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ABSTRACT 

A variety of electrometrlc methods have been 

developed for the study of rapid halogenation reactions 

having second order rate constants of the order of 

10^-10^ l/mole»sec. Such techniques have, thus far, been 

limited to use in aqueous or in alcoholic media# This 

problem has limited the scope of many studies, because 

many compounds of interest are either Insoluble or are 

dissociated In such media. Other methods for studying 

fast reaction kinetics of this type of reaction, such as 

the flow techniques which involve mixing, are of limited 

utility in most organic solvents. 

Of particular Interest are lcinetic studies of 

metal chelates, such as the transition metal chelates of 

the 8-qulnolinols• Previous studies attempting to eluci

date the effects of metal coordination on the ligand pro

perties have been complicated by the presence of a 

multiplicity of reactive species in solution. It was 

proposed, therefore, to use a two-phase system consisting 

of two immiscible solvents; the metal chelate was dis

solved in an appropriate organic solvent of low polarity. 

Bromine was coulometrically generated in an aqueous phase 

at a consttint and known rate, and the unreacted portion 

monitored amperometrically. By stirring the two phases 

xii 
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rapidly, the unreacted bromine was distributed between the 

two solvents essentially instantaneously. It was experi

mentally demonstrated thut bromine was generated with 100$ 

efficiency, and thut the detection system responded solely 

to the bromine in the aqueous phase. The concentrations 

of reactants in each phase could therefore be defined in 

terms of the distribution coefficient. 

A pilot study of the bromination kinetics of 

phenol using the two-phase system was carried out. The 

study of this system has several advantages. Since the 

bromination reactions occurred in both phases of the 

system, the study represented the most general applica

tion. In addition, the kinetics of bromlnution of phenol 

have been investigated both in aqueous and in low polarity 

media, so that the validity and consistency of the pro

posed two-phase method could be substantiated. 

The ligand, 5-chloro-8-qulnollnol, was chosen as 

the representative of the 8-quinolinol family for the 

study of the metal chelates, since this compound undergoes 

only monobromination and reacts sufficiently slowly that 

the reaction rate Is brought into a convenient experimen

tal range. Several first-row transition metal chelates 

and the parent ligond were soluble only In the organic 

phase of the system, and were insoluble in the aqueous 

phase, provided the pH of the system was properly chosen. 
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The uncoordinated ligand was shown to be somewhat 

less susceptible to electrophllic substitution, an obser

vation consistent with other studies, though the decreased 

reactivity with respect to the coordinated ligand was less 

pronounced than previously reported. Typically, the 

coordinated chelate reacted ca. 1.5 times as rapidly as 

the free ligand. 

The rather unique behavior of the chelates was 

possibly due to catalytic or to solvent effects, since the 

reaction orders were fractional and varied from one che

late to another. Among the Mn(II), Cu(II), Ni(II) and 

Fe(II) chelates, there was comparatively little difference 

in reactivity, indicating only a very limited effect of 

different transition metals on the aromatic system. The 

Co(II) chelate was clearly anomalous in behavior, both 

in rate and in reaction order. 



CHAPTER I 

INTRODUCTION 

Since the first chemical kinetic investigations in 

1850 (1), the study of the rates of chemical reactions has 

become a powerful tool for the investigation of chemical 

behavior. Such studies have proved to be of practical 

importance in connection with various technological pro

cesses, but of more fundamental importance are studies 

undertaken to study general principles of reactivity, 

structural and substituent effects, and to elucidate reac

tion mechanisms and pathways. 

There are a vast variety of chemical reactions, 

and a myriad of kinetic techniques have been developed to 

study them. It is natural that most of the early investi

gations were concerned with reactions whose rates were 

easily measured without the application of special tech

niques. Such classical methods merely Involved mixing of 

the reagent solutions, withdrawing aliquots at specified 

time intervals, and measuring the concentration of one or 

more species of interest. Variations on this technique, 

in which various physical properties such as conductance, 

optical rotation, or absorbance are continuously monitored, 

further extended the usefulness and range of kinetic 

1 
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studies. Nevertheless, such techniques were of little use 

in studying reactions in which the times for mixing and for 

observation were larp^e compared to the half-life of the 

reaction. Consequently, the fastest measurable reactions 

had half-lives of the order of minutes, or, at best, sever

al seconds (2). 

During recent years, partly due to the concurrent 

advances in electronics, a number of methods have been de

vised which enable the study of reaction rates which were 

either Inaccessible or extremely difficult to obtain by 

classical methods. Unfortunately, none of these methods is 

universally applicable to all systems of interest, but 

rather each is the method of choice for a particular situa

tion. 

The first major advance was the introduction of the 

continuous flow method of Hartridge and Houghton in 1923 

(3)» which made possible the study of reactions having half 

lives of a few milliseconds. The years which followed wit

nessed a tremendous proliferation in the means and methods 

available for the study of reactions previously termed 

instantaneous. 

Methods for following fast reactions are of sever

al different types, and may be classified in a very gener

al way by the principles upon which they are founded (2,4): 

1. Those methods In which mixing must be rapid, 

but observation can be made at leisure. 
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2. Those methods :tn which both mixing and obser

vation must toe rapid. 

3. Those in which the equilibrium is disturbed 

"by some external force, and the subsequent 

relaxation monitored. 

Those widely varying find specialized tech

niques involving the application of photo-

initiation, fluorescence, E.S.fi. and N.M.R,, 

and electrochemical methods. 

5. Those techniques which bring the reaction 

rate into the "normal" range. 

Methods of the first type include continuous flow, 

capacity flew, qucnching, and. thermal maximum techniques; 

these are not limited to any particular reaction type. 

The continuous flow method involves forcing two reactant 

solutions into a mixing chambcr find then into a long tube, 

in which the solution attains a velocity of several meters 

per second. The extent of reaction is determined by obser

ving some appropriate physical property, typically absor-

bance, at various points along the tube. Second-order rate 
O 

constants as high as 10 l./mole«sec. are accessible. Un

fortunately, it is difficult to use flow methods with 

volatile organic solvents, due to bubble formation in the 

flowing stream and mixing chambor. The principle of the 

quenching method is similar to that of the continuous flow 

technique. The reactant solutions are rapidly mixed, and 



1* 

the effluent mixture quenched, either by dilution, chemical 

reaction or freezing. This method, however, offers only a 

modest increase in accessible second-order rate constants, 

the maximum being around 10-* 1./mole#sec. The capacity 

flow method involves adjusting the rates of flow into a 

mixing chamber until a steady state is attained; the 

second-order rate constant ceiling is only around 10 1./ 

mole*sec. for this method. The measurement of the thermal 

maximum can be related to the rate of reaction, provided 

the reaction under consideration is decidedly exothermic. 

In some model cases, second order rate constants as high as 

10-^ 1./mole»sec. can be evaluated. 

Methods of the second type, in which mixing and ob

servation must be rapid, include stopped flow, accelerated 

flow, and baffle techniques. There are no particular limi

tations on the reaction type, but observation of some 

species of interest must be rapidly obtained, usually 

through spectrophotometry and oscillographic display. The 

stopped flow technique is capable of measuring second-order 
Q 

rate constants as large as 10 1./mole*sec. Unlike the 

continuous flow, only small amounts of reactant solutions 

need be used. Two reactant solutions are rapidly mixed, 

the flow suddenly halted a short distance from the reaction 

chamber, and the observation of growth or decay of the 

species of interest recorded. The accelerated flow tech

nique is simply a variation on the continuous flow method. 
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Observation is continuously made at a fixed point, while 

the solution flow rate is continuously increased. The baf

fle method employs a chamber having two separate compart

ments for the reactant solutions, separated by a baffle. 

By suddenly removing the baffle, mixing is effected in 

about 15 milliseconds. The advantage of the baffle method 

over the other flow methods is that longer optical paths 

and air sensitive solutions are easily used, though the 

2 upper limit for the accessible rate constants is only 10 

1./mole.sec. 

Methods of the third type, in which an equilibrium 

is disturbed by some external force, include temperature 

Jump, pressure Jump, electrical impulse and ultrasonic 

techniques. All are applicable to equilibrium reactions in 

general except that the electrical impulse, which is limited 

to ionic equilibria. Maximum second-order rate constants 
*1 1 

obtainable are of the magnitude of 10 1./mole*sec. with 

the exception of the pressure jump, in which a ceiling of 

only 10-^ l./mole»sec. is accessible. One major advantage 

of the equilibrium displacement techniques is that the need 

for mixing is obviated. 

There are, in addition, a number of elegant and 

esoteric techniques adapted for use in rather specialized 

systems i 

1. Flash photolysis, which requires a reaction 

which is light sensitive. 
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2. Rotating sector technique, for the study of 

photoinitlated reactions. 

3. Fluorescence find electrochemical methods. 

4. E.S.R., for kinetic studies involving free 

radicals. 

5. N.M.R., for the study of kinetic phenomena 

such as proton exchange. 

The upper limit on the rate constants determinable by these 

methods is of the order of 10^® to 10^" l./mole«sec., the 

diffusion controlled rate. 

Perhaps the most straightforward and most general 

approach to the study of fast reactions is to bring the 

rate into the "normal range" by some means, so that the 

half life of the reaction is large compared to the time for 

mixing and observation. This approach has led to a miscel

lany of methods, which include the use of low temperatures 

and low concentrations, competitive methods, and the measure

ment of reverse reactions through equilibrium constants. 

Reactions which are extremely rapid at room tem

perature can often be slowed considerably by cooling, 

provided that the energy of activation of the reaction Is 

fairly large. Obviously, the choice of media for use at 

very low temperatures is somewhat limited, but In some 
D 

model cases rate constants as high as 10 1./mole-sec. are 

accessible. Very rapid reactions can often be slowed suf

ficiently by diluting the reactant solutions, provided that 
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sufficiently sensitive methods can be found for measuring 

very low concentrations of the species of interest. Rate 

constants of the order of 10^ 1./mole*sec. are obtainable. 

Competitive methods (5) employ the simultaneous initiation 

of the reactions of two substrates, which react with a com

mon reagent; product analysis establishes relative rates, 

but it is necessary to determine the value of one of the 

rate constants by another method in order to assign values 

for the individual rate constants. In some rather special-' 
Q 

ized cases, rute constants as high as 10 l./mole*sec. have 

been evaluated. The rates of reverse reactions, determined 

by a technique having a limited scope, can be evaluated if 

the system is at equilibrium and has a known equilibrium 

constant and the rate of the forward reaction is measurable 

by other methods. 

Numerous methods have been developed which do not 

fit neatly into any single classification, but instead uti

lize a combination of several approaches to synthesize a 

method best suited to the problem. Such is the case in the 

varied methods developed for the study of fast bromination 

kinetics, in which a combination of the use of low concen

trations, electrochemical and competitive methods have been 

amalgamated into powerful techniques. 

The use of bromine as an <inalytical reagent abounds 

in the chemical literature, and bromination kinetios have 

been extensively applied by organic chemists in the study 
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of basic principles of reactivity, steric and substltuent 

effects, as well as in the elucidation of reaction mechan

isms. Moreover, the study of reaction rates has become an 

increasingly important tool for the analytical chemist in a 

number of instances: 

1. Where slowness of a stoichiometric reaction 

seriously inhibits the general applicability 

of the technique; e.g., the determination of 

iodide with eerie ions and arsenious ucids 

( 6 ) .  

2. Where the analysis of closely related com

pounds is necessary; e.g., the well-known 

Meyer titration for the determination of enol 

content (7). 

3• Where reaction rates are proportional to 

"catalyst" concentration, hence offering a 

method for the determination of "catalysts"; 

e.g., the determination of traces of EDTA by 

metal catalyzed reactions (8). 

4. In the study of fundamental phenomena related 

to compounds of analytical Interest. 

Until the late 1950's, chemists were content to use 

bromine water, or the more satisfactory bromate/bromide 

mixture, as a reagent and classical methods of observation 

in kinetic studies. Although coulometry, amperometry and 

potentlometry had been used in bromometric analysis for 
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some time, no widespread application of these techniques to 

kinetic studies appeared until the late 1950's. Since then, 

a strong interest has developed in the study of the kine

tics of halo,venation of widely varying classes of organic 

compounds; as one result, a number of electrometric tech

niques have been devised for the detailed study of reactions 

previously termed instantaneous. 

Since 1958, R. P. Bell and co-workers in England 

have used the measurement of redox potential of the 

Brg - Br^~ system for following bromination rates. Al

though experimental details vary, the methods developed are 

capable of directly measuring rate constants as large as 

5 X 10^ l./mole*sec. in selected cases, though most studies 

dealt with systems with much smaller constants. In most 

cases, reactions were pseudo-first-order, and the second-

order rate constants were mathematically deduced. Bell 

and Rarasden (9) in 1958 used this method for studying the 

bromination rates of a number of N-substituted aromatic 

amines. An ampoule containing potassium bromate and excess 

bromide was broken in a thermostatted and rapidly stirred 

reaction mixture. The rate of formation of bromine from 

bromate in strong acid solution was assumed to be instan

taneous (10), since similar results were obtained with 

ampoules of bromine water. The rate of disappearance of 

bromine was monitored with a dual electrode system consis

ting of a platinum gauze electrode and a saturated calomel 
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electrode. The potential difference between the two elec

trodes was measured over a period of several minutes. 

Since about 90 percent of the bromine had reacted when ob

servation began, the amine concentration was regarded as 

effectively constant. The virtually linear decrease of the 

potential as a function of time was then related directly 

to the pseudo-first-order rate constant. Since the amine 

concentration was lenovm and essentially constant, second-

order rate constants could be calculated. Observed con

stants for the bromination of the neutral amine were of the 

order of 10^ to 103,0 l./mole*sec.; although the reaction 

with the neutral amine is extremely rapid, the strongly 

acidic medium reduced the reactant concentration to around 

10"8 M. 

A later study of other aromatic amines (11) allowed 

the direct determination of overall rate constimts of the 

order of 10^ 1./mole*sec. with no experimental or instru

mental design changes. The lower limit of the concentra

tions of bromine that could be measured was judged to be 
-Q 

approximately 10" M. A third study of aromatic amines 

(12) was carried out by employing an instrumental modifica

tion suggested by Bell and Robinson in 1962 (13) for the 

study of the bromination kinetics of nitroacetone. In the 

modified procedure a glass reference electrode was used in 

place of the calomel electrode. This resulted in more 

stable and reproducible measurements xfhich were uttrlbuted 
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to the absence of a liquid junction potential, found to be 

variable in the calomel electrode, as well as to other elec

trode effects. Mixing was judged to be complete in about 2 

seconds. In the third study of the amines (12), somewhat 

lower concentrations (10**^ to 10""-* M) of reactants were 

used, and the reaction was initiated by injecting the amine 

into the bromine mixture. Second-order rate constants of 

10^ 1./mole*sec. were directly accessible, though no esti

mation of the precision was given. 

The study of nitroacetone (13) initiated a series 

of studies on the bromlnation kinetics of enols and eno-

lates. The reactions were first-order, and the limiting 

step was presumed to be the rate of formation of the eno-

late species. Modest first-order rate constants up to 

2000 sec."*1, were determined. 

Further studies on the bromlnation of acetone (1*0 

demonstrated that at very low concentrations of halogen, 

the bromlnation step became rate limiting. The second-

order rate constants for the reaction were of the order of 

£ 5 X 10 l./mole»sec., with a relative precision of a few 

percent. Several other enols (15*16) and dlnltrophenol 

(15) have been studied by the method, and rate constants of 

the order of 5 X 10-* 1./mole.sec. were directly accessible 

-6 by employing reactant concentrations of around 10 M. 

Bell and co-workers have also investigated the 

bromlnation kinetics of various olefins (17*18) in aqueous 



solution. Low concentrations, 10~^ Mt of the reactants were 

employed; since the accurate determination of such low con

centrations proved difficult, partly due to the presence of 

trace impurities, a sizable amount of bromine was added 

after the reaction went to completion, the potential noted, 

and the bromine titrated. In this way, it was possible to 

determine a potential difference value for a known bromine 

concentration for the system under the same conditions of 

the kinetic runs. The corresponding concentrations observed 

during the kinetic run could then be ascertained, since the 

bromine/bromide couple is reversible. The contribution due 

to bromohydrin formation was estimated by carrying out a 

large-scale reaction and subsequent titration. Second-

order rate constants up to 10^ 1./mole*sec. were accessible, 

with relative deviations of around 6 percent. The original 

methods of Bell and Ramsden (9) have been used to study 

the bromination kinetics of ethyl malonate, methylmethane-

trlcarboxylate (19)* anisoles and substituted phenols (20). 

Second-order rate constants of about 10 were obtained. 

Bell and Spencer (21) have investigated the kinetics 

of bromination of m-nitrophenol in aqueous solution by mon

itoring the limiting current with a rotating platinum 

electrode and calomel reference electrode between which 

approximately 0.2 v was Impressed. The substrate was added 

to a solution of bromine with a syringe, and pseudo-first-

order rate observed. Second-order rate constants of the 



order of 200 1./mole•sec. were calculated. Although the ac

curacy of this system was judged to be somewhat better than 

the redox system previously discussed* the range of concen

trations of bromine accessible is smaller (10"^ to 10"^ M). 

The methods of Bell (9.13) have been applied by other work

ers to kinetic investigations of methyl acrylate and 

related compounds (22), 2-aminopyrldines (23), anlsoles 

{Zk-2?) and cyclic olefins (28). 

Burgess and Latham (29) have modified Bell,s ap

proach by controlling the rate of decomposition of the 

bromate/bromide system by altering solution parameters and 

by taking advantage of the large inverse salt effect. Ex

perimental conditions were adjusted so that a steady state 

was attained between the rate of consumption of bromine by 

the substrate and the rate of formation. The bromine con

centration was monitored by the method of Bell (9)* The 
Q 

authors indicate that rate constants as high as 10 

1./mole•sec. are accessible. Rate constants for the bro-

minatlon of phenol compared favorably with those obtained 

by Kozak and Fernando (30). 

Although such methods have extended the versatility 

of bromination studies, other developments, particularly 

those utilizing coulometric reagent generation, have ex

tended significantly the useful scope, range, versatility 

and experimental facility of such kinetics studies. 
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In 1956 Fernando and co-workers developed a pulse 

generator for the coulometric generation of bromine in 

aqueous solution (31). This device vras later used in con-

Junction with an amperometric detection system, consisting 

of a rotating platinum microelectrode and a calomel elec

trode, for the study of the rapid bromination kinetics of 

phenols (30), phenetole (32), and 8-quinolinol (33) 

this method, bromine is generated at a constant and known 

rate in the presence of the substrate, and the limiting 

current, which is proportional to the residual bromine con

centration, is monitored continuously as a function of 

time. By measuring the slopes on the current-time curves, 

the differential, d[Br2]/dt can be directly evaluated. 

The residual bromine concentration and unreacted substrate 

can be calculated from the experimental parameters of the 

system. Hence, the values of all the terms in the second-

order differential rate expressions can be obtained. 

Rate constants of the order of lO? l./mole*sec. are 

determinable, with a relative precision of about 10 per

cent. This method extends the range of accessible rate 

constants by a factor of about 100 greater than the rate 

constants obtainable by the methods developed by Bell. 

Moreover, the entire course of the reaction can be contin

uously monitored, rather than only the last few percent. 

In addition, the differential equations can be used direct

ly, which is a decided advantage particularly for 
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non-Integral or high-order reactions; in such cases * the 

integrated forms tend to be rather unwieldy. 

O'Dom and Fernando have used the method for the 

study of the kinetics of acetone, nitrophenol, allyl alco

hol, tyrosine (3^) and some substituted 8-qulnolinols (35) • 

The instrumentation was largely similar to that employed by 

Kozak, except that a commercial constant current source re

placed the pulse generator. An analog computer was used 

for the evaluation of rate constants (36), adding some ver

satility to the study of multiple brominations and extending 

the number of accessible variables of the system. The use 

of analog computers for such systems has also been suggested 

by Janata (37). Janata (38) has further suggested an ex

perimental method by which the rate constsuit calculations 

could be simplified. In principle, the method is not 

strikingly different from that of Fernando et al. (30-36), 

except for the fact that the generation of bromine is 

stopped during the course of the reaction, and the decay of 

the limiting current observed. Since the integrated form 

of the rate equations is used, the rather tedious deter

mination of the slope is obviated. This approach could be 

used to advantage for situations in which the substrate is 

quite insoluble and the magnitude of the generating current 

is not easily altered; however, for cases in which the rate 

is extremely rapid, the response time of the recorder might 



be prohibitively large and. may introduce determinate error 

into the rate constants. 

Since I960, J. E. Dubois and numerous co-workers in 

Prance have been extremely active in the area of rapid bro-

mination kinetics. Since the intent of the majority of 

their investigations has been to correlate the reactivity 

of various organic compounds with structural and solvent 

effects, as well as with theoretical free-energy rate con

stant correlations (39,^0), details on experimental design, 

data treatment and instrumentation have, in many cases, 

been unnecessarily vague or absent. Dubois has proposed 

two methods, variously called the "concentrostat" or "cou-

lometric concentrostat" (^1-^3) the "couloamperime-

trique" method (W). The "concentrostat11 technique, the 

method developed earlier, involves the simultaneous use of 

dual polarized platinum electrodes (^5) for detection, and 

the use of a coulometer for electrogeneration of bromine. 

The rate of generation of bromine is appropriately altered 

electronically to maintain the bromine concentration at a 

low and constant level (10"^ to 10"^ M). The reactions 
i 

studied, presumed to be second-order, therefore become 

pseudo-first-order. 

The original apparatus (^l) employed a separate com

partment for the generating counter electrode connected by 

a frit and agar bridge to the titration cell and a single 

pair of platinum indicating electrodes. A later version 
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Ul-2), and the one employed for most of the published stu

dies, utilized two pairs of indicating electrodes and a 

common cell for generation and detection. No particular 

explanation for the instrumental design change was stated, 

though Dubois implies (^2) that the sensitivity and range 

of the "concentrostat" is more fully realized in the latter 

design. 

Most of the kinetic investigations were carried out 

in methanol, containing 0.2 M sodium bromide. The concen

trations of the bromine used in the steady state were 

estimated by titration of ASgO^* using an amoerometric end-

point. A purely amperometric method was used for very low 

concentrations of bromine (less than 10"^ II), though de

tails of this approach are conspicuously absent (^2). 

Dubois claims a relative precision of 3 percent for the 

measurement of 5 X 10"^ M bromine. Current efficiency of 

bromine generation in methanol is not discussed. The range 

of the applicability of the "concentrostat" method is taken 

to cover a range of pseudo-first-order rate constants from 
p D *J 

10 to 10 sec." , which corresponds to second-order rate 

constants up to 10^ l./mole»sec. (4^). Cell geometry and 

stirring rate are acknowledged to be important, but .experi

mental effects of such parameters are not described (^2). 

Details of the method of calculation of the rate constants 

using the "concentrostat" method have been discussed (*J-6), 

but bear only tenuous resemblance to those discussed in 
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other papers; In addition, the detailed method of calcula

tion is not referred to in subsequent pupers. 

The earliest application (^1,^2) of the "concen-

trostat" technique was a study of the rates of addition of 

bromine to various simple olefins, in quantities ranging 

from 2 to 10 ug. Here, Dubois claims to be able to measure 

the pseudo-flrst-order rate constants to 10 sec." with a 

relative precision of around 10 percent. Rate constants 

were evaluated by plotting the log of the residual olefin 

concentration as a function of time, the residual olefin 

presumably being calculated from the difference between the 

bromine generated and its steady state concentration. 

Dubois had made extensive use of the technique in the study 

of bromination kinetics of series of cis-olefins (^7,48), 

cis- and tr.'ms-olefins (^8-50), trl- and tetra-substituted 

olefins (^8) and aromatic substituted olefins (51»52). 

The "concentrostat" method has been adapted for use in 

methanol-water mixtures for the investigation of solvent ef

fects on the rates of olefin addition (53)* r£he solvent 

composition had no effect on the reaction order nor on the 

qualitative effects of structure variation (5^*55)• By 

making minor modifications in the electronics of the detec

tion system, which resulted In decreased sensitivity of the 

detection system, the "concentrostat" was adapted for use 

in acetic acid for the study of olefins (56,57)* Further 

studies on the bromination kinetics of olefins in varying 



solvent composition and structural considerations have led 

Dubois to propose the formation of a charge transfer com

plex as the rate limiting step in these reactions (58,59). 

The "concentrostat" method has also been applied to 

studies of kinetics of bromination of various aromatic 

amines (60-68) in aqueous solution, resonance effects on 

the rates of bromination of some beta-ketoolefins (63)» and 

finally to a study of cyclic olefins (64-), in conjunction 

vjith the potentiometric method of Bell (13). One study of 

olefins substituted by various heteroelements was carried 

out, but the technique used was not clear (65). 

The "couloamperometrique" method, first described 

in 1964 (4^), again utilizes both coulometry and amperome-

try. By this method, second-order rate constants of the 

order of 10^ 1./mole*sec. could be determined with a rela

tive standard deviation of a fex? percent. A cell of 

sufficient volume to hold 50 ml of 0.2 M sodium bromide in 

methanol was fitted with a pair of platinum generating 

electrodes. A pair of platinum indicating electrodes, 

having a potential difference of 3^0 mv applied between 

them served as the detection syste. One of the platinum 

electrodes was rotated and acted as a stirrer, as well as a 

detector for the limiting current. Bromine was generated 

until an amount roughly equivalent to that of the substrate 

was present, and a few micrograms of the substrate In con

centrated solution was injected into the cell with a 



microsyringe. Dubois evidently presumes that the mixing 

time is small compared to the time of measurement, since 

the efficiency of the stirring system is not stated. The 

data are treated by the usual methods applied to second-

order reactions (*!-). 

Dubois and co-workers have made extensive use of 

the "couloamperometrique" technique for measuring constants 

of bromination rates inaccessible by the "concentrostat" 

technique. Among the first applications were studies of 

the bromination kinetics of various enols: ethylacetoace-

tates (^,66), acetone (67), and various ketones (68). 

The "couloamperometrique" method, as well as the "concen

trostat", have been used jointly to investigate the addi

tion of bromine to styrenes (69) and diphenylethylenes 

(70,71)» various alkyl substituted olefins (72-75)* ben

zene and methyl benzenes in acetic and trlfluoroacetlc 

acids (76,77) «nd an investigation of neighboring group 

participation in olefin bromination (78). 

Although numerous kinetic studies of halogenations 

have been carried out with various types of organic com

pounds , the study of reaction kinetics of stable coordin

ated llgands appear to have been largely ignored (79-81). 

The use of aromatic and quaslaromatic reagents of analyti

cal interest, such as the phemnthrolines, 8-quinolinols, 

acetylacetones, as well as innumerable complexing agents 

employed as Indicators, have been the subject of extensive 



investigation (82). Thermodynamic and solution parameters 

and constants, analytical procedures and applications, as 

well as fundamental studies on the organic chemistry of 

such compounds have "been well established. 

Although there have been some investigations of the 

reactions of coordinated aromatic ligands, studies on the 

kinetics of reactions, particularly that of electrophllic 

substitution, have been neglected. However, a few studies 

on the rates of electrophllic substitution, including bro

mination, have been carried out with the free ligands 

(23-35). 

Product analysis of the reactions of coordinated 

aromatic ligands indicate the same substitution pattern as 

the free ligand. Bromination of the Cr(III) (83) and 

Pd(II) (84-) complexes of aniline, the Pd(II) complexes of 

various toluldines (8M, the Al(III) complex with aceto-

phenone (85), the Cr(III), Fe(III), Cu(II), and Al(III) 

chelates of 8-quinollnol (86), the As(IV) complex of cate

chol (79) and the Co(III) complex of salicylaldehyde (79) 

have demonstrated substitution patterns similar to that of 

the free ligand. Bromination of the Cu(II) complex of 

tropolone (87), however, is an unexplained anomaly, since 

electrophllic attack occurs at the 5-position rather than 

at the 3-position observed in the free ligand. 

The literature is replete with other examples of 

electrophllic substitution reactions of coordinated 
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compounds which exhibit substitution patterns identical to 

their parent li^ands; a variety of reactions have been ob

served, among them sulfonation (88), nitrosation (89,90)» 

diazotlzation (91-96), Relmer-Tleraann (97) and a miscellany 

of others, including mercuration, thlocyanation, benzyla-

tion and formaldehyde condensation (98,99)* 

Since coordination binds a ligand to a positively 

charged or electron deficient species, attack by an elec-

trophile would be expected to be more difficult, and hence, 

slower. Although protonation and coordination are sometimes 

presumed to tie up electron pairs in an analogous manner, 

the available evidence indicates this analogy is rather 

tenuous. Although coordination of aromatic compounds does 

deactivate the aromatic system, the effect is not nearly so 

drastic as protonation (79)t this presumes, of course, that 

the free ligand and coordinated ligand that are being com

pared have the same net charge. The situation is sometimes 

further complicated by the concomitant loss of a proton 

upon coordination. Nevertheless, some generalization is 

possible. The relative reactivity of species toward elec-

trophillc substitution in aromatic systems in descending 

order of reactivity Is : Anion > coordinated anion > ligand 

> neutral ligand > coordinated cation > protonated cation. 

Most of unambiguous, albeit sparse, available data 

has been obtained usIns highly stable chelated systems, 

with which reactive media could be employed without 



disrupting the integrity of the system. Although there 

have "been some studies on highly labile systems, the re

sults are hardly unequivocal (79-80). 

One of the earliest comprehensive studies on the 

rates of electrophilic substitution in aromatic systems, 

including both the free find coordinated forms , was the di-

azo coupling reaction of 8-quinolinol-5-sulfonic acid and 

its Zn(II) complex (100). Spectrophotometry was employed 

for following the course of the reaction. As the metal to 

ligand ratio was increased to 100si at pH = 5» the observed 

pseudo-first-order rate constants leveled off at 7.9 x 10" ̂ 

min. . It was estimated that the phenolate ion reacts 

id* times faster than the zinc complex, and about 10^"® 

times faster than the phenol. Further studies indicated 

similar behavior with other metal ions (101). It was as

sumed that the only species present under'the experimental 

conditions employed was the 1:1 complex. 

The effect of coordination on the nitration of the 

diprotonated and similarly charged chelated forms of 

1,10-phenanthroline have been investigated (102). The 

second-order rate constants, observed in strong acid solu

tion, demonstrated that the protonated form nitrated at a 

rate roughly 1/100 that of the Fe(III) and Co(III) com

plexes. Although the composition of the chelate under such 

experimental conditions is somewhat questionable, the 
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qualitative observation that the effect of protonation is 

more drastic than that of chelation, is of some interest. 

The rates of iodination of the 8-quinolinol-5-sul-

fonic acid were obtained by observing the limiting current 

of the iodine/iodide system as a function of time (103). 

Rates were determined in solutions in which the ligand to 

metal ratio was 2:1, so that the observed changes in the 

rates were attributed to the stability of the complexes 

formed. The order of reactivity for the metal complexes 

was: I»In > Zn > Pe > Co > Ni > Cu. All ions were in the +2 

oxidation state. Since the substrate was probably not a 

single, well-defined species, a wholly unambiguous and 

quantitative interpretation of the results is not possible. 

A further study using a high concentration of metal ion, in 

which the preponderant species was the 1:1 complex, indi

cated that the rate differences for the metal ions were 

minimal (104). 

Eiccoboni et al. have used a similar technique for 

the study of tetruorganolead compounds (105). Iodine was 

electrogenerated for a short time and the decay of the li

miting current observed. The instrumentation and technique 

was similar to that employed by Fernando et al. (29-34), 

and has also been described by Cover and Meltes (106,107). 

The rate of bromination of coordinated aniline (of 

interest since there is no concomitant proton loss on coor

dination) in Co(en2(NHgCgH^)H26)+^ has been determined 
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(108) using the method of Kozak and Fernando (30)» and 

found to be less than that of the free aniline by a factor 

1 C) 
of 10 • The rate for coordinated aniline was observed to 

be l.k X 10""1" mole/1..sec., and that for the anilinium ion, 

3 X 10"7 mole/1.*sec. The reduction in bromlnation rate 

for the coordinated aniline is In accord with the expecta

tion that coordination will reduce the reactivity, but not 

to the extent of protonation. A direct comparison of the 

cobalt complex, with a net charge of +3, to the anilinium 

ion was felt to be legitimate, since the net charge on the 

complex is sufficiently diffuse to make the effective 

charge on the nitrogen around +1. The rate of aniline re

lease from the complex was shown to be extremely slow. 

++ YJhen Imidazole was coordinated to Ni , the rate of 

iodinatlon followed a rate law different from that of the 

free imidazole, which involved a self-catalytic mechanism 

(109) at pH 6.5» The reaction was first-order with respect 

both to iodine and to the substrate concentrations and it 

was assumed that a large fraction (ca. 98 %) of the imida-

zole was complexed, primarily as Ni(ImH) . Changes in the 

pH or iodide concentrations complicated the reaction order, 

due to the presence of both iodide and iodine, and to the 
I 

presence of more than a single substrate species, namely 

(Ni(Mm))++ and Nl(Im)+. The order of decreasing reacti

vity is similar to that obtained in the diazo-coupling 
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study: anion > coordinated anion > coordinated molecule > 

molecule. 

In addition to direct rate studies, competetive 

techniques have been used for estimating relative rates of 

reaction for the chelate and the ligand. Competetive bro-

mination studies on 8-qulnolinol and its metal chelates 

resulted in a mixture which contained 35"*1 ratio of the 

brominated chelate to brominated ligand (110). Similar re

sults were obtained in a later study (111), and the differ

ential rates of bromination was proposed as a method for 

the synthesis of monohalo-8-quinolinols. 

Chawla and Jones (99) studied a number of other 

electrophic substitution reactions of 8-quinolinol che

lates, including the mercuration of the Cu(II) chelate in 

glacial acetic acid. The chelate was observed to mercurnte 

many times faster than the ligand, again following the or

der observed in the iodination and diazo-coupling reactions. 

Due to the relative dearth of information on the 

kinetics of electrophilic reactions of aromatic coordina

tion compounds, it is difficult to discuss in a quantitative 

manner the effect of chelation on the system. Unfortunate

ly, all the studies carried out to date utilized either 

highly labile systems or systems in which the reaction sub

strate consists of several species. 

The purpose of this research is to investigate In 
i 

some detail the kinetics of brominatlon of a number of 



chelates of substituted. 8-quinolinols. By utilizing a two-

phase system consisting of an organic phase of low dielec

tric constant and. an aqueous phase, the reactive substrate 

will maintain its integrity under the conditions that are 

necessary for the bromination reaction. In this way, many 

of the ambiguities of previous studies should be obviated. 



CHAPTER II 

PRELIMINARY CONSIDERATIONS 

Although the use of bromination kinetic studies have 

been shown to be a useful tool for the elucidation of sev

eral types of chemical reactions, the current methods have 

been limited to either aqueous or to alcoholic media. Many 

compounds, however, are either insoluble or are dissociated 

in such media. Of particular Interest are the metal com

plexes, such as those of 8-quinolinol and acetylacetone, 

which are extremely insoluble in aqueous media, and essen

tially insoluble in alcohol. Attempts to study the soluble 

intermediate complexes are complicated by the formation of 

a mixture of species. It is therefore desirable that a 

method be devised by which the complexes may be studied di

rectly and unambiguously. 

The differential method of Fernando et al. (30-35)» 

in which bromine is coulometrically generated at a fixed 

rate and the unreacted bromine monitored amperometrically, 

was modified for use with an immiscible two phase system. 

Bromine was generated and monitored in the aqueous phase in 

the usual manner, and the substrate of interest was dis

solved in an immiscible organic solvent. 

28 
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The use of such a two phase" system circumvents a 

number of problems. First, it allows for the use of sol

vents which effectively solvate the compounds of Interest, 

but which could not be used directly in a one phase system. 

Typically such solvents, e.g., chloroform, have extremely 

low dielectric constants, which results in extremely high 

cell resistance; this, of course, renders the detection 

system virtually useless. Similar problems are encountered 

in the generation of bromine. In addition to kinetic stud

ies, the two phase system potentially could be used in 

other applications; this will be discussed in some further 

detail in a later chapter. 

For such a system to be useful, a number of experi

mental conditions must be met: 

1. The system must be sufficiently well stirred 

so that the species of interest in the two 

phases are in thermodynamic equilibrium 

throughout the course of the reaction. 

2. The efficiency of bromine generation must be 

100/d, or at least determinate, and It should 

be possible to account for any side reactions 

which occur. 

3. The detection system should respond to the 

Brg/Br^" couple in the aqueous phase only. 

4. The organic solvent must not react with bro

mine, or must do so extremely slowly. 
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It Is experimentally demonstrable that these conditions are 

satisfactorily met. 

A study of the bromlnation kinetics of phenol, which 

has been extensively studied in aqueous media and to a less

er extent in various organic solvents, was undertaken to 

evaluate the accuracy of the proposed two-phase system un

der the most general conditions. 

The bromlnation kinetics of 5-chloro-8-quinolinol 

chelates of a number of transition metal ions were investi

gated in order to obtain a quantitative evaluation of the 

effect of differing metal coordination on the ligand mole

cule. 



CHAPTER III 

BEHAVIOR OF THE INDICATOR AMD GENERATOR 
ELECTRODES IN THE SYSTEM HgO/CHCl^ 

Experimental 

Apparatus 

The apparatus employed was similar to that described 

by O'Dom (34,35). A titration cell of approximately 150 ml 

capacity was connected to two auxiliary cells, each sepa

rated from the main titration cell by glass frits. The 

connecting arm;: were filled with polyacrylomide gel (112), 

0.1 M in sodium chloride. It was necessary to fill the 

connecting arms to a height that was flush with the inside 

surface of the titration cell to prevent the non-aqueous 

solvent from gathering in globules against the glass frit, 

and thereby raising the cell resistance to very high 

levels. 

The anode of the generating system was a platinum 

foil electrode, ca. 6.0 cm , and the cathode, immersed in 

one of the auxiliary cells containing 0.10 M perchloric 

acid, was a strip of silver foil of approximately kO cm . 

The detection system consisted of a rotating platinum ml-

croelectrode (600 rpm) immersed in the titration cell, and 

a saturated calomel electrode, situated in the second 

31 
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auxiliary cell. The potential of the indicator electrode 

was maintained at +0.25 volts vs. SCE. The value of the 

applied voltage is not critical, since the diffusion pla

teau of the bromine/bromide system extends over several 

hundred millivolts. Stirring was accomplished with a magne

tic stirring motor of variable speed and a stirring bar. 

A Sargent Model IV coulometer was employed for the genera

ting system, and a Sargent Model XV recording polarograph 

for maintaining the applied potential between the indicating 

electrodes and for monitoring the bromine limiting current 

with time. The complete cell assembly was thermostatted at 

25.0 ± 0.1° C. 

Reagents 

Sodium bromide (Mallinkrodt AR) occassionally con

tained traces of impurities which consumed bromine. Roast

ing at 600° C overnight readily eliminated such impurities. 

5-chloro-8-quinolinol (Pfaltz and Bauer) was recrystallized 

twice from aqueous ethanol and air dried, m.p. 124-5° C, 

(literature values 122-3° C (113), 129-30° C (114), 

125° C (115), and 125.5-126.5° C (116)). Sodium monohydro-

gen phosphate (Mallinkrodt AR) and sodium dihydrogen phos

phate (Mallinkrodt AR) contained significant amounts of 

impurities which consumed bromine. These Impurities were 

rendered harmless by allowing solutions of the salts to re

main in solutions of approximately 10"^ M bromine for 



several hours, followed by vigorous boiling of the solu

tion. Total purging of the unreacted bromine was demon

strated by observing the negligibly small value of the 

limiting current when a portion of the solution was added 

to the titration cell. Comparison of the pH of an equi-

molar solution of the treated salts with that of the 

untreated salts demonstrated that the procedure did not al< 

ter the composition of the mixture significantly. Water 

used in solution preparation was deionlzed by a "Crystalab 

deionizer. Allyl alcohol was fractionally distilled at 

atmospheric pressure, and the constant boiling fraction 

(ca. 90° C) was retained. Phenol (Allied), chloroform 

(Mallinkrodt AR), s.odium nitrate (Mallinkrodt AR), and per> 

chloric acid (Mallinkrodt AR) were found to be pure and 

required no special pre-treatment. 

The methods for demonstration of purity and the 

preparation of the metal chelates will be discussed in the 

chapters dealing with the kinetics of the compounds. 

Standardization of Perchloric Acid 

Concentrated perchloric acid was diluted two-fold 

with deionized water to give a stock solution of approxi

mately 6 M. An aliquot was successively diluted volumetri 

cally to a concentration of ca. 0.2 M. This solution was 

titrated with standard sodium hydroxide to a 
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phenolphthalein endpoint. The concentration of the stock 

solution was found to be 5,89 M. 

Calibration Plots 

In order to relate ttie limiting current to the 

total bromine concentration, calibration plots were pre

pared in aqueous solution by generating bromine at known 

currents for short periods of time (ca. 5 sec.) and record

ing the detector current. The bromine concentration is 

simply calculated: 

([Br2] + [Br3"]) = it/(2)(96,500)V (III-l) 

where 1 is the generating current in mllliamps, t is the 

time of generation in seconds, and V is the total volume in 

milliliters. Plots were then constructed of the total bro

mine concentration vs. the recorder deflection fit a current 

sensitivity of 0.02 ua/mm. 

The limiting current was found to be linear with 

bromine concentration to at least 10""^ M bromine, and was 

independent of the bromide ion concentration. Periodic 

checks throughout the course of this research were made on 

the slopes of the calibration plots, and were found to have 

— ft 
a constant slope of 5*0 * 0.1 x 10" M/mm under the condi

tions specified above. The only experimental parameter 

affecting the slopes of the plots was the rate of solution 

stirring} all plots were obtained at a stirring rate of 



35 

500 rpm unless otherwise specified. In some cases, the 

calibration curves did not pass through zero due to traces 

of impurities which reacted with bromine, in which case a 

line was drawn parallel to the experimental line, provided 

_7 
that the level of impurities did not exceed 5*° X 10 M. 

Effect of Stirring 

One of the most critical parameters in the estab

lishment of rapid equilibrium between the two phases is the 

effect of stirring. It was anticipated that an optimum 

stirring rate vrould exist, since insufficiently fast agita

tion would not be likely to result in solution homogeneity; 

conversely, excessively fast stirring rates could result in 

emulsification as well as in increased possibility of an 

indeterminate response from the rotating platinum elec

trode. An investigation was therefore undertaken to deter

mine the effect of a xfide range of stlrrinp; rates on the 

system; tied closely to this would be the establishment of 

equilibrium in the system and the effect of the two phase 

system on the detector response. 

The rotation rate of the stirring bar was deter

mined with a stroboscope (General Radio Company, Type 

1531-A). Several frequency measurements were carried out 

at each stirring speed. It was noted that ca. 5 minutes 

had to elapse before the stirring frequency became con

stant, after which time the stlrrinp; frequency was constant 



to about ± 30 rpm for several hours. The stirring fre

quency was periodically checked throughout the course of 

the research and found not to change appreciably. 

To the titration cell was added 25*00 ml of chloro

form and 50.00 ml of an aqueous solution, 0.10 M in per

chloric acid and 0.50 M in sodium bromide. The ionic 

strength was adjusted to 1.00 with sodium nitrate. Bro-

— 8  
mine was generated for about 60 seconds (1.5 X 10" M) and 

the system allowed to equilibrate at some arbitrary stir

ring rate; the limiting current was recorded. The stirring 

rate was varied from 50 rpm to 700 rpm, the practical upper 

limit, since the magnetic stirring bar tended to become un

balanced and the solution cavitated severely. Three 

measurements were made at each rate in random order. The 

limiting current, recorded for approximately one minute at 

each stirring rate, showed only minor fluctuations with 

time except at stirring rates above 600 rpm, at which point 

recorder noise became significant. Individual measurements 

showed no uniform trend with time, indicating that bromine 

loss or non-equilibration at the stirring rate were of no 

signiflcance. Successive measurements of the limiting cur

rent had «in average relative precision of ca. 8$. 

Figure 1 illustrates the relation of the limiting 

current as a function of stirring rate; it is noteworthy 

that the sensitivity of the detection system increases as 

the stirring rate Increases, and thus a high stirring rate 
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Figure 1. Effect of Stirring on Detector Current 

A: detector current "becomes prohibitively 
noisy 

B; mixture appears as homogeneous disper
sion of droplets 
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would be advantageous in the study of very fast reactions. 

At stirring rates below ^00 rpra, the system was divided in

to two distinct layers, with minimal mixing of the two 

solvents. It was demonstrated (Section Ill-Attainment of 

Equilibrium), that the equilibrium distribution of bromine 

under such conditions is established only very slowly where 

the reagent is generated in one phase. In addition, the 

sensitivity is low at slower sitrring speeds. Conversely, 

stirring speeds above 600 rpm were not satisfactory, since 

the stirring bar tended to become unbalanced; solution 

cavitation was severe and the noise in the indicator cir

cuit was significantly increased. 

For the system to be useful, then, the species of 

interest must equilibrate essentially instantaneously be

tween the two phases at stirring speeds that lie between 

*••00 and 600 rpm. It was demonstrated later that the system 

is at equilibrium at rates above ca. iJ-00 rpm. In this 

work, a stirring rate of 500 rpm was selected as an opti

mal value for use in the kinetic studies, unless otherurise 
i 

specified. 

Determination of Current Efficiency 

Allyl alcohol brominates with extreme rapidity (3^). 

Since the rate of consumption of bromine is faster than the 

rate of generation, the current-time curves resemble bromo-

metric titrations, in xvhich there is a linear increase of 



the limiting current after the substrate has reacted com

pletely; therefore, even at high levels of generating 

current, the residual bromine is virtually negligible. By 

comparing the titration of allyl alcohol in the single 

phase aqueous system with that in the two phase water-

chloroform system, any decrease in current efficiency would 

be detectable. 

Solutions were prepared from distilled allyl alco

hol by weighing and dilution with deionized water; the 

solutions were made 0.10 M in perchloric acid find 0.50 M in 

sodium bromide. 75.00 ml of the aqueous solution was 

placed in the titration cell find the bromine generation, 

typically at ^.8^9 was begun. The titration endpoint 

was determined by extrapolating the linear increase in 

limiting current to baseline, and a blank correction made 

for traces of impurities which consumed bromine. The ti

tration time calculated from the weighing agreed with the 

experimentally determined value to ca. 2$ relative (see 

Table l). 

The titration cell was then successively charged 

with 25«00 ml of chloroform and 50*00 ml of the aqueous 

solution, containing varying amounts of the alcohol, and 

the titration procedure repeated. Table 1 and Figure 2 

clearly indicate that there is no significant decrease in 

current efficiency due to the addition of chloroform to 

the system. The solution was stirred at 500 rpm, at which 



Table 1 

Bromometric Titration of Allyl Alcohol 

Aqueous system: 

ml stock solution time for titration 
(min.) 

4. 00 7.61 

4.00 7.60 

time for titration based on weighing =s 7.88 minutes 
relative difference = 2.3$ 

Water/chloroform system: 

ml stock solution time for titration 
(min.) 

5.00 9.27 

4.00 7.58 

4.00 7.60 

4.00 7.59 

3.00 5.59 

2.00 3.80 

1.00 1.94 
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rate the solution appears to be a homogeneous mixture of 

discrete droplets of chloroform; there was no evidence of 

emulsification of the two phases, since the layers sepa

rated rapidly on cessation of stirring. 

Attainment of Equilibrium 

In the two phase system, the generation and detec

tion of bromine should be confined to the aqueous phase and 

the bromine should be distributed between the two phases 

essentially instantaneously. If these conditions hold true, 

then the concentrations of species In both phases could be 

obtained by measuring the concentration in only one phase, 

if the value of the distribution coefficient is known. The 

following experimental method was se3 acted to demonstrate 

that equilibrium was attained essentially instantaneously 

between the two phases: A comparison was made between the 

system known to be at equilibrium with one in which bromine 

was beinp; continuously generated at a known rate. The two 

systems were called the "static" and "dynamic" systems re

spectively, and will hereafter be referred to as such. The 

implication here is that if the response of the detection 

apparatus in the static system Is identical to that obtained 

in the dyn«imic system, equilibrium has been established in 

the latter system virtually instantaneously. 

In the static method, 25*00 ml of chloroform and 

50.00 ml of an acidic aqueous bromide solution were 
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Introduced Into the titration cell and stirred at 500 rpm. 

The aqueous phase was 0.10 M in perchloric acid and had an 

ionic strength of 1.00; the bromide ion concentration was 

varied from 0.10 to 0.90 M. A small amount of bromine was 

generated (2.5 X 10"''7 M) and the system allowed to equili

brate for a minute or so, and the current in the indicator 

system recorded. The system was known to be at equilibrium 

since the value of the limiting current did not change 

appreciably for periods as long as 15 minutes. Bromine was 

successively generated in this manner until approximately 

fifteen measurements had been made. The range of bromine 

concentrations observed covered the practical range en

countered in the kinetic studies. The recorder response 

was plotted as a function of time of generation, and a cor

rection was made for traces of impurities, if present, in 

the manner previously discussed. Such plots were uniform

ly linear. Eight replicate runs were obtained for one 

value of the bromide concentration, 1.00 M (ionic strength 

= 1.10) in order to obtain a meaningful measure of the pre

cision of the plots. For the other nine bromide ion 

concentrations, three replicate experiments were found to 

be sufficient. 

In the dynamic method, the titration cell was pre

pared in a similar manner to that described above. Bromine 

was generated continuously, and the linear increase in the 

detector current recorded. Since the relative precision 
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tended to be somewhat less satisfactory In the dynamic sys

tem than in the static, ten runs were obtained for each of 

the ten bromide ion concentrations. The plots were almost 

perfectly linear except for the first few millimeters of the 

recorder deflection; this was due to traces of impurities 

mentioned earlier. Since the increase in the limiting cur

rent with bromine generation was linear in both systems, 

the deflection at some arbitrary time, and preferably at 

high limiting current which was common to both systems, was 

chosen for comparison of the precision of the two systems. 

Table 2 summarizes the data obtained for the static 

and dynamic systems in 1.00 M bromide ion concentration and 

at Ionic strength of 1.10. Application of the "F test" 

(117) indicates that there is no meaningful difference in 

the standard deviations of the two methods: 

P s s^/sg (III-2) 

where s^ is the standard deviation of the set 1, and 

2 2 S1 > s2* exPer3-mental value for F is 3-3 • Reference 

to tabular values of F (116), for v^ = 6 and Vg = 4, where 

v^ is the number of degrees of freedom of the set i, is 

6.16 at the 95% confidence level. Since the tabulated 

value is significantly larccer than the calculated value, 

there is no meaningful difference in the precision of the 

two systems. 
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Table 2 

Comparison of Static and Dynamic Systems 
for Statistical Estimations 

current sensitivity = 0.02 ua/mm 
generating current = 4.849 ma 
bromide Ion concentration = 1.00 M 
hydrogen ion concentration = 0.10 M 
ionic strength = 1.10 
volume of the aqueous phase = 50*00 ml 
volume of the organic phase = 25.00 ml 

limiting current measured after 30.0 seconds of bromine 
generation 

Dynsimic System Static System 

mm deflection mm def lee': .ion 

141.0 139.0 
144.0 142.0 
145.0 136.0 
129.0 137.0 
130.0 134.0 
131.0 
134.0 
132.0 

average 

s2 

Dav 

135-7 

43.0 

2.40 

137.0 

13.0 

2.3 
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Table 3 summarizes the experimental data obtained 

for the remaining nine bromide ion concentrations. It is 

obvious from an Inspection of the means of the two systems 

that the average deflections of the dynjimic system are 

neither uniformly larger nor smaller than those obtained in 

the static system. This, in itself, indicates that there 

is no determinate difference between the systems, and hence 

the two phases in the dynamic system are at instantaneous 

equilibrium. By comparing the means of the two sets of 

data and applying the "t-test" (117), it can be shown that 

the average values obtained by the two methods are essen

tially identical: 

X, - X_ n,n,> 
t  = ^ x (III-3) 

s nx  + n2  

where = mean of set 1 

s as average standard deviation 

= number of data points in set i 

v = number of degrees of freedom 

= ni + n2 " 2 

Table k compares the calculated value of t with those ob

tained from tables (11?). It is interesting to note that 

in every case, the calculated values are considerably small

er than the tabulated value at the 99$ confifence level. 

The average values of the distribution ratio, D, 

Tubles 2 and 3» is given by: 



47 

Table 3 

Comparison of Static and Dynamic Systems Over the 
Range of Solution Parameters 

generating current = 4.849 ma 
hydrogen ion concentration = 0.10 M 
ionic strength = 1*00 
temperature =25*0 C 
volume of aqueous phase = 50.00 ml 
volume of organic phase = 25*00 ml 
time of generation, t = 120.0 seconds 

Static System 

[Br"] current sensi mm deflection D T\ [Br"] tivity (ua/mm) at time t D av 

0.10 0.02 120.0 13.80 
128.0 12.81 13.22 
126.0 13.02 

13.22 

0.20 0.02 156.0 10.15 
159.0 9.92 10.00 
159.0 9.92 

0.30 0.03 136.0 7.29 
139.0 7.09 7.14 
140.0 7.03 

0.40 0.03 161.0 5.85 
I63.O 5.75 5.78 
I63.O 5.75 

0.50 0.04 139.0 4.82 
140.0 4.77 4.85 

0.60 
136.0 4.97 

4.85 

0.60 0.04 147.0 4.45 
154.0 4.15 4.27 
153.0 4.19 

0.70 0.06 120.0 3.27 
116.0 3.^5 3.37 
117.0 3.40 

0.80 0.06 127.0 2.98 
130.0 2.86 2.90 

0.06 
130.0 2.86 

0.90 0.06 132.0 2.79 
140.0 2.51 2.72 
130.0 2.86 

2.72 
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Table 3, Continued. Comparison of Static and Dynamic 
Systems Over the Range of Solution Parameters 

Dynamic System 

rR_—| current sensi- mm deflection n n a 
L J tivity (ua/mm) at time t av 

0.10 0.02 

0.20 0 .02 

0 .30  0.03 

0.40 0.03  

128.0 
126.0 
116.0 
120.0 
123.0 
124.0 
120.0 
120.0 
12b. 0 
157.0 
155.0 
160.0 
159.3 
162.0 
161.0 
161.0 
160.0 
165.0 
1^3.0 
1*1-2.0 
147.0 
141.0 
145.0 
140.0 
140.0 
135.0 
140.0 
159.0 
164.0 
165.0 
166.0 
161.0 
161.0 
166.0 
157.0 
155.0 

12.81 
13.04 
14.34 
13.80 
13.41 
13.29 
13.80 
13.80 
13-29 
10.07 
10.23 
9.85 
9.92 
9.70 
9.77 
9.77 
9.85 
9.49 
6.84 
6.90 
6.60 
6.96 
6.72 
7.03 
7.03 
7.36 
7.03 
5.95 
5.70 
5.66 
5.61 
5.85 
5.85 
5.61 
6.05 
6.15 

13.51* 0.35 

9.85 ± 0.16 

6.94 ± 0.16 

5.83 ± 0.15 

aconfidence limits calculated at 95% confidence level (116) 
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Table 3, Continued» Comparison of Static and Dynamic 
Systems Over the Range of Solution Parameters 

—| current sensi- mm deflection n n 
L J tivlty (ua/mm) at time t av 

0.50 0.04 

0.60  0.04 

0.70 0.06 

0.80 0 .06  

0.90 0 .06  

136.0 4.97 
134.0 5.07 
136.0 4.97 
130.0 5.29 
135.0 5.02 
132.0 5.18 
139.0 4.82 
138.0 4.87 
131.0 5.23 
154.0 4.15 
153.0 4.19 
152.0 4.24 
150.0 4.32 
151.0 4.28 
150.0 4.32 
151.0 4.28 
153.0 4.19 
154.0 4.15 
120.0 3.27 
113.0 3.59 
113.0 3.59 
117.0 3.40 
111.0 3.69 
115.0 3.49 
114.0 3.54 
114.0 3.54 
113.0 3.59 
125.0 3.05 
126.0 3.01 
127.0 2.98 
127.0 2.98 
123.0 3.14 
123.0 3.14 
124.0 3.10 
126.0 3.01 
125.0 3.05 
131.0 2.82 
132.0 2.79 
133.0 2.75 
131.0 2.82 
127.0 2.98 
132.0 2.79 
134.0 2.72 

5.05 ± 0.12 

4.24 ± 0.05 

3.52 ± 0.09 

3.05 ± 0.05 

2.79 ± 0.06 
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Tuble 3» Continued. Comparison of Static and Dynamic 
Systems Over the Range of Solution Parameters 

rR —i current sensl-
L r J tlvlty (ua/xnm) 

mm deflection 
at time t D Dav 

133.0 
135.0 

2.75 
2.68 



Table 4 

Comparison of t-values for the Static and 
Dynamic Systems 

[Br~ ]] t (calculat ed) 

0.10 0.93 

0.20 1.04 

0.30 1.36 

0.40 0.32 

0.50 1.80 

0.60 0.68 

0.70 1.83 

0.80 0.6? 

0.90 1.21 

t (tabular value) = 3*1? (116) 
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D = Oi>V<[Br2l + O^'ui <III"") 

where the subscripts "o" and "aq" refer to the organic and 

aqueous phases respectively. Since the total bromine at 

some time t can be calculated, and the concentrations of 

Brg and Br^"" in the aqueous phase deduced from the value of 

the limiting current at time t, a value for D can be evalu

ated. The validity of assuming that the detection system 

responds solely to bromine in the aqueous phase wll be dis

cussed in Section IV-Response of the Indicator Electrodes. 

Effect of Volume Changes 

If the substrate is not particularly soluble in the 

organic phase, it would be advantageous to employ a maximum 

volume of the organic phase. For cases in which the dis

tribution coefficient of either the substrate or the reac-

tant is either very small or very large, it would be 

experimentally advantageous to adjust the ratio of the 

volumes of the two phases in order to minimize the relative 

errors in the concentrations. Hence, it is important to 

investigate how the volumes of the two solvents affect the 

system. 

A total volume of 75*00 ml in the titration cell 

was chosen arbitrarily for the above investigations. The 

assumption that equilibrium had been attained was shown to 

be valid for the 2:1 ratio of volumes of water:chloroform, 



und a refined value for the distribution ratio determined 

(Section IV-Response of the Indicator Electrodes). A com

parison was therefore made over a wide range of volume 

ratios, fmd the apparent values of the distribution ratio 

compared with that established for the 2:1 volume ratio. 

The value of the distribution ratio was obtained from 

Equation (III-*0. 

The volume of chloroform added to the titration 

cell varied between 10.00 and ml» and the total vol

ume was made up to ?5*00 ml with the aqueous solution, 

0.50 M in bromide, 0.10 M in acid, and having an ionic 

strength of 1.00. The determinations were made in a manner 

similar to that used for establishing the attainment of 

equilibrium in the previous section. 

Table 5 «nd Figure 3 summarize the results of these 

experiments. If the voltime of chloroform was greater than 

35.00 ml, the high cell resistance resulted in a substan

tial loss of sensitivity in the detection system; for 

static system determinations, the apparent value of the 

equilibrium constant is inconsistent with the other values 

determined, but for smaller volumes of chloroform, a value 

reasonably consistent with that determined for the 2:1 

volume ratio was obtained. With the dynamic system, equi

librium is established rapidly only for volumes of chloro

form greater than about 15.00 ml, indicating that the rate 

of diffusion to the widely dispersed organic solvent 
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Table 5 

Effect of Volume Chang-es 

total volume = 75*00 ml 
current sensitivity = 0.02 via/mm 
generating current = 4.849 ma 
time of generation, t = 30*0 sec. 
"bromide ion concentration = 1.00 M 
hydrogen ion concentration = 0.10 M 

Vaq V org v A aq'org 
mm deflection 
at time t 

determina
tion type D 

50.00 25.00 2.0 see Table 2 dynamic 2.40 
static 2.36 

65.00 10.00 6.5 171.5 static 2.75 
191.0 dynamic 1.33 
192.0 dynamic 1.32 

60.00 15.00 4.0 153.0 static 2.54 
153.0 static 2.54 
159.0 dynamic 2.28 
157.0 dynamic 2.34 

55-00 20.00 2.8 140.5 static 2.60 
150.0 dynamic 2.22 

*10.00 
147.0 dynamic 2.33 

*10.00 35.00 1.14 94.0 static 3.41 
94.0 static 3.41 



Figure 3. Comparison of the Static and Dynamic 
Systems when the Ratio 

of the Solvents is Varied 

[Br"] = 0.50 
stlrrinn- rate = 500 rpm 
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becomes significantly slow. Hence, the range of relative 

volumes Is somewhat limited, and an optimal value should be 

used. In all further experimental work, the volume of the 

organic phase was maintained at 25*00 ml and the volume of 

the aqueous phase at 50.00 ml, unless otherwise specified. 

Total volumes greater than 75*00 ml did not reach equili

brium rapidly, even at maximum stirring rates. Volumes 

significantly less than 75*00 ml could not be used due to 

the construction of the titration cell, in which the salt 

bridges would have been left exposed. Except for the pos

sibility of obtaining cavitation effects, there should be 

no lower limit for the total volume. 

Response of the Indicator Electrodes 

The magnitude of the limiting current in the detec

tion system must be correlated with the bromine concentra

tion in the two phase system and should, ideally, respond 

only to the bromine in the aqueous phase. The necessary 

concentrations are then readily calculated from the appro

priate calibration plots obtained in the one-phase aqueous 

system. The concentrations in the organic phase, since 

the system is at equilibrium, are accessible through the 

value of the distribution coefficient. It has been experi

mentally demonstrated that the detection system responds 

solely to the bromine and trlbromlde ion concentrations in 

the aqueous phase. 



57 

The value of the distribution coefficeint remained 

constant even when the relative amounts of organic and 

aqueous solvents were varied in the manner previously dis

cussed; this is indicative in a qualitative way that the 

detector is not responding to some function of the current 

due to bromine in both phases of the system. 

Secondly, experimentally measured values for cer

tain equilibrium constants compared favorably with values 

obtained by other methods. 

The distribution ratio, D, is given by: 

D = [Br2]0/([Br2] + CBr3"])a(l (III-5) 

and the distribution coefficient, is given by: 

Kd = t>2V[Br2]aiJ 

For the reaction of bromine with bromide ions in the 

aqueous phase, 

Br2 + Br" ^ Br3~ 

The equilibrium constant can be written: 
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From Equutions (III-5) and (III-7) 

1 CBr2^iq * ̂ CBr2]fJq[Br"laq 

0 " t>2]0 

i « G «  1  

1 1 ^[Br"]uq 

(IXI-8) 

+ (III-9) 
D Kd Kd 

From a least squares treatment of the data obtained in 

Section III - Attainment of Equilibrium, 

(l/D vs. [Br~3Uq)» the slope of k/Kd and the Intercept, 

1/K^, were calculated. 

The values of the equilibrium constant, k, that 

have been determined by several workers are summarized 

in Table 6; the average value of k is 16.2. A value for 
I 

Kd was obtained experimentally (see Section III -

Determination of the Distribution Coefficient, K^) and 

was found to be 39; this is consistent with the values 

for for the distribution of bromine between water and 

carbon tetrachloride, JO, and between water and 

bromoform, 66 (118). 
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Table 6 

Values of k at 25° c 

electrolyte ionic strength k reference 

KBr ? 16.1 153 

KBr ? 16.0 15** 

KBr 0.5 16.5 155 

A preliminary least squares fit of the data 

yielded a seemingly low value for k of 1^.8 ± 0.5 and a 

value, fortuitously, for Kd ~ 39» An examination of the 

slope, calculated from the individual values for x and y, 
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Indicated that It was constjmt except at low "bromide Ion 

concentrations, where the distribution coefficient is large 

(Table 7 and Figure 4). This inconsistency could arise 

from either mass transport problems or from reduced current 

efficiency in the generation of bromine. Since at low bro

mide ion concentrations, the largest fraction of the 

bromine in the system must be transported to the organic 

phase, the time of diffusion could become significant; in 

addition, the generating electrode tends to become covered 

with transient droplets of chloroform, which could at low 

bromide ion concentrations affect the current efficiency. 

The two lowest values of the bromide ion concentrations 

were therefore rejected in the calculation of and k, and 

bromide ion concentrations less than 0.20 M were not em

ployed in the kinetic studies. From the average values of 

the slopes of the remaining data and the independently de

termined value of Kj, values for k by the static and 

dynamic methods were 16.4 and 16.3 respectively. These 

values compare well with the average established value of. 

16.2. 

Least squares refinements were obtained on the sa

tisfactory data for the static and dynamic systems and for 

the average values of the data from the two methods. These 

values are given in Table 8. Figures 5-7 represent the 

experimental values for x and y, the least squares line and 

the line constructor! using the established values for k and 



61 

Table 7 

Direct Estimation of k at Varying 
Bromide Ion Concentrations 

1 = _L + '<[>-] 
—i a 

For plot: 

as y = b + mx 

D Kd Kd 

(Br") Dav Dav slope = y/x slope = y/x 
(static) (dynamic) (static) (dynamic) 

1.00 2.36 2.40 0.424 0.417 
0.90 2.72 2.79 0.420 0.398 
0.80 2.90 3.05 0.431 0.410 
0.70 3.37 3.52 0.425 0.405 
0.60 4.27 4.24 0.391 0.394 
0.50 4.85 5.05 0.412 0.398 
0.40 5.7 8 5.83 0.389 0.429 
0.30 7.14 6.94 0.466 0.480 

0.20 10.00 9.85 0.500b 0.575b 

0.10 13.22 13.51 0.880° 0.740° 

av. 0.420 av. 0.417 

k = 16.4a k = 16.3a 

% = 39 

rejected by application of Q-test at 99% confidence level 
crejected directly 
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Table 8 

Least Squares Values of k and 

Dynamic System 

X Y 

0.30 0.14 
0.40 0.17 
0.50 0.20 
0.60 0.24 
0.70 0.28 
0.80 0.33 
0.90 O.36 
1.00 0.42 

Kd=39.5 k = 14.9 

Static System 

X Y 

0.30 0.14 
0.40 0.17 
0.50 0.21 
0.60 0.23 
0.70 0.30 
0.80 0.34 
0.90 0.37 
1.00 0.42 

Kd = l>5.7 k = 17.8 

Average of Dynamic and Static Systems 

X Y 

0.30 0.14 
0.40 0.17 
0.50 0.20 
0.60 0.24 
0.70 0.29 
0.80 0.34 



Table 8, Continued* Least Squares Values of k and 

X Y 

0.90 O.36 
1.00 0.42 

Kd = 42.3 k= 16.2 



M 0.6 

<X> 

0.50 0.44 

(l/D)/[Br"] 

0.38 0.32 

Figure 4o Constancy of (l/D)/[Br~] over the Range 
of Bromide Ion Concentrations 
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Figure 5. Least Squares Lines for the Static System 

a. Using Kq = 39; k = 16.2 
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Figure 6. Least Squares Lines for the Dynamic System 
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Figure 7» Least Squares Lines for the 
Average of the Two Systems 

a. Using Kjj = 39; k = 16.2 



K,. The values used for D In the kinetic studies were 
a 

those deduced from the least squares line for the average 

experimental distribution coefficients, and are summarized 

in Table 9. 

Determination of the Distribution Coefficient, 

A 0.1 M solution of sodium thiosulfate was prepared 

with deionized water, and standardized with primary stan

dard potassium iodate. Starch Indicator was used for the 

endpolnt detection. See Table 10. A solution of bromine 

in water was prepared and standardized by adding aliquots 

to an acidic aqueous solution approximately 1.0 M in bro

mide. The solution was titrated with standard thiosulfate 

solution; near the endpoint, a small fimount of sodium 

iodide was added, and the mixture titrated to a starch end-

point. (See Table 11.) 

A 25»00 ml aliquot of the bromine solution was 

added to a separatory funnel containing; 30.00 ml of water 

and 5*00 ml of chloroform. The funnel was shaken for about 

a minute, and the phases allowed to equilibrate. 25*00 ml 

of the aqueous phase were withdrawn and transferred to a 

flask containing an acid solution of the bromide as de

scribed above. The titration was carried out in the same 

manner as that used for the standardization of the bromine 

solution. The remaining contents of the separatory funnel 
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Table 9 

Refined Values of D 
at Various Bromide Ion Concentrations 

[Br-] Uc[Br~] + 1) D 

0.10 2.62 16.02 
0.20 4.2^ 9.91 
0.30 5.86 7.17 
0.^0 7. 5.62 
0.50 9.10 1+.62 
0.60 10.72 3-93 
0.70 12.3Z«- 3.41 
0.80 13.96 3.01 
0.90 15.58 2.70 
1.00 17.20 2.^4 
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Table 10 

Standardization of Thiosulfate 

molarity of stoclc solution of KIO^ = 2.444 X 10""^ 

Volume of thiosulfate 
for titration of 25.00 
ml of KIO^ solution ^thiosulfate 

36.68 0.09995 
36.82 0.09957 
37.00 0.09909 
36.73 0.09981 
36.78 0.09968 
36.88 0.099^1 

av. 0.09959 

5I03" + 51" - 3I2 

2S2°3"" + h " 2I" + sn°6" 
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Table 11 

Determination of 

Standardization of bromine solution 
25*00 ml nliquots taken 

Run Volume of thiosulfate 

1 24.51 
2 24.95 
3 25.18 
4 25.15 
5 24.90 

uv o 24.94 

mass determination of K, 
25.00 ml of bromine solution added to system 

V V Total thiosulfate r\ 
(aqu. aliquot) (org. aliquot) (ml) U 

2.46 19.05 24.45 40.0 
2.39 13.88 24.14 39.5 
2.50 19.10 24.60 38.2 
2.54 19.20 24.?8 38.1 

av. 24.50 av. 39.0 
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were titrated in an analogous fashion to establish a mass 

balance on the bromine in the system. A value for of 

39 ± 1»5 was determined. 



CHAPTER IV 

KINETICS OF BROMINATION OF PHENOL 

.An investigation of the bromination kinetics of 

phenol using the two phase system was undertaken for a num

ber of reasons. First, the bromination kinetics of this 

particular compound has been extensively investigated in 

aqueous systems by the differential method (30) *-md "by other 

techniques (20,29)* The system has also been investigated 

less definitively in chloroform (119-121) and in other non

aqueous solvents (120-122). Secondly, phenol broruinates 

very rapidly, having second order rate constants on the or

der of 10^ l./mole*sec., and therefore represents a realis

tic situation in which the two-phase bromination method can 

be advantageously employed. Thirdly, and most importantly, 

phenol distributes itself in both the organic and aqueous 

phases, so that the system can be evaluated in the general 

case, i.e., one in which the bromination reaction occurs 

in both phases. Since the bromination reaction has been 

well characterized in one of the phases, it should be pos

sible to evaluate the accuracy of the method. 

A number of tentative assumptions were made about 

the behavior of the system, and were experimentally veri

fied. Kozak (30) has noted that at a low concentration of 
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phenol in aqueous solution (ca. 10"^ M), the dibromination 

reaction was sufficiently slow that it could essentially be 

ignored. This was also assumed to be valid for the dibro

mination reaction in the organic medium. It has been demon

strated previously that the distribution of bromine between 

the phases is sufficiently fast so as to be essentially 

instantaneous; it was also assumed that the phenol concen-

trations could be described throughout the course of the 

reaction as a function of the distribution coefficient. 

Experimental 

-2 Stock solutions of phenol, ca. 10 M, were pre

pared by weighing and appropriate dilution. Bromometric 

titrations, using the procedure described for allyl alcohol, 

were performed using low generating current levels and suf

ficiently low concentrations of phenol that resulted in 

monobroraination. Kozak (30) has demonstrated the utility 

of this method for the determination of the purity of phen

ol. Agreement between the calculated concentrations and 

those obtained by titration concurred within 1%, 
_2J, 

Stock solutions, ca. 5 x 10 M in phenol, 0.10 M 

in perchloric acid and 0.30, 0.50iand 0.70 M in sodium bro

mide were prepared, using sodium nitrate to adjust the 

ionic strength to 1.00. 25*00 ml of chloroform, varying 

amounts of the phenol solutions, and a sufficient volume of 

the corresponding aqueous salt solution to bring the total 
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aqueous volume to 50*00 ml, were placed In the titration 

cell. The solutions, thermostatted at 25*0° C, were 

stirred at 500 rpm with a magnetic stirrer. Bromine gener

ation at a current setting of ^-.8^9 ma was begun, and the 

indicator current recorded as a function of time. The in

dicator current sensitivity was usually 2.5 ua for full 

scale. 

The resultant current vs. time curves exhibited a 

steep increase in the current from zero time, followed by a 

long and gently rising portion; near the end of the reac

tion, the indicator current again increased sharply. 0'Dom 

(3^) has noted that current damping affects only the ini

tial and final stages of the curve, and therefore the data 

collected for the calculation of the rate constants were 

taken only from the intermediate portion; this workable re

gion, however, constitutes no less than 80% of the total 

current-time curve. 

Symbols Used in the Derivation of 
the Rate Equations 

(m ) = millirnoles of species x in the organic phase Jv U 

(mx)aq = millirnoles of species x in the aqueous phase 

(mx>t = roiHimoles of species x initially present in 

the entire system 

([Br2l + = molar concentration of bromine species in 

the aqueous phase 

[Br^Q = molar concentration of bromine in the organic phase 
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[Sl = molar concentration of substrate in the aqueous 
' HQ 

phase 

[S]o = molar concentration of substrate in the organic 

phase 

D = [Br2V([Br2J + CBr3"^Hq 

Kd " I>2V[>2]aci 

K
S = 

k{lq = rate constant for the reaction occurring in the 

aqueous phase 

kQ = rate constant for the reaction occurring in the or

ganic phase 

V = volume of the aqueous phase in milliliters 

VQ = volume of the organic phase in milliliters 

i = generating current in milliamps 

t = time in seconds 

Derivation of Rate Equations 
for the Brora imttlon of Phenol 

At any time t during the course of the reaction, 

the total remaining unreacted substrate can be defined from 

the mass balance equation: 

(ms'o + K'aq • <mA - ct + (CBr2lHq + t>3~WV 

+ £Br2~'oVo (IV-1) 
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where 

c = (IV-2) 

Since 

2 X 96,500 

[Si (m ) V 
K_ „ LI0. = s 0 (IV- 3 )  
s rsl (m ) V L 'aq s aq o 

Then 

(m ) V 
(m ) = S ° aq (IV-4) 

q K V s o 

Siibstitutins; Equation (IV-4) into liquation (IV-l), 

("s>o + I ° "" " (mA - ot + (tBr2^ + Vaq 
K V s o 

+ c^zVo 

« Z (IV-5) 

Then, factoring the left side of Equation (IV-5), the ex

pression becomes: 

(Vo(1 + 'Wo" = Z <IV"6) 

Rearranging Equation (IV-6) and factoring V , 

(m ) (K V + V ) 
s o s o aq 

= Z (IV-7) 
V K o s 

and then noting that (ms)0/v0 = Cs30» Equation (IV-7) 
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"becomes : 

(K V + V ) 
so aq , „ _, 

ran — = z (iv-8) 
J° K 

s 

Substituting Equation (IV-8) into Equation (1V-5), and iso

lating [SHq* tlle exPression becomes: 

Mo = 
(mAKs "V 

(K V + V ) (K V + V ) v s o aq' s o aq 

Ks 
—- t([Brz] + [Br3-])IlqV(l(l+CBr2]0V0} 

(XV-9) 

(K V + V ) s o aq 

Noting that 

D - CBr23o/(tBr2l + CBr3"Tuq tXV-10) 

and. substituting into Equation (IV-9) for [Brg^o in terms of 

D, and. collecting terms, can expressed as: 

" 

<">s>tKs "V 

(K V + V ) (K V + V ) 
so aq so aq 

r Ks 
([Br?] + [Br "]>«„{ — (V + DV )} «- 2J 3 J «qL (K v + v ) aq o J 

so aq 

(IV-ll) 

Noting that the first term in Equation (IV-ll) is constant, 

and differentiating with respect to time, Equation (IV-ll) 



79 

becomes: 

*l*]0 °Ks 

« (KsVo + V 

4([Br2] + [Br -]) KS(V + W a) 

X (XV-12) 
« <KsVo + %> 

An analogous derivation can. be carried out for describing 

the aqueous phase reaction. By substituting for (ms)0 from 

Equation (IV-3) as 

(m ) = K (m ) (V /V ) (IV-13) 
s o s s aq aq' o J 

and substituting into the mass balance, Equation (IV-l), 

then proceeding in a manner completely analogous to the 

treatment used in Equations (IV-5) through (IV-12), it can 

be shown that: 

(m K ct 
[S"l = §-£ + 

aq (V 1 + K V ) (V + K V ) aq so aq so 

(Vua + DV ) 
( Br? + Br " ) 2— (IV-14) 

2 3 «q (V + k V ) 
aq so 

dCs]n 
c 

dt (Vaq + KsVo) 

d([BR2l + [Br "]) (V + DVo) 

X (IV-15) 
dt (V + K V ) 

aq so 

Therefore, for rate equations of the form: 
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aCS1° = to [S]* 02-|J (IV-16) 
dt 

d[Sl 

- • V p£, M + (IV"17) 
dt 

where the superscripts in Equations (IV-16) and (IV-17) in

dicate the order of reaction. All terms in these equations, 

except the rate constant, can be obtained from experimental

ly observed measurements or known constants. 

Calculation of ([Br2l + ) 

At any time t, the value of the limiting current is 

proportional to the total aqueous bromine concentration. 

This is readily found from the calibration curves discussed 

in Section Ill-Calibration Plots. The slopes of these 

curves relate the recorder deflection to the bromine con

centration . Hence: 

([Br21 + £Br3~^aq = deflection) x (slope 

of calibration curve) x 

correction factor for dif

ferences in current sensi

tivities) (IV-18) 

Calculation of [Brg]0 

For a given concentration of bromide ion, values 

for the distribution coefficient are known. See Table 9« 
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Hence: 

[Br2]Q = D([Br2] + C B r 3 " l < I V - 1 9 >  

Determination of Ko 

The value of K was determined both b.v broraometric s 

titration and by spectrophotometry. Table 12 summarizes 

the results obtained by the two methods. The spectrophoto

metry determination was used principally as a check on the 

values determined by the bromometric titration. The two 

methods agree within (relative), which is well within 

the experimental limitations of the methods. 

The Bromometric Titration Method. A stock solution 

of phenol, 0.50 M in sodium bromide and 0.10 M in per

chloric acid, was prepared in the usual manner. The ionic 

strength was adjusted to 1.00 with sodium nitrate. Aliquots 

of varying volume were added to a separatory funnel con

taining' 25»00 ml of chloroform, and the total volume of the 

aqueous phase was brought to 50*00 ml with the appropriate 

salt solution. The funnels were shaken and allowed to equi

librate. An aliquot of the aqueous phase was withdrawn and 

bromometrically titrated in the s*ime manner as that used 

for the determination of the purity of the phenol. The 

millimoles of phenol in the aqueous phase, (mp)aq is then 

calculated as follows: 
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Table 12 

Determination of K by Bromometric 
and Spectrophotoinetric Methods 

Bromometric Method « 
(stock phenol = 3*066 X. 10-^ M) 

• time of gener- mmoles in mmoles in v 

1 56?Sl -

2 552 I.366 1.245 2.49 
3 555 1.373 1.233 2.4? 
4 5^-9 1.358 1.258 2.52 
5 546 1.351 1.269 2.54 

av. 2.50 

"eliminated by Q-test 

Spectrophotometry Method 

V * 35.00 ml 

V = 25.00 ml o 

Absorbance of organic phase = 0.58, 0.58 at 279 mu 

—2 mmoles in organic phase = 1.025 X 10 

— 2 mmoles in aqueous phase = 0.599 X 10 

Ks = 2.4. 
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(vaq ) 
(m ) = x — (IV-20) 

p aq (2 x 96,500) (Vwliq) 

where t is the time of generation of bromine required for 

the aliquot, V is the total volume of the aqueous phase, 

and *s the volume of the titrated aliquot. The phen

ol in the organic phase is found by the difference between 

^mp^aq anc^ t'ie Phen°l introduced into the system, 

Vf 
The distribution coefficient, K , is then given by: s 

rsl ((m )<. - (m ) ) v 
K = = —B-S. p X (XV-21) 

Vo 

The values for K are summarized in Table 12, the average S 

of which is 2.50 + O.Oil-. 

The Spectrophotometrlc Method. A stock solution of 

phenol was prepared in chloroform, and a Beer's Law plot 

constructed at u maximum absorbance of 279 mu (Figure 8). 

A 10.00 ml aliquot of the stock solution, 15.00 ml of 

chloroform and 30.00 ml of the appropriate salt solution 

were shaken in a separatory funnel and the phases equili

brated. The absorbance at 279 mu was measured, using 

chloroform saturated with the aqueous salt solution as the 

blank, and the concentration in the organic phase deduced 

from the Beer's Law plot. The evaluation of K is analo-s 

gous to that used in the previous section. 
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Figure 8. Beer's Law Plot for Phenol 
In Chloroform 

concentration of phenol= (X/25)x3.066X10~^M 
E = chloroform layer from extraction experi

ments 



Calculation of [S]Q 

Equation (IV-9) describes [S] in terms of 

([Br21 + [Br3-Puq. V0> V(lqt D. Kfl, t and {%)t. oil of 

which are accessible experimentally, or which have values 

previously determined. 

Calculation of [slaq 

Once the value of [S]Q is known, [slac) is accessible 

through the Kg term, since 

[Slaq = [S]0/Ks (IV-22) 

Determination of d([Brg3 + CBr3~"Puq/''(*t 

The term d([Br2") + )£lq/dt can be related to 

the slope of the current-time curves. The slope is experi

mentally accessible by measuring the anrcle of the line per

pendicular to the tangent line to the curve at any given 

time. The c;lass rod technique, previously discussed by 

several workers (32,3^»123) was employed, (Figure 9)« 

The anscle between the tangent and the horizontal 

can be related to the rate, d^Brg] + [Br3~!Paq/dt the 

following way: In the absence of a substrate which con

sumes bromine, the electrogeneration of bromine results in 

a linear increase in the detection current. It is clearly 

seen in Figure 10 that a rise in the current, for a given 

time increment, to some fraction of the value of that ob

tained in the absence of substrate implies that the net 
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time 

A tangent to curve at point P 

B perpendicular to line A 

Figure 9» Method for Determining Tangent 
Angle on Current-time Curves 



Figure 10. Demonstration of Relation of Tangent 
/ingle to d([Br2]+fBr^""|)ttq/dt 

([>21 + I>3"]>U(1 = oi 

where c = constant from calibration curve 

Ai di d([Br2] + [Br "]) 
tan e = — ^ — a 

At ~ dt dt 

D 

d([>2] + [B^-Poq 

therefore: -^an ..6,. _ 
tan 0. d gen 

d([Br2] + [Br3"])aq tan 0 

therefore: = Ru^ 
dt tan 0-u s 



87 

time 

Figure 10* Demonstration of Relation of Tangent 
Angle to d([Br;>"]+ [Br-~1) /dt 

£ j uq 
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rate of appearance of bromine In the system Is that frac

tion of the rate of generation. This can be expressed in 

terms of the angle of deflection of the recorder trace in 

the absence of bromine consumption, 0^, and the ungle of the 

tangent line to the current-time curve at some given time, 

0. This means, therefore, that 

tan 0 d([Br2"] + ) aq 
_ (IV-23) 

tan 9^ dt 

where Rat* is the rate of generation of bromine in moles/ 
S 

liter»sec. The calculation of in the two phase system 
ft 

will be discussed later in this section. 

Previous investigators (32,3*0 have falsely assumed 

that the ratio of the angles, rather than the ratio of the 

tangents of the angles, should be applied. Fortunately, 

0^ is usually a large angle (ca. 85°), while 0 is small 

(less than 10°), and the error that results from the false 

assumption is small. The magnitude of this error can be 

evaluated. For the general rate expression in the one 

phase system, 

d([Br?"| + [Br "]) 
2 = H - k[S]([Br2] + [Br "]) 

dt R £ j 

(IV-2*0 

The expressions for the differential can be substituted: 

(e/e^Hg - Rg = iCiCaifEBrg] + O^]) dv-25) 
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\ • *2CS3W • [ar3-]> (iv-26) 

Divid.in.cc Equation (IV-25) "by Equation (IV-26) and simplify

ing, the ratio k-^/kg is given by: 

((e/o-) - 1) k, 
b - • 1 (IV-2?) 

((tan 6/tan 0^)-!) k2 

As long as the terms involving 0 and 0fe are much less than 

unity, the ratio of k^/kg is essentially 1, and therefore 

the values for the rate constants calculated by the two 

methods are essentially the same. For representative val

ues of 0 and 0-^, k2 « 1.05 k^. 

In the calculation of d([BrgJ + [Br^"3)aq/dt» ^ 

should be noted that the terms 0, and refer to the D 

aqueous phase. These quantities are easily calculated in 

the following manner: in the absence of substrate which 

consumes bromine, the mass balance on bromine at any time 

t is given by: 

tmlA * K'aq + (mb'o (IV-28) 

= Ct 

Expanding the right side of Equation (IV-28) in terms of 

concentrations, 

ct - ([Br,/] + [Br3-])uqVa(i + [Br2]0VQ (IV-29) 

and substituting for CBr2l0 terms distribution 
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ratio, D, Equation (IV-29) then becomes: 

ct = ([Br2] + [Br3-1)oq(Vuq + DV0) (XV-30) 

Differentiating Equation (IV-30) with respect to time, and 

arranging terms, then the expression becomes: 

d([Br2] + [Br"]) c 
1 = (IV-31) 

dt (Vaq + DVo) 

Noting that in the absence of substrate, the differential 

on the left side of Equation (IV-31) is simply the rate of 

generation in the aqueous phase, Hence: 

= c/(V + DV ) (IV-32) 
P> O 

The slope of the recorder trace in the absence of 

substrate, 0^, was calculated as follows: since the exper

imental traces were almost perfectly linear, an arbitrary 

amount of bromine was chosen for the calculation. 

At some given bromide ion concentration, then, 

(mb)oVaq 
D (IV-33) 

(m, ) V N b'aq o 

((mb)-t - (mb^aq^vaq 
D (IV-3^) 

<Vaq
Vo 

K'tV % 
D = — (IV-35) 

(m, ) V V 
b aq o o 



D = t!_t . -iS ' (iv-36) 
([BrJ + [Br3-])u<JVo VQ 

When Equation (IV-36) is solved for ([Br2] + )aq» 

Equation (IV-37) is obtained. 

([Br,] + [Br "] > = —" x 2 (IV-37) 
2-J L 3 J aq y (DV + V ) 

o o aq 

Hence, a corresponding deflection for such a bromine con-

contration can be found by reference to the calibration 

plots. Since the tirae of generation of bromine is known, 

which fixes the value of the experimental lengths 

for both the time and the current axes are known. Hence, 

. A vertical deflection at time t (m.m) 
tan 0, • 1 • 

horizontal length of chart paper (mm) 

(IV-38) 

Hence, the values for tan 0, which is experimentally acces

sible from the current-time curves, and and tan 0, 

which are calculated values, are available for the evalua

tion of the differential d([Brg^] + [Br^"]. The cal

culated values of 0^ are given in Table 13. 

Calculation of d[S]u^/dt and d[S*]o/dt 

These quantities are defined by Equations (XV-12) 

and (IV-15), which contain only terras which are directly 

meastirable or which have been calculated above. 
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Table 13 

Calculated Values of 0-^ 

time of bromine generation = 60.0 sec. at 4.8^1-9 ma 
displacement of chart paper on time axis = 1.00 inches 

[Br"] 
inches deflection 

on 0.02 tan 0^ 6b 

0.70 7.06 7.06 81.90 

0.50 5°79 5.79 81.17 

0.30 U-.17 4.17 76.50 

[Br"] ) + 1 <Vaq x 103 

0.70 0.366 0.552 

0.50 0.300 0.452 

0.30 0.216 0.326 
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Calculation of the Rate Constants 
and of the Reaction Orders 

For each current-time curve, eight to ten points 

were chosen throughout the mld-reglon, for which the time 

of generation, the recorder deflection, and the tangential 

slope were measured. The rather tedious calculations were 

carried out by means of a computer program. 

The reaction order for the brominatlon reaction of 

phenol in aqueous solution has been shown to be overall 

second order, and first order with respect to each reac-

tant (20,29,30)0 The reaction order in the organic phase 

was deduced by using a xilde variety of values for x and y 

in Equation (IV-16), and noting the resultant constancy of 

the values of the rate constants for each data set and for 

the entire range of concentrations of phenol employed. 

The organic phase reaction was found to also be overall 

second order under the experimental conditions. 

Tables 24-26 (see Appendix A) demonstrate the 

experimentally determined values for the rate constants in 

the organic and aqueous phases; also included here are 

other experimental variables, such as the concentrations 

of the species of interest. Table 14 summarizes the 

average rate constants obtained for all data. 
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Table Ik 

Summary of Bate Constants for Bromlnatlon 
of Phenol in Two-phase System 

hydrogen ion concentration = 0.10 M 
ionic strength = 1.00 

1 
i—
i 

W
 i 

IV
 

0.30 

Run k X 10"3 k X 10 ̂  o aq 

1 6.31 2.19 
2 8.26 2.29 
3 10.1 3.50 
U- 8.^0 2.91 
5 11.2 3.95 

av. 8.*l4 av. 2.95 
s 1.88 s 0.7^ 

[Br"] = 0.50 

6 9.7k {J-.57 
7 9.08 k.2.6 
8 9.99 4.69 
9 9.20 ^.31 
10 11. h 5-3^ 

av. 9.88 av. k.63 
s 0.97 s 0.*J4 

II 1—
1 1 CQ 1 

1 0.70 

11 10.6 7.71 
12 12.3 8.88 
13 12.5 9.02 
11+ 10.7 7.72 
15 12.1 8.73 

av. 11.6 av. 8.*n 
s 0.92 s 0.65 
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Discussion 

Aqueous Phase Reaction 

Considering the pattern of values for the rate con

stants calculated for Individual points in the current-time 

curves (Tables 2^1-26), it is noteworthy that the values 

generally fluctuate in a random fashion throughout the 

course of the reaction. The compilation of average values 

of the rate constants, Table 14, indicates the relative 

standard deviation of the order of 10% or less for indepen

dent runs at a given bromide ion concentration; this is not 

an unreasonable deviation, considering the overall experi

mental deviations of the variables in the system, which 

can fimount to as much as 13$• This estimation will be 

discussed in the section on the Reliability of the Measure

ments. 

Bell and Rawlinson (20) have demonstrated that the 

tribromide ion is not a significant brominatins species in 

the reaction of phenol. As the bromide ion concentration 

in the reaction medium decreases, however, the fraction of 

total bromine as tribromide also decreases. The observed 

rate constants for a rate equation of the form 

= + tBr3"^«q (IV"39) 

Tirould be expected to increase as the bromide ion decreases. 

The experimentally determined rate constants are consistent 
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with this general observation. This, however, can be made 

more quantitative in the following way: recasting Equation 

(IV-39) in terms of the individual rate constants for the 

reaction with bromine and with bromide ion gives: 

«c8w« = wjv + <iv-m) 

By equating the left sides of Equations (IV-39) and (IV-^0), 

and solving for k , the expression becomes 

(kl + 
k = (IV-41) 

<1 • WA,1 

Substituting for the ratio [Br3~laq/[Br2laq terms of k» 

the equilibrium constant for the reaction of bromine and 

bromide ion, Equation (IV-^1) becomes 

(kn + k?k[Br~]) 
k = — - — (IV-42) 
aq (l+k[Br"]) 

Since k2 is very small compared to k^ (20), Equation (IV-^2) 

reduces to 

kaq = kl/(1 + k[Br"]} (IV-43) 

Then 

kl = kaq(1 + KCBr"]) -(IV-W 

The rate constants can then be compared directly, even 

though the bromide ion concentrations are varied, since k^ 

essentially represents the rate constant in the absence of 
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bromide ion. A comparison of the calculated values for 

at the three bromide ion concentrations employed in the In

vestigation of phenol are given in Table 15• The uniform 

trends in the numbers, though not large, could indicate 

that tribromlde does have some effective bromlnating power, 

particularly in cases in which it is the preponderant 

species. Bell and Rawlinson (20) used smaller bromide ion 

concentrations of about 0.1 M. 

The accuracy of the two phase method can be simi

larly evaluated, since previous determinations of the rate 

constants were obtained under similar experimental condi

tions. In all cases, the solutions were sufficiently acid

ic so that the concentrations of the phenolate ion and HOBr 

were negligible. The second order rate constants and an 

estimation of as before, are given in Table 15• The 

competitive method (29) tends in all cases to be anomalous, 

since the technique involves the reaction of bromate with 

bromide to form bromine, and therefore, it is possible that 

the bromide ion concentration does not remain constant 

throughout the course of the reaction. 

The values calculated for k-^ from the data obtained 

using the two phase system are of the siune order of magni

tude as the values reported by Bell (20) and Kozalc (30), 

and therefore it can be assumed that the two phase method 

gives results which are consistent and at least as reliable 

as those obtained by other methods. Moreover, the value of 



•Table 15 

Calculated Values of k1 

[Br"] k X 10"^ aq 1 + k[Br~] kx X 10-5 Method 

0.70 2.95 12.3^ 3.6^4- Two phase 

0.50 4.63 9.10 ^.01 Two phase 

0.30 8.ill 5.86 h. 70 

1.8 

1.6-1.8 

Two phase 

Potentiometrlc 
[Bell (20)] 

Differential cou-
lometry/amperometry 

[Kozak (30)] 

\o 
oo 



the rate constant would "be expected to be somewhat larger 

than that obtained by Kozak, as was discussed in Section 

IV-Derivation of Rate Equations for the Bromination of 

Phenol• 

Reaction in Organic Phase 

Qualitative remarks, similar to those for the bro

mination reaction in aqueous solution, can be made regard

ing the consistency of the individually calculated rate 

constants and the average values for all data sets. The 

relative standard deviations of the data sets are of the 

order of 10-20/k, which is consistent with the anticipated 

value of 20%, This minimum uncertainty is discussed in 

Section IV-Reliability of Measurements. It shotild be noted 

here, however, that the anticipated uncertainty in the rate 

constant for the organic phase reaction is somewhat great

er than that in the aqueous phase. The uncertainty in the 

term D constitutes the largest single uncertainty in the 

method, and is primarily a function of the starring rate. 

The bromination kinetics of phenol in chloroform, 

and other organic solvents of low polarity, have not, un

fortunately, been as well characterized as the reaction in 

aqueous media. The validity of the rate constants ob

tained in this work, therefore, must be established in a 

somewhat indirect manner. Since chloroform has a small 

dielectric constant, the concentrations of trlbromide and 
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other charged species should be very low in this solvent, 

and hence the rate constant should not depend on the 

aqueous bromide ion concentration. Reference to Table 14 

demonstrates the validity of this contention. Moreover, 

the bromination reaction in chloroform is considerably 

slower than in the aqueous medium. Since the electrophilic 

substitution reaction results in the elimination of hydro

gen bromide, the reaction would be expected to be faster in 

a highly polar solvent which tends to better solvate the 

reaction product. Numerous studies on the effect of sol

vent polarity on bromination reactions have been reported 

for olefins (72-75)» quinoline (124), various aromatic com

pounds (119), £ind phenols (119-121). In all of these 

studies, a decrease in the solvent polarity resulted in a 

decrease in reaction rate. 

The kinetics of bromination of phenol have been 

studied in chloroform (120,121) and in glacial acetic acid 

(120). The reaction in acetic acid resulted in overall 

second order kinetics, with a reported rate constant of 

4.7 l./mole*sec. In chloroform, however, the reaction was 

observed to be overall third order, first order with re

spect to phenol and second order with respect to bromine; 
p o p  

the reported rate constiint was 77 »4 /mole »sec. " at 

30° C. Such high reaction orders have been reported fre

quently for aromatic and olefinlc bromination studies in 

solvents of low polarity (125*126). Although higher order 
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reactions predominate at hi/rh concentrations of reactants, 

the kinetics tend to become overall second order at low 

concentrations (127-130). 

The calculated second order rate constants in the 

organic phase, CHCl^, are of the order of 1(P l./mole*sec., 

which is considerably faster than that observed in pre

vious studies. Baines (121) has pointed out, however, that 

in the Presence of traces of water, the rate of reaction is 

strikingly accelerated, though no quantitative treatment 

wus carried out. A similar accelerating effect has been 

observed for other bromination reactions, such as those of 

olefins (125,127) and aromatic compounds (129) in acetic 

acid, chloroform and carbon tetrachloride. The order of 

reaction and the magnitude of the rate constants are there

fore reasonable in light of the effect of low reactant 

concentrations and the fact that the reaction has been in

vestigated in water saturated chloroform. 

Validity of Initial Assumptions 

The value of the distribution coefficient of phenol 

between chloroform and the aqueous solution, 2.50, requires 

that about half the total unreacted phenol be in each phase 

at all stages of the reaction. Any significant dibromina-

tion of phenol should therefore be indicated by an exces

sively long period of bromination before the steep rise in 

the detector current, signaling the reaction is near 
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completion. Since this rise corresponds fairly closely to 

the analytical concentration of phenol in the system, it is 

reasonable to assume that only monobromination occurs. 

It was also assumed in this xuork that the phenol 

would be in equilibrium between the two phases at all 

stages of the reaction; i.e., the same criterion of equili

brium applies to the phenol as well as to the bromine. The 

experimental observation that the rate constants were in

deed constant throughout the course of the reaction and 

that the agreement with values obtained by other means was 

satisfactory indicates that this assumption was valid. 

The primary implication of the study of the kine

tics of phenol is that the method is useful in the general 

case, in which the species of interest reacts in both the 

organic and aqueous phases. 

Heliablilitv of Measurements 

Accuracy 

The accuracy of the method can be deduced only by a 

comparison of the rate constants with those obtained by 

other techniques under analogous experimental conditions. 

In Section IV-Discussion, it was demonstrated that the rate 

constants calculated in the aqueous phase were fairly con

sistent with those obtained by other methods, and that the 

rate constants in the organic phase reaction were consis

tent with previously observed behavior of the bromination 
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of aromatic compounds in low polarity solvents in which 

water was present. 

Precision 

The precision of the differential method depends 

primarily on two factors: 

1. The precision of measurement of the succes

sive values of the rate constants for each 

current-time curve. The lack of precision 

here is primarily a function of the short 

term fluctuations in the detection current, 

as reflected in the values of 

d([Sr2l + [Br3"])aq/dt and ([Br2"| + [Br^] )aq. 

2. The precision of the mean rate constants 

obtained for successive runs. The reprodu

cibility of the mean values for each run is 

primarily a function of the long term fluc

tuation in the stirring rate, which Is 

reflected in variations in the value of D, 

the distribution ratio. As previously noted, 

the stirring rate does not change appreciably 

over intervals of a few minutes, though the 

long term fluctuations can amount to as much 

as 8%. 

Consider the rate eauations of the form: 



104 

k 
-dCs]aa/dt 

(IV-it-5) 
aq 

MaqW + [Br3"])aq 

k o 
-a[syat 

OToOzlo 

(Iv-ii-6) 

Since the terms on the rlprht side of these equations are 

not strictly independent, the error in the rate constant 

cannot be calculated by the usual method that is employed 

for the propagation of errors. Some estimation of the 

expected average deviation in the rate constant can be made 

in the following way: since the calculations are rather 

tedious, and are in essence the same in all cases, the 

method will be shown for kQ. Recasting Equation (IV-i+6) in 

terms of the expected average deviations, d, , dQ and 
QS Do 

d-o , of each of the terms on the risqht side of the equa-
isro 

In terms of the experimental variables, then a maximum 

ran.^e for kQ can be established by maximizing the values of 

the denominator and minimizing the value of the numerator 

in Equation (IV-ii-7), and vice-versa. Since [S3Q, [Br2^o 

and -d[sl0/dt are themselves calculated from experimental 

quantities, a similar procedure was carried out for each of 

these terms. Absolute values used in these calculations 

X3X Q 

tion: 

-d[s^o/dt ± ads 
Ranrce of k o 
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were from representative experimental data, e.g., 

0]0 - lo"5 » 

[Br2] = 10"7 M 

-d[sl0/dt = 10""' W/sec. 

The deviations of the experimental quantities used were es

timated from the experimental data or, where appropriate, 

the propagation of errors. The representative values used 

in these estimations were: 

dD/D = 0.1 

d„ /K = 0.04 
s s 

"([Br^l + [Br^l'uq 

([Br.,] + [Br3-])oq 
0.03 

(4d([Br21 + [Br-l>m>/at 
£ 2 i _ 0.10 

(d([Br2] + [Br3'])aq)/dt 

The uncertainties in the quantities such as (m_), ., i, V , 
S L>OXf 

VQ «ind t were considered to be negligibly small. The esti

mated uncertainties therefore represent a minimum deviation. 

By this treatment, the relative deviations estimated 

for the experimental quantities were estimated: 

4-a[si /at 
-—-2— = o.n 

-d[s-|/dt 
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dCTo 

[a1o 

= 0.005 

dCBr2^o = 0.10 

The relative average deviation of the rate constants 

were then estimated by: 

a = 0.5 (kc - k0 ) 
o max min 

= °-2 

The relative deviation expected betvreen mean values for 

successive runs is therefore on the order of 20A simi

lar treatment for the aqueous phase system indicates the 

minimum deviation is of the order of 13/». The short term 

reproducibility of individual values of k calculated from 

points on the current-time curves, since it is substantial

ly less dependent on variations in D, was estimated to be 

at maximum, and was of the order of 6-8$. 



CHAPTER V 

KINETICS OF BflOMINATION OF THE 
METAL COMPLEXES OF 5-ChLORO-8-QUINOLINOL 

In Section I, it was pointed out that comparatively 

little is known about the effects of metal chelate forma

tion on the ligands. Kinetic studies thus far undertaken 

have, in the main, not been entirely unambiguous and con

clusive. It was proposed, therefore, to use the two phase 

system to study a series of metal chelates. 

The bis-chelates of 5-chloro-8-quinolinol with a 

number of first row transition metal ions were chosen for a 

number of reasons: 

1. The 8-quinolinol family is a well character

ized and extensively employed chelating agent. 

2. The 5-chloro-8-quinolinol, which is commer

cially available, would simplify the study of 

the kinetics, since only monobromination of 

the aromatic ring would occur; additionally, 

the 5-chloro substituent would tend to deac

tivate the rim toward electrophilic substi

tution, and therefore bring the reaction rate 

into a more convenient ranpre. 

3. The use of only the bis-chelates would allow 

a direct comparison of the effect of the metal 

107 
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upon the aromatic system, and limit the reac

tion to dibromination for each molecule of 

the metal chelate. Effects due to charge 

differences, size differences and strikingly 

different coordination geometries would then 

"be eliminated or minimized. 

*4-. The use of the 5-substituted rather th«in the 

7-substituted lifcands should result in the 

amplification of any effects due to the metal 

ions, simply in terms of the distance between 

the site of attack and the site of coordina

tion. 

Several tentative assumptions were made, and vali

dated directly or indirectly from the experimental data: 

1. The bromination of each lipand would be mu

tually independent of the other; this is 

reasonable, since the sites of attack on the 

individual aromatic systems are widely sepa

rated. Additionally, spectral studies on 

mixed complexes of 8-quinolinol and other li

quids confirm this (131). 

2. The metal chelate remains intact and is con

fined to the organic phase. Several general 

problems arise here: first, if the organic 

phase is too acidic, the complex would be 

partially or wholly dissociated, thereby 
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giving rise to a profusion of species in both 

phases of the system. If, conversely, the 

aqueous phase is too basic, bromine genera

tion would be curtailed, because of the 

formation of hypobromites and hypobror&ates. 

Not only are these species mild brominating 

agents, thereby complicating the kinetics, 

but also are not electroactive in the range 

of the indicator system, thereby severely 

limiting the sensitivity of the detection 

system. 

It remained, therefore, to be established if some 

optimum phL value of pH range could be found in which 

neither of the above effects were significant. In addi

tion, the aqueous phase should be buffered, except at very 

low pH values, since the electrophilic substitution reac

tion produces BBr. 

Experimental 

Preparation of the Metal Chelates 

The Cu(II), Mn(II), Co(II), and Ni(II) 5-chloro-8-

quinolinolates were prepared by dissolving ca. 2 grams of 

the 5-chloro-8-auinolinol in dilute hydrochloric acid; a 

stoichiometric quantity of the metal perchlorate (G.F. 

Smith Chemical Company) was added, and the mixture gradu

ally brought to a pH between 8 and 9 with sodium hydroxide. 
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The precipitate obtained was washed thoroughly vrith water 

and ethanol, and dried overnight at 170° C. Often washing 

and drying needed to be repeated several times before the 

complexes were obtained in a satisfactory state of purity 

(Section V-Experimental, Demonstration of Chelate Purity). 

The Fe(II) chelate vras prepared in the same manner 

discussed above, except that ca. 5 trains of hydroxylamine 

hydrochloride was added with the ferrous perchlorate. Once 

the complex was formed, it was apprently resistant to sub

sequent oxidation, even in chloroform solution; the infra

red spectrum of the iron complex was analogous to that 

obtained for the other complexes, and the spectrum of the 

chelate recovered from chloroform solution was identical to 

the untreated chelate. Moreover, the bromometric titration 

(Section V-Experimental, Demonstration of Chelate Purity) 

indicated that the complex was the bis-complex. The infra

red spectra of the chelates are s;iven in Figures 11-15 • 

Demonstration of Purity of the Metal Complexes 

Approximately 0.02 grams of the metal chelate was 

weighed and diluted with 0.1 M hydrochloric acid to 100.00 

ml. Aliquots were bromometrically titrated, and the time 

required for the theoretical and experimental titration 

compared. Bromometric titration was accomplished in much 

the same way as that used for allyl alcohol, (Section 
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Figure 11. Infrared Spectrum of Bis(5-chloro-
8-quinolinolato)manganese(II) 
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Figure 12. Infrared Spectrum of Bis(5-chloro-
8-quinolinolato)copper(II) 



112 

700 800 1000 900 1500 CM' 2000 

30 

40 

WAVELENGTH (MICRONS) 

Figure 13# Infrared Spectrum of Bls(5-chloro-
8-qulnolinolato)iron(II) 
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Figure 14. Infrared Spectrum of Bis(5-chloro-
8-quinolinolato)cobalt(II) 



113 

700 800 CM"' 1000 900 1500 2000 
0.0 

.40 

.60 

.70 .70 

WAVELENGTH (MICRONS) 

Figure 15. Infrared Spectrum of Bis(5-chloro-
8-quinolinolato Jnlckel(II) 
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except that bromine was generated in small increments; the 

reaction is sufficiently slow that some measurable time was 

required for reaction. Bromine was generated in this man

ner for approximately 125$ of the reaction time, and the 

endpoint was located by extrapolation of the linear in

crease in the indicator current when the 5-chloro-8-

quinolinol had completely reacted. In all cases, a blank 

solution was tested, and the appropriate correction made 

for traces of impurities. Table 16 summarizes the results 

of the titrations for the complexes; the relative differ

ences between the calculated and experimental reaction 

times for the cobalt, copper, manganese tmd iron complexes 

were, in all cases, less than 2%, 

The bis(5-chloro-8-quinolinolate)nickel(II) con

tained traces of an impurity which consumed bromine very 

rapidly in the initial stages of the kinetic runs, although 

the bromometric titration and infrared spectra did not in

dicate the presence of impurities. Virtually every experi

mental variation in the preparation of the complex did not 

eliminate this behavior. It is noteworthy, however, that 

this impurity is not a decomposition product of the metal 

complex; if bromine is generated for a short period of time, 

e.g., 10% of the total reaction time, further breakdown of 

the complex should occur. Recommencement of the bromine 

generation should show yet another period of rapid con

sumption, followed by a current-time curve of the usual 
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Table 16 

Bromometric Titration of the Metal Chelates 

Metal 
chelate 

Theoretical time 
for titration(sec.) 

Experimental time 
for titration(sec.) 

Relative 
difference 

Cu(II) 

Co(II) 

Mn(II) 

Fe(II) 

Hi(II) 

117.4 

402.5 

128.1 

144.0 

138.9 

116 1.2% 
116 1.2% 

396 1.1% 
39 6 1.1% 

127 0.8% 
127 0.8% 

141 2.0% 
143 0.7% 

140 0.8% 
140 0.8% 
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form. This effect was not observed, even if the partially 

bromlnated mixture was allowed to stir for about 30 min

utes. The amount of impurity was proportional to the 

initial metal chelate concentration. 

The most likely source of this impurity is uncom-

plexed ligand which is co-precipitated with the complex. 

The fact that the bromometrlc titration agreed with the 

calculated values could be largely fortuitous, possibly 

due to traces of nickel hydroxide also co-precipitated. 

Although the complex was successively washed with a variety 

of solvents and recrystallized, the highest attainable 

state of chelate purity was 96%, Since the impurity reac

ted much faster than the chelate, a small mount of bromine 

that compensated for the impurity was generated before the 

kinetic runs were begun. This behavior was not noted for 

any of the other complexes. 

Solution Preparation of the Metal Complexes 

Solutions of the metal complexes were prepared by 

weighing and dissolution In chloroform. The maximum solu-
_jl , 

bility of the chelates was of the order of 10 M. 

Choice of Aqueous Phase Buffer 

General Considerations. A number of buffers, which 

would not be likely to consume bromine and which covered a 

pH range from 3 to 9» were investigated. The mixtures 
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chosen and their approximate pH values were: formic acid/ 

sodium formate (3*7)» acetic acid/sodium acetate (^.7)» 

sodium dihydrogen phosphate/sodium monohydrogen phosphate 

(6,9* «nd boric acid/sodium borate (9*2). The pH range in 

which the decomposition of the complex would not be a com

plicating factor was investigated using the Mn(II) chelate, 

which has the smallest formation constant (132). A por

tion of the metal complex solution was added to an equimolar 

(0.025 M in each constituent) aqueous mixture of the buffer 

solutions; the mixture was shaken in a separatory funnel 

and equilibrated. It was qualitatively obvious that the 

formate and acetate buffers were unsatisfactory, since the 

intense color of the chelate solution either disappeared 

or was substantially diminished. No obvious evidence of 

chelate dissociation was observed in either the borate or 

the phosphate systems. 

Since the metal chelate absorbs in the visible re

gion, in which the free ligand does not, it can be demon

strated quantitatively that the chelate is confined 

completely to the organic phase and remains intact. This 

will be discussed in some detail in Section V-Experimental, 

Spectrophotometric Studies. 

The phosphate buffer was the system of choice, 

since at pH 9 in the borate system, the production of bro

mine is severely curtailed by the formation of HOBr. The 
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measured pH of the phosphate buffer, 0.025 M in each consti

tuent, at ionic strength of 1.00 was 6.8?, 

Preparation of Phosphate Buffer. A stock solution 

of the buffer, 0.25 M ih each constituent, was prepared 

using sodium monohydrogen phosphate (Mallinkrodt AR) and 

sodium dihydrogen phosphate (Mallinkrodt AR). These salts 

contained Impurities which consumed bromine; an excess of 

bromine was added to the stock solution and the mixture 

allowed to stand overnight. By boiling the mixture for 

about two hours, any unreacted bromine was purged from the 

solution, as indicated by the failure of the detection sys

tem to register any bromine when a portion was added to the 

titration cell. The pH of the treated buffer, when appro

priately diluted and the ionic strength adjusted, was 

essentially the same as the untreated solution, 6.88. 

Calibration Plots in the Phosphate Buffer. Stock 

aqueous solutions were prepared, 0.05 M in the buffer, 

0.50 H in sodium bromide, find having an ionic strength of 

1.00. 

Calibration curves were prepared in the same manner 

as those obtained in acidic solution. Figure 16 compares 

those obtained in the buffer solution with those obtained 

in strongly acidic media, the slopes of which are essen

tially identical. Although HOBr is formed, the concentra

tion is small compared to the total bromine electrogenera-

ted. liOBr is not electroactive at the applied potential 
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Figure 16. Comparison of Calibration Curves 
in Phosphate Buffer and 

in Acidic Media 
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of the indicating electrode, and therefore the current is 

solely attributable to 3r? and Present in solution. 

The concentration of HOBr can be calculated from the equi

librium constant of the reaction (133): 

Br 2 + HgO ^ HOBr + H+ + Br" 

K = lf.3X 10~9 

Under the conditions described, only about 11^ of the total 

bromine in solution exists as Brgt the remainder existing 

as Br^~. The ratio of HOBr to total bromine in the system, 

then, amounts to 0.006, or ca. 0.6$, a contribution insig

nificant compared to the yfo deviation in the calibration 

plots. 

Identification of Reaction Products 

Direct Bromlnatlon of the Complexes. The Co(II) 

and Cu(II) chelates, which were later shown to have the 

most divergent kinetic behavior, were chosen for this 

study. Approximately 0.2 g of the complex was dissolved in 

several liters of chloroform, and 300 ml of the aqueous 

phosphate solution added. The mixture was rapidly stirred 

and a slight excess of bromine water slowly added. The 

aqueous layer was removed, the chloroform evaporated, and 

the resulting product washed with water and dried overnight 

at 170° C. The infrared spectra (KBr pellet) were recorded 

using a Perkin-Elmer Model 137 infrared spectrophotometer. 
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(For those infrared spectra recordings, see Figures 1? «nd 

18.) 

Preparation of 5-chloro-7-bromo-8-gulnollnol. 10.0 

crams of 5-chloro-8-quinolinol was dissolved in dilute 

hydrochloric acid and a slight excess of bromine water 

added. The solution was neutralized with sodium hydroxide, 

and the precipitated product washed with water. The yellow 

crystals, obtained after two crystallizations from slightly 

acidic ethanol exhibited a sharp melting point at 177-178° 

C. The infrared spectrum was similar in character to that 

of the dibromo- derivative. See Figures 19 and 20. 

Preparation of the Chelates of t)-chloro-7-bromo-8-

oulnollnol. The chelates of Co(II) and Cu(II) were pre

pared for comparison with the products obtained in Section 

V-Reaction Products, Direct Bromination of the Complexes. 

Approximately 1 p;ram of the 5-chloro-7-bromo-8-quinolinol 

was dissolved in dilute hydrochloric acid, and a slight 

excess of the metal perchlorate added. Ammonia and sodium 

hydroxide were added until the dark green precipitates 

formed; it was necessary to add the ammonia to prevent pre

mature precipitation of the metal hydroxides. The precipi

tates were washed repeatedly with water, dried and 

dissolved in chloroform. The soluble portion was retained, 

the solvent evaporated, and the complex dried overnight. 

The infrared spectra were recorded and compared to the 
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Figure 17• Infrared Spectrum of the Bromlnation 
Product of the Cobalt(II) Chelate 
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Figure 18. Infrared Spectrum of the Bromlnation 
Product of the Copper(II) Chelate 
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Figure 19. Infrared Spectrum of 5-chloro-
7-bromo-quinolinol 
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Figure 20. Infrured Spectrum of 5*7 dibromo-
8-quinolinol 
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reaction products obtained in the Section cited above in 

this paragraph, and were found to be identical. See Fig

ures 21 and 22. Since the spectra were identical, the 

reaction in the two phase system results in the anticipated 

7-substituted product. This result is consistent with the 

majority of previous studies (Section I) in which the 

pattern of substitution of the metal complexes was the same 

as that of the parent ligand. 

Spectrophotometry Studies 

General Considerations. The purpose of these stu

dies was to demonstrate the validity of the assumption 

that the chelate is confined to the aqueous phase and main

tains its integrity throughout the course of the reaction. 

A detailed spectrophotometry study was carried out on the 

Co(II) chelate, and based upon the conclusions obtained 

there, somewhat less extensive studies were made on the 

other chelates. 

The ligand, 5-chloro-8-quinolinol, in chloroform 

solution does not absorb in the visible region of the spec

trum, in which the metal complexes strongly absorb. If a 

comparison of molar absorbtivities deduced from Beer's 

Law plots using the chloroform solutions, with those de

duced from the chelate in the chloroform layer of the two 

phase system showed any appreciable decrease, the complex 

could be assumed to be dissociated or radically modified. 
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Figure 22. Infrared Spectrum of Bis(5-chloro-
?-bromo-8-CLUinolinolato) copper (II) 
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Similarly, strong absorbance bands in the ultraviolet re

gion of the spectrum (within the experimental limitations 

of the solvents) can be used to further substantiate the 

information obtained in the visible region. 

It is also of interest to observe the spectral be

havior of the chelate at various stages of reaction with 

bromine. This was accomplished by comparison with solu

tions of the dibromated chelate synthesized from 7-bromo-

5-chloro-8-quinollnol. Although the spectra at interme

diate stapes of the reaction can be treated in only a semi

quantitative manner, the initial and final compositions can 

be calculated, and the internal consistency of the inter

mediate stages of reaction can be characterized. 

Comparison of the Metal Chelate Spectra in the Two 

Phase System and in Chloroform. Six dilutions of a 1.705 

X 10"4 M solution in chloroform of the Co(II) chelate were 

prepared, and the visible spectrum for each solution ob

tained using a Beckman DB double beam spectrophotometer and 

recorder. Chloroform was used as a blank. The broad ab

sorption bjuid, having a maximum at bl6 mil, was chosen, the 

absorbance calculated, and a Beer's Law plot prepared. The 

molar absorptivity was calculated to be 6.65 X 10^. See 

Figure 23. 

Separatory funnels containing 50.00 ml of an aqueous 

solution (pH = 6.88, sodium bromide concentration = 0.50 M) 
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and 25.00 ml of chloroform contuinin.ec varying concentra

tions of the complex were vigorously shaken and allowed to 

equilibrate 30 minutes. Two runs at each concentration 

were made. It should be noted here that sodium nitrate was 

eliminated from the aqueous solution; in further work, it 

was desirable to use the aqueous portion in the ultraviolet 

region, in which the nitrate absorbed. The ionic strength 

of the aqueous phase was therefore maintained at 0.55* The 

visible spectrum of the chloroform layer was obtained, 

using chloroform equilibrated with a portion of the aqueous 

phase as a blank. A Beer's Law plot, Figure 23. was con

structed, and a value for the molar absorptivity of 

6.75 X 10-^ was calculated. The relative difference between 

this and the previous value is 1.4$, which is well within 

the expected limits of precision. 

A similar plot was constructed for more highly di

luted chloroform stock solutions for measurements in the 

ultraviolet region; a strong absorption band appears at 

258 mu, and has a calculated molar absorptivity of 

4.68 X 10^ (see Figure 24). A portion of the chloroform 

layer from the two phase system, appropriately diluted, had 

an absorbance agreeing well with that anticipated. 

The ultraviolet spectra of the aqueous phase of the 

equilibrated mixtures showed no evidence of 8-quinollnol 

species. The 5-chloro-8-quinolinol aqueous solution at 

pH 6.88 has a strong absorption band at 244 mu. Since the 
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5-chloro-8-quinolinol is only very slightly soluble in 

aqueous solution at such a pH, the molar absorptivity must 

be extremely high. Hence, it should be possible to detect 

even traces of the ligand in the aqueous phase; the spectra 

in this region, however, exhibited no detectable absorbance. 

A quantitative estimation is given in a later part of this 

section. 

Spectra Obtained at Varying Stages of Reaction. A 

stock solution of the Co(II) complex of 5-chloro-7-bromo-

8-quinolinol in chloroform was prepared by weighing and di

lution. The visible spectra and Beer's Law plots were 
* 

obtained in a manner analogous to that discussed in the 

previous section. Although the spectra were similar to the 

5-chloro chelate spectra, the major absorption band in the 

visible was shifted to UJ2 mid, and the molar absorptivity 

was somewhat diminished. The small shoulder at 352 mu was 

slightly higher in intensity, but shifted to only a small 

extent. See Figure 25 (cf. Figure 23). 

10.00 ml of the Co(II) complex of 5-chloro-8-

quinolinol, 15.00 ml of chloroform find 50.00 ml of the 

aqueous solution were placed in the titration cell. Bro

mine was then generated for a period of time corresponding 

to 20$> of the reaction. This procedure was repeated, using 

the same concentrations in the titration cell, for periods 

corresponding to ^0, 60, 80, and 100^> reaction. The visi

ble spectra of the chloroform layer were obtained, using 
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chlorofoi-m saturated with the aqueous solution as a refer

ence. 

Since the intermediate solutions contained a mixture 

of the unbrominated complex, the monobrominated complex and 

the dibrominated complex, nothing strictly quantitative can 

be said about the spectra of the mixture except at the ini

tial and final stages of reaction. As might be expected, 

no lsosbestic point was observed in the family of spectra, 

indicating that the monobrominated species is present to a 

significant extent. This observation is consistent with 

the presumption that the bromination steps are mutually 

independent. Ultraviolet spectra of>the aqueous phase at 

all stages of the reaction indicate the absence of any li-

^and species. 

The general behavior of the spectra is predictable. 

The main band in the visible region shifts to higher wave

length and decreases slightly in intensity as the extent 

of reaction increases. This observation is consistent 

with the fact that the absorption band in the visible re

gion of the complex of 5-chloro-7-bromo-8-quinolinol has 

both a reduced molar absorptivity and a red shift of the 

bjund maximum. The small sharp shoulder, occurring at 

348 mp, in the 5-chloro complex and at 352 mu in the 

5-chloro-7-bromo complex exhibits very little shift; in 

addition, there is some increase in intensity, consistent 
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with the Increased molar absorptivity of the shoulder for 

the 5-chloro-7-bromo complex. 

A comparison of the solution corresponding to 100% 

bromination exhibits the anticipated band maximum at **32 

mu. Since the molar absorptivity is known from the spectra 

of the chloroform solution of the Co(II) complex of the 

5-chloro-7-bromo compound, a comparison of the calculated 

and experimental absorbances can be made: = 0.37^! 

Aoalo = eC = °-378' 

Summary. The spectral studies indicate that the 

chelate remains intact in the organic phase of the two 

phase system, and maintains its integrity throughout the 

course of the reaction. The general form ofvthe spectra 

obtained using the two phase system is very similar to 

those obtained in chloroform solution, with respect to the 

shape, location and intensity of the major absorption 

bands. Some variation is noted in the absorbance intensity 

in the minima between absorption bands where the absorb

ance is rather small. Figures 26 and 27 are representative 

of the spectra of both the parent chelate and the dibro-

minated form before and after equilibration with the 

aqueous solution. These small changes are most likely 

attributable to the presence of small amounts of water, 

which slightly alters the character of the solvent, and to 

the fact that the complexes would tend to coordinate 

water. 
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Some estimation can be made regarding the minimum 

observable change in absorbance in proposing that the com

plex remains completely intact and is confined to the 

organic phase. For 

- log T = ebC (V-l) 

where T is the transmlttance, e is the molar absorptivity, 

b is the cell path length (1.00 cm) and C is the molar 

concentration of the species of Interest. 

d(- log T) = eb dC (V-2) 

- J dT = eb dC (V-3) 

Equation (V-3) divided by Equation (V-l) gfves: 

dT = eb dC/C (V-IO 

Considering dT as the minimum observable change in the 

transmittance, some estimation can be made regarding the 

corresponding minimum observable change in the concentra

tion, dC. Since the majority of the measurements were made 

between 40 and 60% T, a representative value of 50$ w«s 

used, and a 0.57= change in the transmittance of the minimum 

change regarded as significant. Solving Equation (V-4) for 

dC/C and substituting representative values for the spectra 

in the visible region, gives: 

dC/C = (0.3)(0.5)/(50)(5 X io3) = 6 x io"5 
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This Implies that a reduction in concentration of the 

species of interest on the order of 0.006$ would be observ

able . 

The minimum concentration observable in the aqueous 

phase in which the molar absorptivities are of the order of 

10^ can be estimated by regarding a change in transmittance 

from base line of 1% as significant, and then solving Equa

tion (V-l) for C: 

Cmin = 2X10"6 

The remaining chelates were treated in the follow

ing wayt The absorbance of a portion of the chloroform 

solutions diluted so that the absorbance was on the order 

of 0.5, were measured. Allquots of similar concentration 

were equilibrated with the aqueous solution, and the ab

sorbance compared with that of the untreated chloroform 

solution. For all the complexes under consideration here, 

the observed transmittances agreed to within 0.5# trans

mittance. Several measurements on the same solution 

indicated there was no significant difference between the 

untreated find treated chelate solutions. In all cases, the 

aqueous layer was free of any measurable ligand species. 

Calculations 

Modifications of the Differential Method 

Two different methods of treating the kinetics of 

bromination of the metal complexes were used. The first 
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approach, called the differential method in the phenol dis

cussion, was employed in a manner similar to that used in 

the phenol studies, except, of course, that the value of Ks 

is infinitely large. Since the bromination of the indivi

dual rings of the bis-chelates are to be regarded as 

mutually independent, the rate expression can be written in 

the form: 

" d[0*] = kQ[M0X2f[Br2]J + ^[KOxBr]X(;Br2]j' 
dt 

(v-5) 

where 

[Ox] = 2[M0x2] + [M0x2Br] (V-6) 

and MOXg is the unbrominated chelate, MOxgBr is the mono-

brominated chelate, and Ox is the total unbrominated 

ligand in the system. It is not possible to define the 

concentrations of or MOxgBr, although the total number 

of unbrominated sites is experimentally accessible. Fur

thermore, it is easily demonstrated that the rate of 

reaction is dependent on both the bromine and the ligand 

concentrations; this will be discussed in some detail in 

Section V-Calculatlons, Determination of Reaction Order. 

It was tentatively assumed that the order of reaction with 

respect to bromine was the same for the monobromlnatlon 

step and the dibromlnatlon step, a reasonable assumption if 
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the bromination steps are essentially independent. The rate 

equation can then "be cast simply as: 

- drOx"] „ „ 
——1 - o2:iS <v-7> 
dt 

The calculation of the quantities in Equation (V-7) is com

pletely analogous to that used in the phenol studies, 

except, of course, the substrate is confined to the organic 

phase. 

The form of Equation (V-7) was Justified by the re

sultant constancy of for each run and for all data 

collected over the maximum range of concentrations. It 

could also be demonstrated that kinetic behavior of the 

metal complexes could not be described by assuming a 

steady state with respect to WOx^Br, or by assuming that 

either the first or second bromination steps are rate 

limiting. The method by which this was accomplished was 

as follows: for the sake of brevity, only the steady 

state assumption is dealt with here, though the approach 

is similar for the other possibilities. Prom previous in

vestigations of the bromination of aromatic compounds in 

low polarity solvents, the reactions become overall second 

order, as noted in the phenol discussion. Moreover, it 

seems reasonable that the reaction orders would not vary 

for the first and second bromination steps. Hence, Equa

tion (V-5) can be cast as 
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- dr oxi 
— = k [MOx l[Br2]0 + k'0[HOX2Br]CBr2no (V-8) 

dt 

If d^MOXgBr^/dt = 0, then [MOXgBr] = constant = c; substitu

tion into Equation (V-6), then into Equation (V-8), gives: 

- d[0x] 
= kQ([0x] - c)[Br2]Q + k0c[Br2]Q (V-9) 

dt 

= [Br2Vko-0x1 " V + koc) (V-10) 

= CBr2lo(ko[0x] - c') (V-ll) 

Since y in Equation (V-7) was later shown to "be 1, Equation 

(V-ll) and Equation (V-7) can be equated to p;ive: 

W0x:f = (kot:ox] - <V-12> 

Rearrangement of Equation (V-12) gives: ' 

[Ox]x = <VWI>3 " °'/kobs (V-3.3) 

A plot of [0x]x vs [Ox} should be linear if such an assump

tion is true. Such plots were tried for a variety of 

kinetic runs, all of which indicated that such a simple 

steady state assumption could not satisfactorily explain 

the kinetic behavior. This statement will be amplified in 

the Discussion section. 

The other modification employed was in the direct 

calculation of dfjBrg^g/dt. Since the short term noise in 

the detector system is inherently greater in the two phase 



1^0 

system than in the one phase system, the use of the glass 

rod technique was subject to somewhat greater inaccuracy; 

in addition, the technique is tedious, and only a limited 

number of points could be obtained due to the necessury 

construction lines. 

It was noted that the current-time curves obtained 

in the chelate studies exhibited a rather slow change in 

the limiting current with time for the main part of the 

curve. By inspection, it was obvious for small time seg

ments of about 6 seconds, that the change in bromine 

concentration with time could be considered linear. The 

differential in the aqueous phase could be obtained di

rectly, as illustrated in Figure 28. 

This approach has several advantages over the 

glass rod technique. First, the amount of data accessible 

from a given current-time curve is much greater; although 

the differential calculated from the small increment is 

susceptible to short term fluctuations of the current in 

the indicator circuit, the large amount of data should 

tend to average these out over the course of the reaction. 

For an average curve, fifteen to twenty points were 

collected. Mother advantage to this method is that the 

only experimental measurements needed from the current-

time curves is the recorder deflection and the time. The 

rather tedious process of finding the tangents is there

fore obviated. 
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Figure 28. Direct Determination of 
d([Br2]+[Br3-])aq/dt 
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The experimental procedure was essentially the 

same as that used for the phenol kinetics. Commonly, the 

maximum range of initial substrate concentrations varied 

only by a factor of about five, the upper limit being de

fined by the solubility of the complex; the practical 

lower limit was defined by the fact that at very low con

centrations of substrate, the rate of consumption of 

bromine was much less than the rate of generation; the 

current-time curves in such a case appear essentially as a 

calibration curve. The generating current used in all 

cases was k,8k9 ma, the lowest available range oh the 

commercially available instrument. The useful range of 

the method could be extended by using either much lower 

generating currents or by using the "decay method" dis

cussed in the following section. It should be borne in 

mind, however, that the current-time curves cover the en

tire course of the reaction, so that the effective concen

trations of the substrate change by at least a power of 

ten. 

The Decay Method 

This method was first introduced by Janata et al. 

(38) and applied to the kinetics of phenol in aqueous so

lution; their results compared favorably with those ob

tained by Kozak (30). 
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The principle upon which this method is based is a 

combination of the classical methods for kinetic studies 

and the coulometry/fimperometry method of Fernando et al. 

(30-33,35)* Bromine is generated in excess to some desired 

level and the subsequent decay in the detector circuit cur

rent monitored. The rate of change of bromine can be 

evaluated directly, and the differential equations used for 

solving for the salient rate constant, or the integrated 

form of the rate equation can be used. This technique is 

of Interest for use In the two phase system for a number 

of reasons: 

1. It is a convenient method for the study of 
« 

reaction kinetics for cases in which the gen

erating current cannot be altered to suffi

ciently low levels; e.g., for cases in which 

the substrate is quite insoluble or the reac

tion is slow. 

2. Related to this would be studies of homolo

gous series of compounds whose reactivities 

vary widely; this method would permit the 

study using solution parameters and reaction 

conditions analogous to those used with the 

differential method. 

3. The method could be conveniently employed to 

study the final stages of reaction, a region 

which Is not conveniently accessible by the 
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differential method. Since the current Is 

rising rapidly in this region, the rate of 

consumption of bromine is small compared to 

the rate of generation. 

Typically, the current-time curves appear as in Figure 29* 

Let (m ). be the millimoles of unreacted substrate 
s 

at the time when bromine generation is stopped, tQ. Then 

(Vt0 = (Vt - oto + '[>23 + CBr3']'aq'ai 

+ [Br2]0VQ (V-14) 

presuming that the substrate is confined to the aqueous 

phase. The more general case can be derived in much the , 

same way as that used for the phenol calculations. Intro

duction of the distribution ratio, D, gives: 

<vt() = (Vt - oto+ (i>r2]+ WDVo+ 

(V-15) 

Division of Equation (V-15) by gives: 

Wt0 = + v2 + ^ * i>3™> WD + W 
o o 

(V-16) 

The substrate concentration at any time after tQ, t^, is 

accessible, since 

- (mb't0 + (v-17) 
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where (m- ). is the total mmoles of unreacted bromine vrhen 
D tg 

generation is stopped and Is the total millimoles of 

unreacted bromine at time t^. Equation (V-17) simply fol

lows from the fact that the difference between and 

^rab^t *s mmoles of substrate consumed in the 

time interval (t0-t^)» Expanding Equation (V-17) in 

terms of the phase concentrations and substituting in terms 

of D, the expression becomes: 

tms)fc1 " <aB\ - (mb't0 + (tBr2] + 

X (Vaq + DVo) (V-18) 

Division by Vq gives: 

<V*0 
Mti = * ([Br2] + [Br3-])aq 

o 

X (vuqAc + D) (v-19) 

where 

KJt = <CBr2] + [Br3-]) (Vaq + DVQ) (V-20) 
0 ro 

([Br2] + Or3"])aq and ([Br2] + [Br^])^ are directly 

*0 tl 
accessible from the current-time curves. The corresponding 

organic phase concentrations are accessible through the 

appropriate value of D. Hence, all the terms in the rate 

equation, except the rate constant, are known: 
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d[S]/dt = k[S]X[Br2]y (V-21) 

The determination of the reaction order will be discussed 

below. 

The experimental procedure used for the decay 

method is similar to that used for the differential method. 

In most casesi only the last few percent of reaction was 

accessible, since only in this region is the reaction suf

ficiently slow for -the decay method to be useful. The 

limitations of these methods will be discussed in Section 

V-Reliability of Measurements. In a typical experiment, 

bromine was generated for a period corresponding to about 

90$ of the reaction; the unreacted bromine was of the order 

of lCf5 M or less when bromine generation was stopped. 

Determination of Reaction Order 

Because of the nature of the differential method, 

the usual techniques for the determination of reaction or

der fail or are inapplicable. Attempts to fit the reaction 

order by inspection, as in the case of phenol, Indicate 

that the reactions of the metal complexes do not obey inte

gral order kinetics, nor is the rate dependent only on one 

of the reactants. The method of initial rates is unsatis

factory, since the Initial stages of the reaction are 

susceptible to damping effects. The classical method, for 

reactions of the form 
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- d[S]/dt = k[S]x[R]y (V-22) 

can be expressed as: 

log(-d£S^)/dt) = logk + x(log[S] + (y/x)log[R]) 

(V-23) 

A plot of log(-d£S]/dt) vs. the parenthetical terms on the 

right hand side of Equation (V-23) should yield a linear 

plot when x and y are properly chosen. The absolute value 

of x can then be deduced from the slope of such a plot. 

However, in the system of interest, the term d[S^j/dt in

creases only very slowly, smd the relative uncertainty is 

of the order of \Q%, Moreover, the order of magnitude of 

the terra is around 10"^, so that the small rate of change 

of d[S]/dt is reduced even further when the log Is calcu

lated. Such a plot, then, yields little unambiguous 

information, since there is little difference in the plots 

regardless of the choice of x and y. 

Another approach is to select points from a large 

number of sets of data for which the substrate or the bro

mine concentrations are the same at some point in the reac

tion. A form of pseudo-first order kinetics then applies; 

again, this approach is unsatisfactory, since the values 

for d[S]/dt do not differ enough for any unambiguous in

terpretation to be possible. 

Experimental limitations preclude making the reac

tions pseudo-first order. Even if the metal complexes 
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were sufficiently soluble that the reaction could be made 

pseudo-first order with respect to the substrate, the rate 

would be sufficiently rapid for the residual bromine con

centration to be undetectable. If, conversely, the reac

tion were made pseudo-first order with respect to bromine, 

some experimental method for measuring the decrease in 

concentration of the substrate would be necessary; this is 

not within the capability of the method. 

The experimental fact that, throughout some portion 

of the current-time curves, the term -d[S]/dt is essential

ly constant, (since d([Brg] + [Br^""])^ essentia^^y 

constant), and can be used to some advantage. Rearranging 

Equation (V-23) and substituting the terminology for the 

reaction of interest, the following equation is obtained. 

log(-d["Ox]/dt/k) 
= log [Ox] + ((y/x)log [Br2]Q) 

x 

(V-2M 

For the portion of the reaction where the left side of 

Equation (V-2^) is essentially constant, a plot of 

-log[Ox] vs. log [Br,,] should result in a straight line 

having a slope of y/x. Figure 30 is typical of such a 

plot. Values for the data in which this treatment is valid 

are summarized in Table 1?. It should be pointed out that 

this method is capable only of giving the ratio of the 

reaction orders; the absolute values must be deduced by 

other means. Again, the small differences ind[Ox]/dt 
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Table 17 

Relative Reaction Orders for 
Metal Complexes 

Metal 
chelate x/y 

Mn(II) 0.40 
0.41 
0.38 
0.46 
0.35 
0.53 
0.45 
0.37 
0.57 

Ni(II) 

av. 0.43 
s 0.075 

0.49 
0.51 
0.52 
0.64 
0.42 

av. 
s 

Co(II) 

0.52 
0.08 

1.95 
1.65 
1.75 
1.95 
2.05 

Metal 
chelate x/y 

Cu(II) 

Fe(II) 

0.34 
0.18 
0.18 
0.24 
0.23 
0.29 
0.27 
0.24 
0.29 
0.29 

av. 0.26 
s 0.05 

0.45 
0.64 
0.39 
0.57 
0.25 

av. 0.45 
s 0.16 

av. 1.87 
s 0.16 
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preclude the simultaneous determination of x and k by using 

multiple sets of data; although it is, of course, alge

braically possible, the nature of the data precludes an 

un«unbipuous interpretation. As is obvious from Table 17, 

the method is most satisfactory for the copper and mangan

ese chelates, which react the fastest of the group studied. 

These current-time curves showed a rather longer region in 

which the rate of change of bromine was fairly constant. 

The decay method offers a method by which the abso

lute values of the reaction orders can be deduced for the 

more slowly reacting chelates, the Co(II) and Fe(II) com

pounds. Since the limitations of the decay method are 

discussed in Section V-Reliability of Measurements, it is 

sufficient to note here that the method could be success

fully employed only for the slower reacting complexes. 

Since the term -d[Ox]/dt does change significantly here, a 

plot such as that described by Equation (V-23) becomes 

meaningful; since the reaction orders were fractional, the 

ratio of x/y was determined by Equation (V-24) for the re

gions in which it was applicable and the absolute value of 

x determined by Equation (V-23) with the direct substitu

tion of the ratio x/y. 

Figures 31 and 32 and Tables 18 and 19 summarize 

the experimental results of selected examples for the Co(II) 

and Fe(II) chelates using the treatment outlined above. 

These data imply that the reactions of these complexes are 
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Table 18 

Absolute Order of Reaction for 
Cobalt(II) Chelate 

a 
logd[Ox]/dt log [Ox] + (y/x)log [Br2]Q 

6.55 6.91 
6.73 7.02 
6.83 7.21 
7.01 7.2^ 
7.12 7.35 
7.31 7.58 

a(y/x) = 1.87 

Tuble 19 

Absolute Order of Reaction for 
Fe(II) Chelate 

log d[0x]/dt 
a 

log [Ox] + (y/x)log [3r2]0 

6.65 15.69 
6.93 I6.k7 
7.18 16.91 
7.31 17.2^ 
7.^1 17.66 

a(y/x) s 2.2 
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Figure 31* Plot for Determination of Absolute 
Values of the Reaction Orders 

for the Cobalt(II) Chelate 
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V 7.0 

slope = O.Jj-

16.0 16.8 17.6 
log [Ox] + ((y/x)log [Br2]Q) 

Figure 32. Plot for Determination of Absolute 
Values of the Reaction Orders 

for the Iron(II) Chelate 
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described by the rate laws: 

- d[Ox|/dt = *CoO][Br2]0-5:1' (V-25) 

- d[Ox]/dt = (V-26) 

Since the behavior of the iron complex was similar to that 

of the Cu(II), Ni(II) and Mn(II) complexes, the rate con

stants were calculated assuming first order dependence on 

bromine and fractional order dependence on the substrate, 

although the absolute orders for these chelates are inde

terminate . The rate laws applied were: 

- d[Ox]/dt = kCu[0x:0,26CBr2]o (V-27)  

- a[Ox]/dt = kMn[0^0-I|-3[Br2]o (V-28) 

- d[Ox]/dt = liM1[0x]°*52[Br2]o (V-29)  

Results 

Since the reaction orders observed for the metal 

complexes are different for each metal lori, a comparison 

of the rate constants, in itself, is meaningless. It is, 

however, interesting to note the relative constancy for a 

given kinetic run, and the overall constancy for all the 

data collected for a given complex. Such constancy is 

indicative of the validity of the rate law proposed, as 

well as the lacV of concentration dependence. Although 

the initial concentrations covered only a range of a factor 
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of ten, it should be noted that each kinetic run yields 

meaningful data for about 80% of the course of reaction. 

Rate Comparisons for the Chelate Complexes 

Some estimation of the relative rates of reaction 

can be obtained by comparing the current-time curves of the 

various metal chelates in which all the solution parameters 

are identical. The conditions chosen for this comparison 

were: 

[MOx ] - 1.00 X 10"* * 

[Br"V=0-50 M 

Two to three runs for each complex were obtained, and the 

graphical averages plotted in Figure 33 and Figures 3*1—38. 

Qualitatively, the complexes follow the order: 

Cu(II) > Mn(II) > Ni(II) > Fe(II) » Co(II) 

Since the midportions of the current-time curves are rela

tively straight, the measurement of the slope allows an 

estimation of the average rate of consumption, -d[0x|]/dt, 

since an average value of d^Brg] + [Br^~^J)aq/dt is 

accessible. At any time in the reaction, 

K'aq + (mb'o = ot - <ms>t * 'V • (V"30) 

where (mg) is the millimoles of unreacted substrate. Sub

stitution in terras of concentrations and D, the substitution 

ratio, in the usual manner gives: 



Figure 33. Rate Comparisons for the Metal Chelates 

Is no substrate 
2 s bis(5-chloro-8-quinolinolato)cobalt(II) 
3 s 5-chloro-8-quinolinol 
ks bis(5-chloro-8-quinolinolato)iron(II) 
5bis (5-chloro-8-quinolinolato )manganese (II) 
6 s bis(5-chloro-8-quinolinolato)nickel(II) 
7 s bis(5-chloro-8-quinolinolato)copper(II) 

[Br"] =0.50 

CMOx2-^inlt 1-000 x i0"" 

[°x]lnlt = 2.000 X 10"U 



158 

2.4 

2.1 

1.8 

1.5 

1.2 

0.9 

0.6 

0.3 

60 120 180 

Figure 33* Rate Comparisons for the Metal Chelates 
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Figure Jk, Graphical Averages of Current-time 
Curves for the Co(IX) Chelate 
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: graphical average 

1.0 2.0 3.0 
time (sec.) 

Figure 35* Graphical Averages of Current-time 
Curves for the Fe(IX) Chelate 
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——: graphical average 
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Figure 36 • Graphical Averages of Current-time 
Curves for the Mn(II) Chelate 

40 

graphical aver-
* QSQ 

o : Bun 1 

X : Run 2 

20 

2.0 1.0 3.0 
time (mln.) 

Figure 37* Graphical Averages of Current-time 
Curves for the Cu(II) Chelate 



: graphical average 

* : Run 3 

3.0 2.0 1.0 
time (mln.) 

Figure J8, Graphical Averages of Current-time 
Curves for the Ni(II) Chelate 
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([Br2] + [Br3-])aq(Vaq + VoD) = ct - (»B)t + (»a) 

(V-31) 

Equation (V-32) is obtained by dividing by VQ. 

<[Br2] + [Br3"])uq(VuqA0 + D) - ct/VQ - [Ox],. + [0*] 

(V-32)  

Differentiation with respect to time gives: 

d([Brz] + [Br3"]) 
(V/Vo + D) = o/Vo + dC0x]/at 

dt 

(V-33) 

Hence: 

a[°x] c d([Br2] + [Br3"])aq 
= - — + (V /V + D) 

dt Vo dt aq 0 

(V-3^) 

Table 20 summarizes the values of d[0x]]/dt and the relative 

ratios of the rates; these imply that there is little dif

ference between the rates of bromination of the Cu(II), 

Mn(II), and Ni(II); the Fe(II) complex is only slightly 

slower, and the Co(II) substantially less reactive. 

Effect of Bromide Ion on Reaction Rate 

The only anticipated effect of the bromide ion con

centration would be to affect the magnitude of D, particu

larly since the solubility of the bromide in the chloroform 

would be expected to be extremely low compared to that in 
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Table 20 

Relative Rates of Reaction 
of the Metal Chelates 

metal chelate -d[0x]/dt X 107 normalized rates 

Co(II) 6.48 1„00 

(H) 7.61 1.17 

Fe(Il) 9.06 1.40 

Ni(II) 9.38 i:45 

Mn(II) 9.53 1.47 

Cu(II) 9.5^ 1.47 
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the aqueous phase. The kinetics of bromination of the 

Co(II) complex were investigated over a wide range of bro

mide ion concentrations, using fixed initial concentrations 

of substrate. Table 21 summarizes the rate constants ob

tained. The complete data are discussed with the kinetics 

of the cobalt complex. Figure 39 illustrates the result

ing family of current-time curves, and, as expected, the 

rate of overall reaction decreases as the concentration of 

bromide ion increases; the value of the rate constants, 

however, are comparatively invariant, indicating that the 

bromide ion has essentially no influence on the reaction 

itself. 

Effect of Parameters Reported to Have Catalytic Effects 

A number of bromination reactions of aromatic com

pounds in non-aqueous media have been reported to exhibit 

catalytic effects. Among those substtinces influencing the 

reaction are water (121), KOBr (13^), HBr (135)» d36, 

137), as well as heterogeneous catalysis on the reaction 

vessel walls (137)* Only the effects of oxygen and of 

heterogeneous catalysis could be categorically eliminated 

since: 

1. Water obviously cannot be eliminated from the 

system. 

2. H3r is produced in the reaction; it should be 

noted, however, that the solubility of the 

/ 
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Table 21 

Effect of Bromide on Rate Constant 
of the Co(II) Chelate 

initial concentration of chelate = 1.33 X 10"^ M 

Bromide ion concentration kobs 

0.20 1.42 

0.30 1.52 

0.40 1.58 

0.50 1.59 

0.50 1.65 

0.60 1.75 

0.80 1.61 

1.00 1.65 



Figure 39• Effect of Bromide on Current-time 
Curves of Cobalt(II) Chelate 

[M°x23init = see table below 

current sensitivity = 0.02 ua/ram 
generating current = 4.84-9 ma 

Table 

Curve [Br'] 

1 1.00 
2 0.80 
3 0.60 

0.50 
5 0.40 
6 0.30 
7 0.20 

/ 
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Figure 39. Effect of Bromide on Current-time 
Curves of Cobalt(II) Chelate 



HBr in the aqueous phase would be expected to 

be considerably higher than in the chloro

form. Over the range in which the reaction 

rate does not change appreciably, the HBr 

concentration would be expected to remain 

essentially constant and at extremely low 

levels, since the pH of the aqueous phase is 

6.88. Bromide ion has been shorn to have no 

effect on the reaction. 

3. HOBr is produced in small quantities, as pre

viously discussed. Its concentration cannot 

be controlled in the system because of the 

limitations set on the pH. It is noteworthy, 

however, that in the cobalt complex studies 

in which bromide ion was varied, there was no 

uniform effect on the value of the rate con

stant. Any significant effect due to HOBr 

should be evident, since its formation is de

pendent on bromide ion: 

H20 + Br2 st HOBr + H+ + Br" 

Effect of Oxygen. The copper and cobalt chelates, 

whose behavior is most dissimilar, were chosen for this 

study. 

A portion of the chelate solution in chloroform was 

deaerated by passing purified nitrogen through the mixture 
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for at least one hour, and then restored to the original 

volume with chloroform similarly treated. The aqueous so

lutions were deaerated for approximately 20 minutes. 

Figure kO compares the results obtained for the deaerated 

copper chelate solution with that of the untreated solution. 

A very slight increase In the reaction rate for the de

aerated solution is evident, though the significance of the 

change is at best nominal. Consideration of Figure 37, 

which graphically represents repetitive current-time curves, 

Indicates that the apparent difference between the aerated 

and deaerated solutions is no greater than the reproduci

bility of the curves. 

Figure 40 compares the results for the analogous 

Co(II) chelate experiments. There appears to be some 

slight acceleration of rate, though it is not particularly 

pronounced. Reference to Figure 3^ indicates that the 

reproducibility of the slower reaction of the Co(II) is 

somewhat better, so that the accelerating effect may be 

measurable, though the contribution minimal. 

It is reasonable to conclude, then, that the pre

sence of oxygen may result in slight changes of rate, 

though this effect in itself is insufficient to explain the 

widely divergent behavior and fractional reaction orders 

observed for the reactions of the metal chelates. 

Effect of Glass Surface Area. Current-time curves 

for the Cu(II) and Co(II) chelates were obtained In the 



Figure ^0. Effect of the Elimination of Oxygen 
on Current-time Curves of the 
Co(II) and Cu(II) Chelates 

Is cobalt(II) chelate after deoxygenation 
2s cobalt(II) chelate after reoxygenation 
3s untreated cobalt(II) chelate 
hi untreated copper(II) chelate 
5s copper(II) chelate after deoxygenation 

A 



1.0 
time (min.) 

Figure 40. Effect of the Elimination of Oxygen 
on Current-time Curves of the 
Co(II) and Cu(II) Chelates 



171 

usual manner, find compared to an identical run after the 

addition of ca. 0.25 grams of glass "beads (75 microns in 

diameter). Since the glass beads have a surface area of 

the order of 0.5 m2/g, and the inner surface of the titra-

tion cell an area on the order of 50 cm , the addition of 

the glass beads represents an increase in the available 

surface area of about 20 fold. Figures 41 and kZ compare 

the results of the two systems, from which it is obvious 

that the increased surface area has a negligible effect. 

Heterogeneous catalysis at the organic phase-

aqueous phase interface is also possible, though obviously 

this mechanism cannot be eliminated from the system due to 

the experimental limitations. 

Effect of Light and Nitrobenzene 

The possibility of the presence of a contributing 

radical reaction was considered. Again, the representative 

Cu(II) and Co(II) complexes were used for this study, and 

the current-time curves obtained in the usual manner. 

The fact that the reaction products have been shown 

to be the 7-substituted product itself strongly indicates 

electrophilic substitution, since the specificity of the 

radical reaction would be expected to be lessened, and the 

possibility of mixed reaction products increased. The di

rect bromination of the complexes, however, was carried 

out in the absence of electrochemical generation, so that 
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40 

20 

glass beads added 

2: untreated solution 

3s nitrobenzene added 

1.0 2.0 
time (min.) 

Figure 1*1. Effect of Glass Beads and Nitro
benzene on the Current-time 
Curves of the Cu(II) Chelate 
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80 

40 

1 : glass beads added 

2 s nitrobenzene added 

3 s untreated solution 

time (min.) 

Figure 1*2. Effect of Glass Beads and Nitro
benzene on the Current-time 
Curves of the Co(II) Chelate 
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the experimental conditions here were not completely 

analogous. The spectrophotometric studies, in which the 

reaction was studied at various stages of completion and im 

which electregeneration was employed, was consistent with 

the anticipated 7-substitution reaction. 

Exclusion of light from the cell resulted in no 

appreciable change in the current-time curves, indicating 

that photolnitiation of the reaction was of no signifi

cance . 

Nitrobenzene, an effective radical scavenger, 

consumes bromine at an extremely slow rate, even at concen-

—2 trations of the order of 10 M. A comparison was made 

between similarly obtained current-time curves for an 

untreated system and for that containing 10 M nitroben

zene; this concentration is at least in fifty-fold excess 

of the substrate. Reference to Figures ^1 and kZ indicate 

that the presence of the nitrobenzene has a negligible 

effect. In the case of the Co(II) complex, the current-

time curves are unaffected, and in the case of the Cu(II) 

complex, the curves are slightly depressed, which is 

opposite from the anticipated effect if a radical reaction 

were of significance. The effect of nitrobenzene, which 

consumes bromine slowly, would be expected to evidence 

itself more strongly in the Cu(II) chelate: since the net 

rate of appearance of bromine, snet» is 
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R . = R - R (V-35) 
net gen con 

where Rgen is the rate of generation and Rcon is the rate 

of consumption. In the presence of nitrobenzene, Roon 

would be the sum of the rate of consumption by the chelate, 

and by the nitrobenzene, R^^r0• Equation (V-35)  CO11 con 

then becomes: 

R . = H - (B^®late + B""ro) (V-36) 
net gen con con 

For cases in which the difference between the first and 

second terms on the right side of Equation (V-36)  is small, 

the effect of Rni^r0 would be more noticeable than in cases con 

in which the first terms are dominant, as in the case of 

the Co(II) complex. 

Rate Constants for the Metal Complexes 
of 5-chloro-8-quinolinol 

Bls(^-chloro-8-Qulnollnolato)copper(II). Table 22 

summarizes the average rate constants obtained for all 

kinetic runs using the differential method. Table 26 gives 

the complete data and the salient experimental quantities. 

What is of particular note is that the rate constants do 

not exhibit any uniform trend which persists throughout all 
1 

the data sets; moreover, the values are comparatively 

constant throughout the course of any given reaction, ex

cept for the effect of random fluctuations in the 
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Table 22 

Summary of Bate Constants for the 
Metal Chelates of 5-chloro-8-quinolinol 

[3r~] =0.50 

Initial concentration of 

Substrate X 10^ 

Bis(5-chloro-8-quinolinolato)copper(II) 

1.36 1.57 
1.36 1.4-3 
1.36 2.20 
1.09 1.71 
1.09 1.70 
1.09 1.69 
1.00 1.57 
1.00 1.50 
0.818 1.61 
0.546 2.64 
0.5^-6 2.04-
0.382 1.83 
0.273 1.66 

Bis(5-chloro-8-quinolinolato Jmanganese(II) 

1.22 5.31 
1.22 4-.95 
1.22 6.60 
1.00 6.4-7 
1.00 6.30 
0.974 4-.17 
0.974 6.34 
0.974- ^•37 
0.731 5.71 
0.731 6.15 
0.731 3.74 
0.48? 5.79 
0.48? 7.93 

Bis(5-chloro-8-quinolinolato)nickel(II) 

1.51 9.84 
1.51 9.70 
I.36  7.^3 



177 

Table 22. Continued. Summary of Rate Constants for the 
Metal Chelates of 5-chloro-8-auinolinol 

Initial Concentration of v 
Substrate X 10^ 

obs 

1.36 8.57 
1.36 10.2 
1.21 9.32 
1.09 9.45 
1.09 10.0 
1.00 10.6 
1.00 11.5 
1.00 10.4 
0.903 10.4 
0.816 8.73 
0.816 10.9 
0.602 13.6 
0.544 12.2 
0.544 9.93 

Bis(5-chloro-8-quinolinolato)iron(II) 

1.18 3.79 
1.18 3.77 
1.18 3.42 
1.00 3 .57 
1.00 3-53 
0.941 3.79 
0.706 3.6O 
0.471 3-58 
0.480" 2.59 
0.430" 2.76 
0.392" 1.80 
0.279 2.00 

Bis(5-chloro-8-quinolinolato)cobalt(II) 

1.33 1.59 
1.33 1.32 
1.26 1.25 
1.26 1.14 
1.26 1.22 
1.04 1.49 

b 

"decay method 

^see also Table 21 
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Table 22, Contlnued. Summary of Bate Constants for the 
Metal Chelates of 5-chloro-8-quinolinol 

Initial Concentration of ^ 

Substrate X 10^ obs 

1.00 0.92 
1.00 0.98 
1.00 1.02 
0.780 1.80 
1.77" 1.38 
x-26a 

0.669" 
0.32^ 

1.26" 1.17 
1.19„ 1.06 
0.669" 1.93 

"decay method 

\ 
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current-time curves. The mean values for the individual 

runs exhibit no dependence on the Initial concentration of 

substrate. The overall average value for the rate constant 

was I.78 with a relative standard deviation of 19#* 

Bis ( 5-chloro-8-qulnollnolato )manganese(II) and 

nlckel(II). The same general observations made for the 

copper(II) chelate apply as well to these compounds. A 

summary of the rate constants for the manganese(II) and 

nickel(II) chelates are given in Table 22. More complete 

data sets and experimental quantities are given in Tables 

27 *uid 28, see Appendix A. The mean overall value for the 

manganese(II) chelate was 5*68, with a relative standard 

deviation of 20$, and for the nickel(II), 10.2 and Ikfi re

spectively. 

Bis(5-chloro-8-auinollnolato)lron(II). The bromin-

ation of the iron(II) chelate is somewhat slower than those 

discussed above, so that both the differential and decay 

methods could be employed. Table 22 summarizes the values 

obtained, and Table 29 contains the salient experimental 

quantities. Inspection clearly shows that the precision 

of the differential method is superior to that of the decay 

method, though it must be borne in mind that the iron(II) 

chelate kinetics are obtained at the practical upper limit 

of the decay method. In addition, the mean values obtained 

by the two methods differ somewhat. The fact that the 

limiting current diminishes to very low levels within the 
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first twenty seconds or so of the reaction necessitates the 

determination of ^([[Brg^ + [Br^"3)Uq/dt in a region in 

which the incremental changes in the bromine concentrations 

are small; since all the experimental quantities are depen

dent on the measurement of the residual "bromine concentra

tion, a small error in the reading of such a number could 

explain the differences in the mean values obtained by the 

two methods. This difference was not observed in the some

what slower reaction of the cobalt(II) chelate. 

The differences in precision are also related to 

the measurement of the rate of change of bromine with time. 

In the differential method, the effect of this term on the 

value of d[S]]o/dt is relatively small, since the term is a 

result of a difference between a large and fairly precise 

number and a smaller term of lessened precision; using the 

decay method, however, d[S]]0/dt and d([Br23 + 

are closely related terms, and therefore strongly dependent 

upon the innate imprecision of the experimental measure

ment. It is of interest to note, however, that the rate 

constants calculated by the decay method do not exhibit 

any uniform trends which persist for all runs, thereby 

indicating the recorder lag is of little significance. It 

should be pointed out that, although about thirty sets of 

data were collected by the decay method for the Cu(II), 

Mn(II), and Ni(II) chelates, the rate constants exhibited 

a uniform downward trend, indicating that recorder lag was 
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prohibitive. The fact that the iron complex behavior is 

intermediate between these chelates and the cobalt chelate, 

for which the decay and differential methods give excellent 
I 

agreement, indicates that the upper limit of the usefulness 

of the decay method has been reached. 

Bis(5-chloro-8-auinollnolato)cobalt(II). Table 22 

summarizes the rate constants obtained for the differential 

and decay method; the complete data are given in Table JO, 

Since the reaction of the Co(II) chelate is substantially 

slower than the other compounds investigated, the utility 

of the decay method is demonstrated; the reaction is suffi

ciently slow that the recorder accurately reflects the 

bromine concentration, even at relatively high values of 

limiting current. For the Co(II) complex, small concentra

tions of the substrate are not conveniently employed using 

the differential method, since the rate of consumption of 

bromine under such conditions is very small compared to 

the rate of generation; the method here, then, can be used 

to some definite advantage. 

The precision of the decay method was somewhat 

poorer than the differential method, for the reasons out

lined previously. The average value by the differential 

method was 1.^1 with a relative standard deviation of 20#, 

and for the decay method, I.38, with a relative average 

deviation of 18$. 



Discussion 

A comparison of the current-time curves, in which 

the initial substrate concentrations are the same, indicate 

a measurable difference in the rates of reaction of the 

metal complexes; not only do the rates vary, but the appar

ent order of reaction changes from metal to metal. Since 

the size of find the charge on the metal ions used in these 

studies are essentially the same, these factors are not 

likely to be fruitful in explaining the somewhat anomalous 

behavior of the systems. Other factors which may be of 

importance are: 

1. Steric effects 

2. Electronic effects (these should be related 

to the magnitude of the formation constants) 

3. Bromination kinetic behavior of aromatic 

compound in low polarity solvents 

4. Catalytic effects 

5 .  Miscellaneous effects due to coordination 

When the anhydrous metal complexes are dissolved in the 

water saturated chloroform, water would likely be coordi

nated to satisfy the preferred hexacoordination of the 

metals studied (138). This means that the species under 

consideration is the dihydrate. 

It has been shown in Section V-Identification of 

Reaction Products, that the reaction products are the 

expected dibrominated bis-chelate. The general appearance 
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of the infrared spectra of the Co(II) and Cu(II) dlbromina-

ted chelates are similar, as were the family of spectra for 

the bis-chelates of 5-chloro-8-quinolinol. In addition, 

the sharp linear increase in bromine concentration, which 

corresponds to the region in which the reaction is nearing 

completion, agrees with the analytical concentration of 

5-chloro-8-quinolinol in the system. Taken together, these 

facts indicate that the metal chelates, particularly those 

of Fe(XI) and Co(II), are not being oxidized, notably by 

bromine. Oxidation of the bls(5-chloro-8-quinolinolato) 

cobalt(II) to the bls(5-chloro-8-quinolinolato)cobalt(III), 

to choose an example, should exhibit an infrared spectrum 

uniquely different from the family of bis-chelates of the 

divalent metals. 

Bis(5-chloro-8rquinolinolato)copper(II), 
manganese(II), and nickel(II) 

Reference to Figure 33 "nd Table 20 indicate the 

rates of bromination of these complexes are roughly com

parable. Qualitatively, the residual bromine concentra

tions indicate very slight differences in the orders 

Cu > Ni > Mn; these differences are minute, however, and 

not likely of any meaningful significance, considering the 

reproducibility of the curves. It is interesting, however, 

that this order parallels the order of the formation con

stants (116). In inert complexes, the relative effect of 
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the metal ions on the electron density of the aromatic ring 

would be expected to vary in the order of the strength of 

the complexes. Related studies, such as the effect on pK 

values of functional groups on inactive portions of the 

rings, have shown the effect of metals follow such an 

order (139). 

assume a square planar, and the manganese(II) an octahedral 

configuration. In the presence of water, which would be 

axially coordinated, hexacoordinate complexes would be 

formed. Upon coordination of water, the octahedral config

uration (I) could have tvro geometries, one of which (II) 

would be identical to the square planar configuration. 

The other possibility, and the least likely one, is shown 

in (III) (138,140). 

The point which is germane to the kinetics, however, is 

that the site of attack at the 7-position is essentially 

unhindered by the presence of the coordinated water in any 
t. 

of the geometric configurations. 

The copper(II) and nickel(II) chelates typically 

(I) (II) (III) 
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Geometric effects of the type mentioned above 

presume, of course, that the brorainating species attacks 

directly on the ring system. On the other hand, if an 

intermediate of the type, 

H2° H20 

which results in polarization of the bromine, were formed, 

some influence by the coordinated ion would be anticipated. 

Such a mechanistic approach, however, was not consistent 

with the experimental data; this was demonstrated by the 

method used in Section V-Calculations, Modifications of 

the Differential Method. 

In terms of the formation constants, the most di

vergent behavior would be anticipated between the Mn(II) 

and Cu(II) chelates; moreover, the Mn(II) chelate has the 

greatest tendency toward hexacoordination (138), so that a 

marked difference should be evident between these com

plexes if electronic, steric or coordination effects were 

important. 

The fractional reaction orders are most likely due 

to catalytic effects or to the amonalous behavior of bro-

mination reactions in low polarity solvents. For these 
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three chelates, only the ratio of the reaction order could 

be deduced unambiguously, though it was assumed that the 

orders were comparable to those of the Fe(II) complex, 

whose behavior is not radically different, and whose reac

tion orders could be determined absolutely. 

Robinson et al. (128-130, l*fO,l*H) and others 

(120,142-1^6) have reported that the bromination of a 

variety of organic aromatic compounds follow the general 

rate law: 

-d[S]/dt = k1[S][Br2] + k2[S][Br2]2 + k3[S][Br2]3 ... 

(V-37) 

The higher order terms are predominant as the polarity of 

the solvent decreases or the concentrations of reactants 

increase; rather elaborate reaction schemes and pathways 

have been proposed, and a number of bromlnating species 

suggested. In general, however, closely related substances 

obey fairly similar rate laws, as long as the solvent 

composition remains constant. The nature of the metal ion 

would not be expected to radically alter the molecular 

structure, so that the attacking species or reaction path

way would not be expected to be substantially different. 

If it were presumed that the rate law proposed in Equation 

(V-37) adequately described the kinetics of bromination of 

the metal chelates, the copper(II) chelate would require 

fourth order dependence on bromine; moreover, the iron 
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complex, whose behuvior is not substantially different 

from that of the other three chelates discussed here, is 

unambiguously established to have fractional order depen

dence with respect to the substrate. 

Bis(5-chloro-8-qulnollnolato)iron(II) 

The rate of consumption of bromine by the iron(II) 

chelate is somewhat slower than that of the manganese(II), 

copper(II) and cobalt(II) chelates. In terms of purely 

electronic effects, as reflected by the formation con

stants, the rate should be roughly comparable; the geometry 

and tendency toward hexacoordination, would also be similar 

to the Mn(II), Cu(II) find Ni(II) chelates. 

Since the shape of the current-time curves remains . 

essentially the same for freshly prepared solutions of the 

chelate as for those which have been allowed to stand for 

several days, progressive air oxidation does not appear to 

be significant. Oxidation by bromine, as discussed above, 

did not occur. By reclaiming the chelate from chloroform 

solution find obtaining its Infrared spectrum, a comparison 

can be made with the untreated compound. No measurable 

difference was observed, so it was concluded that oxida

tion, if it occurred at all, was negligible. 

It is possible, however, that even very small 

amounts of the oxidation product could give rise to the 

slight attenuation of rate, the neutrality of such a 
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complex being maintained by association with some available 

anion. If this were the case, the electron density of the 

Fe(II) chelate would be diminished, resulting in a slight 

overall reduction in reaction rate. 

Another possibility might be the irreversible 

incorporation of molecular oxygen Into the complex, a 

phenomenon well-documented in the case of several cobalt 

chelates; this will be discussed with the comments on the 

cobalt(II) chelate. In any event, the effect Is not parti

cularly large. Similar considerations to those discussed 

with the Cu(II), Mn(II) and Ni(II) chelates apply to the 

rather anomalous reaction order for the i?e(II) chelate. 

Bis(5-chloro-8-quinolinolato)cobalt(II) 

The reaction order and the rate of retiction of the 

cobalt complex is completely incongruous with the other 

four analogous chelates. 

If the relative reaction rates were solely due to 

electronic effects, the rate of reaction of the cobalt(II) 

chelate should be intermediate between that of the 

nickel(II) and iron(II) compounds. 

The behavior of the cobalt complexes are, in gen

eral, anomalous in only two ways: first, cobalt(II) has a 

more marked tendency toward formation of tetrahedral com

plexes than the other metal ions considered here (138). 

Secondly, cobalt chelates tend to form oxygen complexes of 
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the form (1^7): 

\ 1  ' /  
Co 0o Co 

/| l\ 

Most of these reuctions are reversible, so that purging 

the system with nitrogen should destroy or significantly 

diminish the concentration of such species. As was noted 

previously, purging with nitrogen had no significant effect 

on the system. 

It could be possible that the formation of such 

oxygen complexes are not easily reversible. Coordination 

of oxygen in such complexes would be expected to render 

the cobalt ion more electropositive, the ring heteroatoms 

more electronegative, find the aromatic system more electro

positive; this, of course, would render the ring less 

susceptible to electrophic substitution, which is consis

tent with the observed behavior. 

The product studies indicate that the bromination 

product was identical to that obtained on a macro-scale 

preparation. Hence, oxidation of the cobalt(II) chelate 

by bromine, oxygen or other substances is of little signi-

ficance. 

The possible tetrahedral configuration probably 

would not explain the anomalous behavior of the chelate, 

since the presence of water would likely result in hexa-

coordination, with resulting distorted octahedral geometry; 
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This would not be radically different from the geometries 

discussed in Section V-Discusslon, Bis(5-chloro-8-quino-

llnolato)Cu(II), Ni(II) and Mn(II). 

The apparent rate law, first order with respect to 

the substrate and essentially half-order with respect to 

bromine is indicative of a reaction pathway of the type: 

Br 2 * 2 "Br" 

"Br" + S - SBr 

Since a radical mechanism has been eliminated, the other 

alternative for the "Br" species is Br or HgOBr • In 

water, the formation of bromonium ions from bromine has an 

equilibrium constant on the order of 10"*-'® (148), and that 

of HgOBr** on the order of 10""^® (148), so that the effec

tive concentration of such a species would be minute. If, 

however, the presence of oxygen in the complex tends, for 

indeterminate reasons, to promote such formation and reduce 

the reactivity toward molecular bromine, the reduced rate 

of reaction *ind observed rate law follow. The initiation 

of rapid bromlnation reactions by such species has been 

characterized (149-151)• 

Summary 

The copper(II), nickel(II) and manganese(II) che

lates, which are not readily oxidized and whose geometries 

are essentially the same, exhibit very little difference in 
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the reaction rates. The small qualitative differences 

which do exist, however, parallel the order of magnitude of 

the rate constants. This implies that the effect of 

different metals on the aromatic system is relatively 

small. 

The comparison of the reaction rates indicates that 

the rate differences cannot be due solely to electronic 

effects; if this were the case, the most divergent "behavior 

would "be expected "between the copper(II) and manganese(II) 

complexes. 

The attenuated rates of the iron(II) and cobalt(II) 

are therefore probably due to factors other than the effect 

of the metal ion oh the electron density of the ring. 

Geometric and sterlc considerations have been shown to be 

insignificant in explaining the behavior of the kinetics 

of these compounds. In the case of the iron(II) complex, 

the slight reduction in rate could be due to small amounts 

of the oxidized bis-complex, or to an irreversible coordi

nation of oxygen. Small contributions due to these factors 

would not be obvious due to experimental limitations, 

though it can be stated that large contributions due to 

these sources are not present. 

The reaction orders of these four complexes are 

comparable, first order with respect to bromine and frac

tional order with respect to the substrate; such orders 

are most likely due to indetermlnute catalytic effects. 
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The cobalt(II) chelate is completely incongruous 

with the other chelates, both in its rate of reaction and 

in the reaction order. Since the charge, size, geometry, 

formation constants and oxidative properties of this che

late are not strikingly different from the other complexes, 

the anomalous behavior probably results from the propensity 

toward the formation.of irreversible molecular complexes 

with oxygen. 

Reliability of Measurements 

Differential Method 

An estimation of the relative uncertainty of the 

values for the rate constants was achieved in much the same 

manner as that used for phenol, Section IV-Reliability of 

Measurements. Although the uncertainty here has no depen

dence on Kg, since the reaction is confined to the organic 

phase, the reaction orders are dependent upon the experi

mentally derived quantities, unc^ f-Br2-lo* Tlie 

estimation of the uncertainty therefore included maximizing 

and minimizing these effects. An estimated relative uncer

tainty betxtfeen 20-25% was calculated for the metal chelate 

kinetics. 

Decay Method 

This method is subject to some of the same errors 

as the differential method, namely, long term effects as 
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reflected in the variation of D, and short term effects due 

to fluctuations in the current in the Indicator circuit. 

The long term effects are of the same order of magnitude as 

those encountered in the differential method, though the 

decay method is substantially more sensitive to short term 

fluctuations. Here, the term d[S]Q/dt is strongly depen

dent on the term d^Brg^J + CBr3~l ̂aq^^* 

The second error to which the decay method is 

liable is the effect of recorder las. For cases in which 

the consumption of bromine is extremely rapid, the method 

is no longer viable. The problem of recorder lag could be 

obviated if the damping of the system were eliminated or 

substantially diminished, but the inherent noise in the 

two phase system is prohibitory. For the decay method to 

be reasonably useful, the half-life of the residual bro

mine when generation is stopped, should be of the order of 

30 seconds. If the half-life is substtintially less than 

this, recorder lag becomes quite important during the first 

two-thirds (or more) of the reaction; the data near the end 

of the reaction is characterized by very low values of the 

current, which is subject to some inaccuracy due to 

hysteresis in the recorder system. Moreover, the measure

ment of the differential, d([Br2] + [Br^"]J)aq/dt• is sub

ject to large inaccuracies (ca. 50$) in the region in which 

the limiting current changes only in minute amounts. The 
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effect of recorder lag is characterized "by uniform trends 

in the values of the rate constants. 

Reactions in which the half-life of the residual 

bromine (max = 10"** M) is of the order of $0-60 seconds 

are ideally suited to the decay method, since recorder lag 

is not significant even in the initial stages of the reac

tion, but the rate of bromine disappearance is large 

enough that a reasonably precise measurement of 

d([Br23 + [Br^"])/dt, and hence for d£S]/dt, can be 

obtained. The estimated relative deviation of the indivi

dual measurements for a given current-time curve are of the 

order of 20-30% for a typical experiment for the cobalt(II) 

chelate. 

The decay method is therefore of limited utility 

and has poor precision when compared with the differential 

method, though the technique is of some value in substan

tiating the magnitude of the reaction orders and in 

obtaining rate constants under analogous experimental con

ditions for those cases in which the differential method is 

unsatisfactory. (See Section V-Calculatlons, the Decay 

Method)• 



CHAPTER VI 

KINETICS OF BROMINATION OF 
5-CHLORO-8-QUINOLINOL 

A study of the kinetics of bromination of the li

gand, 5-chloro-8-quinollnol, was undertaken in order to 

compare the effect of the metal ion with that of the pro

ton in the aromatic system. 

Experimental 

A stock solution of the ligand was prepared in 

chloroform, ca. ̂ .0 X 10"^ M. The aqueous phase solution 

(pH = 6.88) was prepared in the usual manner similar to 

that used in the study of the metal complexes; 

([Br"} s 0.50 H; ionic strength = 1.00). The experimental 

procedure was similar to that used in previous sections. 

Since the neutral form of the ligand is quite in

soluble in vrater and fairly soluble in chloroform, the 

value of the distribution coefficient of the ligand would 

be expected to be vary large or infinite. Moreover, at 

pH = 6.88, the existence of either the protonated or 

anionic forms of the ligand would be negligible. The value 

of the distribution coefficient was shown to be essentially 

infinite by equilibrating 5°*00 ml of the aqueous solution 

and 25»00 ml of the ligand stock solution in separatory 

195 
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funnels, followed by bromometric titration of a portion of 

the aqueous phase. It was easily demonstrated that there 

was no measurable fimount of the ligand in the aqueous 

phase. Since as little as 2 X 10"mmoles of 5-chloro-8-

quinolinol would be detectable, the value of the distribu

tion coefficient must be at least U00. It was therefore 

assumed that the ligand was confined wholly to the chloro

form phase of the system. 

Calculations 

The rate equation and method of calculation was 

similar to that used for the metal chelates: 

- d[0x] 
= k[0x][Br9]rt (VI-1) 

dt * ° 

where [Ox] is the unreacted 5-ciiloro-8-quinolinol. The 

reaction was observed to be overall second order by trial 

and error, as discussed for the study of phenol. 

Discussion 

Several runs were obtained using a concentration of 

5-chloro-8-quinolinol the same as that used in the rate 

comparisons for the metal chelates. The graphical averages 

tire shown in Figure ̂ 3» and the comparison of the average 

rate is given in Figure 33 and Table 20. These indicate 

that the uncoordinated ligand is less reactive thjin the 

Fe(II), Cu(II), Mn(II) and Ni(II) chelates, but reacts 



graphical average 
(normalized to 
0.015 ua/mm) 

» : Run. 1 

1.0 2.0 
time (mln.) 

Figure ^3* Graphical Averages of Current-time 
Curves for 5-chloro-8-quinolinol 
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somewhat faster than the amonalous Co(II) chelate. The 

general observation that the uncoordinated ligand is less 

reactive to electrophilic substitution is consistent with 

previously reported behavior, as discussed in some detail 

in Section I, although the magnitude of the difference is 

less pronounced. A comparable study was carried out by 

Jones (110), who observed by competitive bromination and 

infrared product analysis that the coordinated 8-quinolinol 

brominated some thirty times faster than the uncoordinated 

compound. Other detailed studies have indicated the dif

ference to be somewhat more pronounced than observed here, 

though all previous studies have suffered from various 

experimental problems. In this study, the coordinated 

ligand reacted only up to 1.5 times as fast as the free 

ligand. 

The reaction of 5-chloro-8-quinolinol with bromine 

in chloroform appears to observe overall second order 

kinetics. Consideration of Table 32 illustrates the values 

to be comparatively constant throughout the range of the 

titration. The mean values of the rate constants sum

marized in Table 23, tend to become larger as the initial 

concentration of the ligand decreases. The current-time 

curves near the end of the reaction exhibit a sharp in

crease in the current which nearly corresponds to the angle 

of increase in the absence of substrate. At high concen

trations (greater than 10"^ M), the Increase in the 
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Table 23 

Summary of Rate Constants for Bromlnation 
of 5-chloro-8-quinollnol 

[°*]lnlt. X 10" k X 10'2 

4.686 3.54 

4.686 2.54 

3-748 3.73 

3.748 4.13 

2.812 4.11 

2.000 4.21 

2.000 4.65 

2.000 4 .36 

1.313 5-96 

1.313 5-16 
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current, though linear, was substantially less than the 

anticipated increase. At lower concentrations, this effect 

was not noted. In a previous study of the bromination 

kinetics of quinollne (12*0, the slow formation of a per-

bromo species of the form 

was observed, and exhibited overall third order kinetics. 

It is therefore likely that such a species, in the absence 

of the protonatlon of the 8-quinolinol, is being formed and 

most noticeably at higher concentrations, though the domi

nant reaction is that of the overall electrophilic substi

tution reaction. 

O'Dom (3^) has studied the kinetics of the proton-

ated lig-and in aqueous solution, from which the rate 

constant for the bromination of the neutral ligand could be 

deduced; the value of this constant was estimated to be 

1.6 X 10^ l./mole.sec., about three powers of ten greater 

than the observed constant in the chloroform media. Quali

tatively, these results are analogous to those obtained in 

the study of phenol, in that the reaction rate is noticeably 

diminished and. that overall second order kinetics dominate 

at low reactant concentrations; the difference in 

HO Br-Br 
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magnitudes of the rates of the 5-chloro-8-quinolinol, 

however, are more pronounced. As was noted in the phenol 

discussion (Section IV-Discussion, Reaction in Organic Phase) 

the broailnation reaction is subject to varying acceleration 

due to traces of water in the low polarity media. These 

data imply that the degree of acceleration is therefore 

probably dependent not only upon the media but also upon 

the nature of the substrate. 



CHAPTER VII 

SUGGESTIONS FOR FURTHER RESEARCH 

There are two areas In which instrumental design 

changes would be desirable, not only for further elucida

tion of the kinetic behavior of the metal complexes, but 

also in the expansion of the scope of viability of the 

technique. The first of these is the improvement of the 

reproducibility of the stirring rate, both on the short 

term and the long term basis. The application of ultra

sonic stirring is attractive in this regard, provided that 

emulsification did not result and the indicator reference 

electrode was unaffected by such agitation. If such a 

method were viable, the reproducibility of the method 

could be substantially improved. 

The second modification is somewhat more fundamen

tal, though based upon the same principle as that used in 

this work. If the apparatus were designed so that the 

generating current was varied continuously in a manner 

such that the bromine in the two phases was maintained at 

some predetermined level, the value of the generating 

current itself should be proportional to the rate of reac

tion; hence, the determination of the slope, with the 

resulting imprecision of measurement, would be obviated. 

202 
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It would, of course, be necessary to have some means by 

which the plot of the generating current as a function of 

time could be integrated in order to have some experimental 

accessibility to the total bromine generated in the system. 

Moreover, the reaction in such a system would be indepen

dent of bromine concentration, find as such, becomes pseudo-

first order or higher, with respect to the substrate. Such 

a simplification of the system could be useful in further 

investigating the rather unique bromination kinetic beha

vior of the chelates of 5-chloro~8-quinolinol as well as 

other systems of interest. The instrumentation for such a 

device has been developed, and could be adapted to the two 

phase system with minor modifications (152). 

Some further studies of the chelates of the 

8-quinolinol family of metal chelates might provide some 

insight into delineating the behavior of these compounds. 

It would be of interest to investigate other analogs using 

the instrumental modifications outlined above as well as 

other solvents «ind experimental conditions; hopefully, 

such studies would help to explain the behavior of the sys

tem and lead to some mechanistic explanation of the kine

tics. Other systems which would be of interest in . 

investigating the effects of metal chelation would be the 

acetylactetones and the tropolones. 

The method could also be of some value in prepara

tive applications, such as for cases in which it is 
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desirable to maintain the reactant at low concentrations 

for reaction specificity or for the elimination of unde

sirable side reactions. 

In addition to further work on halogenation kine

tics of chelate systems, an area in which much remains to 

be elucidated, it would be of interest to investigate the 

electrogeneration of other species, such as other halogens, 

metal ions and hydroxide ions. With respect to chelate 

chemistry, there are the obvious applications to the kine

tics of chelation and of extraction which could be 

approached through this method. Fundamental studies of a 

variety of fast reactions of water-insoluble compounds are 

bounded only by the scope of the imagination. 



APPENDIX A 

RATE CONSTANTS FOR IKE BHOMINATION 
KINETICS OP PHENOL 
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Table 24 

Rute Constants for the Bromlnatlon 
Kinetics of Fhenol at [Br~3 = 0.30 

generating current = 4.849 ma 
volume of aqueous phase = 50.00 ml 
volume of organic phase = 25*00 ml B = 
stirring rate = 500 rpm q 

temperature =25*0 C 

B 1—
I *
 

PO
 

i_
i 

"
0
 

csiaq i—
1 w
 

1 
1 

0
 "d[S]aq/dt -a[sVat dB/dt kaq kO 

X 107 X 106 X 105 X 105 X 107 x io7 X 109 X 10"^ X 10"3 

total substrate = 2.958 mmoles 

5.35 1.86 1.78 4.45 2.14 5.34 7.86 2.24 6.47 
6.09 2.11 1.61 4.03 2.13 5.32 8.61 2.16 6.24 
7.10 2.46 1.37 3 .43 2.14 5.35 7.44 2.20 6.33 
7-66 2.66 1.28 3.21 2.12 5.30 9.26 2.15 6.21 
9.32 3.23 1.04 2.59 2.10 5.25 10.9 2.17 6.26 
10.4 3.62 0.90 2.26 2.07 5.18 13.0 2.20 6.35 

total substrate = 3.444 mmoles 

3.8? 
4.52 
5.26 
6.09 
6.64 
7.75 
8.95 

1.34 2.17 5.43 2.19 5.46 3.77 2.60 7.49 
1.57 1.84 4.61 2.19 5.47 3.63 2.62 7.56 
1.82 1.56 3.90 2.18 5.46 3.92 2.66 7.68 
2.11 1.29 3.22 2.17 5.43 4.95 2.75 7.98 
2.30 1.13 2.84 2.16 *5.41 5.64 2.87 8.27 
2.'69 0.88 2.20 2.13 5.31 8.71 3-11 8.98 
3.11 0.73 I.83  2.05 5-12 14.9 3.11 8.99 



Table 24, Continued. Rate Constants for Phenol at [Br"*] = 0.30 

B C^o ro«, 0
 

1—
1 

CO 1 
1 -a[s]uq/at -4[S]0/dt dB/dt 

aq k 

X 107 X 106 X 105 X 105 X 107 X 107 X 109 -4 X 10 ̂  
°_*3 

x 10 ^ 

total substrate = 3.936 mmoles 

2.31 0.80 2 .58 6.44 2.21 5.52 1.98 3.71 10.7  
2.49 0.86 2.46 6.15 2 .21 5.52 1.88 3.61 10.4 
2.86 0.99 2.15 5.39 2.20 5.50 2.56 3.57 10.3 
3.04 1.06 2.06 5.16 2.20 5.^9 2.97 3.49 10.1 
3.60 1.25 1.78 4.44 2.19 5.^7 3.63 3.42 9.88 
3.87 1.34 1.67 4.18 2.18 5.^6 3.94 3.37 9.72 
4.70 I.63  1 .39 3.^7 2.18 5.45 4.22 3.33 9.62 
4.98 1.73 1.27 3 .18 2.17 5.44 4.38 3.44 9.92 

total substrate=4.428 mmoles 

2.40 O.83  3.04 7.60 2.20 5.51 2.16 3.03 8.71 
2.77 0.96 2.75 6.88 2.21 5.52 2.04 2.90 8.35 
2.95 1.02 2.59 6.48 2.20 5.51 2.38 2.88 8.29 
3.41 1.18 2.26 5.66 2.20 5.49 2.75 2.84 8.20 
3.60 1.25 2.16 5.40 2.19 5.49 2.91 2.82 8.15 
4.34 1.50 1.74 4.35 2.18 5.^7 3.61 2.90 8.36 
4.98 1.73 1.45 3.63 2.17 5.44 4.45 3.00 8.67 

total substrate=4.920 mmoles 

1.49 5.19 3.44 8.60 2.21 5.54 1.42 4.31 12.4 
1.66 5.76 3.23 8.07 2.21 5.52 1.91 4.12 11.9 
1.94 6.72 2.96 7.41 2.21 5.53 1.60 3-85 11.1 
2.12 7.36 2.71 6.78 2.21 5.53 1.60 3.84 11.1 



Table 24, Continued* Rate Constants for Phenol at [Br~]J « 0.30 

3 C^o [Si L Jaq 

0
 

1—
1 
M
 

1 
1 -d[sWdt -a[s]o/dt dB/dt 

V ko 

X 107 X 106 X 105 X 105 x 10 7  x 105 X 109 x io~k x 10"3 

2.58 8.96 2.34 5.86 2.21 5.52 2.04 3.65 10.5  
3.14 10.9  1.96 4.90 2.21 5.51 2 .10 3.59 10.3  
3.59 12.5  1.61 4.01 2.19 5.48 3.16 3 .80 10.9  
3.87 13.4 1.48 3.69 2.19 5.47 3.^9 3.83 11.0 
4.89 17.0  1.14 2.85 2.18 5.46 4.00 3.92 11.3  

to 
o 
05 



Table 25 

Rate Constants for the Brominatlon 
Kinetics of Phenol at [Br~] = 0.50 

generating current = 4.849 ma 
volume of aqueous phase = 50*00 ml 
volume of organic phase = 25*00 ml B = ([Br2] + 
stirring rate = 500 rpm J> q 

temperature = 25.0 C 

B CBr2]c 

X 107 X 106 x 105 

[S]G -d[S]aq/dt 

x 105 x 107 

-d[S]o/dt dB/dt kuq ko 

X 107 X 109 X 10"^ X 10"3 

total substrate= 2.958 mmoles 

2.68 1.25 1.98 *K95 2.20 5.10 2.17 4.15 8.85 
3.04- 1.43 1.76 4.40 2.20 5.^9 2.30 4.10 8.75 
3.69 1.73 1.42 3.55 2.19 5.^7 2.96 4.17 8.90 
3.97 1.86 1.26 3.16 2.19 5.^7 2.87 4.36 9.31 
4.80 2.25 0.93 2.32 2.16 5.40 4.78 4.85 10.3 
5.63 2.64 0.74 1.85 2.14 5.36 5.93 5.14 10.9 
6.00 2.81 0.68 1.70 2.12 5-29 7.66 5.20 11.1 

total substrate = 3*^^ mmoles 

2.21 1.05 2.30 5.76 2.21 5.52 1.57 4.33 9.23 
2.49 1.17 2.15 5.37 2.21 5.52 1.70 4.12 8.79 
2.77 I.30 1.87 4.68 2.20 5.50 2.15 4.25 9.06 
3.14 1.47 1.70 4.26 2.19 5.^9 2.47 4.11 8.76 
3.60 1.68 1.41 3.5^ 2.19 5.^7 2.91 4.30 9.17 
3.87 1.82 1.27 3.18 2.18 5*46 3.31 4.43 9.44v 



Table 251 Continued* Hate Constants for Phenol at [Br"3 = 0.50 

B C^o OT«q 1—
1 

Cfl
 

1 
1 

0
 

-*LsWdt -a[s]o/at dB/dt kaq ko 

X 107 X 106 X 105 X 105 X 107 x 107 X 109 X 10~4 X 10"3 

total substrate = 3.936 mmoles 

1.75 8.22 2.68 6.70 2.22 5.54 0.94 4.72 10.1 
1.9^ 9.08 2.46 6.14 2.21 5.53 1.21 4.65 9.92 
2.30 10.8 2.18 5.45 2.21 5.53 1.36 4.40 9.37 
2.40 11.2 2.05 5.12 2.21 5.53 1.27 4.50 9.60 
2.68 12.5 1.81 4.53 2.20 5.51 1.92 4.54 9.69 
2.95 13.8 1.64 4.10 2.20 5.50 2.02 4.04 9.68 
3.41 16.0 1.27 3.18 2.19 5.48 2.76 5.03 10.7 
3.97 18.6 1.08 2.70 2.18 5.45 3.32 5.07 10.8 

total substrate » 4.428 mmoles 

1.66 7.78 3.02 7.56 2.22 5.54 0.97 4.42 9.41 
1.94 9.09 2.67 6.6 7 2.21 5.53 1.21 4.28 9.14 
2.12 9.95 2.48 6.20 2.21 5.53 1.35 4.20 8.95 
2.58 12.1 2.01 5.02 2.20 5.51 1.76 4.25 9.07 
3.04 14.3 1.68 4.20 2.20 5.50 2.10 4.30 9.18 
3.41 16.0 1.46 3.64 2.19 5.49 2.30 4.42 9.42 

total substrate = 4.920 mmoles 

1.20 5.62 3.43 8.57 2.23 5.56 O.38 5.41 11.5 
1.48 6.92 2.92 7.31 2.22 5.55 0.71 5.15 10.9 
1.66 7.79 2.46 6.14 2.22 5.54 0.95 5.43 11.6 
1.85 8.65 2.25 5.61 2.21 5.52 1.31 5.3^ 11.4 
2.31 10.8 1.78 4.46 2.21 5.52 1.56 5.37 11.4 



Table 26 

Rate Constants for the Brominatlon 
Kinetics of Phenol at [Br"} = 0.70 

generating current = ^.8^9 ma 
volume of aqueous phase = 50.00 ml 
volume of organic phase = 25-00 ml B = ([Br,] + [Br"]) 
stirring rate = 500 rpm J q 

temperature = 25.0 C 

B C^o CSlaq 0
 

1—
1 03 1 

I -dCS]aq/<lt -a[s]o/dt dB/dt kaq k 0 

X 107 X 106 X 105 X 105 x 107 x io7 X 109 x io"21' X 10"3 

total substrate = 2.958 mmoles 

1.23 0.89 1.99 4-.98 2.19 5-47 2.06 8.93 12.3 
1.85 1.3*4- 1.61* l4-.ll 2.18 5.44 2.70 7.17 9.90 
1.97 1.42 1.14-7 3.68 2.17 5.1*3 2.98 7.^9 10.3 
2,34 1.69 1.27 3.16 2.17 5.41 3.21 7.32 10.1 
3.01 2.18 0.93 2.33 2.114- 5.37 A*.33 7.63 10.5 

total substrate = 3.444 mmoles 

1.11 0.80 2.16 5.40 2.21 5.51 1.24 9.22 12.7 
1.38 1.00 1.8 4 4.61 2.20 5.50 1.58 8.61 11.9 
1.57 1.14 1.73 JU-.32 2.19 5.47 2.01 8.08 11.2 
1.81* 1.33 1.36 3.14-0 2.18 5-45 2.49 8.69 12.0 
2.31 1.67 • i.07 2.68 2.16 5.40 3.^9 8.72 12.0 
2.86 2.07 0.80 2.01 2.14 5.36 14-.31 9.31 12.9 
3.14 2.27 0.72 1.79 2.13 5-34 4.70 9.50 13.1 



Table 26, Continued. Rate Constants for Phenol at [Br"^ ~ 0.70 

B o 4 •»< «w 
1—

i 
CO 1 

1 0
 

1—
• 

CO 1 
1 -a[s]uq/dt -d[s]o/dt dB/dt kaq *0 

X 107 X 106 X 105 X 105 x 107 X 107 X 109 X 10"4 X 10"3 

total substrate = 3.936 mmoles 

0.92 6.68 2.65 6.6 2 2.22 5.55 0.53 9.09 12.5  
0.96 6.95 2.47 6.19 2.22 5.54 0.70 9.3^ 12.9  
1.14 8.28 2.09 5.22 2.21 5.52 1.10 9.24 12.8 
1.57 11.4 1.66 4.14 2.20 5.50 1.60 8.46 11.7 
1.75 12.7 1.39 3.48 2.19 5.^7 2.03 8.96 12.4 

total substrate = 4.428 mmoles 

1.29 0.94 2.36 5.89 2.22 5.54 0.70 7.29 10.1 
1.38 1.00 2.09 5.23 2.21 5.53 0.96 7.65 10.6 
1.66 1.20 1*73 4.34 2.20 6.60 1.51 7.64 10.6 
1.75 1.26 1.60 4.01 2.19 5.48 I .83 7.81 10.8 
2.21 1.60 1.26 3.16 2.18 5.44 2.69 7.77 10.7 
2.58 1.87 I .03 2.58 2.16 5.40 3.41 8.11 11.2 

total substrate = 4.920 mmoles 

0.74 5.3^ 3.51 8.76 2.22 5.55 0.48 8.58 11.9 
O.83  6.01 3.09 7.73 2.22 5.55 0.62 8.64 11.9 
0.92 6.68 2.95 7.37 2.22 5.55 O.63  8.16 11.3 
1.01 7.35 2.59 6.47 2.22 5.54 0.69 8.45 11.7 
1.11 8.01 2.37 5.94 2.21 5.54 0.82 8.42 11.6 
1.20 8.68 2.06 5.14 2.21 5.5^ 0.84 8.98 12.4 
1.29 9.35 1.91 4.77 2.21 5.53 0.99 8.96 12.4 
1.57 11.4 1.46 3.65 2.20 5.50 1.53 9.60 13.2 
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Table 27 

Rate Constants for the Bromlnation of 
Bis(5-chloro-8-quinolinolato)copper(II) 

Experiment I-VI 
VII.VIII 
IX 
X,XI 
XII 
XIII 

[M°x?]1n1t = 1.091 X 10"J M 2Tjinit _ 1>000 x 10-4 M 

" = 8.184 X 10-J M 
» a 5.456 X 10"? W 

a 3.819 X 10"? M 
" = 2.728 X 10"° M 

[Br2]Q X lfl5 [Ox] X lO*4" -d[0x]/dt X 106 k 

Experiment I 

1.02 2.33 I.87  1.61 
1.07 2.21 1.90 1.58 
1.11 2.10 1.90 1.54 
1.14 1.98 1.94 1.54 
1.17 I.87  1.94 1.53 
1.20 1.75 1.94 1.53 
1.22 I.63  1.95 3.-53 
1.24 1.52 1.97 1.56 
1.25 1.40 1.96 1.56 
1.27 1.28 1.95 1.56 
1.29 1.16 1.96 1.59 
1.31 1.05 1.95 1.60 
1.34 0.94 1.94 1.62 

Experiment II 

1.25 2.24 1.92 I.36  
1.28 2.12 1.97 1.38 
1.29 2.01 1.97 1.39 
1-31 1.89 1.97 1.40 
1.32 1.77 1.97 1.40 
1.34 1.65 1.95 1.40 
I.36  1.53 1.96 1.41 
1.38 1.42 1.95 1.41 
1.40 1.30 1.96 1.43 
1.42 1.18 1.93 1.42 
1.45 1.07 1.94 1.43 
1.48 0.95 1.94 1.45 
1.50 0.84 1.94 1.47 
1.54 0.72 1.90 1.47 
1.58 0.61 1.89 1.48 
1.64 0.50 1.84 1.47 



215 

Table 27. Continued. Rate Constants for Cu(II) Chelate 

[Br-I X 105 [Ox] X 10^ -d[0x]/dt X 106 k 
C U 

Experiment III 

0.73 2.29 1.93 2.32 
0.76 2.17 1.94 2.28 
0.79 2.05 1.94 2.24 
0.81 1.94 1.96 2.23 
o.83 1.82 1.96 2.22 
0.85 1.70 1.95 2.20 
0.87 1.58 1.95 2.19 
0.89 1.47 1.95 2.18 
0.91 1.35 1.94 2.15 
0.94 1.23 1.94 2.13 
0.96 1.12 1.96 2.17 
0.98 1.00 1.94 2.16 
1.00 0.89 1.95 2.19 
1.02 0.77 1.95 2.22 
1.06 0.65 1.89 2.18 
1.11 0.54 1.89 2.19 
1.17 0.43 1.80 2.10 
1.25 0.32 1.80 2.11 

Experiment IV 

1.01 1.78 1.88 1.75 
1.05 1.67 1.90 1.72 
1.09 1.55 1.94 1.73 
1.12 1.44 1.92 1.70 
1.15 1.32 1.94 1.71 
1.18 1.20 1.93 1.70 
1.22 1.09 1.91 1.68 
1.25 0.98 1.92 1.69 
1.28 0.86 1.93 1.70 
1.32 0.75 1.91 1.70 
I.36 O.63 1.89 1.71 
1.4-2 0.52 1.85 1.69 

Experiment V 

1.04 1.79 1.91 1.72 
1.08 1.67 1.93 1.71 
1.11 1.55 1.94 1.70 
1.13 1.44 1.94 1.70 
1.16 1.32 1.94 1.69 
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Table 27, Continued. Bate Constants for Cu(II) Chelate 

[Br 0̂ X 10* [Ox] X lO2* -d[0x]/dt X 106 k 

1.19 1.20 1.94 1.70 
1.21 1.09 1.94 1.71 
1.24 0.98 1.95 1.73 
1.2? 0.86 1.90 1.70 
1.32 0.75 1.87 1.68 
1.38 O.63 1.85 1.66 
1.44 0.52 1.84 I.65 

Experiment VI 

1.03 1.78 1.91 1.73 
i .07 1.67 1.93 1.72 
1.10 1.55 1.93 1.70 
1.13 1.44 1.94 1.70 
1.16 1.32 1.94 1.70 
1.19 1.20 1.94 1.70 
1.21 1.09 1.94 1.70 
1.25 0.98 1.89 1.66 
1.30 0.86 1.89 i .65 
1.35 0.75 1.87 1.63 
1.41 0.64 1.87 i .63 

O2]o x 106 [Ox] X io14. -d[Ox]/dt X 107 k 

Experiment VII 

5.60 1.77 9.55 1.61 
5.96 1.66 9.68 1.55 
6.17 1.54 9.92 1.57 
6.41 1.42 9.60 1.49 
6.67 1.31 9.87 1.51 
6.81 1.19 9.87 1.51 
6.97 1.07 9.85 1.52 
7.10 0.96 9.92 1.54 
7.21 0.84 9.92 1.58 
7.41 0.72 9.68 1.55 
7.67 0.60 9.80 1.59 
7.83 0.48 9.92 i .67 
8.09 0.37 9.55 1.68 
8.76 0.26 8.94 1.59 



Table 2?. Continued* Rate Constants for Cu(II) Chelate 

[Br2]0 X 106 [Ox] X 10^ -d[0x]/dt X 10? k 

Experiment VIII 

5.18 1.77 9.06 1.65 
5.83 1.66 9.50 1.56 
6.24 1.54 9.60 1.50 
6.58 1.43 9.68 1.46 
5.91 I.30 1.20 2.08 
6.17 1.18 7.45 1.26 
7.45 1.08 9.60 I.38 
6.77 0.95 1.21 1.98 
7.21 0.84 6.96 1.10 
8.66 0.73 9.68 1.32 
9.02 0.62 9.55 1.31 
9.39 0.50 9.68 1.34 

[Br2]0 X 10* [Ox] X 10^ -d[0x]/dt X 106 k 

1.06 
1.16 
1.22 
1.26 
1.31 
1.35 
1.40 
1.46 
1.55 

Experiment IX 

1.36 1.73 
1.26 I.83 
1.14 1.90 
1.03 1.89 
0.92 1.89 
0.81 1.91 
0.69 1.88 
0.58 1.81 
0.47 1.80 

1.63 
1.62 
1.64 
1.61 
1.61 
1.63 
1.62 
1.56 
1.55 

[Br2]0 X 106 [Ox] X 105 -d[0x]/dt X 107 k 

Experiment X 

4.89 8.89 9.39 2.16 
5.11 8.32 9.68 2.17 
5.30 7.74 9.52 2.10 
5.52 7.17 9.49 2.05 
5.75 6.60 9.52 2.02 
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Table 27, Continued. Rate Constants for Cu(II) Chelate 

[Br2]0 X 106 [Ox] X 105 -d[Ox]/dt X 107 k 

5.97 6.03 9.52 1.99 
6.19 5.1+6 9.52 1.97 
6.*J<0 it-.89 9-57 1.97 
6.58 4.31 9.68 2.00 
6.79 3-7^ 9.44 1.96 
7.05 3.17 9.39 1.96 

Experiment XI 

3.97 8.76 9.55 2.72 
4.18 8.19 9.55 2.63 
4.35 7.61 9.75 2.63 
4.45 7.02 9.85 2.65 
4.56 6.4? 9.72 2.61 
4.69 5.85 9.78 2.63 
4.79 5.26 9.81 2.65 
4.91 4.67 9.72 2.64 
5.05 4.09 9.72 2.66 
5.20 3.51 9.62 2.65 
5.41 2.94 9.49 2.64 
5.7^ 2.38 9.06 2.51 

[Br2]0 X 106 [Ox] X 107 -d[0x]/dt X 107 k 

Experiment XII 

6.19 5.80 9.02 1.84 
6.53 5.25 9.44 1.87 
6.79 4.68 9.44 1.85 
7.06 4.12 9.33 1.82 
7.37 3.56 9.31 1.81 
7.69 3.00 9.26 1.80 

Experiment XIII 

7.61 3.82 9.06 1.67 
7.99 3.27 9.22 1.69 
8.40 2.73 8,89 1.62 
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Table 28 

Hate Constants for the Brominatlon of 
Bis(5-chloro-8-quinolinolato)manganese(II) 

Experiments I-III ~ 1-218 X 10*"^ 
IV ,V 1̂,inu = 1.000 X 10*1 
VI-VIII » = 9.744 X 10"I 
IX-XI » = 7.308 X 10"^ 
XII.XIII »' = 4.872 X 10"5 

[Br2]c X 106 [Ox] X 10^ -d[0x]/dt X 107 k 

Experiment I 

7.11 2.17 9.58 5.06 
7.^2 2.05 9.77 5.06 
7.61 1.94 9.88 5.12 
7.71 1.82 9.96 5.23 
7.81 1.70 9.88 5.27 
7.95 1.58 9.88 5.35 
8.09 1.46 9.88 5.43 
8.24 1.34 9.85 5.51 
8.45 1.23 9-75 5.54 
8.78 1.11 9.55 5.44 
9.23 1.00 9.47 5.38 
9-78 0.88 9.31 S.25 

Experiment II 

7.50 2.18 9.80 4.90 
7.73 2.06 9.75 4.84 
7-94 1.94 9.85 4.89 
8.12 1.82 9.80 4.88 
8.33 1.71 9.80 4.89 
8.57 1.59 9.72 4.86 
8.82 1.47 9.80 4.93 
9.04 1.35 9.77 4.97 
9.29 1.24 9.72 4.99 
9.61 1.12 9.62 4.99 
9.98 1.01 9.60 5.02 
10.5 0.90 9.31 4.88 

Experiment III 

5.43 2.15 9.63 6.70 
5.70 2.03 9.80 6.64 
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Table 28, Continued. Rate Constants for Mn(II) Chelate 

[Br2]Q X 106 [Ox] X 10^ -d[0x]/dt X 107 k 

5.84 
5-99 
6.20 
6.35 
6.52 
6.77 
7-07 
7.4-2 
7.85 
8.41 

1.91 
1.79 
1.68 
1.56 
1.4-4 
1.32 
1.21 
1.09 
0.98 
0.87 

9.96 
9.77 
9.83 
9.90 
9.80 
9.70 
9.67 
9.60 
9.47 
9.21 

6.76 
6.64 
6.65 
6.74 
6.73 
6.65 
6.60 
6.53 
6.38 
6.14 

Experiment IV 

5.96 
6.4-3 
6.69 
6.84 
7.16 
7.44 
7.69 
8.19 
8.73 

1.78 
I.67 
1.55 
1.4-3 
1.31 
1.20 
1.08 
9*71 
8.58 

9.4-3 
9.55 
9.92 
9.80 
9.55 
9.87 
9.60 
9.31 
9.50 

6.46 
6.25 
6.44 
6.43 
6.22 
6.43 
6.32 
6.03 
6.09 

Experiment V 

5.62 
6.01 
6.38 

tft 
6.95 
7.24 
7.60 
8.04 
8.66 
9.70 
10.6 

1.77 
1.66 
1.54 
1.4-3 
1.31 
1.19 
I.07 
0.96 
0.85 
0.74 
O.63 
0.52 

9.60 
9.55 
9.68 

1:10 
9.80 
9.60 
9.63 
9.43 
9.18 
8.44 
9.50 

6.99 
6.69 
6.59 

S:?? 
6.85 
6.73 
6.75 
6.60 
6.34 
5.56 
6.21 

Experiment VI 

9.48 
9.87 
10.2 

1.72 
1.60 
1.49 

9.54 
9.65 
9.63 

4.17 
4.18 
4.17 
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Table 28, ContinueA. Rate Constants for Mn(II) Chelate 

O2]0 X 106 [Ox] X 10^ -d[0x]/dt X 107 k 
• 

10.5  1.37 9.68 4.21 
10.8 1.25 9.67 4.24 
11.2 1.14 9.50 4.19 
11.7 1.03 9.52 4.22 
12.2 0.92 9.31 4.15 
13.0 0.81 9.98 3-98 

Experiment VII 

6.03 1.67 9.67 6.73 
6.35 1.55 9.68 6.61 
6.62 1.44 9.75 6.60 
6.89 1.32 9.70 6.54 
7.22 1.20 9.62 6.44 
7.54 1.09 9.72 6.51 
7.99 9.77 9.31 6.17 
8.64 8.66 9.22 5.95 
9.36 7.55 9.17 5.80 

Experiment VIII 

9.14 1.71 9.42 4.28 
9.56 1.60 9.68 4.34 
9-85 1.48 9.72 4.36 
10.1 I.36  9.75 4.42 
10.3 1.25 9.72 4.46 
10.8 1.13 9.47 4.37 
11.3 1.02 9.44 4.35 
11.8 0.91 9.42 4.37 
12.4 0.80 9.22 4.30 

Experiment IX 

7-78 1.24 9.26 5.68 
8.05 1.18 9.55 5-78 
8.24 1.12 9.65 5.83 
8.40 1.06 9.68 5.87 
8.58 1.01 9.55 5.81 
8.77 0.95 9.62 5.87 
9.00 0.90 9.42 5.76 
9.29 0.84 9.26 5.63 
9.64 0.79 9.19 5.55 
10.0 0.73 8.89 5.30 



222 

Table 28, Continued* Rate Constants for Mn(II) Chelate 

X
 o
 

oil 

i 
i io6 [Ox] X 105 -d[Ox]/dt X 107 k 

Experiment X 

7.26 12.2 9.39 6.20 
7.50 11.8 9.55 6.23 
7.73 11.2 9.^5 6.11 
7.9^ 10.6 9.65 6.21 
8.12 10.1 9.55 6.15 
8.3^ 9.^7 9.52 6.13 
8.57 8.90 9.^9 6.10 
8.80 8.33 9.^9 6.11 
9.06 7.76 9.39 6.0 6 

X
 0
 

1—
1 

CM 
PQ I 

I 105 [Ox] X 10^ -d[Ox]/dt X 107 k 

Experiment XI 

1.16 1.29 9.06 3.63 
1.20 1.2^ 9.22 3.65 
1.23 1.18 9.^9 3.74 
1.26 1.12 9.29 3.66 
1.29 1.07 9.55 3.77 
1.31 1.01 9.39 3.72 
1.3^ 0.96 9.4-5 3.76 
I .36 0.90 9.58 3.86 
1.38 0.85 9.35 3.80 
1.^1 0.79 9.22 3.77 

x 106 [Ox] X 105 -d[Ox]/dt X 107 k 

Experiment XII 

8.26 8.81 8.57 5.7^ 
8.78 8.28 9.06 5.87 
9.20 7.7^ 9.06 5.77 
9.5^ 7.18 9.39 5.95 
9.92 6.63 8.89 5.61 
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Tuble 28, Continued. Bate Constants for Mn(II) Chelate 

[Br2^o X 1()6 [Ox] X 105 -d[Ox]/dt X 107 k 

Experiment XIII 

5.9^ 8M 8.^-0 7-95 
6.S3 7.96 8.89 7.87 
6.91 7.U 1 9.39 8.10 
7.18 6.8*1- 9.^5 8.13 
7.^9 6.29 9.16 7.83 
7.88 5.7^ 9.06 7.65 
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Table 29 

Rate Constants for the Bromination of 
Bis(5-chloro-8-quinolinolato)nickel(II) 

Experiment I,II 
III-V 
VI 
VII,VIII 
IX-XI 
XII 
XIII,XIV 
XV 
XVI.XVII 

C*«2] init 1.506 X 
1.360 X 
1.204 X 
1.088 X 
1.000 X 
9.030 X 
8.160 X 
6.020 X 
5.440 X 

10 
10 
10 
10 

-4 
-4 
-4 
-4 
-4 

10_5 
10-5 10 i 
10'i 
10-5 

[Br2]0 X 106 [Ox] X 10^ -d[Ox]/dt X 107 k 

Experiment I 

4.77 2.65 9.55 10.4 
5.13 2.54 9.68 10.0 
5.41 2.42 9.73 9.77 
5.64 2.30 9.81 9.68 
5.81 2.18 9.88 9.71 
5.98 2.07 9.80 9.60 
6.15 1.95 9.90 9.71 
6.28 I.83  9.86 9.75 
6.44 1.71 9.85 9.81 
6.62 1.59 9.83 9.87 
6.84 1.48 9.72 9.78 
7.09 I.36  9.80 9.91 

Experiment II 

4.84 2.77 9.22 9.70 
5.36 2.66 9.63 9.3^ 
5.67 2.54 9.72 9.09 
5.94 2.37 9.88 9.13 
6.24 2.13 9.86 9.14 
6.48 1.95 9.83 9.14 
6.71 1.77 9.88 9.29 
7.02 1.54 9.84 9.47 
7.29 1.36 9.80 9.62 
7.54 1.18 9.88 10.0 
7.81 0.95 9.88 10.8 
8.02 0.77 9.88 11.6 
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Table 29» Continued. Rate Constants for Ni(II) Chelate 

[Br2lQ X 106 [Ox] X 104 -d[Ox]/dt X 107 k 

Experiment III  

6.57 2.51 9.88 8.04 
6.94 2.39 9.32 7.34 
7.52 2.28 9.39 6.98 
7.88 2.16 9.85 7.16 
8.13 2.05 9.65 6.99 
8.32 1.93 9.98 7.26 
8.49 1.81 9.72 7.14 
8.73 1.69 9.81 7.25 
8.85 1.58 9.98 7.53 
9.00 1.46 9.75 7.50 
9.27 1.34 9.72 7.56 
9.54 1.22 9.72 7.67 
9.82 1.11 9.72 7.82 
1.01 0.99 9.72 8.02 

Experiment IV 

6.05 2.38 9.63 8.72 
6.36 2.26 9.72 8.57 
6.62 2.15 9.75 8.47 
6.86 2.03 9.77 8.41 
7.09 1.91 9.80 8.41 
7.29 1.79 9.80 8.42 
7-50 1.68 9.80 8.46 
7.67 1.56 9.88 8.64 
7.85 1.44 9.80 8.70 
8.05 1.32 9.81 8.85 

Experiment V 

5.08 2.37 9.63 10.4 
5.36 2.25 9.80 10.3 
5.56 2.13 9.80 10.1 
5.77 2.01 9.80 10.0 
5-94 1.90 9.88 10.1 
6.12 1.78 9.80 10.0 
6.39 1.66 9.63 9.80 
6.64 1.54 9.88 10.0 
6.77 1.43 9.88 10.2 
6.95 1.31 9.80 10.3 
7.12 1.19 9.88 10.6 
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Table 29» Continued. Rate Constants for Ni(II) Chelate 

[Br2]0 X 106 [Ox] X 10^ -d[Ox]/dt X 107 k 

Experiment VI 

5.77 2.18 9.4-7 9.36 
6.20 2.07 9.60 9.07 
6.55 1.95 9.67 8.89 
6.88 1.84 9.63 8.68 
7.18 1.72 9.75 8.69 
7-38 1.60 9.85 8.82 
7.55 1.49 9.85 8.95 
7.76 1.37 9.75 8.97 
7.95 1.25 9.88 9.26 
8.09 1.13 9.88 9.55 
8.25 1.01 9.83 9.82 
8.42 0.90 9.85 10.2 

Experiment VII 

5-98 1.83 9.^7 9.82 
6.37 1.72 9.68 9.72 
6.65 1.60 9.75 9.70 
6.86 1.49 9.85 9.86 
7.07 1.37 9.75 9.85 
7.32 1.25 9.73 9.91 
7.63 1.13 9.62 9.84 
7-92 1.02 9.80 10.1 
8.12 0.91 9.80 10.5 
8.33 0.79 9.80 10.9 

Experiment VIII 

6.98 1.85 9.55 8.46 
7.29 1.73 9.80 8.57 
7.57 1.62 9.63 8.39 
7.81 1.50 9.88 8.64 
8.02 I.38 9.72 8.61 
8.33 1.27 9.63 8.57 
8.64 1.15 9.72 8.73 
8.85 I.03 9.88 9.12 
8.95 0.91 9.96 9.64 
9.06 0.80 9.88 10.1 
9.23 0.68 9.80 10.6 
9.47 0.56 9.72 11.2 
9.78 0.45 9.63 11.9 
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Table 29, Continued. Bate Constants for Ni(II) Chelate 

[Br2]D X 106 [Ox] X 10^ -d[0x]/dt X 107 k X 10"1 

Experiment IX 

5.44 1.65 9.18 1.10 
6.01 1.5*1- 9.55 1.07 
6.45 1.42 9.50 I.03 
6.86 1.31 9.60 1.02 
7.26 1.19 9.55 1.00 
7.67 1.08 9.55 9.95 
8.09 0.97 9.55 9.96 
8.50 0.86 9.55 1.00 
8.91 0.74 9.58 1.03 
9.28 O.63 9.63 1.08 
9.70 0.51 9.48 1.12 

Experiment X 

5.39 1.41 9.55 1.24 
5.81 1.29 9.55 1.20 
6.27 1.18 9.43 1.15 
6.79 1.07 9.43 1.11 
7.26 0.96 9.55 1.11 
7.67 0.84 9.55 1.12 
8.09 0.72 9.55 1.14 
8.56 0.61 9.43 1.15 
9.23 0.50 9.06 1.13 

Experiment XI 

5.03 1.65 9.43 1.22 
5.55 1.53 9.43 1.15 
6.07 1.42 9.43 1.09 
6.58 1.31 9.43 1.04 
7.10 1.19 9.43 1.01 
7.63 1.08 9.43 .989 
8.14 0.97 9.43 .977 
8.61 0.86 9.55 .994 
9.02 0.74 9.55 1.01 
9.39 O.63 9.68 1.07 
9.96 0.51 9.06 1.04 



228 

Table 29, Continued* Rate Constants for Ni(II) Chelate 

[Br2]0 X 106 [Ox] X 10^ -d[0x]/dt X 107 k X 10"1 

Experiment XII 

5.75 1.58 9.19 1.06 
6.30 1.47 9.58 1.04 
6.71 1-35 9.55 1.02 
7.09 1.24 9.63 1.01 
7.45 1.12 9.60 1.01 
7.83 1.01 9.58 1.01 
8.1? 0.90 9.68 1.03 
8.52 0.78 9.58 1.05 
8.92 0.67 9.55 1.08 

CBr210 x 106 [Ox] X 105 -d[Ox]/dt X 107 k X 10"1 

Experiment XIII 

7.81 14.4 9.24 .825 
8.36 13.3 9.5^ .827 
8.77 12.1 9-58 .828 
9.11 10.9 9.68 .844 
9.^7 9.83 9.55 .845 
9.89 8.68 9.55 .859 
1.03 7.54 9.55 .883 
1.07 6.39 9-55 .918 
1.12 5.25 9.39 .949 
1.19 4.15 8.89 .942 

Experiment XIV 

6.35 14.2 9.35 I.03 
6.77 13.1 9.72 1.04 
7.09 11.9 9.63 1.04 
7.43 10.8 9.63 1.04 
7.78 9.59 9.63 1.05 
8.12 8.43 9.63 1.07 
8. 49 7.28 9.58 1.09 
8.84 6.12 9.68 1.15 
9.21 4.97 9.52 1.20 
9.90 3.86 8.93 1.18 
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Table 29» Continued. Rate Constants for Nl(II) Chelate 

CBr2l0 X 106 [Ox] X 105 -d[0x]/dt X 107 k X 10"1 

Experiment XV 

4.47 10.6 8.63 1.56 
4.9 4 10.0 9.22 1.5^ 
5.24 9.47 9.45 l^ 
5.53 8.91 9.26 1.47 
5.88 8.35 9.19 1.41 
6.28 7.81 8.99 1.34 
6.67 7.26 9.22 1.34 
7.09 6.72 8.89 1.26 
7.55 6.18 8.99 1.24 
8.00 5.64 8.96 1.22 
8.47 5.10 8.89 1.20 
8.99 4.58 8.73 1.17 

Experiment XVI 

5.84 9.00 8.57 1.28 
6.33 8.46 9.22 1.31 
6.71 7.91 9.06 1.25 
6.98 7.35 9.72 1.34 
7.22 6.78 9.22 1.27 
7.71 6.25 8.57 1.15 
8.30 5.73 8.73 1.14 
8.78 5.19 9.06 1.17 
9.21 4.65 8.99 1.17 
9.73 4.12 8.63 1.12 

Experiment XVII 

7.43 9.22 8.57 .996 
7.96 8.70 8.99 1.00 
8.31 8.14 9.45 1.04 
8.64 7.59 9.06 .995 
9.02 7.04 9.22 1.00 
9.37 6.48 9.22 1.00 
9.82 5.95 8.73 .948 
10.4 5.42 8.73 .938 
10.8  4.88 9.22 .999 
11.2 4.34 8.89 .982 
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Table 30 

Rate Constants for the Broniination of 
Bis(5-chloro-8-quinolinolato)iron(II) 

Experiments I-III fM0x9T. ,. = I. I76 X 10 
IV ,V ^Tiinit = lm000 x 10-j 
vi  " = 9 .408 x  10":  
VII " = 7.056 X 10"" £  
VIII " = 4.704 X 10"° 

IX 
(mb)t=0 88 8.171 X 10"^ 

(m0x)t=0 = 1,200 X 10"3 

(mb)t=0 = 8.067 X 10"^ 

<*0x^=0 = -1-0" X 10'3 

(m, ), n = 6.859 X 10"k 

(m0x>t=0 = 9-799 X lO"4 

= 4-381 x 10'k 

MI <4Co = 6"915 X 10-* 

XI 

[Br2]o X 105 [Ox] X 1(A -d[0x]/dt X 106 k 

Experiment I 

2A8 2.04 1.85 3.41 
2.52 1.93 1.92 3.57 
2.56 1.81 1.93 3.64 
2.58 1.69 1.97 3.81 
2.59 1.57 1.96 3.87 
2.61 1.46 1.95 3.96 
2.64 1.34 1.90 3-97 
2.70 1.23 1.85 3.95 
2.77 1.12 1.82 3.94 
2.86 1.01 1.74 3.81 
2.98 0.91 1.67 3.68 

[Br2]D X l05 [Ox] X 10** -d[0x]/dt X 107 k 

Experiment II 

1.20 2.07 9.22 3.49 



Table 30, Continued* Bate Constants for Fe(II) Chelate 

[Br2]c X 105 [Ox] X 10* -d[Ox]/dt X 107 k 

1.22 2.01 9.65 3 .62  
1.24 1.95 9.75 3 .66  
1.25 1.89 9.49 3 .56  
1.2 7 1.84 9.81 3.69 
1.28 1.78 9.72 3.67 
1.29 1.72 9.88 3.76 
1.30 1.66 9.72 3.73 
1 .32  1.60 9.72 3.75 
1.33 1.54 9.78 3.80 
1.34 1.48 9.85 3.86 
1.35 1.43 9 .68  3.84 
1 .36  1.37 9.75 3.90 
I. 38  1.31 9.68 3.91 
1.40 1.25 9.55 3 .88  
1.42 1.19 9.45 3 .86  
1.44 1.14 9.65 3.97 
1.46 1.08 9.45 3.92 
1.49 1.02 9.32 3.89 
1.52 0.97 9.06 3 .78  
1.57 0.92 8.73 3.63 

Experiment III  

3.38 
3.41 
3.50 
3.38 
3.^1 
3.^7 
3.44 
3.46 
3.52 
3.43 
3.54 
3.49 
3.48 
3.40 
3.50 
3.32 
3.40 
3.30 
3 .38  
3.30 

1.14 2.12 8.63  
1.19 2.07 8.99 
1.23 2.01 9.39 
1.26 1.96 9.19 
1.29 1.90 9.39 
1.32 1.84 9.58 
1.34 1.79 9.52 
I .36  1.73 9.58 
1.37 1 .67  9.72 
1.39 1.61 9.45 
1.41 1.55 9.72 
1.43 1.50 9.55 
1.45 1.44 9.49 
1.48 1.38 9.29 
1.51 1.33 9.55 
1.54 1.27 9.06 
1.57 1.22 9.32 
1.61 1.16 9.06 
1.65 1.11 9.29 
1.68 1.05 9.06 
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Table 30, Continued. Rate Constants for Fe(II) Chelate 

[Br2]Q X 105 [Ox] X 104 -d[Ox]/dt X 107 k 

1.73 l iOO 8.96 3 .26  
1.77 0.95 8.99 3.27 

Experiment IV 

1.00 1.84 7.78 3.69 
1.16 1.74 8.61 3 .63  
1 .2  6  I .63  9.06 3 .61  
1 .32  1.52 9.55 3.75 
1 .37  1.41 9.55 3.77 
1 .43  1.30 9.06 3.54 
1 .51  1.19 9.18 3.55 
1 .57  I .07  9.31 3.59 
1. 66  0.97 8.69 3.33 
1 .76  O.87  8.94 3.40 
I .87  0 .76  8.69 3.31 

Experiment V 

1 .07  1.85 8.12 3 .6O 
1 .21  1.75 8 .76  3.54 
1 .30  1.64 9.18 3.56 
1.35 1.53 9.55 3«66  
1.40 1.41 9.38 3.59 
1.47 1 .30  9.23 3.51 
1.52 1.19 9 .68  3.71 
1.59 1.08 8 .69  3 .32  
1.69 0.98 8.94 3 .36  
1.78 0.87 9.06 3.41 

Experiment VI 

1.14 1.59 8.40 3 .76  
1.19 1.53 9.22 4.01 
1 .23  1.48 8.89 3 .80  
1.27 1.43 9.39 3.96 
1 .30  1.37 9.32 3.91 
1.33 1.31 9.06 3.77 
1.3 7 1.26 9.12 3.76 
1.41 1.20 9.29 3.80 
1.44 1.15 9.16 3.74 
1.48 1.09 9.06 3.68 
1.52 1.04 9.06 3 .66  
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Table 30, Continued. Bate Constants for Fe(II) Chelate 

[Br2]0 X 105 [Ox] X 101* -d[Ox]/dt X 107 k 

1.5? 0.99 8.89 3.58 
1.61 0.94 9.39 3.78 

Experiment VII 

1.14 1.24 7.91 3.95 
1.23 1.19 7.74 3.64 
1.32 1.14 8.40 3-77 
1.38 1.09 8.89 3.90 
1.43 1.04 8.57 3.69 
1.50 0.99 8.24 3.46 
1.57 0.94 8.73 3.60 
1.62 0.89 8.89 3.64 
1.68 0.84 8.24 3.3^ 
1.76 0.79 8.24 3.28 
I.83 0.74 8.40 3.31 . 

[Br2]Q X 105 [Ox] X 105 -d[0x]/dt X 107 k 

Experiment VIII 

8.30 6.23 3.77 
7.90 7.15 3.94 
7.48 6.89 3.53 
7.04 7.7^ 3.77 
6.57 8.1*1- 3.87 
6.11 7.02 3.23 
5.68 7.35 3.27 
5.22 8.01 3.51 
^.75 7.55 3.29 

DECAY METHOD 

[Br2]Q X 106 [Ox] X 105 -d[0x]/dt X 108 k 

Experiment IX 

1.13 
1.27 
1.40 
1.51 
1.60 
1.70 
1.82 
1.92 
2.02 

7.13 2.54 22 .3  2.96 
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Table 30, Continued. Bate Constants for Fe(II) Chelate 

[Br2]0 X 106 [Ox] X 105 -d[0x]/dt X 108 k 

5-53 2.32 15.7 2.80 
4 .38  2.15 11.5 2.68 
3.55 2.03 8.15 2.38 
2.93 1.94 6.57 2.37 
2.42 1.87 5.52 2.45 
1.98 1.81 4.86 2.67 
1.65 -1.76 3.02 2.02 
1.38 1.72 3.42 2.76 
1.12 1.69 2 .76  2.77 

Experiment X 

9.02 2.35 31.0 3.36 ; 

6.92 2.05 19.0 2.84 
5.55 1.85 13.5 2.64 
4.51 1.71 11.1 2.75 
3.69 1.59 8 .38  2.62 
3.07 1.50 6.41 2.47 
2.54 1.42 6.16 2.93 
2.10 1.36 4.19 2.45 

Experiment XI 

8.12 2.33 17.2 2.08 
6.82 2.15 13 .6  2.03 
5.82 2.00 10.2 1.83 
5.0 5  1.89 8.22 1.74 
4.41 1.80 6.90 1.71 
3.89 1.73 5-42 1.55 
3.43 1.66 5.42 1.79 
3.02 1.60 4.44 1.69 
2.66 1.55 4.11 1.80 
2.35 1.51 3.28 1.65 
2.07 1.47 3.28 1.89 
1.82 1.43 2 .63  1.74 
1.61 1.40 2 .30  1.73 
1.4-3 I. 38  1.97 1.68 
1.26 1.35 2.13 2.09 

Experiment XII 

6 .51  1.94 14.8 2.42 
5.43 1.78 10.7 2.18 
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Table 30* Continued* Rate Constants for Fe(II) Chelate 

[Br2]0 X 106 [Ox] X 105 -d[Ox]/dt X 108 k 

4.60 1 .67  8.94 2.20 
3*94 1 .57  6.71 1.97 
3.^3 1 .50  5.39 1.86 
3.0 4 1.44 3.94 1.56 
2.71 1.40 3.94 1.77 
2.38 1.35 3.9^ 2.05 
2.09 1.31 2.89 1.73 
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Table 31 

Rate Constants for the Bromlnation of 
Bis (5-chloro- 8-quinol inolat o) co"balt (II) 

Experiments I,II 
III-V 
¥1 
VII-IX 
X 
XI-XVI 
XI 
XII 
XIII 
XVI 
XV 
XVI 

XVII 

XVIII 

XIX 

[M°X^ init 

[B: "] 

(cVt=0 = 

^m0x t=0 = 

(mb}t-0 = 

(m0x*t«0 = 

*mb*t=0 = 

(m0x)t=0 = 

= 1.329 
= 1.261 
= 1.041 
= 1.000 
= 7.806 
= 1.329 
= 0 .20  
= 0.30 
= o.4o 
-  0 .60  
= 0.80 
= 1.00 

1.559 X 

2.977 X 

X 10 
X 
X 
X 
X 

10 
10 

-4 
-4 
-4 
-4 

10 -
10° 

X 10 -4 

10 

10 

-3 

-3 

1 .636  X 10~ 3  

3 .159  X io~ 3  

7.105 X 10"4 

1.668 X 10" 3 

[Br2]0 X 106 [Ox] X 10^ -d[0x]/dt X 107 k 

Experiment I 

7.29 1.97 8.81 1.65 
8.33 1.87 8.81 1.63 
9.47 1.76 8.57 1.57 
1.07 1.66 8.57 1.57 
1.20 1 .56  8.32 1.53 
1.35 1.46 8 .32  1.54 
1.^9 1 .36  8.40 1.59 

Experiment II 

4.77 2.24 8.57 1.74 
5.81 2.13 9.06 1.75 
6 .67  2.02 8.98 1.71 
7.64 1.92 8.81 1.65 
8.78 1.81 8.57 1.59 
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Table J l f  Continued* Rate Constants for Co(II) Chelate 

[Br2]D X 106 [Ox] X 10^ -d[0x]/dt X 107 k 

10.0 1.71 8.57 1.57 
11.4 1.61 8.24 1.51 

Experiment III 

8.30 2.31 8.69 1.30 
8.68 2.26 8.95 1.34 
8.99 2.21 9.08 1.37 
9.47 2.15 8.10 1.22 
10.1 2.11 8.10 1.20 
10.6 2.05 9.08 1.35 
10.9 2.00 8.95 1.35 
11.3 1.95 8.56 1.30 
12.0 1.90 7.84 1.19 
12.7 1.85 8.23 1.24 
13.3 1.80 8.23 1.24 
14.1 1.75 7.78 1.17 
15.0 1.71 7.45 1.12 
15.9 1.66 7.45 1.12 

[>2]o X lo5 [Ox] X lO**" -d[0x]/dt X 107 k 

Experiment IV 

1.01 
1.06 
1.11 
1.15 
1.20 
1.21* 
1.29 
I.3/* 
1.38 
1.4-3 
1.50 
1.58 
1.66 
1.76 
1.85 

2.34 
2.29 
2.24 
2.18 
2.13 
2.08 
2.03 
1.98 
1.92 
I.87 
1.82 
1.78 
1.73 
1.69 
1.64 

8.23 
8.63 
8.76 
8.76 
8.63 
8.63 
8.50 
8.63 
9.02 
8.17 
7.78 
8.30 
7 .26  
7.45 
7.78 

1.10 
1.15 
1.17 
1.17 
1.16 
1.17 
1.16 
1.18 
1.25 
1.15 
1.09 
1.17 
1.02 
1.05 
1.10 
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Table 31, Continued. Rate Constants for Co(II) Chelate 

O2]0 x 10
5 [Ox] X 10^ -d[Ox]/dt X 107 k 

Experiment V 

0.88 2.32 8.14 1.18 
0.94 2.27 8.53 1.22 
0.99 2.22 8.40 1.20 
1.03 2.17 8.79 1.25 
1.08 . 2.11 8.53 1.22 
1.15 2.04 8.71 1.25 
1.22 1.96 8.43 1.22 
1.27 1.91 8.59 1.25 
1.33 1.86 8.27 1.21 
1.39 1.81 8.27 1.22 
1.46 1.76 7.78 1.15 
1.5^ 1.71 8.04 1.19 

Experiment VI 

0.84 1.93 8.20 1.46 
0.90 1.87 9.12 1.62 
0.95 1.82 8.80 1.56 
1.00 1.77 8.47 I.50 
1.06 1.72 8.99 1.60 
1.11 1.66 8.27 1.48 
1.19 1.61 8.27 1.47 
1.26 1.56 8.33 1.49 
1.35 1.52 7.81 1.39 
1.44 1.47 7.7^ I.38 
1.54 1.42 7.7^ 1.38 

[>2^0 X I"6 [Ox] X 10^ -d[Ox]/dt X 107 k X 10"1 

Experiment VII 

0.74 1.92 5.36 10.3 
1.09 1.85 6.34 10.4 
1.39 1.77 6.47 9.75 
1.70 1.70 6.34 9.05 
2.01 1.62 6.34 8.71 
2.31 1.54 6.47 8.68 
2.63 1.47 6.22 8.25 
2.94 1.39 6.47 8.55 
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Table 31t Continued* Rate Constants for Co(II) Chelate 

CBr2^o X 10 5  [Ox] X 10^ -d[0x]/dt X 10? k X 10"1 

Experiment VIII 

0.73 1.92 5.48 10.5 
1.0? 1.85 6.4 7  10.6 
1.38 1.77 6.22 9.42 
1.69 1.69 6.47 9.24 
1.98 1.62 6.71 9.30 
2.26 1.54 6.71 9.16 
2.54 1.^5 6.84 9.30 

Experiment IX 

. 705  1.92 5.11 10.0 
1 .03  1.84 7.08 11.9 
1.28 1.76 7.08 11.2 
1.53 I. 67  7.08 10.7 
1.79 1.59 6.84 10.1 
2.08 1.51 6 .34  9.18 
2.38 1.43 6.59 9.40 

1—
1 

CM h 
CQ 1 

1 oX 10
5 [Ox] X 1(A -d[Ox]/dt X 107 k 

Experiment X 

• 799 1.46 7.55 1.82 
• 903 1.41 7.61 1.78 
• 996 1.37 8.07 1.86 
1 .07 1.32 8.40 1.94 
1 .15 1.27 8.01 1.85 
1 . 23  1.22 8.14 1.89 
1 • 33 1.17 7.08 1.64 
1.45 1.13 7.41 1.71 
1 .57 1.09 7.08 I. 63  

Experiment XI 

0 .70 2.44 8.93 1.38 
0 .79 2.33 9.31 1.41 
0 .88 2.22 9.02 1.36 
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Table yi, Continued. Rate Constants for Co(II) Chelate 

[Br2]Q X 105 [Ox] X 10*1" -d[Ox]/dt X 107 k 

0.98 2.11 9.23 1.40 
1.05 2.00 9.26 1.42 
1.14 1.89 9.02 1.41 
1.24 1.78 9.11 1.45 
1.34 1.67 8.88 1.44 
1.46 1.56 8.82 1.46-
1.60 1.46 8.55 1.46 

Experiment XII 

0.57 2.42 9.02 1.55 
0.66 2.32 9.14 1.53 
0.75 2.21 9.14 1.51 
O.83 2.10 9.25 1.53 
0.92 1.99 8.98 1.49 
1.01 1.88 8.95 1.49 
1.12 1.77 8.86 1.49 
1.23 1.66 8.95 1.53 
1.33 1.56 8.91 1.56 
1.46 1.45 8.46 1.51 

Experiment XIII 

0.68 2.08 8.97 1.64 
0.78 1.97 8.91 1.61 
0.88 1.87 8.82 1.58 
0.99 1.76 8.91 1.60 
1.10 1.66 8.53 1.54 
1.23 1.55 8.72 1.59 
1.36 1.45 8.35 1.55 
1.50 1.35 8.63 1.64 

i>2]0 x 106 [Ox] X 1021 -d[0x]/dt X 107 k 

Experiment XIV 

4.90 2.18 9.09 1.87 
5.69 2.08 9.02 1.81 
6.60 1.97 8.80 1.73 
7.57 1.86 8.87 1.72 
8.71 1.76 8.35 1.60 
10.0 1.66 8.43 1.60 
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Table 31, Continued. Rate Constants for Co(II) Chelate 

[Br2]0 X 106 [Ox] X 10*1 -d[Ox]/dt X 107 k 

11.3 1.56 8. <50 1.62 
12.5 1.^5 8.50 1.6^ 

Experiment XV 

5.29 2.20 8.86 1.7^' 
6.13 2.09 8.92 1.72 
7.08 1.99 8.55 1.61 
8.13 1.88 8.67 1.61 
9.29 1.78 8.23 1.51 
10.5 1.68 8.^8 1.55 
11.7 1.58 8.17 1.50 

Experiment XVI 

5.97 2.10 8.61 1.67 
6.91 1.99 8.66 I.65 
7.85 1.89 8.61 1.62 
8.81 1.79 8.61 1.62 
9.69 1.68 8.83 1.68 

DECAY METHOD 

[Br2]Q X 106 [Ox] X 105 ' -d[Ox]/dt X 107 k 

Experiment XVII 

5.75 1.^9 
*Kll 1.28 
3.35 1.23 
2.56 1.10 
2.30 1.15 
1.80 1.05 
1.^8 .996 
1.15 .893 
1.08 .976 
0.79 .829 
0.82 1.03 
0.^6 .697 
0.56 1.05 

20.3 8.56 
16.1 7-97 
12.9 7.52 
10.^ 7.16 
8.M+ 6.87 
6.71 6.63 
5.32 6.^3 
k.ZZ 6.37 
3.27 6.1^ 
2.^9 6.02 
1.81 5.93 
1.27 5.85 
0.8*]- 5.79 
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Table 31# Continued. Hate Constants for Co(II) Chelate 

[Br2]0 X 106 [Ox] X 105 -d[0x]/dt X 107 k 

Experiment XVIII 

11.6 7.75 3.77 1.42' 
8.82 7.3 5 2.96 1.35 
6.64 7.04 2.22 1.22 
4.95 6.80 1.80 1.19 
3-63 6.61 1.33 1.05 
2.57 6.46 1.18 1.14 
1.68 6.33 .937 1.14 
1.01 6.24 .641 1.01 
• 560 6.17 .444 .960 

Experiment XIX 

6.46 4.75 2.79 2.31 
5.39 4.59 2.30 2.15 
4.51 4.47 1.87 1.97 
3.75 4 .36  1.74 2.06 
3.07 4.26 1.48 1.97 
2.49 4.18 1.31 1.99 
2.00 4.11 .986 1.69 
1.59 4.05 .953 1.86 
1.23 4.00 .756 1.69 
.920 3.96 .756 1.99 
.657 3.92 .493 1.55 



APPENDIX C 

RATE CONSTANTS FOR THE BROMINATION 
OF 5-CHLORO-8-QUINOLINOL 

2^3 



Table 32 

Rate Constants for the Bromination of 
5-chloro-8-quiriolinol 

Experiments I , I I  C 0 x !Lvi*-»-  = 4.686 X 10 !| 
I II , IV * n l t  = 3.7W X i<rj 

-4 
-4 

V » =  2 .812  X 10" ,  
VI-VIII  «  =  2 .000  X 10"^ 
ix ,x  » =  1 .313  X 10  
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[Br2]0 X 106 [Ox] X 10^ -d[Ox]/dt X 107 k X 10"2 

Experiment I 

5.88 4.19 9.50 3-85 
6.57 4.02 9.50 3.59 
7.12 3.85 9.72 3.54 
7.61 3.67 9.61 3.^3 
8.09 3.50 9.72 3.42 
8.50 3.33 9.72 3.43 
8.85 3.15 9.83 3.52 
9.20 2.97 9.72 3-54 
9.75 2.80 9.50 3.^7 
10.3 2.63 9.72 3.58 
10.9 2.46 9.39 3.^9 

[Br2]0 X 105 [Ox] X 10^ -d[0x]/dt X 107 k X 10"2 

Experiment II  

.77^ 4.40 8.73 2.55 

.933 4.24 8.84 2.23 
1.04 4.08 9.50 2.22 
1.09 3.90 9.83 2.30 
1.11 3.72 9.94 2.39 
1.12 3.55 9.94 2.48 
1.14 3.37 9.83 2.53 
1.17 3.19 9.83 2.61 
1.21 3.02 9.72 2.65 
1.25 2.84 9.61 2.68 
1.31 2.67 9.61 2.73 
1.37 2.50 9.50 2 .76  
1.44 2.33 9.50 2.82 
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Table 32* Contlnued. Rate Constants for 
5-chloro-8-qulnolinol 

[Br2]0 X 106 [Ox] X lO^ -d[0x]/dt :r. 107 k X 10"2 

Experiment III 

6.71 3.45 9.06 3.91 
7 - 6 ?  3.28 9.50 3.76 
8 .30  3.11 9.61 3.71 
8 .85  2.94 9.61 3.69 ' 
9.40 2.76 9.61 3.69 
10.0 2.59 9.50 3 .65  
10.6 2.42 9.61 3.72 
11.3 2.25 9.39 3.67 
12.2 2.08 9.39 3.70 

Experiment IV 

6.01 3.44 9.28 4.48 
6.91 3.27 9.39 4.14 
7.67 3.10 9.50 3-98 
8.37 2.93 9.50 3 .86  
8.92 2 .76  9.72 3.94 
9.33 2.58 9.72 4.02 
9.89 2.41 9.50 3-98 
10.4 2.24 9.72 4.15 
10.9 2.06 9.61 4.25 
11.6 1.89 9.28 4.18 
12.5 1.72 9.50 4.39 
13 .6  1.56 8.84 4.15 

Experiment V 

7.81 2.44 8.89 4.66 
8.71 2.33 9.06 4.45 
9.47 2.22 9.22 4.37 
10.3 2.11 8.89 4.08 
11.2 2.00 8.89 3.93 
12.3 1.90 8.73 3.72 
13.4 1.79 8.57 3.53 

[Br2]D X 105 [Ox] X 10k -d[0x]/dt X 107 k X 10"2 

Experiment VI 

1.00 1.72 8.24 4.77 



Table 32, Continued. Rate Constants for 
5-chloro-8-quinolinol 

[Br2]Q X 10* [Ox] X 10^ -d[0x]/dt X 107 k X 10"2 

1.14 1.62 8.57 4.63 
1.28 1.51 8.24 4-.23 
I.43 1.42 8.O7 3.94-
1.59 1.32 8. 40 3.99 
1.72 1.22 8.4-0 3.97 • 
1.86 1.12 8.4-0 4-.01 
2.02 1.02 8.07 3.91 
2.17 .923 8.4-0 4.19 
2.31 .822 8.4-0 4-.4-2 

Experiment VII 

.940 1.59 8.4-0 5.61 
1.08 1.49 8.24 5.08 
1.24 1.39 8.07 4-.65 
1.41 1.29 7.91 4-.29 
1.57 1.19 8.57 4.55 
1.71 1.09 8.07 4-.28 
1.88 1.00 8.07 4.28 
2.03 .903 8.4-0 4.57 
2.19 .805 7.91 4.48 

Experiment VIII 

.878 1.70 7.91 5.28 
I.03 1.60 8.40 -5.04 
1.17 1.50 8.40 4.75 
1.32 1.40 8.24 4.44 
1.47 I.30 8.24 4.28 
I.63 1.20 8.07 4.09 
1.79 1.11 8.24 4.14 
1.95 1.01 7.91 3.99 
2.15 .920 7-58 3.83 
2.36 .830 7.41 3.77 

[Br2]0 X lo5 [Ox] X 105 -d[Ox]/dt X 107 k-X 10~2 

Experiment IX 

1.16 10.5 5.93 4.80 
1.44 9.76 7-58 •>•36 
1.66 8.86 7.41 5.03 
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Table 32» Continued. Rate Constants for 
5-chloro-8-qulnolinol 

[Br2]0 X 105 [Ox] X 105 -d[0x]/dt X 10^ k X 10"2 

1.86 7.95 7.74 5.21 
2.07 7.0*1- 7.41 5.07 . 
2.28 6.14 7-74 5.52 
2.51 5.26 6.7 6 5.09 

Experiment X 

1.30 8.35 6 .76  6.22 
1.57 7.5^ 6 .76  5.68 
1.82 6 .69  7.41 0 .O6 
2.06 5.83 6.92 5.73 
2.32 4.99 7.08 6.10 



REFERENCES 

1. L. VJhilhelmy, Pogg. Annalen, 81, 413 (1850). 

2. E. F. Caldin, "Fast Reactions in Solution", Wiley and 
Sons, New York, (1964). 

3. H. Hartridge and F. J. VI. Houghton, Proc. Roy. Soc.', 
104, 376  (1923) .  

4. K. J. Laidler, "Chemical Kinetics", McGraw-Hill, San 
Francisco, (1965) .  

5 .  G. B. Smith find G. V. Downing, Jr., J. Phys. Chem., 
20, 977 (1966). 

6. E. B. Sandell *ind I. M. Koltoff, J. Am. Chem. Soc., 
J26, 1426 (1934). 

7. R. H. Meyer, Ann., 380, 212 (1911)• 

8. H. A. Mottola and H. Freiser, Anal. Chem., 32* 1294 
(1967). 

9 .  R. P. Bell and 3. N. Ramsden, J. Chem. Soc., l6 l  
(1958). 

10. "Tables of Chemical Kinetics", N. B. S. Circular, 
510, 1951 , p. 669#  

11. R. P. Bell smd B. 
(1966). 

Ninkov, J . Chem. Soc., B, 720 

12. R. P. Bell and P. 
(1969). 

De Maria, J. Chem. Soc., B, 1057 

13. R. P. Bell and R. 
270. 411 

R. Robinson, Proc. Roy. Soc., A, 
(1962). 

14. R. P. Bell and G. Davis, J. Chem. Soc., 903 (1964). 

15. R. P. Bell and G. Davis, J. Chem. Soc., 353 (1965). 

16. R. P. Bell and P. 
(1966). 

VI. Smith, J. Chem. Soc., B, 241 

248 



17. J. R. Atkins «xnd R. P. Bell, J. Chem. Soc., 3260 
(1963). 

18. R. P. Bell and M. Prinp, J. Chem. Soc., B, 1119 
(1968).  

19. R. P. Bell and D. J. Hawlinson, J. Chera. Soc., 726 
(1961). 

20 .  R. P. Bell and D. J. Rawlinson, J. Chem. Soc., 63  
(1961). 

21. R. P. Bell and T. Spencer, J. Chem Soc., 1156 
(1959). 

22. A. Ackavya and M. N. Das, J. Org. Chem., 2828 
(1969). 

23 .  P. J. Brignall, P. E. Jones, and A. R. Katritzky, 
J. Chem. Soc., B, 117 (1970). 

24. J. E. Dubois and J. J. Aaron, Comnt. Rend., 258. 
2313 (1964). 

25» E. Dubois and J. J. Aaron, J. Chim. Phys., 61, 
1354 (1964). 

26. J. S. Dubois and R. Uzan, 3. S. Chim. Pr., 3534 
(1968). 

27. J. E. Dubois, E. Uzan, and P. Alcais, B. S. Chim. Pr., 
617 (1968). 

28. A. P. Hegarty and J. E. Dubois, Tet. Letters, 4839 
(1968). 

29* A. E. Burgess and J. E. Latham, J. Chem. Ed., 46, 
370 (1969). 

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

31. Q« Fernando and M. A. V. Devananthan, Trans. Far. 
Soc., £2, 1332 (1956). 

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

33• G. S. Kozak, Q. Fernando, and H. Preiser, Anal. 
Chem., ,36, 296 (1964). 



250 

3^. G. O'Dora, Ph.D. dissertation, University of Arizona, 
(1966).  

35. G. O'Dom and Q. Fernando, Anal. Chem., 37. 893 
(1965). 

36 .  C. N. Reilley, J. Chem. Ed., 21* A933 (1962). 

37. J. Janata and 0. Schmidt, J. Electroanal. Chem., 11, 
224 (1966). 

38. J. Janata and J. Zyka, J. Coll. Czech. Chem. Comm.,-
J20, 1723 (1965). 

39. J. E. Dubois and J. P. Doucet, Tet. Letters, 3^13 
(1967). 

40. J. E. Dubois and E. Goetz, J. Phys. Chim., 63., 780 
(1966)• 

41. J. E. Dubois «md W. Walisch, Chem. Ber., £2, 1028 
(1959). 

il-2. J. E. Dubois and G. Mouvier, Compt. Rend., 255. 1104 
(1962). 

43. J. E. Dubois, Z. Elektrochem., 64, 143 (I960). 

44. J. E. Dubois, P. Alcais, and G. Barbier, J. Electro-
anal. Chem., J3, 359 (1964). 

if-5. J. E. Dubois *uid W. Walisch, Compt. Rend., 2^2, 1289 
(1956). 

46. J. E. Dubois, M. Opars, and P. Fresnet, J. Chim. 
Phys., 62,' 856 (1965). 

ii-7• E. Dubois and G. Mouvier, Tet. Letters, 1325 
(1963). 

48. J. E. Dubois and G. Mouvier, Compt. Rend., 259. 2101 
(1964). 

49. J. E. Dubois and G. Mouvier, Tet. Letters, 1692 
(1965). 

50. J. E. Dubois and G. Mouvier, J. Chim. Phys., 62, 696  
(1965). 



25: 

51. J. E. Dubois and A. 
2227 (1964) 

Schwarcz, Compt. Rend., 2 59, 
• 

52. J. E.  Dubois and A. 
(1964). 

Schwarcz, Tet. Letters, 2167 

53. J. E.  Dubois, X. Q. 
Rend., 260, 

Huynh, and H. Viellard, Compt. 
3057 (1965). 

54. J. E.  Dubois and 
(1965). 

G. Barbier, Tet. Letters, 1217 

5*5. J. E.  Dubois, F. 
Letters, 

Garnier, and H. Viellard, Tet. 
1227 (1965). 

56. J. E.  Dubois «xnd 
(1968). 

M. Ropars, J. Chira. Phys., 6j£, 2000 

57. M. Hopars and J. 
(1968). 

E.  Dubois, J. Chim. Phys., 65.» 2009 

58. J. E.  Dubois and 
(1965). 

F. Garnier. Tet. Letters, 3961 

59. J. E.  Dubois and 
(1966). 

F. Garnier, Tet. Letters, 3047 

6o. J. E.  Dubois and R. Uzan, Tet. Letters, 2397 (1964). 

61. J. E.  Dubois and R. Uzan, Tet. Letters, 3°9 (1965). 

62. J. E.  Dubois, P. Alcais, and G. Barbier, Compt. 
Rend., 2^4, 3000 (1962). " * 

63. J. E.  Dubois, P. Alcais, G. Barbier, and E. Bien-
venue-Goetz, B. S. Chim. Fr., 2113 (1966). 

64. J. E.  Dubois, P. Alcais, and F. Rothenberg, J. Orp. 
Chem., 33, 439 (1968). 

65. J. E.  Dubois and E. 
303 (1965). 

Bienvenue-Goetz, Tet. Letters, 

66. J. E.  Dubois and 
(1965). 

P. Alcais, Compt. Rend., 260. 887  

67. J. E.  Dubois and 
(1965). . 

G. Barbier, B. S. Chim. Phys., 682 



252 

63. J. Toullec £md J. E. Dubois, J. Chim. Phys., 6£, 
2166 (1968) 

69. J. E. Dubois and A. Schwarcz, Tot. Letters, 2167 
(196*1-). 

70. J. E. Dubois smd If. W. Wright, Tet. Letters, 3101 
(196?). 

71. M. Loizos, A. Hegarty, and J. E. Dubois, B. S. Chim. 
Fr., 27^7 (1969). 

72 .  G.'Barbier and J. E. Dubois, J. Chim. Phys., 65, 
1989 (1968). 

73. J. E. Dubois and G. Mouvier, B. S. Chim. Fr., 1^26 
(1968). 

7^. J. E. Dubois and X. Z. Huynh, B. S. Chim. Fr., 1^36 
(1968). 

75. J. E. Dubois and G. Mouvier, B. S. Chim. Fr., I*l4l 
(1968). 

760  J. E. Dubois and J. J. Aaron, J. Chim. Phys., 66 .  
1109 (1969). 

77. J. J. Aaron and J. E. Dubois, J. Chim. Phys., 66. 
1117 (1969). 

78 .  D. L. H. Williams, E. Bienvenue-Goetz, and J. E. 
Dubois, J. Chem. Soc., B, 517 (1969). 

79 .  M. M. Jones, "Ligand Reactivity and Catalysis", 
Academic Press, New York, (1968) .  

80. M. i>I. Jones in "Reactions of Coordinated Ligand and 
Homogeneous Catalysis", Adv. in Chemistry 
Series, 37, Am. Chem. Soc., Washington, D. C., 
(1963) 

81. R. L. Carlin, ed., "Transition Metal Chemistry", 
Vol. Ill, Marcel Dekker, Inc., New York, 
(1966) .  

82. F. J. Welcher, "Organic Analytical Reagents", D. Van 
Nostrund, Inc., New York, (19^7). 

83 .  J. C. Taft and M. M. Jones, J. Am. Chem. Soc., 82, 
JH96 (I960). 



253 

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

85. D. E. Pearson and H. W. Pope, J. Org. Chem., 21, 381 
(1956). 

86. K. D. Maguire and M. M. Jones, J. Am. Chem. Soc., 84, 
2316 (1962). 

87. J. W. Cook, A. R. M. Gibbs, and R. A. Rafael, J. 
Chem. Soc., 2244 (1951). 

88. F. Moll and F. Liinge, German Patent, 651» 429 (1938)* 

89. V. I. Kuznetsov and A. A. Nemodruck, J. Gen. Chem. 
U. S. S. R., 20, 807 (1950). 

90. A. A. Nemodruck, J. Gen. Chem. U. S. S. R., 28, 
1015 (1958). 

91. V. I. Kuznetsov, J. Gen. Chem. U. S. S. R., 20, 
807 (1950). 

92. V. I. Kuznetsov and A. A. Nemodruck, J. Gen. Chem. 
U. S. S. R., 2i, 117 (1955). 

93. V. I. Kuznetsov and A. A. Nemodruck, J. Gen. Chem. 
U. S. S. B., 26, 3657 (1956). 

94. V. I. Kuznetsov and A. A. Nemodruck, Sb. State! 
Obshchei Khim, 2, 1373 (1953). 

95. L. Weister and Bruning, German Patent, 174, 905» 175» 
827, 177. 624, 178, 304, 188, 819 (1904). 

96 .  P. W. Frledlandeu, "Fortschritte der Teevfarben-
fabriken und Verwante Industriezweige", 
Vol. Ill, p. 612, (1904). 

97. H. Reilen, R. Illig, and R. Wittig, Ber. Deutche 
Chem. Ges., £8, 12 (1925). 

98. W. Z. Heldt, J. Inorg. Nuc. Chem., 22, 305 (1961). 

99. N. K. Chawla and M. M. Jones, Inorg. Chem., _2, 
1549 (1964). 

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



25^ 

101. J. B. Breinig and M. M. Jones, J. Org. Chera., 28, 
852 (1963). 

102. A. P. Richards, J. H. Ridd, and M. L. Tobe, Chem. 
Ind., 1727 (1963). 

103. C. Bostlc, Q. Fernando, find H. Freiser, Inorg. 
Chem., 2, 232 (1963). 

104. C. Bostic, Q. Fernando, and H. Freiser, Inorg. 
Chem., 4, 602 (1965). 

105. L. Riccoboni, G. Pilloni, G. Plazzogna, and G. 
Tapcliavini, J. Electroanal. Chem., 11, 
340 (1966). 

106. R. E. Cover and L. Heites, J. Phys. Chem., 67. 
1528 (1963). 

107. R« E. Cover and L. Meites, J. Phys. Chem., 67. 
2311 (1963). 

108. N. K. Chawla, D. G. Lambert, and M. M. Jones, 
J. Am. Chem. Soc., 82,, 557 (1967). 

109. D. G. Lambert and M. I«l. Jones, J. Am. Chem. Soc., 
88. 5537 (1966). 

110. J. E. Hix and M. M. Jones, J. Inorg. Nuc. Chem., 
26, 781 (1964). 

111. R. Prasad, H. L. D. Coffer, Q. Fernando, and H. 
Freiser, J. Org. Chem., 2,0, 1251 (1965)* 

112. B. J. Davis, Ann. N. Y. Acad. Sci., 121, 404 (1964)# 

113. T. N. Ghosh, S. Banerjee, and S. L. Lashkar, J. Ind. 
Chem. Soc., 21, 354 (1944). 

114. A. Hebebrand, Ber. Deutsche Chem. Ges., 21, 2077 
(1888). 

115. A. Claus iind R. Giwartovsky, J. Prakt. Chem., 54, 
377 (1896). 

116. R. G. Beimer, Ph.D. Dissertation, University of 
Arizona, (1969). 

117. H. A. Laitinen, "Chemical Analysis", McGraw-Hill, 
New York, (i960). 



255 

118. S. Seidell, ed., "Solubility of Inorganic and i-ietal-
organic Compounds", Van Nostrand, New York, 
(1958). 

119. K. V. Seshadri and R. Ganesan, Z. Phys. Chem. N. P., 
62, 29 (1968). 

120. L. M. Yeddanapalli and N. S. Ghanapragasam, J. 
Chem. Soc., ̂ 93^ (1956). 

121. H. Baines, J. Chera. Soc., 2811 (1922). 

122. P. B. D. de la Mare, 0. M. H. el Dusouqul, J. G. 
Tillett, and M. Zeltner, J. Chem. Soc., 
5306 (196*1-). 

123. J. Hoare, J. Chem. Ed., 38, 570 (1961). 

12*1-. K. Srivastrava, B. B. L.-Saxena, and B. Krishna, 
Ind. J. of Chem., 6, JQ6 (1968). 

125. P. VI. Robertson, N. T. Clare, K. J. McNaugrht, and 
G. W. Paul, J. Chem Soc., 335  (1937). 

126. I. Tin# and P. W. Robertson, J. Chem. Soc., 628 
(19W. 

127. P. B. D. de la Hare, R. A. Scott, and P. VI. Robert
son, J. Chem. Soc., 509 (19^5)• 

128. P. W. Robertson, P. B. D. de la Mare, and W. T. 
Johnson, J. Chem. Soc., 276 (19^3). 

129. P« V/. Robertson and P. B. D. de la Mare, J. Chem. 
Soc., 100 (19W. 

130. P. W. Robertson, Science Progress, 171. *H8 (1955)• 

131. S. Schulman, W. P. Kilroy, and H. Gershon, J. Phys. 
Chem., 22, 3372 (1968). 

132. R. G. Beimer find Q. Fernando, Anal. Chem., *4-1, 
1003 (1969). 

133* H. A. Liebhafsky, J. Am. Chera. Soc., *56, 1500 
(193^). 

13^. N. P. Kanyaev, Zh. Plz. Khim., 2kt 15^ (1950). 



256 

135* Nozaki and R. A. Ofrg, J. Am. Chem. Soc., 64, 
797 (1942). 

136. N. H. Bauer and P. Daniels, J. Am. Chem. Soc., J26, 
378 (193^). 

137 .  P. B. D. de la Mare, R. A. Scott, and P. W. Robert-
son, J. Chem. Soc., $09 (1945)* 

138. P. A. Cotton find G. Wilkinson, "Advanced Inorganic 
Chemistry", Second Edition, Interscience, 
New York, (1966). 

139. S. P. Bag, Q. Fernando, and H. Preiser, Inorg. 
Chem., J, 93 (196k), 

140. B. E. Swedlund and P. VI. Robertson, J. Chem. Soc., 
630 (1947). 

141. P. W. Robertson, J. Chem. Soc., 1267 (195^)* 

142. E. Berliner and M. C. Beckett, J. Am. Chem. Soc., 
22, 1425 (1957). 

143. R. M. Keefer and L. J. Andrews, J. Am. Chem. Soc., 
22, 4677 (1950). 

144. L. J. Andrews and R. M. Keefer, J. Am. Chem. Soc., 
22. 462 (1951). 

145* R* Keefer and L. J. Andrews, J. Am. Chem. Soc., 
22, 2164 (1955).' 

146. E. Shilov. P. Weinstein, and A. A. Jasnikow, 
Kinetika Katalyz, 2, 214 (1961). 

147. A. E. Kartell and M. Calvin, "Chemistry of the Wetal 
Chelate CompoundsPrentiss Hall, 
Englewood Cliffs, N. J., (1959)• 

148. R. P. Bell and E. Gelles, J. Chem. Soc., 2734 (1951). 

149. N. P. Kanyaev and E. A. Schilov, Zh. Fiz. Khim., 13. 
1563 (1939). 

150. D. H. Derbyshire and VI. A. Waters, J. Chem. Soc., 
73 (1951). 

151. P. B. D. de la Mare, A. D. Ketley, and C. A. Vernon, 
J. Chem. Soc., 1290 (1954). 



257 

152. G. S. Wilson and D. Swartz, Anal. Blochem., in 
press. 

153. G. N. Levris and II. Storch, J. Am. Chem. Soc., 39, 
25^ <1917). 

151+. G. Jones and S. Baeckstrom, J. Am. Chem. Soc., 5,6, 
1517 (193^)• 

155. D. B. Scaife and K. J. V. Tyrrell, J. Chem. Soc., 
386 (1958). 


