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Solubility Studies on Substituted Ammonium Salts
of Halide Complexes

II. Tetramethylammonium Trichlorostannate (1I)
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Tetramethylammonium trichlorostannate(II) has been found to
form a single phase in equilibrium with chloride ion in hydrochloric
acid from 2.0 to 9.0 M in concentration. The single phase is also
present at ion concentration of 4.0 maintained with mixtures of
H(HSO,) and HCIL. Solubility equilibria have been studied assuming

the validity of the equations for the formation constants of SnCI>™”
complexes:
K, = [SnClL:"]/[SnCI2"] [CI']

n-1
and for the solubility product:
K; = [(CHg)N+] [SnCly7]

Analysis of data obtained at [HCI] 4 [H4S0,] = 4.0 using the equa-
tions of paper I gave consistent results for the various K, values and
a single value for K. Analysis of data in varying hydrochloric acid
concentration (no other large source of ions present), substituting
activity of chloride ion for [Cl"] also gave consistent results for the
various K, values and the same single value for Kj.

The results of this study confirm the suitability of using H,SO,
as an inert 1:1 electrolyte for maintaining constant ion normality.

Stannous ions are found to coordinate with a maximum of four
chloride ions in solutions containing up to 6.0 M hydrochloric acid.
A comparison of the distribution of various SnCE2™ with kinetic

data on reactions employing Sn(II) as a reducing agent indicates
that SnCl,” is the most active reducing agent among the various
chlorotin(II) complexes.

* Chemistry Department, Swarthmore College (on leave to Kem. Lab. A 1960—1),
** Organic Chemistry Institute, University of Munich, Germany.
*** National Cancer Institute, Bethesda, Md., U.S.A.
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312 G.P. HAIGHT, Jr. ET AL.

The frequent employment by one of us (GPH) of stannous ion as a reducing
agent in kinetic studies * of oxidation-reduction reactions has prompted
us to investigate further the nature of Sn(II) species in chloride media. Stu-
dies reported in the literature describe complexes with ligand number up to
four 3-° and also with ligand number reaching a maximum of three ¢, while
recently data of Duke and Courtney 5 have been reanalyzed using computer
techniques * and found to be consistent with a maximum of three chloride
ligands per stannous ion. Our discovery that tetramethylammoniumtrichloro-
stannate(II) is formed in high purity from hydrochloric acid solutions of tetra-
methylammonium chloride and stannous chloride over wide ranges of chloride
ion concentration provided a useful method for settling the question of the
presence or absence of a tetrachloro complex and for checking the complexity
constants in the literature. A preliminary study of the solubility of the salt
vs. concentration of hydrochloric acid revealed a sharp minimum at 3.0 M acid.
This meant that at higher concentrations of chloride the tetrachlorocomplex
and perhaps higher complexes would become the dominant Sn(II) species
present. A careful study of the solubility at constant ion strength of 4.0 using
sulfuric acid as 1:1 electrolyte has provided a test of the proposition ! that
sulfuric acid could be so used and enabled us to determine the relative concen-
trations of the various chloro-tin(II) complex species over a wide range of
chloride ion concentrations. In the absence of sulfuric acid, activity of hydro-
chloric acid ws. solubility gives the same information up to an activity of 29
(6 molar).

EXPERIMENTAL

Eastman white label tetramethylammonium salts were analyzed argentometrically
for halide content and found suitable for use without further purification. Analytical
grade hydrochloric and sulfuric acids were diluted with distilled water. Hydrochloric
acid was standardized by titration of weighed sodium carbonate using methyl orange
indicator and by potentiometrie titration with silver nitrate. Sulfuric acid was standard-
ized with sodium carbonate and by measuring its density. All other reagents were of ana-
Iytical grade and used without further purification.

Preparation of tetramethylammonium trichlorostannate (11 ). This salt can be precipi-
tated in high yields and high purity simply by mixing solutions of the two ions in 3.0 M °
hydrochloric acid and cooling to 0°C in an ice bath. The concentration of acid is not
critical, salts of the same composition being prepared from solutions 1.0 to 9.0 M in
hydrochloric acid. The solubility studies indicate that the concentration of trichloro-
stannate(II)ion is & maximum in 3.0 M acid, and that hydrolysis may occur if the chloride
and hydrogen ion concentrations each are as low as 2.0 M. Commercial stannous chloride
gave preparations which were 98.5 to 99.0 9, pure, the chief contaminant probably being
tin(IV). If stannous chloride solutions are prepared by passing solutions of cupric chloride
in hydrochloric acid through a tin reductor in an inert atmosphere, very pure prepara-
tions of salt always result. The salt has a large temperature coefficient of solubility and
may be recrystallized by dissolving in hot hydrochloric acid and cooling. The salt is
washed with alcohol and ether and dried in the absence of oxygen. The dry salt is non-
hygroscopic, stable to oxidation by air at room temperature and might well be a good
primary standard as a reducing agent. Once in aqueous solution, however, it is as suscept-
ible as stannous chloride to air oxidation. Analysis for tin(II) was made by permanganate
titration, chloride was determined by potentiometric titration with silver nitrate after
oxidizing tin(II) to tin(IV). Often tin(1I) and chloride were determined consecutively
on the same sample. Microanalyses for carbon, hydrogen and nitrogen were performed
by the Clark Microanalytical Laboratory. The difficult to analyze quaternary nitrogen
generally gave poor results. Results on a typical preparation showed: Sn 40.06;
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Cl 35.9; C 16.26; H 3.99; N 4.83 %,. Calec. for C,H,,NSnCl,: Sn 39.6; Cl1 35.6; C 16.1; H 4.04;
N 4.68 %.

Solubility studies on the chloro-salt were carried out with solutions from which
oxygen had been removed by bubbling through nitrogen or hydrogen scrubbed with
chromous sulfate solution. Reproducible results were obtained only when the salt was
covered with solution in a wax sealed, completely filled and stoppered weighing bottle.
The bottle was placed in a constant temperature bath and shaken at 25.0° for 24 h,
equilibrium being reached well within this time. Samples were withdrawn with a filter
pipette immediately on breaking the seal and added to a solution containing an excess
of standard permanganate solution in dilute sulfuric acid. The permanganate was back
titrated with standard sodium oxalate solution. Difficulty was encountered occasionally
with colloid formation. Samples that did not become wvery clear shortly after shaking
ceased gave slightly high results. Despite the fact that commercial stannous chloride
containing 10 to 20 % tin(IV) gave rather good preparations of the complex stannous
salt, the presence of the smallest air bubble in a reaction bottle led to low solubilities.
Evidently the hydrolyzed stannic chloro complexes do not precipitate the tetramethyl-
ammonijum ion, but oxidation in a solubility study frees tetramethylammonium ions
which suppress the solubility of the stannous salt. This difficulty could be minimized in
future work by using a large excess of tetramethylammonium ion in the solvent.

Except for a few measurements on solubility in various hydrochloric acid concentra-
tions, all studies were made with a concentration of 4.0 M hydrogen ion to suppress hydro-
lysis, and to permit chloride ion concentrations well in excess of that corresponding to
the minimum in the curve obtained for hydrochloric acid (Fig. 1). Ion concentrations
were maintained using sulfuric acid as a 1:1 electrolyte. (Perchloric acid could not be
used owing to the insolubility of tetramethylammonium perchlorate). A nearly exact
correspondence eXists between concentration and activity properties of H(HSO,) and
HC1O, in the region of 4.0 M concentration 8.

Analysis of data has been carried out by

(@) Assuming activity coefficients remain constant at constant ion normality,
[H(HSO0,)] + [HCl] = 4.0, and using concentrations in expressions for equilibrium

constants K, = [SnCIE")/[SnCIE"] [C17]
and

SnCl
(b) Assuming K, = [S—'n[c—l—%la’ where a is activity, in hydrochloric acid solutions
n-1

I.?r-

3 = ~
L L] LD

Sx102 moles /!
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T
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2 3 4 5 6
[HCl] moles/l

Fig. 1. Solubility curve of tetramethylammonium trichlorostannate(II) vs. concentration
of hydrochloric acid showing minimum at 3.0 M.
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Fig. 3. Plots used in search of evidence for

the presence of pentachloro and monochloro

complexes in the solutions studied. The

minimum at left requires the presence of

SnClt andfor Sn2+. The absence of a

minimum on the right suggests the absence
of SnCl§~ but does not prove it.

represent raw data. Crosses show corrected
chloride concentrations for curve B.

in which ion strength is varied and which contain no other substance than hydrochloric
acid in Jarge concentration and small concentrations of (CH;),NSnCl,.

RESULTS

The solubility curves vs. hydrochloric acid concentration are shown in Figs.
1 and 2. The line drawn through the points in Fig. 2 favors the points deemed
most reliable by virtue of increasing experience with the technique. All points
which could not definitely be ruled out as having been subject to oxidation, or
involving obvious colloid formation are included. At the lower concentrations
the correction of the curve for chloride ions derived from the solution of the
salt is shown together with the corrected points. This curve with the theoretical
limiting slope of 0.51 at zero added chloride is the curve upon which calcula-
tion of constants was based, and corresponds nearly identically to a curve
calculated from the constants reported. The maximum at 2.0 M acid in the
curve obtained in hydrochloric acid alone (Fig. 1) corresponds to a change
in the solid phase. The salt became gelatinous in appearance suggesting hydro-
lysis with the formation of stannous hydroxide or basic chloride. This is con-
sistent with the detection of hydrolysis by Vanderzee and Rhodes ¢ at 3.0 M
hydrogen ion and low chloride ion concentrations. The data used, in calculating
constants are summarized in Tables 1 and 2.

Analysis of data. Detection of species present. The minimum of the solu-

bility curve shows clearly the presence of SnCl,, SnCly, and SnCl;~. Fig. 3
shows plots designed to locate minima corresponding to average ligand num-
bers (n) of two and four !. There is an apparent minimum for the S2[Cl-] vs.
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Table 1. Solubility data at ion normality = 4.0.

[HCl], [H,SO,] [Cl] S ST x 108 e
m/l m/l m/] . m/l

0.00 4.0 0.18 0.1340 17.9 1.70
0.30 3.7 0.38 0.0939 8.8 2.20
0.36 3.64 0.43 0.0912 8.3 2.25
0.67 3.33 0.71 0.0757 5.72 2.562
0.80 3.20 0.83 0.0738 5.43 2.70
1.00 3.00 1.00 0.0722 5.20 2.80
1.60 2.40 1.60 0.0698 4.88 3.00
2.00 2.00 2.00 0.0707 5.00 3.27
2.30 1.70 2.30 0.0717 5.12 3.39
3.00 1.00 3.00 0.0755 5.70 3.56
3.50 0.50 3.50 0.0792 6.25 3.66
4.00 0.00 4,00 0.0832 6.91 3.77

a from slope of S ws. [Cl"]. Corrected for [Cl"] produced by or added to dissolved
salt, using eqn.
[Cl'lo

[C17] = T+ 248/d[CL] (Ref.1).

[CI7] plot very near to the lowest attainable chloride concentration. This
corresponds to a maximum concentration of SnCl,, and indicates that SnCl*
must be a minor factor at every experimental point, the fact that Sn2* is the
only species present at total chloride concentration equal to zero can be used
to extend the data to lower chloride concentrations than the measurements
alone allow. At the highest chloride concentration no minimum for S2%/[Cl-]
is observed even at activity 29. Complete conversion to SnCls without the
formation of any SnCly~ is apparently the situation, although the failure to
reach a minimum corresponding to % = 4.0 cannot be used to rule out a pen-
tachloro complex. It must be recalled that the data of Duke and Courtney ®
and of Vanderzee and Rhodes ® did not warrant introduction of SnCli~ into
their calculations simply because the data did not extend to high enough
chloride concentrations. We could fit our data by assuming an SnCl~ complex,
but could fit it equally well without so assuming.

Table 2. Solubility data in hydrochloric acid solution.

[HCI] ayci S 82 x 103 ne
m/l1 m/l m/l

6.00 29.0 0.130 17.0 3.90
5.00 17.0 0.1045 10.9 3.82
4.00 8.7 0.0832 6.9 3.77
3.75 6.67 0.0813 6.67 3.75
3.00 4.17 0.0750 5.60 3.00
2.75 3.72 0.0775 6.00 2.92
2.50 3.40 0.0814 6.60 2.85
2.25 2.78 0.0854 7.28 2.70
2.10 2.37 0.0878 7.70 2.67

@ From slope of 8 vs. ayey curve.
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Attempts to extract HSnCl; from aqueous solutions in which SnCly is
a prominent species into chloroform (HCCl,) gave negative results. This pro-
vides qualitative evidence for the absence of molecular HSnCl, indjcating
that it is a very strong acid contrary to the conclusions of Lachman and
Tompkins 19,

Determination of complexity constants. Given the species present, and using
the notation of the previous paper !, substituting Sn** for M, and (CH,),N*
or A%, the equation for the solubility is:

4
8 = [(CH,),N*+] = f[SnCl:'"] (1)

where S is the solubility in moles per liter and n the number of chloride ions
bound to Sn2*.
If we define a solubility produect:

K, = [(CH3)4N+] [SnCly] (2)
it follows that
_ 5 s BfC
8t = K. 2 porp @
and
d1n §2 _
dmpeg " ° (4)

Eqn. 4 is the Bjerrum equation for finding the formation function ® modified
for the use of solubility data. In Fig. 4 the formation curve obtained through
application of this equation is shown. We have chosen to plot 7 ws. [CI7]
rather than log[Cl~] in order to make use of the point at the origin. The log
plot gives the familiar inflected curve for the last three steps in the formation
of SnCl3". From the curve vs. [Cl7] it is possible to obtain first estimates
of the formation constants by applying the rules:

1 1
K, —— and K, K, — —
[Cl—]icn—o.s +l [Cl‘-l?—,,”
4
- 3 I
n
2

1

x awer 7 14 21 28

o [Cl7] ! 2 3 4
H=4.0 moles/l

Fig. 4. Formation curves for SnCl2” complexes as a function of chloride concentration
at ion normality = 4.0 and of activity of hydrochloric acid in variable ion strength.

Note the usefulness of the 0, 0 point when the plot is made in this way.
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Table 3. Results of calculations based on Tables 1 and 2.

Using Using ayg in HC1
[CI]in 4 M ([HCI]+[H,S0,]) of varying concentration

a b a b
K, — ~28 ~5.0°
K, 8.00 8.0 5.00 ~1.2¢
K, 0.90 1.3 0.30 0.40
K, 0.65 0.7 0.25 0.24
F, = KK ,[CI"] 1.15 x 1073/[Cl] 0.5 x 107%/agq
Fy = KK Cl7] 2.0 x 1073/[Cl"] 6.5 x 1073/ayc
Fy = KK,K, [CI]? 0.25 x 1073/[CI"]2 110 x 107%aq
K = [(CH,),N+] [SnCl,"] 1.7 x 107 1.7 x 107

a. Using F values.
b. Using 7 values.
¢. From formation curve. Not reliable, unimproved.

As first approximations
K, ~33 K, =60 K,=14, and K, = 0.36
K.,K, = 0.65, K,K; = 9.0, and K K, ~ 230.

The approximate values have been improved by applying the method of

Bjerrum ' to the experimental points on the formation curve using the formula
a1t

K — 1 =0 [Cl"]tK”_lKn._zK"_a...Kn_.;

”n 1—' t=N-n .
[C J 2 (n—n—}—t)[Cl"]‘K,,+1K,,+2...K,,+;

t 0

(5)

Eqn. (5) is usefvl only in the region of the formation curve where the species
involved in the expression for a particular K, are present in appreciable con-
centrations. The improved values of the constants are summarized in Table
3. It is interesting to note that only the approximate value of K, is seriously
different from the improved value reported in the table. The values in the table
are averages of six or seven points improved by application of eqn. (5) except
for values of K, where only the three points at lowest chloride gave reasonable
results. This implies that significant concentrations of [Sn2*] are present
at these points.

Values of constants were also estimated by graphical successive approxi-
mations similar to those employed by Leden 12 and Ahrland 13, This method
employs the equation:

82 = Ks[l + K,[CI7] + Koa T KsKZ[Cr]ﬁKusKl[Cl']a] ©

Plotting 82 vs. [Cl~], one obtains F, = KK, [Cl-] from the limiting slope
at high [Cl~]. Plotting 8% — F, vs. 1/[Cl~], one obtains from the slope Fy =
K /K, [CI7]. Plotting 82 — F4 vws. [Cl7] gives improved values of F, and so
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Fig. 5. Analysis of solubility data at ion normality of 4.0 by the method of Leden and

Ahrland. Improved plots using F values converge on intercept at 1.7 x 107 = K.

Curves given by @ and x are used for first approximations for F, and F; values. Plots
given by [J, A, and O represent best fits of data to eqn. (6).

on. Each plot should give an intercept for 82 = K,. Successive improvements
lead to the convergence of intercepts on the best value of K. An illustration
of tile use of this method to estimate K, values at ion normality of 4.0 is found
in Fig. 5.

The available data cannot give K, by this method, but new data at lower
[CI7] and high (CH,),N* could conceivably do so. The two methods of calcu-
lation give comparable results as shown in Table 3 which summarizes values
for constants and final F, values used in the second method of calculation.
The Bjerrum method suffers from the need to determine n values from the slo-
pes of curves, while the Leden method places too much reliance on extrapolated
values of K, which must be determined to calculate K, values. Application
of the Leden method should reveal departures from constancy of K values
at different ligand concentrations, and the Bjerrum method permits estima-
tion of K, values derived from data at ligand concentrations lower than the
limitations of experiment will normally allow.

Use of activity of hydrochloric acid in place of concentration. This substitu-
tion gives consistent results only if sulfuric acid is absent. Molal activity co-
efficients for hydrochloric acid were obtained from published tables ® and
converted to molar activity coefficients. By substituting molar activities for
concentration of chloride in the equations previously employed, K, values
may be calculated as before, assuming the formula

[SnCL,]
Ky = [80011] ana (7)
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Fig. 6. An illustration of the application
of the method of Leden and Ahrland to
solubility data at varying activity of hy-
drochloric acid. Plot for finding F,is not
shown. Note the convergent intercept cor-
responding to Ky = 1.7 x 1072, Activities
of hydrochloric acid were used assuming
eqn. (7) is applicable.

SnClyy ShCl’( %
SnCl3 Sat? ] 90
170
150
SnCIZf 1%
{110

0 1 2 3

-log [CI"] H=4.0

Fig. 7. The distribution of various SnCl2-»

complexes at ion strength 4.0 and varying
chloride ion concentrations.

is valid. The formation curve derived by the Bjerrum method is given in Fig.
4. Fig. 6 illustrates the results of using the Leden technique for calculating
K, and K, Rather surprisingly, the improved F values give not only straight
lines, but a common intercept at the same value of K, which was found in
the analysis of data at constant ion normality of 4.0, The results of this ana-
lysis of data are summarized in Table 3. In Table 4 a comparison of constants
obtained at different ion normalities by various techniques is made. It is
seen that the values of the constants divided by the molar activity coefficient
of bydrochloric acid when its concentration is equal to the total ion normality
give values in fair agreement with those obtained employing eqn. (7).

Table 4. Comparison of K, from different studies.

u = 2.0M

K, 114
K, 4.6
K, 0.6
K, -—

K, lysa 10.6
K,lyaa 4.1
Kilyaa 0.4
K, /yuc1 -

u = [HCI] + [H,80,]

u = 3.0 M¢ u = 4.0 M*
a b
14 28
3.5 8 8

0.95 0.9 1.3

— 0.65 0.70

9.3 11

2.3 3.6 3.6

0.6 0.4 0.6

— 0.3 0.3

y is mean activity coefficient for pure [HCI] = u.

* Present work.
a. Using F values.
b. Using 7 values.
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The relative concentrations of the various SnCli™ species have been
determined and are presented graphically for ion normality of 4.0 in Fig. 7.
Disagreements with previous studies arise as follows:

(a) Vanderzee and Rhodes ¢ did not have sufficient data to include K, in their cal-
culations.

(b) Prytz ® applied Debye-Hiickel activity corrections at ion concentrations too high
for them to be valid and apparently ignored hydrolysis effects. In a subsequent publi-
cation ! she reported studies on Sn(II)-OH complexes. Her distribution of SnCl, species
in 3.0 M hydrochloric acid agrees remarkably well with ours.

(c) The only serious disagreement appears in the work of Riccobini ef al.* and this
too may be attributed to his use of activity corrections based on the Debye-Hiickel
theory in solutions of high ion normality.

All in all, the agreement between the different methods is excellent and
will probably be improved when an adequate theory is available for more
concentrated electrolyte solutions, or by simply employing a standard set of
assumptions for calculating values of K, from available data.

DISCUSSION

The results obtained by using eqn. (7) require comment. The analysis indi-
cates not only that eqn. (7) holds within the accuracy of the experimental data,
but that K, is not affected by large changes in ion concentration. There is one
precedent for employing eqn. (7) in the work of Bjerrum 15 on the complexes

of CuCly™. Bjerrum assumed the existence of a mean activity coefficient:

P feuar,, for-

fc“dn'!-l

He also noted that for a number of electrolytes at molarities > 3
log f+ = A + BC

where A and B are constants and C is molar concentration. Assuming that
F has similar properties to f., Bjerrum found for studies in hydrochloric
acid that B for the mean activity coefficient, F, was the same as B for HCl
and that his data could be fitted to a smooth curve if the A values corre-
sponding to f,. and F were also the same. Examining his data one finds that

eqn. (7) with Cu substituted for Sn would describe the CuCl; "system very
well.

Another interesting result of the present study is the apparent constancy
of K, over wide ranges of chloride ion concentration and of total ion normality.
The assumption that there is little effect on the activities of minor consti-
tuents is put to a rather severe test since concentrations of tetramethylammo-
nium ion rise as high as 0.13 M, yet the K obtained by extrapolation remains
1.7 X 1073 (moles/liter)? within a few percent. It may appear that the constancy
of K has been assumed and built in to the analysis of the data. Insofar as the
slopes of plots of F functions are multiples of K this is true. The constancy
of the intercept and straight lines for F functions are experimental results

Acta Chem. Scand. 16 (1962) No. 2
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SnCly~
Table 5. Comparison of rate constants and %Srrll(l;)% =
Cone. [CI"] ke a
2.0 0.008 30
3.0 0.020 60
4.0 0.002 10
6.0 3 x 10 <1

a Ref.16

which we doubt could be obtained if K, were to vary considerably at differ-
ent ion strength. The apparent constancy of K, coupled with the apparent
validity of eqn. (7) imply that the assumption that the activity coefficients
of ions present in low concentration in solutions of high ion normality are not
much affected by changes in the ion normality. The only other reasonable
possibility is that this assumption introduces a startling combination of
cancelling errors.

The failure to find evidence for formation of SnCI3~ implies only that its
formation constant is extremely low. In preliminary results on the solubility
of tetramethylammonium tetrachloroantimonate(IIl) definite evidence for

the existence of SbCIz~ has been obtained 6. The higher charge on Sb3t over
that on Sn?" means that formation constants will be higher for the antimony

complexes. The detection of a higher maximum ligand number for SbCL ™

reflects this. It is thus apparent that SnCl3~ represents an upper limit for
ligand numbers for reasons of stability rather than for reasons of structure.

Relative reactivity of the various SnCly ™ complexes. It has been observed
that the rate constant for the molybdate catalyzed reduction of hydroxylamine
by stannous ions varies with hydrochloric acid concentration, having a sharp
maximum at 3.0 M hydrochloric acid ¥. Since this maximum corresponds to
maximum concentration of SnCl,~ relative to other chlorotin(II) complexes
as shown in this study, the conclusion seems inescapable that SnCl; is the
most reactive of the chlorotin (IT) species. Table 5 shows the qualitative corre-
lation between the relative amount of SnCl;~ present and observed rate con-
stants. Duke and Peterson 18 came to the same conclusion as a result of their
study of the rate of reduction of methyl orange by stannous ions. This finding
is interesting when compared to the finding of Gerischer 1 that Cd(CN),™ is
the most easily reduced of the cadmium cyanide complexes during electrolysis
of their solutions, and the observations of Vlcek 20 showing that complexes
of the type MX,Y are the most reducible of mixed complexes of the octa-
hedral type. There seems to be a strong suggestion that maximum asymmetry
leads to maximum reactivity. If SnCl;~ is in fact Sn(Cl,H,0)-, its reactivity
is understandable in similar terms.
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The rate of the conjugation-isomerisation of linseed oil in a solu-
tion of K-butoxide in butanol is increased enormously by the presence
of an excess of dimethylsulfoxide, dimethylformamide or tetramethyl-
urea. The reacticn may thereby be caused to proceed rapidly at room
temperature.

In the literature concerning the effect of the solvent on the rate of organic
reactions most authors have tried to correlate the effect to the polar
properties of the solvent. This theory has led to equations which, for each type
of reaction, postulate a certain relationship between the rate and the dielectric
constant of the solvent. In two recent publications we discussed these pro-
blems 2, and gave several examples of reactions where there seems to be no
such correlation. In many cases special types of interaction between the reac-
tants and the nearest neighbour solvent molecules seem to outweigh the integral
electrostatic effect of the polar forces. As an example of this type of effect we
have described briefly some types of base-catalyzed reactions. One of the
reactions mentioned was the conjugation-isomerisation of poly-unsaturated
fatty acid compounds. In the present paper some of the preliminary results
of these investigations are described.

When analyzing a fatty acid compound for the content of different poly-
unsaturated fatty acids, conjugation of the double bonds is usually brought
about by treatment of the compound at 180°C with a solution of KOH or K-
alcoholate in alcohol. From the amount of conjugated diene, triene efc., as
determined from UV absorption spectra, the content of the original poly-unsa-
turated fatty acids may be estimated.

As will be shown below, we have found that the conjugation-isomerisation
proceeds rapidly even at 25°C when using a mixture of K-alcoholate in alcohol
and an excess of dimethylsulfoxide, dimethylformamide or tetramethylurea
as the reaction medium for the conjugation process.
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