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ABSTRACT

The stability constants and the rate constants for the formation 

of the one-to-one complexes of nickel and several of the lanthanides 

with singly charged murexide in H20, 25% DMSO-F^O, 50% DMSO-H2O and 

50% ethanol - H20 mixed solvents have been determined at different tem­

peratures. The formation constants were calculated from spectrophoto­

metric data and the kinetic studies were made on a temperature jump 

apparatus. The thermodynamic and kinetic parameters obtained from these 

measurements for the nickel system are interpreted in terms of dielectric 

constant of the mixed solvents and intermolecular interactions in the 

solvents. The slowness of nickel murexide complexation reactions com­

pared to other nickel systems reported in the literature is explained 

by the fast stepwise dissociation of metal-ligand bonds rather than by 

the chelate ring closure mechanism. After analysis of these data and 

some literature values for the lanthanide ligand substitution reactions, 

it is concluded that the process of eliminating the water molecule from 

the jsfolvated metal ions is coupled to an outer sphere ion pair formation 

reaction and may be subject to a ligand effect.
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INTRODUCTION

In order to study elementary steps in reaction mechanisms with 

each step involving only one transition state, techniques must be used 

which permit detection of reaction intermediates and permit kinetic 

studies in a very wide time range. This may encompass times from as 

short as molecular physical motions (about 10 sec. ) to as long as 

the reaction requires. New techniques for the investigation of very 

rapid reactions in solution have become available only in recent years. 

Some of the new methods for studying very fast reactions in solution and 

the time range covered are shown in Table I (1). Several of the 

techniques listed in Table I are relaxation methods and deal only with 

rate phenomena that take place near equilibrium. Relaxation methods 

are quite simple in concept. The reaction whose rate is to be studied 

reaches a position of equilibrium determined by a set of external 

parameters such as temperature and pressure. If a change in one of 

these parameters is made suddenly, there is a finite time lag while 

the system approaches the new position of equilibrium governed by the 

new set of external parameters. This time lag is related to the rate 

constants of the forward and reverse reaction. The course of the 

reaction may be followed by various means such as the spectrophotometer 

for the temperature jump method (2) and the conductivity bridge for the 

pressure jump method (3,4).

Most of the experimental data on rates of metal ligand sub­

stitution reactions in aqueous solution can be explained by two
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TABLE I

METHODS FOR STUDYING FAST REACTIONS

IN SOLUTION AND TIME RANGE COVERED

Method Time Range (sec)

Flow 10 — 1

Temperature jump 10"6— 1

Pressure jump 10"5— 1

Electric field jump 10"8— IO"4

Ultrasonic 10"10— 10‘5

Nuclear magnetic resonance 10-7— 1

Flash photolysis 10"6— 1

Electrochemical IO"4— 1
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mechanisms (5). For one of these mechanisms, the rate determining step 

of complex formation is either strongly dependent on the nature of the 

metal ion or is sterically controlled by the entering ligand (6,6'). 

Systematic studies have shown that the divalent ions of the first 

transition series and the alkaline earth series react by this mechanism. 

The first mechanism is a multiple step mechanism and is shown in 

Figure 1. This mechanism was proposed by Eigen (7-9) and coworkers 

and will be discussed later. Ions which show strong hydrolyzes readily, 

+3 +2such as Fe and Be , react by the second mechanism. For these ions, 

the rate is strongly dependent on the basicity of the entering ligand. 

The distinguishing characteristics of this group is that the rate of 

hydrolysis exceeds appreciably the possible rate of substitution in 

the unhydrolyzed complex.

For the reaction between H+ and OH" ions, the results indicate 

that the proton can be transferred without hindrance along a symmetrical 

hydrogen bond (12). This leads to the conclusion that protolytic reac­

tions in general may be diffusion controlled as long as the proton is 

bound more tightly at the proton acceptor than at the donor. Intramo­

lecular hydrogen bonding at the reaction site will slow down the rate 

of acid-base reactions, since a proton involved in an internal hydrogen 

bond is not available for reaction unless the internal H-bond is broken 

and bridging with the water structure takes place. A good example of 

this occurs in N,N-dimethyl-o-amino benzoic acid (11) where the rate of 

reaction with an hydroxide is about 3 orders of magnitude below "normal
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FIGURE 1

MULTIPLE STEP COMPLEX FORMATION MECHANISM

M+rn + L-n _12.
1<21

[M(H20)(H20)L]m"n
k32

[M(H20)L]m"n [MLf-n 
^43

Step A Step B Step C

Step A = Formation of Bjerrum Ion Pair

Step B = Formation of Outer Sphere Coordination Complex

Step C = Formation of Inner Sphere Coordination Complex
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rates". The acid association constant of this compound is thus reduced 

by the same order of magnitude compared to that of the parent acid. 

The relaxation time associated with reactions in pure water has been 

measured and the rate constant for the neutralization reaction is

1.4 x IO1! sec."l (10). Using this constant, the "reaction distance" 

or the distance of closest approach of a proton to a hydroxyl ion before 
o 

the two react has been calculated to be 8 A. This value demonstrates 

that the proton and the hydroxyl ion exist in water principally not as 

the simple ions, H30+ and OH", but as the complexes, Hg0^+ and HyO^", 

o 

which have diameters of about 8 A.

In recent years, fast reaction studies have been extended to 

mixed solvent and nonaqueous solvent systems (13-17). From these 

studies it has been concluded that the rate of solvent exchange between 

the coordination sphere of metal ions and the bulk solvent depends upon: 

(1) metal—ligand bond energies, (2) solvation difference between 

ground and transition states,(3) steric requirements of the different 

ligands, and (4) the ability of the ligands to provide electronic 

stabilization for a state of reduced coordination number (17). Basolo 

and Pearson (18) have proposed that the relative exchange rates may 

be explained only by the differences in loss of crystal field stabil­

ization on going from the octahedral complex to the transition state.
* 

This theory predicts qualitatively that the activation enthalpy, AH , 

for exchange should parallel the crystal field splitting parameter Dq. 

However, it has been found that the qualitative predictions of this 
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theory are not in agreement with the experimental results of fast 

reactions studied in various nonaqueous solutions (16). This is because 

the consideration of reactant and transition state solvation has long 

been neglected. In another study by a pressure jump technique (19) in 

this laboratory, it was found that the difference in the rate of ligand 

substitution reactions between magnesium and other alkaline earth ions 

can best be explained by differences in solvation between the ground 

and transition states.

The kinetics of complexation of cobalt(II) and nickel(II) with 

the oligoglycine (Diglycine, triglycine and tetraglycine) have been re­

ported in the literature (20,21). The reaction with cobalt(II) is nor­

mal, while that with nickel(II) is inhibited compared to the rates with 

other ligands. The possibility of the sterically hindered chelate 

ring closure being the rate-determining step is excluded, since the ex­

perimental results show that the effect was exhibited by ions more labile 

than nickel(II), namely, cobalt(II) and manganese(II) but not by nickel 

(II) itself (6,22). Therefore it has been suggested that the bonding 

model is somewhat different for the nickel complexes of these oligo­

peptides than for cobalt(II) complexes (21,23).

In light of the above discussion and the fact that similar 

observations have been found between these two metal ions and murexide 

in aqueous solution (24), the kinetics and thermodynamics of nickel(II) 

murexide complexation in F^O, ethanol-F^O, and DMSO-H2O solutions were 

studied independently by using the temperature jump apparatus and the 

spectrophotometry, respectively.
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As far as the solution chemistry of the trivalent lanthanide 

ions is concerned, the unusual variations in stability noted for com­

plexes of these ions have been the major interest in the study of this 

type of complexation reaction (25). Recently, kinetic studies of 

several lanthanide systems in aqueous solution have been carried out 

using relaxation techniques (24,26-29). Unexpectedly, no similarities 

have been found for these systems as those observed previously for 

divalent transition metal ions. The rates of lanthanide reactions re­

ported do not seem to correspond to one another if the same mechanism 

is assumed. The present studies are aimed at elucidating some of 

these differences on the basis of literature values and the rate con­

stants obtained for the lanthanide murexide formation reactions in 

ethanol-F^O mixed solvents.
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THEORY



THEORY

1. The Relaxation Time and the Rate Constant

A simplified one-step equilibrium such as complex formation or 

ion association that is experimentally encountered, can be written as 

follows (30):

+ - ^f
A + B C (II-l)

kr

If the system is initially at equilibrium for the species, 

A+, B", and C, respectively, when the equilibrium conditions are sud­

denly disturbed, the reaction will be shifted to a new equilibrium 

where the equilibrium concentrations are now C‘b, and "C . At time 

t, the actual concentrations (Ca, C^, Cc) differ from these by an 

amount x, so that,

x = C - C = C. - C. = T - C^. (II-2)
a a b b c c •

The net forward rate at time t is given by 

d y
- = kfcacb - krCc f'1-3’

which at equilibrium becomes

kfCaCb - krCc = 0. (II-4)
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The net forward rate is obtained in terms of x by substituting

C = C" + x, C, = 13. + x and C„ = C\ - x into equation (II-3). From 
ad D D C C

equation (II-4), the following relationship is obtained by assuming only 

a small displacement for the reaction.

HE [MCa + ^b^ + kr^x (H-5)

The quantity in brackets is a constant, independent of time.

Integration of equation (II-5) gives

2L_ = e"^kf^a + + kr^ (II-6)
xo

where xQ is the value of x immediately after the disturbance. Equation 

(I1-6) describes the course of equilibration which is illustrated in 

Figure 2. It implies that after a time interval such that [k^(C"a + C"^) 

+ kf]t = 1, then — = —; that is, the difference between the actual 
0 1 

concentrations and equilibrium concentrations has been reduced to — of

the original difference. It is convenient to define this time interval 

as the relaxation time, denoted by t. The relaxation time at a series 

of concentrations can be found experimentally. Therefore, a plot of

— against + E. ) yields a straight line where the slope is the for- 
du

ward rate constant and the intercept is the reverse rate constant as 

shown below. 

1   ° p
T = kf(Ca + Cb) + kr = kfY+(Ca + rb) + kr (II"7)
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FIGURE 2

RELAXATION RESPONSE FOLLOWING

A RECTANGULAR STEP FUNCTION

T-| = t = Relaxation time for a 
e" single step reaction



T<> Tn T.
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where is the rate constant at zero ionic strength and y+ is the mean 

activity coefficient.

The relationship between the relaxation times and the rate con­

stants for the following reaction system can be derived by a similar 

procedure as follows (31):

A < ,? B t = k-|2 + ^21 (IIA1)
k21

k12 -1 —
A + B C t = k12Cb + k21 (B = Bufferred) (IIA2) 

k21

A + B D -1T = k12(Ca + Cb) + k21(Cc + Cd) (IIA3)
k12_ p

C + 
k21

k12, ,
A + B + c D T-l = ki2(cacb + CaCc + CbCc) + k21 (IIA4)

For ionic reactions. Eigen and his associates (31) have shown 

that the rate constants usually include concentration dependent terms, 

as a result of electrostatic interactions with other ions present in 

the system. The ionic interactions can be described in terms of 

activity coefficients, which occurs in kf, where kf remains concentration 

independent as shown in equation (II-7).

In a reaction system, 

k12 k23
A + B AB C (II-8)

k21 k32
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The rate equations for a small displacement can be written by

the procedure previously described (32)

(H-9)

(11-10)

with

dXg
" dt” = k23xl + (k32 + k23^x3 = a21xl + a22x3 

t 2 ^all+a22^“ (all ~a22^ ~ ^^a12a21 ~ alla22^

(II-lla) 

or

r = 2 "f k12^a + + k21 + k23 + k32^

fl + 7 1 - 4 k12k23L^a + rbj + k12k32^a + Ub^ + k21k32 

^k12^a + V + k21 + k23 + k32-!2

(II-llb)

With the assumption that the biomolecular step is very fast 

compared to the unimolecular step; that is, k12^a + V + k21 >>kg2+*<23' 

The results are

and x-| + x2 + X3 = o

xi = C. - C3 = C. - C. ; x0 = C3- - C . ; Xq = - C1 a a b b 2 ab ab 3 c c

dxl r n
" dt- ” <-ki2^Ca + V + k21i X1 + k21t * * * x3 " allxl + a12x3

The solutions of relaxation times for the above mechanism are

given by
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k12^Ca + V + k21

kKA k

34 1 + + Kb)[f(C)] 34

Ka and are stability constants for step a and b respectively.

and kg4, k43 are much smaller than k^2, k2^ or k23, k32

= k12f(C) + k21 (11-12)

1 Kaf<C)
t9 " 1 + K f(C) k23 + k32 (H-13)

u a

k12
where K, is equal to -r—,a k21

where and t2 refer to the relaxation times corresponding to step I

and step II respectively.

A generalized equation thus can be derived for the mechanism, as

shown in Figure I, in which

Ti " kkl"[f(c^ + klk (11-14)

where k., are the effective rate constants defined specifically by:

k ’’= kk12 k12

k 11 = k
23 i + k rf(c)] 23

d

(11-15)

(11-16)

(H-17)



14

The above treatment shows that the observed rate constants for 

each step not only depend on the ionic interactions but also on con­

centrations of the free ions and the stability constants for the ion 

pair formation. Thus, only in very dilute solutions and with complexes 

with a small stability constant can be treated as a constant. 

Otherwise, the plot of concentrations of the free ions against the 

reciprocal of the relaxation times will not give a straight line.

2. Diffusion-Controlled Reactions and Ion Association Equilibrium.

The theory for diffusion-controlled reactions was first developed 

by Smoluchowski (33). The theory was derived assuming that the diffusive 

motions of molecules can be treated like the motions of macroscopic 

spherical particles in a viscous fluid. Considering a solution having 

two types of solute molecules A and B with equal molecular radii, a 

simple expression has been obtained as follows:

kD = 1 mole"lsec‘1 (11-18)

This equation predicts that the rate constant of a diffusion- 

controlled reaction will be inversely proportional to the viscosity 

(n). It has been shown that reaction rates will generally not be 

affected within one percent by the rate of diffusion if the rate con­

stant is less than 107 1 mole"^ sec."^ (34,35). The theory was extended 

by Debye (36) to ionic solutions where long-range electrostatic forces 

were taken into account.
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kD z 8RT \ z 6 
^OOOn^^S,-]'

w2

DkTa

(11-19)

(11-20)

Here and Zg are the charge on the ions, e, the electronic 

charge, D, the dielectric constant, k, the Boltzmann's constant, and, 

a, the distance of closest approach of the ions. For reactions of 

oppositely-charged univalent ions in aqueous solution, k^ is between 

10 11 -1 -1 °10 and 10 1 mol sec. at room temperature with "a" between 1 A
o 

and 10 A.

It has been suggested that the rate of formation of an outer 

sphere complex, as shown in Figure 1, is close to diffusion controlled ion 

pair formation (31). The ion pair constant (KQ) for the reaction type, as 

shown in equation (11-21), has been derived independently by Fuoss (37) 

on statistical and by Eigen (38) on kinetic grounds,

A + B t AB (H-21)

C"
K = ab = K°ebv2 (11-22)
° Vk ° " 

a b 

where 
3

K” = S- (H-23)

II 2 /
ZnZD eVDkTa (11-24)
Adi /
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= expE-bk'a/(l+k'a)] (II-25)

2
k' = 1 OO^DkT " p (H-26)

In the above equations, K° is the association constant for 

uncharged particles, the term e* 3 is the ratio of the electrostatic 

energy to the thermal energy, K°eb is the association constant for 

2
charged particles at infinite dilution, r+ is the square of the Debye- 

HUkel mean activity coefficient, N is Avogadro's number, pis the ionic 

strength, and the rest of the symbols have the usual significance. 

Equation (11-22) has been based on models in which the solvent is 

assumed to be a continuum, the ions are considered to be rigid spheres 

of radii a/2, and the preexponential factor is entropic in nature (22). 

It increases with increasing ionic radius, reflecting the enhanced 

probability of pairing as the reaction cross section increases. The 

exponential factor is the energy part and is controlled mainly by the 

electrostatic interaction. This factor decreases with increasing 

ionic size. The value of KQ calculated from the theoretical derivation 

is thought to be within a factor of 3 or 4 of the experimental value. 

However, for some ion pair formation reaction, a difference of two 

orders of magnitude has been found between the theoretical calculation 

and experimental value (39). Unfortunately, it is very difficult to 

obtain KQ experimentally and an assumption of the value for KQ must be 

made before the rate constant can be obtained for the metal-ligand 

substitution reactions studied by either the pressure-jump or the 
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ultrasonic technique. Therefore, one should be cautious in interpreting 

the results obtained by different techniques under different conditions 

and assumptions. A typical set of KQ values computed from Equation 

(11-22) for methanol and water solutions at various ionic strength is 

shown in Table II (13).

3. The Relaxation Times for Coupled Reactions

For a metal-ligand complex formation reaction of the type 

klf klf
M + L Z7*  ML K, =------- (II-27a)

klr klr

the expression for the relaxation time for the above reaction is 

shown in Equation (II-7). If the extent of reaction is followed by an 

indicator, In, and the ligand has ionizable groups, the appropriate 

protolytic equilibria must be included in the reaction mechanism.

H+L ? H+ + L (II-27b)

H+In ? H+ + In (II-27c)

If these protolytic reactions approach equilibrium much faster 

than the metal complex reactions, they can be assumed to be at equili­

brium at all times. The relaxation time (t-j) has been derived by 

Hammes and Stenifeld (20) from the rate law and mass conservation 

relationships as:
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TABLE II

ION PAIR CONSTANTS AT 25°C

p <zfl - 2. zB = -n

Csj 1 IIC
Q

 

O
JIIC

 
N

J

0
Methanol (a = 6 A)

0.50 3.3 20

0.30 4.6 40

0.10 10 130

0.05 16 500

0.00 170 50,000

o
Water (a = 5 A)

0.50 1.2 4.5

0.30 1.4 .5

0.10 2.0 14

0.05 2.5 21

0.00 5.6 100
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" TT" {klf(TOr + L) + klr} XM

T^" = kl f ^l^ar + + kl f (11-28)

where

a. - XML _ _________H*"
x. kt + Tfr

KL + L [-1 _-]
L Kj+IT+In

and a1 is derived from

KLEXHL] = ERX + U [XH+]

KI^XH+In-' = TnLXH+^ + H ^XlJ

- XHIn = XIn

XH+L + XH+In + Xh+ = 0

Here X represents the deviation from equilibrium of the variable 

under consideration, and K|_ and Kj are the ionization constants for the 

ligand and indicator, respectively. The concentrations designated with 

a bar are the various concentrations at equilibrium, and the constant, 

a', varies with the conditions of the experiment.
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If there is a biscomplex reaction, in addition to reaction 

(11-27), the following reactions must be included.

*<2f k
ML + L ML9, K9 = (11-29)

k2r 2r

The two relaxation times for the coupled processes of (11-27) and 

(11-29) are identical to the general expressions shown in Equation 

(II-lla). The procedure is to set up the rate equations for these 

reactions, and then solve for the relaxation times as shown in Equation 

(II-lla). The values for the a's are as follows.

— M
all = klr+klf^L + 1+^

Ma12 = klr " klf

a21 = k2f ‘ I??-]

_ Ml
a22 = k2r + k2f + 1+^"^

Theoretically, two relaxation times for the above reactions 

should be observed if the proposed mechanism is correct. Usually, 

however, only the faster effect (positive root) can be seen (6). In 

order to obtain the four rate constants from the single observed 

relaxation time, a trial and error method must be employed. An adopted
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k]f
set of trial rate constants, with K, = -r— and K9 = -r—, should yield 

1 Klr L K2r
uniformly good agreement between the relaxation times calculated from 

the trial rate constants and those obtained experimentally. It is 

obvious that it is usually impossible to determine the number of 

elementary reactions from the number of relaxation times observed. How­

ever, the number of relaxation times observed cannot be less than the 

number of elementary steps suggested for the reaction. The theoretical 

expressions for relaxation times are a function of the mechanism pro­

posed, the experimental conditions, and the specific assumptions made. 

The derivation of the equations must, therefore, meet all these require­

ments. For example, Equation (11-13) should not be used if '<-]2^a+%^ + 

k2i~ !<22+k23 or the Equation (11-7) must not be employed if the reaction 

(II-l) is coupled by a biscomplex reaction.

The resolution of relaxation spectrum will become extremely 

difficult if it contains several relaxation times having the same order 

of magnitude. For a single relaxation time, we have

D = Dne"t/T 
o

where D is the difference between the signal at t=t and t=«. Therefore, 

a plot of log D versus t should be a straight line with a slope of 

2"3t- The linearity of the plot attests to the validity of the assump­

tion of a single relaxation process. The simplest way to get the 

relaxation time after it has been shown to be a single relaxation pro­

cess is to evaluate the t at the point where D is equal to |do as shown 

in Figure 2.
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The signal amplitude, D, is in general given by (20)

n t-iD = EDioe"t/Ti

A plot of log D versus t will be a curve if i>l. In practice, if 

the relaxation times differ by at least a factor of two at sufficiently 

long times, all of the terms of the series except that characterized 

by the longest relaxation time, say the n1*1, will go to zero. Thus, 

a straight line can be drawn through the curve at long time intervals 

and the slope, 2~and Dno, determined. The term, Dn()e"t/,Tn, can 
n

now be substracted from the series so that the resultant series becomes:

D1 = D - D e-t/Tn = e D. e"^71’ 
no i 10

Repetition of this procedure will yield the n relaxation times.

4. The Chemical Application of Relaxation Functions

Consider a simple one step complex formation reaction:

A+ + B" t C (II-l)

If it is assumed that species C absorbs light in the visible or near 

ultraviolet region and the other species are transparent, then the 

relationship between concentration and light intensity, I, transmitted 

through the solution is

I = Ioe"eiCi£ (11-30) 
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where is the molar extinction coefficient of the species C, 1 is the 

path length of the observation cell in cm, is the concentration in 

moles/liter for C, and I is the light intensity before passage through 

the cell. For a small concentration change,in Cp

I + 61 = loe"Ei(Ci + Xi)£ = loe"eiCi£ (1 -

or 61 = - e^IXj (H-31)

Equation (II-6) has already shown that

xi - Xioe"t/T

where X^ and X^ have the usual meaning. Since the change in light 

intensity is directly proportional to the concentration change, the trace 

of change in light intensity obtained by absorption spectrophotometry 

is also a relaxation process with a relaxation time the same as for 

the chemical reaction. For a process having more than two relaxation 

times the physical meaning of should be redefined before a correlation 

between concentration change and light intensity change can be made. 

The following general method used originally by Eigen and Maeyer (31) 

will be reviewed. If the concentration change brought about by the 

change of an external parameter is very small with respect to the 

various equilibrium concentrations, then the rate that the system 

reequilibrates after perturbation is proportional to the time-dependent 

concentration change itself.
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In terms of a rate law, Reaction (II-l) can be expressed as

_ dx = 
dt a'X (11-32)

Where X is the magnitude of the concentration change as usual, a1 is a 

proportional constant as shown in Equation (II-5), It has already been 

shown that a' is the reciprocal of relaxation time (1-).

If multiple relaxation processes are involved, the temporal 
dx.

change in the concentration of a reactant, may depend on all the 

concentrations of other reactants present. Therefore, we have the form

dxi 

dt Sa. -X..
J 1J J

where a^. can be obtained from the coefficient of Xj in the rate 

equations. These coefficients contain rate constants and equilibrium 

concentrations as shown in Equation (II-9) and (11-10). There will be n 

equations if n independent variables (xp are present. If X^ is trans­

formed into a set of new variables (yi) such that each of the new 

variables can be written in the form of Equation (11-32), that is,

dyi
- dT= biiyi (11-33)

then y^ can be obtained by a coordinate transformation which is a linear 

combination of the true concentration variables (xp.

Y. = EM..X. (II-33a)
'■ J 1J J

X,. = SP.-Pi (II-33b)
1 j J
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In order to obtain the relaxation times (r—) for the hypothetical 
Di 1 

concentrations (y^) as defined for single step reaction, the b^. can be 

treated as the eigenvalue of the characteristic equation, which, in 

determinant form, reads

(a^ - b) a12...........................aln

^21 ^a22 "" b)

’ = 0

anl...................................................(ann "

Since a^j's are known from the rate law, the reciprocal of 

relaxation times for equation (11-33) can be obtained from the roots 

of b(-^r- = b^-). If matrices A, B and M are used to express the coef­

ficients a^., b^and m^., respectively, then it can be found that 

B = MAM“1 exists. Here is the inverse to the transformation 

matrix M. As soon as the m^. has been obtained from the above relation­

ship, F-jj can be calculated from the equations of the form (II-33a).

Equation (II-33b) can then be written as

X. = ?F..Y. = EF..Y. e"t/TJ
1 J J J ^3

= ER e-t/Tj (11-34)
J
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where

Yio - yi/jo- Pij - FijVjo

If X.j is the only abosrbing species, then Equation (11-31) can be 

substituted into Equation (11-34)

61 = E6..e"t/Tj (11-35)
J 1J 

with

sij -

Again, it is easily seen from Equation (11-35) that the various 

Tj1s can be obtained from the experimental trace of the change in light 

intensity by using the method illustrated in Section C. If two or 

more species are light-absorbing, the principle can be extended similarly. 

Finally, the rate constants for the proposed mechanism can be evaluated 

from the value of Tj's.

As an example, considering a simple coupled reaction,

M + L t ML (II-27a)

ML + L J ML2 (11-29)

If L is the only light absorbing species, then Equation (11-34) 

can be simplified as

X = P e-t/Tl + p p~t/T2 
AL H£le 1 + H£2e
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Since there are two mass balance equations with respect to M 

and L contained in the above coupled reactions, only two independent 

variables or concentrations (X^) are involved in the reaction system. 

Theoretically in this system two relaxation times can be obtained.

Experimentally, however, in the case that T1 »t2. T1 = t2

or viceversa, only one relaxation time should be observed. If only 

one relaxation time is observed, one must be careful in trying to relate 

theobserved relaxation time to the rate constants involved in the above 

reactions. First of all, the concentrations of the system must be 

checked to see if one of the two reactions is predominant. If it is.

then a single step mechanism should be used to derive the expression

for rj and the rate constants obtained are referred to that step only.

Otherwise, a two-step mechanism should be used to derive the expression 

for the single relaxation process. Secondly, if the single relaxation 

process results from a single step mechanism it is necessary to yield 

a linear relationship between the concentration f(c) and the reciprocal 

of relaxation times obtained at different concentrations.
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EXPERIMENTAL

1. Nature of the Temperature Jump Apparatus (41)

If a solution, initially at thermal equilibrium, is perturbed by 

a rapid increase in temperature, the magnitude of the concentration 

changes is governed by the values of AH° and the degree of temperature 

variation, according to:

I’11-1)

i = (^)e"t/RC. (III-2)

K

dT r RT2

In this equation, K is the equilibrium constant of the chemical reaction 

at constant pressure, AH° is the standard enthalpy change of the reaction, 

R is the gas constant and T is the absolute temperature. Thus, a system 

will be perturbed by a temperature jump if any one of a sequence of 

coupled reactions is characterized by a non-zero enthalpy change.

The temperature pulse is applied to a low resistance electrolyte 

solution by the discharge of a high voltage condenser through the 

solution in a suitable electrode cell. The value of the condenser, the 

cell resistance, the voltage at discharge, and the volume of the cell 

are chosen to provide a rapid change in the temperature of the contents 

of the cell between the electrodes. The rise time for the rapid 

temperature change is dictated by the properties of the electronics and

RC 2Lthe solution itself. If 2~ >> the current delivered during discharge 

has the overdamped form
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Here R is the resistance of the solution between the electrodes

of the cell, C is the discharge capacitance in Farads, L is the inductance 

of the high voltage condenser, and Vo is the initial value of the volt­

age across the condenser or the electrodes of the cell.

The temperature change with respect to time is related to the 

heat produced as follows

dT _ i2R 
dt 4". 18 CpPV (III-3)

where Cp and p are the specific heat capacity and density of the solution, 

and V is the volume of the solution between electrodes that is heated, 

i2R is the heat produced when the current passes through the solution 

with a resistance R, and 4.18 is the factor converting joules into 

calories.

Substituting Equation (lii-2) into Equation (HJ-3) and integrating 

from t = o to t = t, we have

"(t) - - e’2t/RC]

p

= 6T.[1 - e-2t/RC]

where sLo is the final temperature rise. Thus the shortest resolution 

RCtime of the apparatus is a few times . The resistance of the cell 

can be varied by use of different concentrations of inert electrolytes. 

The characteristics of a temperature jump cell are shown in Table III.
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TABLE III

CHARACTERISTICS OF A STANDARD TEMPERATURE JUMP CELL

(1) Resistances when 0.1 M KNOg is in the cell at room temperature.

light pass length r(D C Vo V RC
2 6Too

1 cm 140 ohms O.lpf 25 Kv ^1 c. c. 7psec. 8°C
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The detection of the concentration changes can be accomplished 

by use of absorption spectrophotometry as illustrated in Chapter II.

2. Apparatus

The apparatus constructed in this laboratory is similar to that 

described by Hammes and French (41). The apparatus consisted of three 

principal parts. The first part is used to initiate the temperature 

jump; the second part is to detect the change in reaction with the aid 

of a light source, a photomultiplier and a detection circuit; and the 

third part is to record the change between the two different equilibrium 

conditions by using a Polaroid camera mounted on the oscilloscope.

A simplified diagram of the temperature jump apparatus, which 

uses joule heating, is shown in Figure 3. The entire spark gap assembly 

(F), with condenser (I) and charging resistor (H) is insulated by en­

closure in a polyethylene box. The polyethylene box is surrounded by 

two electrostatic boxes; an aluminum outer box which is grounded and a 

copper inner box which is connected directly to the low voltage side of 

the condenser and also to the ground electrode of the cell by means of 

the shield of a high voltage cable. The high voltage cable is used to 

connect the high voltage cell electrode and the condenser to the two 

spark electrodes, respectively. An antenna and jack (J) are mounted 

near the window of the polyethylene box through which the spark gap may 

be viewed. As soon as the condenser is discharged, the oscilloscope 

is triggered by the antenna which is exposed to the changing electro­

magnetic fields produced by the spark.
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FIGURE 3

SCHEMATIC DIAGRAM OF A TEMPERATURE JUMP APPARATUS

A = Light source

B = Monochromator

C = Sample cell

D = Photomuliplier d

= Detection Circuit

E = Oscilloscope

F = Spark gap

G = High voltage power supply

H = Charging resistor

I = Condenser

J = Trigger Antenna



I
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The sample cell (C) consists of two electrodes about 0.47 inches 

apart and requires about 20 ml of solution. However, the volume that is 

heated by the electrical discharge is only 1 ml. The solution is 

thermostated by a constant temperature water-ethylene glycol mixture 

circulating directly through the ground electrode of the cell. The 

signal from the cell (change in absorbance) is amplified by the detection 

circuit.

Special attention must be paid to a suitable arrangement of the 

various boxes in order to prevent electromagnetic wave propagation which 

will interfere with the signal observed. The aluminum box housing 

the sample cell is placed in a coaxial arrangement directly on the 

top of the aluminum box housing the spark discharge circuit. The high 

voltage power supply lead is attached through a 2.5 cm long aluminum 

tube to the aluminum box enclosing the spark apparatus. This approach 

avoids leakage of the pulse energy outside the box via the cables. The 

pulsed electromagnetic fields incident on the photomultiplier through 

the window in the box housing the cell are attenuated by inserting a 

5 cm long aluminum box with a diameter of 1.27 cm between the windows 

of the photomultiplier and the sample cell.

A Hitachi UV spectrophometer is used as the light source and 

monochrometer, and changes in light intensity can be conveniently fol­

lowed with an IP-28 photomuliplier and a detection circuit (Figure 4). 

This circuit is adequate for measurement of relaxation times of a few 

microseconds when the minimum load resistor (Rg in Figure 4) is used.
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FIGURE 4

SCHEMATIC DIAGRAM OF A PHOTOMULTIPLIER

AND A DETECTION CIRCUIT

QI, Q2, 2N336. R1, 150KQ. R2-R9, R13, 100 K$2.

RIO, 300 Kfi. Rll, IMfi. R*ll,  50KQ. R**ll,  

10 Kfi. R12, 5to. All resistors are 1/2 W and 

±5%.

R14, 100 Kft potentiometer, 2W, linear taper. SI, 

1-pole, 3-position Ceramic rotary switch; S2, 

DPST, toggle switch. F, photomultiplier power 

supplier.
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The cathode of the photomultiplier is connected to a well-regulated 

power supply (F in Figure 4). The maximum anode to cathode voltage of 

the photomultiplier is 1000 volts. The signal (A in Figure 4) and the 

reference (B in Figure 4) are connected to the input of a Tektronic 

Type 547 oscilloscope. Transistors Q-| and Q2 are powered by a 6 v DC 

battery and the initial photomultiplier signal is balanced by a po­

tentiometer (^14 in Figure 4) which is connected to a 22.5 v DC battery. 

If the initial vertical position is properly balanced, a signal trace 

will appear on the screen of the oscilloscope at the instant of trig­

gering.

The signal to noise ratio (S/N) of the detection circuit is 

given approximately by the equation,

| = 1.4 x ID9 (^)(^^)1/2e"2eiCi (III-5)

61 where y- is the relative change in light intensity, IQAg is the avail­

able light intensity, is the sensitivety of the photocathode at a 

particular wavelength, Af is the band width, and the other symbols have 

been previously defined.

In order to increase the signal to noise ratio, the light inten­

sity at the photomultiplier cathode should be as high as possible with­

in the region where the response of the photomultiplier to changes in 

light intensity is linear. Also the band width (range of frequencies) 

of the detection circuit should be as narrow as possible. The band 

width can be narrowed by increasing the load resistance of the detection 
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circuit (Rg - R**,  in Figure 4). Another way to increase this ratio 

is to remove the high frequency noise by passage of the signal (A in 

Figure 4) through a simple RC filter before going to the oscilloscope. 

In general, the increase in the ratio is accompanied by an increase in 

the resolution time of the apparatus.

3. Equilibrium Constant Measurements

a) Principle

The Klotz and Ming method for the determination of formation 

constant by spectrophotometry was employed here (42).

If the concentration of metal (C"M) is high compared to that of 

the ligand (C^), the first stability constant, Kp for the formation 

of the 1:1 metal chelate ML, may be expressed as

M + L i ML

^M * ^L ^M ~ oC|_)(l-a)CL (C|\^ * aC|_)(l-a)

where and C|_ represent the initial molar concentrations of the metal 

ion and the ligand respectively, and a, the fraction of the ligand bound 

to the metal ion. The value of a is determined spectrophotometrically.

According to Beer's law, in any given mixture the observed 

optical density, log (-y-) total, is the sum of the contributions of each 

species, represented by the appropriate subscript in the equation.
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109 ^total = 1o9 + 109 (r^ML + lo9 t111^

Here I is the light intensity emerging from the solvent, and I 

is the light intensity emerging from the solvent containing the species 

as indicated by the subscripts only. If d is the thickness of the cell 

in centimeters and is the extinction coefficient of ML, and E|_ is 

the corresponding value for L at the same wavelength, then

109 ^total " 109 ^"f^M = eL'^L'd + EML,CML‘d (HI-8)

since C[_ = (1 -a) C|_ and = aC|_, then Equation (III-8) becomes

109 (r")total " 109 ^M " eLCLd ,TTT nx
---------------------------------------------------------------  = a (III-9)

(eML ~ E|_)CL'd

! I
In practice, log (~p-)M is negligible compared to log (~p)total 

measured in this experiment. The value for may be obtained directly 

from the optical density of a solution containing ligand alone at a 

known concentration and a selected wavelength. Values for e^ can be 

obtained by an extrapolation method. For a set of solutions containing 

the same total concentration of ligand, the optical density increases 

with increase in metal ion concentration as a consequence of the in­

creased amounts of metal chelate, when optical density is measured at 

the wavelength of the absorption maximum for ML. The concentration of 

ligand will approach zero when the concentration of metal ion is
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further increased. Equation (III-8) can be simplified as

lo9 ^T^total " 109 ^M*ML  ' ^ML ' d (HI-10)

The value of log (-p)M may be obtained from a separate set of 

absorption measurements in solution containing the free metal ion at 

the same total concentration as in the chelate-containing solution. 

This term contributes a few percentages of the over-all optical density 

even at the highest metal ion concentration used. Thus, the stability 

constants can be evaluated from Equations (HI-6) and (111-9).

b) Preparation of the Solutions

All of the inorganic chemicals used were of reagent grade quality. 

The stock solutions of lanthanide perchlorate and nickel(II) chloride 

were standardized by an ion exchange technique. A standardized NaOH 

solution of known volume was added in advance to make the pH values of 

the lanthanide stock solutions between 3 and 4. The initial nickel(II) 

chloride solution was of the order of 0.1 M while the lanthanide per- 

chlorate solution was about 10 M. The desired concentrations were 

obtained by dilution of the stock solutions. Absolute ethanol, DMSO, 

and murexide were used without further purification. Sodium perchlor­

ate was used to regulate the ionic strength of all the final solutions 

to 0.1 M except in H2O and H2O - DMSO mixture where KC1 and/or NaClO^ 

were used. The final solutions were freshly prepared for each deter­

mination by weighing murexide into the diluted metal ion solution.

It took about 30 minutes to dissolve the
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murexide powder, and the resulting solutions were stable for several 

hours. The pH was adjusted by dropwise addition of solutions of NaOH 

and/or HCIO^. The final pH value was measured on a Beckman research 

model pH meter. Absorption spectra and optical density were determined 

at different temperatures with a Hitachi UV spectrophotometer using one 

centimeter path length cells.

4. Kinetic Measurements

The test solutions were freshly prepared and placed into the 

sample cell, the electrical connections were checked and the optical 

elements were adjusted. The linearity of the signal against the light 

intensity should be examined using a neutral density filter with known 

transmittance. The total signal change between light and dark which is 

generally 2 volts was measured by blocking the light source. This can 

be accomplished by varying the voltage of the power supply for the 

photomultiplier. The noise level of the signal was 5 mv/cm. The de­

sired load resistor and filter capacitor were chosen such that the 

resolution time of the apparatus be less than one-tenth of the relaxation 

time being measured. The resolution time of the apparatus is measured 

by studying a very fast indicator protolytic reaction. Some rate 

constants and other properties of indicators are collected in Table IV, 

whereas typical resolution times of the apparatus under different 

conditions are shown in Figures 5 and 6. When the resolution time is of 

the same order of magnitude as the relaxation time being measured, it 

is necessary to correct the observed value by use of the following 

equation.
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TABLE IV

RATE CONSTANTS AND X AND e av max max

OF SOME INDICATORS

kf
H+ + In HIn+

kr

Indicator k^(M~^sec~^) X (nm) max' ' e max

Phenolphthalein --- 550-555 26500

Phenol red 3 x 1011 560 63000

Bromothymol blue --- 617-620 36300

Introphenol 3.6 x 1010 430 8200

Bromocresol green — *■  — 610-614(pH>7) 43000

Chlorophenol red 2.3 x 1011 573 44000

Methyl red 3.5 x 1010 440 (pH>6) 15000

Barbital 4.2 x 1010 — — —

Cresol red 4 x 109 --- --

Imidozole 1.5 x 1010 — — — --

Bromochlorophenol blue — 590 — —
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FIGURE 5

TEMPERATURE JUMP OSCILLOGRAM FOR AN AQUEOUS 10 °M

PHENOLPHTHALEIN IN 0.1 M KNOg SOLUTION 

WITH pH 9.2 AT ROOM TEMPERATURE

Sweep rate = 20u sec/cm

Sensitivity = 20 mv/cm

Load resistance = 100 Kfi

No filter capacitor used

FIGURE 6

TEMPERATURE JUMP OSCILLOGRAM FOR AN AQUEOUS 6x10 DM

PHENOLPHTHALEIN IN 0.1 M KNOg SOLUTION 

WITH pH 9.2 AT ROOM TEMPERATURE

Sweep rate = 20y sec/cm

Sensitivity = 20 mv/cm

Load resistance = 300 to

Capacitor = 2y farads
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1= (—1—) [T.e"t/Ti - Tse"t/Ts] (III-ll)
e xt.-t ' L i s -1 ' 1

i s

where t refers to measured relaxation time, ts resolution time of the 

apparatus, and relaxation time of the chemical reaction studied.

The chemical relaxation time was determined for different concentrations 

at each temperature.Typical oscillograms of relaxation process are given 

in Figures 7-17. Blank experiments with solutions containing only the 

metal ion or the ligand did not show any relaxation effect under the 

present experimental conditions. The concentrations of the metal ion, 

ligand, and complexes were calculated from the stability constants 

previously determined. The kinetic parameters and rate constants were 

evaluated according to the mechanism proposed.
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FIGURE 7

EXPERIMENTAL RELAXATION

CURVE FOR NICKEL(II) MUREXIDE

Temperature = 21 °C pH = 5

Ionic strength = 0.1 M, Ni++ = 6 x 10“^ M

-4Murexide = 10 M, Solvent composition = H2O 

Relaxation time = 500 msec (not average value)

FIGURE 8

EXPERIMENTAL RELAXATION

CURVE FOR NICKEL(II) MUREXIDE

Temperature = 31.5°C, pH = 5

Ionic strength = 0.1 M, Ni++ = 6x10"^ M 

-4Murexide =10 M, Solvent composition = H2O

Relaxation time = 250 msec (not average value)





44

FIGURE 9

EXPERIMENTAL RELAXATION

CURVE FOR NICKEL(II) MUREXIDE

Temperature = 31.5°C, pH = 5 
++ -4Ionic strength = 0.1 M, Ni = 3.3 x 10 4 M

-4 Murexide = 10 M, Solvent composition =

25% DMSO aqueous solution

Relaxation time = 360 msec (not average value)

FIGURE 10

EXPERIMENTAL RELAXATION

CURVE FOR NICKEL(II) MUREXIDE

Temperature = 31.5°C, pH = 5

Ionic strength = 0.1 M, Ni = 1 x 10 0 M

-4Murexide = 10 M, Solvent composition =

25% DMSO aqueous solution

Relaxation time = 176 msec (not average value)





45

FIGURE 11

EXPERIMENTAL RELAXATION

CURVE FOR NICKEL(II) MUREXIDE

Temperature = 31.5°C, pH = 5

Ionic strength = 0.1 M, Ni++ = 6.5 x 10"^ M 

-5Murexide = 6 x 10 M, Solvent composition =

50% DMSO aqueous solution

Relaxation time = 248 msec (not average value)

FIGURE 12

EXPERIMENTAL RELAXATION

CURVE FOR NICKEL(II) MUREXIDE

Temperature = 40°C, pH = 5

Ionic strength = 0.1 M, Ni++ = 5 x IO"2*' M 

„5
Murexide = 5 x 10 M, Solvent composition = 

50% DMSO aqueous solution

Relaxation time = 140 msec (not average value)
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FIGURE 13

EXPERIMENTAL RELAXATION

CURVE FOR NICKEL(II) MUREXIDE

Temperature = 25°C, pH = 5
. ++ -4

Ionic strength = 0.1 M, Ni = 4 x 10
„5

Murexide = 5 x 10 , Solvent composition =

50% ethanol aqueous solution

Relaxation time = 267 msec





47

FIGURE 14

EXPERIMENTAL RELAXATION

CURVE FOR TERBIUM(III) MUREXIDE

Temperature = 12°C, pH = 5

Ionic strength = 0.1 M, Tb 0 = 4 x 10 D M

Murexide = 2 x 10 M

Solvent composition = 50% ethanol aqueous solution

Corrected relaxation time = SSOysec (average value t about 30%)

FIGURE 15

EXPERIMENTAL RELAXATION

CURVE FOR GADOLINIUM(III) MUREXIDE

Temperature = 12°C, pH = 5

Ionic strength = 0.1 M, Gd+^ = 4 x 10“^ M

Murexide = 2.x 10 M

Solvent composition = 50% ethanol aqueous solution

Corrected relaxation time = 410 psec (average value t about 30%)
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FIGURE 16

EXPERIMENTAL RELAXATION

CURVE FOR HOLMIUM(III) MUREXIDE

Temperature = 12°C, pH = 5

Ionic strength = 0.1 M, Ho J = 2.5 x 10 3 M

Murexide = 1 x 10 M

Solvent composition = 50% ethanol aqueous solution

Corrected relaxation time = 800 u.sec (average value t about 30%)

FIGURE 17 

EXPERIMENTAL RELAXATION

CURVE FOR DYSPROSIUM(III) MUREXIDE

Temperature = 12°C, pH = 5
+3 -5Ionic strength = 0.1 M, Dy 3 = 4 x 10 3 M

.c.
Murexide = 2.4 x 10 M

Solvent composition = 50% ethanol aqueous solution

Corrected relaxation time = 560 .nsec (average value t about 30%)
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RESULTS AND DISCUSSION

1. Thermodynamic Section

The stability constants have been determined for nickel(II), 

holmium(III), dysprosium(III), gadolinium(III), samarium(III) and 

europium(III) with murexide in water and mixed solvents at several 

temperatures. A similar determination has been made by Gier (24) at a 

single temperature and in aqueous solution under different conditions.

It is well known that murexide may be used as an end-point 

indicator for metal-EDTA titrations. Schwarzenbach (43,44,45) has de­

scribed three forms of this dye. The equilibrium for these species is

H2L- ? HL= J Ls (IV-1)

A solution of murexide is red-violet below pH 9, violet from 

pH 9 to 11, and blue above pH 11. The monovalent anion will be proto­

nated at about pH 2. The structure of the perpureate ion (H2L~b and 

its chelates are given as follows (45):

I. Perpureate Ion
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The peaks of the maximum absorption bands are raised and shifted 

toward the ultraviolet region when the perpureate ion is chelated.

It has been suggested (46) that chelate formation involves binding 

of the electron pair on the nitrogen atom between the two rings, since 

the chelates all show absorption bands intermediate between that of 

perpureate ion and the corresponding methine (Formula III). The differ­

ence in color between the perpureate ion and the methine is believed 

to be caused by the absence of the free electron pair of the nitrogen 

atom in the methine.

III. Methine

The pK values for the acid dissociation constants of the murexide 

are decreased by the chelation of the acid with the metal ion (46). 

The strong donation of electrons to the metal ion renders the donor 
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groups considerably more positive, and this is transmitted to the imide 

nitrogen atoms through inductive and resonance effects. Thus, the pH 

ranges must be well established before the stability constants are 

determined.

Only the stability constant between the metal ion and the per- 

pureate ion of murexide is of interest. The other two equilibria shown 

in Equations (IV -2) and (IV -3) can be avoided by adjusting the pH 

values of the solutions such that the spectra of the solutions contain­

ing the metal and perpureate ion will remain the same within a certain 

range of pH values , as given by:

M + HL t MHL (IV-2)

MH2L ? MHL" + H+ (IV-3)

? ML= + 2H+

The charges on the complexes and ligand are omitted for convenience. 

The spectra of nickel(II) murexide in H20, 25% aqueous DMSO, 50% aqueous 

DMSO and 50% aqueous ethanol are shown in Figures 18 - 20, respectively, 

whereas the transmittance for the terbium murexide system is shown in 

Table V. All spectra are measured for the same metal and ligand con­

centrations under different pH values. All the metal murexides are com­

plexes formed by perpureate ion and the respective metal ions.

From these figures and the information in Table V, Amav for the JuaX

metal chelates and working pH values were obtained. The acid dissociation 
the

constants forperpureate ion do not vary significantly in the various
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FIGURE 18

ABSORPTION SPECTRA OF NICKEL(II) MUREXIDE

AT VARIOUS pH VALUES IN AQUEOUS SOLUTION

Ni++ = 5 x 10"^ M, Murexide = 10"^ M

a = pH 7.40, b = pH 5.35, c = pH 4.75
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FIGURE 19

ABSORPTION SPECTRA OF NICKEL(II) MUREXIDE

AT VARIOUS pH VALUES IN 25% DMSO AQUEOUS SOLUTION

Ni++ = 5 x 10~4 M, Murexide = IO"2*' M

a = pH 7.40, b = pH 4.95 - 5.25



1
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FIGURE 20

ABSORPTION SPECTRA OF NICKEL(II) MUREXIDE 

AT VARIOUS pH's IN 50% DMSO AND 50% 

ETHANOL AQUEOUS SOLUTIONS

++ -4 -ZL
a. Ni = 3 x 10 M, Murexide = 10 pH = 7.60

Solvent composition = 50% DMSO - H20

b. Ni++ = 3 x 10~4 M, Murexide = 10"4 M, pH = 4.95 - 5.35 

Solvent composition = 50% DMSO - H20

c. Ni++ = 4 x IO-4 M, Murexide = 5 x 10“^ M, pH = 4.70 - 5.30 

Solvent composition = 50% ethanol - H20
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TABLE V

TRANSMITTANCE OF TERBIUM(III) MUREXIDE

IN 50% ETHANOL AQUEOUS SOLUTION AS A

FUNCTION OF pH AND WAVELENGTH 

[Tb+3]= 3 x 10’5 M

[Murexide]= 0.5 x IO"3 M

Wavelength, nm pH = 4.7 pH = 5 pH = 5.3

450 88.8% 89.8 89.2

470 84% 85.2 84.5

490 85.2% 86.4 86

510 93% 93.5 93.2

530 89.6% 90.6 90.2
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solvent systems used. The molecular extinction coefficients, and 

used in the computations of K-| are assembled in Table VI. They 

are an average of several measurements. The K-j values calculated as 

described above and the optical measurements at constant temperature 

are given in Tables VII - XVI.

The stability constants for the mono-complex formation (Equation 

III-4) studied by the conductance method have been found to agree with 

Equation (III-5)(47), or that is,

M + L ? (ML) t ML (IV-4)

= [Slippy = + 5il (1V.5) 
(C^) ^M^ ^L^

where and are equilibrium concentrations for the respective 

outer sphere and inner sphere complexes. The corresponding free metal 

ion and free ligand concentrations are 0"^ and (TL. In the spectrophoto­

metric determination, the concentrations of the outer sphere ion pair 

apparently have not been included. However, the elimination of the 

outer sphere ion pair is justified by a theoretical calculation of KQ 

values. It has been found that KQ is several orders of magnitude less 

than the K-j obtained experimentally.

The stability constant measurements were made for nickel murexide 

in water and in 50% aqueous DMSO at three temperatures. The enthalpy 

and entropy changes for the complex formation reaction were calculated 

using the following equations:
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TABLE VI

MOLECULAR EXTINCTION COEFFICIENTS OF

CHELATES AND PERPUREATE ION

Complexing metal Solvent system E A (nm)

None (free ligand) h2o 1.50x104
520

+?
Ni (pH = 5) h2o 2.07x104 460
Ni+2 (pH = 5) 25% DMSO - H20 2.19X104 460
Ni+2 (pH = 5.2) 50% DMSO - H20 2.03x104 460

Ni+2 (pH = 5) 50% ethanol - H20 1.65xl04 460
Ho+3 (pH = 5) 50% ethanol - H20 2.12X104 470
Dy+3 (pH = 5) 50% ethanol - H20 2.12xl04 470
Tb+3 (pH = 5) 50% ethanol - H20 2.08x104 470
Gd+3 (pH = 5) 50% ethanol - H20 1.97X104 470

Sm+3 (pH = 5) 50% ethanol - H20 2.00x104 470
Eu+3 (pH = 5) 50% ethanol - H20 2.00x104 470

None (free ligand) h2o 0.40xl04(460nm) —

None (free 1igand) 25% DMSO - H20 0.34xl04(460nm) ■ — —

None (free 1igand) 50% DMSO - H20 0.34xl04(460nm) ---

None (free ligand) 50% ethanol - H20 0.71xl04(470nm) — — —

None (free ligand) 50% ethanol - H20 0.48xl04(460nm) —



TABLE VII

IN AQUEOUS SOLUTION ATx= 460 nm, IONIC STRENGTH =0.1 M AND pH = 5

STABILITY CONSTANTS FOR THE 1:1 NICKEL(II) MUREXIDE

[ii+2](M) [h2l-1](m)
Temperature = 12°C Temperature = 20°C Temperature = 32°C

T
-3

K] x 10 T K] x IO"3 T
_3K] x 10 d

8 x 10“4 0.5 x 10"4 19.5 2.03 20.0 1.92 25.7 1.13

22.6 1.48 23.2 1.41 ---- w- — — —

4 x 10"4 0.5 x 10"4 29.6 1.71 30.8 1.56 30 1.65

27.8 1.96 28.7 1.81 — — - — —

2 x 10"4 0.5 x 10'4 — — — — — 40.2 1.65 41.4 1.54

39.5 1.58 40.2 1.65 — — — — — — — —

K-j x lO’S (average) 1.75 1.65 1.44

Standard deviation in K-j = 10% - 15%

T = Transmittance % (JI 
co



TABLE VIII

STABILITY CONSTANTS FOR THE 1:1 NICKEL(II) MUREXIDE

IN 50% DMSO AQUEOUS SOLUTION AT X = 460 nm, IONIC STRENGTH = 0.1 M AND pH = 5.3

|Ni+2](M) [h2l"](m)
Temperature = 12°C Temperature = 20°C Temperature = 32°C

T K] x 10"4 T K] x IO"4 T K1 x IO"4

2 x 10"4 1 x IO"5 70.6 1.23 71.5 1.06 73.4 0.77

— — — — ---- 70.3 1.29 72.4 0.90

1 x 10"4 1 x 10"5
74.5 1.37 75.5 1.18 78.5 0.76

73.6 1.56 75.6 1,15 78.6 0.76

5 x 10"5 1 x 10"5 79.5 1.43 80.6 1.21 83.4 0.75

78.6 1.58 80.0 1.30 83.5 0.75

K-j x IO"4 (average) 1.44 1.2 0.78

Standard deviation in K-j = 8% - 10% 

T = Transmittance %
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TABLE IX

STABILITY CONSTANTS FOR THE 1:1 NICKEL(II) MUREXIDE 

IN 25% AQUEOUS DMSO SOLUTIONS AT X = 460 nm

TEMPERATURE = 25°C, IONIC STRENGTH =0.1 M AND pH = 5

[Ni+2](M) Eh2l"](m) Transmittance % K1 x 10"3

IO"3 10"4 2.0 2.7

8 x 10"4 10"4 2.3 3.0

5 x 10"4 10"4 3.4 3.5

5 x 10"4 10’4 5.4 2.3

3.3 x 10"4 IO-4 8.2 2.3

2.5 x 10“4 10"4 10.5 2.4

5 x 10"4 2.5 x 10"5 47.2 2.2

K1 x 1( -3 (average) 2.6
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TABLE X

STABILITY CONSTANTS FOR THE 1:1 NICKEL(II) MUREXIDE 

IN 50% ETHANOL AQUEOUS SOLUTION AT X = 460 nm 

TEMPERATURE = 25°C, IONIC STRENGTH = 0.1 M AND pH = 5

[Ni+2](M) [h2l"](m) Transmittance % K] x 10“4

IO-3 2.5 x 10 3 40.6 (dropped) 1.40

5 x 10"4 2.5 x 10 0 42.5 1.28

3 x 10"4 2.5 x IO"5 45.8 1.04

2 x 10"4 2.5 x W5 48.6 1.07

4 x 10'4 5.0 x 10~5 20.2 0.97

K] x 10 "4 (average) 1 JO
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TABLE XI

STABILITY CONSTANTS FOR THE 1:1 HOLMIUM(III) MUREXIDE 

IN 50% AQUEOUS ETHANOL SOLUTION AT A = 470 nm,

TEMPERATURE = 12°C, IONIC STRENGTH =0.1 M AND pH = 5

[ Ho+3](M) [ h2l"](m) Transmittance% K] x 10'4

2.5 x 10 3 0.5 x 10 3 86.6 (dropped) 4.4

5.0 x 10 3 0.5 x 10 3 84.5 2.4

7.5 x 10 3 0.5 x 10 3 82.6 3.0

2.5 x 10 3 _c;0.75 x 10 3 81.0 2.4

5.0 x 10"5 0.75 x IO"5 77.0 2.9

7.5 x 10 3 0.75 x 10 3 74.8 2.9

K] x 10 (average) 2.71(9.5%)
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TABLE XII

STABILITY CONSTANTS FOR THE 1:1 DYSPROSIUM(III) MUREXIDE 

IN 50% AQUEOUS ETHANOL SOLUTION AT X = 470 nm, 

TEMPERATURE = 12°C, IONIC STRENGTH =0.1 M AND pH = 5

[Dy+3](M) x 10 5 [H2L"](M) x 105 Transmittance% K1 x 10"4

2.5 0.5 86 3.3

5.0 0.5 84 2.9

7.5 0.5 82.2 3.3

2.5 0.75 79.6 3.5

5.0 0.75 75.8 3.8

7.5 0.75 75.2 2.9

K] x 1C -4 , x(average) 3.3 (±9.7%)



64

TABLE XIII

STABILITY CONSTANT FOR THE 1:1 TERBIUM(III) MUREXIDE 

IN 50% AQUEOUS ETHANOL SOLUTION AT A = 470 nm,

TEMPERATURE = 12°C, IONIC STRENGTH = 0.1 M AND pH = 5

[Tb+3]x 10+5 (M) Eh2l"]x 10+5 (M) Transmittance % K] x 10"4

2.5 0.5 85 4.8

5.0 0.5 82.3 5.3

7.5 0.5 82.3 (di"opped)3.5

2.5 0.75 78.5 4.6

5.0 0.75 75 4.9

7.5 0.75 74 4.2

K] x W4 (average) 4.8 (+7.5%)
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TABLE XIV

STABILITY CONSTANT FOR THE 1:1 GADOLIMIUM(III) MUREXIDE 

IN 50% AQUEOUS ETHANOL SOLUTION AT X = 470 nm, 

TEMPERATURE = 12°C, IONIC STRENGTH = 0.1 M AND pH = 5

[Gd+3]x IO5 (M) [h2l"]x 105 (M) Transmittance% K] x 10"4

2.5 0.5 84 8.3

5.0 0.5 82.3 8.0

7.5 0.5 81 (drop ped) 12.4

2.5 0.75 77.6 7.7

5.0 0.75 74.8 8.0

7.5 0.75 73.5 8.5

K1 x 10" (average) 8.1
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TABLE XV

STABILITY CONSTANT FOR THE 1:1 SAMARIUM(III) MUREXIDE 

IN 50% AQUEOUS ETHANOL SOLUTION AT X = 470 nm,

TEMPERATURE = 12°C, IONIC STRENGTH = 0.1 M AND pH = 5

[Sm+3]x 105 (M) L H2L'J x 105 (M) Transmittance % K1 x 10 D

1.25 0.375 88.6 1.1

2.50 0.375 87.3 1.0

3.75 0.375 86.4 0.98

5.00 0.625 76.9 1.4

6.25 0.625 76.6 0.93

K-] (average) 1.1 x 105
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TABLE XVI

STABILITY CONSTANT FOR THE 1:1 EUROPIUM(III) MUREXIDE 

IN 50% AQUEOUS ETHANOL SOLUTION AT X = 470 nm, 

TEMPERATURE = 12°C, IONIC STRENGTH =0.1 M AND pH = 5

[Eu+3]x IO5 (M) Eh2l"Jx 105 (m) Transmittance % K] x 10 D

1.25 0.375 88.7 1.1

2.50 0.375 86.9 1.1

3.75 0.375 86.2 1.1

5.00 0.375 85.4 1.34

K-] (ave rage) 1.2 x 105
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dlnKi _Ajr

dt RT2

AH0 + RTlnK,
AS° = -------------------- -

T

(IV-6)

(IV-7)

For water solution, AH° is-1.6±0.3 kcal/mole and AS0 is 9.4±1 

e.u. For 50% aqueous DMSO solution, AH° is -5.6±0.5 kcal/mole and AS° 

is -0.3±1.5 e.u. The decrease in the stability constant with increasing 

temperature is less for the water system than that for the 50% aqueous 

DMSO system.

The sign and magnitude of the aS0 for nickel(II) murexide in 

aqueous solution is consistent with the so called "chelate effect", 

since three water molecules coordinated to the Ni (II) have been replaced 

by one free ligand and thus a positive value of AS0 is expected on the 

grounds of a net increase in the total number of free molecules. The 

effect is not seen in the aqueous DMSO system which has a small and 

negative value of aS°. The increased stability constant for nickel 

murexide in aqueous DMSO solution compared to that in water is due to 

a more negative enthalpy change for the complexation reaction. In order 

to elucidate the solvent effect on the stability constant, some pro­

perties of DMSO and water mixtures should be examined. During the past 

several years, nuclear magnetic resonance spectrometry has been 

used to determine the primary coordination numbers and solvent ex­

change rates of metal ions in nonaqueous solvents (48-52). The relative
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solvation of metal ions in a mixed solvent system has also been subjected 

to intensive research recently (53-55). In an ^0 - DMSO Al (III) 

system, the average number of DMSO molecules (tT) bound to each aluminum(III) 

versus the molar ratio of free DMSO to free water has been obtained 

(56). This work indicates DMSO is a relatively good coordinating agent, 

however for a 50% by volume l^O - DMSO mixture which has a molar ratio 

of 0.23, the primary sphere of the aluminum(III) is still a layer of 

water molecules. Similar studies have been made for chromium(III) (57) 

but not for nickel(II). The larger stability constant for nickel(II) 

murexide in the HzO - DMSO solvent system is brought about primarily by 

the strong interaction between the bulk HzO and DMSO molecules rather 

than by the difference in the solvation of the various ionic species in 

the solution or by the difference in the dielectric property of the 

mixture.

Porter and Brey (58) have reported that a pyrrole monomer com­

plexes with DMSO solvent molecules with a hydrogen bond strength of 

3.0 kcal/mole. Ting, et. al., (59) have reported that, in very dilute 

solutions of H2O in DMSO, in the region (H20)/(DMSO)<0.04 (molar ratio), 

the water is a monomer which is hydrogen bonded by two DMSO molecules. 

In the preparation of mixed solvents, when equal volumes of DMSO and 

H2O are mixed, the temperature increases about 20°C and an appreciable 

(a few percentage of the total initial volume) volume shrinkage occurs. 

All these indicate that there is a strong solvent-solvent interaction 

between DMSO and F^O. If the mixed solvents exist in a partially 



70

frozen state because of strong intermolecular forces or hydrogen bonding 

etc., it is understandable that the enthalpy and entropy changes of metal 

ligand complexation in such a solvent system will result in more negative 

values compared to those in a less frozen solvent state. This is be­

cause the formation of the complex will be accompanied by loss of sol­

vent molecules in the hydration sphere and the strong interaction between 

the dissociated solvent molecules and bulk solvent will result in a 

large negative enthalpy and entropy contributions to the complex forma­

tion reaction.

In a 50% aqueous ethanol system, the increase in stability constant 

is due to a decrease in dielectric constant and polarity of the bulk 

solution compared to those in aqueous solution. Consequently, a positive 

aS° is responsible for a more negative change of aG° (60). In general, 

it is difficult to predict the solvating ability of a solvent toward 

a cation or anion. Many factors such as structural features of solvents, 

microscopic dielectric constant, and ion-solvent or solvent-solvent 

interactions are not yet clearly defined.

2. Kinetics Studies

a) Nickel(II) Murexide Complex Formation

The generally accepted mechanism for complex formation between 

the metal ion and a bi dentate ligand A-B, is a multiple step system 

proposed by Eigen (79) and extended by Hammes (20). This mechanism is 

represented by the equations
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M(H20)6 + (A-B)aq

^IZ^o 
---------*

(Wo

(^12^ 
(H20)5M(H20).(A-B), k0 = ^

I = k23l
2 ST

k23'

------ * (H20)5 - M - A - B + H20, K2' 

k32'

34. /A. k3 '
: * (H20)4 - M )+ H20, K3' = I^r

— Z 4 \g/ L J K43
k43

(IV-6a)

(IV-6b)

(IV-6c)

where M represents metal ion and A-B represents two binding sites of 

the attacking ligand. Charges on the ions have been neglected for 

convenience.

The first reaction is the formation of an ion pair, which consists 

of two discrete steps. One step is the diffusion controlled approach 

of the two hydrated ions to form an ion-associate in which the ions are 

separated by the strongly bonded water molecules of the inner hydration 

sphere. The second step involves the loss of a water molecule between 

the ions which were originally associated with the anion. The latter 

step is slightly slower than the first. These two discrete steps cor­

respond to A and B in Figure 1. The next step involves the loss of a 

water molecule from the inner hydration sphere of the metal ion and the 

formation of the metal ligand bond. The final step is the formation of 

the second metal ligand bond to form the fully chelated species.
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The rate of formation of metal complex in terms of the above 

mechanism can be expressed by

d[(H20)4M^)]

---------------- -- ------= k34'[(H20)5M-A-B]

(IV-7)

With the assumption of a steady state system for [(H?0)r-M-A-B], 
d[(H20)5M-A-B]

that is to say------------------------- = 0, the equation becomes
dt

d[(H20)4<5]

dt
[(H20)5M(H20)(A-B)]

k 'k 1 k23 k34

k '+k K32 K34

k 1 +k * k32 k34

[(h2°)4m^] (IV-8)

If the first step is very fast with respect to the second and 

third step, then the first step can be assumed to be at equilibrium at 

all times in the course of reaction

[(h2o)5m(h2o)(a-b)]
[M(H20)6][(A-B)aq]

(IV-9)

d[(H20)4<5] 
u D 

dt
[M(H20)6][(A-B)aq]
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(IV-10)

Therefore, the rate constants for the formation and dissociation 

of bi dentate complex may be represented by the following equations

respectively.

Knk9V ko/ . _ o 23 34K] f
k32,+k34'

(IV-11)

_ l<32 * k43' 

lr k '+k 1 
k32 k34

(IV-12)

According to Kustin and coworkers (6,21), two mechanisms have

been derived from the above two equations. Limiting 
*<32' 

when ko,,»kool; we have k14? = K kool and k-. =-------34 32 If o 23 Ir i/ ।
k3 

all rate of complex formation is determined by 

case (A) is defined

, that is, the over- 

the rate of

expulsion of the first water molecule from the inner hydration sphere 

and the overall rate of dissociation is related to the rate of dissoci­

ation of metal-ligand bond. Most of the published results of ligand 

substitution reactions are in good agreement with this assumption (61), 

and this mechanism is classified as normal substitution reaction. By 

using the relationship k^ = , we have

din f dlnK dlnk9Q'
AHf* = —r1 = —-+ —— = ah„ + 6h„

T dT dT dT 0 23 (IV-13)
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where aH^*  is the activation enthalpy change for the overall process.

aHq is the thermodynamic enthalpy change for the ion pair formation.

AH23* is the activation enthalpy for the expulsion of the first water 

molecule. Limiting case (B) is defined when 1<32'^34'» we have =

KoK2lk34l and klr " k43<* This mechanism is classified as a sterically

controlled mechanism. In this case the rate of the reaction depends on 

the nature of the ligand. The overall activation enthalpy is composed 

of two discrete thermodynamic enthalpy changes and one activation 

enthalpy change for the rate-determining step.

Between these two limiting cases we have the condition when
K k' 

koo'^k.,/; we have klf =-------------------- . Here the forward rate constant3 lf

(k-|^) is reduced from Kok23' by the factor indicated. A good example 

of this is the reaction betweencobalt(II) and g-alanine which reacts one 

order of magnitude slower than between cobalt(II) and a-alanine.

Two contributions are responsible for making the energy barrier 

for ring closure of g-alanine appreciably higher than that for a-alanine. 

One is the result of ring strain and the other is the additional entropy 

loss due to forming a six-membered chelate ring rather than a five­

membered ring. The detailed picture for the activating state of the 

third step is that the activated complex contains the atoms of the 

ring in correct configuration for ring closure. All that remains to be 

done is the formation of a bond between the pentacoordinated metal and 

binding site. In the study of the complexation reaction forcobalt(II) 

L-carnosine system (62), the rates turned out to be in the normal range. 



75

Since the cobalt(II) complex has a seven-membered ring and the entropy 

loss in forming a seven-membered ring is greater than that in forming a 

six-membered ring, the results of normal rates have been taken as 

evidence that the ligand entropy contribution to steric effects is 

considerably less significant than the ring strain contribution.

Recently, an abnormal reaction rate between nickel(II) and ligands 

having peptide linkages has been reported. The rates for the reactions 

between cobalt(II) and these ligands are normal, while for nickel(II) 

they are slow compared to other measured rates. Selected complexation 

rate constants for cobalt(II) and nickel(II) taken from reference 21 

are shown in Table XVII. In this table, k^, k2^ and k^^ represent 

the respective forward rate constant for the mono-, bis-, and tris­

complex formation reactions. For the cobalt(II) series it is seen that 

k^ decreases slightly from negatively charged ligands to neutral 

ligands and has similar values for the same charge type of the ligands. 

This kind of variation is expected from the relationship, k^f = Kok23'- 

For the nickel(II) system, a similar variation was not observed. It has 

been suggested that the carboxylate bonding in the metal complex for­

mation is exhibited only in the cobalt(II) system but not in the nickel 

(II) system where a metal-peptide chelation is reported (63).

In light of the above discussion, the detailed kinetics of nickel(II) 

murexide complexation formation has been studied. This system was chosen 

because the forward rate constant (k-,^) reported for cobalt(II) murexide 

is normal while that for nickel(II) is smaller than expected (24).



TABLE XVII

SELECTED COMPLEXATION RATE CONSTANTS FOR COBALT(II) AND NICKEL(II)

Ligand Charge of 
attacking 

form
klf k2f k3f

Cobalt(II)

L-Glycine -1 1.5 x 10p 2.0 x 106 8.0 x IO5

Malonic acid -1 7 x 105 r
a-Alanine -1 6.0 x 105 8.0 x 10D 9.0 x 10^
Glycylsarcosine -1 4.6 x 105 8.0 x 105
L-Carnosine -1 4.2 x 105
Triglycine -1 3.1 x 105 1.0 x IO3
Tetraglycine -1 2.6 x 105 2.3 x 105
Glycyl glycine -1 2.0 x 105 1.6 x 105
L-Arginine 0 1.5 x 105 8.7 x 105 2.0 x 105
1,10-Phenanthroline 0 1.4 x 105
Imidazole 0 1.3 x 105 1.1 x IO5
Ammonia 0 9.5 x 104

Nickel(II)

L-Glycine -1 4.1 x 104 5.6 x 104 4.3 x 104
a-Alanine -1 2.0 x 104 4.0 x 104
Oxalic acid -1 5 x 103
Imidazole 0 5.0 x 103 4.3 x 103
1,10-Phenanthroline 0 3.9 x IO3
Ammonia 0 3.3 x IO3
Glycyglycine -1 3.2 x IO3 9.2 x 103 4.0 x 103
Malonic acid -1 3.1 x 103
L-Arginine 0 2.3 x 103 2.4 x 104 3.5 x 104
Glycylsarcosine -1 2.0 x 103 8.0 x 103
Tetraglycine -1 1.8 x 103 4.9 x TO3
Tri glycine -1 1.7 x 103 5.5 x 103
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By measuring the relaxation times for different concentrations 

at four different temperatures, was calculated and is summarized in 

Table XVIII.

The k-|^ values were estimated from

1 — — ^1 fbk1f(CNt2+CHL-)+K^

where K-j is the usual stability constant for monocomplex formation and 
k - klf
Kir ■ iq- •

From the fact that all of the solutions exhibited one relaxation

time and the values of k^ evaluated from Equation (IV-14) are practical­

ly the same at a given temperature, it is possible to propose a com­

bined single step relaxation process for the nickel murexide system.

For a tri dentate ligand, an additional step should be added to

Equation (IV-6) to complete the complex formation, or
W zA) +1

FfH 01 mA 1+1 L(H?OLM — B]+i + H20 (IV-15)
C(H20)4M,b)c] 2 3 v 2

where A-B-C represents the three binding sites for the perpureate ion.

There are three steps proceeding Equation (IV-15) as shown in equation 

(IV-6). If the intermediates [(H20)5-M-A-B-C]+^ and [H20)^M^B^]+^ 

r 
are assumed to be in a steady state the rates of formation and 

dissociation are obtained by combining the various steps into a single

step and they are given by



TABLE XVIII

RELAXATION TIMES AND k]f FOR NICKEL(II) MUREXIDE IN AQUEOUS SOLUTION

AT IONIC STRENGTH =0.1 M, pH = 5, AND = 460 nm max

CNi+Z (M) Chl.(M) T(msec) Temp(°C) (CNi+CHL-)(M) k^CM^sec"1)

0.9 x 10 0 1 x 10"4 547 18.0 8.7 x 10"4 1.2 x 103

1.5 x IO"3 1 x 10"4 386 21.0 1.5 x 10"3 1.3 x 103

1.0 x 10"3 1 x IO"4 400 21.0 1.0 x 10"3 1.7 x 103

0.6 x 10 13 1 x 10"4 503 21.0 0.6 x IO-3 1.6 x 103

2.0 x 10"3 1 x 10"4 110 31.5
-3 -31.95 x 10 3 3.5 x 10 0

1.0 x 10"3 1 x 10"4 171 31.5 1.0 x IO"3 3.5 x 10+3

0.6 x 10J 1 x 10"4 249 31.5 0.61 x 10"3 3.1 x 10+3

3.3 x 10"4 1 x 10“4 307 31.5 0.33 x 10"3 3.2 x 10+3
-31.0 x 10 0 1 x 10"4 125 40.0 1.0 x 10 d 3.4 x 10
_30.6 x 10 0 1 x 10"4 140 40.0 0.61 x 10"3 3.9 x 103

CNi+2

CHL"

Cn1+2

Chl"

initial concentration of NiC^ 

initial concentration of Murexide 

+2 equilibrium concentration of Ni 

equilibrium concentration of HL"

00
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ILkr^'ko/k,,!-1 k„----------------0 23 34 -------------------- (IV-16a)
' k 1 k 1 + k 1 k 1 + k 1 k 1 k32 k43 k34 k45 k32 k45

k 1 k 1 k 1-----k32 k43 k54 . ----- -- (IV_16b) 
k32lk43l + k34'k45' + k32lk45'

Here the value of Kok23' is reduced to k^ by a factor

1 + k32' , k32'~

k 1 k 1 k 1 
34 3 45

The reasoning for the sterically controlled reaction cannot be applied 

tothe nickel(II) system because no steric effect was found for the 

reaction betweencobalt(II) andmurexide. In other words, the activation 

energy needed for a cobalt(II) monodentate substitution reaction is 

less than that for a nickel(II) monodentate substitution reaction. 

Therefore, if an additional appreciable activation energy is required 

in forming a chelate complex, the steric hindrance which depends only 

on the ligand should affect the cobalt(II) system more than the nickel 

(II) system (64).

If both nickel(II) and cobalt(II) react with the same bidentate 

ligand which is not sterically hindered in forming the chelates, the 

relationship, k^1 5- ^34'> still holds for both as long as the rate of 

dissociation of the monodentate intermediate is faster than or equal to 

that of bidentate formation. In the case of cobalt(II) murexide,k^
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will be equal to Kok23' if k^' and k^ are much larger than k^1 and

3 -1 k^g1 respectively. While for the nickel system with k^ = 1.5 x 10 M 

sec.'T at 21 °C, it is evident that the factor,

is larger than one, since the normal k^ value for other nickel (II) 

4 -1 -1systems is around 1 x 10 M sec. . It is difficult to estimate the

values for k^' and k45', however, as indicated in Table XVIII,because k-]f and 

kg^ have values of the same order of magnitude. This implies that the 

negative charge of the coordinated ligand will not significantly affect 

the rate of the dissociation of the remaining coordinated water molecules. 

In general, the hypothesis that the rate of water substitution increases 

as the metal complex charge decreases is not true in most cases (67).

Therefore, it is reasonable to assume that the value for k23', kg^1 and 

k^g1 of the cobalt(II) substitution reaction are one order of magnitude 

greater than those for the nickel(II) substitution reaction, since it 

has been determined that the rate (l<221) of releasing the first water 

molecule from the inner sphere of the cobalt(II) ion is one order of 

magnitude greater than that of the nickel(II) ion.

As far as the rates of step-wise dissociation are concerned, the 

perpureate ion has four resonance structures, and comparing to other 

nickel(II) polydentate systems in aqueous solution, the relatively small 

value of the stability constant for nickel(II) murexide in aqueous 
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solution primarily results from a large positive entropy change rather 

than a large negative enthalpy change. Since the formation of metal 

ligand bonds will destroy the resonance structures of the ligand and the 

enthalpy change is a measurement of metal ligand bond strength, it is 

reasonable to assume that the metal ligand bonds are relatively weak, 

that is to say, the values for some of the step-wise reverse rate con­

stants might be comparable to the values of step-wise chelate formation 

rate constants. Therefore, the value of the factor,y , is larger than 

one and the rate, k^, is lower than the normal value. A lower sub­

stitution rate was not observed for the cobalt(II) murexide formation 

reaction. This is probably because the cobalt(II) ion is more labile. 

As illustrated above, the cobalt(II) ion has higher values for the step- 

wise chelation formation rate constants. Thus, the step-wise reverse 

rate constants might not exceed the step-wise forward rate constants. 

Namely, the relationship k^ = Kok23' is applicable to the cobalt system 

but not to the nickel system.

Values of Arrhenius energies of activation for the reaction pro­

cess of the system have been calculated from the slopes of the plot 

of log k^ against J x ^qqq, -^g entropies of activation, Asf*,  

enthalpies of activation, aH^*,  and free energy of activation, AQ^.*,  

were obtained from the equations

AHf* = AEf - RT (IV-17)
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lnA = in^T+ 

Nh R

AGf* = AHf* - TASf*

(IV-18)

(IV-19)

where In A is the intercept obtained from the Arrhenius plot. The un­

certainties in AEf and AS^*  for nickel system are about ±0.7 kcal/mole-^ 

-1 -1and ±2.2 cal deg mole respectively.

In the calculation of AH and AS„ of ion pair formation, AS„ was o o r o

assumed to be equal to -19.4 - + (66,65) with a, the distance of
a

closest approach of the ion pair partners, equal to 5 A and Z_ and Z+ 

are the charges on the ions.

The enthalpy change for the first step was obtained from the 

relationship.

AH0 = -RT1 Ko + TAS0 (IV-20)

The other parameters are defined by:

AH*  = AHf* - AHQ (IV-21)

AS*  = ASf* - ASQ (IV-22)

The results of the measured and calculated kinetic parameters 

are summarized in Table XIX. In this table aH*  and aS*  are the activation 

parameters after the -correction for the rapid preequilibrium step has 

been made.
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TABLE XIX

KINETIC DATA FOR THE NICKEL(II) MUREXIDE

FORMATION AT 2O°C AND IONIC STRENGTH = 0.1 M

Ni+2 + HL" [NiHL]+
klr

K - klf
1 " V1 r

1.65 x 103

k-|f(M“1sec"1) 1.4 x 103

klr(sec-1) 0.85

AEf(kcal M"^) 12.5

AHf*(kcal  M"1) 11.9

AS^*(cal  deg’^M"1) -3.6

AGf*(kcal  M"1) 13

Ko 2

k = J-f- (sec-1 ) 
No

0.7 x 103

AG0(kcal M"1) -0.4

AS0(cal deg^M"1) 7.8

AH0(kcal M"1) 1.9

AH*(kcal  M"1) 10

AS*(cal  deg~^M~^) -10.4
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For the nickel(II) bi oxalate reaction, the values of the acti­

vation parameters have previously been obtained (79). For this system, 

aE^ is 15 kcal mole"! and aS^*  is 7 cal deg’^mole’!. Comparing these 

values to those obtained for the nickel(II) murexide system, the latter 

is found to have a lower a(12.5 kcal mole"!) and AS^*  (-3.6 cal deg"! 

mole"!). This may indicate the absence of a steric effect in the nickel 

murexide complexation reaction, if a higher AE^ value is considered to 

be the primary indicator of the existence of a steric effect.

In the study of solvation effects on the rates of fast reactions 

in solution, a collection of rate parameters for solvent exchange 

reactions and Dq values in various solvents for nickel(II) and cobalt(II) 

systems has been obtained and is shown in Table XX (16,17). From this 

table, it is seen that the Dq value for CHgOH, DMF and DMSO are all 

lower than that of water, yet dl*  for water exchange is lower than for 

the other three solvents. The aH*  value is apparently not only a 

function of Dq value but also a function of differences in solvation 

between activated and ground states. The kinetics of ion association 

of manganese(II) sulfate in water, dioxane - ^0 and methanol - I^O 

mixtures has been studied by Atkison and Kor (14). They found that 

the step-wise rate constants of Eigen's multiple step mechanism vary 

very slightly with the solvent. In the present study, the rate con­

stants have been obtained for nickel(II) murexide in 25% DMSO, 50% 

DMSO - F^O and 50% ethanol - I^O mixtures. The k^ values computed 

from Equation (IV-14) are summarized in Table XXI. The activation 

parameters obtained for 50% DMSO - H20 mixture are almost



TABLE XX

SOLVENT - EXCHANGE RATE PARAMETERS AND Dq VALUES 

FOR NICKEL(II) AND COBALT(II) SYSTEMS

Solvent

aH* Ni(H) 

(kcal mole"^)
AS*

(e.u.)

Dq
(cm-1)

AH*  
(kcal mole"l)

aS*  

(e.u.)

Dq 
(cm-1)

h2o 11.0 0.6 870 8.0 -4.1 861

ch3oh 15.8 8.0 837 13.8 7.2 875

DMF 15.0 8.0 812 13.6 12.6 880

ch3cn 10.9 -8.8 1104 8.1 -7.5 1100

DMSO 12.1 -1.3 773 - - -

NHg 11.0 2.0 1095 11.2 10.2 1080

co



TABLE XXI

RELAXATION TIMES AND k]f FOR THE NICKEL(II) MUREXIDE FORMATION IN VARIOUS SOLVENT SYSTEMS 

IONIC STRENGTH = 0.1 M, pH ~ 5, Xmax = 460 nm

equilibrium concentration of Ni+2 + HL-

CNi+2 (M) CHL- W T(msec) Temp (°C) (Cni ^hl-)W k1f(M-1 sec"1 ) Solvents

2 x 10~3 1 x 10"4 108 31.5 1.94 x 10“3 3.8 x IO3 25% DMS0-H20
1 x 10-3 1 x IO-4 184 31.5 0.96 x IO-3 3.8 x IO3 II

8 x IO"4 1 x 10-4 223 31.5 0.77 x IO’3 3.6 x IO3 II

6 x 10-4 1 x 10-4 259 31.5 0.59 x 10-3 3.7 x IO3 II

3.3 x IO"4 1 x 10-4 339 31.5 0.36 x IO"3 3.6 x 103 II

6.5 x IO"4 6 x IO-5 378 23 0.61 x IO"3 3.8 x IO3 50% DMSO-H?O
5.0 x TO"4 5 x 10-5 413 23 0.47 x 10-3 4.2 x IO3

ii L

1 x 10-3 IO"4 164 31.5 0.92 x 10-3 5.9 x IO3 II

8 x IO"4 7 x 10-5 181 31.5 ■ 0.75 x IO"3 6.3 x 103 II

6.5 x IO"4 6 x IO-5 262 31.5 0.61 x IO"3 5.2 x W3 II

5 x IO"4 5 x IO"5 320 31.5 0.47 x IO-3 5.3 x IO3 II

4x10-4 4.5 x IO-5 343 31.5 0.38 x IO-3 5.8 x 103 II

6.5 x IO"4 6 x 10-5 172 37 0.6 x IO"3 8.1 x 103 II

5 x IO"4 5 x IO"5 178 37 0.47 x IO"3 9.5 x 103 II

6.5 x 10-4 6 x IO"5 106 40 0.6 x 10"3 12.5 x 103 II

5 x IO’4 5 x IO"5 134 40 0.47 x IO-3 11.9 x 103 II

4 x IO"4 5 x IO"5 238 25 0.37 x 10"3 8.4 x 103 50% ethanol-H20
3 x IO"4 5 x IO"5 278 25 0.28 x IO"3 9.8 x IO3 It

2 x IO-4 5 x 10“^ 397 25 0.19 x IO"3 9 x 103 II 
co

cl\li+2 = initial concentration of NiCl2; CHL~ = concentration of Murexide; c^. +2 + ChL” =
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identical to those obtained for the system. AE^ is 12.4±0.8 kcal 

mole”l and AS^*  is -2.4±2.6 e.u. Extrapolating to the same temperature 

(Table XXII), for 50% - ethanol mixture is the highest, whereas

the k-|r for 50% DMSO - H20 mixture is the lowest among the four solvent 

systems. Compared to the water system, the increased stability constant 

for 50% DMSO - F^O system is caused by the slower reverse reaction and 

faster forward reaction, whereas for 50% ethanol - H20 mixture the 

stability constant is increased primarily due to the faster forward 

reaction. The variation of the forward rate constants in different 

solutions is roughly proportional to that of ion pair formation constants 

which increase with a decrease in the bulk dielectric constant of the 

solutions.

The activation parameters (AHr*,  ASr*)  for the reverse reactions 

may be computed from aH° = aH^*  - AHr* and aS® = ASf* - ASr*,  aH° and 

aS° are the thermodynamic parameters for the complex formation reaction. 

For the water system, z\Hr* and A$r* are 13.5 kcal mole"1 and -13 e.u., 

for the 50% DMSO - H20 mixture they are 17.4 kcal mole"1 and -2.1 e.u. 

respectively. These values indicate that the H20 - DMSO solution has 

a highly ordered solvent structure, since higher AHf* rather than lower 

ASr* is responsible for the slow reverse reaction compared to the H20 

system. This idea can easily be understood, if, in the ionization pro­

cess, the entropy decrease in going from the ground state (complex) to 

the activated state (partially ionized complex) can be related to the 

freezing of solvent molecules around the incipient ions.
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TABLE XXII

THE k]f AND klf VALUES EXTRAPOLATED TO 25°C 

FOR THE NICKEL(II) MUREXIDE FORMATION IN

VARIOUS SOLVENT SYSTEMS AT IONIC STRENGTH = 0.1 M

Solvent System k-|f(sec' klr(sec-1) K1 =
klf
^Ir

h2o 1.8 x 103 1.15 1.57 x 103

25% DMSO - H20* 3.7 x 103 1.43 2.6 x 103

50% DMSO - H20 4.2 x 103 0.43 9.8 x 103

50% Ethanol - H20 9.0 x 103 0.83 1.1 x 104

*Temperature at 31.5°C
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b) Lanthanide Murexide Complex Formation

During the past several years, relaxation and N.M.R. techniques 

have been used to study the association and dissociation reactions for 

the lanthanide ions (24-29, 68-69). Not only different substitution 

rates but different variations with respect to the ionic size have been 

observed. The only common point established from these studies is that 

the lanthanides have a coordination number greater than six in their 

aquo complexes. In an attempt to explain the differences among these 

results, several selected papers are examined and the lanthanide mure­

xide substitution reactions in 50% ethanol - have been studied.

The kinetics of aqueous lanthanide sulfate solution was studied 

by using the ultrasonic pulse technique (28-29). A single absorption 

observed for each lanthanide sulfate system was assigned to the step 

involving the release of a water molecule from the inner sphere of the 

metal ion. However, it is found that the equations employed in these 

papers to calculate the rate constants from the observed relaxation 

times seem inconsistent with the basic assumption which is required for 

simplifying these equations.

Consider the following reaction, 

(kio)n ^2
M + L (ML)q ML (IV-23) 

(k21)0 k-2

where (ML)0 is outer sphere ion pair and ML is inner sphere complex. 

It has been shown that the simplified form of Equations (11-12) and 
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(11-13) cannot be obtained whenever (k-j2)0(M+L) + (^21 )0 aPProac*1es

or is less than l<2 + k_2- For most substitution reactions in aqueous 

+2 -1 +2 -2solution of the type M , L and M , L the theoretical value of

^12^o^ + *-)  + (^2po 1S much ^ar9er t*ian orders of magnitude) 

^2 + ^-2’ but tbls 1S not true f°r the case tbe 1antlianide sulfate 

system because the value of K = 2,2.0. increases exponentially with

<k21)o
the product of the charges on M and L, whereas (k-j2)0 increases only 

proportionally with the product. Therefore, a small value of (k2q)0 

compared to k2 is observed. The theoretical values of Ko, (k-|2)0 and 

(k2q)0 at different ionic strengths in aqueous solution are listed in 

Table XXIII. Here KQ and (ki2)0 are obtained from Fuoss1 equation 
o 

and the equation for diffusion controlled reaction with a = 5.5 A

in both cases. The equivalent k2 values for lanthanide sulfate varied 

from 1 x 10 sec" to 7 x 10 sec" . The effectiveness of this approx- 

+2 -2imation can be seen in the case of M SO^ substitution reactions. The 
g

equivalent (k2q)0 value obtained experimentally is between 0.4 x 10

-1 8 1sec and 5 x 10 sec" (14), whereas the value calculated theoretically 

is 4 x 10 (sec ) with a = 5 A (the sum of ionic radii plus one water 

molecule).

If a three step mechanism is proposed for lanthanide sulfate

substitution reactions as shown in Figure 1, according to reference 29, 
o

Ka has been evaluated to be 440 with a = 8.86 A (the sum of the ionic

radii plus two water molecule diameters).

3.4 x lO^O M"1 sec~l and k2i is 7.8 x 10?

Consequently, k^ is 

sec"\ Since k2g and k^
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TABLE XXIII

THE THEORETICAL ION PAIR CONSTANTS (K ) AND

DIFFUSION CONTROLLED RATE CONSTANTS AT 25°C

(Z1 = +3, Z2 = -1)

p Ko (k12)o (M“1sec.-1) (k2po t560’"1)

0.20 3.7

0.10 5.2

0.05 7.5

0.00 20 2.7 x IO10 1.3 x 109

(Z1 = +3, Z2 = -2)

p Ko (Wo (M lseC1 (k2p0 (sec*" 1)

0.20 33

0.10 65

0.05 125

0.00 880 5.4 x IO10 6.1 x IO7
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involve the desolvation and solvation of inner sphere of the anion, it 

is reasonable to assume that they are smaller than and k2i respective-
Q g-1

ly. The reported values for kg^ varied from 1x10° to 7x10 sec , therefore 

the three relaxation times corresponding to the three steps must be 

coupled even though only one relaxation process is observed. Hence, the 

results obtained from the simplified equation which relates the rate 

constants for the third step to the observed relaxation times could be 

incorrect. A similar approach has been used for the CuSO^ substitution 

reaction by Petrucci and Hemmes (70).

The lanthanide-anthranilate (27) and lanthanide murexide (24) 

substitution reactions in aqueous solution have been studied by a 

temperature jump technique. The rate constants and activation para­

meters were obtained by assuming a single step reaction (Table XXIV) 

^If
Ln+3 + L" ; LnL+2 

klr

A comparison of the data shows that for the lanthanide murexide 

reactions the rate of complex formation in the lanthanum to europium 

region is about 9 x 10? sec~\ In the europium to erbium region, 

the rate decreases gradually; in the erbium to lutetium region, it 

remains 1 x 107 sec""L For the lanthanide-anthranilate reactions, 

+3 +3the rate has two peaks at Eu and Lu and larger values of AH^*  and 

ASf*  were observed for Gd+3 (f7) and Lu+3 (f^).



TABLE XXIV

SUMMARY OF KINETIC DATA FOR THE LANTHANIDE - ANTHRANILATE AND MUREXIDE SYSTEMS

MUREXIDE 
klf(M'1sec‘1) x 10"7 k^(M~^sec~^)

ANTHRANILATE
ASf*(e.u. )x 10"7 AHf*(kcal/mole)

La 8.6 5.5 5.3 -5

Ce 9.5 — — -- -

Pr 8.6 4.6 5.1 -6

Nd 9.3 -- — — --

Sm 9.6 6.3 2.9 -13

Eu 8.2 10.5 3.3 -12

Gd 5.2 5.9 9.1 +9

Tb 3.0 3.5 -- — —

Dy 1.7 1.4 4.4 -10

Ho 1.4 -- — — —

Er 1 .0 5.8 3.4 -11

Tm 1.1 — — --

Yb 1.1 6.9 5.4 -4
GJ

Ln 1.3 9.5 9.5 +10
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In order to explain the varying values of AHf* and AS^*  for

3 +3Gd+ and Lu as compared to other lanthanides, a mechanism was proposed 

by Swinehart and his coworkers. The mechanism proposes that for gado­

linium and lutetium complexes, a change in coordination number from 

। +3 . . +3Ln high t0 Ln low occurs'

Ln+3high ln+3low + nH20 (IV-24)

+3 AL +2
Ln low + L LnL (IV"25)

If reaction (IV-24) equilibrates rapidly compared to reaction

(IV-25), then k]f = Kk^, AHf* = ahk +&Hf,* and as,*  = ASj, T i\ +

The positive enthalpy and entropy changes for the conversion of octa­

hedral to tetrahedral complexes have been taken as evidence that AH^ 

and AS^, would be positive (71). Therefore, they concluded that these 

positive values added to the normal activation enthalpy and entropy 

changes for other lanthanides having only one coordinated hydration 

structure, account for the more positive values of AH^*  and AS^*  for 

gadolinium and lutetum.

After careful analysis of the treatment of the data for the

anthranilate system, it appears that the above mechanism proposed is 

still inadequate. Since the equilibrium constant (K-,) was defined as;

K = ELnL+2J = *̂ f
1 [Ln+3][L-] klr (IV-26)
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+3where [Ln ] is equal to the sum of equilibrium concentrations for

+3 +3[Ln and [Ln -]ow]« According to the reaction scheme (IV-24) and 

(IV-25) under equilibrium conditions and substituting Kk^*  for k^, we 

have:

klf = [LnL+2]

k-l‘" tLn+3high^L"3 (IV-27)

unknown for this study and

constants and activation para­

obtained do not reflect the

is approximately

kn*

and

to the other normal substitution rates

From the fact that the K value is 

+3[Ln ] has been used to calculate rate

the observed rate constants,

9.5 x 108 M"1 sec"1 for Gd+3

kl*
= yg-. Now from

-1

high values for k-j*  compared

(k-|^) cannot be satisfactorily interpreted on the basis of the above 

mentioned mechanism.

meters, it is obvious that the results

+3 mechanism proposed unless [Ln hl-g^l equilibrium concentration has 

been used. This requires a knowledge of K or if the value of
[Ln+310W] +3

K =----- £3----------- is relatively small so that [Ln °^1-g|1]
[Ln high^

equal to [Ln+^]. If we assume K equal to then k^ 

R -1 should be5.9x 10 M sec-1 and

+3 Ln respectively. Apparently such

The lanthanide complexation in 50% ethanol - h^O was carried out 

at 12°C. The relaxation times evaluated were based on the assumption 

that the observed relaxation spectrum consisted of a single step 

chemical relaxation process which was resolved according to equation 

(III-ll). The forward rate constants (k-]f), with about 30% error, were 
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calculated from Equation (III-14) and are summarized in Table XXII 

together with the relaxation times observed. Statistically (72), a 

tridentate complex, EM(H^O)^_griLn], has n sites from which to lose 

a ligand, whereas [M(H20)N_g^n_-j )Ln_-|] has N-3(n-l) sites at which to 

gain a ligand. Thus, the relative probability of passing from 

LM(H20)N_3(n-i)Ln-lJ to tM(H2°)N-3nLn^ 1S ProPortional to

Hence, on the basis of these considerations by assuming N equal to 9 for 

lanthanides, the K2 value can be estimated from the equation

K2 = ML2 M_ = 1 

K-] ml 'ML 3 

ml2
From the relationship of = K2[L], the portion of di-chelate can 

be neglected, since the K2[L] values are very small compared to one at 

the present concentrations.

The rates shown in Table XXV do not differ from those obtained for 

lanthanide murexide in aqueous solution, even though the theoretical KQ 

value in 50% ethanol - H20 is about three times greater than that in 

H20 for these systems. Thus the result that the rate is approximately 

proportional to the ion pair constant for nickel substitution reactions 

is not observed in these reactions.
8 -1A rate constant of 6 x 10 sec. for aqueous gadolium solution 

was obtained from oxygen-17 N.M.R. studies of solvent exchange at 25°C. 

A primary coordination number of 9 was assumed for gadolium (73). A 

rate constant of 6.3 x 10? sec."^ was reported by Reuben and Fiat for 

the solvent exchange of dysprosium. This value was also obtained by
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TABLE XXV

KINETIC DATA AND RATES FOR THE LANTHANIDE- MUREXIDE

SYSTEMS IN 50% ETHANOL - H20 SOLUTION AT 12°C

CH0»

M

CHL"

M

pH T

usee

klf x 10" 

sec"l

4 x IO-5 2 x IO"5 5 790 1.6
2.5,x 10"5 1 x IO’5 5 800 2.0

9 x W5 3 x 10"5 5 490 1.7

CDy+3 CHL~

4 x W5 2.4 x 10"5 5 560 2.5
3 x 10 D 2 x 10 5 5 770 2.1

_c;
9 X 10 D 3 x IO"5 5 460 2.0

CTb+3 CHL-

4 x IO-5 2 x W5 5 550 3.1
6 x 10 0 2 x 10"5 5 460 3.0
3 x 10“5 2 x IO-5 5 640 3.1
5 x 10"5 2 x 10-5 5 580 2.6

CGd+3 CHL-

4 x IO"5 2 x IO-5 5 410 5.3
2 x 10“5 1 x IO"5 5 590 5.4
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proton magnetic resonance studies (74). The above studies are a direct 

measurement of solvent exchange between coordinated and bulk solvents. 

If there is no ligand effect for a lanthanide ligand substitution 

reaction, the rate-determining step will be the elimination of the first 

water molecule from the inner sphere of the metal ion, therefore the 

forward rate constant obtained for the same lanthanide ion by the sol­

vent exchange methods and the relaxation techniques should be within a 

reasonable range. In fact, a one order of magnitude difference in the 

rates has been observed. In addition, the ligand effect which will 

reduce appreciably the rates of the solvent exchange reactions, the 

rates of substitution reactions are further complicated by the change 

in coordination number in the lanthanide series. Thermodynamically, it 

has been concluded that there is a coordination number change near the 

middle of the lanthanide series and for these middle rare earth ions, 

the two hydration structures with different coordination numbers are 

in equilibrium (25,75). A great deal of other data such as conductivity 

measurements (76), apparent molal volume at infinite dilution (77) and 

X-ray study of EDTA complexes (78) also support the idea of a change in 

coordination number. Kinetically, the effect of coordination number 

change on the substitution rates is still unknown.

Three questions are brought about from the results of the various 

lanthanide systems. One is why the rates obtained by the temperature 

jump technique are about one order of magnitude less than those of 

solvent exchange reactions obtained by N.M.R. studies for the various 
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systems. Another is why the variation of the rate constant as a function 

of ionic size changes certain points, and the third is why the ethanol - 

H20 solution has no effect on the rates for the lanthanide murexide 

system. A purely electrostatic interaction has been used to explain 

the linear rate dependence with inverse cationic radius observed for 

the alkaline earth ions with the exception of magnesium (II). Similarly 

a decrease in primary coordination number for some lanthanide ions 

would cause an increase in the strength of the metal ion water inter­

action, therefore, it is suggested that the rate for the solvent exchange 

reaction would decrease from the lighter ions to the heavier ones with 

the magnitude reported from the aforementioned N.M.R. studies. Thus 

the smaller rates observed for the lanthanide substitution reactions 

are apparently due to a ligand effect. From many experimental results 

that solutions of the middle rare earth ions probably consist of 

equilibrium mixtures of species having both the higher and lower coordi­

nation numbers, the following reaction schemes are proposed.

Ln(H20)n + L ? Ln(H2O)n-L t Ln(H2O)n_1 - L

+ nH20 (IV-28)

Ln(H20)n + L ? Ln(H20)n.L ? Ln(H2O)n_1 - L + nH20

t fKL1 KL2 I KL3

I !T
Ln(H20)n-1 + L t Ln(H20)n_1-L t Ln(H20)n_2- L + nH20

(IV-29)
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Charges on the various species are omitted for convenience, 

Ln(H20)n*L,  represents outer sphere ion pair, Ln(H20)n_-|- L and 

Ln(H?O) ? - L, the final complexes. K. 1 is defined as *' n(H20)n_]  v

Ln(H2O) ,.L Ln(H2O) 2 - L Ln(H20)n

as Ln(H^O)n-L' - and KL3 as If the l19and 1tse1f 1s

a chelate species, one or more steps must be added to the above reaction 

schemes as illustrated for the nickel(II) murexide reaction. Reaction 

(IV-28), refers to the lanthanides having only one hydration structure 

whereas reaction (IV-29) refers to these having two hydration structures.

For reaction (IV-29) it is seen that not only Ln^O^ and Ln(H20)n_-| 

but the subsequent outer and inner ion pair species are all in equilibrium 

with each other. These equilibrium steps should be a function of the 

cation as well as the ligand. For example, the K^-] value varies only 

with the cation whereas the varies with both the cation and ligand.

This mechanism with a possible ligand effect may account for the unusual 

variations and the lower values of bi molecular rate constants for the 

various lanthanide systems. The absence of solvent effect on the rates 

for the lanthanide murexide substitution reactions further indicates 

that a combined single step rate expression as shown in Equation 

(IV-16a) is not adequate to describe the substitution reactions in­

volving two hydration structures. To substantiate the idea of the 

above mechanism, more work on solvent exchange and monodentate sub­

stitution reaction studies are necessary. A comparison of the rate 

constants between the solvent exchange reactions, monodentate and poly­

dentate substitution reactions may reveal a general mechanism for the 

lanthanide substitution reactions.
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