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The kinetics and mechanism of the reaction between NOCl and n-BuOH is investigated at 5 and 22 "C in 
CCl,-HOAc mixtures, ranging from pure CC14 to 75% v/v HOAc. In the solvent mixtures, the use of the 
solvent-jump relaxation method i s  demonstrated on this reaction which is insensitive to concentration-jump 
but is perturbable by a sudden change of the reaction medium. The experimental relaxation amplitudes are 
in agreement with the ones calculated theoretically, and the ratios of the rate constants k l / k l  agree with the 
equilibrium constants K determined photometrically. The variation of the thermodynamic and activation 
parameters is discussed as a function of solvent composition. 

Introduction 
Although nitrosyl chloride NOCl is one of the strongest 

oxidizing agents, the kinetics of its reactions in solution 
has not been studied extensively.2 As an intermediate, 
NOCl has been shown to be an important N-nitrosating 
agent in the diazotization of primary aromatic amines in 
aqueous3 and methanolic4 solutions, as well as in metha- 
nol-carbon tetrachloride  mixture^.^ 

In the present paper we report solvent-jump relaxation 
kinetic, relaxation amplitude, and equilibrium spectro- 
photometric studies of the reaction 

k l  

k-i 
NOCl + n-HuOH n-BuONO + HC1 (1) 

in a series of mixtures of C C 4  and acetic acid (HOAc) as 
solvents a t  5 and 22 "C. The work was undertaken to 
investigate the effects of the solvent on the rate and 
mechanism of the reaction, as well as to demonstrate for 
the first time the applicability of the sudden change of the 
reaction medium as perturbation in relaxation kinetic 
studies. 

In solvent-jump experiments6 an equilibrium solution 
is suddenly mixed with the same or with another solvent. 
If the system is sensitive to the change of the total con- 
centration and/or to the change of the medium, the per- 
turbation will cause a relaxation to new equilibrium con- 
centrations. Thus, it is a relaxation experimentr where the 
chemical potential of all species is directly and internally 
altered during perturbation. Similarly to other relaxation 
experiments, the primary information obtained in sol- 
vent-jump studies is usually the spectrum of relaxation 
times and the relaxation amplitudes. For a given equi- 
libriuim, the relaxation time 7 is an explicit function of the 
rate constants ki involved, and the relaxation amplitude, 
A[ (which is a measure of the enforced equilibrium shift 
during the relaxation), is given by6 
A[ = 
In ( K 1 / K 2 )  - (In n)& - B111/2(c2-3/2n-1/2 - c1-3/2)C~,~,2 

C i ~ ~ / n , ~  -I- C(1n Y ~ ~ ) ( C U ~ ~ Z ~ / ~ C ~ , ~ Z , ~ )  
(2) 

Hence, the change of the extent of reaction, A[, is a 
function of the dilution ratio n, the equilibrium constants 
in the initial (K,) and final (K,) media of given dielectric 
constants ( t l  and c2, respectively), as well as the stoichio- 
metric coefficientsH vi, initial mole numbers nil, final ac- 
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tivity coefficients yi2, and charges zi, of the species present 
in the reaction mixture. The value of B is a function of 

B = 4.204 X lo6 (K)3/2 (mol/L)-liZ T3/2 (3) 

the temperature T only which is kept constant during the 
experiment. As expected, eq 2 predicts a successfull per- 
turbation by solvent-jump (Le., a nonzero A[) even for 
equilibria where only nonionic species (zi = 0) are present, 
and/or for equilibria with Cui = 0, if K1 # K 2  is satisfied. 
Reaction 1 is an example for both these cases, where the 
change of the reaction medium during perturbation is 
solely responsible for the relaxation. 

Experimental Section 
Chemicals. The solvents CC14 (Baker Analyzed reagent) 

and glacial acetic acid (Fisher ACS grade) were dried and 
distilled over P2OP Nitrosyl chloride was obtained from 
the Matheson Co., analyzed by the Addison-Thompson 
method: and purified from N2O4 with solid potassium 
chloride containing 3-5% surface waterslo The gas then 
was dried over anhydrous CaC12 (Figure 1). 1-Butanol 
(Fisher Spectranalized reagnet) was dried for several hours 
with CaO and subsequently distilled. 

The stock solution of NOCl was prepared by bubbling 
the gas through CC14 This solution was diluted with CCll 
or/and HOAc to obtain the desired initial NOCl concen- 
tration and solvent composition. The reverse sequence of 
solution preparation (Le., bubbling NOCl through HOAc 
and subsequent dilution with CC14) could not be practiced 
because of chemical reaction between acetic acid and NOCl 
at high local concentrations sf NOCl during the bubbling. 
However, a t  a NOCl concentration of 4.0 X lo-' M or 
below, no reaction takes place between NOCl and HOAc, 
as tested photometrically and in the stopped flow appa- 
ratus. 

The NOCl concentration of the stock solutions was de- 
termined photometrically immediately before each k.inetic 
measurement. Although the main absorption band of 
NOCl (Ama = 473 nm in pure CC14) shows a hypsochromic 
shift with increasing mole fraction of HOAc (Arna = 464 
nm in pure acetic acid), it  follows Beer's law in every 
solvent mixture. All photometric measurements in the 
equilibrium as well as kinetic experiments were done at 
X = 470 nm. The molar decadic extinction coefficient €470 
of NOCl at  this wavelength varies with the solvent, com- 
position (Figure 2). In order to establish the 6470 values, 
the NOCl concentration of the stock solutions was initially 
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Flgure 1. Schematic diagram of the NGCl purification and solullon 
preparation apparatus. 
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Flpm 2. Molar decadii exthctkm weMdem of NOCl at h = 470 
nm as a function of solvent comwsnion. In pure HOAc f decreases 
w b  W. indicating reactkm between N C U  and the sohent. The vahm 
extrapolated to zero time is given in this figure. 

determined by Mohr titration of the chloride ions following 
the hydrolysis of NOCI. 

Equilibrium Measurements. The equilibrium constant 
K of reaction 1 was determined photometrically at several 
different solvent compositions (ranging from pure CC14 to 
90% acetic acid by volume) by using a Cilford Instrument 
Model 250 spectral photometer. The results are shown in 
Figure 3. 

Kinetic Measurements. The stopped-flow apparatus 
used in the solvent-jump experiments has been described 
previously." Its optical path length, dead volume, and 
smallest experimental total liquid volume are 2 cm, 55 pL, 
and 0.2 mL, respectively. The optical detection system 
has a minimum time constant of 0.2 ms. The mixing ratio 
of solutions was 1:l or 1: lO by volume, depending on the 
solvent composition of the reaction medium desired (which 
ranged from 0 to 75% by volume of HOAc). The tem- 
perature was controlled to f0.5 "C. In the experiments 
below ambient temperature, a stream of dry air kept the 
windows of the observation cell free of moisture conden- 
sation. The progress of reaction was followed at  X = 470 
nm, where only NOCl absorbs. 

In the solvent-jump experiments, equilibrium 1 was 
established always in pure CCl, (solution I) which was 
suddenly mixed with CC14-HOAc mixtures (solution 11) 
to yield certain final solvent compositions. In order to 
achieve fast and complete mixing (in 1 ms), solution I1 
always contained a t  least 17.5% v/v CCI, as structure 
breaker for the acetic acid.l* Including all experiments, 
the equilibrium concentration of NOCl and n-BuOH was 
varied over the ranges of 3.83 X lo-' to 5.2 X M and 
6.75 X 10.' to 4.9 X M, respectively. Single relaxation 
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Figure 3. Equliibriurn wnstant Kof reaction 1 at 5 (A) and 22 OC (0) 
as a function of solvent composition. Uncertainties in the numerical 
values are typically f l l % ,  as average deviations from the mean. 

Fbpre 4. A typical solvent-jump relaxation curve of reaction 1 in a 
CC1,-HOAc mixture (75% CCI, v l v )  at 5 "C. The equilibrium con- 
centrations are 8.1 X lO-'M for N E 1  and 1.8 X lo-' M lor n-BuOH. 
Vertical scale: 10 mvldivision; horizontal scale: 10 msldivision. 
Increasing light intensity (A = 470 nm) is toward the lop of the page. 

was observed in all cases, and the relaxation times T 
measured varied from 3.8 to 120 ms. 

As expected, no relaxation was observed in pure con- 
centration-jump experiments, where the equilibrium so- 
lution I was diluted with the original solvent. Therefore, 
in pure CC, as solvent, the reactants NOCl and n-BuOH 
had to he directly mixed in the stopped flow apparatus, 
and the rate of approach to the equilibrium was measured. 

Results and Discussion 
Since the equilibrium constant K of the reaction is larger 

in pure CC14 than in the solvent mixtures, the increase of 
the HOAc content of the medium during solvent jumps 
is shifting the equilibrium toward the side of NOCI. This 
is in accord with the relaxation signals observed (Figure 
4). 

The reciprocal relaxation time measured for reaction 1 
is given by 

T-' = k l ( C ~ x ~  + C,.B,OH) + k - i ( C ~ a  + C n . ~ u ~ ~ O )  (4) 

where Ci are the equilibrium concentrations in the final 
reaction mixtures. On the basis of eq 4, the rate constants 
k ,  and k1 can he determined from a minimvm of two 
measurements of T and the known values of Ci. On the 
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Figure 5. Forward and reverse rate constants of reaction 1 as a function 
of solvent composition: k ,  at 5 (A) and 22 O C  (0), and k-,  at 5 (A) 
and 22 O C  (0). 

average, six data pairs were used for the calculation of k*l 
and the resulting mean values are listed in Table I, to- 
gether with the equilibrium constants. The equilibrium 
constants determined photometrically, Kept, are in good 
agreement with the ratios of the forward and reverse rate 
constants Kkin = kl/k-l .  

As compared to pure CCl,, the rate constants first de- 
crease with increasing mole fraction of HOAc, reaching a 
minimum at about 75% v/v CCl, (mole fraction of CCl, - 0.6) except for k1 at 2 2  "C, where the minimum is at  
about 50% v/v (Figure 5). Beyond the minimum, the 
forward rate constants change only slightly, but the reverse 
rate constants show a pronounced increase as the acetic 
acid content of the solvent is further increased. On the 
basis of the kinetic results, in pure CCl, the reaction can 
be described by a single step where the activated complex 

0 
\\ 
N-Cl 

* .  . .  
0-H 

B"' 
I 

(I) is formed by the simple addition of the reactants. 
Although, orbital symmetry arguments do not favor a 
four-centered activated complex, the formation of such a 
configuration with a nonzero activation energy (see Table 
11) is allowed for polar complexes. With growing mole 
fraction of HOAc in the solvent, all four species in (1) are 
solvated to an increasing extent by the polar acetic acid. 
This first may lower the direct encounter frequency of the 
reactants. 

At high enough acetic acid concentration (above 25% 
v/v HOAc), the structure of the activated complex may 
change predominantly to I1 where HOAc becomes part of 

0 c1. 
\\ f .. ? J y  
0 .o 

/ \ : \  
Bu H Ac 

I1 
the complex. The six-centered structure lowers the acti- 
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TABLE 11: Standard Thermodynamic Quantities and Activation Parameters as a Function of Solvent Composition 
(Energies in kcal/mol-', Entropies in eu)" 
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solvent 100% CCl, , E,  = 14.3 f 0.36 - ,E,  = 6.1 * 1.4 b 
AH" = 8 i 0.8 
A G ' , ~ ,  = -0.13 * 0.056 

AH" = - 2 . 5  f 0.73 AH,* = 2.9 i 1.6 AH-,*  = 4 f 1  AH^: - AH- = 1.1 

AHl* = 13.7 f 0.36 
A G  * = 12.8 i: 0.77 

AH-,* = 5.5 i 1.4 
AG- * = 12.9 i 0.025 

A H , :  - AH-,*  = 8.2 
AG - AG- * - -0.1 

ASoa9,  = 27.6 i 2.5 
solvent 75% v/v CCI, 

A G O , , ,  = 1.6  0.08 A G  * = 14.7 i: 3.2 AG-,* = 13.3 * 2.1 - AG- * = 1.4 

solvent 50% v/v CCI, 
AH" = -2.2 f 1.4 

A s )  = 2.9 f 1.2 
,E, = 3.5 i: 1.6 

A s )  = -40 f 5.5 
l E ,  = 1.13 f 0.22 
AH,' = 0.54 i 0.22 

A S ?  = -47 f 1 
,E, = 0.3 ?: 0.38 

A G , *  = 14.4 f 0.03 

A s - )  = -25.3 ?: 5 
- ,E ,  = 4.6 rt: 1 

AS- ,*  = -31 f 3.7 
- l E a  = 3.2 f 0.57 
AH-$' = 2.6 i 0.57 

A s - )  = -36 f 2.1 
- ,E ,  = 2.1 ?I 0.63 

AG-,*  = 13.2 f 1.3  

Asl'* - AS- 1k - 2 8 . 2  

= -13  f 2.1 2:) - A s - , $  = - 9  

AH,* - A H - , $  = -2.06 

Asl'* - As-,"; = 11 
 AGO,^, = 1.5 f 0.15 

AH" = -1 .4  f 0.16 

A G  * = 14.6 f 0.51 

AH,* = -0.29 jl 0.38 

AG- * = 13.3 i. 1.2 

AH-,* = 1.4 f 0.63 

A G  * - AG-,* = 1.3  

A H , :  - A H - , +  =- i . i  

= - I 2  f 4.2 
solvent 25% v/v CCl, 

A G ~ ~ , ~ ,  = 1.2 f 0.09 A G b  - A G - ~ *  = 1.2 
A S  = -9  i 0.24 A s , *  = -50  i 1.3 A s - , *  = -40 f 2.2 A S ,  - A s - ?  = -10 

a The uncertainties in the numerical values are associated with the extreme values of the rate constants. AX,* - AX- ,* 
are reported as the differences of the mean values. 

vation energy E, and the activation entropy AS' drastically 
for the forward, and moderately for the reverse reaction 
(Table 11). The specific rates increase again in this range 
of solvent composition, as shown in Figure 5. 

The activation parameters and the standard thermo- 
dynamic quantities are listed in Table 11. In the calcula- 
tion of the thermodynamic quantities the standard state 
of the solute is considered to be the hypothetical state of 
1 M solution under 1 atm pressure having the properties 
of infinite dilution. In this case, if Ci - 0, then the ac- 
tivities ai - Ci, and the change of the standard molar 
enthalpy of the reaction AH" becomes equal to AH" 
(change of the molar enthalpy at infinite dilution) which 
can be calculated from d In K I d T  = AH0/RP. Further 
we have AGO = -RT In K, and AGO 1 AH" - TAS". 

The Arrhenius activation energy flEa for the forward 
and reverse reaction was obtained from the least-squares 
fitted linear plot of In k*l vs. T1. Since E, = AH* + RT, 
the entropy of activation can be calculated from the 
equation as given by the transition-state theory. Obvi- 

kAl = exp(-MA1*/RT) exp(AS*1'/R) (5) 

ously, since K = kl/k-l, then AHo = AH" - AX:, and AGO 

= AGl' - AG-l' and ASo = AS1* - AS-,*. The agreement 
between the quantities determined optically and kinetically 
is shown in Table 11. 

Although the activation energy decreases monotonically 
with increasing polarity of the solvent, the presence of a 
minimum in the rate constants (Figure 5) can be ration- 
alized by entropy effects. Apparently, the exponential 
entropy factor in (5) first decreases faster than the en- 
thalpy factor increases. The decreasing value of the ac- 
tivation entropies ASAl* indicates that the activated com- 
plex and/or the medium around it becomes more organized 
on the addition of acetic acid. Beyond the minimum, the 
enthalpy factor becomes predominant. 

The relaxation amplitudes measured experimentally at 
5 "C were compared with the theoretical ones calcuated 
by using a simplified form (6) of eq 2 (Figure 6). The AC;s 
at 22 "C were too large to satisfy certain assumptions made 
in the derivation6 of eq 2, therefore, the theoretical re- 
laxation amplitudes could not be calculated at this tem- 
perature. 

Assuming that only neutral species (including ion pairs) 
are present in our solvents of low dielectric constant13 ( E C C ~  
= 2.238 and cHOAc = 6.15 at 20 "C), zis are zero in (2). Since 

kT 

4 E 
/ 1 

1 t  -I 

1 5 10 

~,,,,x102 M 

Figure 6. Comparison of the experimental (symbols) and the theoretical 
(curves) relaxation amplltudes at 5 O C  as a function of the equilibrium 
concentration of NOCl and the solvent composition (0 ,75% v/v CCI,; 
D, 50%, A, 25%). The theoretical curves were calculated for the gkren 
experimental conditions. 

Cui is also zero for reaction 1, eq 2 simplifies in our case 
to 

that was used to calculate the theoretical values of A& In 
order to be able to compare Ag's with experimentally ob- 
served signal amplitudes AI (differences in mV on the 
oscilloscope traces), Ag's must be converted to AI, or vice 
versa. The relationship between the two quantities is given 
by 

(7) 

where the volume V is 1 L, I, is the signal amplitude after 
the relaxation (usually set to 400 mV in trial runs), vi is 
the stoichiometric coefficient, ei the molar decadic ex- 
tinction coefficient of the observed species i (NOCl), 1 the 
optical path length in cm, and n the dilution ratio. 

As shown in Figure 6, the measured amplitudes are, 
within experimental error, in agreement with the calculated 
ones, corroborating the kinetic and equilibrium spectro- 
photometric results on the reaction. 

The method used in this study should be applicable to 
many systems with relaxation times in the millisecond (or 
longer) range. For example, combined with other types 
of detection (such as conductance, circular dichroism, 
fluorescence, etc.), conformational changes of globular 
proteins could be investigated this way. 

A[ = nV log (1 - Al/I,)/qeil 
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Kinetics of Ion Exchange. A Radiochemical Study of Rb+-H+ and Ag+-H+ Exchange 
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This communication reports a study of the kinetics of ion exchange of Rb+ and Ag+ on the H+ form of zirconium 
arsenophosphate by the "limited bath technique". The slow step which determines the rate of exchange at 
concentrations 10.1 M is diffusion through the exchanger particles. The values of interdiffusion coefficients, 
energy of activation, and entropy of activation have been calculated. The data obtained have been comp,ared 
with those on organic resins and other inorganic ion exchangers. The rates of exchange for Rb+ and Ag+ on 
zirconium arsenophosphate have been found to approach to those on some organic resins and inorganic ion 
exchangers. 

Introduction 
The rate-controlling step in ion exchange is diffusion 

either through the exchanger particle (particle diffusion) 
or an adherent liquid layer (film diffusion) and under an 
intermediate range of conditions both mechanisms may 
contribute to the rate-determining step.' Of the various 
types of ion-exchange processes, particle-diffusion-con- 
trolled exchange has been studied thoroughly and has 
adequate theoretical understanding. It is observed that, 
in a process where an ion A is exchanged with an ion B 
in solution, there occurs an electric coupling of the opposite 
fluxes of the two ions, so that the rate of interdiffusion is 
dependent on the state of conversion of exchanger from 
form A, to form B, and the diffusion coefficient in the 
exchanger is not constant with time. However, an ap- 
proximate indication of the rate may be obtained if an 
average constant mobility is assumed (constant-diffusivity 
model). In isotopic exchange this assumption is of course 
very nearly correct. The particle-diffusion equation de- 
veloped by Boyd et a1.l for isotopic exchange was found 
to be valid for binary ion exchange also, a t  higher con- 
centrations in which the composition of the external so- 
lution is assumed to be constant and not time dependent. 

Studies on the kinetics of ion exchange are mostly di- 
rected toward organic resins and thus leaving their inor- 
ganic clounterparts still to be exploited. Some of the im- 

portant contributions in this direction may be cited by 
mentioning the work on synthetic zeolites,' zirconium 
ph~sphate ,"~  hydrous zirconium oxide," zirconium anti- 
m ~ n a t e , ~  tin antimonate,8 tantalum arsenate? and iron 
antimonate.l0 Most of these studies have been directed 
toward the investigation of the diffusion coefficients, since 
it can describe the mobility of the ion in the exchanger and, 
in addition, it might give a clue to the "degree of openness" 
of the channels through which diffusion takes place.'l 

Recently zirconium arsenophosphate (ZAP)" has been 
synthesized in chemical laboratories and was found to 
possess good ion-exchange properties. The material 
showed appreciable resistance toward high temperature, 
chemical attack, and ionizing radiations. The practical 
utility of the material was shown by achieving several metal 
ion separations of analytical and radiochemical interest. 
The present communication reports our findings OD the 
kinetics of Rb+-H+ and Ag+-H+ exchange systems on the 
material. The rate of exchange of Cs+ was found to be too 
slow to obtain any meaningful results. 

Experimental Section 
ZAP was prepared at pH -2 by the method reported 

elsewhere.l2 The diameters of the particles of two different 
sieved fractions were measured with a micrometer micro- 
scope for 100 particles of each fraction. The mean radii 
were 2.16 X lo-' and 6.35 X cm (within -4% error). 

* Department Geology and Geophysics, University Roorkee, 

2623 North Ravenswood St., Chicago, Ill. 60613. 
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The ion-exchange capacity measured at pH 2 by the 
radiometric method for Rb+ and Ag+ was found to be 1.26 
and 1.17 mequiv/g, respectively. 

Roorkee-247 672, India. 
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