional to the buffer 

concentration. In this reaction, an effect of buffer is 

also observed. The low rate observed at pll 5 may mean 

that at high pH hydroxide ion is also effective in remov

ing the proton from the aemiquinone form, 

Ionic strength had little effect on the rate of 

reaction. Experiments using sodium perchlorate or sodium 

nitrate to increase the ionic strength to 0.40 from 0.15 

gave rate constants of 9.98 10 moles"* min.""*, compared 

to 9«58 1. moles""* rain.-*. 

The mechanism proposed by Grovenstein and Henderson 

(6) seems to fit all of the known facts of this reaction. 

The phenoxide form would be expected to be much more re

active than the phenol form, and may be the only one which 

needs to be considered. Further work on the mechanism of 

iodination would better define the function of the buffer 

and perhaps be specific as to the relative reactivity of 

the phenol and phenoxide„ The understanding of the overall 

mechanism, however, seems sufficient to proceed to the 

effect of chelated metals on the reactivity of the system,, 
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5 Calculation of Rate Constants Using Different 

Rate Expressions 

PI1 kob» t1"] kobS MM kobs [r][H+]2 

9 2o6xl05 2.6xl0~4 2 «6xlO~13 

7 l.lxlO4 l.lxlO"3 1 olxlO"10 

5 1.9X10"1 1.9xl0"6 1 .9X10"11 

koba is calculated from - d£R]/dt = ko^s 



3. The Effect of Metal Ions on the Rate of Iodination 

Bender* has listed a number of ways in which a 

metal ion may affect the rate of an organic reaction. 

These are (l) a metal ion can be considered an acid (Lewis) 

that can exist in neutral solution, influencing reactivity 

by its cationic charge, (2) the metal ion may act as a 

reservoir for electrons, absorbing or releasing them ac

cording to the demand of the attacking reagent, (3) a 

specific entity — reactant, product, or reactive inter

mediate — may be stabilized by interaction with the metal 

ion, and (4) the metal ion may serve a stereochemical pur

pose, either providing a collection point for both compo

nents of a bimolecular reaction or holding one of the 

reactants in a particular stereospecific form. 

One would expect that the coordination of a di

valent metal ion to 8-quinolinol-5-sulfonic acid (to form 

a 1:1 chelate) would deactivate the ligand to electro-

philic substitution. The replacement of a proton by an 

ion carrying two positive charges should affect the elec

tronic distribution in the ligand in such a manner as to 

reduce the electron density in the ring. Similarly, by 

comparison of the chelate with the phenoxide ion, one would 

1 M. L. Bender, "Advances in Chemistry Series 
No. 37, Reactions of Coordinated Ligands and Homogeneous 
Catalysis", American Chemical Society, Washington, 1). C., 
1963, pp. 34-5. 
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expect that coordination of the negative oxygen to a di-

positive ion would reduce the electron density on the 

oxygen and thereby reduce electron donation from the oxy

gen to the ring. This line of reasoning would predict a 

greater change in rate in going from the phenoxide to the 

chelate than in going from the phenol to the chelate0 

The comparison is not exact, since the species involved 

in the phenoxide case is the 1:2 chelate; whereas, the 

latter involves the lsl chelate., In both cases then, the 

charge effect is the same — from minus one to zero for 

the phenoxide and from zero to plus one for the phenolo 

A decrease of comparable magnitude for the chelate would 

be predicted in both cases, considering only charge effects. 

It can be argued that steric effects also should be 

considered, since a metal ion is larger than a proton and 

therefore might affect the number seven position by its 

bulk. An examination of Fischer-Hirschfelder molecular 

models suggests that the metal is held away from the seven 

position of the ring so that no steric effect should be 

observed. Further, the limited data which is available 

on the chelate stability constants of 7-bromo-^" and 

2 
7-iodo-8-hydroxyquinoline-5-sulfonic acids seems consistent 

1 J. Fresco and H. Freiser, Inorg. Chem., 2, 
82 (1963)o 

2 A. Ekman and R. Masanen, Acta Chem. Scund., 7, 
1261 (1953). 
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with the idea of little or no steric effect to chelation,, 

The addition of metal ions of the first transition 

series to solutions containing 8-quinolinol-5-sulfonic 

acid slows the rate of reaction<> Tables 6, 7, and 8 list 

the rate constants obtained in the presence of added metal 

ions. The order of effect of the metals is Cu( II )*•' Ni (II) ) 

Co(II) ) Zn(ll)~Fe(lI) ) Mn(II). All of the metals slow 

the rate relative to the free ligand. The effect of the 

1 2 
metal ions follows the same order as the Mellor-Maley ' 

order for the stability of complexes of the divalent metal 

ions o 

The rate also decreases as the metal to ligand 

ratio increases. One possible explanation for this phe

nomenon might be that the metal ion stabilizes one of the 

reactants (i.e., the phenoxide ion) by complex formation 

and that the decrease in rate is solely due to a decrease 

in concentration of this species0 This interpretation is 

incorrect, however, as an analysis of the effect of vary

ing the ratio of metal ion to ligand shows„ At pH 5, the 

ratio of zinc to ligand was varied from 0.50 to 500. The 

rate constants are lidted in Table 9. If only the free 

ligand were reacting (in either phenol or phenolate form), 

1 D. P. Mellor and L. iialey, Nature, 159, 370 
(1947). 

2 Ibid.. 161, 436 (1948). 
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TABLE 6 Effect of Metal lona on the Rate of Iodinution of 

8-Quinolinol-5-aulfonic Acid at pH 5 

toetal Ion MetalsLigand Ratio ^obs^° m°les~* minT*) 

iin(II) 10 5.84 

100 2.96 

500 1„97 

Co(II) 10 0.830 

100 0.770 

Ni(Il) 10 0.854 

100 0.740 

Zn(ll) 10 1.09 

100 0.907 

500 0.568 

none - 9.58 

Runs were in acetate buffer (0.10 M), at an iodide concen

tration of 0.02 M, und ut 20°. 
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TABLE 7 Effect of Metal Ions on the Hate of Iodination of 

8-Quinolinol-5-sulfonic Acid at pH 7 

Metal Ion k , (1. moles ^ rain.^) 
obs 

none 2.34x10"* 

Un(II) 1.58 

Pe(II) 0.45 

Co(II) 0.38 

Nil II) 0.22 

Cu(II) ~0ol9 

Zn(II) 0 o 52 

Runs were in phosphate buffer (0,10 to), at an iodide 

concentration of 0.05 M, and at 20°. 

The metalsligand ratio was 1:2. 
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TABLE 8 Effect of Metal Ions on the Rate of lodination of 

8-Quinolinol-5-sulfonic Acid at pH 9 

Metal Ion k , (1. moles""* mini*) 
obs 

none 2.59x10 

Mn(II) 0.796 

Mn(II)* 0*335 

Fe(ll) 0 0 21 

Co(II) 0.15 

Ni(Il) <0.11 

Cu(Il) 0.13 

Zn(Il) 0.17 

Runs were in carbonate buffer (0.10 M), at an iodide 

concentration of 0.10 to, and at 20°. 

£ 
The metal:ligand ratio was 1:2, except Mn(Il) which 

was 1:1. 
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TABLE 9 Effect of the Zinc to Ligand Ratio on the Rate of 

lodination of 8-Quinolinol-5-sulfonic Acid 

Zinc:Ligund 

0 o 300 

1.00 
2.00 
4.00 

10.00 

20.00 
50.00 

100.0 
200.0 
500 .0  

k . (1. moles"* min.~*) 
obs 

5.30 

3.28 

1.74 

1.31 

1.09 

1.07 

0.943 

0.907 

0.675 

0 .586  

Runs were in acetate buffer (0.10 U), at an iodide concen

tration of 0.02 M, and at 20°. 



one would expect an approximately linear decrease in rate 

with added zinc; this clearly does not occur<> 

A quantitative argument against a mechanism invol

ving iodination of the free ligand only, follows from 

complex formation equilibria calculations. Following 

Laitinen*, the following quantities are defined: 

KML = KULW2^ = M/°UCL • ,here KML = oondi-

tional formation constant for ML, and 

is the formation constant 

= total metul not complexed with the ligand = 

[m+2]//9 {(3 = 1 in the absence of auxiliary 

complexing agents). 

= ligand not complexed with metal = 

= total concentration of ligand 

L"2 K K 
o< „ = = 

K 
I 

2 C. FH+ 2]+ K T H+] + K K 
l L J ai L j ai £ 

Substituting the acid dissociation constants for 8-quino-

2 -3 7 
linol-5-sulfonic acid, the value of at pH 5 is 10 * , 

1 H. A. Laitinen, "Chemical Analysis", McGraw-Hill 
Book Company, Inc., New Kork, N. Y„, 1960, pp. 230-4. 

2 J. Bjerrum, G. Schwarzenbach, and L. G. Sillen, 
"Stability Constants", Burlington House, London, 1957, 
p. 69. 



Neglecting the complexing ability of ucetate , the condi-

1 4.9 
tional formation constant, then 10 * . Assuming 

that at large metal to ligand ratios most ol' the ligand 

is in the form of the complex, ML; i.e., [ml] /n"' the 

amount of ligand not complexed is ^ * 

This gives a value for of 10~^°^/C^. Therefore the 

rute ought to decrease almost linearly with added metal. 

The concentration of free ligand present at each 

concentration of zinc was calculated. In Table 10, rates 

calculated on the Lasis of free ligand only are compared 

with the observed rates,, The lack of correspondence in 

these values definitely rules out iodination of the free 

ligand as an important reaction at high zinc concentra

tions. The stability of the other metal chelates, with 

the possible exception of manganese, also precludes the 

presence of a significant amount of free ligand in solu

tion under these conditions,, Since for munganese is 

2 
lower than that for zinc by a factor of 100, there may 

be an appreciable contribution to the rate by the free 

1 The K, for acetic acid with zinc is 1.0 ( J. 
^ I 

Bjerrum, G. Schwarzenbach, and L. G. Sillen, "Stability 
Constants", Burlington House, London, 1957, p. 4); 
1 i-n _ . 
« = Ki lIOAc I , so that for these solutions 
H i-0 L J 

/3 isi 0o9. 

2 Bjerrum, ejt a_l. , ojio cit0 . p. 69. 



TABLE 10 Comparison of Observed and Calculated Hate 

Constants Considering Only Free Ligand in 

Solution for the lodination of 8-Quinolinol-

5-sulfonic Acid and Its Zinc(II) Chelate 

ZincsLigand Log CT Calc. Rate Constant Obs. Rate Constant 
— 1 —J 

Ratio (l. moles" min." ) (l„ moles" min. ) 

0 -3.3 — 5.30 

2 -5.2 0.067 1.74 

4 -5.5 0.033 1.31 

10 -5.9 0.013 1.09 

20 -6.2 0.0067 1.07 

50 -6.6 0.0027 0,943 

100 -6.9 0.0013 0.907 

200 

cm 0 
t-1 0.0006 0.675 

500 -7,6 0.0003 0.586 



83 

ligand (the calculated rate is leas than the observed rate 

by a factor of 10). 

At pll 9, (A 2 has a value of 10"°°^. Only with 

manganese is there a significant (^20%) free ligand con

centration in solution. All other metal ions hold more 

than 99a/o of the ligand in a complexed form. 

The value of 2 ^ ̂ Solutions 

containing copper and nickel should have no appreciable 

free ligand concentration, but with the other metals the 

ligand is incompletely complexed. The amount of free 

ligand in solution is large for manganese, and ranges from 

about 10% for iron to 1% for zinc. The rates of iodina

tion in these solutions should be a sum of at least two 

terms, involving both the free ligand and the chelated 

1 i gu i ld .  

It is surprising that the decrease in rate brought 

about by chelation is relatively constant. At pH 5, the 

rates for the metal chelates vary by a factor of two 

(from 10 to 20% of the rate for the free ligand), exclud

ing manganese(II) where the ligand is not completely 

complexed. At pH values 7 and 9, similar situations exist. 

There is, of course, no reason to expect that the 

rate of iodination of the 1:1 chelate (pH 5) and the 1:2 

chelate (pH 9) should be the same. The 1:1 chelate would 

be neutral: the 2:1 chelate would be doubly negatively 

charged. 
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At pH 9, the phenoxide form of the free ligand 

should be the reactive specieso The addition of metal 

ions to form a 1:2 chelate slows the rate of reaction; 

therefore chelation deactivates the ligand anion to elec-

trophilic substitution,. The hydrogen ion dependence of 

the rate should be the same for the ligand anion (the 

phenolic proton has been lost) as for the chelate 

(in which the phenolic proton has been displaced by a 

metal ion). The charge difference is from minus two for 

the ligand to minus one per ligand in the 1:2 chelate. 

At pH 5, the reactive species of the free ligand 

is uncertain. The decrease in rate of iodination is about 

10^ over the four pH units (Table 5, p. 72). There is a 

4 
decrease of about 10 in the concentration of the phen

oxide over this pH range. Lack of information about the 

difference catalytic effects of each buffer (the reaction 

shows general base catalysis) and uncertainty about the 

catalytic effects of hydroxide ion at high pH make exact 

calculations of the relative reactivity of the phenol and 

phenolate form impossible. 

One would think, however, that if both phenol and 

phenolate were reacting, the decrease in rate would be no 

4 
greater than 10 and perhaps would be less0 This would 

not be true if a very high catalytic activity of hydroxide 

/ 3 4 
ion at pH 9 (i.e, if hydroxide were 10 to 10 times as 

effective as phosphate) occurs, or if a high rate of 
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transformation of the seraiquinone intermediate to reuctunts 

relative to the rate of transformation to products occurs. 

Berliner^ proposed the phenoxide ion as the active species 

2 
in the iodination of phenol, Soper and Smith had calcu

lated earlier that phenoxide iodinates faster than phenol 

3 
by a factor of 180, and Grovenstein and Aprahamian calcu

lated that 4-nitrophenoxide iodinates 200,000 times faster 

than 4-nitrophenol <> 

The hydrogen ion dependence of the rate for the 

chelate and the ligund would be different at pH 5 if the 

phenol is reacting but would be similar if the phenolate 

form is reacting,, The phenol would lose two protons, one 

in the rate-determining step from the semiquinone and one 

in the initial, reversible step involving attack by iodine,, 

Loss (and reversible addition) of the proton before the 

rate-determining step would be expected to alter the 

equilibrium between iodine and phenol and the semiquinone, 

thereby changing the concentration of the seraiquinone and 

affecting the rate,, The similarity in rate for the che

late and tho free ligand suggests that the phenoxide form 

is the reactive species. 

1 E. Berliner, J. Am. Chem. ooc ., 73, 4307 (1951). 

2 F0 G. Soper and G. F. Smith, J. Chem. Soc„, 
130. 2757 (1927). 

3 E. Grovenstein, Jr. and N„ S„ Aprahamian, J0 

Am. Chem. Soc., 84, 212 (1962)„ 
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1 2 
Jones, ' in a study of diuzo coupling to 8-quino-

linol-5-sulfonic acid, also found that motul chelation 

slowed the rate of reaction0 At pll 5, the reaction of the 

chelate was slightly slower than the reaction of the free 

ligando This was interpreted to mean that the order of 

reactivity was phenolate ) chelate) phenol0 

These arguments suggest that the reactive species 

at pH 5 is the phenolate form, and therefore the order of 

reactivity toward iodination is phenolate anion) chelate) 

phenol. This conclusion is tentative, at best. One can 

say that the 1:2 chelate reacts more slowly than does the 

phenolate form (pH 9), that the 1:2 chelate reacts more 

slowly than the sum of the phenol and phenolate (pH 7), 

and that the 1:1 chelate reacts more slowly than the sum 

of the phenol and phenolate (pH 5). Also, the 1:1 chelate 

reacts much slower than the 1:2 chelate. An approximate 

order is phenoxide^1:2 chelate x 10^^1:1 chelate x 10^2 

phenol. A detailed study of pH and buffer effects would 

be required in order to be more specific about the rela

tive reactivities of the various forms. The chelates can 

not be experimentally compared to the ligand in acidic 

1 K0 E0 Maguire and M, M. Jones, J. Am. Chem. 
Soc., 85, 154 (1963). 

2 J. B. Breinig and M, Jones, J. Org. Chem., 
28, 852 (1963). 
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solutions because of the instability of the chelates under 

acid conditions# 

The high reactivity of the 1:2 chelate over the 1:1 

chelate (^10 ) can partly be accounted for by the differ

ence in hydrogea ion concentration and by base catalysis. 

The inverse order in hydrogen ion is less than one, however, 

(the overall inverse order in hydrogen ion for the ligand 

iu less than two) and the 1:2 chelate probably is more 

reactive than the 1:1 by a factor of about one hundred. 

This seems reasonable since in the 1:1 chelate a positive 

charge remains on the metal ion while the charge is neu

tralized in the 1:2 chelate. 

The Arrheniuu activation energy for iodination of 

8-quinolinol-5-sulfonic acid and its zinc, cobalt, and 

nickel (1:1) ohelates were determined at pH 5. Runs were 

made at 0°, 10°, and 20°, and the activation energy deter

mined by plotting l/T vs. rate„ These are shown in Figures 

6-9° In order to eliminate uncertainties due to the iodine-

triiodide equilibrium constants at the different tempera

tures, the rates as plotted are on the basis of total 

iodine present. Conversion to rates based on free iodine 

would involve the addition of 4 kcal. mole-^ to the acti

vation energies listed in Table 11. 
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FIGURE 6 

PLOT TO DETERMINE APPARENT ACTIVATION ENERGY -

lODINATION OF 8-QUINOLINOL-5-SULFONIC ACID 

0.5 

l/T x 10 

3.50 3.60 3.70 
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FIGURE 7 

PLOT TO DETERMINE APPARENT ACTIVATION ENERGY -

lODINATION OF THE COBALT(II) CHELATE 

OF 8-QUINOLINOL-5-SULFONIC ACID 

2.0 

5 

+ 
in 
Xi 
o 

rH 

0 o 

0.5 
3.50 3.60 3.70 

1/T x 103 
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FIGURE 8 

PLOT TO DETERMINE APPARENT ACTIVATION ENERGY -

lODINATION OF THE NICKEL(II) CHELATE 

OF 8-QUINOLINOL-5-SULFONIC ACID 

2.0 

3.60 3.70 3.50 3.40 

1/T x 103 
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FIGURE 9 

PLOT TO DETERMINE APPARENT ACTIVATION ENERGY -

lODINATION OF THE ZI*\C(II) CHELATE 

OP 8-QUINOLINOL-5-SULFONIC ACID 

2.0 

3.40 3.50 3.60 

l/T x 103 
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TABLE 11 Apparent Activation Energies for the lodination 

of 8-Quinolinol-5-sulfonic Acid and Its Zinc(II), 

Cobalt(Il), and Nickel(ll) Chelates 

Metal ion (kcal.) 

none 27,6 

Co(II) 25.7 

Ni(Il) 25.5 

Zn(ll) 25.3 
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The activation energy for the free ligand is 27.6 

kcalo mole-''", this compares well with a value of 25.2 

kcalo mole-* observed by Berliner* for the iodination of 

phenol. It is surprising that all of the chelates have 

an apparently lower energy of activation than does the 

2 3 
free ligand. This anomaly was also noted by Jones ' , for 

a diazo coupling reaction with the sume ligand. The simi

larity of the activation energies supports the idea that 

the same mechanism holds for the free ligand and the 

chelates. 

The rate of iodination of the first transition 

series metal chelates follows an inverse stability order. 

With the exception of munganese(II), this can not be as

cribed to dissociation of the chelate. Therefore, the 

same features of the metal ion which influence the sta

bility of the chelates affect the reactivity of the chelated 

ligand. 

A number of correlations between the stability of 

the complex and properties of the metal ion have been 

1 E. Berliner, J„ Am. Chem. Soc., 73, 4307 (1951). 

2 K. E. Maguire and M„ M. Jones, J. Am. Chem. 
Soc., 85, 154 (1963). 

3 Jo Bo Breinig and M. M. Jones, J. Org. Chem., 
28, 852 (1963). 
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suggested.,* These include the ability of the metal to form 

covalent bonds, the basicity of the metal, and the second 

or the sum of the first and second ionization potentials0 

The ability of the metal ion to form covalent bonds 

with the oxygen would seem to be important in this reaction. 

The transition state for the iodination of the phenoxide 

can be written as 

If the phenol or chelate reacts, a positive charge must be 

placed (initially, at least) on the oxygen 

A covalent bond (to a charged species for the 1:1 

chelate and a neutral species for a 1:2 chelate) would tend 

to retard the formation of this charge and thereby the forma

tion of the intermediateo Bender has pointed out that when 

1 A. E. Martell and Calvin, "Chemistry of the 
Metal Chelate Compounds", Prentice-Hall, Inc„, Englewood 
Cliffs, New Jersey, 1952, pp„ 181-206. 

2 M. L0 Bender, "Advances in Chemistry Series 
No. 37, Reactions of Coordinated Ligands and Homogenoous 
Catalysis", American Chemical Society, Washington, D„ C., 
1963, pp. 34-5. 



95 

the effectiveness of catalysis by a series of metal ions 

can be correlated with the relative formatioi* constants 

of the complex, the complex chosen for the correlation 

closely approximates the transition state of the reaction, 

^ince the metal ion retards the attainment of the transi

tion state, the rate of iodination decreases,. 

In conclusion, it seems clear that chelation 

affects the rate of iodination of 8-quinolinol-5-sulfonic 

acid. The metal chelates iodinate slower than free pheno-

late anion (pH 9) und perhaps faster than the hydrogen 

chelate (pH 5)» The 1:1 chelate reacts slower than the 

1:2 chelate. The same factors which affect the stability 

of the chelate affect the rate of iodination, with the 

rate decreasing with increasing stability,. 
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Do Future Work 

A number of questions have been left unanswered by 

this worko The deactivation of the ligand to electrophilic 

substution by coordination of a metal ion has been shown, 

but the data was not sufficient to establish a quantita

tive order including the phenolate anion, phenol, 1:1 

chelate, and 1:2 chelate, A detailed study of pH and 

buffer effects on the iodination of the ligand is noededo 

The deactivation of the ligand to iodination 

varies with the metal ion0 A study of other electrophilic 

reactions on the chelate would be interesting to see if a 

consistent pattern of effects by each metal ion appears. 

The goal of this type of work would be quantitative pre

diction of the effect of coordination of a metal ion on 

the reactivity of a ligando 

An obvious extension of this work would be to use 

other metal ions. A study of differently charged metal 

ions would be interesting to determine the effect of the 

charge on ligand reactivity,, Prom a purely electrostatic 

view, the rate should decrease in proportion to the charge. 

A study of the same metal in different oxidation states 

(e0g0, Co(II) and Co(lII)) would be of particular interest. 



Vo SUMMARY 

A technique for studying the kinetics of moder

ately fust bromination reactions has been developed,. 

Commercially available equipment was usedo The same 

procedure was adapted to study the kinetics of iodination0 

Bromination of 8-quinolinol-5-sulfonic acid re

sulted in displacement of the sulfonic acid group and 

the formation of 5,7-dibromo-8-quinolinola The displace

ment reaction was found to be pH dependent, with no dis

placement occurring in strongly acidic (l M H+) or busic 

(0.7 M 0H~) solutionso At pH 4, the addition of metul 

ions slowed the overall rate of bromination with the order 

of effect being Cu(II) ) Co(II)) Ni( II)) Mn(II)• 

The iodination of 8-quinolinol-5-sulfonic acid 

was studied at pH 5,7, and 9. The mechanism is the same 

as that reported for phenol0 The addition of metal ions 

slowed the rate of reuction0 The 1:2 chelate was found 

to iodinate more slowly than the phenolate union, and 

the 1:1 chelate more slowly than the sura of the rates of 

phenol and phenolate forms (pH 5)» The 1:1 chelate iodi-

nated more slowly than the 1:2 chelate0 These results 

were discussed on the basis of charge effects,, The rate 

97 
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of iodination varied with the metal ion of the chelute: 

those metals which form ths most stable chelate deacti

vated the ligand to the greatest extent,, 


