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The kinetics of the hydrolysis reaction of trimethylamine- 

sulfur trioxide were studied potentiometrically in five DMSO -water 

mixtures and in water, In the absence of added hydroxide ion the 

stoichiometry is 

(CH3)3NSO3 + H20 -----=r (CH3)3NH+ + HSO4- 

In the presence of added hydroxide ion the stoichiometry is 

(CH3)3NSO3 + 2 OH (CH3)3N + SO42 + H20 

The rate law for the hydrolysis in the absence of added hydroxide 

ion is rate = k1[ (CH3)3NSO3] . The rate law for the hydrolysis 

in the presence of added hydroxide ion is rate = kl[(CH3)3NSO3] + 

k2[ (CH3)3NSO31 [ Ol-3 ] The value for the first order rate constant, 

k1, varies from less than 2. 9 X 10-7 sec. -1 in water to 2.4 X 10-4 



sec. -1 in 0. 980 mole fraction DMSO at 25.1° C. The value for the 

second order rate constant, k2, varies from 2.0 X 10 -3 1. mole -1 

sec. -1 in water to 1. 70 X 10 -1 1. mole -1 sec. -1 in 0. 800 mole 

fraction DMSO at 25.1 ° C. Kinetic activation parameters for the 

first order hydrolysis were determined to be L H1$ = 21 ± 0.5 kcal/ 

mole and L S1$ _ -8 ± 1.4 e. u. Activation parameters for the second 

order hydrolysis were determined to be L H2$ = 1 6. 6 ± 1 . 1 kcal/ 

mole and A S2$ = -11 ± 3.5 e. u. Soft, polarizable nucleophiles such 

as triphenyl phosphine and bromide ion were found not to catalyze 

the hydrolysis of trimethylamine- sulfur trioxide. The hard, basic 

nucleophiles triethylamine and fluoride ion were found to react with 

trimethylamine- sulfur trioxide. 

The following mechanism is consistent with our results. The 

nucleophile X (water or hydroxide ion) attacks the trimethylamine- 

sulfur trioxide in a slow, rate determining step. 

X + O3SN(CH3)3 --y XSO3 + N(CH3)3 

This corresponds to an SN2 process with inversion occurring at the 

sulfur atom. Subsequent rapid proton transfers convert XSO3 and 

N(CH3)3 to the final products. 

The observed acceleration in solvents of low water content 

arises from the combined effect of dielectric constant of the medium 

and from specific solvation. Loss of hydrogen bond stabilization of 



the hydroxide ion leads to an increase in its reactivity at low 

water content. 
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A Kinetic Investigation of the Hydrolysis 
of T rimethylamine - Sulfur Trioxide 
in Dimethyl Sulfoxide -Water Solvents 

INTRODUCTION 

Before undertaking the characterization of an inorganic reac- 

tion system the terms defining the system must first be mentioned. 

Consider the reaction in which one electron donor replaces another 

in a substrate (nucleophilic displacement), 

(1) N + S---X N---S + X 

where N is a nucleophile, S - - -X is the substrate, and X is a leaving 

group (42). For such a reaction system there are three reactant 

species, N, S, and X, and three kinetic effects, electronic, steric, 

and solvent effects. To fully characterize a system the kinetic ef- 

fects upon each N, S, and X must be determined. 

Given a set of nucleophiles such as hydroxide ion, fluoride ion, 

bromide ion, and triphenylphosphine, one must ascertain which fac- 

tors will determine their relative rates of reaction with substrate 

S - - -X. To do this each of the above kinetic effects must be exam- 

ined in detail. Electronic effects describe such influences upon 

nucleophile reactivity as basicity and polarizability. Lewis basicity 

is defined as the ability to donate an electron pair to form a chem- 

ical bond. Hence, the more basic a nucleophile is the more readily 
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it seeks to donate an electron pair. The basicity of the nucleophiles 

decreases in this order, OH > F > Br > (P3P. Polarizability as- 

sumes an important role in determining nucleophilic strength. The 

more polarizable a nucleophile is the more it is able to stabilize an 

activated complex through van der Waal forces and the more closely 

it may approach a substrate without undergoing electron -electron 

repulsion. Polarizability decreases in this order, (1)3P> Br > OH 

F Steric effects of nucleophiles are those spatial limitations of 

nucleophiles determined by their sizes. For example, the attack 

upon a relatively small, crowded reaction site by a large bulky nucle- 

ophile such as triphenyl phosphine is said to be sterically hindered, 

whereas the attack by the small hydroxide ion is not. 

For a full understanding of a reaction system all of the kinetic 

effects (electronic, steric, and solvent) must be studied in detail 

for all three of the reactants (nucleophile, substrate, leaving group). 

All these factors should be examined in the following study of the 

hydrolysis of trimethylamine- sulfur trioxide. Consider now the ef- 

fect solvent has upon reaction rate. 

Solvent Effects 

The effect of solvent upon the course of a reaction and upon the 

rate of a reaction traditionally has been discovered empirically. In 

recent years this effect has become an area of high scientific interest 
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and intense investigation. Though this area of study has largely 

been pioneered by organic chemists, it is becoming increasingly 

important to the physical and inorganic chemist. 

In recent years a differentiation of polar solvents into protic 

solvents and polar aprotic solvents has been made. Hydrogen donors, 

for example water, methanol, and formamide, are classed as protic 

solvents. Polar aprotic solvents are considered to be solvents which 

have dielectric constants < 15 and which, although they may contain 

hydrogen atoms, cannot suitably free hydrogen atoms to form hydro- 

gen bonds. Typical polar aprotic solvents include dimethylsulfoxide 

(DMSO), dimethylacetamide (DMAC), dimethylformamide (DMF), 

and tetrahydrothiophen dioxide (sulfolane). 

Two effects dominate the influence solvents have upon nucleo- 

philic displacement reactions. The first is the degree to which ions 

and polar molecules are insulated from each other by the dielectric 

effect of the solvent medium. The second is the manner and the ex- 

tent to which solutes are solvated by the solvent. 

The first effect, the dielectric effect, has been thoroughly 

studied. Amis (3) recently has summarized solvent effects upon 

ion -ion, ion -dipole, and dipole -dipole interactions. Assuming a 

solvent continuum model, equations were derived relating reaction 

rate constants to dielectric constants of solvent media. For ion -ion 

and ion -dipole cases, these equations predicted that the logarithm 
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of the rate constant should vary linearly with the reciprocal of the 

dielectric constant. The charges on the reacting ions and the radius 

of the activated complex are determined by the slope of the line. It 

was shown that the dielectric constant affects reaction rate in the 

decreasing order ion -ion, dipole, and dipole -dipole interactions. 

The second effect that solvent has upon nucleophilic displace- 

ment reactions is due to the solvation process. Protic solvents 

strongly solvate small anions by forming hydrogen bonds with them 

whereas polar aprotic solvents do not. The order of increasing 

solvation of anions in polar aprotic solvents is. OH-, F < Cl < Br < 

N3 < I < SCN < Picrate (d5). As is evident, this is also approxi- 

mately the order of ability to form hydrogen bonds. Solvation of 

cations (20) is a major reason for the solubility of electrolytes in 

polar aprotic solvents. This solvation depends principally on the 

solvent molecule having a region of high electron density which is 

available for coordination to the cation. 

The following studies are typical examples of solvent effect 

studies made upon nucleophilic displacement reactions. Hudson (59) 

has studied the effect of mixed solvents on the reactions of alkyl 

halides and acid chlorides. For this type reaction he stated that the 

change in free energy of activation of reactions in solution with 

change in solvent is considered to be more closely related to the 

solvation of the transition state than is the corresponding heat of 
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activation change. In his studies he uses the solvent effect results 

as a means of examining transition state structure. 

Hyne (61) has proposed a "Specific Solvation Model" which con- 

siders the influence of specific solvation on the activation energy of 

reactions in mixed solvents and which attempts to account satisfac- 

torily for data for solvolytic reactions. His model was applied to 

the solvolysis of aromatic sulfonates, alky and aromatic halides, 

and esters. It was found that the larger the dielectric constant dif- 

ference between the solvent components, the larger would be the 

required energy of activation for a solvolysis reaction. 

Two linear free energy relations have been developed by 

Kosower and Winstein to correlate the influence of the solvent on 

nucleophilic displacement reaction rates. Kosower defined the "Z" 

factor as correlating the position of the charge transfer band of 

1- ethyl -4- carbomethoxypyridinium iodide with the polarity of the 

solvent medium. He used this empirically derived "Z" factor in 

the correlation of ion association data (70), transition energies of 

iodide ion (71), and kinetic data (72) . Among the kinetic data so 

correlated was the iodide exchange between alkali metal iodide and 

methyl iodide and the reaction of amines with alkyl halides. 

Winstein, Grunwald, and coworkers (44 -47, 111, 112) related 

the rate of solvolysis reactions to the solvent, using the equation 

log k = log k 
0 

+ mY. The solvent factor Y has a value of zero for 
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the standard solvent, 80% methanol in water. Variable m depends 

on the substance being hydrolyzed. Generally, Y is determined for 

a wide range of solvents using the standard substrate t -butyl chlor- 

ide, i. e. fixed m. Because t -butyl chloride solvolyzes by an SN1 

process, solvent factor Y is a criteria of solvent ionizing power. 

Winstein describes it as being a better criteria than dielectric con- 

stant. 

Wolford and Bates (1 14) studied the hydrolysis of acetal (1, 1 - 

diethoxyethane) in N- methylpropionamide -water and N, N- dimethyl- 

formamide -water solvent mixtures. The rate of hydrolysis de- 

creased with increasing amide concentration. This was explained 

in terms of specific solvation of the transition state by water, 

Ingold's prediction of rate retardation of charge formation approach- 

ing the transition state on going to a less polar solvent, and Winstein 

Y values of +3 for water and -3.5 for amides. 

Cram and coworkers have studied what appears to date as 

being the upper limit of solvent accelerations. They have shown 

that the sodium methoxide catalyzed H -D exchange at carbon a to 

CN, CONR2, or CO2R is 109 times faster in DMSO than in meth- 

anol (34). This acceleration was attributed to the fact that methox- 

ide ion is strongly solvated by hydrogen bonding in methanol, but is 

poorly solvated in DMSO. It also was shown that potassium t- butox- 

ide in DMSO displaces carbanions 1012 times faster than does 
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potassium methoxide in methanol (35). 

Miller and Parker (83) have studied the effect of solvent upon 

nucleophilic displacement reaction rates. They found some acceler- 

ations on the order of 105 times faster in polar aprotic solvents than 

in protic solvents. This they attributed to the difference in the 

solvating abilities of the two types of solvents. Protic solvents 

(water) solvate anions quite strongly through hydrogen bonding. 

Polar aprotic solvents (DMSO) do not donate hydrogen bonds and 

hence, solvate anions only by ion -dipole interactions. Bulky solvent 

dipoles (DMSO) with charges on large atoms such as sulfur and oxy- 

gen, cannot fit closely around small anions (83). Hence, anions are 

very weakly solvated in polar aprotic solvents. This large differ- 

ence in anion solvation appears as a large difference in anion reac- 

tivity, as noted above. 

Parker (2, 31, 32, 85 -89) has done considerable work on the 

solvation chemistry and synthetic application of polar aprotic sol- 

vents. His review article (85) on the effects of salvation of the 

properties of anions in polar aprotic solvents has been a standard 

reference in this field. Just recently he has published a review (88) 

on the use of polar aprotic solvents in organic chemistry. Non - 

kinetic studies he has made include salvation effects on acid disso- 

ciation constants (31), on spectra (89), on iodide activity coefficients 

(87), and on silver halide equilibria (2). 
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The evaluation of acidity and basicity in non- aqueous solvents 

has received much attention in recent years. Bates (10 -15), in par- 

ticular, has done a large amount of work towards developing common 

scales of acidity and means of evaluating acidity in non- aqueous and 

mixed aqueous solvent systems. He has been primarily interested 

in developing electrometric means of measuring pH in these sol- 

vents. He has developed buffer systems and measured acid disso- 

ciation constants for a number of acids in 50 wt. % methanol (14). 

Kolthoff and Reddy (69) have pioneered the measurement of acidity 

in DMSO. Ritchie and Uschold (92) extended the use of the glass 

electrode into wide ranges of pH and solvent composition. 

Studies in the Dimethylsulfoxide -Water Solvent System 

The dimethylsulfoxide -water solvent mixture has many desir- 

able properties which make it suitable as a solvent system in which 

to study nucleophilic displacement reactions. Both DMSO and water 

are good solvents (63, 85, 97) for many salts, although salts with 

large polarizable anions are more soluble in DMSO (85) than those 

with small anions. The two liquids have opposite behaviors with 

respect to hydrogen bonding and hard bases, e. g. hydroxide ion. 

Water forms hydrogen bonds and solvates hard bases. DMSO cannot 

form hydrogen bonds and thus does not solvate hard bases. Because 

both solvents have fairly large dielectric constants (39, 77, 97, 113) 
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many salts are completely ionized in them (98). Both solvents have 

the other desirable attributes of good solvents: associated liquids 

(85, 97, 113), convenient liquid ranges (36), relatively low viscos- 

ity (36, 78), inexpensive, easily purified, and low toxicity. Crown 

Zellerbach Company (36) has published the physical properties of 

pure DMSO. Physical properties of DMSO -water mixtures have 

been published by Cowie and Toporowski (33) densities and viscos- 

ities, Wolford (113) dielectric constants, and Kentomoa and Lindberg 

(64) vapor pressures. 

Arnett and McKelvey (6) have measured the enthalpies of trans- 

fer of ions from water to DMSO. For anions they found Cl- ( +4.89 

kcal /mole), Br ( +1.34), and I ( -2. 52). For cations they found 

(C2H5)4N+ ( +0.55), Na+ (-7.15), Cs+ ( -7. 78), and K+ ( -8.84 kcal/ 

mole). For the anions these values can be directly attributed to 

hydrogen bonding. The stronger the hydrogen bonding to a given an- 

ion, the more energy that must be put into the system to break this 

bonding when this anion is transferred from water to DMSO. The 

more energy that must be put into the system the more endothermic 

is the process. The relative strength of hydrogen bonding of the 

halide ions is Cl- > Br > 

High viscosities ranging from 2.003 cp (O n H2O) to 3. 764 cp 

(0.590 n H2O) (33), high heats of mixing ranging from -1408 calories 

per mole of water (0. 183 n H2O) to -388 calories per mole of water 

I . 
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(0. 877 n H2O) (33, 65), high dielectric constants ranging from 46.36 

(0.00 n H2O) to 78.30 (1.00 n H2O) (113), thermodynamic excess 

functions (64), and nuclear magnetic resonance studies (41) indicate 

that DMSO -water mixtures form highly associated solvent mixtures. 

The chart below gives an approximate indication of the type solvent - 

solvent and ion -solvent associations that occur over the possible 

DMSO -water solvent compositions. 

Solvent 
Composition 

0% 

W - --W W - --W 

W---S 

100% DMSO(s) 

S---S S---S 

Solvent -Anion W 
Interaction \ >OH W OH OH 

W- 

Wolford (113), in his study of the acid catalyzed hydrolysis of 

acetal (1, 1- diethoxyethane) in aqueous -DMSO mixtures, divides 

aqueous -DMSO solutions into three regions of structural and behav- 

ioral similarity. As seen by the chart these regions are character- 

ized as having the molecular associations: water -water (0 to 30 mole 

% DMSO), water -DMSO (30 to 50 %), and DMSO -DMSO (above 50 %). 

A notable characteristic of the second region, 30 to 40 mole % DMSO, 

was that physical constants showed their greatest deviation from 

mean values. 

A number of important solvent effect studies on nucleophilic 

W S 

W 
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displacement reactions have been reported. Tommila and coworkers 

(90, 104 -108) have made numerous nucleophilic displacement studies 

in DMSO -water mixtures. The solvolysis rate of benzyl chloride was 

found to decrease with decreasing water concentration. Tommila and 

coworkers studied both the alkaline hydrolysis (104) and the acid 

hydrolysis of ethyl acetate in DMSO -water mixtures. The rate of 

alkaline hydrolysis increased slowly with increasing DMSO concen- 

tration, but above 0.28 mole fraction DMSO it increased very rap- 

idly. Tommila attributed this to an increased activity of the hydrox- 

ide ion caused by its reduced solvation in the presence of DMSO. 

In the acid hydrolysis it was found that the ability of the solvent to 

donate protons increased with increasing DMSO concentration. How- 

ever, a maximum solvolysis rate was observed at about 70 volume 

percent water. 

Roberts and coworkers (93 -94) studied the hydrolysis of vari- 

ous ethyl esters in DMSO -water mixtures as well as a number of 

other binary aqueous solvent mixtures. It was concluded that the 

solvent acceleration effect observed was due to destabilization of 

hydroxide ion in DMSO -water mixtures. Roberts (95) extended the 

solvolysis of benzoic esters to such a high level of DMSO, that he 

called his study "Anhydrous Hydrolysis in DMSO ". Compared to 

similar reactions in hydroxylic solvents, accelerations of about 

104 to 105 were obtained. 



12 

Krueger (73) in his study of the oxidation of iodide ion by 

DMSO in DMSO -water mixtures found the reaction to be very sensi- 

tive to solvent composition and to be subject to an unusually large 

nucleophilic catalysis. He found the order of decreasing nucleo- 

philicity in the solvent mixtures studied to be Cl > Br > I-. To 

account for this reversal from the usual order, the nucleophilicity 

must be explainable in terms of the solvents employed. Because 

the above is also the order of decreasing sensitivity to hydrogen 

bonding, the nucleophilicity order was explained as being due to 

their relative destabilization upon removal of hydrogen bonds when 

going to higher DMSO concentrations. 

Hiller and Krueger (58) studied the iodine -formate reaction in 

DMSO -water mixtures. The logarithm of the rate constant was 

found to increase nearly linearly with mole fraction DMSO. This 

acceleration was attributed to the desolvation of formate on going to 

higher mole fractions of DMSO. The rate retardation by ion pairing 

was also found to increase with increasing DMSO content. The ion 

pairing order found was K+ < Na+ < Li+ < Ba2 
+. 

The preceding studies are only a few of the more important 

solvent effect studies made in recent years. The emphasis has been 

on studies conducted in dimethylsulfoxide and water, since that is the 

solvent system used in our study of the hydrolysis of trimethylamine- 

sulfur trioxide. Most of these studies have been taken from the field 
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of organic chemistry because to date relatively few inorganic solvent 

effect studies (1, 4, 7, 8, 18, 29, 30, 38, 48, 49, 60, 73 -76, 81, 82, 96, 101 - 

103).have been made. 

Hydrolysis of Trimethylamine -Sulfur 
Trioxide (TMS) and Related Compounds 

The purpose of this study was to expand the knowledge of sol- 

vent effects upon inorganic reactions. To fulfill this purpose the 

hydrolysis of TMS was studied in DMSO -water mixtures. The rea- 

sons for selecting the study of the hydrolysis of trimethylamine- 

sulfur trioxide (hereafter abbreviated TMS) in DMSO -water solvents 

include: (1) it is a potential example of a simple nucleophilic dis- 

placement reaction, (2) it provides an opportunity to extend the 

knowledge of solvent effects upon inorganic reaction systems, (3) 

TMS and DMSO do not react chemically, (4) all the reactants are 

sufficiently soluble in all solvent mixtures for the reaction to take 

place in a homogeneous medium, and (5) it has a convenient reaction 

rate. 

Trimethylamine- sulfur trioxide, is the addition compound 

formed by the reaction of sulfur trioxide with trimethylamine. Very 

little is known about the chemistry of TMS (55). The S -N bond 

moment in closely related triethylamine- sulfur trioxide is 3. 6 (37). 

Lecher and Hardy (57) confirmed the presence of a sulfur nitrogen 
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bond in TMS through an x -ray analysis study. Watari (109) in his 

infrared study of TMS, determined the force constants for the con- 

stituent bonds and assigned TMS the structure 

CH O 

Vi f CH.... N S....0 
I Q 

CH3 O 

The hydrolysis of TMS can be considered a nucleophilic dis- 

placement reaction (see page 1 ) in which either water or hydroxide 

ion is the attacking nucleophile, TMS is the substrate molecule, and 

trimethylamine is the leaving group. The stoichometry of the TMS 

hydrolysis (51) is 

(2) (CH3)3NSO3 + H2O >(CH3)3NH+ + HSO4 

and for basic hydrolysis 

(3) (CH3)3NSO3 + 2 OH (CH3)3N + 5042 + H20 

The hydrolysis of TMS is an example of a nucleophilic attack on 

sulfur (VI). A very limited number of studies have been made on nu- 

cleophilic attack at sulfur (VI). Among these attack by water and 

hydroxide ion have predominated (5, 24 -28, 52, 53, 66, 84, 91). Rela- 

tive thiophilicity (S - nucleophilicity) orders have been determined by 

Foss (52, 53) and Parker and Khardsch (66). An excellent review of 
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nucleophilic attack on sulfur has been written by Pryor (91). 

Lauder and Fleischfresser's (51) investigation of the hydrolysis 

of TMS followed from their study of the acid hydrolysis of sulfamate 

ion (50). The similarity of the structures of the zwitterionic 

H3N +SO3 , sulfamate ion, and (CH3)3N +S03 , TMS, suggested 

similar hydrolysis behavior. Because the nitrogen in TMS has a 

positive charge without the protonation required by sulfamate, 

Lauder predicted that the hydrolysis of TMS would not be acid 

catalyzed. This he confirmed in his investigation (51). In this 

study he found TMS to hydrolyze by a first order path in the absence 

of hydroxide ion and by a second order path, first order in TMS and 

first order in hydroxide ion, in the presence of hydroxide ion. He 

also obtained a sizeable acceleration of basic hydrolysis reaction 

rate on going to higher mole fraction acetone (water) compositions. 

Ryss and Bogdanova (21 -23) studied the hydrolysis of TMS 

and triethylamine - sulfonate both in the presence and absence of add- 

ed hydroxide ions. From a comparison of the kinetics of the alkaline 

hydrolysis and the aqueous hydrolysis of triethylamine- sulfur tri- 

oxide, they concluded that in the alkaline hydrolysis the sulfur atom 

is attacked directly by the hydroxide ion. 

The feasibility of studying the hydrolysis of TMS depended on 

such factors as the solubility of the reactants in DMSO -water mix- 

tures, the interaction of the reactants and products with the solvent, 
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the stability of the TMS, the means of following the TMS hydrolysis, 

and the speed of the reaction. TMS, tetraethylammonium hydroxide, 

and tetraethylammonium perchlorate were fairly soluble in DMSO- 

water solvents. Neither TMS nor its hydrolysis products interacted 

significantly with the DMSO. TMS was not noticeably hygroscopic. 

When stored over phosphorus pentoxide in a vacuum dessicator for 

weeks it did not decompose as was evidenced by carbon, hydrogen 

analysis and melting point. The aqueous hydrolysis in absence of 

added hydroxide ion was the only study that took longer than a per- 

iod of several hours. The selection of a method of following the 

TMS hydrolysis is described in the experimental section of this 

thesis. 

Two other hydrolysis systems were considered in this thesis. 

These were the hydrolysis of triethylamine- sulfur trioxide and the 

hydrolysis of fluorosulfonate ion. In both cases the attacking nucleo- 

philes were the same as in the hydrolysis of TMS, that is water and 

hydroxide ion. The leaving group for the triethylamine- sulfur tri- 

oxide hydrolysis was triethylamine and for the fluorosulfonate ion 

hydrolysis was fluoride ion. 

Lauder (51) studied the hydrolysis of triethylamine- sulfur 

trioxide (TES) in parallel with his study of TMS hydrolysis. He 

studied both its first order and second order (basic hydrolysis) de- 

pendence as well as the effect of varying the solvent composition by 
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introduction of increasing amounts of acetone. He found the first 

order hydrolysis of TES to be faster than that of TMS, whereas the 

opposite was found true for second order (basic) hydrolysis. The 

higher reaction rate of TES was said to be primarily due to the 

steric crowding by the ethyl groups. Ryss and Bogdanova (22) con- 

firmed Lauder's TES hydrolysis results. They stated further that 

the higher reaction rate of TES compared to TMS was due to the back 

strain exerted by the ethyl groups in the TES molecule. 

Ryss and coworkers have studied the alkaline hydrolysis of 

fluorosulfonate ion. In weakly alkaline solution its hydrolysis was 

found to be first order (40, 56). In strongly alkaline solution a two 

term rate law was found in which both terms were first order in 

fluorosulfonate ion, but the second term was first order in hydrox- 

ide ion as well. 

Ln summary, the objectives of this investigation are: (1) to 

study in detail those factors which influence the rate of simple 

nucleophilic displacement at a sulfur -nitrogen bond, (2) to deter- 

mine the mechanism for the hydrolysis of TMS, and (3) to determine 

what effect changing the solvent from water to DMSO has upon the 

reaction between water and TMS and between hydroxide ions and TMS. 
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EXPERIMENTAL 

Dimethylsulfoxide Solvent 

The dimethyl sulfoxide was obtained from Van Waters & Rogers, 

Inc. as a commercial grade. This DMSO contained two types of im- 

purities: water and reducing impurities such as dimethyl sulfide. 

In order to remove the reducing impurities 1.0 to 1.4 grams of po- 

tassium hydroxide were added to about 1700 mls. of DMSO and the 

DMSO was then heated to 125°C. with stirring for approximately one 

hour. 

The DMSO was then distilled through a 16" distillation column 

packed with glass helices. The distillation was carried on at a re- 

duced pressure of 8 to 15 mm. Hg and a distillation temperature of 

70 to 80° C. Karl Fischer titrations have shown the water content 

of doubly distilled DMSO to be less than 0.02% by weight. The puri- 

fied DMSO was stored under prepurified nitrogen. 

The solvent mixture for any given kinetic run was prepared by 

a procedure consisting of four steps: (1) weighing the DMSO, (2) 

partially freezing the DMSO (melting point 18° C.) thus avoiding the 

production of DMSO impurities which could be generated by the heat 

evolved on mixing DMSO and water, (3) calculating the amount of 

water required for a given solvent composition, and (4) slowly adding 
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this amount of distilled water to the DMSO from a buret. 

In the case of DMSO solutions of aqueous reactants, such as 

tetraethylammonium hydroxide and trimethylamine, the amount of 

water contributed by the reactants had to be included as part of the 

water required for preparing the aqueous DMSO solutions. In some 

cases the high concentration of an aqueous reactant provided too 

much water for its solution to be made up to a given percentage 

DMSO, especially at higher percentages of DMSO. To compensate 

for this the solution of the accompanying reactant, usually the ionic 

strength compound tetraethylammonium perchlorate, was made up 

to a corresponding higher percentage DMSO such that the resulting 

reaction mixture had the desired percentage DMSO composition. 

Reagents 

It was decided for two reasons to use tetraethylammonium salts 

as much as possible. First, tetraethylammonium salts were more 

soluble in DMSO -water mixtures than their alkali and alkaline earth 

metal counterparts. Second, they were much less likely to result 

in such side effects as ion pairing and specific cation effects in 

DMSO -water mixtures. 

Tetraethylammonium perchlorate which was used for maintain- 

ing constant ionic strength in the reaction mixtures, was synthesized 

by the following metathesis reaction. 



(4) (C2H5)4NBr + NaC1O4 ) (C2H5)4NC1O4 4, + NaBr 

20 

The tetraethylammonium perchlorate was recrystallized twice, 

dried, and stored in an evacuated desiccator over phosphorus pentox- 

ide. Absence of a silver test for bromide ion indicated sufficient 

purification of the tetraethylammonium perchlorate. The tetraethyl - 

ammonium perchlorate analyzed as follows. Calculated for 

(C2H5)4NC1O4: C, 41:8; H, 8. 71. Found: C, 42. 2; H, 8.66. 

Ten percent aqueous tetraethylammonium hydroxide was ob- 

tained from Eastman Kodak Company. It was found by Winkler deter- 

minations typically to contain approximately 0. 03 M. carbonate ion. 

To remove the carbonate ion from the hydroxide solutions, sufficient 

barium ion from crystalline barium hydroxide was added to the tetra - 

ethylammonium hydroxide for the concentration of barium ion to be 

80% of the carbonate ion concentration. The solution was stirred for 

half an hour and suction filtered using nitrogen over the filtration. 

The filtrate was then stored immediately in 50 ml. plastic bottles 

containing nitrogen. These bottles were kept sealed with plastic 

tape when not immediately in use. 

This treatment reduced the carbonate concentration to less than 

0.01 M. and hence upon 14 fold dilution to a negligible amount. It 

was important in this treatment to use less barium ion than there 

was carbonate ion present or barium hydroxide would precipitate out, 
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especially when working at high DMSO solvent compositions, making 

the hydroxide concentration incorrect and the rate constants variable. 

Trimethylamine- sulfur trioxide was prepared by the following 

two step sequence. 

(5) 2 C5H5N + C1SO3H C5H5NSO341 + C5H5NH+C1 

(6) C5H5NSO3 + (CH3)3N (aqueous) ------(CH3)3NSO3 1, + C5H5N 

Baumgarten's (16, 17, 55) method of synthesizing TMS via the 

weak intermediate sulfonating agent, pyridine- sulfur trioxide (see 

Equations (5) and (6), gave sizeable yields which upon recrystalliza- 

tion from water gave pure TMS. The TMS was dried and stored in 

an evacuated desiccator over phosphorus pentoxide. The TMS an- 

alyzed as follows. Calculated for (CH3)3NS03: C, 25. 9; H, 6.52. 

Found: C, 25. 7; H, 6.35. 

Tetraethylammonium sulfate was produced directly in the 

kinetic reaction mixture by adding stoichiometric amounts of the 

reagent grade reactants according to the following equation. 

(7) 2 (C2H5)4NOH + H2SO4 (( 2SO4 C2H5)4N) + 2 H20 

Practical grade chlorosulfonic acid and purified grade sodium 

perchlorate were used. Reagent grade was the purity of all other 

reactants: Potassium fluoride, potassium bromide, potassium per- 

chlorate, potassium acetate, tetraethylammonium chloride, triphenyl 
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phosphine, dimethyl sulfide, barium nitrate, pyridine, chloroform, 

barium hydroxide, hydrochloric acid, sodium perchlorate, triethyl- 

amine, and trimethylamine. 

Apparatus 

All potentiometric titrations were done using a Kimax 10 ml. 

Class A. microburet. Kinetic runs were carried out in a constant 

temperature bath which was maintained at 25.1 ± 0. 1 ° C. unless 

otherwise noted. This bath consisted of a Coleman ice chest fitted 

with a Lightnin stirrer, a 250 watt blade heater, and a thermoregu- 

lator. The bath was cooled by running tap water through about eight 

feet of copper tubing placed at the bottom of the bath. 

All potentiometric acid -base studies and titrations of kinetic 

samples were done using a Heath Model EUW -301 pH Recording 

Electrometer. The Recording Electrometer was calibrated by using 

a Heath Model EAU 20 -12 pH /mv. Test Unit. The electrodes used 

were a Beckman E2 #39004, low sodium ion error, low noise glass 

electrode and a Beckman #39170 fiber junction calomel reference 

electrode. The electrodes were conditioned while not in use by being 

stored in an approximately 10% DMSO solution. A Turner 110 

Fluorometer was used in nephelometric stoichiometry studies of 

sulfate produced by the hydrolysis of TMS. 
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Kinetic Measurements 

The reactions studied were the following. 

(8) (CH3)3NS03 + HOH (CH3)3NH+ + HSO4- 

(9) (CH3)3NSO3 + 2 OH (CH3)3N + SO42 + H20 

In selecting a method to study the hydrolysis of TMS it was 

hoped that TMS would have an absorption peak in the ultraviolet en- 

abling one to follow the disappearance of TMS spectrophotometrically. 

Absorption spectra were run on TMS using the Beckman DB recording 

spectrophotometer. No absorption peaks were found before the onset 

of continuous absorption by the DMSO solvent. 

Gravimetric determination of sulfate produced seemed to be an 

undesirably time consuming and tedious method of following the prog- 

ress of the hydrolysis. Nephelometric determination of sulfate ap- 

peared to be less objectionable with regard to time and tedium but as 

a method, with an accuracy of at best two to five percent, did not 

possess the desired accuracy. 

On studying Equations (8) and (9) one notes that acid is being 

produced in Equation (8) and base is being consumed in Equation (9). 

For these reasons the variation of pH appeared to be an excellent 

mode of following the hydrolysis of TMS. 
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Lauder (51) suggested following the hydrolysis of TMS by 

titrating quenched aliquots using a mixed indicator consisting of a 

three to one mixture of 0.05% bromcresol green and methyl red 

solutions. On titrating quenched samples with 0.05 N. hydrochloric 

acid and sodium hydroxide solutions, it was found that the best pre- 

cision one could obtain was ± O. 20 ml. Closer precision than this 

was desired. This large of variation may have been due to using 

such dilute solutions (0.05 N.) and even more likely due to interac- 

tion of DMSO with the indicator system. 

Potentiometric titrations gave an error of three parts per 

thousand which is slightly above the buret accuracy of two parts per 

thousand. Besides this lower error, by using a second derivative 

potentiometric titration method one could eliminate the ambiguity of 

visually detecting the slight difference in varying shades of an end 

point indicator. 

A typical TMS basic hydrolysis kinetic run consisted of the 

following. The DMSO -water solvent mixture was prepared as de- 

scribed before. The TMS, tetraethylammonium hydroxide and per- 

chlorate were weighed into three separate volumetric flasks. The 

required amount of water and DMSO were added to the hydroxide to 

make up the desired solvent composition. The perchlorate was dis- 

solved and diluted to volume with the prepared solvent. The hydrox- 

ide and perchlorate solutions were then brought to the reaction 
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temperature in a constant temperature bath. An amount of 10° C. 

water, in approximately 20 fold excess of the sample aliquot to be 

withdrawn, was placed in 400 ml. beakers in recrystallizing dishes 

containing ice -water slurries. A known excess of acid was added to 

these 10° C. quenches. 

Reactants were then mixed and the electric timer started. 

Sample aliquots, of five to 20 mis. in volume, were quenched at pre- 

viously determined time intervals. The time recorded for each sam- 

ple was that at which the first drop of the sample was added to the 

quench solution. Samples were usually taken over a period of two 

to three half lives. The quenched samples were then potentiometric- 

ally titrated with 0. 05 N. sodium hydroxide. End points were calcu- 

lated by making conventional second derivative plots. 

For runs investigating the influence of various nucleophiles 

and bases, the above kinetic procedure was used except for the sub- 

stitution of the nucleophile or base in place of tetraethylammonium 

hydroxide. Also if the nucleophile was not basic, no acid quench 

was used. For uncatalyzed TMS hydrolysis kinetic runs only the 

perchlorate solution was prepared in advance, the hydroxide solu- 

tion and acid quench necessarily being omitted. 

The accuracy of the above potentiometric titration was evalu- 

ated using a phenolphthalein end point titration procedure as a compar- 

ison. For an acid of 0. 0458 N strength the potentiometric titration 
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method gave an error of 0.44% and a precision of ± 3. 7 ppt. This 

error is negligible compared to the overall experimental error of 

10% observed in our rate constants. Because the acid being titrated 

in each quenched sample aliquot was at a very low concentration, 

approximately 0. 001 N, the acidity contributed by the carbon diox- 

ide present affected the titrations performed, particularly in the end 

point region. Rapid titrations were found to minimize the carbon 

dioxide contribution. However, the smaller the titrant increments 

added in the potentiometric titrations the more serious was the drift 

due to dissolved carbon dioxide in the end point region (pH 5 -8). 

This limited the minimum size of the increments that could be used 

and hence, the ultimate accuracy of the potentiometric titration 

method. 

In high mole fraction DMSO, the high rate of reaction accentu- 

ated errors that were insignificant for slower reactions. The time 

required for mixing and sampling became significant fractions of the 

reaction time. Hence, errors due to ineffective sample mixing, 

cooling of aliquot on sampling, recording the quenching time, and 

inequality of drainage rate became more important. Possible errors 

that applied to all solvent compositions include the effect of DMSO 

on the electrodes, the change of hydroxide concentration when the 

tetraethylammonium hydroxide was exposed to the air (carbon diox- 

ide), and the escape of trimethylamine from the reaction flasks. 
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Stoichiometry 

Lauder (51) gives the stoichiometry of the hydrolysis of TMS 

in water and in the presence of excess hydroxide ion (aqueous) as 

being that given in Equations (8) and (9). In order to verify experi- 

mentally Lauder's stated aqueous stoichiometries and in order to 

find out whether these stoichiometries remain the same as one goes 

to higher mole fraction DMSO in DMSO -water solvents, the stoichi- 

ometry was checked by potentiometric and nephelometric methods. 

The potentiometric determination of base consumed was per- 

formed as described before for a typical kinetic run. The nephel- 

ometric determination of sulfate produced was carried out using the 

procedure described in Ewing's text (43). Both for aqueous hydroly- 

sis and for hydrolysis in 0.5 n DMSO two samples were taken at each 

time increment, one being analyzed potentiometrically and the other 

nephelometrically. The values derived were then compared. 
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RESULTS 

Hydrolysis of Trimethylamine- Sulfur Trioxide 

Stoichiometry 

Reaction stoichiometries found are: 

(10) (CH3)3NSO3 + H20 (CH3)3NH 
+ 

+ HSO4 

(11) (CH3)3NSO3 + 2 OH (CH3)3N + SO42 + H20 

For every mole of TMS hydrolyzed in Equation (10) one mole of 

hydrogen sulfate ion is produced. This was measured by potenti- 

ometric titrations. The infinity titrations of first order TMS kinetic 

runs in different high mole fraction DMSO solvents gave an average 

of less than 2% deviation from the predicted mole yield. Because 

this is well within experimental error, the stoichiometry given by 

Equation (10) can be considered verified. 

For every mole of TMS hydrolyzed in Equation (11) two moles 

of hydroxide ion are consumed and one mole of trimethylamine is 

produced. Hence, there is net consumption of one mole of base for 

every mole of TMS hydrolyzing. This was measured by potenti - 

ometric titrations. For every mole of TMS hydrolyzed in Equation 

(11) one mole of sulfate ion is produced. This was measured 

nephelometrically. Therefore, if Equation (11) represents the 
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correct stoichiometry for the basic hydrolysis of TMS, the ratio of 

the moles of base consumed to sulfate produced at any time in the 

course of the reaction should be unity. 

The experimental results obtained are summarized by the fol- 

lowing. The ratio of moles of base consumed to moles of sulfate 

produced was in water: 3.36/3.34 = 1. 00; in 85.00% DMSO it was 

2. 82/2. 81 = 1. 00 and 2. 84/2. 78 = 1. 02. Three kinetic runs were 

made with one in water and two in 85.00% DMSO. For each ratio 

reported two consecutive determinations were performed. All re- 

sults agreed within two percent of the ratios quoted. The details of 

the experimental procedures used are given on pages 24- 27 of the 

experimental section. In all studies the reactions were allowed to 

proceed at least 22 half lives before taking samples. The agree- 

ment of the experimental results with those predicted for equation 

(11) to well within the two percent nephelometric accuracy limitation, 

confirms the stoichiometry of basic hydrolysis of TMS to be that 

given by equation (11). Lauder (51) and Ryss (21, 23) independently 

found these stoichiometries to be true when the solvent was water. 

First Order Rate Law 

The hydrolysis of TMS in aqueous DMSO in the absence of base 

was suspected of reacting by a first order process. Lauder (51) and 

Ryss (21) had found the reaction to be first order in purely aqueous 



solvent. The differential rate law would be 

(12) d [ TMS] 
dt 

k 
1 

[ TMS] 

(13) 

From the integrated first order rate law expression 

kl 2.303 
log 

t 
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log ( Vt) was plotted against t as in Figure 1. From the slope one 

obtains the first order rate constant by using k1 = -2. 303 X slope. 

The results of such studies in different mole fraction DMSO solvents 

are given in Table 1. 

Table 1. Kinetic Data for First Order Hydrolysis of TMS at 
µ = 0.15 and 25.1 °C. 

Mole Fraction 
DMSO 

2 l0 [ (CH3)3NSO3] , M 
5 

105 sec 

0. 000 

0. 300 

1.00 

2.00 

<0.029a 
0. 73 

0. 500 2. 00 4. Ob 

0. 700 2. 00 11.4 

0. 800 2. 00 16.2 

0. 950 2.00 23. 6 

0. 980 2. 00 24. 

a - upper limit; reaction was very slow. 

b - average of two runs, 3. 91 X 10 -5 and 4. 19 X 10 -5 sec. -1. 
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Figure 1. First Order Plot of Data for Hydrolysis of TMS in 0. 950 Mole 
Fraction DMSO at 25.1° C. 

ao 0.5 
o 



32 

That the above differential rate law is the correct rate law for 

the hydrolysis of TMS in aqueous DMSO is evident from the following 

two considerations. First, the plots of log (V_ Vt) against time were 

linear. This would not be true if the above rate law were not correct. 

Second, two kinetic runs were made in 0.500 mole fraction DMSO. 

The first run consisted of 0.0200 M TMS and the second 0. 0400 M 

TMS. The rate constants obtained were 3.91 X 10 5 sec. -1 and 

4.19 X 10 -5 sec. l respectively. The agreement of these two rate 

constants within ± five percent of the 4.05 X 10 -5 sec. reported 

rate constant confirmed the first order dependence on TMS and the 

above rate law. Ten percent is the experimental accuracy with 

which the rate constants and rate laws quoted in this paper are said 

to be valid. Seepage 25 for further discussion of experimental ac- 

curacy limitations. 

Mixed Order Rate Law 

Preliminary investigation ; of the basic hydrolysis of TMS 

using the before mentioned first order plots gave curved plots which 

rapidly approached a straight line. See Figure 2 for an example. 

These pointed to the presence of second order or higher dependence 

in the basic hydrolysis. A second order dependence for the basic 

hydrolysis of TMS in aqueous DMSO was suspected also from the 

aqueous studies made by Lauder (51), Ryss (23), et al. 

l 
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Figure 2. First Order Plot of Data for Basic Hydrolysis of TMS in 0. 700 Mole Fraction 
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The following integrated second order rate law was used to 

test the suspected second order dependence. 

ï 14 k2 
2.303 lo (b -2x)a 

) 2 t(b -2a) log (a -x)b 

where a is the initial molar concentration of TMS, b is that of the 

hydroxide ion, and reaction variable x is the decrease in molar con- 

centration of TMS at time t. 

Plots were made as shown in Figure 3 by plotting log (b -2x) / 

(a -x) against time. The essentially straight lines obtained confirmed 

the occurrence of a second order rate process. 

Both the presence of linearity in first and second order kinetic 

plots and the reasonableness of the presence of both first and second 

order reaction paths in the presence of excess hydroxide ion, lead 

to the proposal of the following rate law: 

( 1 5 ) 
-d[ T M S ] kl[ TMS] + k2[ TMS] [ OH ] 

This equation shows that when the hydroxide ion concentration is suf- 

ficiently small first order reaction kinetics (page 29) will be observed 

and that when the hydroxide ion concentration becomes sufficiently 

large second order reaction kinetics (see above) will predominate. 

The deriviation of the integrated rate law form of Equation (15) 

is given in Appendix I. The integrated rate law is: 
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Figure 3. Second Order Plot of Data for Basic Hydrolysis of TMS in 0. 700 Molé Fraction 
DMSO at 25.1° C. 
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(16) [(agi 

k1 +k2(b-2x)\j 

- kl 
k2 - t loge k1 + bk2 ] 

b - 2a 

The symbols a, b, and x have the same meaning as in Equation (14). 

Experimentally, the first order rate constant k1 is obtained 

from first order plots of the hydrolysis of TMS in the absence of 

excess hydroxide ion. Because of the presence of two competing 

reaction paths in the basic hydrolysis of TMS, the second order rate 

constant k2 cannot be obtained from the conventional second order 

rate law Expression (14) but must be obtained from the new inte- 

grated rate law, Equation (16) . 

Because k2 appears on both sides of Equation (16) an iteration 

procedure must be used to obtain the best fit for k2, i.e. to remove 

the first order character from k2. A computer program was set 

up to do this. The computer input data consisted of values of a, b, 

x, at corresponding time t, and k1 
1 for the appropriate mole frac- 

tion solvent. A value of k2 was first calculated according to Equa- 

tion (14). This was used as a first approximation to k2. Using this 

value of k2 and the other input data (a, b, x, t, k1) the right hand side 

'Values of kl for 0.311, 0.325, 0.511, and 0.525 mole frac- 
tion DMSO were obtained by interpolation over a short range of the 
k1- mole fraction plot (Figure 4). Independent tests of the computer 
iteration process showed it to be rather insensitive to the value of k1 
used, 

1 

l 
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of Equation (16) was solved for a new approximation to k2. This 

in turn was substituted in the right hand side of Equation (16) to 

solve for another approximation to k2. This procedure was con- 

tinued until a termination criterion declared that successive k2 

values were identical to a sufficient degree of precision. The cri- 

terion for termination of the successive approximation was the follow- 

ing: 

100(k 2it(n) 
- k2it(n+l (17) < 2.5 X 10-9 ) 

2 

k2 
pure 

where k2 and k2 are successive k2 values calculated from 
it(n) 2it(n +1) 

Equation (16) and k2 is the k2 calculated from Equation (14). 
pure 

In every kinetic run eight to ten x, t pairs were used to calcu- 

late a corresponding eight to ten k2 values. Three averages were 

calculated for each kinetic run. The second average was the aver- 

age of all k2 values remaining after rejecting all k2 values differ- 

ing either by being approximately less than half as large or greater 

than twice as large as the first average. The third average, the re- 

ported value, was obtained from those k2 values remaining after 

rejecting all k2 values differing from the second average by greater 

than 10 %. The validity of the computer iteration treatment was 

checked both by doing the same iteration by hand and by doing a 

graphical iteration of another form of Equation (16). All three 
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methods agreed within one to two percent. All k2 values reported 

have been treated by the above computer iteration procedure. 

The following results confirm the first order dependence on 

hydroxide and on TMS and thus second order overall dependence 

given by Rate Law (15) for the basic hydrolysis of TMS. In Table 7 

the effect of varying the TMS concentration can be seen. Within a 

10% experimental error a five fold variation in TMS concentration 

produced no change in the second order rate constant. Hence, a 

first order dependence upon TMS concentration was established. 

In the same table the effect of varying hydroxide ion concentration 

is tabulated. Within experimental error an increase of hydroxide 

ion of greater than three fold produced no significant change in the 

second order rate constant. Hence, a first order dependence upon 

hydroxide ion concentration was established for the basic hydrolysis 

of TMS. 

The relative importance of the first order reaction path in the 

basic hydrolysis of TMS is shown by the following analysis. The 

decrease in the second order rate constants from their graphical 

values calculated using Equation (14) to their iterated values calcu- 

lated using Equation (16) was a measure of the importance of the first 

order process. The percentage decrease based on the iterated k2 

values gave an average of 9.4 %. This represents a significant first 

order contribution. 
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The relative importance of the two reaction paths can be seen 

in the following analysis. One can compare the first order and second 

order rate constants either by converting both to first order or both 

to second order. The second order rate constants were converted 

to pseudo first order rate constants by k1 r = k2[ OH -] . The rela- 

tive importance of the two reaction paths was then found at different 

solvent compositions by the following calculation. 

(18) % Basic Hydrolysis Rxn. k 
1 

by Second Order Path X 100 
k 

1 
+ k 

1 

These calculations were made at two different times, time t = 0 and 

at time t = ti for TMS. 
z 

At time t = 0 for all solvent combinations the percent of the 

basic hydrolysis reaction going by the second order path was in the 

range 96 - 100%. After the first half life of TMS the percent of the 

reaction going by the second order path had decreased to the range 

94 - 100%. It is evident that the second order reaction path is strongly 

dominant. From the calculations made when the TMS concentration 

was a /2, it is apparent that the first order reaction path becomes 

more important as time passes. This agrees with the graph in Fig- 

ure 2. 

In summary, the confirmation of Rate Law (15) is divided into 

two portions. First, that there are two terms in the rate law and 
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second, that the two terms possess the correct kinetic orders. The 

first was demonstrated by the curvature of first order plots and by 

the lowering of second order rate constants upon computer iteration. 

The second was demonstrated by the independent variations of TMS 

and hydroxide ion concentrations. 

Effect of Various Nucleophiles 

Different nucleophiles were tried in studying the hydrolysis of 

TMS in order to determine whether the hydrolysis of TMS might be 

subject to catalysis. The results of these studies are given in Table 

2. Dimethyl sulfide, triphenyl phosphine, and bromide ion are ex- 

amples of highly polarizable nucleophiles, commonly called soft 

bases, Chloride ion, fluoride ion, triethylamine, trimethylamine, 

acetate ion, and sulfate ion are examples of hard bases. The exper- 

imental error encountered in these measurements was as high as 

10% and hence any variations from the first order rate constants 

within 10% were not considered significant accelerations. 

Dimethyl sulfide which is the primary decomposition product 

of DMSO, triphenyl phosphine which was the most polarizable nucle- 

ophile studied, and bromide ion which was the most polarizable 

halide ion studied, within experimental error produced no acceler- 

ating effects on the rate of TMS hydrolysis. Because of this it was 

concluded that the hydrolysis of TMS is not subject to acceleration 
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by polarizable nucleophiles. Chloride ion also did not accelerate the 

hydrolysis of TMS. 

Table 2. Effect of Various Nucleophiles on the Hydrolysis of TMS 
at µ = 0. 15 and 25.1 ° C. 

Mole Fraction 
DMSO 

Nucleo. 102 [nucleo.] , M 102 [TMS ] , M 105 k1, sec. -1 

0.700 2.00 11.4 

0.700 ( CH3) 2S 5.00 5.00 12.4 

0.700 (C6H5)3P 2.00 2. 00 11.6 

0.700 KBr 10.0 10.0 11.3 

0.700 (C2H5)4NC1 30.0 30.0 10. 8 

0. 500 2. 00 4. 0 

0.500 KF 3.00 3.00 3.3 

0. 500 [ ( C2H5)4N] 2504 4. 00 4. 00 4. 2 

0. 700 ( CH3) 3N 1. 90 2.00 11.3 

0. 700 ( CH3) 3N 2. 00 2. 00 11.9 

0.700 (CH3)3N 3.81 2.00 10. 7 

0.700 (C2H5)3N 7.50 5.00 14.0 

,, 0. 700 KC2H3O2a' b 0.00 10.0 10.7 

0, 700 KC2H302a 5. 00 10. 0 12.2 

0.700 KC2H3O2a 10.0 10.0 15.6 

a 4K+]= 0. 15, by addition of KC 104 

b - Shows effect of potassium ion. 
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All TMS hydrolysis studies employing potassium ion as a 

counter ion to a nucleophile, for example KBr, KF, KC2H302, 

produced increasing amounts of white precipitates as the hydrolysis 

reactions proceeded. It was concluded and verified by solubility 

checks that this was either potassium bisulfate or potassium sulfate 

precipitating. In the first of the three acetate experiments in Table 

2 the precipitation effect of potassium ion is shown to have negligible 

effect upon the reaction rate. 

Fluoride ion produced a decrease in the rate of TMS hydroly- 

sis. Lauder (51) observed the same effect in his aqueous TMS 

hydrolysis study. He concluded that an intermediate fluorosulfonate 

ion formed and that this fluorosulfonate ion should have greater 

stability with respect to attack by water than TMS. His results 

and interpretation were confirmed by this study. For a detailed 

discussion of the hydrolysis of fluorosulfonate ion see pages 57-62. 

Neither added trimethylamine nor sulfate ion significantly 

accelerated the hydrolysis of TMS. In that both of these compounds 

are formed by the hydrolysis of TMS, any significant acceleration 

by either of them would have necessitated a study of autocatalysis. 

Lauder (51) has shown that triethylamine- sulfur trioxide 

hydrolyzes in the absence of added hydroxide ion more rapidly than 

TMS. His thermodynamic measurements have shown TMS to have 

a comparable ASH* but a much more negative A S *. He states that 
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triethylamine- sulfur trioxide is less stable to hydrolysis because of 

the steric crowding of the ethyl groups. In this study triethylamine 

produced a 23% acceleration of the hydrolysis of TMS. This is well 

outside experimental error. If triethylamine were to undergo rapid 

exchange with TMS forming triethylamine- sulfur trioxide, then the 

acceleration noted would be due to the fact that the combination of 

the two step triethylamine- sulfur trioxide hydrolysis and TMS 

hydrolysis is more rapid than the TMS hydrolysis by itself. 

Acetate ion produced an even greater acceleration than did 

triethylamine. Increasing the acetate concentration produced an 

increase in the rate of TMS hydrolysis. Acetate ion could be acting 

in either of two roles: either as a base which is leveled by water to 

give hydroxide ion which in turn reacts with TMS or as a basic nu- 

cleophile which itself attacks TMS. To decide which of these two 

the acetate does, one must study the hydrolysis of TMS in acetic 

acid -acetate ion buffer systems in which the acetate ion concentra- 

tion can be varied while keeping the hydroxide ion concentration con- 

stant. However, by keeping the hydroxide ion concentration, constant, 

one eliminates the method that has been used to follow the hydrolysis 

of TMS, i. e. titration of the acid produced. Another complication 

consisted of a lack of acid dissociation constants for acetic acid and 

bisulfate ion in different mole fractions DMSO. This produced an 

uncertainty in the relative basicity of acetate and sulfate ions. For 
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these reasons the effect of acetate ion was not studied further. 

A spectrophotometric study was made of the effect of thio- 

phenoxide, a strongly polarizable nucleophile, upon the hydrolysis 

of TMS in 50 wt. % methanol. 

(19) C6H5S + O3SN(CH3)3 C6H5S-SO3 + N(CH3)3 

Conversion of thiophenoxide to the anion of the phenyl Bunte salt 

involves a decrease in absorbance at 260 mµ.2 The concentration 

of thiophenoxide was followed by its absorption at this wavelength. 

The thiophenoxide ion was maintained in the anion form by the use 

of a carbonate buffer. Initial reactant concentrations were: 

[ C6H5S ]o = 0. 60 X 10-4 M. , [ TMS] = 0. 0103 M. , and [ C032-] 

[ HCO3 ] = 0.0118 M. There was no change in absorption in 2600 

seconds. Hence, it was concluded that thiophenoxide does not react 

with TMS. 

In conclusion, the only cases of rate acceleration observed 

were those due to acetate ion and triethylamine. These are discussed 

further on pages 80- 82. 

2Ritter, Dale. Staff. Oregon State University, Dept. of 
Chemistry. Personal communication. Corvallis, Oregon. August 
21, 1967. 

= 
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Specific Cation Effect 

In Table 4 the effect of sodium ion and barium ion on the basic 

hydrolysis of TMS is given. In both cases the metal ions accelerate 

the hydrolysis of TMS with the amount of acceleration increasing 

with increasing concentration of the metal ions. 

Solvent Effect 

Table 5 relates weight percent DMSO, mole fraction DMSO and 

molarity of water. It also lists dielectric constants for these differ- 

ent compositions. Table 1 gives a summary of the first order rate 

constants for the hydrolysis of TMS in different solvents. Table 7 

gives the second order rate constants resulting from studies of 

basic hydrolysis of TMS in 0. 000, 0.311, 0. 511, 0. 700, and 0. 800 

mole fractions DMSO. Figure 4 shows the variation of first order 

rate constants with mole fraction DMSO. Figure 5 shows the varia- 

tion of second order rate constants with mole Fraction DMSO. It is 

evident that in neither case is there a linear relationship between 

rate constant and mole fraction DMSO. The precision as reflected 

in the standard deviation is worst in the cases of basic hydrolysis 

studies done in 0. 700 and 0. 800 mole fraction DMSO. This was 

caused by the fact that experimental error was maximized by the 

high rates of reaction in these solvents. Errors that were maxi- 

mized include sampling errors, temperature errors, and mixing 

errors. 
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Table 3. Dependence of k2 on Ionic Strength at 0.511 Mole 
Fraction DMSO and 25.1 ° C. 

102 TMS, M 102 [OH 
- 

], M 102p. 102 k2, M-1 sec. -1 

2.01 5. 00 5.00 2. 1 

2.00 5. 00 15.0 2. 0 

2.00 5.00 29. 0 2. 0 

Table 4. Effect of Various Species on the Second Order Hydrolysis 
of TMSatp. 0.15 and 25.1 °C. 

Mole Fraction 
DMSO 

Added 
Species 

Added 
102 [Species], M 102 [OH ], M 102 [TMS J, M 

2 
10 k2 

-1 -1 
M sec. 

0.311 5. 00 2. 00 0,48 

0.311 Na+ 4.95 4.95 2.00 0.91 

0.311 Na+ 15.0 5.00 2.00 1.19 

0.511 5.00 2.00 2.2 

0.511 Ba(NO3)2 0.05 4.97 2.00 2.4 

0.511 Ba(NO3)2 0.30 5.00 2.00 2.6 

0.325 5.00 2.00 0.53 

0.325 (CH3)3N 2.01 4.93 2.00 0.93 

0,325 (CH3)3N 8. 79 4. 94 2. 00 1. 67 

0.325 (CH3)3N 10.0 4.93 2.00 1.52 
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The ratio of rate constants at two solvent compositions for 

k1 and k2 should give a measure of the sensitivity of the respective 

rate processes to solvent composition. In the following, letter "n" 

will be used as an abbreviation for mole fraction. In the case of 

this study, k1 (0. 8 n DMSO /k1 (0. 0 n DMSO) = 556 whereas k2 

(0. 8 n DMSO) /k2 (0.0 n DMSO) = 83.4. However, in the case of 

the more limited solvent range of 0.3 - 0. 8 n DMSO: k1 (0. 8 n 

DMSO) /k1 (0.3 n DMSO) = 22 and k2 (0. 8 n DMSO) /k2 (0. 3 n DMSO) 

= 35. Evidently the second order process is more sensitive to 

solvent composition except for the effect of the aqueous hydrolysis 

where the first order hydrolysis reacts unusually slowly. 

A comparison of the solvent effect upon the first order hydroly- 

sis of TMS in aqueous DMSO with that observed in aqueous acetone 

(51) is given in Table 6. The first order process was approximately 

16 times more sensitive to the solvent composition in the aqueous - 

DMSO studies than it was in the aqueous acetone solvent studies. 

This was determined by calculating pseudo second order rate con- 

stants at k2 = k1 /[ H2O] , calculating ratios of pseudo second order 

rate constants at comparable solvent compositions, and comparing 

these ratios. One obtains for aqueous -DMSO k (0.200 n) /k2 (H2O) 

9, 100 and for aqueous- acetone k (0.153 n) (H2O) = 560. 

A close examination of Table 6 will reveal that the first order 

rate constants have gone to a maximum between 0. 10 and 0. 60 mole 

= 
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Table 5. Solvent Composition Data 

Mole Fraction 
DMSO 

% Wt. 
DMSO 

[ H20] , M Ea 

0. 000 
0. 300 
0. 500 
0. 700 
0. 800 

0. 00 
65. 01 
81.26 
91.01 
94.55 

55.6 
21.2 
11.4 
5.5 
3.3 

78. 3 

71.6 
64.0 
56. 7 

53.4 

a - ref. (1 13) 

Table 6. Correlations of First Order Rate Constants and Mole 
Fraction Water 

DMSO (H20) Acetone (H20) 

Mole Fraction 
k x 106 

Mole Fraction 
k 106 

1 water 1 water 1 

-1 
sec. sec. -1 

1.000 0.29 

0. 850 0. 96 

0.700 7.2 

0.500 40. 

0.300 114 

0.200 162 

0. 0500 

0. 0200 

240 

240 
+ 

1.000 0.183 

0.376 5.0 

0. 153 

0. 085 

0. 051 

4. 3 

2. 3 

1.4 
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Table 7. Kinetic Data for Second Order Hydrolysis of TMS at 
µ = 0.15 and 25.1 °C. 

Mole Fraction 
DMSO 

102 [TMs], M 102 [OH J, M 102k 
2 

-1 -1 
M sec. 

average 102 k2 

-1 -1 
M sec. 

(Std. Deviation) 

0.000 1.00 5.00 0.187 
0.000 1.00 5, 00 0. 22 0.20 
0,000 1,00 5.00 0. 184 
0. 000 1.00 5. 00 0,200 (0.00020) 
0.000 1.00 5.00 0. 23 

0.311 2.00 5.00 0.43 
0.311 2. 00 5. 00 0.46 0.48 
0.311 2.00 5. 00 0. 52 
0.311 2. 00 5. 00 0. 50 (O. 00030) 
0.311 2. 00 4. 96 0.48 
0,311 2. 00 10.0 0.48 

0,511 1.00 5.00 1..90 
0.511 2. 00 5. 00 2. 0 

0.511 5, 00 4. 69 2,0 
2. 2 

0.511 2. 00 3.00 2.4 
0.511 2. 00 5.04 2.4 
0,511 2,00 10.0 2.2 

(0,0019) 
0.511 2.00 5.00 2,3 
0,511 2. 01 5. 00 2. 1 

0.511 2, 00 5.00 2. 1 

0.511 5. 00 5. 00 2.5 

0. 700 1.00 3. 00 8. 1 

0. 700 2. 00 5. 00 9. 0 8. 7 

0. 700 2. 00 5.00 9. 5 

0. 700 2.00 4.91 8, 4 (0.0058) 
0.700 2. on 4.91 8. 4 

0.800 1,50 4.00 18.9 
0, 800 3,43 4.00 15.1 1 7. 0 



52 

fraction acetone composition and then are decreasing as pure ace- 

tone is approached. In the aqueous -DMSO studies, the solvent was 

taken to 0. 98 mole fraction DMSO and no apparent maximum in k1 

was obtained. 

Ionic Strength Effect 

Table 3 gives the effect upon k2 of varying the ionic strength 

p while keeping all other reaction parameters constant. There is 

no significant variation in the second order rate constant during an 

approximate six fold variation in ionic strength. The absence of any 

appreciable variation of rate constant upon varying the ionic strength 

is what is expected from the reaction of a negative ion, hydroxide 

ion, with a neutral molecule, TMS. 

Temperature Effect 

Tables 8 and 9 give, respectively, the effect of variation of 

temperature upon the first order rate constants k1 and the second 

order rate constants k2 for reactions run at 0. 5 mole fraction 

DMSO, µ = 0.15, and [ TMS] 
0 

= 0. 0200. 

Table 10 gives the enthalpy (A H$) and entropy (A S$) of activa- 

tion calculated making use of this temperature variation data and the 

following equations. 
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Table 8. Temperature Dependence of the First Order Hydrolysis of TMS in 0.500 Mole Fraction 
DMSOa 

Temp. °C. 10 k1, sec. -i 

0.0 
25. 1 

34.6 

0. 155 

4. 0 

13.5 

a - [TMS } o= O. 0200, p, = 0. 150 

Table 9. Temperature Dependence of the Second Order Hydrolysis of TMS in 0.525 Mole 
Fraction DMSOa 

Temp. °C. 102 
-1 

sec.-1 

0.0 
12.1 
25. 1 

29. 7 

34. 6 

0.134 
0.57 
2. 3 

3. 0 

4. 7 

a - [TMS o = O. 0200, [ OH o = O. 0500, N= 0. 150 

Table 10. Calculated Enthalpies and Entropies of Activation for the Hydrolysis of TMS 

Type 
Reaction 

Mole Fraction 
DMSO (kcal /mole) (E. U. ) 

Ref. 

First Order 
Hydrolysis 0. 000 23 -22 (23) 

First Order 
Hydrolysis 0. 000 24 -19. 2 (51) 

First Order 
Hydrolysis 0.500 21. 1 ± 0.5 - 8 ±1. 4 a 

Second Order 
Hydrolysis 0.000 17.7 -11 (23) 

Second Order 
Hydrolysis 0.525 16.6 ±1. 1 -11 ± 3. 5 a 

a - this study 

LH* C S$ 

k M 
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According to Transition State Theory (54), 

AS$/R -AH$/RT 
(20) kr (kT/h)e e 

which upon dividing by T and taking the logarithm of both sides gives 

(21) ln(kr/T) = ln(k/h) + AS$/R - AH /RT 

where k r is the rate constant, k is the Boltzmann constant, h is 

Planck's constant, and R is the gas constant. The plot of the loga- 

rithm of the rate constant divided by the absolute temperature versus 

the reciprocal of the absolute temperature should yield an approxi- 

mate straight line, whose slope is -AH$ /2.303R. One can calculate 

the value for entropy of activation (A S +) by substituting into Equation 

(21). 

In order to get a 'best' fit line for the experimental data in 

the log (k /T) vs. 1/T plots a computer least squares program was 
r 

employed. The lines predicted by the computer calculations as 

well as the experimental points are plotted in Figures 6 and 7. 

Table 10 lists both the activation parameters derived in this 

study and those obtained by Ryss (23) and Lauder (51). It was found 

that the acceleration due to the solvent was shown by a decrease in 

AHt, comparing AH$ aqueous with AHt aqueous -DMSO. In con- 

firmation of the higher k(0. 8 n DMSO) /k(0. O n DMSO), i. e. solvent 

acceleration, found for the first order TMS hydrolysis path on 
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page 49 , a more positive A S$ is shown for the first order hydrolysis 

than for the second order hydrolysis. 

Hydrolysis of Fluorosulfonate Ion 

Introduction 

The depression in rate constant observed in the hydrolysis of 

TMS in the presence of fluoride ion (see Table 2) resembled that ob- 

tained by Lauder (51). In his study of the hydrolysis of triethylamine- 

sulfur trioxide in water at 95°C., addition of fluoride ion reduced 

the rate constant to about one - seventh of that obtained in the absence 

of fluoride under the same conditions. He suggested that the fluoro- 

sulfonate ion is formed rapidly and that this ion then undergoes slow 

hydrolysis as follows: 

(22) (C2H5)3NSO3 + F ' (C2H5)3N + FSO3 fast 

(23) FSO3 + H20 H2SO4 + F slow 

It was stated on page 42 of this thesis that this is what was believed 

to happen in the case of the fluoride ion retardation of TMS hydroly- 

sis. 

Ryss and coworkers (40, 56) studied the hydrolysis of fluoro- 

sulfonate ion in the temperature ranges of 60-80°C. They found a 

parallel rate law to that which has been projected for the hydrolysis 



of TMS in this thesis: 

d[ FSO3 

(24) dt = kl[ FSO3 ] + k2[ FSO3 ] [ OH ] 

for which they obtained 

(25) log k1 = 8.467 - 4022. 0/T 

(26) log k2 = 10. 384 - 4339. 7/T 

and 
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The similarity of the rate laws obtained, the potential suscepta- 

bility of fluorosulfonate ion to hydroxide attack and hence to solvent 

acceleration, and the fact that fluorosulfonate ion studies would be 

a logical extension of the fluoride -TMS study already made led to 

the following study of the hydrolysis of fluorosulfonate ion. 

Preliminary Studies 

Commercial grade potassium fluorosulfonate was obtained from 

K & K Laboratories Inc. The brown solid compound, O. 1 M solutions 

of which had a pH of about 2. 0, constantly emitted a choking gas be- 

lieved to be SO3. For this reason the compound was kept tightly 

sealed with plastic tape when not in use. 

Solubility tests in 0.50 mole fraction DMSO made on potassium 

fluorosulfonate gave a peculiar behavior. In every test most of the 

compound that was to dissolve, dissolved immediately leaving a 

] 



59 

residue which did not appreciably dissolve during an extended time 

of stirring. It was hypothesized that the potassium fluorosulfonate 

was dissolving but that an impurity, likely potassium sulfate, was 

not. It was decided to perform preliminary kinetic tests with the 

impure compound. If significant hydrolysis were found, a method 

of purification would have been sought. 

The kinetic procedure employed was that used for the first 

order hydrolysis of TMS with the following modifications. Because 

of the above solubility problems, the reaction mixture was mag- 

netically stirred between samples taken. This required using a 

large recrystallizing dish filled with water at the desired kinetic 

run temperature rather than the constant temperature bath used 

in the TMS studies. All kinetic runs were at room temperature, 

27-28° C. , unless otherwise noted. Preliminary titrations were 

done using phenolphthalein indicator rather than a potentiometric 

method. 

Preliminary kinetic studies of the hydrolysis of potassium flu - 

orosulfonate included the following: A) hydrolysis in the presence of 

excess base in 0.500 mole fraction DMSO, B) hydrolysis in the ab- 

sence of excess base in O. 800 mole fraction DMSO, C) hydrolysis 

in the presence of excess perchloric acid in O. 500 mole fraction 

DMSO, and D) hydrolysis at 62° C. in the presence of excess base 

in water. 
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Typical results showed two percent or less reaction in 4,000- 

5, 000 seconds reaction time. No significant acceleration was found 

by the presence of excess acid or base, by the use of higher mole 

fraction DMSO, or by the use of elevated temperature (run D). 

Using Equations (25) and (26) the first and second order rate 

constants were calculated at 62° C. These were used with Rate Law 

(24) to solve for the percentage completion of the reaction at 1100 

seconds. Initial concentrations assumed were [ KFSO310 = 0. 0300 

and [ OH-] 
o 

= 0. 100. The resulting prediction was 44% complete. 

Run D for which reaction conditions were nearly identical was three 

percent complete at 1100 seconds. This inferred that either potassi- 

um fluorosulfonate composed only a few percent of the commercial 

sample or that the fluorosulfonate reaction does not proceed as rap- 

idly as Ryss had reported. 

Potassium Fluorosulfonate Analysis 

An approximation to the percentage potassium fluorosulfonate 

in the commercial potassium fluorosulfonate sample was obtained by 

the gravimetric method based on the precipitation of nitron fluoro- 

sulfonate. 

(27) C20H15N4H+ C2H3O2 + K(FSO3) .___C20H16N4H+FS03_ 

+ KC2H3O2 
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Prior to the fluorosulfonate determination, qualitative tests 

were preformed which confirmed that none of the likely decomposi- 

tion products of fluorosulfonate, such as fluoride ion, sulfate ion, 

and bisulfate ion, would precipitate with nitron acetate. 

The determination was in essence performed as follows: a 3. 2 

mmole sample of nitron was dissolved in an excess of 1 N acetic acid. 

The nitron acetate was added drop wise to a concentrated solution of 

2.4 mmoles of potassium fluorosulfonate. The precipitate that 

formed was filtered into a sintered glass crucible, washed with cold 

water, dryed in an oven at 105° C. , cooled in a vacuum desiccator 

over phosphorous pentoxide, and weighed. 

The results of the analysis showed the potassium fluorosulfon- 

ate sample to be 70% pure. The detailed procedure for analyzing 

with nitron was that given for nitrate ion by Cope (9). The U. S. 

Bureau of Mines in Albany, Oregon is to be thanked for providing 

the nitron used in this study. 

Conclusions 

The fact that the commercial sample contained 70% potassium 

fluorosulfonate proves that sufficient fluorosulfonate should have 

been present in the studies made for an accurate assessment of 

whether significant hydrolysis of fluorosulfonate was occurring. 

Therefore, though there was some solubility uncertainty and some 
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approximation in experimental technique, it is believed that signifi- 

cant acid, base, or DMSO solvent acceleration of the hydrolysis 

of fluorosulfonate ion have been proven unlikely. 
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DISCUSSION 

Mechanism 

The experimental rate law derived on page 23 is: 

d[ (CH3)3NSO3] _ 

(28) - dt = kl[ (CH3)3NSO3] + k2[ (CH3)3NSO3] [ OH] 

The first term probably involves the interaction of water and TMS, 

and the second term probably involves the interaction of hydroxide 

ion and TMS. Two nucleophilic displacement mechanisms can be 

postulated for the pseudo first order hydrolysis of TMS. These 

differ in the location of the proton in the transition state. 

Mechanism A 

(29) (CH3)3NSO3 + H2O 

Mechanism B 

(30) (CH3)3NSO3 + H2O 

(31) H26SO3 + H2O 

(32) (CH3)3N + H3O 

k1 
(CH3)3NH+ + HSO4- 

RDS 

k 
1 

RDS 

Fast 

Fast 

(CH3)3N + H26SO3- 

HSO4 + H3O+ 

(CH3)3NH 
+ 

+ H20 

(33) (CH3)3N + H26SO3 Fast (CH3)3NH + HSO4 

_ 

+ 

- 
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These two mechanisms cannot be differentiated kinetically. A second 

order hydrolysis mechanism is 

(34) (CH3)3NSO -d- OH 

(35) HSO4 + OH 

k2 

RDS C113 a 3N + HS O4 

Fast 
2- 

SC>4 + 

A first order hydrolysis mechanism dominates in the absence 

of added hydroxide ion (see page 29) and a second order hydrolysis 

mechanism dominates in the presence of added hydroxide ion (see 

pages 38 -39 ). 

Direct Nucleophilic Attack 

As implied by the equations in the prior section, the direct 

attack of water on TMS in the first order hydrolysis of TMS and the 

direct attack of hydroxide ion in the second order hydrolysis are 

considered to be among the most probable mechanisms for the 

hydrolysis of TMS. No kinetic evidence is available to tell what 

happens after the rate determining step in either reaction pathway. 

The geometries of the activated complexes for direct nucleo- 

philic attack are predicted to be for the first order hydrolysis 

H20: 

R, 
, 

:N(CH3) 
3 

H20 



and for the second order hydrolysis 

[Ho: 

Indirect Nucleophilic Attack 

:N(CH3)3 
3 
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A hydroxide ion that has diffused through the solution to the 

solvent layer surrounding the TMS molecule, initiates a hydroxide 

ion transfer through the solvent layer and then the reaction proceeds 

as given by Equations (34) and (35). Pictorially 

HO-:- N(CH3)3 
3 

The question of whether the indirect attack requires less energy 

than the direct attack (and thus would be the favored reaction mechan- 

ism) is difficult to evaluate. The breaking of a hydrogen bond in 

water requires 3 to 4 kcal, and hence would retard the indirect at- 

tack. However, some energy would be returned by the formation 

of a new hydrogen bond with the hydroxide ion. 

Compared to the direct attack the indirect attack mechanism 

is favored by a lower amount of desolvation required of the hydroxide 

> 

, 

I 

H O 

O 

O 

- 



ion. The direct attack, 

3 
SSS 

- 

5 HO: 
5 
sSs sSs 
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for the close approach of the hydroxide ion, requires the removal of 

a large portion of the solvent surrounding the hydroxide ion. In the 

indirect attack 

SS 
s 

ssss 
O, O 

S HO 
s. 

H--O : -y -- N( CH3 
) 3 

s s 

less solvent must be removed from the hydroxide ion because of the 

small size of the proton with which it reacts. 

It is believed that the lower energy requirement of the desolva- 

tion process in the indirect attack is counteracted by the energy re- 

quired by the breaking of hydrogen bonds. Because of this and be- 

cause of the greater simplicity of the direct attack, the mechanism 

involving direct attack is favored over that involving indirect attack. 

Dissociative Mechanism 

The following reaction mechanism, 

1 (36) (CH3)3NSO3 (CH3)3N + SO3 
2 

,s a 

- N(CH3)3 
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Attack by Water 

(37) SO3 + H20 4 - 
HSO4 + H 

+ 

(38) (CH3)3N + H+ - (CH3)31VTH+ 

Attack by Hydroxide Ion 

(39) S03 + OH 
3 

HSO4- 

2- (40) (CH3)3N + HSO4 + OH SO4 + (CH3)3N + H20 

where steps 2, 3, and 4 are competitive, is considered a possible 

reaction mechanism for the hydrolysis of TMS. As shown in Appen- 

dix II it leads to the experimental rate law: 

d[ (CH3)3NSO3] 
(41) - - kl [ (CH3)3NSO3] + k [ (CH3)3NSO3] [OH ] 

Sulfur trioxide is assumed to reach a steady state concentration. In 

the absence of added hydroxide ion, Reactions (37) and (38) dominate. 

In the presence of added hydroxide ion Reactions (39) and (40) dom- 

inate. The pseudo rate constants in the above rate law are: 

(42) k = k1k4[ 
H20] 

1 k2[ (CH3)3N] + k3[ 011-] + k4[ H20] 

------ 

dt 



(43) k2 = 
klk3 

k2[ (CH3)3N] + k3[ OH-] k4[ H20] 
2 
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In the absence of added hydroxide ion, Rate Law (41) reduces to 

(44) - 

d[ (CH3)3NS03] klk4[ (CH3)3NSO3[ ] H20] 

dt 
k2[ (CH3(3N1 + k3[ OH ] + k4[ H20] 

Since the solvent species H2O is present in large excess, let k5 = 

k1k4[ H2O] . The absence of added hydroxide ion makes k3[ OH.] a 

negligible quantity and allows it to be dropped from consideration. 

Equation (44) becomes 

(45) 
d[ (CH3)3NS03] 

dt 

k 
5{ 

(CH3)3NSO3] 

k2[ (CH3)3N] + k4[ H20] 

This equation predicts that addition of trimethylamine should decrease 

the hydrolysis rate of TMS. However, as observed in Table 2, addi- 

tion of trimethylamine does not affect the hydrolysis rate of TMS. 

This implies that either the dissociative mechanism proposed for 

TMS hydrolysis in the absence of added hydroxide is incorrect or 

that k4[ H2O] is very much larger than k2[ (CH3)3N] . Since this 

latter possibility is not determinable by kinetic means the validity 

of this reaction mechanism will remain in question. 

In the presence of added hydroxide ion, Rate Law (41) becomes 

= 



(46) rate = 
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kl k4[ H20] [ ( CH3)3NSO3] 

k2[ (CH3)3N] + k3[ OH ] + k4[ H20] 

+ 

klk3[ (CH3)3NSO3] [ OH-] 

k2[ (CH3)3N] + k3[ OH ] + k4[H20 ] 

where the "second order hydrolysis" dependency is given by the 

second term. Substituting k6 = klk3 into the pseudo second order 

rate constant (43) one obtains: 

k6 
(47) k2 = 

k2[ ( CH3 ) 3N] + k3[ OH ] + k4[ H20 ] 

This equation predicts that the addition of either hydroxide ion or 

trimethylamine will reduce the size of k2. In Table 7 varying the 

hydroxide ion concentration was shown not to decrease the "second 

order" rate con tant. Hence, for the suggested mechanism to be 

valid the denominator k2 and k4 terms together must be much larger 

than k3[ OH ] . In Table 4 it is shown that addition of trimethylamine 

to the basic hydrolysis of TMS, if anything, accelerates the hydroly- 

sis. It definitely does not slow the reaction. Therefore, either 

k4[ H2O] is much larger than k3[ OH-] and k2[ (CH3)3N] , or the 

proposed mechanism for the basic hydrolysis of TMS is not valid. 

If Equation (46) is divided by kJ (CH3)3NS03] the following 



is obtained. 

(48) rate k[H0] 
4 2 

kl[ (CH3)3NSO3] + k3[ OH-] + k4[H20]. 

k3[OH ] 

k2[ (CH3)3N] + k3[ OF-i ] + k4[ H20] 

On page 39 a comparison of the relative importance of the "second 

order" hydrolysis path and the "first order" hydrolysis path was 

made. The first order term was found to typically represent no 

more than 5% of the hydrolysis reaction. Since the two terms on 

the right hand side of Equation (48) have the same denominators, 

one concludes that k3[ 0H ] is larger than k4[ H2O] . Therefore, 

it has been shown that the dissociative mechanism is not a valid 

mechanism for the hydrolysis of TMS in the presence of excess 

hydroxide ion. 

Solvent Effect 

Theory 

70 

According to the transition state theory (54) an examination of 

the factors affecting the rate of an exothermic reaction can be 

divided into studies of those factors affecting the reactant state 

k2[ (CH3)3N] 
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and tho -e affecting the transition state. One attempts to identify and 

correlate these factors by the use of a reaction coordinate diagram as 

in Figure (8). The relative energy of the reactants and the transition 

state is a function of these factors affecting reaction rate. Included 

among these are the effects due to charge and steric configuration, 

solvation, and vibrational excitation, The smaller the energy differ- 

ence between the reactant state and the transition state, the faster 

the reaction will go. This particular section will be concerned with 

the effect of solvation upon the reactant and transition state energy 

levels. 

In dipolar aprotic solvents anions are poorly solvated (see 

page 7) and as such they are considerably more reactive than 

they are in their heavily solvated state in protic solvents. Because 

of their longer size and greater charge dispersion, transition states 

undergo less desolvation and correspondingly less of an energy in- 

crease on transfer from protic to aprotic solvents. This is shown 

in Figure (9). 

The solvent acceleration of the basic hydrolysis of TMS can 

now be explained. A higher destabilization (desolvation) of the 

hydroxide ion compared to the transition state occurs on changing 

from an aqueous solvent to a DMSO -water solvent (68). Because 

of this, a lower energy of activation is required for the DMSO 

solvent reaction than for the aqueous solvent. Therefore, the TMS 
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hydrolysis occurs more rapidly in DMSO -water mixtures than in 

water. 

The acceleration of the attack of water upon TMS on going to 

higher mole fraction DMSO is somewhat more difficult to explain. 

Tommila proposed the following mechanisms to account for this 

acceleration. 

low n DMSO high n DMSO 

HOH 
1 ä- ó H-Ú-H. . . . . . . . . . OSMe2 - :0 H . . . . . . . . . OSMe2 

HOH 1 
i 

Hydrogen bonding of water to DMSO stretches bond (1) of the water 

molecule inducing in it a partial separation of charge. This separa- 

tion of charge increases the nucleophilicity in the remaining hydroxyl. 

portion. In low mole fraction DMSO this charge separation and nucle- 

ophilicity is cancelled out via hydrogen bonding with two adjacent wa- 

ter molecules. At high mole fraction DMSO, all water molecules 

are singly bonded to DMSO and hence no additional water molecules 

are available to nullify the nucleophilicity so generated in the hydroxyl 

groups. Therefore, the hydroxyl groups act as effective hydroxide 

ions and one obtains a rate of reaction approaching that obtained in 

the presence of added hydroxide ions. 

At low mole fractions of DMSO the acceleration of attack by 

O 
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water is explained by a decrease in dielectric constant and thus of 

the shielding between water dipoles and TMS dipoles. However, 

Tommila's mechanism is particularly useful in explaining the con- 

tinued increase in rate of hydrolysis at high mole fraction DMSO 

when the decrease in mass action of water should be evidenced by 

a decrease in hydrolysis rate. As noted in Table 1 the rate of TMS 

hydrolysis still increased on going from 0.95 to 0.98 mole fraction 

DMSO. Because water does not hydrogen bond to acetone nearly as 

strongly as it does to DMSO, Tommila's mechanism would not apply 

to aqueous acetone studies. As shown in Table 6 Lauder did in fact 

find a decrease in rate of TMS hydrolysis at high mole fraction ace- 

tone. This he attributed to the decreasing mass action of water off- 

setting the dielectric constant effect. 

Hughes and Ingold (62) have proposed a qualitative theory of 

solvent effects. Their theory may be summarized by stating that 

the creation and concentration of charges will be inhibited and the 

destruction and diffusion of charges accelerated by a decrease in 

the ion solvating power of the medium. Increasing the proportion of 

DMSO in DMSO -water mixtures decreases the ion solvating power 

of this solvent medium. Hence, a reaction involving the destruction 

of charges (hydroxide ion) on going to a diffuse transition state 

should be accelerated. Lauder (51) used this explanation for the 

acceleration of TMS hydrolysis he obtained on increasing the 
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acetone content of an acetone -water solvent. 

Interpretation of Results 

The solvent acceleration (see page 45) obtained for the first 

order hydrolysis of TMS was kl(0. 8n) /k1(0. On) - 560 and for the 

second order hydrolysis was k2(0. 8n)/ k2(0. On) 
83. The second 

order hydrolysis solvent acceleration was much lower than the 102 

to 103 acceleration expected for the basic hydrolysis of TMS. Accel- 

erations of this magnitude have been found by Tommila (104) and 

Roberts (94) for the basic hydrolysis of esters in DMSO -water mix- 

tures. 

It is possible that the differential solvation of the ground state 

and transition state does not actually occur and that the solvent accel- 

eration observed is due to a bulk dielectric effect. The dielectric 

effect in essence would predict that with decreasing dielectric con- 

stant (increasing DMSO content) charged reactants would be less 

insulated and hence more likely to react. 

To test the importance of the dielectric effect in the solvent 

acceleration, the reciprocal of the dielectric constant was plotted 

against the log of the second order rate constant. The resulting plot 

is shown in Figure 10. The linearity of the plot indicates that the 

dielectric effect was an important part of the solvent acceleration 

obtained. 

= 



log k2 

1.2 1.3 1.4 1.5 1.6 

(1/D) X102 

1.7 1. 8 1. 9 

Figure 10. Effect of Dielectric Constant upon the Second Order Rate 
Constant 

0 

-2 
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Amis (3) has given Equation (49) based on the bulk dielectric 

model for the following ion -dipole reaction: 

(49) AZA Z 
+ Bo m* _ X ZA. 

+ Y 

where ZA is the charge on A and M*. 

Z 
A 

2 2 / 
l 1 

(50) ln k' = 2kTD r r + constant 
\ A M* 

where k' is the rate constant, k Boltzmann's constant, e the charge 

of an electron, T the temperature ° K, D the dielectric constant, 

rA the radius of reactant A, and rM-,, the radius of transition state 

1\4*. 

To further evaluate the relative importance of dielectric effect, 

as opposed to specific solvation effects, in creating the solvent ac- 

celeration observed, the radius of the activated complex was calcu- 

lated using Equation (50). If the calculated value for the radius were 

a realistic value then the importance of the dielectric effect would 

be confirmed. As a check upon the calculations made, the radius 

was calculated for the activated complex formed in the basic hydroly- 

sis in DMSO -water mixtures of ethyl isobutyrate. Roberts (94), who 

studied this reaction, assigned the entire solvent acceleration of this 

compound to the dielectric effect. The following is a summary of 

e 



the calculations made. 

Compound 
d log k2 d ln k2 

d 102/D d 1/D 
radius 
term r 

M' 

(a) 
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TMS 3.26 751 2. 68 j 1 1 -0.61 A 
rOH- rM>;< 

ethyl iso- 
butyrate 

2.5 576 2.06= 1 1 
\ 

\rOH. 
-1.0 A 

r 
M ,, f 

(a) assumes rOH_ = 0.95 A (99). 

The unrealistic radii of the respective activated complexes 

attests to the fact that the dielectric effect does not play a major 

role in the solvent acceleration of these compounds, contrary to 

what Roberts stated and to what one would predict from the near 

linearity of our log k2 versus 1/D plot. 

There are several possible reasons why there is a low solvent 

acceleration for the hydrolysis of TMS. Two of the more probable 

reasons will now be discussed. 

As was the case for the basic hydrolysis of fluorosulfonate ion, 

- 1 



HO" 

the basic hydrolysis of TMS 

HO- 

d 

F 

NMe3 
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involves the displacement of one hard base by another hard base. 

This means that the activated complex would have considerable hard 

base character and would thus be expected to be solvated very little 

by the DMSO. Possibly the activated complex was little enough 

solvated so that its concomitant energy increase, on transfer from 

water to aqueous -DMSO, was comparable to that of the hydroxide ion. 

If this were so, then the differences in activation energies (see page 

72) between water and aqueous -DMSO would be very little and there 

would be very little acceleration observed on transfer between the 

two solvents. 

The sensitivity of the TMS hydrolysis to solvent acceleration 

may be limited sterically. The direct nucleophilic displacement 

mechanism involves a planar SO3 configuration in the transition state. 

C5 

o 
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For the oxygen atoms to get into a plane, any steric hindrance with 

methyl groups on the adjacent nitrogen must be overcome. If the 

energy required to overcome this steric hindrance were large com- 

pared with the energy gained by desolvation, the TMS hydrolysis 

would be insensitive to solvent acceleration. 

Conceptually and experimentally, the bimolecular displacement 

of trimethylamine by a water molecule (direct attack) appears to be 

the most probable mechanism for the first order hydrolysis of TMS. 

The mechanism considered most probable for the second order 

hydrolysis of TMS is the direct attack mechanism given on page 64. 

The bimolecular displacement of trimethylamine by hydroxide ion 

seems experimentally and conceptually to fit most closely the studies 

made. 

Nucleophiles Other than Hydroxide Ion 

Of all the nucleophiles studied, hard and soft, the only nucleo- 

philes other than hydroxide ion that accelerated the hydrolysis of 

TMS were fluoride ion, acetate ion, and triethylamine. All three 

of these as well as hydroxide ion are hard nucleophiles. Hence, one 

can generalize that soft, polarizable nucleophiles do not attack TMS, 

whereas a few hard basic nucleophiles do. Of the three nucleophiles, 

stable intermediates have been reported for fluoride ion, FSO3 -, and 

for triethylamine, (C2H5)3NSO3, but not for acetate ion. 
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II 

The author was not able to find a reference to O3S -O -CCH3 

in the literature even though ample studies have been made of 
O O 

0 N-O -CCH3 (67), O3P -O -CCH3 (19, 79), and of acetic anhydride- 

sulfuric acid systems (80, 100). The lack of quotation in the litera- 

ture infers that this mixed anhydride of sulfuric acid and acetic acid 

is quite unstable and that if it did form in the hydrolysis of TMS, it 

is highly unlikely that acetate ion would split TMS to form this mixed 

anhydride. Hence, it is probable that the acetate accelerates the 

hydrolysis of TMS (see page 43) indirectly rather than by direct at- 

tack. This it could do by reacting with the water present to produce 

the highly reactive hydroxide ion. 

Parker (85) has described fluoride ion as being as reactive as 

hydroxide ion in dipolar aprotic solvents. This he attributes to the 

hard base character of fluorides. Of the sulfur trioxide compounds 

studied, fluorosulfonate ion is the most stable. The effect of 

fluoride ion and the hydrolysis of fluorosulfonate ion have been de- 

scribed on pages 42 , 57 -62 . 

The accelerating effect of triethylamine in the hydrolysis of 

TMS is noted in Table 2. It can be seen in the following comparison 

that triethylamine does not accelerate TMS hydrolysis by the gener- 

ation of hydroxide ions. Trimethylamine is a slightly stronger base 

than triethylamine in aqueous solutions. The relative basicities of 

the two is not expected to change significantly in DMSO solutions. 

II II 



Trimethylamine does not accelerate the hydrolysis of TMS (see 

Table 2). Thus triethylamine does not accelerate TMS hydrolysis 

by indirect hydroxide generation. It probably attacks TMS itself, 

as suggested by the following mechanism. 

(51) (C2H5)3N + (CH3)3NSO3 

(52) (C2H5)3NSO3 + H20 
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(C2H5)3NSO3 + (CH3)3N 

) (C2H5)3NH+ + HSO4 

The reaction of TMS by the above scheme as well as by the normal 

hydrolysis pathway would logically be faster than the reaction of TMS 

by simple hydrolysis only. 

Specific Cation Effect 

Table 4 gives the acceleration of the basic hydrolysis of TMS 

obtained by the addition of sodium ion and barium ion. Since barium 

hydroxide is much less soluble than sodium hydroxide in DMSO 

solutions, a study of their relative effectiveness in accelerating 

TMS hydrolysis was not performed. However, from a comparison 

of measured acceleration one observes that if barium ion could be 

increased to the sodium ion concentration it would be more effective 

than sodium ion in accelerating TMS hydrolysis. 

The starred entry in Table 2 gives the effect of potassium ion 

on the hydrolysis of TMS. Potassium ion has no accelerating effect 
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within experimental error. In his study of the iodine -formate reac- 

tion, Hiller (58) found the following order of cation- formate associ- 

ation in aqueous -DMSO mixture: K+ < Na+ < Li+ < Ba2 +. Similar 

results were obtained in this study. This infers that though TMS 

is not an ion there may be sufficient negative charge density on the 

oxygens for an interaction to occur between the oxygen atoms and a 

cation. By interacting with the negative end of TMS the metal ions 

cause the sulfur to become more positive (more electrophilic), in- 

creasing its attraction for the negative hydroxide ion and hence in- 

creasing the rate of reaction. This is summarized by the following 

equations. 

(53) (CH3)3NS03 + M+\ (CH3)3NSO3M+ 

(54) (CH ) NSO 
3 3 3M 

+ OH-- HO- S N(CH3)3 
5+ 
b 

Products 

Kinetic Activation Parameters 

Referring to Table 10 comparisons will be made of the kinetic 

activation parameters obtained by Ryss (23) in aqueous solution and 

'at 
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those obtained in this study in 0.5 mole fraction DMSO. In the 

0.525 n DMSO study the second order hydrolysis was found to have 

an enthalpy of activation 5 kcal /mole lower than that for the first 

order hydrolysis. This is a reflection of the accelerating effect of 

hydroxide ion upon the hydrolysis of TMS. Table 10 shows that a 

change from solvent water to 0.525 n DMSO produced decreases in 

enthalpy of activation of 2 kcal /mole for the first order hydrolysis 

of TMS and 1 kcal /mole for the second order hydrolysis. This de- 

crease in enthalpy of activation corresponds to the solvent accelera- 

tion discussed on page 71. 

The solvent acceleration of the second order hydrolysis does 

not show a dominance by enthalpy or entropy effects. However, the 

increase of 14 e.u. upon going from an aqueous solvent to 0.525 n 

DMSO in the first order hydrolysis case, shows a definite entropy 

dominance d the accompanying solvent acceleration. 

The possibility that the first order entropy effect referred to 

above might be due to a bulk solvent entropy difference, can be 

eliminated because of the absence of such a marked change in 

entropy of activation for the second order hydrolysis upon making 

the same solvent change. The usual bimolecular reaction in aque- 

ous solution involves an activation entropy change of -20 e.u. (110). 

The aqueous first order hydrolysis matches this figure. However, 

the much more positive value obtained in 0. 500 n DMSO further 
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indicates a very favorable configurational change. This more 

favorable 0 S$ in 0. 500 n DMSO could be interpreted as favoring 

the dissociative mechanism (page 66) for the first order hydrolysis 

of TMS. 
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CONCLUSION 

The kinetics of the hydrolysis reaction of trimethylamine- 

sulfur trioxide were studied potentiometrically in five DMSO -water 

mixtures and in water. In the absence of added hydroxide ion the 

stoichiometry is 

(CH3)3NSO3 + H2O >(CH3)3NH+ + HSO4 

In the presence of added hydroxide ion the stoichiometry is 

(CH3)3NSO3 + 2 OH- -- (CH3)3N + SO42 + H2O 

The rate law for the hydrolysis in the absence of added hydrox- 

ide ion is rate = k1[ (CH3)3NSO3] . The rate law for the hydrolysis 

in the presence of added hydroxide ion is rate = kl[ (CH3)3NSO3] + 

k2[ (CH3)3NSO3] [ OH-] . The value for the first order rate constant, 

k1, varies from less than 2.9 X 10-7 sec. 
-1 

in water to 2.4 X 10-4 

sec. -1 in 0. 980 mole fraction DMSO at 25.1° C. The value for the 

second order rate constant, k2, varies from 2. 0 X 10 -3 1. mole -1 

sec. -1 in water to 1. 70 X 10 -1 1. mole -1 sec. -1 in 0. 800 mole 

fraction DMSO at 25.1° C. Kinetic activation parameters for the 

first order hydrolysis were determined to be AH1$ = 21 * 0. 5 kcal/ 

mole and AS1$ _ -8 ± 1.4 e.u. Activation parameters for the second 
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order hydrolysis were determined to be A H2 = 16. 6 ± 1.1 kcal/ 

mole and AS24 = -11 ± 3. 5 e. u. Soft, polarizable nucleophiles such 

as triphenyl phosphine and bromide ion were found not to catalyze 

the hydrolysis of trimethylamine- sulfur trioxide. The hard, basic 

nucleophiles triethylamine and fluoride ion were found to react with 

trimethylamine- sulfur trioxide. 

The following mechanism is consistent with our results. The 

nucleophile X (water or hydroxide ion) attacks the trimethylamine- 

sulfur trioxide in a slow, rate determining step. 

X + O3SN(CH3)3 XSO 
3 

+ N(CH3)3 

This corresponds to an SN2 process with inversion occurring at the 

sulfur atom. Subsequent rapid proton transfers convert XSO3 and 

N(CH3)3 to the final products. 

The observed acceleration in solvents of low water content 

arises from the combined effect of dielectric constant of the medium 

and from specific solvation. Loss of hydrogen bond stabilization of 

the hydroxide ion leads to an increase in its reactivity at low water 

content. 
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(1) 

APPENDIX I 

Derivation of the Mixed Order Integrated Rate Law for the 
Hydrolysis of Trimethylamine- Sulfur Trioxide 

The following stoichiometries for the first order reaction 

(CH3)3NSO3 + H20 (CH3)3NH+ + HSO4- 

and for the second order reaction 

(2) 

99 

(CH3)3NSO3 + 2 OH---r(CH3)3N + SO42 + H2O 

and the following differential rate law 

d[ 
(3) 

are assumed. 

TMS] 
= kl[ TMS] + k2[ TMS] t[ OH-] 

According to the above stoichiometries one may assign [TMS] 

= a - x and [ 0141 = b - 2x where a and b are the concentrations 

of TMS and hydroxide ion respectively at time = 0, and reaction 

variable x represents the decrease in TMS concentration at time t. 

Hence, one may write 

(4) 
dx 
Tt = 

kl(a-x) + k2(a-x)(b-2x) 

t 



Multiplication of the right side of this equation, grouping of the 

terms with common powers of x, followed by cross multiplica- 

tion and integration gives 

(5) 
x 

dx ('t 
2 

= dt 
o 2 k2x 2 

(k1+2 k2a+k2b)x + (k1a+k2ab) o 

The integral in terms of x may be solved by using the following 

indefinite integral: 

(6) 
1 2cx+b- Sdx - 

X 6r:q log 2cx+b+4:71 

X = cx2 + bx + a and q = 4ac - b2 

Performing the q calculation and making the above substitutions 

one obtains 

(7) 
t 

dt 
o 

x 
1 

100 

4k2x - (k1+2k2a+k2b) - k1 - k2(b-2a) 

k1 + k2(b-2a)log4k2x - (k1+2k2a+k2b) + k1 + k2(b-2a) 

Combining terms, factoring and canceling of -2/ -2 in the log expres- 

sion and changing signs in the pre log term gives 

(8) t= 
x 

1 
log kl + k2(b -2a) log 2k2(a -x) 

k1 + k2(b-2x) 

ï J 

= 

,J 
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Evaluating the right hand side gives 

k1 + k2(b-2x) k 
1 

+ k2b 
(9) t - k1 + k2(b-2a) log 2k2(a-x) 

- 
k1 + k2(b-2a) log 2k2 a 

which on combination and cancellation of k2 produces 

(k1+k2(b-2x)\f 
1 a (10) t = k1 + k2(b -2a) log kl +k2b ax 

To obtain this equation in terms of k2 the pre log factor is cross 

multiplied, the kit subtracted from both sides, and both sides 

divided by (b -2a)t to give 

kl+k2(b-2x) a 
t log 

\ kl + k2b (a-x) - k1 

k2 1 b - 2a 
- 

1 

1 

/ 

(11) 



(1) 

APPENDIX II 

Derivation of a Differential Rate Law 
assuming a Dissociative Mechanism 

Assume the following dissociative mechanism: 

4 H20 

(CH3)3NSO3 l (CH3)3N + SO3 
2 

OH' 

From this mechanism one can write for the formation of sulfur 

trioxide: 

d[ S03] 
( 2) dt = k1[ (CH3)3NSO3] - k2[ (CH3)3N] [ S03] - 

- k4[ H2O] [ S03] 
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k3[ OH-] [S03] 

Assuming sulfur trioxide maintains a steady state concentration 

such that 

(3) 
d[ SO,] 

- 
dt 

one obtains upon rearrangement of terms: 

(4) [ S03] (k2[ (CH3)3NJ + k3[ OH-] + k4[ H20] ) = k1 [ (CH3)3NSO3] 

Ì 

3 
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and 

(5) [ SO3] = 
kl[ (CH3)3NSO3] 

k2[ (CH3)3N] + k3[ OH ] + k4[ H20] 

Assuming steps three and four of equation (1) are the rate 

determining steps, the rate law for this mechanism is: 

d[ (CH3)3NSO3] 

( 6) 
- dt 

k3[ OH [ SO3 ] + k4[ H20] [ SO3 ] 

Substituting for sulfur trioxide one obtains 

d[ (CH3)3NSO3] 
( 7) dt 

k3k1[ 0H] [ (CH3)3NSO3] 

k [ (CH3)3N] + k3[ OH-] + k4 H20-] 

+ 

k2[ (CH3)3N] + k3[ OH'] + k4[ H20] 

klk4[ H20] [ (CH3)3NSO3] 

Upon definition of the following pseudo rate constants 

(8) 

klk4[ H20] 
r kl 

k[ (CH3)3N] + k3[ OH-] + k4[ H20] 
and 

kr k3k1 
2 

k2[ ( CH3) 3N] + k3[ OH ] + k4[ 
4 

H20] 

one obtains the following differential (experimentally confirmed) 

rate law: 

- 

1 



(9) - 
d (CH3)3NSO3 

dt 
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= ki [ (CH3)3NSO3] + k[ (CH3)3NSO3] [ OW] 


