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ABSTRACT

The addition of water to the triple bond of 3-hexyne

catalyzed by sulfuric acid and mercuric sulfate was studied.
The~aqueousbhexyne was found to undergo mercury-catalyzed
’autoxidation. The product of the hydration reaction, 3-hex-
anbne, was shown by spectrophotoﬁetric methods to react with
mercurilc sulfate to form a stable complex., The production
of 3-hexanone was followed spectrophotometrically and the
rate was found to be approximately first order with respect
to 3-hexyne, hydrogen ion, and mercuric sulfate.

The solubility of henzene was measured in aqueous solu-
tions of mercuric nitrate and several other electrolytes.
Only salting effects were observed. The evidence indlcates
that mercuric ion does not form a éoordination complex with
benzene in aqueous solution.

The relatlve nucleophilic character with respect to
silver ilon was determined for twenty-four polycyclic aromatic
hydrocarbons. This was accomplished by measuring the solu-
bilitles of each hydrocarbon in equim olal aqueous methanol
containing silver nitrate and sodium nitrate at constant
ionlc strength. From the varlation of solubility with sil-
ver concentration the argentation or equilibrium constants
for coordination of each hydrocarbon with the first and sec-
ond gilver lons were calculated. The argentation constants
for the series of hydrocarbons were correlated with an index

of relative carcinogenic potency.
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PART T

EXPLORATORY INVESTIGATION OF THE AUTOXIDATION AND HYDRATION
OF 3-HEXYNE CATALYZED BY MERCURIC SULFATE AND SULFURIC ACID

INTRODUCTION

The hydrétion of acetylene to oroduce acetaldehyde,
catalyzed by mercuric salts and strong acld, 1s an impor-
tant reaction in industry, which has been the subject of
much research., A great deal of information has been ob-
tained concerning conditions, catalytic mixtures, and reac-
tion Intermediates, but only one paper has been published
giving the results of an actual kinetic study of the hydra-
tion of acetyvlene (1). In the course of a recent investi-
gation iIn these laboratories 1t was noticed that the com-
pound 3-hexyne apparently reacts with atmospheric oxygen in
the proportion of two moles to three 1n the presence of mer-
curic sulfate and sulfuric acid (2). These facts suggested
a twofold investigation the objectives of which were first,
to establlish the existence or absence of the autoxidation
of 3-hexyne and determine the catalysts and oxidation prod-
ucts, and second, to examine the kineties of hydration of

3-hexyne catalyzed by mercuric sulfate and sulfuric acild.



LITERATURE SURVEY

It has been demonstrated that pure l-hexyne reacts with
atmospheric oxygen to produce peroxides whilch then react
“further to yileld valeric acid (3). The oxidation of agqueous
solutions of disubstituted acetylenes usually produces two
moles of carboxylic acids (4). However, it has been shown
in these laboratories that the course of permanganate oxi-
dation and the final products are dependent upon the pH and
are affected radlcally by the presence of silver ion. For
example, The neutral permanganate oxlidation of 3-hexyne in
the absence of salts yilelds two moles of propionic acid, and
- with either potassium or silver nitrate present some 3,4-
hexanedione is produced. Alkaline permanganate oxidation
vields two moles of propilonic acid in the absence of silver
nitrate and equimolal amounts of propionic and acetig acids
when silver nitrate is present (5).

Acetylene and some of 1ts derivatives will add water
‘directly when heated to 325°C. in a sealed tube (6). At
room temperature acetylenic hydrocarbons in the presence of
strong acids are hydrated only at a negligible rate, dbut
traces of mercurlic salts produce measurable rates of hydra-
tion. ILucas and coworkers in a kinetic study of the hydra-
- tion of acetylene in 5.0 weight formal sulfuric acld have
shown that the initial rate of the hydration reaction is

first order with respect to acetylene concentratlon and sec-
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ond order with respect to the conceﬁtration of mercuric sul-
fate, and that thé reaction 1s retarded by acetaldehyde,
apparently through the revérsible formation of a one-to-
three complex with mercuric sulfate (1). These investiga-
tors proposed as the first step in the hydraticn reaction
the formation of a one-to-two complex between acetylene and
mercuric sulfate. Most of the common mercuric salts react
with acetylenes tq precipiltate insoluble complex compounds
which are hydrolyzed to yield ketones (7), and a complex
compound has been described, having the formula CHBCHO'
HgSOy *2HgO, which decomposes under the action of hydrochloric
acid to give acetaldehyde (8).

Other authors have proposed mechanisms for mercury-cat-
alyzed addition to the triple bond. Hennion and his co-
workers (9) suggested a mechanism for the addition of water
which inveoclves simple addition of the mercury salt across

the triple bond, according to Equations 1 to 4,

R-CZC-R' + Hghp—>R-CA=CHgA-R' (1)
R-CA=CHgA-R' + HOH->~R-COH=CHgA-R' + HA (2)
R-COH=CHgA-R' + HA->R-COH=CHR' + Hgh, - (3)
R—COH=CHR'—%-R—CO—CH2—R (4)

Mr. Henry Lemaire 1nvestiligated the kinetics of addition to
the triple bond catalyzed by mercuric acetate and perchloric
acid in glacial acetic acid (10c). This study demonstrated

that the rate of reaction of 3-hexyne is proportional to the
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concentration of an ion formed by the reaction of one mole

each of hexyne, mercuric acetate, and perchloric acld,
- MATERIALS

A1l inorganic chemicals were of reagent or C.P. grade.
The ¢ompound 3-hexyne obtained from Farchan Research Labora-
torles was fractionated in a stream of nitrogen and the ma-
Jor part of the distillate bvoiling at 80.5-80.600.(unc.) was
stored undér nitrogen. This hexyne was then sealed under
nitrogen in small, carefully-weighed thin-walled glass am-
poules by means of a hypodermic syringe, the operatlion being
accomplished in a nitrogen-fllled dry box. The ampoules con-
talned an average of 0.2 g. of hexyne. Fastman Xodak methyl
ethyl ketone and diethyl ketone both contained impurities
which reduced neutral permanganate. The methyl ethyl ketone
was purifled by conversion to the bisulfite compound, steam
distillation, and fracticnation. The dlethyl ketone was
purified by treatment with excess agueous permanganate and

dlstillation,.
AUTOXIDATION OF 3-HEXYNE

Absorption of Oxygen by Agqueous 3-HeXyne.

A simple apparatus consisting of a 500-ml, two-necked
24 /40 flask fitted with a mercury sealed stirrer and con-

nected to a gas buret was checked for gas leaks at a posi-
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tive pressure of 15 cm. of water. To the flask was added
250 ml. of distilled water which was then saturated with
oxygen. An ampoule of hexyne was broken in the flask, the
system was sealed, stirring was begun and the gas buret con-
taining oxygen was cut in. The stirring was continued for
four'hours with no appreciable absorption of oxygen. Then
12 ml, of 1N sulfuric acld was added and stirring was con-
tinued for one hour with no sign of absorption of oxygen.
After adding 0.7 g. of cupric sulfate pentahydrate dissolved
in 15 ml. of water the stirring was continued for one hour
without any absorption. However, when 0.8 g. of mercuric
sulfate was added and shaking resumed, absorption commenced
and continued for thirty-five minutes at which time absorp-
tion stopped and a total of 29.2 ml. of oxygen had been con-
sumed. It was noted that the mercuric sulfate when added
first changed to a yellow powder and then slowly dissolved.
When the reaction flask was opened, the pungent, sweet odor
of a higher aliphatic ketone was very noticeable. Therefore
it was concluded that two reactions, autoxidation and hydra-
tion, were simultaneously being catalyzed by sulfuric acid

and mercuric sulfate,.

| Production of Aclid Accompanying Absorption of Oxygen.

Data had previously been obtained by Dr. W. S. Dorsey

Indicating that one mole of 3-hexyne absorbs three-halves
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‘moles by oxygen, and on the basis of this information he had
propcsed that the oxidation product consisted of two moles
of propionic acid (2). In order to gain further evidence

it Wasbdecided to determine the relation between the increase
in acidity of the reaétion mixture and the total equivalents
of Oxygen absorbed. It was necessary to consider the acid
produced by hydrolysis of the mercuric sulfate as well as
any organic acids produced by oxidation.

The hydrolysis of mercuric sulfate produces a vellow
basic sulfate and sulfuric acid (10) according to Equation
5. In order to confirm the amount‘of acid produced 0.990 g.

3HgSOy + 2H,0 ——HgS0y+2HgO + 2Hp80y | | (5)
(3.34 millimoles) of mercuric sulfate Wz 3 shaken with 50.0
ml, of distilled water until the salt was converted to a
bright yellow powder and the hydrolysis appeared to be com-~
plete. Then 15.00 ml. of the clear supernatant solution was
titrated with 0.1464 N sodium hydroxide solution, using a
phenolphthalein endpoint. Two endpoints were recorded, the
first fadimg slowly and the second being more stable hut
somewhat obscured by the precipitaticn of a small amount of
basic salt. From the numerical results given in Table I it
‘may be concluded that the acid produced by hydrolysis 1s in
.agreement with Equation 5.

A new‘measurement of oxygen absorption was now made in

conjunction with measurement of the change in acidity of the
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Table T

 Hydrolysis of 3.34 Millimoles of Mercuric Sulfate

Deviation
Acid Produced from Theorya
\Theoreticai 4,45 meq. --
Found, 1lst End-point 4,33 -2.7%
Found, 2nd End-point 4,55 42.2%

& Equation 5.

reaction mixture. The same equipment was used as in the
initial experiment. Distilled water was boiled and satu-
rated with oxygen at atmospheric pressure, and from this
water 250 ml. of solution containing 2.1 ml. of 5.67 N sul-
furic acid was prepared and poured into the 500 ml. reaction
flask. The system was swept with oxygen, 0.40 g. of mercuric
suifate wa g added, and an ampoule containing 0.2071 g. of
hexyne was broken in the flask. The system was immediately
sealed, the gas buret was adjusted to read zero at atmos-
pheric préssure, and stirring was commenced. Absorption of
oxygen started immediately and the buret reading was noted
at intervals, the stirrer being stopped durihg readings.
Absorption was compleﬁe in 50 minutes without further uptake
" in the course of an additional 30 minutes of stirring, the
total consumptilon of oxygeh being 13.0 ml. measured over

water at a temperature of 24°C. and a pressure of T49 mm.



of mercury.,. ‘

- During the reaction fhe mercuric sulfate first hydro-
lyzed to the yellow basic salt and then slowly dissolved.
Some-éloudy white suspension seemed to appear but when the
réabtion was completed, the solution was clear and colorless,
A 15.00-ml. portlon of this solution was titrated with sodium
hydrokide sblution to a phenolphthalein end-point and was
found to be 0.0578 N in acid. The end-point was sharp and
there wag no precipitation Of mercurlc salts even wheh the
solution was made strongly basic and boiled., This indicates
that the mercufy is firmly bound in a complex compound, prob-

ably with the ketone, the presence of which was apparent from

its odor.

Discussion of Results.

The data required to ascertain the relationship between
thé oxygen absorbed and the acid producedare displayed in
Table II together with the calculated numerical results.

The theoretical,milliequivalehts of propionic acld are cal-
culated on the basis of the assumed autoxidation reaction
df,Equation 6. The difference between the acid increase cal-
. Et-C3C-Et + 3/2 O, + Hy0 —2EtCOOH (6)
culated and found,'0.06 milliequivalents, amounts to 2?&% of
the caleulated acid increase, to 8.8% of the hypothetical
‘propionic acid, and to 0.4% of the total acid titrated. This

is satisfactory agreement between theory and experiment and



- 9 -

- provides evidence supporting the postulated oxidation of 3-

hexyne to two moles of propionic acid.
Table II

Autoxidation of 3-Hexyne

Vol. oxygen over water 13.0 ml.
Temperatureb 24°¢,
Atmospheric pressure 749 mm. Hg.
Milliﬁoles of oxygen 0.51 mml.
Acid content, iﬁitial 11.91 meq.
final 14,45 meq.
Acid increase found 2,54 meq.
Acid from hydrolysis 1.80 meq.

Propionic acid (theoretical) 0.68 meq.
Acid increase calculated 2.48 meq.

Difference 0.06 meq.

HYDRATION OF 3-HEXYNE

Isolation and Identification of Pure 3-Hexanone.

The product of the hydration of 3-hexyne was isclated
and identifled by means of its boiling point, refractive in-
dex, and the melting points of two derivatives. In a small
~flask 25 ml. of water, 0.4 ml. of 6 N sulfuric acid, 0.2 g.
of mercuric sulfate, and 1.1 g. of 3-hexyne were allowed to

react for two days with about 12 hours of shaking. The re-
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action mixture was extracted with 25 ml. of ether, the ether
solution was dried with anhydrous potassium sulfate, and the
solvent was strinped off. The crude 3-hexanone was comhined
‘with that from another run and the total of 1.0 ml. of crude
product was fractionated through a seml-micro fractionation
column to vield 0.6 ml. of a sweet-smelling liquld boiling
at 125.7-127.0°C.(unc.). Titerature values for the hoiling
point of 3-hexanone are 123-4°C.(1la) and 122-4°C.(11b). The

refractive index of the product was g?

°D = 1.3962, and a
literature value for the refractive indgﬁ of .3-hexanone 1s
QQEQ.= 1.39899, The average temperature coefficient of the
index of refraction of organic iiquids is dn/dt = -4.5){10’”r
(11c). TUVhen the litera%ure value at 22% . 1s corrected
using the ahove temperature coefficlent the value obtained

is 2252 = 1.3976. The 2,4-dinitrophenylhydrazone, recrystal-
lized twice from ethanol, melted at 131.5-133.000. Dr,

Henrvy Lemaire obtained a ketone by hydration of 3-hexyne
catalyzed by boron trifluoride, which gave a 2,4-dinitro-
phenylhydrazone melting at 127-129°C., from ethanol-acetic
acid (11d). Literature values for the melting point of the
dinitrophenylhydrazone of 3-hexanone are 146.5-8,5°C, (1lle)
and 149-151°., (11r). A number of dinitrophenylhydrazones of
" lower allphatic ketones are isomorphous and also have more
than one cbystal modlfication, which may explain the low

melting polnt which was found (1lg). The semicarbazone
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melted af 110.5-111.0°C. Literature values are 111%1(11a)
and 110.5%.(11h).

The ultraviolet absorption curve of 3-hexanone in ague-
ous solution 11T shown 1n Figure 1 has a maximum at 272.5 mp.
The work of F. O. Rlce indicates that the maxima for the
lower ketones in aqueous solution are located at 264.5 mu
for acetone, 266.5 mp. for 2-butanone, 269.0 mp for 3-penta-
none, and at 272.0 mp for 3-hexanone (12).

It may be concluded that the product of hydration of
3-hexyne has been established with reasonable certainty to
be 3-hexanone,

It was found that the 3-hexanone prepared in the above
manner contained small amounts of unsaturated substances
which reduce neutral permanganate and manifest strong ultra-
violet absorption in the reglon between 200 and 210 mp. A
larger quantity of 3-hexanone was ﬁrepared by hydration of
3-hexyne, and the product was purlfied by conversion to the
semlcarbazone which was recrystallized from ethanol-water
and decomposed by steam distillation with excess oxalic acid.
The ketone was then dried4with anhydrous sodium sulfate and
distilled. Hexanone purified in this manner showed much

lower absorption in the far ultraviolet region between 200

and 210 my.
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Ultraviolet Absorption of Ketones 1n Aqueous Solution.

Agueous solutions of purified 3-hexanone, 3-pentanone,
and 2-butanone were preparéd and their ultraviolet absorp-
tion spectra taken using a Beckman Model DU spectrophotometer.
Typilcal absorption curves are shown in Figure 1. It may be
seen that the spectra are very similar, in agreement with
the work of F. 0. Rice (12). The fact that the sharp rise
in the curve between 210 and 200 mp occurs with each of the
three ketones which were purified in different ways indicates
that this is a feature of the spectra of the ketones and not
of impurities, though more rigorously purified samples would

be required to verify this definitely.

The Effect of Mercuric Sulfate and Sulfuric Acid upon the

Absorption Spectra of Ketones.

The ultraviolet absorption spectra of several ketones
dissolved 1n different solvent media were measured with the
use of appropriate blank solutions in all cases. In 0.05 M
sulfuric acid solution 3-hexanone was found to have an ab-
sorption spectrum almost identical with the spectrum in
pure water. However, when mercuric sulfate was added at a
concentration of 0.05 M, the absorption rapidly increased
and in twenty minutes the solution became opaque in the
region below 250 mp. Figure 2 shows the ultraviolet absorp
tion curves of various solutions of 3I-hexanone. Solution

IV is 0.0434 M hexanone in water and solution V contains
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Soln. II, 0.0519 M 3-pentanone; Soln. III, 0.0425 M

3-hexanone,
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Flpure 2. The influence of mercurilec sulfate on the

ultraviolet absorption spectrum of 3-hexanone:

Soln. IV, 0.0434 M nexanone; Soln. V, abour 0.0L34

M hexanone, Lx1070 M HgS0,, and 0.0 N H,S0y:

Soln. VI, 0.004 M hexanone; Soln. VII, about 0.004

M hexanone, 5 x 1077 N :gSO,, and 0.05 N HpSOy,.
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hexanone at about the same concentration but is 0.04 M in
sulfuric acid and 4x107° Y in mercuric sulfate. Solution
VI is about 0.0CH M hexanone 1n water and solution VII con-
tains hexanone at about the same concentration but is 0.05
M in sulfuric acild and 5x107° M in mercurlc sulfate. Solu-
tion VII was allowed to stand over night before its absorp-
tion was measured.

It is apparent from these absorption curves that there
1s an interaction between mercuric sulfate and hexanone
which produces a substance with maximum absorption at 223 my
in a concentration determined by the concentration of the
mercuric sulfate. If the complex substance is assumed to
contain one mole of mercury, then the molar extinctlon co-
efficient 1s about 1.1-1,2x104.

Mercuric sulfate was found to have a similar effect
upon the absorption spectrum of 2-butanone, as is shown by
the curves of Figure 3. Solution VIII is 0.0427 M butanone
in water. In solutions IX and X the concentrations of buta-
none are 0.0416 M and 0.0376 M respectively, the concentra-
tlons of mercuric sulfate are 5x10'5 M and 10x1072 M respec-
tively, and the concentratlion of sulfuric acid is 0.05 M.

It may bhe seen that mercuric sulfate produces a new absorp-
tion at 212 mp, the magnitude of which is proportional to
the mercury salt. Based upon the assumption that this com-

plex substance contains one mole of mercury, the molar ex-
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tinctionfcoefficient is about 1.2x107, about the same as
that produced with 3-hexanone.

The reaction of hexanone with mercuric sulfate was
studied further in order to learn something about the rate
and equilibrium., The initial rate of appearance of the ab-
sorption maximum at 223 mp was measured in solutions which
were 5x107° M in mercuric sulfate. This initial rate was

found to vary apprbximately with the first power of the con-

centration of hexanone. The results are given in Table ITT.
" Table III
Reaction of 3-Hexanone with 5x107° M Mercuric Sulfate

Initial rate of
increase of optical

o el
0.97 2.0
9.7 13
11.6 26

A series of solutions, 5x107° M in mercuric sulfate and
0.05 M in sulfuric acid, were prepared containing different
concentrations of hexanone and the ultraviolet spectra were
followed until no further change was noted. The equiiibrium
optical densities at 223 mp were found to be independent of
the ketone concentration and proportional to the concentration

of’ mercuric sulfate when the molal concentration of the ketone
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exceeded,twice that of the mercuric sulfate. On the other
hand the'absorptibn was about proportional to the ketone con-
cenﬁration when the ketone concentration was less than twice
that of the mercuric sulfate. These data are given in Table

Tavle IV

Dependence upon hexanone concentration of the equilibrium
values of _light absorption at 223 mp in solutions
5x107° M in mercuric sulfate and 0.05 M
in sulfuric acld.

Hex?none %oncn. Equilib. optical Days a1¥owed
i x 10 denslty at 223 mp for equilib.
116 0.576 1
97 .593 1
9.7 .609 4
4,85 .302 6
2.9 245 6

Discussion of Results of Investigation of Ketone Complex.

The information which has been obtailned from these studiles
and which is displayed in Figs. 1, 2, and 3, and in Table IV
reveals the marked changes which occur in the ultraviclet ab-
sorption spectrum of ketones in the presence of mercuric sul-
fate and sulfuric acid. A reasonable interpretation of these
data 1s that ketones, in particular 3-hexanone and 2-butanone,
react with mercuric sulfate in dilute sulfuric acild to produce

a complex substance contalning two moles of ketone for each
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*
mole of mercury. The fact that a clear reaction mixture con-

taining hexanone and mercuric sulfate gave no precipitate of
basic mercury salts when it was made strongly basic and boiled

suggests that the'ketone—mercury complex is very stable.

The Absorption Spectra of 3-Hexyne in the Presence of Mercuric

Sulfate and Sulfuriec Acid,

The ultraviolet absorption spectrum of 3-hexyne was meas-
uréd in pure water and in a solution 0.05 M in sulfurilc acid.
The curves for solutions XI and XII reproduced in Fig. 4 show
that acid has little effect upon the absorptioﬁ except, per-
haps, to shift absorption slightly toward the visible. The
reliability of the absorption curves 1s not very great in the
region below 210 mp.

However, when a trace of mercuric sulfate was added to
solutions containing hexyne and acid, there appeared within a
few minutes a very strong absorption below 250 mp. This ab-
sorption has a maximum near 226 mp as shown in the curve for
solution XIVa in Fig. 4, and it can be seen to be quite simi-
lar to the absorption_of the ketone;mercury complex (Solution
VII, Fig. 2). There alsovappeared a gradually increasing
absorption at 272 mp and after two days the absorption spec-

' tfum became fairly stable with the form shown for solution

~XIVb in Fig. 4. This final or équilibrium solution has ab-

*Reported on page 8 of this thesis.
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sorption maxima at hoth 226 and 272 mp and thus appears to
contain bhoth the ketone and the ketone-mercury complex, It
is evldent that the absorption for solutions XIII, XIVh, and
AV to XVIIT inclusive all show the maxima at 226 and 272 my
which are characteristic of the ketone-mercury complex and
the free ketone, respectively. It may be concluded that
hexyne has oeen hydrated to the ketone. This was corrohor-
ated by the detection of the sweet odor of the ketons in the
equilibrium reaction mixtures.

In these equilibrium solutions the final optical den-
sity at 226 mp 1s roughly proportional to the concentration
of the mercuric sulfate and the optical density at 272 mp
is about proportional to the initial concentration of 3-hexyne.
It may be concluded that the principal reactions which are
taking place 1n these solutions are the mercury-catalyzed
hydraticn of Fhexyne and the formation of the hexanone-
mercury complex demonstrated 1n preceding sections of this

thesils.

The Hate of Hydration of 3-Hexyne Catalyzed by Sulfuric Acild

and Mercuric Sulfate.

The rate of hydraticn of 3-hexyne was studied spectro-
photometrically by followlng the rate of increase of the
optical density at 272 mp of aqueous solutions contailning
different concentrations of hexyne, mercuric sulfate, and

sulfuric acid. These measurements were made at room tem-
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peraturefwithoat thermostatic contreol., Furthermore, the
optical density at 272 mp 1lnvolves interference by absorbing
substances other than 3-hexanone. Therefore, the data ob-
tained are seml-quantitative in nature but they provide,
nevertheless, some information about the kinetics and cata-
lytié effects taking place in the reaction.

In carrying out a measurement of the rate of hydration
thére was first.prepared in a 250-ml. glass-stoppered flask
200 ml, of a solution containing the desgired amounts of sul-
furic acid and mercuric sulfate in nitrogen-saturated water.
Then an ampoule of 3-hexyne was broken in the flask, and the
flask was quickly sealed and shaken violently for about five
minutes wmtil all the hexyne was dissolved. A sample from
this reaction mixture was then sealed in a quartz spectro-
photometer cell and the variation of optical density with
time was followed at wave lengths of 272, 226 and 203 mp,
using water in the blank cell. The optical density of the
ketone peak at 272 mp showed a rapid and somewhat erratic
initial increase after which the rate of increase became
about constant with time énd fell off after several hours.
The optical density at 203 mp, a wave length at which 3-
hexyne absorbs strongly, started high and fell off to about
half of the initial value toward the end of the reaction.
The optical density of the complex peak at 226 mp started

high, fell off to a minimum value, and then rose to a final
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value whﬁch was proportional to the concentration of mercuric
sulfate (See Fig. 5).

The variations of optical density at 272 mp with time
for the‘f6UP kinetic runs are recorded in Table V. When the
steady portion of theoptical density-versus-time curve is
extrapqlated back to zero time, the intercept obtained is
greater than zero. Since the final optical density at 272
mp‘was usually éomewhat greater than that corresponding to
the conversion of all the hexyne to hexanone, it i1s assumed
that the extrapolated initial optical density indicates
roughly the absorption caused by interfering substances in
the reaction mixtures. Thus the absorption, Qc,vdue to hexa-
none can be obtained by subtracting the extrapolated initial
value, D , from the value of the optical density, D, for each
measurement. The optical density which would be produced by
hexanone at completion of the reaction, Dp, can be calculated
from the initial concentration of hexyne and the molal ex-
tinction coefficient of hexanone, E _°2/2

m
fraction of hexyne unreacted is Dy/(Dp-D,). If the reaction

= 21.2 (12). Then the

is assumed to be first order with respect to the concentra-
tiqn of hexyne, the relation expressed by Equation 7 should
hold., Here k is the apparent first order rate constant and

2.303 log Do/(Dp-Dy) = kt (7)
t is the time.

The observed and calculated optical densities described
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Table V

Hydration of 3-hexyne; variation of optical density of
- reaction mixtures at 272 mp; results are in Table VI.

Run 1. D, = 0.191 v Run 2. De = 0.236
%ins- > ad (Qf%ii)/gf Fin, C ~e (Qf%if/gf
0  0.035% 0.0 0.0 o 0.052% 0.0 0.0
12.5 .045  .010  .023 14 .065 .013  .024
19' .049 014  .033 20 .069  .017  .032
24 .051 016 .038 25 .068  .016  .030
30 .0k7  ,012  .028 30 .071  .019  ,037
37.5 .050 .015 .036 35 .OTh 022 .ok2
43,5 ,052  ,017 .04l 4o .077  .025  .048

- 50 054 019 046 L5 .079  .027  .053
56 .057 .oéz, .053 50 .083  .031 .061
62 .059  .024h 058 56 .098  ,035 .070
68  .062  ,027  .066 61 .090 .038 .076
100 ,O074 .039  .099 174 147 .095  .224
104 .o7h  .039  .099 180 .150 .098  .233
194 104 069 .195 221 .159 .l107  .262
199 .104  ,069  .195 .236P

.191°

a., Found by extrapolation to zero time.
- b. Calculated from initial concentration of hexyne and the
molal extinction coefficient of hexanone.
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Table V (continued)

Run 3. D, = 0.246 Run 4, D, = 0.254°
e S 2 (e, w2 X (2,00 /b,
0 0.036 0.0 0.0 0 0.0 0.0 0.0
12 046 .10l  .022 12 .071  .030 .05l
17 .053  .017 ~.031 17 .073 .032  .058
21 .053 .018  .033 21,076 .035  .06k4
26 057 - .021  .,039 26 .079  .038  .070
31,059 .023  .043 30  .083 .ok2 078
36 .061 .025 .0U6 35 .087 .OU6 .087
41,064 .028 052 41,093 .052  .099
46  .068  .032  .060 45 097 .056  .108
5. .0T1  .035 .067 48.5 .100 .059  .115
56 075 .039  .075 54 .107  .066  ,131
61  .079 .03 083 57 .111  .0T0  .1k0
66 .08 .046  .090 62 .117 .076 .15L
73 .088 .052  .103 66.5 .122 .08l .167
113 .002 .076  .160 72 .129  .088  ,185
118,116  .080 .171 - 125  ,173  .132  .318
122.5 .119  .083 .179 132  .179  .138  .340
177 .1k6 110 257 235,236  .195 .634
2Ly 177 .141 .370 240 .239  .198. .657
250 .181  .1k5 .386 ‘2547
336 .215 .179  .565 ﬁéxyﬁgoggdlgftogigggfi:%
341 216 .180  .571 iﬁigéa%ocggcg?gggtﬁfn =5

246
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in the preceding paragraph are tabulated in Table V and in

Figures 6 and 7 the plots of log (Qf-gc)

played. It may be seen that the data of runs 1 and 2 fit

/D, versus % are dis-

the first order relation pretty well if the first two or

three measurements taken in the intial thirty minutes of the
reaction are excluded., However, the plots for runs 3 and 4,
which were followed farther toward completion, exhibit defi-
nite signs of an upturn as the reaction progresses. In view
of the errors involved in these measurements 1t is not felt
that a more exact analysis of the data is warranted. The ap-
proximate first order rate constants were calculated from the
slopes of the best straight lines drawn through the plots in
Figures 6 and 7. The concentrations of reactants and calcula-

ted first order rate constants k are recorded in Table VI,

Table VI,

The filrst order rate constants for hydration of 3-hexyne in
agueous solutions of mercuric sulfate and sulfuric acld at
approximately 25° C. Concentrations are in moles/iiter.

a

Run Concn. Concn. Conen. k Concn. Conen, k

No. HpS80)  HgS80y  Hexyne min. t  H+ Hg++ T(HFJ(HZTT)
| x105  x10° x10° x10° x107H

1 0.05 5 9.0 2.2 ,059 1.02 3.7

2 .05 10 11.1 2.9  .059 2.03 2.4

3 10 5 11.6 3.4 .110 .84 3.7

4 .10 10 12.0 5.9 .1l10 1.68 3.2

a. Calculated using the eqguilibrium constants of Infeldt
‘and Sillen (13).
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Discussidn of Results.

These results demonstrate the catalytic effect of mer-
curilc sulfate and sulfuriec acid upon the rate of hydration
of 3-hexyne, bﬁt the data are not sufficiently accurate to
establish unequivocably the order of the catalytic effects
with respect to the concentrations of the catalysts. The
effect of the hyérogen ion concentration upon the hydrolysis
of‘mercuric ion‘is‘not tﬁought to be important under the con-
ditions of these measurements because at a pH of 1 only 0,2%
of divalent mercury is hydrolyzed (14). On the other hand,
from the results of recent work on mercuric sulfate complexes
(13), it may be estimated that in 0.1 M sulfuric acid 98% of
divalent mercury is in the form of the disulfate cbmplex,
Hg(sou)é. Furthermore, as the concentration of sulfuric acid
is 1ncreased from 0.05 to 0,10 M, the concentration of free
mercurlc ilon is decreased by about 17%.

If 1t is assumed that the rate of hydration is propor-
tional to the concentrations of hydrogen ion and free mer-
curic ion, then the quantity g/(H+)(Hg++) should be the third
order rate constant for the hydration reaction. The last
column in Table VI exhibits a fair constancy in the calcu-
‘lated third order rate constant. Agreement is better when
the concentration of sulfuric acid is increased at constant
mercuric sulfate, i.e., when runs 1 and 3 or 2 and 4 are com-

pared. When mercuric sulfate concentration is increased at
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constaaﬁ sulfuric acid, i.e., when runs 1 and 2 or 3 and 4
are compared, the calculated third order rate constant 1s
"seen to decrease. However, more precise values of rates
»measured 6vef wider ranges of the reagent concentrations
would be required to establish the kinetics of the reaction.

E It is intereéting to note that the first order rate
constant reported for the hydration of acetylene In 5 wf
sulfuric acid 5x107° M in mercuric sulfate has the value
4.4x1073min. -1 (1), which is of the same order of magnitude
as the value obtained in the present investigation in 0,10
M sulfuric containing the same concentration of mercuric

3 1

sulfate, viz., 3.4x10 “min.”. This comparison suggests that
the catalytic effect of increasing the acid concentration
fifty-fold is counteracted by a decrease in the catalytic ef-
fect of the mercuric lon as the result of the formation of
‘sulfate complexes by the mercuric ion.

The situation is further complicated by the fact that
as soon as the hydration reaction is initiated, the ketone
produced bhegins to react to form the very stable complex with
mercuric sulfate. Several interesting observations can be
made in regard to the formation of mercury complexes in the
réaction mixture, First, the initial high optical density
of reaction solutions at 226 mp which falls to a minimum and

then rises to a final maximum indicates an initial rapid

formation of the ketone-mercury complex, since the form of
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the absérption curve in this region is essentially that of
the ketone-mercury complex (Solns. XIVa,b Fig. 4 ). How-
“ever, the decrease to a minimum value at about the half-
»reactibn poiht suggesté that there is present from the be-
ginning.of the reaction another substance absorbing in this
regibn, the concehtration of which decreases as the hydration
reaction progreéses. This substance must be a complex formed
between 3—hexyné and mercuric sulfate.

In_this connection it was found that solid mercuric sul-
fate reacts with anhydrous 3-hexyne. When 0.025 mole of
hexyne was mixed with 0.05 mole of solid mercuric sulfate,
the mixture turned brown within one minute and at the end of
an hour was black. When a Similar mixture was prepared con-
taining in addition 0,05 mole of sodium sulfate, the reaction
mixture formed a cake which only became 'a very light grey
color after one hour. These observations suggest that the
mercuric sulfate reacts with the hexyne and releases concen-
trated sulfuric acid. In the absence of a base the sulfuric
acid causes charring of the hydrocarbon. Sodium sulfate can
act as a base to take up ﬁhe sulfuric acid and thus prevent
}charring.

A second observation which may be made 1s that only
~about five minutes are required for production of a ketone
concenﬁration equal to twice that of the mercuric sulfate,
although the concentration of the keténe-mercury compiex

“does not approach its final value for several hours. It



is apparent that hexyne interacts with mercuric sulfate and
undergoes hydration ﬁo the ketone, at least parf of which
must theﬁ be released as free ketone before it forms the
ketonéémercury complex.

 The third observation is that during the later stages
of the reaction an ever-increasing proportion of the mercury
is combined with the ketone, yet there is no falling‘off of
rate in the_firstrbrder plots shown in Figs. 6 and 7., This
suggests that the ketone-mefcury complex also is an effectlve
catalyst for the hydration of hexyne., The kinetic data indi-
cate that the rate of hydration is roughly first order with
respect to hexyne and is approximately proportional to the
concentration of acid and free mercuric ion., Thus there ap-
pears tobe ome similarity to the reaction of 3-hexyne in
glacial acetic acid catalyzed by mercuric acetate and per-
chloric acid (10d).

The preceding observations make it clear that the as-
sumptions made 1in the interpretation of the rate data are
almost certainly an over-simplification. It would be very
difficult to separate the effects of the competing reactions
for an exact kinetic study even if a more accurate method of
analysis for hexanone or 3-hexyne were developed. However,
on the basis of the limited data available 1t appears that
the rate of hydration of 3-hexyne is roughly first order in

hexyne, hydrogen ion, and free mercuric ion. The reactions
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which probably take place in the sclutions, some or all of
which are catalyzed by hvdrogen ion, are represented by

‘Egquations 8-11.

CgHyg + HeSOpy — s C6H10‘HgSQ4 (8)
CeHy o HaS0y  + Hy0 —>—CgH 0 + HeSO) (9)
2CgH, 50+ He80) ——— ’(C6H120)2Hg304 (10)
cH + H,O - S CgHynO

6710 2 (CgHyp0)oHESO), orEm (11)

The kineties of the mercurymoatalyéed hydration of acetyl-

ene has some similarities to the situation indicated above

and also some marked differences, This is to be expected,
since acetylene possesses two acidic hydrogen atoms while
3-hexyne has none, and the product of hydration is an alde-
hyde in one case and a ketone 1n the other. As mentioned
earlier (1), apparently acetylene forms a complex in the ratio
vof.one mole to two with mercuric sulfate, Acetaldehyde forms
a complex in the ratio of one mole to three with mercuric sul-
fate. The acetaldehyde complex must be much more tightly
bound than that of 3-hexanone, since acetaldehyde exerts a
Strong inhibition upon the hydration of acetylene, whereas
,the hexanone complex seéms to cause no inhibition of the hydra-
 tion of 3-hexyne. These observations are in accord with the
. fact that aidehydes are congiderably more reactive than are

ketones.
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PART II

THE EFFECT OF MERCURIC NITRATE AND OTHER ELECTROLYTES
- UPON THE AQUEOUS SOLUBILITY OF BENZENE

INTRODUCTION

The coordination of olefinic compounds with silver ion
in solution to produce ionic complexes is a reaction which
has been well-known for over ten years, There has likewlse
been strong evidence adduced for the formation of even more
stable ionic coordination complexes between cyclohexene and
mercuric ion. More recently it has been shown that benzene
and its methyl homologs and also polycyelic arématic hydro—
carbons coordinate with silver lon. These facts suggested
that mercuric ion should coordinate with benzene to form a
complex at least as stable as that between benzene and sil-
ver ion. The obJective of this investigation was to deter-
mine whether or not mercuric ion coordinates with benzene.
This was done by measuring the solubility of benzene ir
aqueous solutions of mercuric nitrate and other nit s of

divalent cations.
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LITERATURE SURVEY

A sufficient number of olefins have been shown to re-
act reversibly with silver nitrate or silver perchlorate
with the formation of coordination complexes to estabhlish
argéntation as a reaction which 18 characteristic of olefins
(1). These olefin complexes with silver salts are of fairly
low stability and the crystalline compounds have been iso-
lated in a relatively few cases for olefins and conjugated
dienes (1, b-e). Benzene and its homologs and also poly-
cyclic aromatic hydrocarbons likewise undergo the argenta-
tion reaction and the resulting coordination compounds are
generally even less stable than those formed by olefins
(2, 3), though a crystalline compound of toluene and silver
verchlorate has been isolated (4). Mercuric salts react
wlth olefins to produce.well-characterized addition com-
pounds of good stablility the true chemical nature of which
has long been a matter of dispute (5). Mercuric salts usually
form addition compounds which are hydroxymercuri-salts and
which are decomposed by halogen acids to yield the free ole-
fin. Thus there has been a gquestion as to whether the
mercury compounds are covalent addition compounds or ionilc
coordination compounds. A cafeful investigation of the re-
‘action of cyclohexene with mercuric nitrate in dilute nitric
acld provided strong evidence for the formation of two lonic

complexes having the formulas CgHyn'Hgtt and C6H10'HgOH+ (6).
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The values of the eqguilibrium constants for the formation of

some of these complex compounds are given in Table I.

Table TI.

Equilibrium Constants for Coordination Reactions
of Some Unsaturated Hydrocarbons.

'Unsaturated Inorganic First Coordina- Ref.
compound salt tion constant
Trimethylethylene . AgNO3 13.3 1b
Cyclohexene AgNO3 79.3 ~1b
Dimethylbutadiene AgNO3 22.5 1b
Benzene AgNO3 2.4 2
Cyclohexene Hg(NO3)2 2.2x104 6

In view of the preceding information 1t was felt that
mercuric lon should form a rather stable coordination com-
plex with benzene. The present investigation has estab-
lished that mercuric nitrate does not coordinate with ben-
zene to any measurable extent. After this investigation
was completed, new work was published which dealt with the
reaction of mercuric nitrate and nitric aéid with cyclohex-
ene, from which evidence was adduced against the postulated
ionic coordination complexes of mercuric lon with eyclohex-
~ene (7). The evidence has recently been reviewed and judged
to be in favor of the initial formation of the ionic coor-
dination complexes (5). This question will be discussed be-

low in the light of the results of the present investigation.
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- MATERIALS AND APPARATUS

All of the inorganic salts and the nitrlc acid used were
of reagent grade. Solutions of salts were prepared by weight
'at concentratlons accurate to within one percent, which was
considered to be sufficlently exact in view of the precision
of which the stripping method of analysis is capable. The
benzene which was utilized in the solubility measurements
was provided by Dr. Nathan Koenlg and was reagent grade mate-
rial purifled twice by crystallization and then distilled.

The apparatus used for saturation and stripping of solu-
tions and the special traps used to freeze out and weigh the
stripped benzene were provided by Dr. Koenig and are the

same as those described in his thesis (8).

MEASUREMENT OF THE AQUEOUS SOLUBILITY OF
BENZENE BY THE STRIPPING METHOD

Description of the Method.

The stripping method for the measurement of aqueous
solubility of wvolatlle com@ounds was developed in this
laboratory by Dr. Nathan Koénig (8). The procedure for ben-
zene was as follows: A volume of the aqueous medium was
saturated with benzene by st;rring a two-phase system for
- thirty to forty minutes at constant temperature with a
special stirrer which produced a moderately fine emulsion.

The phases were separated by settling for five mlnutes and
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centrifuging for five minutes, and a measured volume of the
saturated agueous phase containing 0.06 to 0.14 g. of ben-
zene was pipetted into a cylinder fitted with a fritted
glass disk. WNitrogen gas was then bubbled through the solu-
tion, passed through a tube contalailng Drierite drying
agent and then through a specially designed trap which

had been weilghed and submerged in a Dry Ice-acetone bath
whlile belng flushed with dry nitrogen. This stripping pro-
cess was conbtilnued three hours until essentially all of the
benzene had been swept out of the aqueous solution and had
been frozen in the trap. Then the trap was warmed to room
temperature, using a speéial technique, and weighed. The
concentration of benzene in the saturated solution was cal-

culated Trom the lincrease in weight of the trap.

Calinration of the Stripping Method With Benzene.

The stripping method possesses two inherent errors for
wnich corrections must be made. These errors result from
the vapor pressure of sclid benzene at the temperature of
the nitrogen leaving the trap and from the nitrogen dis-
placed from the trap by benéene vapor when the cold trap 1s
warmed to room temperature. The magnitude of the first of
these errors was estimated on the basis of the vapor pres-
sure of benzene at an assumed exlt temperature for the nitro-
zen of -65D C. and a total volume of about 5000 ml. The mag-

nitude_of the second error was estimated on the hasis of
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the assﬁmption of a trap gas volume of 24 ml. saturated with
benzene vapor at a temperature of 2300. The estimated er-
rors were 1.3 and 3.1 mg. respectively, or a total estimated
‘correction of 4.4 mg. This is the theoretical amount which
gshould be added to the observed weight increase of the trap
to obtain the true weight of benzene in the solution which
has been strippéd.

This correction was determined empirically by stripping
measured volumes of a series of carefully-prepared stock
solutions of bhenzene in water. The stock solutions of aque-
ous benzene were prepared by weighing about 0.4 g. of benzene
with Dry Ice, opening the flask and dropping 1t into a glass-
stoppered flask containing a known volume of water, which
was then shaken until the benzene dissolved. This stock
solution was cooled to 10° C. for sampling in order to re-
duce loss of benzene vapor as the solution was pipetted. In
calculating the concentration of benzene in the stock\solu—
tion, correctlons were made for benzene vapor in the gas
spaces of the welghing flask and stock solutlon flask, and
for the thermal contractlon between the temperatures of 250
and 10° C. Table II gives the results of five calibration
runs. The correction under standardized conditions was taken
~as +0.004 g, for all solubility measurements. This is in
good agreement with the correction estimated above to be

+0.0044 g,
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Table IT

Calibration of the stripping method for benzene.

"Run No. Vol. of Wt. benzene Trap vol. Correc- Comment
Aliguote in aliguote tion
1 50 ml. 0.0764 g 24 ml. +.0042 g.
2 100 .1265 24 +.0040
3 100 ' 1171 27 +.0063 a
b 60 . .0821 27 +.0000 b
5 50 ‘ .0685 27 +.0038

a. Trap sealed late, benzene probably lost.
b. There 1s no obvious explanation for deviation.

Complexing of Mercuric Ton During Stripping.

In order to insure that no benzene would be held in the
solution in complex form during the stripping process, the
mercuric nitrate in the stripping bottle was converted to a
stable complex by the addition df an excess of eilther potas-
sium thiocyanate or potassium lodlide and some phosphate buf-
fer solution. Any nitric acid present was neutralized with
sodium hydroxide solutlion. Several runs using the above
reagents in the absence of mercuric nitrate showed that they
did not interfere with‘the complete stripping of a saturated

benzene solution.

The Effect of Stirring Time Upon the Solubility of Benzene,

Two solubllity runs were made in which a longer time of
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stilrring was used in order to see if there were any impor-
tant rate effects. The fesults which are given 1n Table III
indicate that complete.saturation is attained with strontium
nitrate in fifty minutes. In the case of the mercuric ni-
trate solution, however, there may be a slow rate effect.

‘It was noticed in a few of the two phase systems of
benzene and aqueous mercuric nitrate that a small amount of
a buff-colored solid was formed after gtanding with access
to the atmosphere for several days. This substance was
examined and found to be insoluble in hot or cold concen-
trated acids, strongly oxidizing solutions, water, or alco-
hol. The sollids decomposed at about 300° C. with a glight
puff to give a black fluffy ash which then burned to lesave
no residue. These characteristics suggest that the solid
may contain an organic mercurial. Agqueocus mercurlc niltrate
solution containing five percent nitric acid will react
with benzene at 40° C. tb vleld phenylmercuric nitrate (9).
However, any such reactions occurring in the saturation mix-
tures are very slow, and 1t 1s reasonable to assume that all
salt solutions attain satﬁration with forty minutes of stir-
ring.

The three-hour stripping period affords the mercuric
- nitrate further time to react with the dissolved benzene.
But 1t may be seen in Figure 1 that the measured salting-cut

effect of the mercuric salt is less than that of the strontium
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or barium salts. ' If the salting effect of the mercuric

salt 1s roughly équal tovthat of the other salts bhbut there
is a slow reaction taking place which consumes some of the
,dissdlved benzene, then the measured salting-out effect of
the mercurié salt would he expected to be greater than that
of the other salts. Furthermore, the magnitude of such an
effect would bevexpécted to increase with the salt concen-
tration. The curves in Figure 1 reveal no evidence for such
influences., Therefore, it must be concluded that any slow

reaction of benzene 1in the stripping process 1s very unlikely.

Table III

Effect of Stirring Time on the Solubility of Benzene
in 1.0 M Salt Solutions 0.3 N in Nitric Acid.

Salt Hg(N03)2 .Hg(N03)2 Sr(N03)2 SP(N03)2
Stirring Lo 130 50 130
time, min.

Sol'y bz}
g./100 ml. 0.130 0.134 0.118 0.117

RESULTS OF SOLUBILITY MEASUREMENTS

The Solubility of Benzene in Aqueous Solutions of Electro-

lytes.

The stripping method was used to measure the solubility
. of benzene in aqueous solutions of several electrolytes at
25.O’i'0.1o C. The electrolytes used were mercuric, strontium,

barium, and potassium nitrates, and nitric acid. It was con-
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sidered éesirable.to make the mercuric nitrate solutions
acid with nitric acid in order to repress hydrolysils of

the mercuric ion. Therefore, for purposes of comparison,
all salt solufions were made 0.3 N 1n nitric acld, the ef-
fect of which upon the soluhility of benzene is slight at
this concentration énd can he assumed with negligible error
to cancel out in comparisons of the solubility effects of
the salts. The results of these solubility measurements
are given ih Tablés I, V, and VI, In Figure 1 the data are
presented in a plot of the logarithm of the ratio, §/§0,
which 1s called the salting coefficient. 8 is the solubi-
1lity in the given salt solution and §0 is the solubility in
0.3 N nitric acid. It is plain from these data that mer-
curic nitrate and the other salts all decrease the solubl-

1lity of henzene in a parallel manner.

The Effect of Temperature Upon the Solubility of Benzene in

1.0 M Mercuric Nitrate,

In order to observe possible thermodynamic effects, the
solubility of benzene was measured at 10.0%0.1° ¢. in pure
water and in 1.0 M mercuric nitrate solution which was 0.3

N in nitric acid. The results are given in Table VII.
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Table IV

The Solubility of Benzene in Agueous Solutions of Mercuric
Nitrate 0.3 N in Nitrile Acld at 25% C.

He (NO. ), 0 0O  0.10 0.30 1.00
conerl.”

Sol'y bz. 0.174% 0.175 0.171° 0.162 0.130

g./100 nl.

A c s

8/8, 1.00 977 .9%6  .T43
}x Hg(NO3)2 0 0 .30 .90  3.00

a. Pure water, no electrolyte present.

b. Concentration of HNO, is 0.15 N.

c. S 1s the solubllity 0 the salt solution and S,1s the
solubility in 0.3 N nitric acid.

Table V

The Solubility of Benzene in Aqueous Solutions of Strontium
Nitrate 0.3 N in Nitric Acild at 25° C.

ST(NO3)2 0 0.10 0.30 1.00
conc,

Sol'y bz. 175 ,170% .158 .118

g./100 ml.

5/8, 1.00 971 .903 675

M ST(NO3)2 0 .30 .90 3.00

a. Concentration of nitric acid 1s 0.15 N,
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Table VI

of Benzene in Aqueoug Solutions of

Several Electrolytes at 25° C.

E%iigro- Hg(N03)2 Ba(No3)2 Sr(NOB)g KNo3 HNOB HNO3
Electro-
lyte con.®  0.30 0.30 0.30 0.90 0.30 1.00
Sol'y bz.
g./100 ml. 162 .160 .158 41 L17s 0 L182
5/8,° 926 .91k .903 .806 1.006 1.046
}J (salt or

acid) .90 .90 .90 .90 .30 1.00

The salt solutions
For 5 in the case
HNO, is taken, and
in water, O0.174 g

oo

contaln nitric acid at 0.3 N

of salts the solubility in 0.3 N
in the case of HNO; the solubility
./100 ml., is taken:

Table VII

The Solubility of Benzene in Water and in 1.0 M Mercuric
Nitrate, 0.3 N in Nitric Acid, at Different Temperatures

Temperature

Sol'y bz,
in water
g./100 ml.

Sol'y bz( in)
1.0 M Hg(NO
g./100 m1.3 2

259 ¢, 10° ¢.
0.174 0.170
.130 .118
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Figure 1. Plot of logy o of benzene salilng coef-
ficient, $§/8¢, against ?onic gtrength:
—@®——Nitric acid
—O——Mercuric nitrate
—g——— Barium nitrate
—a&——— Strontium nitrate
~—&@——— Potassium nitrate
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DISCUSSION OF RESULTS

When the solubility data recorded in Table IV, V, and
VI and in Figure 1 are examined, the most striking fact is
‘that all of the'éalts investigated strongly reduce the aque-
ous solubility of benzene. In Figure 1 the graph of the
1ogarithm.of thé'salting coefficient versus the ilonic strength
for the salts sﬁrontium and mercuric nitrates approaches a
straight line at low salg Qoncentrations. According to the
theory of Debye and McAulay pure salting action of electro-
lytes should produce such a linear relationship (10). It is
seen that the three divalent nitrates of strontium, barium,
and mercury produce the same order of salting-out effect upon
benzene, although mercuric nitrate produces the least salting
out. It is clear that the major effect of mercuric nitrate
upon aqueous benzene is a salting out effect similar.to that
produced by the other inorganic salts. 7

"Nitrie acid, for which data are recorded in Table VI, is
seen to increase the solubility of benzene. The work of other
investigators has shown thét benzene, cyclohexene, cyclo-
hexane, and carbon tetrachloride are salted in by nitric acid
and by perchloric acid (8, 11). Hydrochloric acld salts out
cyclohexene but this effect feaches a maximum at an aéid con-
’ centration of 1.5 N, beyond which there is an upturn in the
solubility curve (8). Apparently in this case there are two

~competing effects, and the,effect which results in increased
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solubillty becomes determinative atAhigher concentrations.
Now it may be noted in Figure 1 that the salting curves of
"strontium and mercuric nitfates show no tendency to curve
,upwafd but; rather, demonsﬁrate a defimite downward curva-
ture. This is further evidence that both of theée exert a
pure‘salting~out'effect with no competing effect to produce
an inecrease in solubility.

The data in Téble VI show the influence of temperature
upon the solubility of benzene in water and in meroufic ni-
trate solution., As the temperature is lowered, the solubi-
1lity in aqueous mercuric nitrate decreases markedly whereas
the solubility in water decreases less than two percent. In
other words, the salting-out effect increases strongly with
decrease in temperature. If there were in these solublions
an exothefmic reaction occurring which tended to increase
benzene solubility, then a drop in temperature would be ex-
pected to cause a decrease in the salting-out effect. Such
is the case for benzene in aqueous silver nitrate (8) and
for naphthalene in aqueous silver nitrate (12), since &
drop in temperature markedly increases the solubility of
thege non-polar solutes in silver nitrate solution, The prim-
ary interaction believed to be responsible for the salting-
out action of inorganic'electrolytes is the hydration of the
iohs which makes less water available for solvation of the

‘non-polar solute (11b, 13). Thus, ion hydration, which is



- 52 -

prcbably an exothermic procegs in most cases, increases with
decreasing temperatufe aﬁd, therefore, salting'out would be

“expected'to increase at lower temperatures, as has actually

»been‘fbund‘fér benzene‘in aqueous mercuric nitrate.

The results of this investigation lead us to the con-
clﬁsion that the ?rimary influence of mercuric nitrate upon
benzene in aquedus solution is a salting-out effect. Though
there might poséibly‘be a slight hidden complexing effect,
there is.nd evidence for such an interaction, and the pesgi-
tive temperature coeffiqient of the solubility of benzene
in aqueous mercuric nitrate affords evidence against such
a hidden effect. Therefore, it is concluded that there is
no appreciable reaction between mercuriec nitrate and benzene

to form an ionic coordination complex.

DISCUSSION OF THE REACTION OF MERCURIC NITRATE
WITH UNSATURATED COMPOUNDS

As has been mentioned previously, olefins and aromatic
compounds react with silver ion to form ionic coordination
complexes of low stability,'the argentation reaction proceed-
ing to a well-defined equilibrium. A few crystalline com-
péunds of low stabillity between silver salts and both olefins
~and aromatic compounds have been isolated. Mercuric salts,
‘on'the other hand, form addition compounds with many olefins,

" which are quite stable but are decomposed by halogen acids.



3 -

T

The equilibrium constants for the éoordiﬁation reaction of
mercuric nitrate with cyclohexene have been measured and
'found to be quite large. Finally, the present investigation
.has-shown that.mercuric nitrate does not coordinaté with
benzene,

| The Silver:ion coordination complexes are almost surely
Tr-coordination complexes in which the silver ion interacts
with theTTfelectrdn cloud of the unsaturated compound. The
lack of a mercuric ion intéraction with benzene, howéver,
indicates that mercuric ion is incapable of coordinating with
TT-electrons, at least in aqueous media. The stability of
the addition compounds of mercuric salts with olefins indi-
cates that they involve a covalent link between carbon and
mercury.
| In the light of these observations it appears that the
complexes formed by the rapid reaction of aqueous mercuric
nitrate and cyclohexene probably involve covalent bonding.
It may be that there is first formed an ionic coordination
complex which is unstable and goes over rapidly into a co-
valent compound. Possibly there 1s produced some sort of
compound intermediate in character between true ionic éo-
ordinétion complexes and the stable covalent substances
- formed by the addition.of mercuric salts to olefins. Fur-
ther experimental work is required to elucidate the exact

nature of these intermediate compounds, but it seems quite
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unlikely -that mercuriec ion forms with olefins stableTTicom~

plexes of just the type produced by silver ion,
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COORDINATION OF‘POLYCYCLIC AROMATIC HYDROCARBONS WITH
SILVER ION; CORRELATION OF EQUILIERIUM CONSTANTS WITH
RELATIVE CARCINOGENIC POTENCIES.

INTRODUCTION

In the two“deCades since 1t was demonstrated that cer-
taln polyeyvelic aromatic hydrocarbons are, in varying de-
grees; carcinogenic, i.e., capable of inducing tumors in
animals, much work has been done to determine relative car-
cinogenic potencies and attempts, only partially successful,
have been made to relate these potencies to chemical reacti-
vity, structure, and theoretical electronlc properties of
these molecules. Quantum mechanical calculations both by
the valence bond and by the molecular orbital method indi-
cate that in benz(a)anthracene and 1ts homologs the so-
called K-region containing the 5,6~ or meso-bond possesses
a higher electronic charge than do ordinary aromatic bonds.
This bond‘corresponds to the reactive 9,10-bond of phenan-
threne which; reiative to.benzene, has high reactivity to-
Ward dduble~bond reagents.

| These facts suggested the need for an experimental
method of meaéuring the relative nucleéphilic character of
polycyéiic»aromatic hydrocarbons. The object of this inves-

tlgation was to develop a satisfactory experimental method
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for this purpose and to apply it to a seriles of carcino-
genilc and non-carcinogenic compounds in order to observe
.ény possible relation between nucleophilic character and
CaTCiﬁogeniC'potency. Two experimental methods which were
’explored’and subsequently ahandoned will he described he-

fore the selected method is considered.
LITERATURE SURVEY

The history of the discovery of the carcinogenic acti-
vity of polycyclic aromatic hydrocarbons found in coal tar
has been reviewed bkaaddow (1), and the results of studies
on hundreds of such compounds have heen compiled by Hartwell
(2). From these studies 1t has become apparent that cer-
tain structural characteristics are almost always present
in carcinogenic hydrocarbons (1). Only a very few carcino-
genic compounds contain less than four condensed benzene
riﬁgs and virtually all the active compcunds possess a
meso-bond, i.e., a phenanthrene-9,10-bond, which is un-
hindered by a condensed benz-ring but may have an attached
methyl grbup. The mdst active compounds contain the benz(a)-—
anthracene structure, illustrated in Figure 1, which is
weakly active itself but becomes increasingly active when
substituted with methyl groups, especially in the 7-, 8-, or
~12-positions.

The chemlcal reactivity of carcinogenice hydrocarbons



v

Figure. 1. Polyeyclic arcomatic hydrocarbons:
T, benz{a)anthracene; II, benzo(c)phenanthrene;

111, 3-methylcholanthrene; IV, benzol{a )pyrene.
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has received conSidefable study ané has been reviewed by
Fiéser (3). These hydrocarbons, though easily hydrogenated,
are:not‘very reactive towérd ordinary addition reagents,

- but they are unusUally reactive toward substitutlion reagents
at the T7-position of the benz(a)anthracene system. The car-
cinogenic hydrdcarbons‘form especlally stable complexes with
pieric acid and trinitrofluorenome (4), A specific reaction
for polycyclic afomatic hydrocarbons containing a meso-bhond
is the addition to this bdnd of the reagent osmium tetroxide
to form a cyclic ester (5).

Quantum mechanics has been applied to the problem of
calculating the electronic characteristics of polycyclic
aromatic hydrocarbons. BRoth the valence bond (6) and the
molecular orbital method (7) have been used, and the appli-
cation of quantum mechanics éo the problem of carcinogene-
81s has been reviewed by Coulson (8). Some degree of cor-
relation has heen found to exist between carcinogenic
potency and the theorgtical electronic characteristics of
the mego-bond. ' |

On the basis of the results of hundreds of studies of
carcinogenesis in mice by polyecyclic aromatic hydrocarbons
(2) Séveral indlces of relative potency have been devised (9).
" The different indices #ary in some details but are in general
agreement. The index of relative potency which is used as
a basis of comparison in this thesis is that due fto Badger

(9¢).
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"EX?LORATORY INVESTIGATION OF THE INDICATOR
METHOD IN GLACIAL ACETIC ACID,

.Experimental,Method and Théory.

' The indicator method for investigating cation coordi-
nation reactions 4n glacial acetic acid was devéloped by
Dr. Henry'Lemaire invthese laboratories and was applied by
him in studies of the reaction of mercuric acetate with
3-hexyne (10). Iﬁ the present study of the argéntation re-
action the experimental method involves the mixing of solu-
tions in acetic acld of an unionized, moderately basic salt
of the desired cation, of the hydrocarbon, of perchloric
acid, and of a suitable acid-base indicator. The acidity
of the various mixed solutions is then determined by meas-
uring the optical density of the indicator, the molar ex-
~tinction coefficient and acidity constant of which have been
determined. |

In the theoretical treatment of the data obtained the

following equilibrium reactions between aromatic hydrocarbon
(Ar), metal salt (MA), acid (H'), and indicator (I) are as-

sumed to take place:

I + HY =—=—— 1H" (1)
MA + HY =——=n" + HA (2)
: Mf + Ap =——=—aryt (3)

Thevequilibrium constant for reaction 1, i.e.,, the indi-
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cator aéidity constant, is first calculated and then 1s usged
to caleculate thebequilibrium constant for reaction 2, i.e,
the basicity constant of the salt. Then if the hydrocarbon
coordinates ﬁith»the_cation according to reaction 3, the
equllibrium for this reactlon can be calculated from the
optical density of the reaction mixture and the known values

of the acidity and basicity constants of indicator and salt.

Materlals., -

The inorganic salts used were reagent grade. Silver
acetate was recrystallized from glaclal acetic acid., Silver
succinimide was prepared by the reaction of Eastman Kodak
Succinimide with silver nitrate in ethanol solution contain-
ing ammonium hydroxide (11). The indicator used was 2,4-
dinitro-N,N-diethylaniline which had been prepared by Dr.
Henry Lemaire. Pure glacial acetic acid was prepared.by
fractional distillation of Baker's 99.5% acetic acld con-
taining one percent excess added acetic anhydride through a
90-cm. column of glass helices fitted with an electrically
heated Jjacket and a total.feflux partial take-off distilling
head. One liter of pure glacial acetilc acid, b.p. 116.8° C.,
m.p. 16.57° €., f.p. 16.57° C., temperatures uncorrected,

were obhtained.
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RésUlts:<

Because of the low solubilities of the reagents in
“acetic acid, all reactants were used in concentrations of
‘the order of 1077 M. It was found that at 25° C. silver
acetate and silver succinimide are both strong bases and
reéct completely with perchloric acid. On the other hand,
mercuric acetaté was found not to react measurably with
perchloric acidvunder these conditions and so 1is a weak base.
Phenanthrehe had no appreciable effect upon the acidity of
these solutions. Because of these negative results, the
indicator method was abandoned.

It may be added that in view of the low magnitude of
the argentation constants in agueous solvents and the low
reagent concentrations required in acetic acid, it is un-
likely that the argentation reaction would proceed suf-

ficiently toward completion in acetic acid solution to

?roduce a measurable change in acildity of the reaction mix-

ture.
ULTRAVIOCLET ABSORPTiON SPECTRA OF 1,2,5,6-DIBENZ-
ANTHRACENE IN AQUEOUS METHANOIL SOLUTIONS OF SALTS
Introduction.

When the indicator method in acetic acid had been re-
Jected as inapplicable, it was decided to investigate the

effect of silver salts upon the solubility of polycyclic
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aromatlic hydrocarbons. This was done first by observing
the ultraviolet absorption spectra of aqueous methanol solu-
tions containing.silver and sodium salts at constant ionic

strength and saturated in 1,2,5,6-dibenzanthracene.

Materials.

Reagént grade inorganic chemicals were used, Silver
perchlorate andvsodium perchlorate were obtained frdm G.
Frederick Smith Co. Baker's absolute methanol and dis-
tilled water, both saturated with nitrogen, were used to
prepare solvent equimolal in methanol and water. The per-
chlorate salts were found to have much lower light absorp-
tion below 350 mp than the corresponding nitrates and were,
therefore, considered more desirable for this work. How-
ever, 1t was found impossible to render the sodium per-
chlorate sufficiently free of chloride so that optically
clear solutions containing both the sodium and silver.salts

could be prepared. For this reason the nitrates were used.

Experimental Procedure.

Measurements were made using a medium equimolal 1n
water and methanol in order to obtain satisfactory solubi-
lities of both theiinorganic éalts and also of the high
molecular weight hydrocarbons, Solutions of the sodium and
silver salts were saturated with dibenzanthracene by rotat-

ing a 25-ml. portion of the solution with a pinch of the
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hydrocarbon in a paraffin-sealed 125-ml., glass-stoppered
flask submerged in a thermostat at 25.0° C. for 48 hours.
The &bSOPptiQn spectra were examined by means of a Beckman
Model DU‘spectrophotometer using l-cm. Corex cells with
appropriate blank solutions in the blank cell. The spectro-
photbmeter cell compartment was [itted with thermospacers

and kept at 25%1° ¢. during measurements.

Results,

8ilver nitrate and perchlorate were found to increase
the solubility of dibenzanthracene about 50 percent over
the solubility in the corresponding sodlium salts at awcom-
centration of 0.5 M, as indicated by the optilcal density
due to the first absorption maximum of the hydrocarbon.
Figure 2 shows the absorption curves 0.5 M sodium and sil-
ver nitrates saturated in the hydrocarbon, It was noticed
that the shape and position of the absorption maxima were
modified slightly, being shifted slightly toward Ehe vigible.
Therefore the difference in_the two curves was plotted in
Figure 2, and it may be seen to consist of a curve with
somewhat broadened maxima shifted 3.3 mp toward the visible
from the positions of the maxima of dibenzanthracene in
sodium nitrate solution. S8imilar curves were taken In solu-
tions containing intermediate concentrations of silver nit-
rate maintalned at an ionic strength of 0.5. The optical

dengity due to hydrocarbon was seen to increase progressively
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with the increase in silver ion concentration.

‘Discussion.

It iskpossible tﬂat the difference curve reported above
'maykbe primarily the‘result of ahsorption by a hydrocarbon-
silver coordination complex. This involves the assumption
that the absorption resulting from uncomplexed hydrocarbon
is the same in silver and sodium nitrate solutions at the
same concentration, This assumption may be nearly true
but is almost certainly not exactly valid. It was noted in
later work that in the presence of 0.1 M silver nitrate the
strong fluorescence of the 1,2-benzanthracenes was completely
quenched. This suggests that silver ion may be able also
to influence the absorption by these hydrocarbons without
actually coordinating with themn.

The observed shift of absorption 3.3 mp toward the
visible is in agreement with a similar shift observed by
other workers in the ultraviolet absorption spectrum of the
silver ion coordination complex of toluene (12).

If it be assumed that the molar extinction coéfficient
of the coordination complex is about equal to that of the
free hydrocarbon, the data plotted in Figure 2 indicates that
the argentation constant of dibenzanthracene has a value of
the order of 1.0 to 1.5, 8Since it was apparent that thi-
type of data could not yield sufficlently accurate ¢~

nations of argentation constants and that the tr- -+ of
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the daté involved assumptions of douvntful validity, this

method of investigation was abandoned.

MEASUREMENT OF SOLUBILITIES BY THE EXTRACTION METHOD

Introduction.

- It was finally decided that the most satisfactory means
of determining the argentation constants of the polycyclic
aromatie hydrocarbons would be an adaptation of the solubil-
ity—extraction method which had been used by Andrews and
Keefer to determine the argentation constants of benzene and
its homologs and naphthélene and phenanthrene in aqueous
medium (13). Adaptation of the original method was required
because the carcinogenic polycyeclic aromatic hydrocarbons
have such low aqueocus solubllity that another solvent medium

was required in which to bring about the argentation reaction.

Materials.

All inorganic chemicals were of reagent grade. Baker's
absolute methanol was fractionated from a small amount of
sodium metal in a stream of nitrogen through 55 cm. of‘glass
helieces and pufe methanol was taken over a 0.2 degree boil-
ing range. Matheson g-tetrachloro-ethane and Eastman Kodak
Spectro Grade Q,E,M-trimethylpentane (isooctane) were dis-

“tilled before use.
The following hydrocarbons were obtained from Eastman

Kodak: ©Denz(a)anthracene, 7,12-dimethylbenz(a)anthracene,
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l;2,5,6Jdibenzanthracene, and 3-methylcholanthrene. The
vellow impurity, 1,2,6,7-dibenzanthracene, was'removed from
1,2,5,6-dibenzanthracene by selective oxidation with lead
tetraacetate (14). Yellow oxidation impurities were re-
’moved ffom severél of these compounds by repeatedly extract-
ing their benzene solutions with sulfuric acid carefully
adjusted in concentration so as to afford maximum extraction
of oxygenated derivatives wiﬁhout appreciablé extraction of
the hydrocafbons. When the sulfuric acid concentration was
made Jjust one or two percent too high, very intense purple
or red colors developed in the acid phase and a considerable
amount of the hydrocarbon was lost. Satisfactory concen-
trations of acid for extracting the benzene solutions of
several of the hydrocarbons are as followg: benz(a)anthracene,
87.5%; 3-methylchloanthrene, 82.5%; 7,l2~-dimethylbenz(a)-
anthracene, 82.5%. The extracted benzene solutions were
Waéhed with water, dried wlth anhydrous potassium carbonate,
filtered, and evaporated to dryness under 60 mm. Hg pressure.
Benzo(a)pyrene was obtained from Hoffman-La Roche Inc.
and was uséd first as.received and then after purification
through the picrate. Phenanthrene obtained from the Mathe-
sbn‘Company was Tound to coﬁtéin about one percent anthra-
cene, which was removed as the dimer by two or three expos-
ﬁres of the benzene solution to sunlight. The purified
phenanth?ené contained perhaps 0,01% of anthracene. Anthra-

cene obtained from Eastman Kodak was purified by extraction
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of the Eenzené solution with 85% sulfuric acid (15) followed
by recrystallization from henzene-ethanol,

~Ten of the monomethyl benz(a)anthracenes, the 1- and k4-
, isomers»beimg excepted, also benzo(c)phenanthrenevand its
siz monomethyl homologs were donated in two-gram quantities
by Dr. Melvin Newman of Ohio State University and were used

as recelved.

Synthesis of Dihydroaromatic Compounds.

‘The synthesis of 7,12-dimethyl-7,12-dihydrobenz(a)benz-
anthracene was attempted. First 7,12-benz(a)anthragquinone
was prepared, starting with haphthalene and phthalic anhy-
dride, via Friledel-Crafts substitution and ecyeclization of
the resulting keto acid in sulfuric acid (16). The quinone
was purified by reducing it to a solution of the vat by re~.
“duction with an alkaline solution of sodium hydrogulfite
and oxidizing the filtered vat solution with air (16a). The
quinone was then treated with methyl magnesium bromide in
ether to form 7,lE—dimethyl-?,lE—dihydroxy;7,lZ-dihyﬁfobenz~
(a)anthracene which was converted to the dimethyl ether by
reacting with twice the molar equivalent of potassium powder
in dry benzene-ether solvent (17). The product was light
lemon-yellow in color, m.p. 121.7-123.20 C. from acetone-
~alcohol.

Several attempts were then made to convert this aromatic
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hydrocafbon to the 7,1%-dihvdro compound by reaction with
twice the molar equivalent of potassium, followed by treat-
"ment with methanol. This method has been used successfully
to convert both benz(a)anthracene (18) and 12-methylbenz(a)-
anthracene (19) to the corresponding 7,l12-dihydro compounds.
However, the only product isolated 1n several attempts was

a very small quantlty of yellow oil from which no crystals
could bhe obtaiﬁed. An ettempt to go directly from the di-
methyl ether to the dihydro compound using four molar equi-
valents of potassium produced the same results,

It was eventually concluded that either the reduction
of the dimethyl cempound would not take place or that the
product 1s an o0il bhecause it consists of a mixture of four
sStereo-isomers., Several attempts were made to produce,
7.12-dihydrobenzanthracene from the aromatic compound, but
spectrophotometric analysis indicated that the product con-
sisted in each case of a mixture of about 45 percent of the
dihydro compound with 55 percent of the unaltered aromatic
hydrocarbon. _

In the face of these difficulties the decision was made
to prepare a quantity of a simpler dihydro compound which
could be used to determine if the argentation constants of
such compounds could be measured. The compound 9,10-dihy~
droanthracene was successfully prepared by reduction by

metallic sodium of anthracene suspended in boiling n-propancl
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(20). The product consisted of white, glistening needles,

m.p. 109.72-110.3° ¢. from ethanol.

Attempted Preparation of Solid Complexes of Silver Perchlor-

ate with Naphthalene and Phenanthrene.

. The preparation of solid complexes was attempted by
mixing concentrated solutions contalning silver perchlorate
with solutions containing naphthalene or phenanthrene, and
also by dissolving the hydrocarbon with gentle heating in
éolutions of' silver perchlorate followed by cooling. The
solvents used were methanol, carbon tetrachloride, chloro-
form, and mixtures of these solvents. Only the hydrocar-
bons were recovered from the solutions. Gentle heating
caused sgillver chloride tc be precipitated from the chloro-
hydrocarbons.

Apparently the affinity of silver ion for all oxygena-
ted compounds and the relatively low solubilities of the
polycyclic aromatic hydrocarbons in such solvents prevent
the 1solation of solilid complexes., The only other technique
which suggests itself is the solution of solid silver per-

chlorate in molten naphthalene, which melts at 80° ¢.

Development of the Extraction Method for Measuring Solubil-

ities.
The method used by Andrews and Keefer to determine the

argentation constants of lower molecular weight aromatic
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hydrocafbans congisted in measuring the solubilities of fthe
hydrocarbons 1n aqueous solutions of silver nitrate and sod-
ium nitrate at ionlc strength U= 1 and calculating the argen-
’tatiOH consténts.from the data on the variation of hydrocar-
bon solubllity with the concentration of silver ion. The
soiubilities were‘determined by extracting measured volumes
of the saturated solutions with hexane and measuring the
optical density of the hexane solutions at selected wave-
lengths atkwhich the molar extinction coefficients of the

hydrocarbons had been measured.

a. Selection of Reaction Solvent and Inorganic Salts.
The’method deécribed above had to be adapted for use

with high-molecular weight hydrocarbons having almost im-

measurably low agueous solubilities. Equimolar aqueous

‘methanol was chosen as the solvent because 1t provides satis-

factory solubilities of the hydrocarbons and also sufficiently

high solubility of inorganic salts to make possible the use

of silver and sodium nitrates at lonic strength = 0.5.

The chief disadvantage of;fhis mixed solvent 1s that methanol

is rather volatile and neceésitates care To prevent loss by

‘evaporation}

Sodium nitrate was‘chosén instead of potassium nitrate

- to maintain constant ionic strength in the silver nitrate

solutions because the sdlubility of the potassium salt is
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too low. The nitrate salts were chosen over the perchlor-
ates hecause they are avallable in higher purity and are

"not hygroscopic.

‘b. Preparation of Solutions.

At first the two stock solutions0.5 N in sodium nitrate
and 0.5 ﬁ'in'siiver hitrate were prepared by adding pre-
viously-prepared equimolar aqueous methanol to the desired
gsalt in a volumetric‘flask,'swirling to solution, and
f11ling to mark. The disadvantages of this method were
that there was too much opportunity for evaporation of meth-
anol, and an excessive length of time was required for solu-
tion of the saltsvin the aqueous methanol,

The following procedure was used in preparing solutions
for the greater part of the work reported in this thesis.
Exactly 0.25 mole of the salt was weighed in a small beaker,
A 500-ml. volumetric flask, filled with nitrogen, was weighed
to the nearest 0.01 g. on a solution balance. The weighed
salt was added to ﬁhe flask by means of a funnel which was
then rinsed into the flask.with nitrogen-saturated redistil-
led water, and a tétal of ekactly 8.4 moles by weight of
‘water was added. The flask was stoppered and the contents
were swirled to dissolve ﬁhe Salt. Then nitrogen-saturated
‘methanol totaling exactly 8.4 moles was added, and the flask
was stoppered and the contehts swirled to obtain complete

‘mixing. Corrections for ailr buoyancy were made for all weigh-
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ings. The flask was then brought to a temperature of 250 C.
by submerging in a thermostat, and the solution was brought
to the volume mark by addihg about 10 ml. of equimolar aque-.
~ous methanol. The solution was thoroughly mixed and filtered
rapidly through coarse filter paper into a 500-ml. glass-
stoppered, paperfcovered storage bottle. These stock solu-
tions were used within one to two weeks of the time of
preparation.

The solutions containing sodium and silver nitrates at
ionic strength }L=:0,5 were prepared by pipetting appropriate
volumes totaling 25 ml. of the two stock solutions into the
saturation tubes containing 0.3 g. samples of the hydrocar-

bvon the solubility of which was to be measured.

c. Attainment of Equilibrium,

Since the reaction mixture 1s a two-phase system and
solubilities of the hydrocarbons are exceedingly low, the
attainment of equilibrium, i.e., the saturation of the salt
sclutions with the solid hydrocarbons was an Important prob-
lem. Only two-gram samples were available of most of the
hydrocarbons tested. It was decided that for each hydro-
carbon a series of six solubility measurements would be
made, using six salt solutiohs containing silver nitrate
at concentrations of 0.0, 0.1, 0.2, 0.3, 0.4, and 0.5 M
respectively.k This wouid make possible the use of about

B 0.3 g. of hydrocarbon in each reaction mixture, and 25-ml.
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gsamples Qf solution were considersd to be a volume commen-
surate with a reaéonable time for equilibration} Even so,
saturation was attained only slowly.

The satufatian procedure finally adopted consisted of
shaking at about 300 C. on a mechanical shaker for twenty-
fouf‘hours, followed by rotation in a thermostat at 25.OOT
0;03O C. for forﬁy—eight hours. The equilibration was ac-
complished in specially manufactured 35-ml. centrifuge tubes
fitted with ¥ 19/38 glass stoppers which were sealed on with
paraffin wax melted one-fourth inch into the ground glass

Joint.

d. Sampling of Saturated Solutions.

There was some difficulty in freeling the saturated
solutions from suspended solid hydrocarbons. The procedure
which proved satisfactory was the following: Three of'the
six saturation tubes were removed from the thermostat and
- placed in a holder so that they were partially submerged in
a water bath at 25%1° ¢, and rotation of the remaining three
tubes was resumed. The glaés stoppers were removed and re-
placed by foll-wrapped corks, and the tubes were centrifﬁged
for five minutes at moderate speed. Then plugs of Pyrex
wool were placed in the tubep and centrifuging was resumed
for three minutes so that the plugs were forced tightly on

top of the solid hvdfocarbon. The samples of clear superna-
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tant solutions %o be extracted were drawn into pipets tipped
with small pads of Pyrex wool held in place by fine copper

wire,

e. Extraction Procedure.

The characteristics required for the extraction solvent
are the following: transparency to ultraviolet light, low
agqueous solubllity, reasonably low volatility, and good sol-
vent power for hydrocarbons. The initial work was performed
using as the extraction solvent g-tetrachlorcethane, b.p.
146° ¢., aqueous solubility about 0.3 percent., Investigation
revealed, however, that in the extraction process the concen-
tration of hydrocarbon in the tetrachloroethane was increased
by two to four percent as a result of the aqueous solubility
of the chloro-hydrocarbon.

The extraction solvent chosen for the final Work'was
Eastman Kodak 2,2,4-trimethylpentane (isooctane), b.p. 99O C.,
agueous solubllity negligible. When ilsooctane was used, the
increase in hydrocarbon concentration in the extraction pro-
cess was found to be'less.than one percent, which 1s probably
the result of evaporation. Furthermore, isooctane smells
better. A second extraction with iscoctane of an aqueous
solution containing methylcholanthrene was found to remove
no additional hydrocarbon. Therefore extraction is effectively
complete with only one extraction wilth isooctane.

The following extraction procedure was finally developed.
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The 5~to;20-ml. portion of solution to be extracted was pi-
petted into -a lﬂO—ml. zlass-stoppered bottle contalning a
pipetted volume of 1sooctane of 10 to 25 ml. Then approxi-
mately lOO'mi. of nitfogen-saturated water was metered into
the bottle, it was stoppered, and shaken on a reciprocal shaker
for‘fiftyfminutes. The bottle was allowed to stand for sev-
eral minutes and.then the contents were poured into a 125-ml.
separatory funnel, the aqueous phase drawn off, and the iso-
octane phasé run into a 25-ml. glass-stoppered mixing cylinder
from which portilons were pipetted into cells for analysis by
means of a spectrophotometer. Neither rinsing the isooctane
portions with a volume of water nor drying with sodium sul-
fate were found to alter the_ultraviolet absorption and so

these measures were not adopted,

f. 8Spectrophotometric Analysis for Polyeyclic Aromatiq

Hydrocarbons.

The isococtane extraction solutions were analyzed for
their content of aromatic hydrocarbon in l-cm. quartz absorp-
tion cells using a Beckmann DU Spectrophotometer., The opti-
cal density of the solutions was measured at several selec-
“ted wave lengths corfesponding to absorption maxima for which
the molar extinction coefficients had been determined, from
the absorption of a standard solution of the hydrocarbon.

The standard solutions were made by dissolving in 50 oz 100

ml, of isooctane generally about two to three milligrams of
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the solid, weighed on a semi-micro balanée which was capable
of a predision of aboﬁt one percent in thils range. The cell
cOmﬁartment of the Spectrophotometer was kept at a tempera-
ture of 24%1° ¢. while absorption measurements were made.
The extraction ratios were selected as much as possible so
that the optical densities measured were between the values
0.2 and 0;9. Work by other investigators has shown that
naphthalene and phenanthrene obey Beer's law in hexane solu-

tion.

g. Modifications in the Straight Aqueous System.

For thé solublility measurements for naphthalene and
phenanthrene which were made in agueous solvent, sllver and
potassium nitrate were utilized at ionic strength }L= 1.0
in order to make possible comparison with the work of Andrews
and Keefer. It was found that saturation could be attained
by rotation at temperature for twenty-four hours only. How-
ever, the hydrocarbons could not be centrifuged to the bottom
of the dense aqueous solutions. The solutions were sampled
by forcing into pipets with air pressure through medium
grade sintered glass filter sticks. Thils method would prob-
ably have been excellent for all of the solubility work but,
unfortunately, it was discovered only at the close of the

prolonged investigation.
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Experimehtal Problems.

a. Formation of Yellow Contaminants During Extraction.

It was noticed that in the case of about one-third of
the hydrocarbons of the benzanthracene series and about two-
thirds of those of the benzophenanthrene series the lsooc-
tane extraction solutions from the higher silver mixtures
developed very slight to qulte appreciable yellow colors.
The yellow contaminants were found to have an absorption
maximum at about 430 mp. The original silver nitrate solu-
tions saturated with hydrocarbon could be examined in the
pipet when samples were drawn from the saturation bottles.
No yellow color was ever noticed in these solutions., The
yvellow color thus appeared in some later step of the analy-
sis procedure.

Ajr-free water and methanol were used to make up.all
solutions for saturation with hydrocarbon. Initially, the
saturation tubes were swept with nitrogen before sealing,
and also nitrogen-saturated water was used in the dilution
of the extraction mixture.,.However, the use or neglect of
these latter precautions seemed to have no relation to the
appearance or absence of yellow contaminants. Sweeping of
saturation tubes with nitrogen before sealing was abandoned
because 1t promoted evaporation of the solvent.

The ultraviolet spectra of the extraction solutions were
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examinedlto determine whether the contaminants interfere

with analysls for the content of aromatic hydrocarbons, This
was done by examining the ratio of the optical densities far
the first two‘absorption maxima of the hydrocarbons in the
isooctane extraction solutions. In practically all cases

the analysls for the hydrocarbor was made using the second
ahsorption maximum which was usually in the region between
350 and 370 mp. The second maximum generally is about 10 to
20 mp toward,the visible. Thus if a contaminant absorbs ap-
preciably in this region it would probably alter the ratio

of the hydrocarbon peaks. Scme of the pertinent data are
glven in Table I for the hydrocarbons 2-methyl- and 6-methyl-
benzo(c)phenanthrene.

The value of the ratio R of the second to the first ab-
sorption maximum is 1.251 for the pure 2-methyl benzo(c)-
phenanthrene and 1.626 for the pure 6-methyl compounds. Thus
1t can be seen from Tabhle I that for the 2-methyl compound
for which all of the solutions are colorless and exhibit no
appreciable absorption at 430 mp, the ratlio R varies within
a range of one percent of the value for the pure hydrocarbon,
whilch 1s wilithin experimental accuracy for spectrophotometric
work. On the other hand, for the 6-methyl compound the solu-
tions corresponding to higher silver concentrations are
noticeably yellow, have a measurable absorption at 430 my,

and exhilbit an increasingly lower value of the ratio R, This
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Tahle I
Interference By Yellow Contaminant With the U, V., Absorption
Spectra of 2-methyl- and 6-methylbenzo(c)phenanthrene
In Iscoctane Extraction Solution.

(AgNO3) M 0.0 0.1 0.2 0.3 0.4 0.5

2-MeBPh. R 1.249 1.251 1.244 1.253 1,251 1.257
- D at 430 mu 0,002 0.001 0,002 0.002 0.005 0.003
" Color c c C c c c

6-MeBPh. R 1
Dat 430 mp O
Color
x8 D max.1l O,
xs D as % 0

620 1.616 1.596 1.587 1.592 1.546
001 0.0C04 0,019 0.022 0.031 0,067
c c Yel(l) Yel(l) Yel(2) Yel(3)
0 0.001 0.005 0.007 0,006 0,020
0 0.4 1.9 2.3 1.8 5.3

"R" is the ratio of second to first absorption maximum.
"D" at 430 mu" refers to optical density at 430 mp.
"Color" refers to relative visual color intensity.
"e" means colorless.
"Yel(1,2, or 3)" indicates relative intensity of vellow
color.
"xs D max.l" refers to the calculated excess optical den-
sity at flrst maximum due to contaminant.
"xs D as %" refers to the preceding item expressed as per-
cent of absorption due to first maximum of hydrocarbon.
latter fact means that the contaminant creates greater inter-
ference in the region of the first absorption peak of the
hydrocarbon than at the second peak, which is farther removed
from the absorption maximum of the contaminant at 430 mp.

The above observations led to the use of the second ab-
sorption maximum in the quantitative analysis for the aroma-
tic hydrocarbons., If it is assumed that there is no inter-

. ference at the second absorption maximum, simple calculations

vield the data in the last two rows of Table I. The calcu-
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lated eicess optical density at the first peak is seen to

be roughly proportional to the absorption due to the contami-
nant alone at 430 mp. When this 1s expressed as percentage
of the optical density.due to the hydrocarbon at its first
absorption peak, 1t is found that the maximum interference

at the first peak is about five percent. It seems, there-
fore, in such cases of appreciable discoloration, that the
maximum interference at the second peak is of the order of
one percenﬁ.

No effective means were found to eliminate the occa-
sional appearance of the yellow contamination. However, the
error introduced is probably not serilous in comparison with
other experimental errors. The yellow contaminant may bhe
formed during the extraction procedure by autoxidation of

the hydrocarbon catalyzed by silver ion.

b. The Destruction of Dihydroanthracene During Extraction.

As was described in an earlier section, 9,10-dihydro-
anthracene was synthesized in order to determine whether
the argentation constants of such dilhydro-compounds can be
measured by the methods of ﬁhis investigation. The data
from a determination of the solubility of this compound in
the aqueous methanol system are gilven in Table II, The iso-
'6ctane eXtraction solutions were increasingly yellow for the

higher concentrations of silver nitrate.
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Table IT

Optical Densities of Extraction Solutions in Solubility
Determination for Dihydroanthracene

(agno;) M D at 258 mp.

0.0 1.020
- 1.199

1.356
1.049
.982
94T

* & s & e

S =W N e

From the above information it is apparent that silver
nitrate not only causes the formation of a yellow contami-
nant, but it also brings about the destruction of a consid-
erable fraction of the dihydroanthracene, thus making the
measurement of the argentation constant impossible, This
interfering reaction was investigated in some detail in order
to establish its nature and discover a way of eliminating 1it.
The most important observations and conclusionsg of this study
wlll now be given.

The yellow color was never observed in the silver nit-
rate solutlons but only in the isococtane extraction solutions.
There was never ahy evideﬁée of reduced silver. Oxygen bub-
bled for hours through a soiution of silver nitrate and di-
hydroanthracene in methanol produced no yellow color., There-
fore the yvellow contaminant mﬁst be produced by a silver-ion-
‘éatalyzed reaction during the extraction process, A series
of analyses were carried out to determine if the yellow color

' developed(at a measurable rate and if precipitation of the
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silvér és an inscluble salt would prevent the formation of
the color,
| The color was found to he formed quite rapidly and there
was some evidence that less color was produced when nitrogen-
saturated water.was used in the extraction process. Freclipi-
tation of_the 8llver as the chloride prevented the appearance
of the yellow color, but a large fraction of the hydrocarhon,
approximately the amount present as silver complexes in the
saturated sclution, was firmly adsorbed by the precipitate.
Anthracene also was adsorbed by a silver chloride precipi-
tate as noted in the footnote to Table III. Both potassium
cyanide and sodium thiosulfate when used to remove silver
ion from solution introduced strong background absorpticn
into the isooctane solutions, and potassium thiccyanate pro-
duced a stable emulsion with the isococtane.

On the basis of these and other experiments it was f{in-
ally concluded that it would be very difficult to prevent
the destruction of dihydroanthracene since probably a com-
pletely air-free system for both the saturation and extrac-
tion processes would.be required. Therefore this study was
dropped.

The reaction responsible for the destruction of the di-
hydroanthracene 1s probably an autoxidation primarily of the
.complexed hydrocarbon, catalyzed by silver ion, which takes

place rapidly when the clear silver nltrate solution satur-
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ated with hydrocarbon is pipetted into the extraction bottle
and diluted wilth water in the presence of small amounts of

dissolved oxygen.

- ¢. 2olubilities of Dihydroanthracene in the Aqueous System:

Appearance of Anthracene in the Isooctane Extraction Solu-

Wlhen the solubilities of dihydroanthracene in the ag-
ueous system were measured, 1t was ‘found that anthracene
appeared 1in the isooctane extraction solutions at concentra-
tions equal roughly to ten percent of the molar concentration
off the dihydro-compound as determined by the ultraviolet ab-
sorption. No influence by the concentration of silver ni-
trate upon this concentration ratio was noticed. The
anthracene elther was produced in the solutions by some oxi-
dation reaction or else there was a small amount of anthra-
cene present in the orlginal dihydroanthracene. Thevlatter
possibility seems more likely since the dihydro-compound
was prepared by hydrogenation of anthracene.

An examination of the'U.V. absorption spectrum which
was taken of the freshly-prepared dihydroanthracene and
comparison with literature data (21) indicates that the con-
tent of anthracene is 0.01% or less. ﬁowever, the spectrum
taken oi' the same material eight months later indicates an
anthracene content of about 0.03%. This increase in the

content of anthracene suggests that some oxidation of the
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dihydroémthracene cccurred during the storage period, This
oxldation would be expected to take place near the surface
of the solid and thus the oxidation product would be prefer-
‘entlally dissolved in the solubility determination. These
facts were not discovered until the investigation was ter-
minated. However, the solubilitles and the argentation con-
gtants obtalned for dihydroanthracene in the aqueous system
afe approximately correct, since anthracene does not inter-
ere with the abéorption maximum of the dilhydro-compound at

270.5 mp.

Solubility Data.

The solubilities of each hydrocarbon in the series of
six solutions containing different concentrations of silver
nitrate wiere calculated from the optical densities of the
isooctane extraction solutions and the values of the extrac-
tion volume ratlo. The solubility data for twenty-four hydro-
carbons are recorded in Table III, The data for the compound
anthracene are presented graphically in Figure 3. The solu-
bility data are given in Table IV for phenanthrene and for
naphthalene at three different temperatures 1in the aqueous

system,

Precision 1n Solubility Data.

An examination of the solubility data shows that the pre-

cision of individual solubility measurements is such that in
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Selubility, moles/liter x 10

3,0 I I L | L
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Cocnen. Sllver Nitrate, moles/liter.

[

Figure 3. Solubllity of anthracene 1n equimolal aguecus
methanol containing sodium nitrate and sllver nitrate =%
lonic strength 0.90, Scales for runs 2 and 3 have been

relsed nne and two units, respectively.
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Table II1I

Solubilities of Polycyclic Aromatic Hydrocarbons in Equimolar
Agueous Methanol Containing Sodium and Silver Nitrates
at Ionic Strength 0.500 at 25° C,
(In each group of six values the concentrations of
silver nitrate {rom top to bottom were 0.0, 0.1,
0.2, 0.3, 0.4, 0.5 M, respectively.)

Benz(a)anthracenes. M x 10

Parent 2-Me 2-Me 3-Me 3-Me 5-Me 5-Me 6-Me
cpd.
3.33 1.63 1,69 2.03 2.06 1.31 1.22% 2.81
3.74 1.84 1,90 2.29 2.,20% 1,45 1.45 3,20
L, 27 2.11 2,12 2,66 2,67 1.65 1.66 3,61
4,88 2.30 2,44 2,99 3,04 1.88 1.88 4,14
5.49 2,64 2,70 3,40 3.42 2,12 2,10 4,66
6.12 2.94 3,00 3.78 3.85 2.33 2.34 5,09
6-Me 7-Me T7-Me  8-Me 8-Me g~Me 9-Me 10-Me
2.79 2.08 2,12 1.96 1.98 1.35 1.33 .604
3.16 2.48 2,58 2,22 2,24 1,51 1.49 .666
3.57 2.91 2.97 2.53 2.54 1,72 1.72 775
4.15 3.38  3.48 2,94 2,94 1,96 1,97 876
4.56 3.84 4,13 3.32 3,32 2.19 2,18 972
5.04 4hos1  4.7h 3,73 3.68 2,45 2,43 1,101

10-Me 11-Me 11-Me 12-Me 12-Me 7,12- 7,12- 7,12-
DM DM DM

604 3,12 3,03 1,39 1.11 2.02 1.98 2.19
B670  3.61  3.44 1,65 1,28 2,39 2,38 2,59
769 4,00 3,88 1,92 1,48 2,85 2,79 3.08
880 4,64 4,44 2,21 1.72 3.36 3.28 3.54
.97 5.20 5,04 2,55 1.97 3.90 3.78 4,20
1.10 5.67 5.61 2,80 2,22 446 4,33 4,70

Benzo(c)phenanthrenes. M x 103
Parent Parent 1-Me 1-Me 2-Me 2-Me 3-Me 3-Me

cpd. cpd.,

2.85 2.75 .337 .328 1.24 1,22 1.61 1.66
3.19 3.2 .393 .379 1.43 1,36 1.90 1,89
3.60 3.57 439 JA19  1.59 1.51 2.12 2,10
4,09 3.99 .501 LA81  1.83 1.70 2.44 2,40
4. 48 4,52 575 531 1,98 1.91 2.69 2,66
5,03 5,00 646 581 2.23 2,09 3.02 2,95
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Table III. (continued)

L-Me L4-Me 5-Me 5-Me 6-Me 6-Me
1.33 1.35 1.08 1.03 .996 979
1.57 1.53 1.23 1.17 1.14 1.12
1.77 - 1.73 1.40 1.32 1.28 1.26
2.00 1.99 1.56 1.48 1.45 1.43
2.26 2.24 1.75 1.66 1.67 1.59
2.48 2.54 1.95 1.85 1.85 1.81
3-Methylchol- Dibenzn- Benzo(a)pyrene

anthren thracene 4

M x 10 M x 105 M x 10
2.57 2,72 . 786 1.11 1.15 1.16
3.59 3.70 .930 1.33 1.34 1.43
L .40 L., 37 1.07 1.47 1.52 1.60
5.40 5.30 1.22 i1.72 1.69 1.89
6.24 6.13 1.38 1.94 1.93 2.09
7.10 7.09 1.55 2.14 2.19 2.38

Anthraceﬂe Phenanthrene

M x 10 M x 103

3.26 3.26 3.23 T.12 7.35
3.68 3.68 3.62 7.88 8,12
416 4,13 4,11 8.79 8.87
4,80 4,76, 4.77 9.85 10.05
5.35 5.55° 5,31 10.87 11.00
5.01 5.93 5.90 12,00 12.12
a. Discard
b. 8Silver was precipitated from the extraction mixture

with NaCl, Apparently the complexed anthracene 1s ad-
sorbed by the sllver chloride precipitate. Discard
this value,.
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Table IV

Solubility Data in Aqueous Solutions Containing Potassium
and Silver Nitrates at lonic Strength 1.00.
(In each group of six values the concentrations of silver
nltrate from top to bottom were 0.0, 0.2,
0.4, 0.6, 0.8, and 1.0 M respectively.)

Phenanthrene at 2

M x 10°

5.35 5.80%

9.90 11.848
16,58 16.42

25,45 25 40
37.38 36.82

52.21 51.67
Naphthalene at 20

J]

M x 10L
1.78 1.75
3.17 3.16
4,96 4, ok
7.15 7.20
9.80 9.86
13.00 13.02

9,10-Dihydro-
anthracene 5
259 ¢. M x 10

(Content
of anthr

cene)
3.44 0.3
4,32 A
4,69 A
7.02 e
8.49 .9
10.38 1.1

a. Discard.

5° ¢,

5,41
10.02
16.85
25.43
37.30
52,21

OC.

8 ~

3
0
7

7
1

2

Napthalene at 25° C.

M x 10t

2.18
3.74
5.74
8.18
11.10
14,54

Naphthalene at 30° C.

Mx 10u
2.66 2,64 e aeen -
4,37 L.37  cmee e emee
6.60 6.60 —cmee mmee cmee
9.28 9.20 e aeee oo

13.038 12.48 12.40 12.44 12.50
17.312 16.582 16.22 16,14 16.14

Benzo(c)phenanthrene

at 25° ¢. M x 100

1.03
1.89
1.47
2.94
4,18
5.17



~ 91 -

the aquéous methanol system the mean deviation is of the
order of one fto two percent, in cases for which an appreci-
ahle systematic error 1s not involved. Iﬁ the aqueous sys-
tem the mean deviation of solubility values is about 0.3%.
The valﬁes of molar extinction coefficients used to calcu-
late solubilities were reproducible generally to within

about one percent,
CALCULATION OF EQUILIBRIUM CONSTANTS FROM SOLUBILITY DATA,

Theoretical Interpretation of Solubllity Data.

The interpretation of the solubility data in the aqueé
ous methanol system, following the work of Andrews and
Keefer (12), 1s based upon two assumed reversible coordina-
tion reactions which may bhe represented by the following
equations:

Ar + Agt—=Arag" K, = (Arag™)/(Ar) (Ag®) . (&)

arag’ + Ae===Aragy*" K, = (Arag,t")/(AragYad) (5)

In order to calculate the values of the equilibrium con-
stants, fThree assumptions were made concefning activities of
the chemical specles taking part in the reactions: 1) the
activity of the hydrocarbon is the same in all solutions,

2) the activity coefficient of the dissolved hydrocarbon is
constant for constant ionic strength, and 3) the activity
‘coefficients of the Ag+ and ArAg+ ions are equal at constant

ionic strength. It follows from these assumptions that the
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total céncentﬁation of hydrocarbon in the soclutions should
be a second degree function of the concentration of silver
- lon only: o
(Ar), = (Ar) [1 + K (AG+) + K.K (Ag+)2] (6)
t 0 —=117e =1-2

In this equation (Ar)O signifies. the concentration of hydro-
cafbon in 0.5 M;Sodium nitrate solution saturated with the
hydrocarbon.

| The silvef involved in complexes was apprecilable rela-
tive to,thé total silver concentration only in the case of
phenanthrene. For this compound the required correction,
determined by a method bf approximation, produced a change
of only one percent in the calculated equilibrium constants.
For all other compounds tested the total concenﬁration of
hydrocarbon is a second degree function of the total silver
concentration, and the best values of (Ar)O and of 51 and 52,
which have been termed argentation constants, may be. found

by fitting a second degree curve to the data.

Method of Calculation.

Since measurements ih the aqueous methanol system yield
solubility values with a mean deviation of one to sevéral
percent, it seemed that the only satisfactory way to treat
the data so as to avoid bias was by the method of least
.squares (22). The stahdard least squares method is based
- upon the assumption of constant probable absolute error in

each measurement, whereas there are in the solﬁbility data



- 93 -

obtained in this investigation some errors with constant
probable‘relativé magnitude. However, there appears to he
some tendency for the errors with constant probable absoclute
magnitude to predominate, and in any case, the standard
least squares treatment is the only practicable one., There-
fore, a second degree curve was fitted to the data from each
solubility run comprilsing six solubllity measurements, by
the least squares method, and the equilibrium constants were
calculated from the three constants of the second degree

equation thus obtained.

Calculated Equilibrium Constants.

In Table V are complled the wave length of the ultra-
violet absorption maximum used in analysis for each hydro-
carbon, the corresponding molal extlinetion coefficient, and
the solubility of each hydrocarbon in equimolal agueous
methanol 0.5 N in sodium nitrate. 1In table VI are presented
the equilibrium constants calculated from the solublility data
in the aqueocus methanol system given in Table III. Table
VII displays the equilibrium constants calculated from the
solubility data in the aqﬁeous system given in Table IV,

Each table contains other pertinent information about each

hydrocarbon.

~ Precision.
The precision indices attached to the constants given

in Tables VI and VII are the probable errors calculated in
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Table V

Some Information About Polyeyclie Aromatic Hydrocarbons,

Compmmda

3-Mechol.
7-12-DMBA.
Benz-pyr. -
DBA.
Anthracene
Phenanthrene

BA.

1-MBP.

Wave Molal Extinect. Solubility

Length Coefficilent in in 0.5 M
mpL Isooctane §2g9§6334
M x 10
359.5 8440 .266
363 8860 2,09
403 .5 ko080 1.15
348.5 16400 .0792
370 3890 3.23
346 219.4 72.2
358.5 5260 3.31
359 5760 1.65
360.5 5170 2.04
357 5400 1.30
385.5 1354 2,78
370 6520 2,11
361 5970 1.96
360 L4570 1.33
349 | 5170 5.99
365 3940 3.07
350 7290 1.20
371 164.2 28.0
321 9390 3.34

375 380 12.3



Compound

a. The abbreviations are as follows:

- 05 -

Table V. (continued)

Wave
Length

. MR

355.5

357

356
358.5

Molal Extinct.

Coefficient in

Isococtane

3.3
294 .5
364
341.3

Solubility
in 0.5 M
NaNO, in
H?O—ﬁe OHL!_
M x 10
16.4
13.4
10.6

9.9

mechol., methylchol-

anthrene; DMBA,, dimethylbenz(a)anthracene; benz-pyr.,
benzo(a)pyrene; DBA., 1,2,5,6-dibenzanthracene; BA.,

benz(a)anthracene; MBA., methylbenz(a)anthracene; BP.,
benzo(c)phenanthrene; MBP., methylbenzo(c)phenanthrene.
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Table VI

in Equimolal Aqueous Methanol at p = 0.5 and 25°

Compound

3-Mechol,

7,12-DMBA

Benz-pyr.

DBA.

Anthracene

Phenanth.

BA,
2-MBA

- Calculated Argenta-

tion Constants

S

3.437
3.179

1.888t,028
1.870%.015
1.855%,076

1.676T,041
1.302+.029
1.871+,048

1.652%,006
1.400%,077
1.2991,069
1.3697T, 089

1.1087%, 062
1.011%.14

1.327%,051

1.200%, 046
1.2517%,036

1.421 1036
1.333+,011

1.2687T, 034
1.239 %, 024

1.465 % 071
1.317 %034

1.575 j-;. 095
92 £, 063

0t 039

1.6
1.37
1.442 * 031

.280 %, 008
482 % oy

.835 1,131
.883 £, 087

.689 1,053
Lot ol2

Weighted Mean Argen-

C.

tation Constants

Ky

3.31%,

1.87%.

1.69%,

1.65%,
1.35%,
1.09%,

1.33%,
.03

1.23%

1.34%,

1.25%,

12

0l

05

0l
Ok

06

05

02

02

oLl

.02

L%
0

0.55
.36

31
A48
o58

.58
.62

.55
.58
.38
.86

A7
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Table VI. (continued)

Compound Calculated Argenta- Welghted Mean Argen-
tion Constants tation Constants
1(_1 _K.g .I.(.l . 52

9- 1.270%,019 .608%t,026 1.32%.05 .48
1.446+,032 347,044

10-MBA. 1.250t,162 .675%.223 1.25%.10 .67
1.256%.138 .662%,19

11- 1.502%,103 .220% 140 1.34%,08 .56
1.301%,046 654+, 063

12- 1.716%.020 .508%, 027 1.64%, 06 .57
1.549% 017 .6267T. 024

BP. 1.229%,055 .496%,076 1.30%.04 RV}
1.359%,053 .375%.074

1-MBP. 1.3215.071 .757F.008 1.34%.05 .55
1.360%.071  .339%.008

o 1.384% 040  .269%.055 1.19%.07 o
1.132%,022 .571%1.031

3 1.517f.037 .261%,051 1.37%.07 .34
1.291%.027 . 417%.037

T 1.629%, 023 ,115%.032 1.39%.13 Jig
1.242T 018 ,856%,024

5- 1.332%.009 .4o9t.012 1.30%.03 U6
1.268%,003 ,506%.005

6- 1.253%.023 .741%.032 1.24% 01 .72
1.229%,017 .709%, 024
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Table VII

Argentation Constants in Aqueous Solutlions of Potassium
and Silver Nitrates at Icnic Strength 1.00.

Compound Temp. Solubility K, X, K,
- oc, 1 M KNOg, ' = 3
’ M x lé
Naphthalene 20 1.78 3.212%.058  0.966%.024
o5 2.19 2.937%. 040 .909%,017 of.ou

30 2.66 o.726% . 054 .866% . 022
Phenanthrene 25 .0537 3.55 .99 A7

the process of least squares treatment utilizing the principles
given by David Brunt (23). The average values of the constants
51 are the welghted mean values. The data from three solubil-
ity runs with anthracene displayed graphically in Figure 3
reveal a systematic error. This error causes the consecutive
points in the first group of three measurements and also in

the second group of three measurements in a run to fall in-
creasingiy lower with respect to the least squares curve.
Careful check was made of the pipet callbrations used in the
preparation of the solutions and in the sampling for analysis,
and it was concluded that the systematic error in question
could not be the result of errors in the calibration of volu-
metric glassware. Therefore this error must be the result of

a s8low loss of hydrocarbon due to unknown causes during some
step 1n the sampling or analysis of each group of three satu-

rated solutions. This error 1n the solubility data probably
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introduces an errcr of aboul one or Two percent into some

of the calculated equilibhrium constants.
CENERATL DISCUSSION OF THE ARGENTATION REACTION

Svidence for Formation of Aryl-Silver Ion Complexes.

As was noted in Part II of this thesls, the argentation
reaction has been demonstrated to be a reaction characteris-
tic of Olefins and aromatic hydrocarbons, The most direct
evidence being the measurement of equllibrium constants for
the argentation reaction and the isolation of crystalline
coordination compounds of both oleflins and aromatic hydro-~
carbons (24). Further evidence for the argentation reaction
is provided by a study of the ultraviolet absorption spec-
trum of Toluene 1n aqueous solutions containing sodium and
silver perchlorates (12). This work showed that in the pres-
ence of sillver lon new absorption developed and the first
absorption maximum, enhanced and shifted slightly toward
the visible, was attributed to the mono-silver-toluene com-
plex. Similar information concerning 1,2,5,6-dibenzanthra-
cene was reported in an earlier section of this thesis.%
Rather conclusive evidence for a strong interaction is found
in the Raman spectrum of benzene in aqueous silver perchlorate

- which shows a marked shift of spectral lines corresponding

ol
Reported on page 64 of this thesis.
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to C-C bond stretching frequencles (25).

‘Evidence for Higher Argentation Complexes.

a. Argentation of Toluene and Naphthalene.

There 1s considerable evidence for the formation of
complex lons containing more than one silver ion. In the
work mentioned above on the ultraviolet spectrum of toluene
in aqueous silver perchlorate good evidence was found for
ultraviolet absorpticn by two complex ions in addition to
uncomplexed toluene (12). In the present investigation, the
work 1n the aqueous system provides strong support for the
formation of higher complexes. In the section above on the
theoretical interpretation of solubility data it was shown
that, on the basis of a few simple assumptions concerning
activity coefficients at constant ionic strength, the solu-
bility of the hydrocarbons should be a second degree func—
tion of the silver ion concentration. The solubility data
for naphthalene given in Table IV for temperatures of 200,
250, and 300 C. vwere fitted to a second degree function of
the silver ion owncentration with root mean square devia-
tions of 0.020, 0,014, and 0.021, respectively, which cor-
responds roughly to an average deviation of experimental
golubilities from the least squares curve of 0.3 percent.
From the values of the calculated equilibrium constants the
estimated.concentrations of mono- and di-silver complexes of

naphthalene are 44 and 40 percent, respectively, of the total
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dﬁ%olvea hydrocarbon in 1.00 M aquéous silver nitrate. This
is larger than any activity effect to be expected as a re-
sult of the replacement of potassium by silver ion. There-
fore the existence of di-silver complexes of aromatic hydro-

carhons 1s helieved to be well-established.

b. Argentation of Phenanthrene,

The solubility data for phenanthrene in the aqueous sys-
tem given 1n Tahble IV when fitted to a second degree function
of the silver ion concentration yielded for the argentation
constants the values K = 2.56 and K, = 2.22, with an r.m.s.
deviation of 0.23 or about 0.8 percent from the least squares
curve. The calculated constants for naphthalene at 25° ¢,
are K3 = 2.94 and K, = 0.91 with r.m.s. deviation of 0.014
or about 0.25 percent. Thus the two constants given above
for phenanthrene are nearly equal, in contrast to those for
naphthalene and also of the other benzene homologs investi-
gated by other workers, for all of which the second constant
is much smaller than the first.

On the other hand, when the data for phenanthrene are
fltted to a third degree function of silver ion concentration,
the constants obtained are K; = 3.55, K, = 0.99, and K; = 0.47,
with r.m.s. deviation of 0.035 or about 0.12 percent from
the least squares curve. Thus the fit of the third degree
function is better‘and the relative values of the constants

are in better agreement with those for other compounds. If



the assﬁmptions regardlng actlvity coefficilents are appli-
cable 1n the case of the higher sllver complexes, these
calculated constants are evidence for the formation of a
tri-silver éomplex of phenanthrene. The available evidence,
therefore, seems to establish definitely that di-silver com-
plexes and very probably higher complexes are formed in the

reaction of aromatic hydrocarbons with silver nitrate.

The Effects Upon the Argentation Reactlon of Solvent and

Ionic Strength: Validity of Assumptions Concerning Acti-

vity Coefficients.

The measurements with naphthalene and phenanthrene in
aqueous medium were made in order to establish a relation-
ship between the studies in mixed solvent and those of the
lower aromatic hydrocarbons in agueous medium investigated
by Andrews and Keefer, The first argentation constant for
phenanthrene in the aqueous system at unit ionic strength
is abhout 3.3 times as large as that in eqguimolar agqueous
methanol at 0.5 lonic strength. The effects both of the
solvent and of ionic strength enter into this difference.

Work on the solubllity of toluene in agqueous solutions
of silver perchlorate and sodium perchlorate shows that
the first argentation constant of toluene varies from a
 value of 2.63 at unit ionic strength to a value of 5.8 at

ionic strength 5.0 (12). Thus the argentation constant is

strong;y affected by lonic strength. From this information,
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assumiﬁg a more or less parallel variation for phenanthrene,
i1t may bne roughly estimated that the argentation constant
for phenanthrene in water at ionic strength 0.5 1s about 3.3.
 Thus at ionic strength 0.5 the first argentation constant of
phenanthrene in water is probably three times as greatl as
its value of 1.1 in equimolal aqueous methanol. Therefore,
the medium alsobstrongly affects the argentation constant
owing to changes in the dielectric constant and solvation
powers of the medium which produce changes ;n the activity
ccefficients of the reacting species.

The assumptions, utilized in this thesils, that the ac-
tivity coefficient of the hydrocarbon is constant and that
the activity coefficients of silver ion and the complex
ions are constant and equal at constant ionic strength,
have been questioned (26). Potassium nitrate has about a
6,percent stronger salting out effect than has silver ni-
trate upon such solutes as carbon tetrachloride and cyclo-
hexane (27). This corresponds to a difference in activity
coefficients of about 6 percent for the organic solutes in
Fﬁrthermore, on theoretical grounds

1.0 M KNO_ and AgNO

3 3°
it seems reasonable that the activity coefficient of the

mono—silver complex ion 1s greater than that of the silver
5ion, though thelir ratio may be fairly constant at constant
ionic gtrength (28),. Thus, the argentation constants cal-

culated on the basis of the assumptions listed above are
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not trué,thermodymamic equilibrium constants. Nevertheless,
the assumptions are approximately valid, provide a simple
~and conslstent interpretation of the solubility data, and
'almost surely give a:satisfactory hasis for the comparison

of the affinity for silver ion of the different hydrocarbons.

Relation'of‘Calculatéd Argentation Constants to Thermodynamic

Equilibrium Constants.

A more careful analysis of the conditions existing in
the solutions will now be given to show the relation hetween
the calculated argentation constant, 51, and a true thermo-
dynamic equilibrium constant for the first argentation re-
action and to démonstrate the basls for comparing the argen-
tation conStants of different hydrocarbons. First, let the
standard state of each of the reacting species, Ar, Ag+, and
ArAgt, be chosen so that the ratio a/m =1 as m ~-»0, where
a and m are the activity and the molar concentration.of a
reactant in pure solvent, respectively, The standard state
of each reactant is then an hypothetical state at unit acti-
vity in pure saolvent, actiﬁity being measured in the same
units, moles/liter. |

The argentation reaction was studied not in pure solvent,
but in salt solutions at éonStant ionic strength. The cal-
" culated value of the fifst argentation constant is given in

Equation 7.



_ (aragt) | | <
K = ) o (7)

~ Here (Ar) is the solubility of the hydrocarbon at zero sil-
ver ion concentration and (ArAg™)/(Ag') is the slope at zero
" silver concentration of the plot of total hydrocarbon con-
céhﬁration versus total silver concentration,kmolar concen-
trations’being used. However, the true thermodynamic equili-
brium constant must be expressed in terms of activities or

of concentrations and activity coefficients, 7 .

o CINT Tprag™ Y hragt . (8)

%1 BppteBpr - Opgt-Map 7 ngt ar

The activity coefficilent of the hydrocarbon, ¥j., since the
solubilities of the hydrocarbons are very small, is just the
ratio of the solubility in pure solvent to the solubility
in the salt solution at zerb silver concentration. This
ratio and, therefore, the activity coefficient, should be
very nearly the same for a serles of hydrocarbons of similar
molecular size and shape. Of course, the actlvity coeffi-
cient of silver ion, }£g+,‘is virtually independent of the
hydrocarbon which is involved.

As was mentioned abové, the substitutlon of sodium or
potassium ion by silver ilon probably produces an appreciable
though small effect upon the activity coefficients of the
'breacting specles, However, the calculated equilibrium con-
stant, Eﬁ, is calculated from the solubility of thé hydro-

carbon and the slope of the total-hydrocarbon-versus-silver-
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ion plat, both measured at zero silver lon concentration.
The influencevdf varying silver ion upon the initial slope
of the least squares gurvé is certainly only a second order
effect. |

It follows from the preceding considerations that the
calculated first argentation constants for a series of simi-
lar hydrocarboﬁs differ from the true thermodynamic equili-
bfium constanté to a good approximation only by a constant

factor. Thus, following from Equation 8 we have Equation 9.

+ +
i N e . (9)
(ar)(he™) Mo+

Consequently, thé free energies of reaction calculated from
the argentation constants for such a series of hydrocarbons
wlll differ from the standard free energies by a constant
amount. ‘

AF} = -RT 1nK = -RT 1nK.-RT 1nR = AF, +C (10)
A similar statement cannot be made at present for the calcu-
lated second argentation Qonstants, Since their calculation
involves the curvature of the solubility curve at large sil-
ver concentrations for which the influence of silver ion
upon the various activity coefficients has not heen deter-
mined gquantitatively.

It‘may be concluded that the calculated equilibrium con-

v ts, Ky, for the first argentation reactlon provide a

dey 'able relative measure of the free energy of argenta-

tion » the‘series of polycyelic aromatic hydrocarbons used
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in this investigation

The Interactions Involved in the Argentation Reactlon and

the Structure of the Complexes.

a. Jonle Character.

The essential ionic character of the argentation com-
plexes 1s evidehced by the influence upon the equillihrium
constant of the medium which was reported above. The equili-
brium constant increases in a medium of higher ionic strength,
which 1s to be expected if the product is ionic in character.
Further support for the ioniec character is given by the fact
that though silver perchlorate will dissolve in anhydrous
benzene, 1n a two-phase system the complex is distributed

virtually entirely in the aqueous phase,

b. Nature and Site of Bonding.

The interaction of a silver ilon with an aromatic or ole-
finic molecule is probably with the T]-electrons of the hydro-
carbons. An electronlic structure has been proposed for the
olefin-silver ion complex involving resonance between a pre-
dominant no-bond and two-bonded structures in which the
bonding electron pair is provided by fthe TTLelectrons of
the olefinic bond (29). A similar description might be ap-
.plied to the aromatic argentation complexes. A more recent
theory postulates a "charge-transfer' resonance to account

for complexes between aromatic compounds with both halogens
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and'si1§er ijon (31). By this theory it has been deduced

from the electronic‘symmetry of the bhenzene-silver complex

- that the most likely position for the silver ion is above

, the p1ané'of the beﬁzene_and between two carbon atoms.

With reference to the structure of the benzene-silver per-
chlbrate.complex, Raman spectra indicate that the silver is
located on the Six+fold axis of symmetry of the benzene (25).
On the other hand preliminary interpretation of data from
L-ray difffaction photographs of the crystalline benzene-
silver perchlorate complex indicate that the position of the
silver ions is about in the position suggested by the "charge-
transfer” theory with a silver-carbon distance of about

2.6 & (31). Of course, it is quite possible that the silver
ions have a somewhat different location in the dissolved and
crystalline complexes. Furthermore, it should be noted that
the reported X-ray crystél structure determination (31) is
only the preliminary interpretation, and a detailed structure
has not been published,

In the next section on correlations it 1s shown that
there 1s a small degree 6f'correlation between the magnitude
of the argentation constants for polycyclic aromatic hydro-
carbons and the theoretical electronic characteristics at
‘the meso-bond calculated by quantum mechanics. From this
fact and the evidence adduced above the most likely position

for the first coordinated silver ion is above the plane of
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the aromatic molecule and bhetween ﬁhe carbon atoms of the
meso-bhond, which has the‘highest theoretical Tl -electron

" density in these molecules.

c. Relative Magnitudes of the First and Second Argentation

Constants: Influence of the Electric Field Effect.

A censideratiqn of the relative magnitudes of the suc-
cessive argentationbconstants is of interest at this point.
Since the mono-silver complex 18 charged, the coordination
of a second silver ion will involve electrostatic energy of
repulsion between two silver ions. The theory of Bjerrum
(32) dealing with the relative magnitudes of the first and
second dissoclatlion constants of symmetrical dicarboxylic
acids, as refined by Kirkwood and Westheimer (33) may be
adapted for the calculation of the distance between the two
silver ions in di-silver complexes of aromatic molecqles.
In the treatment of short—chein symmetrical dicarboxylic
acids by the Kirkwood theory it is assumed that the only
interaction between the two carboxyls is the energy of
electrostatic repulsion between two protons. It is found
that the two ionization constants should obey Equation 7.

logy oK, /0K, = €°/2.303rkTD, (7)
In this equation e i1s the electronic charge, r is the dis-

' tance between the protons, k is the Boltzman constant, T
| is the ahsolute temperature, and De 1s the effective dielec-

tric constant (a function of the internal dlelectric constant
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of the ﬁolecule,‘the assumed spherical shape of the mole-
cule, and the position of the charges within the molecule.)
- The quantity O is a statistlcal factor or symmetry number,
the Valué of which for the symmetrical dibasic acids is 4,

The argentation of aromatic hydrocarbons to form first
a mono-silver and then a di-silver complex is similar in
some respects to the ionization of a dibasic acid. In the
argentation of benzene, for example, the two silver ions
probably occupy equivalent positlons on opposite sides of
the benzene molecule. The sllver ions are large enough com-
pared to the benzene ring that even if their position is not
on the six-fold axis, there are still in effect just two
coordination sites on the benzene. Each of the two faces
of the henzene ring provides one coordination site. Further-
more, the approach of the second silver lon is opposed by
the electrostatic repulsion between two mono-positive ions.
Thus, if 1%t is assumed that the only interaction between the
gilver ions 1s electrostatic, the Kirkwood theory can ke
adapted to the treatment of the argentation constants of
benzene, with the use of the same statistical factor, 4.
Then Equation 7 may be used to calculate a value for the
distance between the two silver ions in the di-silver com-
plex.

If' the theory is applied to the polyeyeclie hydrocarbons,

the parallel with the dibasic acids is not as complete. The



- 111 -

]

two silver ions do not neoessarily'have equivalent positions,
and the value of the statistical factor is not so unequilvocal.
In the'case pf naphthalené, i1f it 1s assumed that coordina-
,tion'at eéch face of a ring is independent of the other faces,
then the statlstical number is %x%. = 2,67, since the first
silﬁer can attagh itself at any of four faces and leave from
one position, while the second silver can attach at any of
Three faces and léave from either of two positions. Apply-
ing these principles and using the Kirkwood theory which
assumes the molecule to be spherical with the charged atoms
at the ends of a dlameter (this corresponds to a value of

127 for De), the distances between the silver ions in a num-
ber of di-silver complexes were calculated, The results

are given in Table VIII. ’

| As mentioned earlier, the X-ray crystal structure deter-
bmination of the beﬁzenewsilver perchlorate complex indicates
that the silver ions are located above the plane of the ben-
/zene and between two carbon atoms with a carbon-silver dis-
tance of 2.6 8. If it is assumed that in solution the two
silver ions coordinate oh‘opposite faces of the benzene
. about 2.5 R from the plane of symmetry as indicated by’the
X-ray data and on opposite sides of the six-fold axis, then
the distance between these atoms will be 5.2 R. For naphtha-

lene the silver lons would be separated by a minimum distance

- of 5.2 X,if they were on opposite sides of the same benz-ring



QJ

|

.

3

8

.Aﬁmv BLBpP 24dng3ondgs

Teashao Lea-y sgeuwrxoadde Jo STSeq 9Uj UO DIJBUIISS S90UBISTD WNUTXEBW PUB WNWIUTY °*J
‘0"z J40998J TEOTASTA®BAS Bulsn jng (P) 930U Ut sy °@
: {7 uumToo ut USATSH
SJ070BJ TBOTA8T3B3S UYaTM (EE) POOMANJATY JO Laosyl oyg IJulsn psl1BINOTBO SIDUEBYSTT P
*gTSeUl STUL WOJXJ SJUBJSUOD UOT3BIUDIAY °O
‘2T oouadaJad WOJJ S4UBZSUOD UOT3RIULIAY °Qq
*CT @ousdeJad WOJJ SJUBISUOD UOTFBIUSTAY B
G+ l-2°§ 9*L 0°'T1 65" ¢ Oof* e 66" GGe L e T
surRyl Ul
L'Q 8 6T IS l9°2 #0'T 9%°€ m|HhCmggHm
g*L-2°§ 9'9 LTI 06°€ - L9te T0°T  #6°€ glAusudTd
G*9-2°& g6 1°€2 A L9 2 606 t6°e oduateyluden
A 11" 9 G6° L 17 1€E” €92 LPURTAY-d
2°G 21° 6 L6 f 02€" €0°€ PURTAY T
2°G 2€ g 8T 6 f GTET 682 LPUPTAX-0
AR e 71T i ge” €92 2UnIOL
e T h f1° 1T fr gle’o 1If'e gouszusg
3 P_

4 0T X *wd I o T Jo40vJ - _

TQ ‘pasd 81sTq DioOTED <N/ ‘1839 N 5 punodwod 9T3BUWOLY

gexoTdwo)

91BIJ TN JOATTS-OT4BUWOIY JO soxsTdWo) JSATTS-TQ UT S§90UBLSTQ J9ATTS-JISATTS POGBINOTRD

ITIA °TqEL



- 113 -

and by é maximum distance of 6.5 A if they were on opposite
sides of the molécuie and attached to different benz-rings.
‘ Similarly minimum and maximum distances may be estimated
Ffor dtherbpolycyclic,compounds and these are tdbulated in
the last column of Table VIIT, Comparison of these estimated
distance§ with those calculated from the ratio gl/gg reveals
in the c;se of benzene and its methyl homologs fairly good
agreement, in view of the approximations involved in apply-
ing the Kirkwood theory to aromatic hydrocarbons. However,
the agreement 18 poor in the case of the polycyclic hydro-
carbons. The magﬁitudes of the second argentation constants
for these compounds are considerably greater than would he
expected on the basis of the approximate statistical factors
and the electrostatic repulsion energy.

The deviations from the Kirkwood theory by the poly-
cyclic aromatic hydrocarbons may be the result of one or
more of several factors. First, the approximations made
here in applylng the theory to these compounds are not very
accuraﬁe.’ For example, these compounds do not have spherical
molecules and also the tWo coordination sites are not neces-
$arily equivalent. However, since there is fairly good agree-
mént in the case of the benzenes, the large deviation from
- theory in_the case of naphthalene must also involve other
factors, |

A second possible factor in deviations from the Kirkwood
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theory Ey the polyecyelic compounds'is error in the statisti-
cal factors recorded in Table VII. These statistical fac-
tors were computed on the basis of the very approximate
assumptidn that each free face of a benzene ring has equal
potentiality as a site for coordination, independent of the
situation at other ring faces. If it is assumed instead that
the first silver ion can coordinate on elther side of a planar
aromatic molecule and that the second silver must coordinate
on the other side at a non-equivalent position, the statisti-
cal factor might conceivably have the value 2, If the value
2 is used for the four polycyclic compounds listed in Table
VIII, the four calculated distances recorded in column 7 of
Table VIII are obtained. Most of these values fall in the
correct range, but it is not clear that the symmetry number

2 should be used for these compounds.

A third factor in the deviation from the Kirkwood theory
may be resonance interaction between two silver ions coordi-
nated to the same aromatic molecule. If the valence bond
electronic resonance structures are counted for the mono-
and di-silver complexes of benzene and naphthalene, neglect-
ing structures involving positive charges on adjacent carbon
atoms, the resulting totals are: for benzene, 8 and 18; and
for naphthalene, 15 and 50 resonance structures, respectively,
for the mono- and di-silver complexes. Thus the greater

resonance stabilization would be expected for the di-silver
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relatiQe to the mono-silver complex in the case of naphthalene
than in the case of benzene, This would cause the second
argentation constant to be larger relative to the first than
it wcﬁldvbe'in the abéence of resonance. Theréfore, the ef-
fect of resonance upon silver-ion binding energies for the
pdlycyclic compounds would result in the calculation of large
values for silvér—silver distances by use of the Kirkwood
theory, which Table VIII shows to be the case.

The deviation of the ratios of the First to the second
argentation constant for polycyclic compounds from the values
predicted on the basis of electrostatic repulsion énergy prob-
ably results from the influence of several factqrs. It is
not possible with present knowledge to mediate between these
effects, but resonance interaction in the di-silver complexes

is probably important.

d. Relative Values of the Argentation Constants for Anthra~

cene and Phenanthrene.

The relative magnitudes of the first argentatilon constants
of anthracene and phenanthfene pose an interesting problem.
The values obtained for K in the aqueous methanol system are
for anthracene, 1.35, and for phenanthrene, 1.09. The 9,10-
bond of phenanthrene is_génerally considered to have greater
- double-bond character than the 1,2-bond of anthracene, since
1t exhibits greater reactivity toward double-bond reagents,

such as bromine. Furthermore, simple valence bond calcula-
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tions aésign a double-bond character of 3/4 to the anthra-
cene bond and 4/5 to the phenanthrene bond (34). Therefore
‘phenanthrene would be expeéted to have the greater affinity
for the electrophilié gilver ion,

The explanation for this apparent anomaly may lie in
an ehtropy factor in the free energy for the argentation re-
action of anthracene. 8ince anthracene possesses four ring
faées which contaih a l,2~hond whereas phenanthrehe has only
two ring faces which have the 9,10-bond, it 1s reasonable
then that anthracene should have a larger argentatlion con-
stant relative to phenanthrene than would be predicted from
consideration of bond energy alone. Evidence concerning
this hypothesis could be obtained by measuring the tempera-
ture coefficient of the argentation constants of the two
‘compounds; from which‘the heat and entropy of the argentation
reactions could bhe calculated. This could be done in the aque-
ous system for phenanthrene, but, as was noted elsewhere, at-
tempted solublility measurements with anthracene in the aque-
ous system’were exceedingly erratic. On the other hand, with
the present techniques, the values of argentation constants
er the aqueous methanollsystem are not considered to be su*
ficiently accurate to make possible a dependable measurement

of the temperature coefficient,

e. Estimatlion of Bond Strengths for the Argentation Complexes.

The determination of the argentation constants of naph-



- 117 -

thalene at three different temperatures in the agueous sys-
tem as reported in Table IV makes possible the calculation
of the entropy and heat of the argentation reaction. The
relation whiech is used is the familiar van't Hoff equation,
expressed in the form:

a(inK)/a(1/T) = - AH/R (8)
This equation indicates that over a temperature range for
which AH is constant a plot of the logarithm of K versus
1/T should be a straight line with the slope equal to
- AH/R. The plot in Figure 4 shows that the first and sec-
ond argentation constants of naphthalene obey this relation-
ship well within the limits of probable error of the calcu-
lated values of the constants. The resulting thermodynamic
information for naphthalene at 25°% ¢, in the aqueous system
are given in Table IX.

The value of the heat of the first argentatlion reac-
tion, 2.9 kcal., is of the same order of magnitude as that
reported for the argentation of cyclohexene in the aqueous
system, 6.0 kcal. (29), and that reported for the heat of
>'formation of the benzene éomplex with silver perchlorate
in an anhydrous system, 8.1 kecal. (35). The energy of
‘hydration of silver ion is about 111 keal. (36). If the co-
ordination number of silver ion with water molecules 1s four
(37), then coordination of hydrated silver ion with a naph-

thalene molecule must involve the displacement of at least
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i 1 | 1 | | .83
3.29 3.31 3.33 3.35 3.37 3.39 3.41

1/T x 103

Figure 4. Argentatlon of naphthalene In agqueous medium:
variatlon of first and second argentation constants wilth
temperature. The vertical bvars represent the estimated
1imlts of probable error of the calculated constants,
The calculated thermodynamic informatilon ls given in
Table IX.
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Table IX

- Thermodynamic Data for the Argentation of Naphthalene
in the Agueocus System at 25° C.

NS AH as
Cal.,/mole Cal,/mole Cal./mole.deg.

First argenta-  -638%8 ~2900%200 -7.571.3
tion reaction
Second argenta- +56.4 -1520 -5.3

tion reaction

one water molecule which unld require an energy expenditure
of about 25 keal. Since the argentation of naphthalene by
aqueous silver nitrate is just slightly exothermic, the
bonding energy betweenvsilver ion and naphthalene must be

of the same order of magnitude, about 25 kecal. The data
available for the cyclohexene complex and the benzene-gilver
perchlorate complex also indilcate a bonding energy of about
’ 25 keal. for the silver ion Tl-complex, assuming a silver
ion-hydration number of four (35).

The preceding considerations indicate that the silver-
ion TY-bond is a bond of moderate strength. It can be seen,
furthermore, that as a result of the affinity of silver ion
for water and other oxygenated solvents, the extent of the
argentation reaction may be expected to be much more limited
in water than in anhydrous hydrocarbon solvents. This con-

clusion is in agreement with observation.
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'CORRELATIONS OF EXPERIMENTAL AND THEORETICAT.
CHEMICAL DATA WITH BIOLOGICAL ACTIVITY

Previous Work,

Only two investigations are reported in the literature
in whilch the chemical reactivities of the members of a ser-
ies of carcinogenic and non-carcinogenic hydrocarbons to-
ward a particular reagent were determined guantitatively.

The rates of addition of osmium tetroxide to the members of

a series of polycyclic aromatic compounds 1n chloroform solu-
tion were measured by Badger (5). The reagent adds to the
meso-~bond of the hydrocarbon molecule to form a cyclic ester
which can be hydrolyzed to the corresponding dihydrodiol,
There is a significant correlation between the rate of this
addition reaction and the relative potencies of the compounds
investigated, as may be seen from the data in Table %.

A different type of reaction was investigated by Newman
and hils co-workers, who measured the dissociation constants
in chloroform solution of the trinitrofluorenone complexes
of the complete series of monomethylbenz(a)anthracenes and
benzo(c )phenanthrenes (4). The results of this investigation,
also included in Table IX, exhibit no satisfactory correla-
tion with carcinogenic potency. If there were correlation,

- the most potent carcinogens would be expected to have the
smallest.dissociation constants., Another reaction of poly-

cyclic aromatic hydrocarbons, investigated semi-quantitatively
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by Fieser, is the-coupling‘reactioh with p-nitrobenzene-
diazonium chloride (36); The rate of this reaction is great-
est with several of the most powerful carcinogens, but it is
equéllyvhigh with several non-carcinogenic ace-compounds and
shows a strong degree of specificity for ace-compounds,
Thefefore, the overall correlation of this coupling reaction

wlth carclnogenicity is rather poor.

Table of Correlations.

The hydrocarbons studied in the present investigation
are listed in Table X in order of decreasing order of magni-
tude of their first argentation constants, and there are
tabulated the values of the argentation constants, the rate
of addition of osmium tetroxide, the values of the dissocia-
jtion constants of the trinltrofluorenone complexes, the rela-
tive carcinogenic potencies, and the two guantum mechanical
indic as of electronic properties at the meso-bond. In the
first group are compounds which contain the benz(a)anthracene
structure, in the second group are two common tri-cyclic
hydrqcarbons, and in the third group are the benzo(c)phenan-
threnes; This separation is made for two reasons., First
factors of general molecular shape and size are undoubtedly
important, in addition to electronic characteristiecs, in
determining carcinogenic potency. Second, the benzo(c)-

phenanthrenes have not been studied as thoroughly with re-



Table ¥
‘Comparison of Chemicél, Biological, and Thecretical Data

Compound Ky  Rate TNF(c) Care. Pot.(a) P.E.(3) qff)
(53 0s0 (g) Dissogtn. Skin  Subcu-

x 10 x 10 taneous

3-Mechol, 3.31 1.1 bbb 1.330
7;12—DBA7 1.87 2.7 o+ ERTRr 1.319
Benz-pyr. 1.69 “ .ol ; -+ o+ |
7-MBA, 1.66 .91 2.28 et ++++ 3,3006 1,306
DBA. >1.65 7.6h 44 - |
12-MBA., 1.64 - 1.89 ++ +++  3.3146 1,296
8- 1.41 4,50 ++ ++ 3.3213 1.296
6- 1.35 1.23 + 4+ | 1.298
11- 1.35 2.31. + 0] ,3‘3248 1.292
3= 1.34 2.86 o) 3.3265

 BA. 1.33 .48  3.34 0 o(g) 3.3282 1,283
o-MBA,  1.32 .64  1.80  + 3.3248  1.20H
5- , 1.25 2.60 + ++ 1.298
10~ 1.25 1.92 + + 3.3213 1.294
2- 1.23 4,38 0 3.3146
Anthrac. 1.35 . 0] o)

~ Phenanth. 1.09 (& ,48) | 0 0

L.MBP.  1.39 429 + 0 1.305
3- 137 8.63 + 0 1.300
1- 1.34 17.1

5~  1.30 5.8 Ak + | 1.312



Compound X
(a7 0s0 (?) Dissogtn.

Tahle X.

Rate TNF(c)

x 10 x 10

9.83
5.24
4,96

(continued)

ne

w

Carc.
Skin

Pot.(d) P.E.(e)
Subcu-

taneous

0 1.310

+ 1.312

Equilibrium constant for coordination reaction of hydro-

carbons with silver ion at 25° C,

methancl containing NaNOf and AgNO-
Rate of addition Lo hvdrocarbons o%

termined by Badger (5)

Dissociation constants of throcarbon complexes with 2
T-trinitrofluorenone in ?E?l

Relatlve carcinozenlc potenciles innice,

Takemura and co-workers

Badger (9c¢).

38.13 25

in equimolal aqueous

at ionic strength 0.5.
Os0y in CHClg as de-

2,4, -
C. as determined by

complled by

Polarization energy of the meso-bond carbon atoms 1n-

volving hyperconjugation wilith methyl groups,

calculated

by Pullman and co-workers u81ng a molecular orbltal

method (7b).

Total charge at meso-bond,

a valence bond method (6)

calculated by Pullman using

Benz(a)anthracene has been shown recently to possess a
low carcinogenic potency when applied in relatively

large subcutaneous injections in mice

(39).
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spect to carcinogenic potency as have most members of the
benz(a)anthracene series. It is reported that carefully
standardized studies of the carcinogenic pobtencies of the
benzanthracenes and bhenzophenanthrenes are now.being car-

ried out at two institutions (4).

Discussion of Correlations.

The information in Table X reveals a definite correla-
tion between the argentation constants and the relative car-
cinogenic potencies in the benzanthracene series. The moest
noticeable discrepencies in this agreement are for the com-
pounds 1,2,5,6-dibenzanthracene, 5-methylbenz(a)anthracene,
and anthracene. In the case of dibenzanthracene experimental
difficulties were encountered, including formation of yellow
contaminants and erratic results, so the argentation constant
reported is the result of Jjust one experimental determination
whlch seemed to give the most consistent data. However, it
- is interesting that a statistical factor may explaln the
high argentation constant of dibenzanthracene just as has
been suggested previously for anthracene, since both of these
molecules possess two equivalent benz rings having theoreti-
cally high T{-electron concentrations. On the other hand the
5-methyl compound has a methyl group attached to one of the
meso-hond carbon atoms which may hinder the approach of a sil-
ver lon and thereby decrease the value of the argentation

constant.
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Ffom the precedlng considerations 1t appears posslble
that the heats of the argentation reactions might exhibit
a more complete correlation with carcinogenic potencies than
do the argentation constants, which are a measure of the free
energy of reaction.

A fair correlation is evident in Table IX between the
argentation constants and the rate of addition of osmium tet-
roxide. In contrast, there 1s no significant agreement be-
tween the argentation constants and the TNF-complex dissoci-
ation constants. The reason for this relationship must lie
not in the solvent, but rather in the site and character of
the chemical interaction. The argentation reaction and the
addition of osmium tetroxide are both believed to take place
at the meso-bond. The complex compounds which aromatic hydro-
carbons form with picric acid and trinitrofluorene are con-
sidered to Involve Interaction between many points on the
molecules with their planes oriented parallel and in close
contact (40). Although the electronic characteristics are
important for such interaction, steric factors may and un-
doubtedly do become dominant (40). Thus the correlation be-
tween argentation constants and rates of addition of osmium
tetroxide provides additional support for the hypothesis
that the first argentation reaction takes place at the meso-
bond of polycyclic aromatic hydrocarbons.

Finally, it may be observed that there i1s a significant
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correlation betwéen carcinogenic potencies and the quantum
mechanically calculated electronic characteristics at the

| meso-bond. Coulson has discussed the quantum mechanical cal-
-culafioné made for polycyclic aromatic hydrocarbons and has
pointed out the approximations involved and the partial agree-
ments of results calculated by different methods (8)., 1If an
adequate theory is devised for these molecules, it will almost
certainly be semi-emplrical in 1ts practical application.

At this point the validity of the relative carcinogenic
potencies used in Table ¥ should be consldered. The indices
used weres set up by G. M. Badger (9c) and are considered by
the writer to be the most prudent and gsensible attempt to
reduce the maze of avalilable experimental data to a scale
of relative potencies., In over-all relationships this scale
agrees with the two other scales which have been proposed
(%a,b), but it differs from them in that it divides carcino-
genic compoﬁnds into only four classes or magnitudes of
potency instead of using ten magnitudes or a continuous in-
dex. This degree of definition is commensurate with the
accuracy and reproduciblility in the results of bio-assay
methods using mice. Further factors which limit the depend-
ability of potency indices are the fact that in devising
such an index both the latent time for tumor initiation and
also the total yield of tumors must be considered, and the

fact that different tissues show different orders of potency
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as can be seen from the two scales'given in Table X.

In view of the prohable errors in the argentation con-
stants reported in this thesis and the degree of reproduci-
bility and validity of the indices of carcinogenic potency,
this writer believes that the correlation shown in Table X
is és complete as can be expected. In fact, even 1if a much
more accurate method is found for measuring the relative
nucleophilic character of the hydrocarbons, because of the
uncertainties in the bioldgical data, it is doubtful whether
a more complete correlation can be obtalned, assuming that
nucleophilic character and carcinogenic potency are directly

related.

Relation of the Magnitude of Argentation Constants to the

Mode of Actlion of Carcilnogens.

It is not the province of this thesis to make an extended
discussion of the biochemical mechanism of carcinogenesis by
hydrocarbons. However, a brief presentation of some of the
more recent evidences and theories bearing on the carcino-
genic mechanism will help to suggest the possible signifi-
cance of the findings of this thesis.

To recapitulate, it was concluded in the preceding sec-
tion that there 18 a definite correlation between the magni-
tude of the argentation constants and the biological poten-
cles of the carcinogenic hydrocarbons. Furthermore, it was

noted. that there appears to be a significant degree of cor-
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relation between the argentation cdnstants and the rates of
irreversible addition of osmium tetroxide (5).

There is good evidence also for the reversible formation
by these hydrocarbons of complexes with substances found in
living cells., Weil-Malherbe measured quantitatively the solu-
bilization of a number of polycyelic hydrocarbons in dllute
agueous solutions of a large number of purines and pyrimi-
dines and also isolated some solid complexes (41). The data
from that investigation indlcates the formation by the hydro-
carbons of both mono- and di-purine complexes. When the data
of Well-Malherbe 1s comblned with the estimated aqueous solu-
bllities from the information in Tables III and IV of this
theslis, it 1s possible to calculate approximate values of
equilibrium constants for the formatlon of di-caffeine com-
plexes by the hydrocarbons phenanthrene, anthracene, benz(a)-
anthracene, benzo(a)pyrene, 7,12-dimethylbenz(a)anthracene,
and 3-methylcholanthrene. The values of the constants ob-
tained, in units of liters® moles © are 3.9x10%, 7.2x105,
7.5x105, 2.8x106, 3.4x104,'and 7.5x104, respectively. Thus
the formation of purine complexes is well established, bhut
it can be seen there is no satlsfactory correlation of the
equilibrium constants with the carcinogenic potencies of
these hydrocarbons.

E. Boyland in a recent review dealing with the possible

modes of action of carcinogens mentioned the results of an
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investigation whioh éhowed that 1n vitreo agqueous solutions
of nucleic acid also dissolve polycyeliec hydrocarbons and
aromatic amines (42). Actual experiments in vivo were car-
"ried out in mice by E. €¢. Miller and J. A, Miller who demon-
strated the formation of a tightly-bound complex of benzo(a)-
pyrene with proteins and nucleoproteins in mouse skin (43),
and also by &—dimeﬁhylaminoazobenzene and related compounds
with proteins in mouse liver (44). A more conclusive inves-
tigation was performed by Wiest and Heldelberger who demon-
strated the formation in vivo of tightly-bound complexes by

)
dibenzanthracene-9,10-C+*

with proteins and nucleoproteins
but not with nucleic acids (45).

Another type of Information which 1s significant con-
cerns the mutual inhibition and summation effects of some of
the carcinogenic hydrocarbons (46, 39). The administration
to mice of a mixture of two strong carcinogens or of.two
weak carcinogens produces an effect which 1s equal to a par-
tial summation of the effects of the two substances adminis-
tered separately. On the other hand, the administration of
a mixture of a strong and a weak carcinogen produces an ef-
fect which is a great deal less than that of the strong
carcinogen administered alone.

A number of mechanisms which postulate the initilal for-

mation of complexes have heen proposed for carcinogenesis by

hydrocarbons. These theories are still largely Speculative,
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- but from the information recorded above it may be concluded

that there 1s now good experimental evidence to suggest that
the initilal action of ca?cinogenic hydrocarbons 1s the for-
mation‘of éome type of complex compound with a cell component.
R. Daudel postulated the formation of a ccmplex’with a sub-
strate which controls cell division (47). L. A, Pinck postu-
lated the fbrmation in vivo by the hydrocarbon of a very
reactive double boﬁd which can react with a cell constituent
by a reactlon which he compares with a Michael condenéation
(48). Boyland proposes that the hydrocarbons induce muta-
tiong by forming a loose complex with and thus bringilng about
an alteration of chromosomal desoxyribose nucleic acid (42).
The most recent theory is that proposed by Wiest, Heidel-
berger, and Miller who suggest that the hydrocarbon enters
the cell where it is first metabolized to a derivative which
unites with certain cell proteins and eventually gives rise
to cells which lack some proteins and are not subject to
bodily growth'controls (43, 44, L45),

The findings of the present investigation which show a
correlation between the argehtation constants and carcino-
genlc activity provide evidence that the characteristic
property required for the initial step in carcinogenesis is
a region having a high 1T—e1ectron density. Such a region
would enable the hydrocarbon to react reversibly to form a

complex with an electrophilic cell component. Subsequent
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irreversible reactlons might then lead to the metabolizing
of the hydrocarbon or the direct formation of a more stable

complex with a cell componsnt,



(8)

- 132 -

REFERENCES

A. Haddow, Brit. Med. Bull., Vol. IV, 314 (1947),

- J. L, Hartwell, "Survey of Compounds Which Have Been

Tested for Pa"01nogeﬁlc Activity," Second Edition,
1951, Federal Security Agency, Public Health Service,

Pieser and Fleser, "Organic Chemistry," Second Edi-
tion, 1949, D, C. Heath and Co., Boston, p. 938;
L. F. Fieser, Am. J. Cancer, 34, 37-124 (1938)

K. H. Takemura, Margaret D. Cameron and Melvin S. New-
man,_J Am. Chem. Soc., 75, 3280 (1953).

G. M. Badger, J. Chem. Soc., 1949, 456,

A. Pullman, Ann. Chim., (1947), 2, 5.

a. H. H, Greenwood, Brit., J. Cancer, V, 441 (1951),
b. A. Pullman, B, Pullman, and G. Berx thler, Compt.
Rend., 236, 2067 (1953).

C. A, Coulson, "Advances in Cancer Research." Academic
Press Inc,, New York, Vol., I, 1 (1953).

a. I. Berenblum, Cancer Research, 5, 561 (1945),
b, J. Iball, Am. J. Cancer, 35, 188 (1939).
c. G, M. Badger, Brit. J. Cancer, 2, 309 (1948),

Henry Lemaire, PhD Thesis, California Institute of
Technology, 1951

Max Landsberg, Annalen, 215, 206 (1882).

R. M, Keefer and L. J. Andrews, J. Am, Chem. Soc., 74,
6ho (1952).

L. J. Andrews and R. M, Keefer, ibld., 71, 3644 (1949),

- L. F. Fieser and E. B. Hershberg, ibid., 60, 1893 (1938).

J. Mathieu, Ann. Chim., 20, 215 (1945),

a. L. F, Fleser, J. Am. Chem. Soc., 51, 3141 (1929).
b, P. H. Groggins, Ind. Eng. Chem., 22, 157 (1930).




_133.,

W. E. Bachmann, J. Am. Chem. Soc., 60, 1023 (1939);
J, Org., Chem., 2, 173 (1937-3d).

W. E. Bachmann, J, Org. Chem., 1, 347 (1936-37).

L. F. Fieser and E, B. Hershberg, J. Am. Chem. Soc.,
2502 (1937).

H, Wieland, Ber., 45, 492 (1912),

R. A. Priedel and M. Orchin, "Ultraviolet Abgorption

Spectra of Aromatic Hydrocarbons,' John Wiley and Sons,
New York.

H. Margenau and G. M. Murphy, "The Mathematics of
Physics and Chemistry,” D. Van Nostrand Co., p. 500,

David Brunt, "The Combination of Observations," Cam-
bridge Univ. Press, 2nd ed., (1931), Chapters 5 and 6,

Part II of this Thesis, references 1, 2, 3, 4.

H, J. Taufen and MM, J. Murray, and F. F. Cleveland,
J. Am. Chem. Soc., 63, 3500 (1941).

K. N. Trueblood and H. J. Lucas, ibid., 74, 1338
(1952). '”'

Nathan Koenig, Thesis, California Institute of Tech-
nology, 1949, '

H, 8. Harned and B. B. Owen, "The Physical Chemistry
of Eleectrolytic Solutions,'" Reinhold Publishing Corp.,
1950, Chapter 3, sections 4 and 5, ‘

S, Winstein and H. J. Lucas, J. Am. Chem. Soc., 60,
836 (1938).

R. S. Mulliken, ibid., 74, 811 (1952),.

R. E. Rundle and J. H. Goring, ibid., 72, 5337 (1950).

W. Huckel, "Theoretische Grundlagen der Organischen
Chemie," Geest and Portig, Leipzig, (1948), Vol, 2,
p. B49.

J. G. Kirkwood and F. H. Westheimer, J. Chem, Phys.,
6, 506 (1938).




- 134 -
(34) ILinus Pauling, "Nature of the Chemical Bond," Second
Edition, Cornell Univ. Press, (1940), p, 142,

(35) B. D. Tildesley and A. G. Sharpe, Research, 6, #9,
(1953) Supplement 518.

(36) L. F. Fieser and W. P. Campbell, J. Am. Chem. Soc.,
60, 1142 (1938). '

(37) W. L. Latimer, "The Oxidation States of the Elements
- and Their Potentials in Aqueous Solution,” 2nd ed.,

(1952), p. 221.

(38). H. B, Johassen and P. a. Yates, J. Am, Chem, Soc., T4,
3388 (1959), J. Bjerrum, "Metal Ammine Formation in
Aqueous Solution,”" P, Haase and Son, Copenhagen,

(1941), p. 107.

(39) ?. E.)Stein and H. L. Falk, Cancer Research, 11, 56
(1951).

(40) Milton Orchin, J. Org. Chem., 16, 1165 (1951).

(41) H. Weil-Malherbe, Biochem. J., 40, 351 (1946).

(42) E. Boyland, Cancer Research, 12, 77 (1952).

(43) E. €. Miller, ibid., 11, 100 (1951).
(44) E. C. Miller and J. A, Miller, ibid., 12 (1952).
(45) W, G. Wiest and C. Heidelberger, ibid., 13, 246 (1953).

(46) W, T. Hill, ibid., 12, 270 (1952); N, P, Buu-Hoi, et al.,
Comptes Rend. Soc. de Biol., 139, 485 (1945).

(47) R. Daudel, Comptes Rend., 226, 1546 (1948).

(48) L. A. Pinck, Ann, N. Y. Acad. Scl., 50, 3-17 (1948).




1
fo
wd
Y
i

PROPOSITIONS

1. 'The compound benzyltrimethylammonium lodide underizoes
rapild rearrangement in liguid ammonla in the presence. of
sodamide %o produce dimethyl-o-xylylamine (1). This rear-
rangement has been shown to take place by means of attack
upon the ortho position by an N-methide carbanion via a
cyelic transition state. It is proposed that the reaction
of" o~chloronenzyltrinethylammonium iodide 1n the same medium
be exanmined for possible formation of the stable compound
N,N-dimethyldihydroisoindolinium iodide (2). Nucleophilin~
displacement of aromatic halogen by carbanions in liquid
ammonia occurs easily (3).

2. HNucleophilic displacement of aliphatic halcgen atoms

by N-methilde carbanilons which takes place in ether (4)
should be investigated in the ammonia system. The com-
pound o-chloromethylbenzyltrimethylammonium lodlde may un-
dergo such an intramolecular displacement reaction to pro-
duce N,N-dimethyltetrahydroisoguinolinium lodide. Interest-
lng guestions concerning relative rates of competing reactions
would be Involved in this system.

2. In recent years a number of studies have been made of
physical and chemlcal properties of c¢is- and trans-diiodo-
ethylenes (%), The high-melting trans isomer has been ob-
tained pure, but as yet the pure ¢is isomer 1s not availabie,

since fractlonal crystallization yields the eutectic mixture
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cmntainihg about,éighﬁy percent of the §i§.compound (5b).
Andrews and Keefér determiﬁed the argenﬁation constants of
‘the Trans lsomer and of the eutectlc mixbture to be 5.5 and
17.8, fesp@ctively.(ﬁa). It is proposed that extraction
of the eutectic mixture with aqueocus methanolic silver ni-
trate, coupled With,fractional crystallization be uséd to
obtain pure g;g—diibdoethylene.

I, Cristol, et al., have suggested that trans elimination
reactions proceed by a one-step concerted mechanism, and
that cls elimination involves the formation of an inter-
mediate carbanion (6). Miller and Noyes have studied the
basic elimimatioh reactions of c¢ls- and trans-diiodoethylene
in methanollic sodium methoxide and have obtalned results
consistent with this view (7), and they cite one additional
item of supporting evidence from the literature (8). It is
proposed that a sudy of deutefium—hydrogen.exchange iﬁ the
basic eli&iﬂation reaction of the cis and trans isomers of
~dideuterodiiodoethylens would provide evidence concerning
the formation of an intermediate carbanion.

5. Recently the compound diazacyclopentadiene hag bheen pre-
pared by the reaction of p-toluenesulfonylazide with cyclo-
pentadienyllithium (9). It should be possible to prepare
'3—diazo—1,4—pentadiene by the analogous reaction of 1,4-
pentadienyllithium (10).'

6. The hydration of 3-hexyne catalyzed by mercuric sulfate
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anc sulfuric aclid reguires further'investigation. The cata~
lytic effect of the hexancne-mercurlc sulfate complex (11)
could be established by adding 3-hexyne to a solution of

. the complex and observing any hydration which takes place.

A possible analytical method for following the hydration re-
action is extraction of portions of the rzaction mixture
with an organic solvent in which the ketone concentration
could he measured spectrophotometrically.

7. The compound trifluoromethylacetylene undergoes hydra-
tion catalyzed by mercuric sulfate and sulfuric aclid to form
the ketone and the aldehyde, ketone belng the predominant
product (12). The compound hexafluorc-2-butyne reacts with
scdium acetate 1in acetic anhydride to form the acetal which
hydrolyzes ©to the ketone (13). With sodium ethoxide the
acetal 1s produced which hydrolyzes Lo form the ketone (14).
The hydration of hexarluoro-2-butyne catalyzed by mercuric
sulfate and sulfurlc acid should bhe investlzated.

8. By meaguring the argentation constant of naphthalene at
lonlc strengths approaching zero as has been done at unit
ionic strength (15) it would be possible to determine the
variation with lonic strength of the activity coefficient

of the mono-sllver complex,

9., Simple valence bond theory (16) glves the followlng val-
ues of double bond character: naphthalene(1-2 bond) 2/3,

anthracene(1-2 bond) 3/4, phenanthrene(9-10 bond) 4/5. How-
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gver, the values of the first argentatlon constants in the

@

agueous system at unit lonic strength are 2.94, 4.35, and
3.55, respectively (17). It is proposed that this discrep-
“ancy 1is the result of a statistcical factor which would he-
come apparent in the entropy of argentation determined by
measurement of the temperature coefflcients of the argen-
tation reactions.
10. The vic diilodo alkanes are somewhat unstable compounds
vhich slowly decompose on standing to yileld free lodine anc
olefin (18). It is proposed that addition of iodine Lo a
rigid ecyeclic olefin such as 1,4,4a,5,6,7,8,8a-octahydronaph-
thalene would yield a trans dliodide which would be more
stable than acyclic vic dilodides (19).
11. The »reaction of chlorobenzene—l—c14 with potassium
amlde in liquid ammonia results in the formation of nearly

}
¢ ana aniline-2-¢t* (

equal amounts of aniline-1 20). The
displacement of chloride ion from chlorobenzene by carbanions
in the same system (3) should be investlgated using chloro-
benzened—(l11’L to see if a simlilar rearrangement occurs,

12, It is proposed that certain substituted bleycllc and
tricyclic dienes may be synthesized by the dehydration and
cyelization with sulfuric acid of substituted 1,4-dihydioxy-
2-butenes which are availlable by catalytic hydrogenation

(21) of the ccrresponding butynediols obtained by the conden-

sation of acetylene with ketones (22). An example would be
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the preparation of 5,6,7,8,8a,Ma-hexahydro-Z~methy1naphtha—

lené by the following reactions:

- CHj Hz Pd_ HzS Ha
C——C‘:—C’CHs -2 HLO
oH  OH

13. It woﬁld be desirable for undergraduate organic chem-
istry laboratory éourses to give the student practical
experience with a greater range of reactlons and compounds
than has hiltherto been possible. This might be accomplished
with economy in both time and materials by the use of simpli-
fied semimicro procedures for the preparation of 100~ to 500-
milligram quantities such as are currently used in qualitative

analysis (23).
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