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~Abstract 

The rate of the acid-catalyzed hydrolysis of amine 

disulfonate ion, HN(S03)z , in water solution has been 

thorouc;h ly studied over the temperature range 25-45° a. 

The effect of varying the concentration of reactants, the 

effect of ionic strength (neutral salt effect), and the 

effect of temperature have been studiedo All results at 

constant ionic stren gth confirm the rate equation 

- d(1-JN(S03)2) _ 

dt 

if the equilibrium bet,~een sulfate ion and hydrogen ion is 

taken into account. The uncatalyzed hydrolysis was found 

to have an undetectable rate compared to the rate of the 

catalyzed reaction. 

1 

The variation of the rate constant with ionic strength 

implies that the charge product of the ions involved in the 

rate determining reaction is -2. 

The internal energy of activation, AE=F, was found to 

be 23.5 ± 1 Kcal., and the entropy of activation,~s*, was 

found to be-t-7.2± 1.5 e.u. for the reaction at zero 

ionic strength. 

A mechanisn involving an activated complex of amine 

disulfonate ion and hydronium ion may be invoked to explain 

these results. 
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In addition, the i onization fun ct.ion (cl assical ion­

ization constant) for the equili b r i um 

was measured in a sod ium chlorid e solution at an ionic 

strength of 1.00 at 25° C. It ~as fo und that 

(H+) (N (S03)~ 

(HN(S03 )2) 
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Introduction 

Amine disulfonate ion (imidodisulfonate ion) is known 

to hydrolyze irreversibly and quantitatively in dilute acid 

at a :neasurable rate according to the e,1uat ion 

1,2,3 
0 

l'Vag1v3r
4 

in the course of his study on the kinetics of the 

hydrolytic decomposition of the sulf1.1r-nitroe;en acids did 

one experiment on the hydrolysis of amj_ne disulfonate in 

the presence of hydrochloric acid at 42°c. On the basis 

of this meager evidence he concluded that the rate of 

hydrolysis is proportional to the product of the concen­

trations of hydro gen ion and amine disnlfonate ion, and 

is therefore autocatalytic. In his analysis of his results 

he did not take the equilibrium between sulfate and hydrosen 

ions into account. 2 Sisler and Audrieth followed the course 

of hydrolysis with time of amine trisulfonate ion (nitrilo­

sulfonate ion) to amine monosulfonate ion (sulfamat•~ion) 

at several different temp eratures~ The reaction goes by 

two steps, the first step being the hydrolytic reaction 

and the second step the slower hydrolysis of the amine di­

sulfonate ion to amine monosulfonate ion. They did not 

1 .Audrieth, Sveda, Sisler and Butler, Chemo Rev., 26, 49 (1940). 

2sisler and Audrieth, J • .Am., Chem. Soc., 60, 1947 (1938). 

3Raschie;, Ann., 241, 161 (188 7). 

4
Wagner, Zo phys .. Chem. l2, 678 (1896) o 
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attempt an analysis of the kinetics of the reactions. EovJ­

ever, their stua.y brought out some valuable information con­

cerning the relative rates of the two successive hydrolytic 

reactions. 

Because of the lack of c1uantitative data it was thou ght 

de sir ab le to investigate t horoue; hly the kinetics of this 

reactiono 

Materials 

Di stilled Wat er 

All distilled water used in the hydrolysis reaction 

mixtures, in the standard solutions, and in the stock solutions 

had been 1..: reviously boiled free of dissolved gases and stored 

in a .tz..rex siphon carboy with e. soda lime guard tube. 

Standard Base 

Solutions of sodium hydroxide were made up from an 

18 N solution of C.P. pe llet sodium hydroxide which had 

been centrifu ged clear of sodium carbonate and kept in a 

~vax-lined bottle. The o. 02 N base was kept in a ,!:'.yrex siphon 

bottle with a soda lime guard tube. The stronge r solutions, 

althou gh they we re kept in a soft glass sip hon bottle, were 

used very soon after preparation while the dilute 0.02 N :so­

lution was ke pt several months while in continuous use. 

Standard Acid 

Solutions of hydrochloric acid were made by dilution 

of C.P. acid 1Nith distilled wa.ter. The 0~02 E . a cid was 

kept in a _!:_:[rex siphon with a soda lit1e c;nard tu be . It 

was thou ght that in such dilute a cid solution atmosphe ric 

carbon dioxide would be nearly as soluble a s in wate r. 
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Sodium Chloride 

C.P. sodium chl~ride, which was used to adjust ionic 

strength, was dried four hours at 200°c. to drive off most 

of the water. There is about 0.1 per cent residual moisture 

which is not driven off b y this procedure5 • The salt was 

dissolved. in distilled watar to make a five molal stock 

solution. 

Sodium Sulfate --- -----
a.Po anhydrous sodium sulfate was ignited l½ hours at 

700-800°Co driving off any traces of water6 o A one molal 

stock so lu ti'dn was made. up and used as a source of sulfate 

ion. 

Indicators 

To follow the reaction, samples were, withdrawn from 

the reaction mixture and an alyzed for total acid b y titration 

with dilute base. rio wever, the pE at the equivalence point 

in solutions co!ltainine; appreciable quantities of amine 

disulfonate ion is low bec&use of the third acid dissociation 

of the iono One may estimate the pH at the e,1uiv9.lence 

point using the value of the ionization function at an ionic 

strength of 1.00 for disulfonate ion, 

(H+) (N (S03)~) 

(HN(S0 3 )~) 

0 

The measurement of this quantity will be described later. 

5 Sorensen, z. Anal. Che~o, 44, 149 (1905). 

6Re my and 3 ie gmund, Zo an a l. G hem. , ~.!2, 321 (1933). 
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To calculate the hydro gen ion concentr a tion the e quation 

fHit(S03)2 
fH+ x fN (303)~ 

where (I-L\J ( S03)2) was t a ken as very closely equal to the 

tot a l disulfona te concentPation wa s usad. The va lue of 

the p roduct of the ionization constant K0 , and the activity 

function, 
f 1m (so3 )2 

frt fn (so 3)~ 

wa s estimated by usi~g the equation 

A zf- r"~ 
log f1.· = -

I + r v, (1) 

which i s an app!."oximation to t he complete D13bye-Hdckel 

equa tion wit h s a lting out correction, to ca lcul ate the 

activity coefficient and u s in ~ the known value of the 

ioni zation function at an ionic st renc t h of 1.00 to 

estimate K
0

, 

K 
0 = fH+ f N(S03)~ 

fBl'J (S03)~ 

In t hese equations 

X 
(H+) (1; (S03)~) 

(Hl·J (so3 )2 )' 

t • • t f f • • t f • th • f i =- ac 1 v 1. y co e _ 1 c 1 en o 1 1. on 

}1. = De bye-Ht\c ke l coeffici ent 

~i ~ electronic char ge of i th ion 

l -:::. ionic strengt h (strict l :r ional strength, 

0 
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i.e., 1-= -~~ Lei-st where Ci is in moles p er liter.) 
~ ' 

(\-= a constant characteri s tic of the i th ion and of 

the electrolytes contributing to the ionic stren gth. In 

c alcul ating K
0 

the line~r term i n (1) was neglected in 

calcul a ting the activity coefficients. If one presurposes 

two extreme cases i:'1 order to esth:ate the range of pE 

likely to be encountered a t the equiva lence point one has: 

1. 10 ml. of a 0 .05 for ma l solution of disulfonate that is 

0.005 for ma l in h~rdrochlor.ic acid and a t an ionic stren. 2:th 

of 1.00 is titrated with 0o02 normal base to give a final 

volume of 20 ml. (i ncludi :·1g wash water). This has a cal-
lO 'fVII. \lolu.w.e ·of d 

culated pH of 5.4 a.t the equivalence point. 2. A"0.005 

formal solution of disulfonate which is 50 per cent hydro­

lyzed, initi a lly 0.005 normal in acid, and having no added 

neutral salt is titrat ed to a final volume of 20 ml. 

This has a calculated pH of 6.3 a t t he equiva lence point. 

These fi _zures suggest an indicator chan e; in0 in the neie;h­

borhood of pH 5 to 6. The indicator selected was bromcresol 

green- me t1w 1 red mixed indicato::.- with a sharp distinct end 

point a t pH 5.1. The indica tor was maa.e up accordin2: to 

the directions of Kolthoff and Sandell7 . 

7 Kolthoff and Sanr:e ll, uTe xtbook of ).uantitative Inorc anic 
Analysis", p. 429, Ma cmillan, 1937). 



Prep2,rat ion, _l\nalysi s and .f..1.cid Constant cif Potassium 

~!Qin.§ Di sulf ona te. 

f renaratiog 

8 

Potassium amine disulfonate was prepared by hydrolysis 

of potassium amine t ri sulf onate, 

- H+ 
N(S03)~ + H20 I-IN ( SO 2) 2 

This in turn was prepared by reaction of ', a large excess of 

potassiun bisulfite with potassium nitrite in hot aqueous 

solution (Sisler and Audrieth's mod if ication2 of Claus and 

Koch I s method), 

NO~ + 3HS03, 

A solution of 642 g. of C.P. potassium hydroxide pel-

lets dissolved in 1280 ml. of distilled water 1.11as saturated 

with sulfur dioxide. This solution ~as divided into three 

portions, put into three four-liter beakers, a.rid heated to 

about 60-70°c. One third of a solution of 214 g . of C.F. 

potassium nitrite in 855 ml. of distilled water wa s added 

slowly with vi gorous stirring to eac h of the beakers. The 

mixture became boiling hot and crystals began to form a lmost 

imm ediately. The mixture was a llowed to stand an hour and 

then distilled water was added to bring th~ volume in each 

beaker to 4 liters. The mi xture wa s t hen hea ted to near 

boilin g to bring the potas s ium amine trisulfonate into 

solution. Durin c; the course of the form ation and redi s solving 

of the salt, it was found necessary to add cao 10 c; . of solid 
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potassium hydroxide pel let s to each of the beakers to keep 

the pH of t he solution e;rea t e r t han 7 and thus r ep ress 

hydrolysis. The solutions were cooled and a llo wed to stand 

until rec ryst a lli za tion seemed complete. The y ield of 

crysta l s was favored by the low so lubilit y of t his salt, 

ab out 2 g. pe r 100 g . of wate r a t 23°c. 8 The solid salt 

from each be ake.F was filtered from the mother li :1uor onto a 

sintered g l ass filter and washed several times with successiv e 

portions of 850 ml. of ice-co ld distilled v-1ater mixed with 

2 ml. of c0ncentrated ammonium hydroxide . The t h ree portions 

of the s alt we re sucked as dr y as p ossible and a ll three 

'!Jere transferred into a l a r ge c:r.~rstallizing d ish . To h~,­

drolyze the trisulfonate to the disulfonate the moist salt 

was mixed ~ith 250 ml. of 2 pe r cent sulfuric aci d to form 

a ;?asty mass and a llowed to s t and 24 hours. It was then 

filtered and washed wit h successive portions of on e liter 

of i ce-cold distilled water. The crude disu lfona te was 

dissolved by heating in ab out 4 liters of dilute ammonium 

hydroxide (1~6), and filt ered while hot th!'ot.1.rrh a preheated 

sintered g l a ss filter to remove li nt , solid s ilica , etc. 

The s olution was a llowed to cool to room temperature and then 
0 

it was c hi ll ed to 15 Co and th e crystals filtered off. The 

disulfonate i s also not very soluble, 1.6 g . of sa lt per 

100 g . of water a t 23°c! The c rystals were washed three times 

with ice-cold distilled water, and then a sufficient ad ditional 

8 Yost and Russell, 11 System2.tic Inorgan ic Chemi stry" , p . 99, 
Pre~tice Hall , 1944. 

9Yost and Russell, loc. cit., p . 100. 
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number of times to g ive a ·wash water free of sulfate ion. 

The crystals '.'Jere then washed three times with absolute 

anhydrous Co P. ethanol, three tj_mes with anhydrous C .P. 

ethyl ether, and sucked dryo The disulfonate was spread out 

in a shallow dish and placed in a vacuum desiccator over 

concentrated sulfuric acid. The desiccator was pumped on 

with a water aspirator for several hours to evaporate most 

of the ether. The sulfuric acid was then replaced by 

Drierite, and the salt vacuum desiccated to con st ant weight 

within 0.1 per cent for successive periods at 1-2 mm. Hgo 

The yield was 295.5 g. or 64 per cent of quantitative yield 

based on potassium nitrite. It is note worthy that this 

y ield is greater than that of Sisler B.nd Audrieth
2

• This 

is probably due to the greater efficiency of the larger 

scale synthesis • 

. Analysis 

The purity of potassium amine disulfonate prepared by 

the above described method was determined by a rat her com­

pl -~t e analysis of the product of a p reviously made smaller 

batch of disulfonate. The salt was analyzed for sulfur, 

nitrogen, and material not volatile on ignition with sul­

furic acid (taken as potassium sulfate). 

Potassium 

To determine potassium the procedure of Remy and 

Sie gmund6 was used. A 0.2 g . sample was weighed into a 

weighed and ignited porcelain c!'ucible and hydrolyzed to 
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potassium and ammonium sulfates by dissolving in 10 ml. of 

water and 1 ml. of concentrated sulfuric acid and slowly 

evaporating to dryness at 60-B0°c. Some of the sulfuric 

acid was driven off by heating slo 11vly to 25o 0 c. and hold­

ing at that temperature untj_ 1 fumin g ceased. In order to 

decompose the ammonium salt and drive off more sulfuric 

acid, it was then heated to a hiGh er temperB.ture until the 

sample lost enough sulfuric acid to solidify. The crucible 

was cooled, 0.1 g . of powdered C.P. ammonium carbona te was 

added, and the heat in 0 to 250°c. repeated to destroy any 

pyrosulfate which mi ght have been formed. The cooling , 

addition of ammonium carbonate, and rehea tin3 was repeated 

unt i 1 no fumes were g iven off on heating. Then the cru­

cible was i gn. i ted at 600-700°c. for one hour, cooled in a 

desiccator, and wei ghed. It was then i r;n ited to co nstant 

wei ght by s:iccessive one half hour i @1 ition periods at 

0 
600-700 C. The gain in wei ght of the crucible was taken as 

potassium sulfate. 

l[ i tro gen 

The analysis for nitro gen was done by a semi-micro 

Kjeldahl procedure according to E.C.Wagner10 using an 

apparatus of the type devised by C.E.Redemann11 . A 

0.l g. sample of the salt was di gested with sulfuric acid 

with selenium as a catalyst .. The ammonia was distilled 

fror.1 the di gestion mi xture made alkaline into boric acid 

10m ,, agner, Ind. Eng. Chem., Anal. Ed. lg, 771 (1940). 

11Redemann, Ind. Ene; . Chem., _n_nal. Ed. ll, 635 (1939). 
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solution, and titrated with v.02 normal nyctrocnioric acid 

using me ~hy ~ rea as indic ator. A culor standard was used . 

A blank was run and found to be neglieible. 

Sulfur 

The disulfonate was hydrolyz3d and oxidi z ed to sulfate 

by hot concentrated nitric e..c i d , 
+ 

H 
lJH (S03 )2 + H20 H2N (S0 0)- + HS04 

To ensure complete oxidation, some hydrochlorj_c acid was 

added to give chlorine and nitrosyl chloride which might be 

more reactive in oxidizing the amine monosulfonate. The 

excess nitric acid was destroyed by repeated evaporation to 

dryness with conc entrated hydrochloric acid for it would 

have interfered with the determination of sulfate as 

barium sulfate by coprecipit a tion. The sulfate was then 

determined by the usual barium sulfate method, specifically, 

13 accordin g to the directions of Kolthoff and Sandell • 

A 0.3 g . sample of the disulfonate was weighed into a 

400 ml. beaker covered l_vi th a watch e;lass, evaporated twice 

to dryness with a mixture of 10 ml. of concentrated nitric 

acid and 1 ml. of concentrated hydrochloric acid, and then 

evaporated twice to dryness with 10 ml. of concentrated 

hydrochloric acid on a the rmostatted hot plate. The sample 

12cupery, Ind. Ene;. Chem. 30,627 (1938). 

13Kolthoff and Sandell, loc. cit., p. 319. 
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was then dissolved by heating with 1 1:11. of concentrated 

hydrochloric acid and 25 ml. of water, and the solution v1as 

filtered on a small paper filter to take out a trace of 

silica from the glassware. The paper was ~ashed several 

times 1•Jith wa rm 1i1ater until the 1:1Jashings showed no tes_t 

for chloride ion. The filtrate was then treated by the 

usual procedure for the determination of sulfate. 

The results of the analysis are shown in Table 1. 

These results indicate a purity of somewhere between 

97.6 - 98.5 per cent. 

Table 1 

Analysis of potassium aMine disulfonete 

Potassium 1 

Nitrogen 

Sulfur 

2 

1 

2 

3 

1 

2 

Found 
~ I 

30.43 

30.38 

5.55 

5.50 

24.74 

24.75 

Cale. 
% 

30 .87 

25.31 

Dev. from theoretical 
% 

-1.4 

0.4 

-0.5 

-1.6 

-2.3 

-2. 4 

Another method of analysis was used to determine the 

extent of deterioration, if any, with time~ A weighed 

se,mpl e of the salt was dissolved in di lute base and the 

solution adjusted to the equivalence point by adding acid. 

A kno~n amount of acid was then added, and the disulfonate 
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was hydrolyzed completely by heating to 8~95°c. for an 

hour, cooled, and titrated with standard base. The hy­

drolysis of sulfamic acid if it occurs to any extent during 

the heating will not interfere appreciably, for 

.. 

The results of such analyses of the second large bat ch of 

salt done at various times are shown in Table 2. This 

Table 2 

Analysis of potassium amine disulfonate by total hydrolysis 

Time 

2/9/ 47 

4/8/47 

7/8/ 47 

Per 

I 

98.4 

99. 9 

cent 

II 

99.6 

10002 

di sulf onat e Comment 

III IV 

Salt synthesized 

Analysis not 
care fully done 

100.2 100.2 Carefully done 
analysis 

shows that there is no appreciable decomposition in three 

months if the disulfonate is kept in a vacuum desiccator 

over Drierite. The reason for the high values given by 

this method of analysis is not known. The second batch of 

salt appears to be purer than the first. 

The Acid Constant 

In the course of preliminary experiments on titrating 

acid in the presence of amine disulfonate ion it was found 

that with an indicator with a pH ran ge in the neighborhood 
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of pH = 6-7, e.g. bromthymol ·blue, an amount of base greatly 

in excess of that equivalent to the acid present was re­

quired to produce the indicator color ch2Jlge. This l'JaS 

thought to be caused by t~e partial neutralization of a 

third active hydrogen 

In support of this is the fact that salts of the formula 

K3[N(S03)zj have been prepared1 . The determination of an 

approximate acid constant for this equilibrium became .. -ad­

visable because~ 1. it would be useful in deciding what 

indicator to use to indicate the equivalence point 

2. it might be of i mportance in the initial mecha.."1ism of 

hydrolysis of the disulfonate in solutions to which no acid. 

had been added and 3. it is in itself an interesting 

datum. The value of the ionization function, 

' 
(2) 

where the parentheses indicate molar concentrations, was 

determined at an ionic strength of 1 and at 25°c. by 

measuring with a Beckman pH meter the pH of a dilute buffer 

solution made by partially neutralizing the imide hydrogen 

with sodium hydroxide and adjustin g the ionic strength to 

1.00 by addition of sodium chloride. The pH of dilute 

hydrochloric acid solutions also adjusted to an ionic 

strength of 1.00 by sodium chloride were also measured. 
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In the~ latter solutions the hydrogen ion concentration 

was t a ken e qu a l to t he stoichimetric co ncentra tion of 

hydroc h loric a,cid and the a ctivity coefficient of hydro g en 

ion ,.rva s taken to be the same as in the bu ffer solution 'S . 

On the basis of these a ssumptions the concentrations of 

hydro gen ion in the buffer solution 1r.Jere easily calculated. 

and from t h i s the valu e of t he fun ction (2). To check t h e 

metho d , the va lue of t h e ioni zation function 

( 3) 

wa s d etermin ed by the same means and comp a red with the 

values ca lculated from t he second ioni zat ior.. con st a nt of 

h h • · d14 ~ t h f th • t t · (1"1 p.,osp or1c ':l.Cl an•.,l , _e use o __ e a pp roxim a 8 e qua ion . 1 

for the a ctivity of ions, neg lecting the t e rm linea r in the 

ionic strength. 'I'hi s me thod of determinin g the va lue of 

the io n i zation function was su ggested by t he p recise method 

of Harned and Ehlers for determining ioniza tion constants 

0 f "'e aK' ac 1· d s 
15 ' 16 • T 1 d t • • T b 1 ,z, i v .18 a a are Cl ve n 1n a . e .., • 

141Ii ms , J. Am. Chem.,Soc. QQ, 1946 (1933). 

15n arned and 2hl e rs, J.Am.Chem. S o c . .§1, 1350 (1932). 

16Harned and 0 \•1en, 11 The P:i:-iysic a l Chemistry of Ll e ctrolytic 
Solutions 11 , p. 497, Reinhold, 1943. 



Table 3 

Ionization Functions at 25° c. 
Amine Disulfonate Ion: Ionic Strength, .L,00 

Ionization 
Formality Formality Molality Molali ty pH Molali ty Functi~n 

K2HN (S0 3 ) 2 NaOH HCl NaCl H X 10-

0.01123 o. 989 l.82 o. 01123 

0.001123 o. 999 2. 8 3 0.001123 

0.0200 0.0999 0.910 6 . 39 3.02 X 10-9 3.0 

.0200 .004995 o. 925 7.91 9.11 X 3.0 

.0200 .01498 0.892 8 . 82 1.12 X 3.4 

.0100 .00499 5 0.955 8 .34 3.38 X 3,4 

• 0100 • 001998 0.964 7.78 12.3 X 3.1 

• 0100 .00699 0.949 8.68 1.55 3.6 

Di hydro i:s en Phosphate Ion: l0niQ Stren,,th, 1.00 

Ioni za tion I0niz?. tion 
Function Function 

Formality Forma lity Molali ty Holali t y Uola lit y FoL~nd
7 

Cale. 
r•;a¾P04 NaOH HCl NaCl pH H X 10- X 10-7 

0.0200 0.00999 0.960 6 .20 4.67 X 10-7 4.67 6.4 

• 0100 ,004995 . 980 6.20 4.57 X 4, 67 6,4 

Ionic ~l~ngth , u, 150 

0.001123 , 149 2.98 0.001123 

.0200 0 .00999 .110 6,71 2 . 09 X 10-7 2,1 2 , 3 

• 0100 • 00499 5 .130 6.68 2,rA X 2 , 2 2 . 3 
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An average value of the ionization function for disulfonate 

-9 
is about 3.2 x 10 . The values of the function for dihy-

dro gen phosphate ion agree sat i sf act ori ly with the caJ. cu lated 

values if one t akes into consideration the approximate 

nature of the calculation. 

To confirm this estimation of the ionization functi-,on, 

and to find if the other ionization constants of a111ine di­

sulfonic acid were larg e enou gh so it might be tre ated as 

having two completely ionized hydroGens, a titration curve 

was run. A solution 0.0500 formal in disulfonate, 0.2 formal 

in hydrochloric acid, and 0.75 molal in sodium chloride (to 

give an ionic stren2;th of 1.00) ,,ms made up. A 250 ml. 

portion of t his solution was titrated rapidly at 25°c. 

with 1.0 molal sodium hydroxide imr.iediately after having been 

made up. The pH of the solution was followed during the 

titration by means of a Beckman pH meter. The duration of 

the exp8riment (40 minutes over all) was so short that no 

appreciable hydrolysis could have taken place. The result of 

this experiment is shown in Figure 1. The cross bars on the 

curve mark the calculated equivalence points from the value 

of the ionization function of the disulfonat e ion, the value 

of the ionization function of water in sodium Chloride at 

an ionic strength of loOo17 , and the acti vi t~, coefficient 

for hydrogen ion at an ionic st renGth of 1.00 and at 25°0. 

calculated by eq_uation (1). It is evident that the other 

ionization constants of amine dis 11lfonic a.cid are larger 

than about 0.5. The error in calculatinc; the hydroc;en ion 
17 

Harned and Owen, lee.cit., p. 488. 



1
4

 

12
 

1
0 

C
 

C
 

·r-
1 

.;..
> :::
, 

r--
-i 0 

8 
(/

) 

'O
 

CJ
 .. , <-C
 

s...
. 

.;..
> 

•r
l 

6 
.;..

> :...
., C
 

;J
.::

 
Q

_
 

4 2 0 

~
 

-
--

-
,_ 

~ 
~

--
1 

-
-

~
 

,_ 

/'
 

c'f
" 

... 
C

 
( ••

 
~
 

C
) 

.... 

,,I
) 

~
 
. 

_ ...
.....

 ~
 

-
--

":
. 

1
1

1
,
,
.
-
-
-
-

-
-

-
-

--
--

--
-

..,
 
-

-

C
 

1
0

 
2

0
 

3
0

 
4o

 
F
l.

 
o

f 
a

p
p

ro
x

im
a
te

l
y 

1
.0

 ~
; 

N
aO

H
 

a
d

d
e
d

. 

F
j·

'i
• 

l.
 

T
it

ra
ti

o
n

 
c
u

rv
e
 

o
f 

0
.0

5
 

m
o
la

l 
d

is
u

lf
o

n
a
te

 
in

 
0

.2
 

n
o

rm
al

 
a
c
id

 
a
t 

2
5

° 
S

. 
an

d
 a

n
 

io
n

ic
 

s
tr

e
n

g
th

 
o

f 
l.

oo
~ 

- - - - - - - So
 



19 

concentration on the assumption that these constants are 

infinite is therefore less than 10 per cent under the least 

favorable conditions to be encountered in the rate experiments. 

Rat&, Determination Procedure 

The thermostat in which the reactions V11ere run was an 

electronically controlled water thermostat capable of being 

held within 0.03°C. of the desired temperature. The 

temperature-sensi tiye element was an Aminco Metastatic 

mercury thermo regulator. 

The reaction was followed by titrating samples taken 

from the reaction mixture for total strong acid. The reaction 

mixtures 1.'Jere made up in 250 ml. c;las s-st oppered volumetric 

flasks, using stock solutions of all materials except the 

potassium amine disulfonate which was 1seighed out as the 

solid. The required quantities of stock solutions were 

measured into tbe volumetric flasks and the latter nearly 

filled to the mark with dist1.lled water. They were then 

placed in the thermostat alonr; with a reservoir bottle of 

distilled water. After temr:erature equilibrium had been 

established, the weighed portion of disulfonate was rapidly 

washed into the flask and the flask filled up very close to 

the mark with water from the reservoir bottle. The volumetric 

flask was stoppered and shaken violently for 1-2 minutes to 

dissolve the salt. (In the later experiments at higher tem­

peratures, the salt was ground in an agate mortar to speed 

up the rate of solution; thus the time of solution was cut 

down to 1/2 minute.) The flask was then reimmersed in the 

thermostat and the volume made up exactly to the mark and 
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the contents agitated thoroughly. It was then emrtied into 

500 ml. e;lass-stoppered Erlenmeyer flasks immersed in the 

thermostat. Two 10 ml. samples were tak.en and analyzed 

immediately to fix the initial hydrosen ion concentration, 

and then 10 mlo samples were taken at appropriate intervals. 

The pipettes used to take the samples had been preyiously 

calibrated under exactly the same conditions including the 

temperat 11re of the sample. In the later runs, two final 

samples were hydrolyzed completely by heat inc: to 80-90°c. 

for one hour to check on the disulfonate concentration. 

For runs at 25°c. the samples were analyzed by running 

the sample into a 125 ml. Erlenmeyer flask, adding two drops 

of bromcresol green-methyl red mixed indicator and titrating 

rap idly with 0.02 normal sodium hydroxide and 0.02 H hydro­

chloric c1cido The sar!lples which had oeen hydrolyzed com­

ple tely were titrated usin 3 bromthymol blue indicator be­

cause of the chan ge of the pH at the equivalence point due 

to the absence of disulfonate ion. Samples taken during 

rate experL1ents done at temperatures hi8her than 25°c. 

were pipetted into an excess of 0.02 normal base, and the 

excess base back titrated with 0.02 normal hydrochloric e.cid, 

usin g the same indicator. 

Results and J2iscussion 

Rate Studies at an Ionic Strength of 1.00 

To establish the mecharii sm, a series of experiments 

was done with the ionic strength kept at a constant value 
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of 1.00. This high ionic strength was chosen because it 

is in the nei ghborhood of the minimum of the activity 

18 coefficient for many electrolytes thus minimizing any 

effect of the chan g e of ionic strength durine; the reaction, 

and be cause t he concentration of neutral salt (sodium 

chloride) added to give this ionic strencth \'ms much r;reater 

than the concentration of reactants and p roducts in mo s t 

of the experiments, which also tended to minimize any 

effect due to a chan ge of ionic strength during the course 

of the reaction. 

Initial ,Bates 

To establish tentatively the rate law, the average 

initial rates over the first ten per cent of hydrolysis for 

several series of e xpe ri ments were ootained from c; raphi cally 

smoothed values of the reaction variable (amount of acid 

produced by the hydrolysis at time .1 in minutes = ~) ancl. 

t he dep endenc e of the initi a l rates on i n itial concentr ations 

of re actants determined. These i niti a l rates a re shown in 

Table 4. The dependence of i niti a l r a te on initi a l hydro­

chloric acid c oncentration at constant initial d isu lfona te 

concent ration is shown in F iture 2 for t wo initi al disul-

fon ate concentra tions. The dependen ce of initial rate on 

initi a l disulfonate concentration at constant initial hydro­

chloric acid concentration is sho 1,1m in Fi :3ure 3 for t wo 

initi a l hydrochloric ac id concentrations. 

18 
Harned and Owen, loc. cit., p. 444. 
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Ta ble 4 

The Res ults of t he Determi nation of Initi a l Rates a t 

t = 25.00°G. and r= 1.00 

Initial Concentra tions 
Run Molarity Molarity Molarity 
N o. HCl K2HN (S0 3 ) 2 NaCl 

28 

26 

23 

18 

14 

12 

27 

25 

20 

15 

1 3 

11 

24 

22 

21 

19 

17 

16 

0 .01000 

.01967 

. 05933 

.0988 

.1466 

.1973 

. 01018 

.02001 

• 0590° 

.098 4 

.1478 

.1955 

8 
. 0592. 

.05935 

8 
.0595 

.0988 

.0990 

.0978 

0.02000 

.02000 

.02000 

.02000 

. 02000 

.02000 

.0500° 

0 .0500 

.0500° 

.0500° 

. 0500° 

.050o0 

.01000 

.0300° 

• 0400 
0 

• 010 00 

0 .0300 

.0400° 

0.930 

0 920 

. 8 80 

. 840 

. 790 

.740 

. 8 40 

. 8 30 

. 790 

. 7 50 

.700 

. 650 

. 910 

.850 

. 8 20 

.870 

• 810 

.780 

Initial Rate £-i 
mo le s/1. x min. 

X lo-5 

0.21 5 

• 421 

1.19 

2.06 

2.78 

3.51 

0.60
6 

1.07 

3.2 9 

1 4.9 

7.04 

10.2 

1 
n.58 

1. 8 4 

2.32 

0.93
5 

2.78 

4.3
5 
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This sue;gests the rate equation 

(3) 

The s ma ll finite intercepts in Fie;ure 1 su ggest a 

pos si bl e s lo :v hydrolysis not catalyzed by hydrochloric a cid. 

The possibility that t his is caused by the s mall hydrogen 

ion concentration due to the dissociation of disL1.lfonate 

ion its e lf is eliminated by a si mp le calcul ation of the 

hydro gen ion c oncentra tion p r e vailing in solutions of 

disulfonate with r= 1, and at 25°C; it is much too small to 

:_sive the intercepts in Fi gure 1. The remaining p os s ibi. lity 

of a rel at ively slow reaction wi th water not cat a lyzed by 

hydro gen ion was chec ke d by attemptin g t o follo w the reac tion 

in a l ka line me d ium. A rea ction t1 i xture 0 . 05 molar in 

disulfonate and 0.005 m0la.r in sodium hydroxide with suf­

ficien t sodium c h loride to giver-::: 1.00 was a llo wed to 

stand a t 25°c. for 34,000 minutes during whic h ti me it wa s 

analyzed period ic a lly. Such a s olution is app ro xd;mately 

0.045 molar in BH (S03)2, 0.00 5 mol ar in N(S03)2, 10- 8n ormal 

in H and 10-6 normal in OH- • The observed chan ge in titer 

of t he solution corresponded to h yd rolysi s of 0. 2 per cent 

of t he disulfonate a nd t he calcul ated a verage rate is 

3 x 10- 9 moles/liter x minute. Th e hydrogen ion c atalyz ed 

rate, judg ing from t he slo p e of the line in Fie;ure 1, is 

4 x 10-12moles/liter x minute. The uncatalyzed rate cal­

cul ated i n thi s manner is p robabl y an upper li mit to the 

actua l r a te because of the i n evitab le d ecre a se in titer of 

an a lkaline solu tion on st and i ng for a long pe riod of time , 
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and the possibility of a base catalyzed reaction. From this 

up per limit it was concluded that tbe uncatalyzed reaction 

at 25°c. is so slow as to be negli gi ble at any h&drogen 

ion conc entration a t which the acid catalyzed reaction has 

a rate fast enou3;h to be measured in a reasonable length of 

time, and that the intercepts of Fi gure 1 are due to a 

combination of experimental and drafting errors. 

If one accepts equation (3) as expressinz correctly 

the results of t!1e initial rate studies, the question of 

the effect of the products of the reaction on the rate 

arises. The assumption was made that amine disulfonic acid, 

and amine monosulfonic acids are strone; acids. This assumption 

is experimentally supp orted in the case of amine monosulfonic 

.dl2 aci . The disulfonic acid is thought to be a s trong 

dibasic acid because of the observation that often when 

two hydrogen at oms are attached to relatively widely sep­

arated oxy gens the two successive acid constants are much 

less widely se parated t h an s uch co nstants for hydrogens 

attached to oxy::;ens which are close to Gether and because the 

assu~ption ~as made that the first acid dissociation constant 

of the disulfonic acid is about as strong as that of the 

monosulfonic acid. In addition, there is the experimental 

evidence of the titration c u rve of an acid solution of 

disulfonate - see Fi@lre 1. The refore, the sulfate ion 

presents the only likely possibility of a pp reciable effect 

on the rate. If it is assumed that the HS0 4 ion does not 

catalyze the react ion, the cli f ferential equation 
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~~ = k fls + K - aF-+ 4K~j_]tl--=_(.s + K - a) (d _ x), ( 4 ) 

is easily derived from equation (3) and the equilibrium 

expression for the ionization of HS04 ion. In this equation 

x = concentration of acid produced by the reaction, 

moles/lit er of solution ( the reaction variable); 

t = ti~e in minutes, 

k = specific rate constant, liter/moles x minute; 

s = concentration of sulfate added at t 

K = ionization function of bisulfate ion, 

(H+) (S04) 
= 

(I-:IS04) 

O· , 

a == concentration of hydrochloric acid, moles/liter 

of solution at t = O; 

d = concentration of disulfonate at t =- O, moles/liter. 

To test the validity of (4) insofar as it expresses 

the dependence of rate on initial total sulfate concentration 

the average initial rate at 25°c. and at r= 1.00 over the 

first 10 per cent of hydrolysis of a series of reaction 

mixtures in which the only variable was initial sulfate 

concentration was determined from graphically smoothed data. 

The results are given in Table 5. 

To estimate the value of the ionization function, K, 

for HSO4 at r= 1.00 and at 25°Co the value of the ionization 

constant of HS04 obtained by Hamer19 was multiplied by the 

ratio of the ionization function of H2P04 at r= 1.00 to the 
19 

Hamer, J. Am. Chem. Soc. 56, 860 (1934). 
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Table 5 

The Effect of Initial Sulfate Concentration on Initial Rate at 
25.00°c. and r= 1.00. Initial HCl Molarity, 0 .. 0197; Initial 
I-rn(so3 ) 2 Molarity, 0.02000. 

Run Molarity Molarity Initial 
No. Na2S04 NaCl mole s/1. 

33 0.0200 0.860 0.334 
X 

34 . 0400 • 800 .288 
X 

35 .0500 • 740 • 26° X 

36 .0800 .680 .222 X 

37 .1000 .620 • 19° X 

ionization constant of H2P~-,
14 

Ax 
Rate ,Ll t 

X min. 

10-5 0.0252 

• 0395 

• 0469 

.0517 

.0524 

133 

72.9 

55.4 

42.9 

36.2 

o. 660 

• 362 

0 266 

.214 

.188 

K(HSOi, f-=-1) "' {5(H2P04, f= 1) x K0 (HS04) (5) 

Ko (HzF04) 

"'-' 4.6 7 X 10-7 X 1.20 X 10-2 =: 0.090 
6.23 X lQ-8 

Here K ::::. ionization function, and K
0 

= ionization constant 

of the acid in question. This :ils based on the assumption that 

the ionic strength effects depend mostly on the charge types 

of the ions, and the small contributions of specific effects 

are nearly the same for the two acids. 

The data of Table 5 are p lotted in Fi c;ure 4 as 

initial rate/ ( dc>(~""}versus (H;-)K = o. 09/ (c>~\~?) , . From (3) 
"-:o.o~ K~o. o't 

the equation which ou ght to govern the results of this par-

ticular set of expe riments is 
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[ k(HN(So3)=z)l . (lt) J t==O t=-0 
( 6} 

If it is assumed that t here is a small inaccuracy bK in the 

esti mated value (5) of K, then 

(H-t) ::: (Ht)K = 0.09 1(c> (H_j_.) • ~ K 
aK ~~=0.09 

and 

- [d (l:i.N (SO 3) 2) 
dt t = 0 

The value of e~~~+} is easily calculated frot!! the ec1uilibrium 
k ,.O.O'\ 

expression for the ionization of I-1S04 ion which gives 

(8) 

(7) 

The values of these various quantities are tabulated in Table 5 

and the fit to e quation (7) shm,m in Fi gure 4. It is evident 

t hat hK is neg li gibly small and tbat HS04 has no detectable 

effect in catalyzing the reaction. From the slope and the 

po s s i b 1 e error in t he int er c e pt it i s p o s s i b le t o e st i mat e t ha t 

the value of ~K is less than 5 x 10-3 , that is, K is in error 

b y less t han 6 per cent. 

The values of k, the s pecific rate constant at 25.oo 0 c. 

and a t r-=-1.00 c a lcul ated fro m t~1s slopes cf :Fi ;; ure 2, 

3, and 4, t hat is to sa~r , fro m initial r a te data, are 

tabul a ted in Table 6. Considering the approximate nature 

of initia l rate calc u l 2ctions, the a greet'!'lent a mo n,2:st the 

v a rious S''; ri e s of exp E, rimen ts is rat her 13 00d, and ten d s to 

con firm the p rop osed r ate e qu ation (3). 
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Table 6 

Specific Rate Constant at 25.00°Co and at r=-1.00 Estimated 

From Initial Rate Data. 

Description of Ex:::·)8ri\'.1en.ts k 1 liter/ ,noles 
x min. 

Varying HCl molarity, (PJ'i (S0
3

)~) = 0.02000 molar 1.00 x 10-·2 

Varyinc; HCl molarity, (HH(S0 3)~) =0.05000 molar- 0~.93 x 10-2 

3 
Varying BlJ (S0 3 )2 molarity, (HCl) = o. 059 molar 

Varying F!N (S0 3)2 molarity, (HCl)-=- 0. 099 molar 

Varying SO~ molarity, (HCl) = O. 0197 molar-, 
(HN(S03)'2) = 0.0200 molar 

1.04 X 

1.02 X 

1.01 X 

From the results of the initial rate studies it was 

virtually certain that equation (3) is the correct rate 

equationo To confirm this, the analysis of the progress 

of the reaction with time was carried out on the basis of (3). 

This could have been done in any of several ways. 

The method chosen to treat most of the data is based 

on the equation 

(9) 

which may be easily derived from (4) by inte gration. To 

show the validity of (3) it was only necessary to compute 

the value of the right hand side of (9) for several successive 

intervals of time durin g a run for several runs and thus 

sho1!J t hat it is a constant durin g a rW1, and constant for 
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all rv.ns at the same ionic strength and ter1perature. The 

integral was evaluated by one of two methods. The method 

used for all runs at r-=- 1.00 and at 25°c. was to smooth 

the data.graphically, calculate the values of the integrand 

from the smoothed data, plot the integrand against time, and 

graphically evaluate the definite integral by means of a 

polar planimeter. For runs under other conditions, a tabula r 

method of evaluating the integral utilizing the trapezoid 

rule was used. 

Another possibility is to solve the differential 

e~uation (4) and test the fit o~ the data to the result. 

The variables may be separated to give 

(_ dx = 

j ( d-x) _vTI-+-it-aJ Z + 4Kia+xL=:_i§+K~) 
2 

kt + C , (10) 

where C is the constant of integration.. The inte gral may 

be expressed in terms of lo car i thmic functions by mai<:ing 

the transformation 

s + ! - a=a: , (s + ~ - a,)
2 

+ K(a + d)= '¥ 2
, ls+~-aj'+K(a+x) = z

2
, 

and apr)lying the method of inte gration by partial fractions 

to the result. This gives 

cc ~ 1 h1.(i-z) + «t-'-t /n(i-tl.) - (l',.~~,. /-Y1.(Z-rx) = k'-t + C 

..;_-kc---;:_ t + C 
- ~- 303 

(11} 
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where (H~ t is the hydrogen ion concentration at ti me _!, and 

(H+)
00 

is t he hydrogen ion concen tration at completion of 

the reaction. The fit of (11) to the data was tested by 

calculating the value of the left hand side for unsmoothed 

data and p lotting against_!. The closen ess of fit of the 

~ lotted points to a straight line is the criterion of how 

closely the data fit t he rroposed rate equation and the 

slope of the best strai ght line throu gh the p oints yields a 

value of the specific rate constant, t• This method was 

used on several represent a tive runs to illustrate graphic&lly 

the fit to (3). 

Th e results of the ana l ysis of the da t a at 25.oo
0
c. 

and an ionic strength of one by the graphical inte gration 

method based on (9) are shown in Table 7. 

Table 7 

Values of the Rate Constant Obta ined by Graphical Inte gration; 
Temperature, 25o00°c.; Ionic Strength, 1.00. 

~2 min. 

Run No. 23 1 a= o. 01000, 

0 2000 

1500 4000 

3500 6000 

5000 9000 

Run No. 26, a=0.01967, 

() 1000 

750 2500 

2000 4000 

3500 5000 

Xl 
moles 
liter 

Xz 
moles 
liter 

k 
lit er 

moles x min. 

d = o. 02000 1 s ==OJNaCl) == O. 930 

0 0.00440 1.05 X 10-2 

0.00325 0.00855 1.02 X 

0 •. 00160 0. 01205 0. 97 X 

0.01040 0.01575 0. 98 X 

d = 0.02000..t. s =0.1._..(NaCll = O. 920 

0 0. 00410 1.09 X 10- 2 

0.00315 0 .oo 905 1.01 X 10-2 

0.00755 o. 01300 1.03 X 

0.01165 0.01525 10 26 X 
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t1 ~2 Xl X2 k 
min. min. moles mole§. _liter_ 

liter liter moles X min. 
; 

Run No. 23 2 a-0.0593
3

2 d=0.020QO, s:::: 0, (NaC12 ::: 0 .880 

0 500 0 0.00552 1.06 X 10 -2 

250 1000 0 .00292 .00982 1.09 X 

750 1500 .00778 .01292 1.12 X 

1250 2000 .01102 .01469 0. 91 X 

Run No. 1 8 -----~ a-=.0.0988 , d-=: 0 .. 02000 z S==-0, ( NaC12 =0.840 

0 250 0 0 .00472 1.07 X 

100 750 .00207 .01101 1.04 X 

500 1000 000828 . 01319 1.03 X 

750 1750 .01101 • 01689 1.02 X 

Run No. 14, a-0.146 6, d-0.02000, s:::.0 2 ( NaCl} ==0.790 

0 200 0 0.00539 1.06 X 

1 0 0 400 .00281 0 00948 1.10 X 

300 750 ._ 00766 .01412 1 •. 08 X 

500 1250 .01092 .01698 1.01 X 

7 50 1500 .01412 .01782 0.88 X 

Run l\ o. 1~ a ::: 0. 197 3, d-==0.02000, s :::::.0, (NaC12 = 0.740 

0 150 0 0.00552 1 •. 08 X 

100 300 .00363 .00967 1.17 X 

200 500 • 0071.2 0 01317 1. 06 X 

300 700. .. 00 967 .01563 1.06 X 

500 800 .01317 .01630 1.03 X 
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Table 7 (cont.) 

~l ~2 Xl x2 k 
min. min. moles moles liter 

liter liter moles X min. 

Run No. 27l a -0.0101§..i_ d -=0.05006 , s .=: O.J_..(NaCl)= 0.840 

0 2000 0 0.01310 0. 99 X 10-2 

1500 3000 .00955 .0206 5 0. 96 X 

2500 4500 .016 85 ~ • 03060 0.95 X 

4000 5500 .02760 .03580 0. 91 X 

Run No . 25, a-=0.02001, 
0 

d = 0.0500 1 s- o, (NaCl} _Q. 830 

0 1250 0 0 .01350 1.00 X 

1000 2000 .01080 .02115 o. 96 X 

1750 3500 .01870 .03325 0.93 X 

3000 4250 • 02985 .03715 0.85 X 

Run Ho. 20, a= 0. 05900 .J._d =-0. 05000 ..a.._§3 0, (N ac 1 ) = o . 7 90 

0 400 0 0.01195 1.09 X 

300 800 • 00935 .02120 1.01 X 

600 1500 001685 • 03290 1.00 X 

1000 1750 .02495 .03560 Oo 98 x 

Run No . 15, 
. 0 

a :::-0.098h_d = 0. 0500 1 s == 0, (NaCll.:: 0.750 

0 300 0 0.01390 1.07 X 

200 600 .02472 .01510 1.os X 

500 1000 .02136 .03347 1.01 X 

800 1500 .02995 0 04008 0. 88 X 
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Table 7 (cont.) 

~l ~·2 Xl X2 k 
min. min. mo1e:s moles liter 

liter liter moles X min. 

Run No. 13, 0 a-0.14~d-==0,0500 .J._s= O, (NaCl}-= 0 • 700 

0 200 0 0 .01337 1.03 X 10-2 

100 400 .00705 . 02330 1.03 X 

300 800 • 018?:3 .03580 0. 99 X 

600 1200 • 03070 .04205 o. 92 X 

Run No. 11..L a =.0.1955 1 d = o. 0500° a s= ~:_{NaCl)- O. 650 

0 200 0 0.01817 1.13 X 

100 300 .. 00985 .0247 5 1.16 X 

200 500 .01817 • 03380 1.11 X 

400 1000 • 02970 .04453 1.08 X 

600 1300 .03717 .04740 1.07 X 

Run No. 24, 8 a-== 0.0592 , d = 0 001000 I s...::- 0, ( NaCl)-== 0 • 910 

0 500 0 0 .00270 1 0 05 X 

300 1000 • 00170 • 00468 lo04 X 

750 1750 .0038,2 • 00668 1.00 X 

1250 20 00 .00541 .00712 1.00 X 

Run No. 22, 
5 

a.:::: 0.0593 , d-= O. 03000, S =~(NaCl):::. 0.850 

0 500 0 0.00827 1.04 X 

300 1000 • 00535 .01462 1,03 X 

7 50 1500 .0116 8 .01888 0. 99 X 

1000 1750 .01462 • 02059 0. 94 X 

Run No. 21, 8 a=: 0.0595 , d = O. 04000, s == 0 .,__QI aC 1) .::: 0 • 82Q 

0 400 0 0.00910 1.03 X 

300 1000 • 0069 5 .01937 1. 00 X 

750 1500 .01545 .02570 1.00 X 
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Tab l e 7 (co n t.) 

~l ~2 xl x2 k 
nnn. rn1n. moles moles lite r 

lit er liter mole s X min. 

Run No . 19 I a - 0 • 0 9 88 1 d = 0 • 010 00 , s = Q.i. (NaCl )= 0. 8 70 

0 300 0 0 . 00271 1. 06 X 1 0- 2 

200 500 .0018 5 .00422 1.14 X 

300 1 000 . 00271 0 0 06 68 1 .11 X 

750 1 2 50 • 00 559 • 007 28 0 .97 X 

Run No . 17, a= 0.0990 1 d = 0.0 300 0 1 s =Q.z.__J_NaCl)::::. 0. 8 10 

0 250 0 0.00682 1. 0 3 X 

150 750 • 00417 • 01 649 1. 04 X 

5 00 100 0 . 0 1235 • 0 1 957 1.00 X 

750 1 250 .01649 • 021 98 o . 97 X 

Run No . 16 , a :=0.097 8 , d :=: 0 . 0 4000 .1..-.£ =- 0 1 (NaCl) :::. 0. 7 8 0 

0 200 0 0. 008 0 2 1.13 X 

1 00 500 .00 4 33 • .017 08 1. 07 X 

400 1 0 00 • 01433 •. 02662 1.01 X 

750 1 500 • 02257 0 0 3247 1.02 X 

Run l'J o . 3 3 , a = 0.01 97 3.1.. d == 0. 02000 , s=o •. 02000 , ~c10 o . 86 0 

0 1500 0 0.0 049 5 1. 03 X 

7 50 3000 • 00 250 • 00 920 1. 03 X 

,2 000 6000 •. 00640 • 01500 1. 02 X 

50 00 7 2 50 • 01 330 .O l-625 0. 99 X 

Run No . 34 , a =O . 0 1 977 1 d .=. 0 .02000 1 s ::=. 0 • 0 400 9-.i_ (NaCl) .:: 0 . 8 00 

0 2000 0 0. 00560 1.02 X 

15 00 4000 . 004 2 5 .01030 1. 03 X 

3000 7 000 • 00820 .0149 5 o. 98 X 

5000 9000 .01210 . 0167 5 0. 96 X 
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Table 7 (cont.) 

~l ~2 xl Xg k 
min. min. moles mole§. liter 

liter liter moles x min. 

Run -No. 351 a -0.01972 I d - o. 02000 1 s - O. 06000 ~aCl) _::: 0. 7 40 

0 3000 0 0.00735 1.04 X 10-2 

1500 6000 • 00385 .01270 1.02 X 

3000 7000 .00735 .01400 1.00 X 

4000 8500 .00935 .01560 1.00 X 

Run No. 36 I a =0.0l98Q.i d = 0.02000 1 
0 

(NaCl).::- 0. 680 s -0.0800 , 

0 3000 0 0.00660 1.04 X 

2000 6000 .00455 .01160 o. 99 X 

5000 8000 .01010 .01415 1.01 X 

6000 8500 .. 01160 .01465 1.02 X 

Run No. 37 1 a .=.0.01970, d= 0.0200Q.~ 0.1000, (NaCl)= 0.620 

0 

2000 

4000 

7000 

3000 

5000 

8000 

9000 

0 

.00380 

.00766 

0 01190 

0 .00575 

000920 

.01305 

.01400 

1.01 X 

lo05 X 

0.99 X 

0.95 X 

It is noteworthy that there is in most cases a definite 

downward trend in the calculated rate constants especially 

after about fifty per cent of the disulfonate initially 

present had hydrolyzed. It is not kno,m to what this was due. 

The trend could not be correlated with any of the known 

variables. It could possibly be due to any one of a number 

of causes, e.g., specific ion interaction effects of the 

products of the reaction on the reactants, and the a;ctivated. 



complex, definite interference in the mechanism by the 

products, impure reactants, some systematic undetected 

experimental error, or a relatively slow side rea~tion • 
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. In spite of these trends, the calculated constants are 

so nearly constant under a wide variety of initial con­

ditions that, taken in conjunction with the results of the 

initial rate study, they indicate that the proposed rate 

equation (3) is essentially correct. 

To illustrate graphically the fit t ,o the rate equation (3), 

the function on t .he lef.t hand side of (11) plotted against 

time for several representative runs at 25°0. and ionic 

strength of 1.00 is shown in Figure 5. The specific 

rate constants derived from the slope of the straight lines 

in Figure 5 agree rather well with those calculated by t .he 

graphical integration method as may be seen by comparison 

of Tables 7 and 8. 

Table 8 

Specific Rate Constants at 25°0. and at r= 1.00 Calcula.ted 

From the Slopes of the Lines of Figure. 5. 

Run No. 

28 

12 

87 

11 

37 

Specific Rate Constant 
li tar/moles- x minutes 

1.00 X 10-2 

1.12. X 

0.97 X 

1.11 X 

1.01 X 
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Dependence of the Specific Rate Conste..nt on Ionic Stren_gi_h 
at 25.oo0 c.· 

I . t The effect of varying the ionics rength is of interest 

because the theoretical interpretation gives a clue to the 

identity of the reacting species in the rate-controlling 

reaction, that is, it gives the sign and a good idea of the 

magnitude of the product of the charges of the reacting ions. 

The use of equation (1) for the variation of activity with 

ionic strength in conjunction with Br~nsted 1 s theory yields 

the equation 

( ra) 

where £1 and £ 2 are the charges of the reacting ions, k
0 

is 

the limiting specific reaction constant as the ionic strength 

approaches zerp, and (3 is a constant at constant temperatureo 

To stt1dy this effect, experiments were done at a series 

of ionic strengths varying from 0.020 to 0.25. The hydrolysis 

was followed until more than 50 per cent of the cl.isulfonate 

had hydrolyzed. The data were smoothed and a rate constant 

calculated by the tabular integration uethod. using the 

trapezoid rule. The time intervals of the integrals were 

taken over the first portion of the reaction but they did 

not include the region aoout t =O, thus eliminating the 

effects of the disturbances involved in startinG the reaction. 

The value of the ioniza,tion function of bisulfa.te ion at 

different ionic strengths, which is involved in the cal­

culation, was estimated by assumine the validity of the 
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equation (1), and that the value of Kat \=l.00, 0.090, 

was accurate. This taken in conjunction with Harner' s value 

of K at 25.oo 0 c.
19 

gives the equation 
0 

log K = log K
0 

+ (13) 

·where, at 25.oo 0 c., K0 = 0 .. 0120, A= o.5065, and rt=- -0.137 

for sodium chloride solutions. The rate constants are shoM1 

in Table 9. 

Table 9 

Dependence of the Rate Constant on Ionic Strength at 25°c. 

Exp. (HCl) 
No. mol~s 

liter 

(HN (S0 3 ) 2 ) (NaCl) 
moles moles 

38 

39 

40 

41 

42 

43 

28 

liter liter 

0.00479 0.00500 

.00482 • 00500 

. 0 0 97 3 • 0 100 0 

• 0098? . 01000 

.00985 • 01000 

.00985 .01000 

. 01000 .. 02000 

o.o 
.0100 

o.o 

.0500 

.1200 

.2100 

• 930 

mofes½ 
liter 

0 .140 7 

0172
6 

.1993 

• 300 

• 400 

0 500 

1 .. 000 

0 

K 
moles 
liter 

2 0.021 

.023
9 

.034° 

.0431 

.0525 

.090° 

k 
liter 

moles x min. 

0 . 7 
. 28 

3 .023 

.0189 

.0102 

In order to estimate the value of ~1~ 2 in (12), 
·1 

log k was plotted against 0.5065r2/(l + r 2 ) and a smooth 

curve drawn t h rough the points as shown in Fi gure 6. 

From smoothed data read fron the curve, the slope of the 

curve was calculated, and divided by 2 to give an approxi­

mation to -a1-s2 . The values thus obtained clif fered :from -2 
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by a bout 5 - 10 per cent. To fit e qu a tion (12) to the da ta, 
- 1/:t. 

1 k , 4 .,. 0.5"Db~ r 1 t t d • t r h . F. og ,-
1 

+ r v,_ was p o e aga ins , as s ._own in 1 e,ure 7, 

to evaluate (3. It was founcl. that f3 =+O.O9 2 and k 0 ~o.Os5 2• 

This value of (3 is a reasonable one. The conclusion may be 

drawn that the most probable value of -e:1£ 2 is -2 which 

sug gests a rate-determining reaction between amine disulfonate 

ion and hydrogen ion. This is consistent with the experimental 

Th~ Effect gf Temnerature Qll t lie Rate 

To estimate the energy and entropy of activation, two 

series of experim13nts we re do n e, one at 35°C., the other 

0 . 
at 45 c. Each series consisted of three exp er iments at 

decreasing ionic st~en 0tl~ to facilitate the extr~polation 

to r = O. 00, t wo experime nts to s pat ch eck the rate law at 

constant ionic stren gth, and one experiment in alka line 

medium (added base equivalent to 10 per cent of the disul­

fonate) to find if an uncatalyzed reaction with water 

becomes a pp reciable at the higher temperatures. 

The results of these experiments are shown in Table 10. 

The rate constant was calculated by the tabular integration 

method over an early time interval which did not include 

the initial time. I.Jo attempt was made in these series to 

check the rate law by calculating the rate co nstant over 

different time intervals for the same experiment as th8 

agreement of the values of the constant calculated for the 

two spot check experiments was taken as adequately showing 
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Table 10 

Dependence of Reaction Constant on Temperature and Ionic 
Strength. 

1/i 
k 

(HCl) (I-1.L\i (S03)2) (RaCl) r ' -""'-

K liter 
Run moles moles moles mo le.s for moles X 
No. liter liter Titer liter ~

moles) 2 

liter ff-30-4 min. 

Exp eri men ts at 34. 55°c., Ko = 0.0106 

44 0. 00954 0.01000 o.o 0.0395 o.1988 0.0234 o.143 

45 .00974 . 01000 .0225 .0622 .2495 .0275 .117 

46 0 00984 • 01000 .0500 .0898 .2999 .0318 .101 

47 .01962 .01000 . 0400 .0896 .2997 .0318 .099 

48 .00970 .02000 .. 0200 .0897 .2998 00318 .100 

Experiments at 44. 77°c., Ko= 0.00892 

50 .00469 .01000 0 00500 .0397 .1991 .0205 0 479 

51 .00438 .01000 .027 5 .0624 .2499 .0236 .416 

52 .00488 • 01090 . 0350 006 99 .2642 .0246 0390 

53 .00976 . 01000 .0500 .0898 .2999 .. 0274 . 364 

54 .00469 .02000 .0250 .0 8 97 .2998 .0274 . 341 

the validity of the rate law ~t the temperature in question. 

No detectable reaction was found in a lkaline media at these 

tem pe ratures during ti me intervals comp arable with the d ur­

ation of the other exp eriments of the same series. 

The values of the ionizatioh function of bisulfate ion 

were estimated by neglectine; the term li n.ear in r in the 

e quation (13) previously de.rived from e quation (1). This 

approximation is adequate because of the lo w ionic streng ths 

and the rel ative inse nsitivity of the values of the rate 

constant to the value of the ionization function. Values of 
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19 
K were taken from Hamer•s values and the small corrections 

0 

to the exact te11perature of the experiments made by the equation 

(14) 

using values of A Hi, the enthalpy of ionization, r;iven by Hamer. 

To extrapolate to r= 0, the procedure used in the ionic 

strength studies at 25°0. was appliedo The e:raphical eval­

uation of the constants (3 and log k
0 

of equat-ion (12) is 

shown in Figure 8. 

In Table 11, the behavior of the rate 6onstant with 

Table 11 

Summary of the Dependence of the Rate Constant on Ionic 
Strength and Temperature 

Temperature Te:l!!llperature 
oc. oK. 

24000 298.16 

34.55 307.,71 

44077 317.93 

/A 

0.506 

.517 -.32 

• 528 .13 

ko 
1 i ters 

moles. x min. 

0.321 

1.06 

ionic strength and temperature is summarized. The values of 

A are the theoretical ones calculated from the expression 

given by the Debye-Hnckel theory. 

The variation of k with temperature was interpreted 
0 

by the Activated Complex Theory. This theory yields the 

equation 

(15) 
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where k
0 

is the rate cons t ant in liters/mole x second, 

is Bo ltzmann I s constant , h is Plane k 1 s con st ant, and b F' :t is 

20 the free energy of activation per mole o As the volume 

change of act ivation, 6v*, is presumed to be negligible, 

(15) yields 

1 og kc _ log(li 
T - h 

(16) 

where 6S+ is the entropy of activa tion, and l::.J!i+ is the 

energy of activation. 
l-

To evaluate ~ E , a p lot of log k
0
/T 

versus 1/ T was made and is shown in Fi gure 9. From t he slope 

of the straight line, i t was found that .6 E*= 23,500 cals . 

with an estir.1ated error of the order of :t.1900 cals. 
6 S 

The value of the entropy factor, e-,r , was calculated 

for the three values of ko sh own in Table 12. 

Table 12 

Values of the Entropy of .Ac ti vat ion 

Temp6rature ko 
L\ s* 
~ c. moles e 

liter X min . 

25 000 0.0852 38 

34 . 55 . 321 42 

44.77 1.06 35 

Ave. 38 

e.u. 

The average is not 

20Glassto ne , Laidler , and Eyring , ttThe Theory of Rate 
Processes", Mc Graw-1:-Iill Bo ol<: Co ., I nc .. 1941. 
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unreasonable for a reaction of c har g e r roduct -2. For, if 

the results of Scatchard 1 s a r guments21 based on a model of 

the activated complex consisting of two char ged spheres at 

distance~ apart are utilized to calculate the contribution 

to the entropy of activation due to electrostatic interaction 

bet ween dielectric medium and c harg ed ion alone, it is found 

that 

£2 (") ZAZB a D 
rD;;, dT- p 

Here l:l SJi:::: the dielectric contribution to the entropy of 

activation, erg s/de gree x ion of activated co r1p lex, 

~::: magnitude of electronic charge in e.s.u., 

zA,zB = valences of reactin g ions, 

D - dielectric constan t of nedium, 

T absolute temperature, 

a nd p == 22 pressure • For water this yield s 

* ~SD~ -20ZJ.ZB e.u./ mole, 

r ( in i) 

and, in pa rticular 
7 • 2 ~ -20 X ~ 

5.5 

This is not to be ta ken to imply that the cH s tance r is 
0 

5.5 A. but it is intende d to indicate t he order of macnitude 

* of this contribution to AS which is probably the s reatest 

co!1tribution in this case. 

Zl Scatcha rd, J. Arn . Ch em. Soc., 52, 52 (1930). 

22 Glasstone, Lai dler, and Eyring , lac. cit., especi a lly 
pp. 434-435. 
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Mechanism of _!he ~eaction 

All of the experimental evidence is in favor of the 

formation of an activated complex from hydronium ion and 

amine disulfonate ion which then decomposes to g ive the 

reaction products. The simplest such mecbanisrn. is 

+ 
EN (S03)~ ~ tH30, HH (SC 3) 2}-H30 + 

lH30, l '.l ' (SO ' ::~ -i ,j 312 -+- HS04 + H2 ilfS03 + H+ • 

The con:t'iguration of the activated complex can be only a 

subject of con'jecture as far as the experimental evidence 

obtained in this investigation is concerned. 

For example, one r1ay think of the reaction as occurring 

through a four- cent er reaction with hydroniur~ ion, 

p-120-H 7-
¢ [o3L-~--s03---. H+ + HSo 4 + H;}IS0 3-

H 

activated complex 

If one presupposes a similar me c hanism for the hydrolysis of 

H-substituted sulfamic acids, the relative ease of hydrolysis 

of aryl substituted sulfal"'lic acids as compared with alkyl 
1 

substituted acids may be correlated with the influence of 

the substituent on t h e ionic character of the G-S bond, 

indicat in e; that this may oe the dominant factor in their 

effect on the reaction rate rather than their effect on the 

att!'action of the disulfonate fo!' the hydronium ion for 

which the effect of the substituents is in the opposing 

direction. to the exp<srimental observationso 


