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Determination of the Degree of Dissociation of Micelles of 1-n-Dodecanesulfonic Acid
by Use of the Acid-catalyzed Reaction between Iodine and Acetone!

By I. M. KoLTHOFF AND W. F. JOHNSON

Hydrogen ions in water (hydronium ions) have a rate constant in the catalyzed reaction between acetone and iodine of
5.0 X 10~8sec.”!at 30°, while hydrogen ions associated with micelles of dodecanesulfonic acid have a greater rate constant
of 10.0 X 10~%sec.”l. From results obtained on the rate of reaction in solutions of 1-n-dodecanesulfonic acid and similar
solutions containing free hydrochloric acid an expression has been derived which allows the calculation of the ratio of hydro-
gen ions to sulfonate ions in the micelle. A value of 0.74 was found for this ratio which was constant above the critical con-
centration up toa concentration of 0.14 /. This value is in good agreement with values calculated from e.m.f. and freezing

point data reported in the literature.
drogen ion catalyzed reaction between acetone and iodine.

A knowledge of the concentration of osmotically
active single ions in solutions of colloidal electrolytes
is of considerable interest in gaining a better under-
standing of the physico-chemical properties of
these solutions. Various methods have been used
to estimate the concentration of free single ions,
which are present as counter ions on the surface
of oppositely charged detergent micelles, or the
related quantity, the “degree of dissociation of the
micelle.” Freezing point lowering,? vapor pres-
sure lowering® methods, e.m.f. of cells,%® conduc-
tivity data and transport numbers® and mem-
brane potentials of ion selective membranes?
have been used to obtain estimates of the free ion
concentration. McBain and co-workers>®%1 have
measured the freezing point lowering, the e.m.f.
of cells, and conductivity of solutions of the straight
chain paraffin sulfonic acids. These studies and
the earlier ones of Reychler!! have shown these
acids to be strong acids until the critical concentra-
tion is reached, while at higher concentrations their
behavior is typical of colloidal electrolytes.

McBain and Betz® measured the e.m.f. at 25°
of cells such as

Pt,H; | Dodecanesulfonic acid (C;) | KC1(3.56 M) |
KC1(0.1) HgClL | Hg

and compared the e.m.f. obtained with the e.m.f.
of cells in which the sulfonic acid was replaced by
hydrochloric acid. Neglecting liquid junction po-
tentials, which may be the cause of considerable
uncertainty, the activity of the hydrogen ion will
be the same in any two solutions which give the
same e.m.f. Thus for one cell containing dodecane-
sulfonic acid and another containing hydrochloric
acid which give the same e.m.f. the activity of the
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Micellized dodecaneammonium chloride has no effect on the rate constant of the hy-

hydrogen ion in the sulfonic acid in the first cell
is taken equal to the activity of the hydrogen ion
in the hydrochloric acid used in the second cell.
On this basis McBain and Betz calculated the de-
gree of dissociation of dodecanesulfonic acid as a
function of the concentration.

The freezing point data were interpreted by Mc-
Bain'? by comparison of the data in aqueous
dodecanesulfonic acid solutions to the freezing point
lowering in aqueous hydrochloric acid solutions.
In solutions of dodecanesulfonic acid at concentra-
tions which are high relative to the critical concen-
tration the contribution to the freezing point lower-
ing of single ions other than the hydrogen ions was
neglected. Due to their large molecular weight
the contribution to the freezing point lowering
made by the micelles may also be neglected. On
the basis of the assumption that in a hydrochloric
acid solution the activity coefficient of the hydrogen
ion is equal to the activity coefficient of the chloride
ion, the freezing point lowering for a solution of
hydrochloric acid should be twice the freezing point
lowering for a solution of dodecanesulfonic acid
(Bgc1 = 20suion.) if the hydrogen ion concentra-
tion were the same in the two solutions. The
degree of dissociation was calculated by McBain
on the basis of the above assumptions.

In the concentration range 0.15 to 0.8 M the
degree of dissociation as calculated by either
method was found to be essentially constant.
From the e.m.f. data this constant value of the
degree of dissociation was found to be about 0.5
whereas from the freezing point lowering the degree
of dissociation in this concentration range was
found to be about 0.2.

The e.m.f. of a different type cell free of a liquid
junction potential was measured by Walton?!?
to obtain an estimate of the hydrogen ion concen-
tration in dodecanesulfonic acid solutions

Ag.AgCl | HCl (01 .M) ] glass | CmHgsSOzH (nn +
AgCl (m,) | AgCl-Ag

Holding m; constant the value of m, was varied,
the e.m.f. of the cell being obtained for each value of
mg. The limiting value (as m. approached zero)
of the term log Yu+Y -, in which ¥ denotes activity
coefficient, was obtained by extrapolation. Taking
Y- in these solutions as equal to v+ the value of
a4 can be calculated. These results were in better
agreement with the freezing point depression
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measurements of McBain and Betz? than with the
e.m.f. measurements of these authors.

In an effort to decide which of the above methods
gives the most reliable estimate of the “degree of
dissociation” of the micelle solution we have
determined the hydrogen ion concentration in
dodecanesulfonic acid solutions by measuring the
rate of an acid-catalyzed reaction between iodine
and acetone. The reaction has been carefully
studied by Dawson and co-workers!*~!" and by
others.1%%

The rate of the reaction between iodine and
acetone has been shown!! to be zero order with
respect to the iodine concentration and first order
with respect to acetone concentration. The re-
action is catalyzed by many ionic and molecular
species.’® In a solution of the weak acid, HA, the
over-all rate of disappearance of iodine is given by

v = d(I;)/dt = (acetone){kg+(H*) + ka(A™) +
kua(HA) + kmo (H:0) + kon-(OH™)} (1)

where the various £’s are the rate constants for the
various species present. By using buffer solutions
of varying concentration, in whicli the ratio of (A™)
to (HA) was kept constant Dawson and Key
were able to evaluate the various rate constants in
equation (1) for a number of weak acids. From
this work it is found that the minimum rate of
reaction between iodine and acetone occurs at a
pH of approximately 5 in acetate buffers.

The reaction between iodine and acetone is
reversible and at high acid concentrations in the
presence of appreciable iodide ion a condition of
equilibrium is easily attained. The reaction liber-
ates hydriodic acid according to the equation

‘”3 o
CH,CCH, + I, = CH,CCH,I + H* + I-

The acid so liberated can act to make the reaction
autocatalytic or at high acid concentration to bring
the reaction to an equilibrium state if much iodide
ion is present. These difficulties were overcome
by working with very dilute iodine solutions in the
presence of very small concentrations of iodide,
or with no added iodide.

To determine a possible general effect of micelles
on the rate of this reaction a preliminary study was
made in dodecaneammonium chloride solutions.
No hydrogen ions are associated with this cationic
type of micelle. The imicelles of this detergent
solubilize iodine and possibly also acetone. There-
fore, it was necessary to know whether this type
of micelle affects the rate of the catalyzed reaction
before reliable calculations could be made from rate
measurements in micellized solutions of dodecane-
sulfonic acid.

Materials

The dodecaneammonium chloride was prepared by neu-
tralizing an alcoholic solution of dodecaneamine (Armour
and Co. product) with concentrated hydrochloric acid and
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twice recrystallizing the salt from an ethyl ether-ethanol
solution.

The dodecanesulfonic acid was a sample kindly supplied
by the late Dr. A. W. Ralston of Armour and Co. This
sample had become discolored while being dried and it was
found necessary to purify it. As originally received, the
dodecanesulfonic acid contained a trace of some impurity
which reacted with iodine. This impurity was rendered
harmless by treating an aqueous solution of the acid with
bromine water. The bromine was expelled by boiling until
a portion of the solution did not liberate iodine when added
to a potassium iodide solution. The aqueous solution of
dodecane sulfonic acid was then acidified with sulfuric acid
and the dodecanesulfonic acid extracted with peroxide and
aldehyde-free diethyl ether. The ethereal solution of the
acid was treated with activated charcoal to remove colored
impurities and after filtering off the charcoal the sulfonic
acid was crystallized by cooling the solution to Dry Ice-eth-
anol temperature. The acid was filtered off and dried under
a pressure of about 1 mm. The product obtained was a
white crystalline powder. Solutions were prepared by dis-
solving the sulfonic acid in water and standardizing the
solution by titration of samples in ethanol solution to a
phenolphthalein end-point with standard sodium hydroxide
solution. The acid prepared in this manner consumed a
negligible amount of iodine.

The hydrochloric acid solutions used to determine the
rate constant at 30° and for experiments with dodecane-
ammonium chloride were standardized against potassium
iodate. The hydrochloric acid solutions used to determine
the rate at high hydrochloric acid concentrations and in the
experiments in which both hydrochloric acid and dodecane-
sulfonic acid were present were prepared by adding constant
boiling hydrochloric acid of known concentration from a
weight pipet directly to the reaction mixture before it was
diluted to volume.

Merck’s Analytical Reagent grade acetone was distilled
through a fractionating column, the middle fraction which
boiled over a one-tenth degree range being taken. This
fraction was then used to prepare a sample of pure acetone
by the sodium iodide method.® The final product was
dried with anhydrous sodium carbonate and kept stored in
the dark under a nitrogen atmosphere over anhydrous so-
dium carbonate. Standard solutions of acetone were pre-
pared by weighing a stoppered one-hundred ml. volumetric
flask which contained approximately 30 ml. of water. Ap-
proximately the desired weight of acetone was added by
pipet, the flask swirled to mix the acetone and water and the
flask plus solution weighed; the solution was then made
up to volume.

Ezxperimental

Analysis for Unreacted lodine.—Analysis of samples of
the reaction mixtures for unreacted iodine by titration with
standard sodium thiosulfate solution was possible only for
the reactions run in solutions of 1-n-dodecanesulfonic acid
in the absence of added hydrochloric acid. In all other re-
action mixtures, electrolytes (hydrochloric acid or salt) were
present in addition to the colloidal electrolyte. When
samples of these solutions were titrated with standard so-
dium thiosulfate solution the colloidal electrolyte precipi-
tated. This precipitate interfered with the detection of the
end-point, preventing accurate analysis of the samples for
unreacted iodine. Two methods were tried for the detec-
tion of the end-point of the titration, one was the classical
starch method and the other the amperometric technique
with a rotating platinum wire electrode. Neither of these
methods gave an accuracy of better than 10% in the presence
of precipitated colloidal electrolyte.

The titration of iodine in the presence of 1-n-dodecane-
sulfonic acid presented no appreciable difficulties. The
sample of iodine and 1-n-dodecanesulfonic acid solution was
added to twice its volume of 509, ethanol which was 0.05
M in sodium acetate and 0.05 M in acetic acid and 0.1 M in
potassium jodide and the mixture titrated with standard
sodium thiosulfate solution, the end-point being deter-
mined amperometrically. The titration of 5.00-ml. samples
of 4.99 X 10™* M iodine which were 0.0683 M in dodecane-
sulfonic acid required 2.493, 2.496, 2.493, 2.498 and 2.510
ml. of 1.001 X 103 sodium thiosulfate solution. The aver-
age per cent. error was 0.2.

(20) K. Shipsey and E. A, Werner, J, Chem. Soc., 108, 1255 (1913).
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When the reaction between iodine and acetone could not
be followed by titration methods, the rate of change of the
diffusion current of the iodine at a constant speed rotating
platinum wire electrode was measured. These experiments
were performed in reaction vessels similar to the reaction
vessel shown in Fig. 1. The electrode bearing was con-
structed from a 5-ml. hypodermic syringe. This bearing is
gas tight and thus losses of iodine from this cell due to vola-
tization were minimized. The volume of solution used in
this cell was 25 ml. If the equilibrium vapor pressure of
iodine were attained in the air space above the solution, the
maximum error in these experiments would be approxi-
mately 19,. The stirring paddle on the bottom of the elec-
trode shaft served to ensure rapid mixing of the acetone
solution which was added at the start of the reaction. This
small paddle did not interfere with the constancy of the
diffusion current. The electrode was driven at a speed of
720 r.p.m. by a synchronous electric motor through a set of
reduction gears.

The electrode was maintained at a potential of +0.1 v.
with respect to the saturated calomel electrode at which po-
tential no oxygen reduction occurs. The diffusion current
was measured with a calibrated galvanometer in the cell cir-
cuit. The rate of change of the diffusion current, which is
proportional to the rate of disappearance of iodine, was meas-
ured by reading the galvanometer at regular time intervals.
The slope of the galvanometer deflection vs. time curve
multiplied by the proportionality constant between galvan-
ometer deflection and iodine concentration gave the rate of
disappearance of iodine.

The rate of reduction of iodine at the electrode is negligible
in comparison to the rate of reaction of iodine with acetone
and consequently no correction need be applied to the ob-
served rate of disappearance of iodine for the rate of electrode
reduction of iodine.

Experiments with Dodecaneammonium Chloride.—The
procedure used in the experiments with dodecaneammonium
chloride was as follows. A solution containing known con-
centrations of dodecaneammonium chloride, potassium iodide
and hydrochloric acid was prepared and 25 ml. of this solu-
tion transferred by pipet to the reaction vessel which was in
the 30° thermostat. Two ml. of standard potassium iodate
solution was added from a calibrated pipet, the vessel
stoppered, and the solution stirred by turning on the elec-
trode for about two minutes. The reaction mixture was
allowed to stand in the thermostat for about 15 minutes to
attain temperature equilibrium. The electrode was again
started, the stopper removed, and 2 ml. of standard acetone
solutions (at 30°) was added rapidly from a pipet, the vessel
stoppered, and the galvanometer deflection read at 15
second intervals.

To make use of this method it is necessary that the dif-
fusion current be proportional to the iodine concentration
under the condition of the experiment. This was easily
tested for these particular solutions. To a solution contain-
ing known concentrations of potassium iodide, dodecane-
ammonium chloride, and hydrochloric acid, measured vol-
umes of standard potassium iodate solution were added from
a buret, the galvanometer deflection being read after each
addition. For a given concentration of dodecaneammonium
chloride it was found that the current was proportional to
the concentration of iodine, but that a different propor-
tionality constant was obtained with varying concentrations
of the detergent. Experiments in which no dodecaneam-
monium chloride was present were run intermittently with
the runs in which detergent was present to assure that the
electrode remained unchanged. A factor D is defined as
D = (4a)a/(%4)p, where (44), is the diffusion current obtained
in the presence of a given concentration of dodecaneam-
monium chloride and (i4). is the diffusion current obtained
in the absence of dodecaneammonium chloride both solutions
.containing the same concentration of iodine. The value of
D varied from 1.00 in 0.00458 M dodecaneammonium chlo-
ride to 13.4 in 0.229 M dodecaneammonium chloride. As
was to be expected the diffusion current and, therefore, also
the diffusion coefficient of the solubilized iodine is much
smaller than that of the iodine dissolved in the water.

A reaction temperature of 30.0° was chosen since it is
above the critical solution temperature of dodecaneam-
monium chloride.2! No data were available for the rate
constant for the iodine-acetone reaction at 30° and so pre-

(21) A. W, Ralston and C. W, Hoerr, THIS JOURNAL, 64, 2824 (1942).
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Fig. 1.—Reaction vessel.

liminary investigation was made to determine this rate
constant. The reaction was followed by means of the
change of diffusion current with time. The data for these
runs are presented in Table I.

TaBLE 1

RAaTE CONSTANT OF THE IODINE-ACETONE REACTION AT
30.00 == 0.05° IN ABSENCE AND PRESENCE OF KCl

Concn. Concn. Concn. Rate
HC1 Concn, KI  acetone Analytical KC1 con-
(mole/ (mole/ (mole/ concn, I (mole/ stant
liter) liter) liter) (mole/liter) liter) %k X 10¢

0.0869 0.0895 0.242 1.36 X 10~¢ ... 47.9
.00869  .0895 242  1.36 X 10~¢ ... B52.5
.0869 .0895 242 6.80 X 10~ ... 56.3
.0869 .0895 242 4.08 X 10~¢ 49.4
.00869  .00895 242 1.36 X 10758 49.4
.00869 .000835 .0605 1.36 X 10-8 ... 49.5
.00869  .000895 .0605 1.36 X 10~ ... bB0.5
.00869 .000895 .0605 2.72 X 107® ... 50.3
.00869 .000895 .0605 2.72 X 1078 0.037 47.6
.00869 .000835 .0605 2.72 X 10~® .037 47.4
.00972 00099 .0675 1.51 X 10™5 .050 48.2

The rate constant, k, is defined by the equation kg =
V/(H *)(acetone), where V is the rate of disappearance of
iodine expressed in moles per liter per second. The average
value of 49.9 X 1078 mole liter ~! sec. " for the rate constant
at 30° agrees very well with the value of 50.8 X 1078 mole
liter~! sec. ™! obtained by interpolation from values given
by Rice and Kilpatrick! at an ionic strength of about 0.1.

The concentration of hydrochloric acid is the concentra-
tion of free acid left after reaction with iodate and iodide.

The average value (49.9 X 1078) of the true rate constant
in solutions of dodecaneammonium chloride is in good agree-
ment with the rate constant obtained in the absence of this
colloidal electrolyte. Evidently, the micelles do not affect
the reaction, even though most of the iodine is solubilized.

Experiments with Dodecanesulfonic Acid.—When apply-
ing the kinetic method to solutions of dodecanesulfonic acid
it is essential not to add any foreign electrolyte except acids,
in order to prevent an exchange between hydrogen ion held
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TasLE 11
RATE CONSTANTS OF THE IODINE-ACETONE REACTION IN
DopecanEamMoniuM CHLORIDE Sorvrtion (DDA-HCI) aT
30.00 £ 0.05°

Anal.
Conen. conen. Concn.  Appar- True
Concen, Conecen. Ace- Is DDA, ent rate
HC! KI tone (mole;, HC1 rate  Fac- const.
(mole/ (mole/ {mole/ 1. {mole/ const. tor KD
1) 1) 1) X 107 1) X 108 D x 108
0.00869 0.00895 0.0605 1.36 0.00458 49.7 1.00 49.7
. 00869 .000895  .0605 1.36  .0229 8.31 6.00 50.6
.00869 .000895 .0605 1.36  .0458 7.00 7.02 50.3
.00972 .00099 L0675 1.51 L0916 5.75 8.85 50.8
.00972 .00099 L0875 1.51 L2280 3.50 13.75 48.2

@ Ratio of iodine diffusion current in absence of DDA-HC1
to diffusion current in presence of DDA.-HCI.

by the micelle and foreign cations. The rate experiments
in these solutions were therefore made in the absence of any
potassium iodide.

The rate of disappearance of iodine in solutions of 1-n-
dodecanesulfonic acid in the absence of added hydrochloric
acid was measured by titrating after various times samples
of the reaction solution. To a 50-ml. volumetric flask were
added by pipet an appropriate volume of standardized do-
decanesulfonic acid solution and 25 ml. of standard iodine
solution and water until the volume below the mark was
just slightly greater than two ml. The flask was suspended
in the 30° thermostat to allow temperature equilibrium to
be established. The iodine solution used comtained no
iodide. It was prepared by shaking resublimed jodine with
water at room temperature until the solution was approxi-
mately saturated. This jodine solution was standardized
immediately before use by amperometric titration with 0.001
N sodium thiosulfate using the rotating platinum electrode
to detect the end-point. After the flask had remained in
the bath for 15 min., 2.00 ml. of standard acetone solution
(at 30°) was added, and water to make the solution up to
volume, the flask was stoppered and shaken thoroughly and
returned to the thermostat. At time intervals ranging from
6 to 15 minutes 2.00-ml. samples were removed and titrated
amperometrically. The time interval was chosen so that
about ten points could be obtained during a given run. The
rate of disappearance of iodine in solution of dodecanesul-
fonic acid and acetone as a function of the concentration of
the acid is given in Table ITI.

The rate calculated to the basis of one molar acetone con-
centration is given in column 4 of Table ITI. This gives the

T T T ! T !

Rate X 108 (inoles iodine/liter second).
©
]

ek .
aF ]
2 r* -
0l L | I ; ]

002 004 006 008 0.10 0.12

Concentration of 1-un-dodecanesulfonic acid (moles/liter)

Fig. 2.—Rate of the iodine acetone reaction at 30° in
solutions of 1-n-dodecanesulfonic acid vs. concentration of
1-n-dodecanesulfonic acid.
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TasLE III
THE RATE OF REACTION FOR THE REACTION BETWEEN
IODINE AND ACETONE IN AQUEOUS SOLUTIONS OF l-7-
DopECANESULFONIC AcIp AT 30.0°
Acetone 1" {obsd.)
Concen, conca. X 100

sulfonic acid (moles/liter) 1noles I/

(mole/liter) X 102 {liter) (sec.) ¥V X 10% (H "ecaled.

(.0153 1.11 8.64 0.778 0.0156
L0191 1.20 14.28 1.19 0238
L0274 1.133 20.4 1.80 L0360
L0410 1.140 33.1 2.91 L0580
L0682 1.133 58.2 5.12 .1023
.1366 1.140 130 11.4 228
. (6827 1.133 45.8 4.03° .0807

@ Solutio also 0.2 3 in K CI.

rate on a coinparable basis since the concentration of acetouc
was not the same in all of the experiments. In the follow-
ing we will refer to the rate calculated on the basis of one
molar acetone as the rate of the reaction. The values of
the rate given in column 4 of Table IIT are plotted vs. con-
centration of sulfonic acid in Fig. 2.

A series of experiments was also run in which the concen-
tration of dodecanesulfonic acid was kept constant but in
which various large excesses of hydrochloric acid were
present. To make corrections for ionic strength some experi-
ments were made with comparable concentrations of hydro-
chloric acid but without dodecanesulfonic acid. The rate
of the reaction was followed by measuring the change in dif-
fusion current.

The linearity of the relation between diffusion current and
iodinle concentration in solutions of 1-n-dodecanesulfonic
acid was first checked. The procedure used was similar to
that used with dodecaneammonium chloride with the excep-
tion that hydrogen peroxide was used to oxidize iodide to
iodine. It was found that the diffusion current was a linear
function of the iodine concentration at a given sulfonic acid
concentration.

The desired volume of standard sulfonic acid solution was
added by volumetric pipet to a 25-ml. volumetric flask
calibrated to contain and also to deliver; hydrochloric acid
was then added as previously described. Finally 15.0 ml.
of iodine solution (containing no potassium iodide and stand-
ardized immediately before use) was pipetted into the flask
and the volume made up to 25.0 ml. All the solutions used
were stored in the thermostat at 30.0°. The solution was
transferred into the reaction vessel, the electrode started,
and 2.00 ml. of standard acetone solution added. The
initial concentration of the various compounds present was
calculated assuming the volumes of the acetone solution and
the acid solution were additive. The rate of disappearance
of iodine in these solutions is given in Table IV.

TaBLE IV
RATE OF REACTION BETWEEN lODINE AND ACETONE IN
HyYDROCHLORIC ACID SOLUTIONS IN THE DPRESENCE AND
ABSExcE 0F l-z-DopecanNesurronic Acip at 30.0°

Couen. Rate

sulfonic Concn. v
acid acetone (moles I

(mole/ Conen. HC1l  (moles/liter) liter~! sec.™1) Vior.
liter) (moles/liter) X 102 X 108 X 108

0.0629 1.365 2.13 9.83 7.41
.0629 0.697 2.13 5.50 4.26
.0629 0.489 2.13 3.76 2.99
.0629 0.366 1.011 3.30 2.65
L0862 1.210 2.10 9.57 7.24
.0862 1.034 2.10 8.22 6.29
0862 0.915 2.06 7.31 5.62
.0862 0.617 2.25 5.19 4.08
.0862 0.563 2.06 4.88 3.85
.0862 0.268 2.06 2.87 2.44

Noue 1.514 1.011 10.90

None 1.312 1.011 8.87

Noue 0.592 1.011 3.99

Noue 0,477 1.011 3.23
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Discussion

The apparent hydrogen ion concentration in
dodecanesulfonic acid solutions may be calculated
from the equation H+ = V/50 X 107¢, where V
is the rate of reaction (on the basis of one molar
acetone). The value of 50 X 10-° is the rate
constant for catalysis by the hydrogen ion. The
assumption is made when using this expression that
the hydrogen ion is the omly catalyzing species
present in the solution. The values of the hydrogen
ion concentration as calculated by the above
formula are given in Table ITI. Itisseenthatatall
concentrations of sulfonic acid the concentration of
the hydrogen ions thus calculated exceeds the stoi-
chiometric concentration of the sulfonic acid. The
ratio between the calculated hydrogen ion concen-
tration and the concentration of the acid increases
as the concentration of the sulfonic acid increases.
The presence of potassium chloride causes a de-
crease in the calculated hydrogen ion concentration
which cannot be attributed to a change in ionic
strength since increasing ionic strength should lead
to an increase in rate of reaction and consequently to
anincreasein calculated hydrogen ion concentration.

The above results are easily interpreted if it is
assumed that in micellized solutions of dodecane-
sulfonic acid in addition to the hydronium ions not
associated with the micelle the hydrogen ions associ-
ated with the micelle (counter ions) exert a catalytic
effect, and that the rate constant of the hydrogen
ions associated with the micelles is considerably
greater than that of the free hydronium ions. In
agreement with this it is found that up to the
critical concentration of the sulfonic acid the
kinetically determined hydrogen ion concentration
is equal to the total concentration of the acid.
These experiments also show that the sulfonate
ions do not affect the rate constant. Addition of
potassium chloride (see Table II) replaces hydrogen
ions on the micelle with potassium ions, con-
sequently the rate constant should decrease, as
has been found. The results can be interpreted
quantitatively on the basis of the assumptions:
(1) the catalytic activity of the hydrogen ions
associated as counter ions on the micelle is directly
proportional to the concentration of these ions,
(2) the concentration of free sulfonate ions is
constant in solutions which are micellized and equal
numerically to the critical concentration, (3) the
ratio of hydrogen ions to sulfonate ions in the
micelle is constant and independent of the concen-
tration of the sulfonic acid, (4) the hydrogen ions
in the diffuse double layer behave kinetically like
free hydrogen ions.

The rate of the reaction can be written as

V="t [H*] + ku[H*]a (2)
where [H]s is the concentration of free hydrogen
ions, [H*]m the concentration of hydrogen ions
associated with the micelle, 2y the rate constant for
free hydrogen ions, km the rate constant for the
hydrogen ions on the micelle. The micelle may be
represented by the formula

(m—n)= |
V(m — n)HT
! diffuse layer
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and a ratio, B8, defined as
8= % = C[—,I—{;a = constant (3)

where C is the stoichiometric concentration of the
sulfonic acid and C, is the critical concentration.
Substituting equation (3) into equation (2) and
making use of the relation

[H*ls=C - [H']n

the rate of reaction for concentrations of sulfonic
acid greater than the critical concentration is given
b
d V = kaC + (kn — £m)8(C — () (4)

The values of 8 and kn must be evaluated to make
use of this equation, but only the value of the
product (km — km)8 can be evaluated from the
measurement of the reaction rate as a function
of the concentration of dodecanesulfonic acid.

To obtain the values of these constants, the
conditions of the experiment must be changed in
such a manner as to vary one constant in a known
manner while holding the other constant. Varia-
tions in B can be produced by varying the total
hydrogen ion concentration in the solution while
holding the total sulfonate ion concentration con-
stant. This was done by adding various amounts
of hydrochloric acid to solutions containing a
constant concentration of sulfonic acid. As the
concentration of hydrochloric acid is made much
larger than the concentration of dodecanesulfonic
acid, 8 should approach unity and the value of
km should then be readily obtainable. The results
of experiments of this type have been given in
Table IV. Values for the rate of reaction corrected
for the large ionic strength effect by means of the
rates determined in the absence of dodecanesulfonic
acid are given in the last column of Table IV.

By plotting the rate of reaction in solutions being
0.0862 M in dodecanesulfonic acid and containing
an excess of hydrochloric acid as a function of the
concentration of hydrochloric acid concentration
and extrapolating to zero concentration of hydro-
chloric acid the rate of reaction is obtained in a
0.0862 M dodecanesulfonic acid solution which
should be completely micellized and for which 8
equals unity. The large concentration of hydro-
chloric acid decreases the critical concentration
to very low values and saturates the micelles with
hydrogen ions. The rate of reaction vs. concen-
tration curve is given in Fig. 3. Values of the rate
which were corrected for ionic strength effect by
means of the curve run in the absence of sulfonic
acid are also plotted. The extrapolated value of
the rate is the same for the corrected and un-
corrected curves and is 0.86 X 10~° mole liter—!
sec.”l, When using the extrapolated rate to
calculate the value of ks we must assume that
km is independent of the ionic strength. On this
basis

kn = 0.86 X 107%/0.086 = 1.00 X 107 sec.™?
The value of 8 may be found by differentiating
equation (4) with respect to C which yields the
equation
dV/dC = ku + (ko — Eu)lf (8

The value of dV/dC is given by the slope of the line
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Fig. 3.—Rate of disappearance of iodine at 30.0° in 0.0862
M 1-n-dodecanesulfonic acid with various concentrations of
hydrochloric acid present.

in Fig. 2, the numerical value being 8.58 X 10—
sec™!. On substituting this value for dV/dC
and the value of km given above into equation (5)
a value of 0.74 is found for 8. The rate equation
is then

V =(50 X 107%)C + (3.7 X 1075)(C = (o) (6)

The data for 0.0629 M dodecanesulfonic acid
given in Table IV show too wide a scattering to be
used for the evaluation of 3. The data do confirm
the result obtained in 0.0862 M dodecanesulfonic
acid solutions in that they give a value of 8 lying
between 0.5 and 0.7. The uncertainty in the value
of B obtained in 0.0862 M solutions is of the order
of 10%. This large uncertainty is caused by the
fact that the uncertainty in 8 is about twice the
uncertainty in Zm.

The value of 3 can be obtained from the freezing
point depression of solutions of the sulfonic acid.
Making the same assumption that was made in
interpreting the kinetic data, that above the critical
concentration the concentration of simple sulfonate
ions remains constant and is equal to the critical
concentration, and also assuming that the micelles
are so large that they do not contribute to the
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freezing point lowering the constant, 8, is given by
the equation
1ds
P=l-xde

where X is the cryoscopic constant for water and
d6/dC is the slope of the freezing point lowering
vs. concentration curve. An equation similar in
nature has been given by Brady and Salley.
Using the freezing point data of McBain, Dye and
Johnston?? we have evaluated a constant value of
B of 0.89 in the concentration range 0.01 to 0.10
M. From the data of McBain and Betz? for the
freezing point lowering in more concentrated
solutions we find by this method that for the
concentration range 0.1 to 0.5 molal the value of
B is 0.73, and for the range 0.5 to 0.9 the value of
B1is 0.64. Asisto be expected, the latter value is in
agreement with the value one obtains using the
method of calculation originally suggested by
McBain!* since in this concentration range the
contribution of unmicellized sulfonic acid may be
neglected.

The values of axm+ obtained by Walton!* from
e.m.f. measurements of cells without liquid junc-
tions provide another method for estimating the
value of 8. Taking 0.007 M as the critical con-
centration,”® 8 is given by the equation 8§ = [C
— (aw+/H*)]C — 0.007; this equation is consistent
with our previous assumptions. To obtain the
activity coefficient of the hydrogen ions in dode-
canesulfonic acid solutions, we have made the
assumption that the activity coefficient of the
hiydrogen ion is the same in equimolar solutions
of dodecanesulfonic acid and hydrochloric acid.
This assumption has been used by McBain and
Walton to interpret their data. Assuming that
Yu+ in hydrochloric acid solutions is equal to
Y+ we have evaluated vx+ in dodecanesulfonic
acid solutions using values for the activity co-
efficient of hydrochloric acid solutions given by
Harned and Owen.?* The values of 8 calculated
from the above equation are for C = 0.020, 8 =
0.47; for C = 0.083, 8 = 0.68; and for C = 0.200,
B8 = 0.64.

The estimates of the ratio of bound hydrogen
ions in the micelle from the e.m.f. of cells without
liquid junctions, the kinetic data, and the freezing
point data for solutions of a concentration greater
than 0.1 molal are in good agreement, giving a
value of 3 of about 0.7.
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