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INTRODUCTION
The question of the constitution and properties of
the diazo compounds has been the subject of much discussion
and investigation since the preparation (1) of the first
member of the series in 1858.
Members of this series, containing a system con¬
sisting of an aromatic nucleus united with two nitrogen
atoms, may be considered to be derived from an amphoteric
diazohydroxide having the empirical formula ArN20H, Ar repre¬
senting the aromatic nucleus.

In the acid pH range this

hydroxide forms the familiar diazonium salt (ArN2X-, X~
being an anion.

In the basic range there are two diazotates

of the same empirical formula (ArN20)*’M+, M+ being a cation.
It has become conventional to term the first product result¬
ing from the action of alkali on a diazonium salt the "normal
diazotate", while the isomer into which it rearranges is
called the "iso-diazotate".
The constitution of the isomeric diazotates has been
the subject of a considerable controversy in the literature.
The most reasonable theory has been advanced by Hantzsch (2),
who considers that the diazotates are derived from two
stereoisomeric diazohydroxides
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A closely related isomerism of the dlazocyanldes was used as
support for this argument.

From consideration of their proper¬

ties, including ultraviolet spectra (11), Hantzsch concluded
that the labile and stable diazocyanides were stereoisomers
Ar-fif

A

“~n
rr- cs PC

NHC-IV

labile. or "stjh*

Stable,

or

"Anti"

di&xo cyAnide.

di&zo cyAh ide.

The isomerism of the diazotates was considered to
be structural rather than geometrical by Hodgson and Marsden
(3)#

From consideration of differences of chemical reactivity

(26), the Isomerism of the dlazocyanldes was represented as
structural

Labile Stable
The normal diazotato ion was given the structure
while the iso-dlazotate was considered to be an ion pair re¬
sulting from a nitrosamlne structure
n
O

Ion pairs in aqueous solution are in rapid reversible equi¬
librium with the individual ions.

Only in the crystal can the

relative positions of the ions be permanently fixed.

In¬

spection of the structures representing the normal diazotate
ion

Ar-tisif-o:

and the ion resulting from dissociation

of the ion pair /3 K-#-/?*indicates that they are
readily interconvertible by shift of electron pairs, so that
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they may be considered contributing structures to the same
resonance hybrid, and could not be considered distinct
Isomers# Since the normal diazotate and the Iso-dlazotato
In solution are separate entitles, the theory concerning the
nature of their Isomerism advanced by Hodgson Is untenable#
From the evidence of dipole moments (4), infra¬
red absorption spectra (5), and magnetic optical rotation
(6), Anderson, LeFevro, and Savage conclude that the diazo¬
cyanides are not structural Isomers, but geometrical isomers,
which evidence supports the theory of Hantzsch#
The presently accepted concept of the diazonium ion
is based in part on the work of Hantzsch. By comparing the
effect of dilution on the molar conductance of a diazonium
halide with the effect of dilution on the molar conductance of
an alkali metal halide solution, he concluded that the dia¬
zonium salt is as completely dissociated in solution as is
the alkali metal salt (8)# Further, from comparison of ionic
mobilities, he established the near relationship of the
diazonium ion to the quarternary ammonium ion, and usod this
relationship as a confirmation of the structure Ar— Ks t(
where three hydrogen atoms of a normal anllinlum Ion are re¬
placed by another nitrogen atom (9).
The dissociation constants for a number of dia¬
zonium hydroxides were calculated from conductivity; measure¬
ments and were found to vary from only a little greater than
the dissociation constant for ammonia to the Immeasurably
largo constant for a strong base {10)» These calculations
mado use of the Arrhenius method for computing the degree of
dissociation,oi9 which is given by the simple formulacc a
in which/? is the equivalent conductance at the concentration

$
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In question, and /7*is the limiting or "infinite dilution"
value of that conductance. It is now known that the Arrhenius
theory provided an inadequate picture of the phenomena
occurring In solutions of electrolytes (24). As a consequence
the values given by Hantzsch for the dissociation constants
of the diazonium hydroxides are Inaccurate*

However, it is

not unreasonable to conclude from this work that the varia¬
tion in dissociation constant of the diazonium hydroxides is
real* Hantzsch (10) has discussed the possibility of an
equilibrium of the type
/Jy-fe// + 6H~ ON

%

Ho-rt

Present knowledge of molecular structure forces
the omission of the unionized diazonium hydroxide with five
covalent bonds to nitrogen as a likely Intermediate in the
equilibrium, but does not prohibit the equilibrium
Ar-ftst/ +- CH~ Gy-tf
/to-tf

Variations in position of the above equilibrium due to
differing substitution on the aromatic nucleus may explain
the variations in dissociation constant.
It is an experimental fact that under certain con¬
ditions a dlazocyanide precipitates if a cyanide salt is
added to an acidic solution of a diazonium salt (14). This
indicates both a reaction producing diazocyanide and the
presence of diazocyanide in solution, and since in addition
it is known that the dlazocyanides formed in this reaction
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couple with naphthol (25), it is probable that there exists
an equilibrium of the type
+

c=/r *=? /?#.-/*'
H

ft%c-/f
The purpose of this thesis is to present evidence
for the presence, with X" an anion other than hydroxide ion,
of equilibria of the type flr-HsN + X~

Ar-//=//— X

The formula written on the right of the above equilibrium
expression is not meant to represent a true spatial configura¬
tion of the molecule.

The thesis also presents results of

investigations designed to determine values of the dis¬
sociation constants of diazo compounds resulting from the
interaction of a diazonium ion with certain anions.
In determining the possible presence of equilibria
of the type mentioned in the preceding paragraph, the ultra¬
violet absorption spectra of certain diazonium salts were
determined In the presence and absence of added electrolytes#
Spectral studies on the diazonium salts have been carried
out by Hantzsch and Llfschitz (11), Waterman and co-workers
(12), and Wohl (13), among others#

For quantitative compari¬

sons the early spectral work seems of limited value, both
because of the crude spectrophotometfic methods employed and
because in some cases It Is doubtful that the workers
isolated the diazo compound in a pure state.

EXPERIMENTAL
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EXPERIMENTAL
A. Preparation of Compounds
1. Substituted Benzenediazonlum Fluoborates
The dlazotlzatIons of £-chloroani1ine and £-toluidine
were carried out using the "Direct Method" as given by
Saunders {15)• The method of Schwalbe (16) was used to ac¬
complish the diazotlzation of £-nitroani1ine. In all cases,
after diazotlzation was complete, as Indicated by the action
of excess nitrous acid on starch-iodide paper, the solution
of the diazonium salt was filtered.

Addition of 40 per cent

aqueous fluoboric acid precipitated the diazonium fluoborate.
The solid fluoborates were washed with 5 per cent fluoboric
acid, then with water, and finally with ethanol. Although
all wash solutions were cooled in ice before using, large
quantities of the salt were dissolved and lost in this step,
leading to final yields of about 30 per cent of theoretical.
The fluoborates prepared in this manner were very stable,
and could be preserved in a desiccator over calcium chloride
for a period of months in the absence of light.
A discussion of the properties and preparations of
diazonium fluoborates is given in Organic Reactions (17).
2. Sodium Fluoborate
Forty per cent aqueous fluoboric acid was neutral¬
ized with sodium carbonate. A small amount of the fluoboric
acid was then added to assure complete destruction of the
carbonate. Addition of ethanol precipitated the salt, which
was recrystallized twice from an ethanol-water mixture.
Samples of the salt were analyzed for sodium content
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by decomposing them with concentrated sulfuric acid in
platinum crucibles and weighing as anhydrous sodium sulfate.
Analysis: Calculated for NaBF4:

% Na = 20.89

Found:

1. %Na = 21.00
2. % Na » 20.97

From the method of preparation a small amount of
sodium fluoride could appear with the desired product, and
this is the most probable explanation of the high sodium con¬
tent.
3.

On this basis the product was 99.6755 (by weight) NaBF4.

£-Nitrophenylthiocyanate
A small amount of this compound was prepared for

spectral examination by a modification of the method of
Korczynski (18).
Five grams (.036 Mole) of £-nitroani1ine were dis¬
solved in 100 ml. of 1.1N hydrochloric (.11 Mole).

The re¬

sulting mixture was cooled below 5°C. and a solution of 2.5
grams (.036 Mole) of sodium nitrite in 5 ml. of water was
added with stirring at a rate which did not cause the tempera¬
ture to rise above 10°C.

To this solution was added a solu¬

tion of 3.2 grams (.012 Mole) of ferric chloride, as the
hexahydrate, in 10 ml. of water.

The resulting solution

was again cooled below 5°C., at which point was added slowly
and with stirring a solution of 7.2 grams (.072 Mole) of
potassium thiocyanate in 25 ml. of water.

After a short

period of time a violent reaction took place, In the course
of which much of the reaction mixture was lost from the
flask.

The remaining reaction mixture was filtered.

The

crude solid product was dissolved In ethanol, decolorized
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with Norite, and recrystaliized twice from ethanol*

The yield

was very poor, but no attempt was made to re-run the reaction,
since a sufficient quantity of material was at hand for the
investigation*
to be 132°C.

The melting point of the product was found
The reported melting point of £-nitrophenyl-

thiocyanate is 133°C. (27).
4.

£-Nitrobenzenediazocyanide
This compound was prepared by the method of LeFevre

and Vine (14).
The £-nltroanl1ine (0.1 Mole, 13.82 grams) was
dissolved in 90 ml. of 6 _N hydrochloric acid (0.45 Mole)
and treated with 7.0 grams of sodium nitrite (0.1 Mole).

The

diazotlzed solution was filtered, diluted with 50 ml. of
ethanol to prevent freezing, and cooled to between -20°C. and
-30°C. in solid carbon dioxide and ethanol.

This last step

Involves a modification of the procedure given by Le Fevre
and Vine, which called for cooling to —10°C•, but it became
apparent that lower temperatures were necessary to prevent
side reactions.

Potassium cyanide (13 grams, 0.2 Mole) in

25 ml. of water was added slowly, the mixture being well
stirred.

The final solution remained acid to litmus, which

is important in preventing formation of a double cyanide (14).
The orange colored precipitate which formed was collected on
a filter, washed with cold water, and dried on a porous plate.
It was then dissolved in petroleum ether, dried over anhydrous
sodium sulfate and cooled in the solid carbon dioxide-ethanol
mixture.

After fi.ltration the diazocyanide was stored over

calcium chloride in an evacuated desiccator which was kept
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in a refrigerator.

The yield appeared to be quite good,

although the product was not weighed, since, because of the
low melting point of the labile isomer and consequent easy
conversion to the stabile isomer, it was desirable to keep
handling at a minimum*

LeFevre and Vine (14) report the fol¬

lowing melting points:
labile isomer m.p. 29-30°C.
stabile Isomer m.p. 86°C.
The melting point of the product obtained in the course of
this work was 34®C., seemingly due to partial conversion to
the stable isomer in the course of recrystallization.

The

product as first precipitated from the reaction mixture was
a pale orange, the reported color of the labile isomer, but
became darker after handling, presumably due to presence of
the stable isomer, which is a dark red.

Note: In all preparative procedures listed above, and in the
course of the work to be discussed in the following pages,
the water used was the de-ionized water piped to the labora¬
tory benches which had been put through an additional all¬
glass mixed bed ion exchange resin column.

This water gave

no test for chloride when treated with silver nitrate.

The

absence of dissolved copper was indicated by the stability
of diazonium Ion in solutions made with water treated in
this manner (32).
be unnecessary.

Further purification was considered to
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B.

Method of Determining Solubility

All solubilities were determined at 15°C. in a
constant temperature water bath.

A stock solution of hydro¬

fluoric acid was used to prepare the solutions for solubility
study.

The determinations were carred out in 60 ml. poly¬

ethylene bottles supported in a constant temperature bath.
Between 20 and 30 ml. of the solution to be used were placed
in the sample bottle, and after temperature equilibrium had
been reached, excess of solid £-nitrobenzenediazonium fluoborate was added.

The system was stirred vigorously with a

tygon covered bar magnet, actuated from below by a small
horseshoe magnet rotating on the end of a flexible shaft.
Concentrations of the diazo compound in solution were de¬
termined at 5 minute intervals, and in every run the equilib¬
rium concentration had been reached within the first 5 minute
period.
To determine the concentration of the diazo
compound, 1-ml. samples of the saturated solution were
pipetted into known volumes of solution containing an amount
of the sodium salt of R-acid, 2-hydroxynaphthalene 3,6
disulfonic acid,in excess of that required for complete coup¬
ling.

In addition to the R-acid salt, these coupling solu¬

tions were made approximately 0,1

in potassium biphthalate

to maintain the pH at a point where rapid coupling would be
expected.

The solutions of Azo Dye were allowed to stand

for thirty minutes, at which time they were diluted further
to within the concentration range desired for measurement of
optical density using the Beckmann quartz spectrophotometer.
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It had been found previously that solutions of this dye obey
Beer's law, so that from optical density and the known dilu¬
tion ratios the concentration of diazo compound in the
original saturated solution was calculated.

The azo dye

started to crystallize out of solution during the thirty
minute waiting period in some cases.

If this happened, gentle

heating on a steam bath brought the dye back into solution
and it was found that the value calculated for the concentra¬
tion was unaffected by this treatment.

From errors of read¬

ing the instrument this spectrophotometrIc method gives an
estimated error in concentration of the diazonium ion of
about 2 per cent.
The concentration of the added salts were known
from the weights of the dried salts used to make up the solu¬
tions for the solubility determinations, while the concentra¬
tions of hydrofluoric acid were determined by titration with
0.1 JM sodium hydroxide to the phenolphthalein end point.
C.

Spectrum Determination

The ultraviolet absorption spectra reported in
this thesis were taken in the usual manner using the Beckmann
model DU quartz spectrophotometer.

A thermostating arrange¬

ment similar to that commercially available was used to
maintain relatively unstable solutions at a low temperature.
When spectra were taken at a low temperature the temperature
of the cooling blocks ranged from 5® to 7°, but no determina¬
tion could be made of the temperature of the solutions in
the cell.

With the cooling apparatus attached to the spectro¬

photometer, no difficulty was experienced in duplicating
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values of extinction coefficient determined in the usual way.
Two methods were used to prepare the solutions
for spectrum determination. For solutions in which the
diazonium ion was stable over the period of time required to
finish the series of measurements, the following method was
used.
Approximately 1 millimole of the dry diazonium
fluoborate v/as weighed to the nearest one-half milligram.
The salt was dissolved in 500 ml. of approximately .002 N.
hydrochloric acid, the acid being added to bring the pH to a
point where stability of the dlazo compound could be expected
(23). One milliliter of the resulting solution v/as pipetted
into a 50 ml. volumetric flask containing a known quantity
of the salt or acid whose effect on the diazonium spectrum
was to be determined. This final solution was placed in
the spectrophotometer together with^a previously prepared
blank.
The above method was modified for those cases
in which the diazonium ion was found to be unstable In solu¬
tion at room temperature.
Three milliliters of a solution having the de¬
sired concentration of foreign electrolyte was pipetted into
one cell, the other being filled with the same solution for
use as a blank. The cells were then placed in the sample
holder of the spectrophotometer and cooled by circulating
ice water through the cooling blocks on each side of the
sample holder. Approximately 1.5 millimoles of the dry
diazonium fluoborate was weighed to the nearest one-half

milligram.
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The salt was dissolved in 500 ml. of approximately

.002 M. hydrochloric acid.

A 50 micro-liter micro pipet was

used to inject this amount of the diazonium salt solution into
the cell containing the measured three milliliters.

To assure

complete mixing,the solution was stirred using the end of the
micro pipet.

In the case of fairly viscous solutions, it was

necessary to read the optical density at the expected maxi¬
mum and to alternate readings and stirring until a maximum
in optical densitywas reached.

DISCUSSION OF RESULTS
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DISCUSSION OF RESULTS
The effect of the presence of added electrolytes on
solubility in water was determined for a sparingly soluble
diazonium salt, £-nitrobenzenediazonium fluoborate. It was
expected (22) that the presence of a nucleophilic agent, such
as an anion, would result In an increase of the solubility of
the diazonium salt greater than that expected from the in¬
crease in ionic strength due to the presence of the added
electrolyte. The most logical interaction of anion and dia¬
zonium salt is a equilibrium of the type

Ar/tr/f

* X' <=?

The extent to which an anion can take part in such equilibrium
may be surmised from consideration of Its tendency to form
complexes with metal Ions and hydrogen Ion, on which basis
the halide ions were expected to Interact relatively strongly
with the diazonium ion, while the nitrate and fluoborate Ions
were expected to have little effect. Use of solubility data
as a means of determining equilibrium constants is familiar
from the work on inorganic complex ions (19).
In preparing the solutions for solubility determina¬
tion, it was necessary to have present a certain concentra¬
tion of hydrofluoric acid to suppress hydrolysis of the
fluoborate ion. Fluoride ion would be expected to interact
relatively strongly with diazonium ions. To keep this effect
a constant, in addition to keeping the contribution of the
acid to the ionic strength of all solutions the same, the
concentration of acid was maintained as nearly as possible
constant. The proper concentration of hydrofluoric acid
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was determined from data given by Wamser (20) on the hydrolysis
of fluoboric acid in aqueous solution.

In one molar hydro¬

fluoric acid the concentration of fluoride ion is on the
order of .02 M.
The results of the solubility determinations are
summarized in Table l.
TABLE 1

Run

HF

Cone, of
Added
Salt

—

at ^t. at
15.0°C.

Apparent
Sol. Product
at 15.0°

1.

1.03M

0

.076

.0057

2.

1.03M

0.128M
NaBF4~

.043

.0074

3.

1.03M

0.0528M
NaBF4 ~

.053

.0063

4.

1.04M

0.303M
NaBF4“"

.0306

.0102

5.

1.04M

0.302M
NaCl ~

♦ 094

.0088

6.

1.04M

0.251M
NaN03~

.099

.0098

7.

1.04M

2.00M
NaBF4

.00216

.0043

8.

1.04M

1.99M
NaN0~

0.169

.0285

9.

0.913M

2.00M
NaBr

0.164

.0268

10.

1.02M

2.24M
NaBF4

0.00234

.0052

11.

0.995M

1.99M
NaCl~

0.130

.0169

12*

0.882M

2.00M
NaSO^Q

0.290

.084
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The apparent solubl11ty product shown in the last column Is a
comparison value, found by multiplying the concentration of
the diazonium ion by the concentration of fluoborate ion.
In figure 1 the values of apparent solubility product are
plotted against the concentrations of the added salts.

The

numbers of the points on the graph (figure l) correspond to
the run number listed in Table 1.
The presence of halide ions did not increase the
solubility of the ja-nftrobenzenediazonium fluoborate over the
solubility in the presence of ions expected to be inert, as
may be seen from figure 1.

These solubilities were run in

extremely high concentrations of electrolytes, and at such
high concentrations the activity coefficients of the ions in
solution no longer depend only on the ionic strength of the
solution, as Is predicted by the limiting form of the DebyeHuckel equation, but also on the nature of the other ions
present*

The magnitude of the effect is shown by data

compiled by Maclnnes (21), who gives curves of the mean ionic
activity coefficient of 0*01 molal hydrochloric acid in
increasing molalities of the chlorides of lithium, sodium,
potassium, and cesium.

The members of this family of curves

are all of the same form, but are not superimposable.

Table

2 gives the values for the mean ionic acitivlty coefficient
of 0.01 molal hydrochloric acid in a concentration of salt
of one molal.
Table 2
SaTCTOne lo TaTT'A'c t ivity Coef

LiCl
HC1

0.82
0.82

o

H
It

H
H

*

CO

PH

<3

S3

X

*

rH
O
c3
S3

CO
p

JH

■a

V- -

r-4

o
r*
CO
*
OJ

»
rH

H
H
*
LO

CO
to

(?>

rH

d>
8)

•H

10

q.onpoj^

o
o

•

Concentration of added salt (iiolar)

*

^TTT^IOG q-uoxcddy

■■■■■HMMMaMaJLMMMMHHBaanMMaMi

o
o
C\2
O
•
o

H

O
•
o
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Table 2 ContinuedSalt

Activity Coef

NaCl
KC1
CsCl

0.76
0.72
0.64

Table 3 gives the values of apparent solubility
product for the diazonium salt corresponding to points 4, 5,
and 6 of Figure 1.
Table 3
Concentration of
Added Salt

°2Nv3“N2

at Satn

at 15.0°C.

*

Apparent
Sol. Product
at 15.0°C.

4. .303M NaBF4

.0306M

.0102 :.

5. .302M NaCl

.094M

.0088

6. .251M NaN03

.099M

.0098

If the value of the equilibrium constant expressed in terms
of concentration for the system

* C!~

is assumed to be as small as one-tenth, at a concentration
of .302 M sodium chloride the value of the ratio f4r-/f3tlJ
~
[Ar-N=tt-Ci]
is approximately 0.66. Assuming that the diazonium fluoborates are completely dissociated in solution, and making
the approximation that the effect of added electrolytes on
the activity coefficients of the diazonium and fluoborate
ions is independent of the nature of the added ions, the
square root of the apparent solubility product found in the
presence of sodium fluoborate gives the solubility of
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diazonium salt expected In solutions of this ionic strength.
This expected solubility is .101 moles per liter.

If the

assumed value of the equilibrium constant for the possibly
hypothetical interaction between chloride and diazonium ion is
correct, the solubility of diazonium salt in solutions .302 M
in chloride ion would be 0.25 moles per liter.

The solu¬

bility of diazonium salt in .302 M sodium chloride is .094
moles per liter as actually measured.

Since the apparent

solubility products for sodium fluoborate, sodium nitrate, and
sodium chloride lie fairly close together at a concentration
of added salt of 0.3 M (points 4,5,6, figure 1), it would be
unreasonable to assume that there is any great difference in
the effect of these salts on the activity coefficients of the
diazonium and fluoborate ions at this concentration.

As a

result, the true value for the equilibrium constant expressed
in terms of concentration [/hr-ftsiQ £ Cfm]

be con_

siderably greater than one-tenth.
It must be concluded that any Interaction of the
diazonium ion with an anion used in these solubility determina¬
tions is small enough to be masked by the differences in
solubility due to variation in the magnitude of the effects
of individual anions on the activity coefficients of the
diazonium and fluoborate ions.

These effects appear to be

quite unpredictable at a concentration of added salt of 2 M.
Ultraviolet Absorption Spectra
The ultraviolet absorption spectrum of £-nitrobenzenediazonium fluoborate in weakly acidic aqueous solution is
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given In figure 2.

This compound possesses a maximum at

260 Mft t with a peak molar extinction coefficient, 6 , of
approximately 16.0 x 103, and a weaker maximum at 315myvwith
6

B

3.8 x 103.
Interaction of the diazonium ion with other ions

in solution resulting in the appearance of a new molecular
species of markedly different electronic structure can be
expected to modify the spectrum of the diazonium salt.

For

this reason, absorption spectra were determined for solutions
containing diazonium salt in the presence of a number of
electrolytes.
The absorption curve of j^-nitrobenzenediazoniurn
fluoborate has the same general shape in the presence and
absence of sodium fluoborate (figure 2).

The almost constant

difference in molar extinction coefficient out to 400

is

probably due to insufficient cleaning of the cell surfaces
before taking the spectrum of the diazonium salt in the
sodium fluoborate solution.
forms hydrofluoric acid.

Fluoborate Ion hydrolyzes and

In order not to damage the silica

cells, the spectrum in sodium fluoborate solution was not
rerun.
The absorption of the nitrobenzenediazonium fluo¬
borate was remarkably constant in different concentrations
of sulfuric acid (figure 5).
The spectrum of this salt was taken in buffered
solutions composed of potassium dihydrogen phosphate and
sodium hydroxide at pH values of 5.96, 6.98, and 7.68, these
pH values being determined with a Coleman Model 3 pH

electrometer.

The curves were essentially the same as curve

1 of figure 2.

At pH 5.96 the spectrum was taken at room

temperature, with no indication of instability.
taken at room, temperature, the maximum at

X»

At pH 6.98,

260h*yudecreased

with time, but when the spectrum was determined at low
temperature {below 10°), the rate of decrease diminished to
the extent that the absorption curve was again almost identi¬
cal with curve 1 of figure 2, even at pH 7.68.

Attempts to

go to higher pH values using buffer mixtures of boric acid
and sodium hydroxide were unsuccessful because of what ap¬
peared to be a rapid reaction of the diazonium, ion with the
boric acid.

No attempt Was made to establish the nature of this

reaction.
When the spectrum of this diazonium salt was taken
in the presence of 6.16 molar potassium thiocyanate, a
radically different curve was obtained {figure 7, curve 1)
which appeared to be the resuit of a reaction.

In 2.69 molar

potassium thiocyanate at low temperature {below 10°), this
reaction was measurably slow.

Figure 7, curve 2, gives the

spectrum obtained, and in Table 4 is 1isted the time, measured
from the initial mixing of diazonium salt and potassium
thiocyanate solution, at which each point was taken.
Table 4
Point
1
2
3
4

\(tou)
300
270
275
300

Time from 0
(Minutes)
1.9
3.0
3.7
4.4
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Table 4—Continued£SLljli

XChnjj)

5 285
6 310
7 300
8 295
9 290
10 300
11 305
12 315
13 320
14 325
15 300
16 330
17 335
18 340

Time from 0
(Minutes)
5.1
5.7
6.3
6.9
7.4

8.1

8.7
9.2
9.7

10.1
10.6

11.5
11.9
12.4

Figure 7, curve 3, gives the spectrum of £-nitrophenylthiocyanate, which appears to be the product of the reaction.
From figure 7, curve 2, the values of extinction coefficient
at the time of initial mixing may be deduced, and the close
similarity of the resultant curve with figure 2, curve 1,
indicates that there is no immediate equilibrium reaction set
up between the dlazonium and thiocyanate ions.
It was impossible to investigate the spectrum of
the diazonium salt in the presence of nitrate ion,which proved
to be opaque at concentrations greater than one-half molar.
A change in the spectrum of £-nitrobenzenediazonium
fluoborate is noted when taken in the presence of bromide ion
(figure 3), chloride ion (figures 4 and 6), and acetate ion
(figure 8). Chloride ion gives the effect whether present
from hydrochloric acid (figure 6) or from sodium chloride
(figure 4).
To determine if this effect depends on a measurably

22

slov/ reaction, the spectrum of £-ni trobenzenediazonium
fluoborate In 6.05 hydrochloric acid was rerun at a low
temperature (below 10°) using the method developed for solu¬
tions In which the diazonium ion is unstable. It v/as ex¬
perimentally impossible to take the first reading of optical
density;in under 1.62 minutes from the time of initially
mixing the solution. Within this time a steady value had
been reached, and the spectrum was identical with that de¬
termined previously (figure 6, curve 2|.
Figure 9 illustrates the effect of 6.05 J\[ hydrochloric
acid oh the spectrum of nitrobenzene. There is a shift of
the peak absorption from 267m//in water to 270^ in 6.05 Jf
hydrochloric acid, but 6

remains constant at 7.8 x 10"*3.

There appears nothing comparable to the effect of halide and
acetate ion on the spectrum of jv-nitrobenzenediazonlum
fluoborate.
Halide ion did not affect the spectrum of either
p-methylbenzenediazonlum fluoborate (figure 10) or p-chlorobenzenediazoniurn fluoborate (figure 11) in a manner comparable
to its effect on the £-nitro compound.
As was noted in the introductory material, there, is
some evidence (14) that a diazonium ion in the presence of
cyanide ion even in acidic solution is in equilibirum with an
undissociated diazocyanide. This appears tor be the most
reasonable explanation for the appearance of the labile
diazocyanides from an acid solution of diazonium salt cooled
to -20° when treated with a cyanide salt. The 4-chloro-4-bromo4-nitro-, 2-bromo- and 2,4,6-tribromobenzene diazocyanide
derivatives were prepared by LeFevre and Vine (14). However,
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the spectrum of ja-nitrobonzenediazonlum fluoborato In 1.83 M
sulfuric acid at roam temperature Is unaffected by the
presence of 2.05 moles per liter added sodium cyanide {figure
12).

Certainly the concentration of freo cyanide ion is very

small in such solution containing a relatively high concentra¬
tion of hydrogen ion.

Since the preparation of the diazocyanide

results from the action of a cyanide salt on an acid solution
of diazonlum salt hold at -10°C. (14), the diazocyanide was
expected to bo sufficiently stable to appear in the spectrum
of figure 12.

Such was not the case, and figure 12 is the

normal spectrum of £-nitrobenzenedlazonlum fluoborato.
A sample of j>-nitrobenzenediazocyanldo was prepared
and its spectrum determined in 4.5 jd sulfuric acid and at a
measured pH of 7.01 using a potassium dlhydrogen phosphatesodium hydroxide buffer solution (figure 12), and also in
ethanol and in cyclohexane (figure 13).
Tho curves for the diazocyanidc in aqueous solution
of different hydrogen ion concentration are almost identical
and bear a close resemblance to the spectrum determined for
tho dlazonium salt (figure 2, curve 1), but are greatly dif¬
ferent when determined with ethanol or cyclohexane as solvent.
This indicates conversion of the diazocyanidc back to diazonium
ion, and since tho spectrum determined at pH 7.01 i3 very
nearly identical to that determined in 4.5 U sulfuric acid,
it is assumed that the equilibrium
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gives approximately the same concentration ratio of diazocyanids
to diazonium ion at both concentrations of hydrogen ion.

The

fact that there exists a slightly higher concentration of
diazonium ion in 4*5 M, sulfuric acid than at pH 7*01* as
shown by the height of the maximum^ « 260*w/* probably indicates
a greater rate of decomposition of diazocyanide into diazonium
ion and cyanide ion where greater concentration of hydrogen
ion lowers the equilibrium concentration of cyanide ion.
Whether this is true or the effect is truly a difference in
the ratio of free diazonium ion to diazocyanide with dif«?
ference of hydrogen ion concentration is difficult to establish,
since in these solutions the diazonium ion itself is unstable
and undergoes reaction, further complicating the spectrum with
the passage of time.
From figure 6, the degree to which the spectrum of
£-nitrobenzenediazonium fluoborate is affected is seen to
be dependent on the concentration of chloride ion. As one
...

/

possible explanation for this effect, one may consider the
presence of an equilibrium In which the concentration of
diazonium ion, with at 2QQh>p.\s lowered as the result
of the formation of a new molecular species, which, from the
nature of the changes in the spectrum v/ith added chloride
ion, must have a maximum of absorption In the region 275-295
to/** A criterion for the existence of equilibrium between
tv/o compounds having overlapping absorption bands is the
presence of an isobestic point* Ideally, the isobestic point
is the point at which the density vs. wave-length curves of
all equilibrium mixtures will intersect. However, since

varying the concentration of added electrolytes involves chajiqr
ing the medium in which absorption is measured, add itlonai"
small effects on the position and intensity of absorption of
the compounds in equilibrium can be expected#

Thus, failure

of the curves of figure 6 to meet at a point in the region
270-275hyi does not exclude the possibility of an equilibrium
in which diazonium ion and chloride ion take part*

As a

possible formulation of the interaction of diazonium ion and
an anion, there is the equilibrium
Qt-fisrt 4>r-r(=tf-y
If the above written equilibrium is to be considered at all,
it is necessary to assume that the molecule -N-N-X
(X a* Cl, Br, or — 0-c-cH3 ) absorbs, in the region 275-295
ht[A* tacking direct evidence, the information given in
Tables 5 and 6 shows this to be a reasonable region of
absorption for such a molecule.
Table 5
Compound

£^~w*rrr-cH3

-s

c

0-“ *- fO],
0^0
V-O /v=//^^-/vox

Source

Solvent

X
''•max

28

Hexane

259.5

7,800

28

Hexane

266*0

13,500

28

Hexane

313.0

20,000

29

Petroleum 327.5
Ether

15,800

29

Hexane

28,000

341.5

1

^nax
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Table 6
Compound

o

CH-C-tf

CHa-Ctf-CH-£ctfs

O
0

CI-CHsCH-C-CH,

Bf-CHsCH

-i-CHj

o-

OO■'*"

"»f)

6max

Solvent

Zmax

Alcohol

210

7,000

Alcohol

224

8,000

Alcohol

228

10,000

Hexane

237

5,000

Hexane

256

250

Hexane

262

300

Hexane

265

310

Hexane

265

245

From Table 6 the auxochromic effect of a chloride or bromide
substituent appears to be not much greater than that of a
methyl group.

Due to the "insulating" properties of oxygen

and the effects of cross conjugation the acetate substituent
would be expected to give shifts in wave length not much
greater than those given by;the halides.

The effect of the

£-nitro groups may be deduced from consideration of the
substituted and unsubstituted azobenzenes.

These somewhat

uncertain corrections for differing substitutions when applied
to the value of ^max for benzeneazomethane imply a region of
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absorption around 280h»yuwhich is in agreement with the
assumed 275-295
A change in spectrum due to added chloride ion was
not found in the case of either £— chloro— or £—methyl benzene—
diazonium fluoborate.

If the postulated equilibrium exists*

an electron-withdrawing group can be expected to facilitate
nucleophilic attack on the end nitrogen of the diazonium ion*
and to stabilize the molecule resulting from this attack.

A

measure of the electron-withdrawing properties of the chloride,
methyl* and nitro groups is given by the substituent constants
calculated by Hammett (31).

The values for the three groups

in question are compared in Table 7.

The para nitro group

Table 7
Group

Substituent
Constant {*■) .

£ CH3

-0.170

£ -Cl

+0.227

£-NQ2

+0.778

is one of the more powerful electron removing groups in the
listing given by Hammett.

If the observed spectral dif¬

ferences are explained on this basis, It must be concluded
that only the nitro substituent Is a sufficiently strong
electron withdrawing group to render the effect of the
equilibrium discernible.
The effect of geometrical isomerism on spectra was
not considered for the azo compounds discussed.

Cook, Jones,

Polya (29) concluded, from their work on a member of azo
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compounds that the difference in intensity of absorption
rather than the small change in wave length provides the
chief distinguishing feature between geometrical isomers.

In

the arguments used, intensity factors were not considered,
and only approximate values of position of maximum absorption
were needed.

For these reasons the consideration of geometri¬

cal isomerism of the azo compounds was felt to be an unneces¬
sary refinement.
The small effect that even concentrated sulfuric
acid has on the ultra-violet absorption spectrum of j^-nitrobenzenediazonium fluoborate indicates that the £-nitrobenzenediazonium ion is an extremely weak base.

Electron withdraw¬

ing tendencies of substituents would be expected to weaken
the basic character of the benzenediazonium ion, and for this
reason the ja-nitro compound would form a cation which would
be among the more weakly basic of the diazonium ions.

As a

comparison, the effect of formation of conjugate acids on the
position of peak absorption of two azo compounds is shown in
Table 8, which is taken from the work of Buroway (28).

The

Table 8
Compound

Solvent

X toyb
/'max

0^-CH3

Hexane
Sulfuric Acid

259.5
334.0

7,800
9,900

Hexane
Sulfuric Acid

313.0
422.5

20,000
28,800

0-0

^max

effect of 9M sulfuric acid on the spectrum of ^-chlorobenzene-
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diazonium fluoborate is shown in figure 11.
exists in the case of the £-methyl compound.

A similar effect
Insufficient

information is at hand to justify deductions of base strength
in the cases of the £-chloro- and £-methyl-benzenediazonium
ions.
The explanation advanced in this thesis for the
effect of the chloride, bromide, and acetate ions on the
spectrum of £-nitrobenzenediazonium fluoborate appears to be
a reasonable one.

Direct evidence which proves the existence

of the molecular species fo-NzN-x (*z.
is lacking.

SUMMARY
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SUMMARY
The solubility of £-nitrobenzenediazonium fluoborate
was determined in solutions of sodium chloride, sodium bromide,
sodium nitrate, and sodium fluoborate.

Also determined were

the ultraviolet absorption spectra of £-nitro, £-chloro- and
£-methylbenzenediazonium fluoborate In solutions of a number
of electrolytes.

Chloride ion, bromide ion, and acetate ion

affect the spectrum of £-n i trobenzened iazoni um fluoborate in
a manner explained as resulting from the presence of an
equilibrium of the type

At--ffsrf + x." 5=ff
From the solubility data a lower limit of 0.1
for the equilibrium constant

is deduced

f

[cyf-Q-HsH- a]
when expressed in terms of concentrations.

The fact that

£-nitrobenzenediazonium ion is a weak base is deduced from
spectra taken in varying concentrations of sulfuric acid.
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