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A B S T R A C T

Experimental investigations have shown that molten salt hydrate 
systems are highly acidic in nature, compared to strong mineral
acids. The accepted means of expressing this acidity is the Hammett
Acidity Function (H^) which can be measured spectrophotometrically.

Due to the experimental problems encountered in using this 
technique, we have proposed a rather novel approach to measuring the 
acidities of the^e systems by correlating the Hammett Acidity
Function with the H NMR chemical shift of hydrate melts.

Once the relative acidities of these hydrate melts had been 
established our next goal was to examine the chemical properties and 
reactivities of these molten salt hydrates by employing them as a 
synthetic medium for certain acid catalyzed organic reactions.

The primary reaction we wanted to focus upon was the acid 
catalyzed ester hydrolysis reaction. Also a preliminary
investigation was performed on nitration of aromatics in this 
medium.

The expected products were obtained along with a number of 
oxidation and nitration products which were confirmed by authentic 
samples that were independently synthesized. Also some controlled 
reactions were performed in which the individual products were 
introduced into the medium and its products analyzed in order to 
obtain a mechanistic route for the reaction.

The results of these reaction showed that molten salt hydrates 
are highly acidic with only a limited amount of free water 
available. They are also strong oxidizing agents and powerful 
nitrating agents.

x



ACIDIC AND CHEMICAL PROPERTIES

OF MOLTEN SALT HYDRATES



I N T R O D U C T I O N

In recent years there has been a growing interest in the

physical and chemical properties of molten salt hydrates.'*' These

quasi-fused salt systems are gaining technological importance due to

their high thermal stability, low vapor pressure, high electrical
2conductance, and their strong acidic properties. Much effort is 

being currently directed toward the use of molten salt hydrates in 

new electrometallurgical processes and development of the "molten 

salt reactor" in which the melt is used as a low internal resistance 

fuel element.^

It is our purpose to explore further the acidic nature of these 

molten salt hydrates and attempt to correlate the Hammett Acidity 

Function with the proton magnetic resonance spectra of these melt 

sytems. We have also examined the chemical properties and

reactivity of these hydrate melts by employing them in selected 

acid-catalyzed organic reactions.

2
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Theory of Acidity/Hammett Acidity Function

According to the classical ionization theory, the hydrogen ion

concentration represented the quantitative measure of acidity, and a
3non-ionized medium did not have acidic properties. However a

4series of papers by Hantzsch concluded that non-ionized solutions 

may be as acidic, or even more acidic than highly ionized aqueous 

solutions. This was based on the evidence that non-ionized mediums 

often produce the same effect upon indicators as do more 

concentrated solutions of acid in water. Also, the rate of 

decomposition of diazoacetic ester, which is an acid catalyzed 

reaction, is greater in the non-ionized solution.^

The importance of the dielectric constant of the medium when 

measuring the acidity was suggested by Bronsted."* He concluded that 

the measure of acidity should be the hydrogen-ion potential, which 

represents the work necessary to remove or add a hydrogen ion to a 

given system.

Closely related to this concept is the hydrogen-ion activity

which is an exponential function of the hydrogen-ion potential."*

Loosely "bound" protons give a high activity, whereas firmly "bound"

protons give a low activity. At infinite dilution the activity
3coefficients approach a value of one.

The hydrogen-ion activity of a weakly ionized acid is

independent of the dielectric constant of the medium, whereas the

hydrogen-ion activity of a highly ionized acid will be greater in

solvents with a low dielectric constant. This is demonstrated by

the extemely low solubility of salts in the solvents of low

dielectric constants, which is predicted by the interionic
3attraction theory of electrolytes.
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When the acidity of a solution is determined by means of a base

indicator, what is being measured is the tendency of the acid

present to transfer a hydrogen ion to a neutral organic indicator

base, converting it to a positive ion.B The base indicator is

defined as a non-ionized substance, capable of adding one hydrogen

ion per molecule without any complicating side reactions, and in

such a way that the extent of the reaction can be determined by a 
£

color change. The ionization equilibria of the indicator base is 

defined as:

B + H+ BH+ = [H+ ] [B]/[BH+ ]

where K is the conjugate acid dissociation constant. In a highly 
D r r r

concentrated or non-aqueous acidic medium the activity coefficients 

of the ions in solution cannot be neglected when determining the 

acidity of the medium.^

KBH+ “ aH+aB^aBH+ ~ fH+^H  ̂ ^
or

pKBH+ -lo8(fH+^H ^fB ̂ B ^ fBH+^BH ^

where a is the activity of X, f is the activity coefficient of X, 
A  A

and [X] is the molar concentration of X. The activity coefficients 

can be evaluated using the Debye-Hiickel Equation.^

The Hammett Acidity Function is defined as = -log h^ where 

h = [H+ ]f f /f which rather conveniently arranges all the
U  Jt t  £> J5 rrr

activity coefficients into one term. Each activity coefficient is

taken by convention to approach unity at infinite dilution in water

so that a becomes equal to [H+ ], then H becomes equal to the pH ri+ U
g

in ideal dilute aqueous solutions.
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pKgH+ = “log <[B]/[BH+ ]) - log ([H+ ]fH+fB/fBH+)

- - log ([B]/[BH+ ]) + HQ 

HQ = p l t ^  + log ([B]/[BH+ ] ) or Hq = p K g ^  - log C[BH+ ]/[B])

Therefore, one can obtain a working definition for the Hammett 

Acidity Function, in which the pK^ and the concentrations can be 

determined very precisely, which is by far more convenient and 

accurate than approximating activity coefficients.

Since we define the Hammett Acidity Function as:

H0 = _1°g h0 = ~log aH+^fB^fBH+^ 
then Hq is independent of a particular indicator used to measure

it. This follows from the fundamental assumption that the ratio

is the same for different bases in a given solution.^ Also
H  Kri-r

studies of several different strong acids gave almost identical
g

pKgp+ values for various indicators. This supports the fact that

Hq values are independent of the indicators used. (See Appendix I)

There has been an explict study of the temperature effects on
9Hq for aqueous solutions of some strong acids. The results 

indicate small but systematic changes in Hq relative to the acid 

concentration with increasing temperatures. A systematic study on 

the influence of added salts on the acidity function was carried out 

by Harbottle.^ The results demonstrated that there was a large 

increase in -Hq caused by the salt. Qualitatively an increase was 

expected since added salt should "salt out" the indicator causing 

the term f to increase thereby causing -Hq to increase by 

definition:
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-H0 = log [H+ ] + log (fH+/fBR+) + log fB

The term log (fu./fr,) should also increase due to increasedil+ Bri+

electrolytes.

In a similar study, Paul^ showed that in water Hq decreases

linearly with increasing concentration of neutral salt. The

magnitude of this effect was also explained on the basis of the

tendency to salt out the indicator instead of a real decrease in the

acidity of the solution. He attributed this salt effect for the

marked increase of -Hq over log [H+ ] with increasing concentration

of strong acid by itself, in the absence of added electrolyte.
12A study by Moiseev and Flid found that the effect of neutral 

salts on the acidity of aqueous solutions is independent of the 

nature of the salt.
13Bascombe and Bell stated that f will increase with acidB

concentration, but the observed changes in the Hq are to large to be

accounted for as a salting out effect. Moreover the salting out

effect will vary with the nature of the base and of the acid anion.

Therefore they concluded that it seems highly probable that the

increase in -Hq with acid concentration is attributable to an

increase in the ratio of ,/f-Dtr_i_» anc* this is due to theH + B H +

hydration of the hydrogen ion. In other words the existence of

or the H(H20)x+ species is adequate to account for most of the

increase in acidity, where the number of water molecules associated

with a hydrogen ion is called the hydration number.
14Wyatt also concluded that the hydration of ions is the most 

important factor in determining the large changes in the acidity

function and water activity in concentrated acid solutions. Wyatt



also showed that completely ionized acids (H^SO^, HCIO^, HC1 and 

HNO^) all have the same water activity at specific Hq values. From 

this the conclusion was drawn that the hydration equilibrium

constants are practically the same for all strong acids. (See

figure //l).

Dawber and Wyatt^3 later suggested that the difference between 

the for a weak acid and for a fully dissociated acid at the same

water activity was related to the extent of dissociation ( a ) of the 

weak acid by the equation:

^O^WEAK “ STRONG = l0g + a ^ 2 a ^

Nitric acid is a particular interest since its extent of

dissociation has been accurately determined over the whole range of

concentrations by Raman spectroscopy.^^ The agreement between the

calculated and observed Hq values supports the theory that the

equilibrium constants for the hydration reaction of Ĥ o"*" are the

same for all acid solutions.

A study by Critchfield and Johnson^ found that at a fixed 

concentration of hydrogen ion and neutral salt, the Hq of a solution 

is a linear function of the heat of solution of the dissolved salt, 

where each solution contains the same ionic concentration of salt = 

I (I = M(n/2); M = molarity, n = number of ions in the salt

molecule)

H q  = -log[H+ ] - 1(0.20 -+ 5 X lO-3 A Hg)
A Hg = heat of solution of the salt in kcal/g mole 

Therefore Hq is a function of the hydrogen ion concentration, ionic 

concentration of the salt, and heat of solution of the salt, but it 

is independent of the nature of the salt.



FIGURE # 1
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The decrease in upon addition of neutral salts to the acid 

solutions represents an increase in the acidity of the solution 

which is associated with an increase in hydrogen ion 

concentration.^ It is very probable that the hydrogen ion is made 

more "active" by losing waters of hydration. Salts with the highest 

positive heats of solution have a great affinity for water and

thereby tend to compete with the hydrogen ion for waters of
, J . 17hydration.

Acidic Nature of Metal Aquo Complexes and Molten Salt Hydrates

Metal ions in aqueous solutions interact strongly with the
18water molecules to form aquo complexes. The metal ion - water

interaction involves appreciable polarization of the water molecule

and this results in the electron charge clouds of the aquo ligands

being attracted toward the central metal ion. This in turn causes a

decrease in the electron density on the hydrogen atom allowing the
18metal aquo ion to behave as a Bronsted-Lowry Acid.

Restricted studies on the ZnCl^/H^O systems using Hammett
19indicators showed that some of these melts are highly acidic. 

Other studies have shown that mixtures of AlCNO^)^* 1 0 ^ 0  and

AlCl^ • lOH^O dissolve noble metals more rapidly than boiling aqua
. 20 regia.

However, the measured pK^ values of metal aquo complexes are

usually greater than that of mineral acids by several orders of 
19magnitude. This is surprising since one would expect a

3+positively charged species such as A1 would be more liable to 

release protons than would a neutral oxy acid such as HNO^, but the



measured pK^ values are 4.97 and -1.27, respectively.

10

19

An alternative way to express the acidity of the metal aquo
18complex is the Optical Basicity Scale. This method assumes that

the acidity of the medium depends upon the state of the anion after
• 4 21 dissociation of one or more protons.

HB + H20 H30+ + B~

If the affinity of the anion, B , for protons is greater than that

of H20, then HB will be a weak acid, whereas if it is less, then HB

will be a strong acid. Therefore an important factor influencing
22acid strength is anion basicity.

The dissociation equilibrium of the acid HB involves 

competition between the resulting anion and water molecules for the 

proton. Therefore the difference between the optical basicity of

the anion, an<̂  that of water, A re^ate^ to the acid
L 21 strength.

Therefore, the attraction that the anion has for regaining its

proton depends upon its basicity or electron donating ability, and

this can be expressed in numerical terms as optical basicity.^

This may be regarded as a means of quantifying Lewis basicity.
21Thus, anions with a high optical basicity are weak acids.

B“ + H 0+ ----- * HB + H20

Whereas a strong acid readily dissociates to give a weak base with a

low affinity for protons.

HB + H20 --- > H30+ + B~

Examination of the experimental optical basicity values for a

wide range of oxidic materials has revealed that it is possible to
23assign basicity moderating parameters Y to certain elements.
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This parameter expresses the influence that the central atom has

upon the electron donating power of oxygen. It expresses the

ability of the central atom to contract the electron cloud of the 
22oxygen atom. The general equation for optical basicity is

expressed as:

X B = +  f r ( ' - i )

Where L  is calculated for the conjugate base of the metal aquo a

complex: [M(H20)3(0H)](X_1)+ or [M(M20)5 (0H>] (X" 1)+

n = number of protons in the conjugate base of the metal aquo

complex

z = number of oxygen molecules in the conjugate base of the metal 

aquo complex

y = basicity - moderating parameter for hydrogen = 2.50 

= basicity - moderating parameter for the aquometal ion 

M = aquometal ion with an oxidation number m

The basicity - moderating parameters are closely related to Pauling 

electronegativity, x, by the equation: Y = 1»36 (X-0.26).

Finally the pK^ values for the metal aquo complex can be predicted 

using the following equation: pK + 1.74 = 5.83 ( A - o.40).
A 15

Optical Basicity calculation applied to the metal aquo

complexes predicted pK^ values that are very much more negative than
18 3+those determined experimentally. These results showed that A1

melts have acidities comparable to strong mineral acids such as

HN03. (See Table #1)

The reason for the large difference between experimental pK

values and those predicted by optical basicity calculations, which



TABLE # 1
12

Experimental and Predicted pK Values of Aquometal Ionsa

four- six-
coordination coordination

metal ion 7m P *aC P *aC P V
Ca2+ 1.00 12.85 0.475 2.6 0.45 1.2
Mg2+ 1.28 11.44 0.42 -0 .6 0.41 ~1.2
Zn2+ 1.82 8.96 • 0.36 -4 .1 0.375 -3 .2
A l3+ 1.65 4.97 0.33 -5 .8 0.35 -4.7
Li+ 1.00 0.475 2.6 0.45 1.2
Na+
H N 0 3

0.87
-1 .2 7 d

0.49 3.7 0.46 1.9

a Experimental value from data obtained for dilute aqueous 
solutions (C. F. Baes and R. E. Mesmer, “Hydrolysis of Cations”, 
Wiley-Interscience, New York, N.Y.. 1976). b A is calculated for 
the conjugate base [M (H J0 ) 3(0H)]<n_,)-'- or [M (H aO )5(OH)]<"-■>• 
from eq 3. c Predicted pK& values are obtained from eq 2. d \ 
for N 0 3" is 0.39 and hence the predicted pKA is —2.3. »

(adapted from reference # 1 8 )
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amounts to 10-12 pK units, probably arises from outer-sphere

hydration or hydrogen bonding which the metal aquo complex
18experiences in aqueous solution. Thus it would be expected that

concentrated solutions of metal salts having a sufficiently low

water to metal ratio to minimize outer-sphere hydration would show
19an increase m  acidity.

Experimental evidence shows that typical strong acids such as

HC1 or H^SO^ exhibit a large increase in their protonating power as

their aqueous solutions become more concentrated. This is in

contrast with weak acids such as Acetic Acid where there is very

little increase.

The Hammett acidity function showed that in dilute solution the
18Z n C ^ / ^ O  system behaves as a weak acid. This low acidity of the

metal aquo ion in dilute solution can be attributed to the

attenuating effects of water molecules outside the hydration
19sphere. As the water content decreases, minimizing outer-sphere

hydration, the protonating power of the metal salts increased

rapidly. This indicates that when the metal aquo complex is rid of
18outer sphere water molecules, it becomes a very strong acid. (See 

fig #2 and #3.)

Due to these facts there has been much interest in concentrated

electrolyte solutions in which the water content is insufficient to
24satisfy more than the first coordination sphere of the ions. Such

25systems have been termed as "hydrate melts." Particular interest 

has arisen from the studies of molten salt hydrates containing
2 1 o j o |

multivalent cations such as Mg . Zn , and Ca which bind water 
25-31strongly. These melts are considered fused salts of large



FIGURE # 2
14

Trend in the Hammett Acidity Function, H Q , with molarity 
for aqueous solutions of : (a) ZnCl^ (b) HC1 (c)
(d) E 3P01| (e) CH3C02H
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2 | o| 2 5 - 2 7hydrated multivalent cations such as Ca(H_0). or Mg(Ho0),2 4 2 6
Many of these molten salt hydrates are liquids at low

temperatures which is very unusual for solutions of their ionic 
2strength. In effect they are highly concentrated ionic liquids

19with a low l^O to metal ratio.

Molten salt hydrates readily dissolve weak organic bases and

their protonating power is so great the acidity is measurable only
18on the Hammett acidity scale , where the Hammett acidity function

is defined as: HQ = pKgH+ + log ([B]/[BH+ ])

Since there is a linear relationship between concentration and

absorbance, the ratio of base to conjugate acid in the molten salt

hydrate is taken as where is the experimental absorbance

of the base and t îe difference between the experimental
18absorbance of the diluted solution and Ag.

However, extensive use of organic indicators is limited due to

decomposition reactions, especially oxidation, of the indicator.

These decomposition reactions can be eliminated to an extent by

mixing the acidic metal hydrates with CaCNO^^ * 4 ^ 0  to form

supercooled melts which remain liquids at room temperature for
32extended periods of time.

Molten CaCNOg)^ * AH^O does not protonate any of the base

indicators to a measurable extent. However, additions of even small

amounts of HNO^ causes a large increase in acidity. For example, a

mixture of 0.047 mole % HNO^ in CaCNO^^* 4 ^ 0  (which is 0.0035M) has

Hq = -0.62. This is comparable in acidity to 2M HNO^ in aqueous
32solution.
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32Experimental results of Schiavelli and Ingram show that the 

addition of various mole % of HNO^, Al(NO^)^’ 911^0, and CdCNO^^' 

to the "solvent" Ca(N0 ^)2 * gives a linear relationship between

H q and the log of the mole % of solute (See figure #4)

Extrapolation of this data gives a = -2.1 for pure

A1(N0^)^ 911^0 which correlates very well with a value of = -2.3
1 33predicted by H NMR results of the pure melt. This confirms the

expectations that "̂H NMR shift and protonation of organic indicators
18 19 22respond very similarly to changes in proton acidity. * *

NMR Studies of Concentrated Electrolyte

Solutions and Molten Salt Hydrates

A variety of experimental and theoretical studies have shown

the dependence of nuclear magnetic resonance absorbance frequencies
33™ 36upon the electronic environment of the nucleus.

In aqueous acid and electrolyte solutions the position of the

proton magnetic resonance shift was found to be dependent upon the

concentration of the solution and the extent of dissociation of the

electrolytes in solution. Since fast chemical exchange averages the

chemical shift of the proton over the different chemical species,
37the proton resonance was a singlet in these solutions.

Experimental evidence shows that in concentrated solutions of

HNO^, HCIO^, and H^SO^ there is incomplete dissociation resulting in

a variety of interactions between acid anions and protons which is

evidenced by increasing deviations from linearity of the plot of
+ 376 vs mole fraction of protons present as H^O . (See figure #5.)
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38Quantitative studies regarding the incomplete dissociation

of Nitric Acid, concluded the deviations are due to the presence of

nitrate and hydrogen ions at the lower range and nitrate and

nitronium ions at the upper range.

The observed resonance shift (S or 6 ) is shown as a function of

the quantity p were p = 3x/(2-x) and x is the stoichiometric mole

fraction of acid. Therefore, the quantity p is the stoichiometric

or apparent mole fraction of the hydrogen in H^O , on a total 
37 38hydrogen basis. * (See figure #6.)

39-44Several pmr studies have shown that the addition of

electrolytes to water induce a displacement of the water proton

magnetic resonance signal and that the magnitude and direction of

displacement depends on the concentration and nature of the
39electrolyte ion. Hindman has postulated that upfield shifts are

caused by disruption of the bulk water hydration bonds in forming

primary and secondary hydration spheres, and the downfield shifts

are due to polarization and proton deshielding of water in the

primary ionic hydration spheres and to non-electrostatic

interactions between molecules and polarizable non-inert gas

configuration cations.

In the hydrate melts there are no bulk water structures or any

non-inert gas configuration cations. Therefore, the changes in the

position of the water proton magnetic resonance signal with changes

in the melts cationic composition can be ascribed to changes in the

extent of proton deshielding due to cationic polarization of the
24water molecule.

39Hindman also suggested that the efficiency of the cation in
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inducing polarization and deshielding in a water molecule bound

in the primary hydration layer, increases with increasing charge to
2radius-squared ratio (z/r ) of the cation, if the bound water

molecule exhibits a constant orientation with respect to the cation.

Consequently the transfer of water molecules from one cation to 
2another of larger z/r , in a hydrate melt, is expected to cause a

24downfield shift in the water proton resonance. For example, the

addition of a comparatively small concentration of M g C N O ^ ^ ’ to

CaCNO^^ • 4 ^ 0  produces a relatively large downfield shift of the
2water proton resonance signal since the much larger z/r ratio of 

2+Mg favors both its selective hydration and proton deshielding when
o j 2 1 2

Mg is permitted to compete with Ca for available water.
45Later studies by Hester and Ellis have shown that the 

chemical shift was not simply a function of the ionic potentials of
2 1 o [ 2 jthe cations. The three metal ions studied, Mg , Zn , and Ca

ohave ionic radii of 0.65, 0.74, and 0.99 A respectively. The molten

nitrate melt containing 4 H^O per mole, gave shifts in the order of 
2+ 2+ 2+Zn >Mg >Ca (increasing downfield shifts relative to TMA ion).

In addition the observed chemical shift was found to depend
2+strongly on the nature of the anion present. Results show Mg with

4 ^ 0  has shifts in order of OAc ^NO^ >010^ (See table #2.)

Although the anion binds water less strongly than a cation, the

effect of the anion binding on the magnetic screening of the water
45molecule can have a pronounced effect on the pmr spectra.

Anion binding of water must occur directly through the protons,
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W a te r  chem ica l sh ifts , 5 (dow nfield  from  tc lra m c th y l-  
am m o n iu m  io n ), fro m  aqueous m olten salts a t  95 °

5 ( ± 0 02) S(±l)System (p.p.m.) (c./scc.)
Zn(N0 ,),.G-3II,0 ...........  2 1 6 130ZnfNOjJj.G-OHjO   2-22 133Zn(N0 a)I.3-5H ,0   2-40 144Ms(NOJ)1.Zn(NOa)J,7-71-1,0 ....  2 05 123Mg(X0 a).1G-2H ,0 ...........  1-93 116MgfNOjj'.S-lirjO ...........  1-95 117Mg{ClO3),.G0H 1O ...........  1-63 98MgfCTOj^.S-oHjO ...........  1-C2 97Mg(C103)„4-511,0 ...........  1-60 96Mg(OAc),.4-OHtO .............  2-16 130C-ifXOJ.MH.O .............  1-28 77 "

(adapted from reference § A5)
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while cation binding is associated primarily with the oxygen atom.

Therefore the transmission of the polarizing field effect of the

cation must pass through the 0-H chemical bond to affect the

protons. Therefore it seems reasonable to describe aqueous molten

salts in terms of extensively disordered lattice structures, wherby

water molecules are polarized between anions and cations, feeling
45the effects of both simultaneously.

Increasing temperatures causes a linear upfield shift of the
- 3water proton resonance in CaCNOg)^* magnitude of 4.0 X 10

3 0 2 A— 0.5 X 10 ppm/deg C . This may be compared with the

temperature coefficient of 6 reported for pure water which is
“3 O 41 44 469.5 - 10.2 X 10 ppm/deg C . * * The upfield shift of the

proton resonance with increasing temperature in pure 1^0 has
47generally been attributed to a decrease in hydrogen bonding.

One explanation for the water molecule in the primary hydration

sphere of the cation contributing to the temperature dependence of

the water proton chemical shift, is that the water molecule - metal

ion orientation of minimum potential energy in a hydrated species is
39also the orientation which effects maximum proton deshielding.

This is probably the orientation in which the axis of the oxygen-

cation bond bisects the H-O-H angle in the water molecule. As the

temperature is increased the thermal energy of the water molecule

permits increasing deviations of the average H^O-ion orientation

from that of minimum potential energy and hence observed upfield
39shifts of the water resonance.

25It has been proposed by Angell that molten salt hydrates such
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as alkaline earth nitrates are somewhat similar to very concentrated 

electrolyte solutions, and in these melts all the water molecules 

are bound in the inner-sphere coordination sites around the 

multivalent metal ion.
48Vibrational spectroscopic studies , on the other hand, have 

proposed that the nitrate ion competes effectively with water

molecules for inner-sphere coordination sites around the metal ion
48 49in concentrated aqueous solutions and in molten salt hydrates.

45Hester and Ellis applied this information as a possible

explanation for the temperature dependence of the water protons NMR

chemical shift in the molten salt hydrate system. The displacement

reaction which is temperature dependent,

[M(H20)N 12+ + n o 3” ■! - * [m (h 2o )n_ 1n o 3 11+ + h 2o

liberates the water molecule as the temperature rises. The water

protons become more shielded as they move outside the primary

hydration sphere of the positively charged metal ion center. These

results were consistent with vapor pressure measurements made by

Trip and Braunstein.^

An alternative explanation has been suggested by studying

systems in which the acidic metal hydrate is mixed with
2Ca(N0^)2 • 4 H 2 O to form a supercooled melt. There is much interest

in Ca(N0 ^)2 * 4 ^ 0  systems which stem from the fact that they may be

considered an ideal quasi-fused salt. PMR, conductance, and density

studies indicate that virtually all the waters of hydration are
2+retained in the coordination sphere of the polarizing Ca ion.

The results of pmr measurements of CaCNO^^* 4H20/Cd(NC>3)2* 4 ^ 0  

melts with respect to the internal standard TMA ion, gives one
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proton peak due to the rapid water molecule and/or proton exchange
2+ 24-in the hydration spheres of Ca and Cd . Since the water/total

cation ratio is constant in these melts, the plot of the chemical

shift vs composition is linear which indicates that the two ions are
2equally hydrated. (See figure #7»)

If free water exists in the nitrate ion environment, as
45suggested by Hester and Ellis , then one would expect to have a

proton chemical shift similar to that found in or (CH^)^NNO^
24solutions. However, earlier results showed that in concentrated

KNO^ or (CH^)^NNO^ solutions, the water proton resonance occurs well

upfield from that of CaCNO^)^* 4 H 2 O.

Hence the production of "free" water in these melts would have

resulted in a concentration induced change in 6 opposite to those

found or at least cause a departure from linearity of the plot of 6
2vs cation fraction.

In summary a number of possible sources of the upfield shift

with increases in temperature for such hydrate melts have been
 ̂ , 24,45,51 suggested:

(1) Weakening or breaking of hydrogen bonds between anions
45and the water molecules in the cation hydration sheath.

(2) Changes in the relative configuration of the waters of
24the hydrated cationic entity itself.

(3) Changes in the magnetic anisotropic effects due to the
51,52on-set of rotation of asymetric anions.

(4) A temperature dependent equilibrium involving anion-
45water exchange in the primary hydration sheaths of the cation.
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Detailed considerations of each of these effects by Malinowski 
53and Knapp lead to the conclusion that only effect #1 is

sufficiently general to account for this observed behavior. In this

case a correlation should exist between the magnitude of the

temperature dependence of <5 and the hydrogen bond-strength
53indicating a pKa value for the anion.

One of the more interesting findings in these pmr studies was
20the magnitude of the downfield shift for Al(N0^)y lOH^O solutions. 

Unlike their behavior in dilute solution, aluminum salts in ultra­

concentrated solutions do not hydrolyze to yield insoluble basic

products. This may be because there is no bulk solvent present from
20which basic products could precipitate.

Under high concentration conditions, the Al-l^O interactions

responsible for hydrolysis in dilute solution, produce solutions in

which the protons on the water molecules are very loosely bound.

This is reflected in the value of 6 which is greater than HNO^ with
20the same number of moles of water/moles of salt.

3+This is partly because the A1 ion is in direct contact with

six of ten 1^0 molecules present, whereas HNO^ transfers its proton

primarily to a single H^O molecule leaving nine relatively

unaffected which averages the signal to a more upfield value.

Nevertheless highly concentrated solutions of Al(NO^)^ and related
20salts must be regarded as a class of strong protonic acids.

Values of the proton chemical shifts in dilute aqueous 

solutions have been studied and the results analyzed in terms of 

proton deshielding due to polarization of the oxygen by adjacent 

cations, and the attraction for water protons exercised by anions of
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differing basicity.^ Ellis and Hester^ demonstrated that anion

effects act to deshield the protons due to a particular orientation

of the water molecule in the strong cation field.

A correlation of the anion deshielding effect with known

physical constants may be attempted by recognizing the relation

between the proton transfer process and that which determines the
54strength of a weak acid. Studies by Gurney have shown that the

pKa value attributed to a given acid is related to the electrical

work of proton transfer from the anion in question to a particular

reference energy state. Since the displacement away from the

oxygen implies a deshielding of the proton, hence a downfield shift

in 6 , 6  for solutions of a given cation should move downfield with
54increasing anion pKa.

The plot of the downfield shift vs experimental pKa values of

the metal aquo ions makes it apparent that the deshielding effects
2+ 2+caused by cations such as Mg or Zn is fairly similar to that of

Nitric Acid (see figure #8). However the extent to which the point

for Nitric Acid lies off the line indicates the inadequacy of pKa
20values measured for metal ions in dilute solutions. These pKa 

values for metal aquo ions are far too positive to do justice to the 

acidic properties. The predicted pKa values obtained from optical 

basicity calculations seem to be a better indication of the true 

acidity of the salt hydrates, in that the pKa values of the metal

aquo ions correspond with that of hNO^ which was predicted by
1 1 RH NMR data.

A study done by Zarakhani and Vinnik‘S  demonstrated that the

chemical shifts of proton magnetic resonance in acids depends
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directly on the concentration of the acid. The chemical shift <5 H
values were compared directly with the Hammett Acidity Function 

data for some strong acids and the relationship was found to be 

linear (see figure #9 ).

Since HC1, H^SO^, HCIO^, and HNO3 are a -̂most completely 

dissociated in dilute solutions, this study further investigated a 

possible relationship between the chemical shift and the hydrogen 

ion activity. The acidity of the medium can be described by the 

equation:

h0 ” aH+^fB^fBH+^ = ^aH30+^aH 2 0 ^ fB^fBH+^
It was postulated that with changes in the acidity of the medium

fg/^bh+ chang*s much less than ajj3 Q+ * It: was shown that the

dependence of j ^ on log afl3 Q-|_(fb^bH+^ a ^^near relationship
(see figure #10). The varience in the slopes for different acids

was attributed to the influence of the anions.

Therefore it was concluded that the observed chemical shifts of

the proton magnetic resonance in aqueous acid solutions

characterizes the hydrogen ion activity of the solvated protons.
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In the next phase of this research project we wanted to focus 

on the chemical properties and reactivity of these molten salt 

hydrates by employing them in selected acid catalyzed reactions in 

order to evaluate their usefulness as a synthetic medium for 

performing organic chemistry.

The primary reaction we wanted to concentrate on was the acid 

catalyzed ester hydrolysis reaction. By studying the kinetics of 

this reaction we felt we could obtain some valuable information and 

insight into the chemical nature of these hydrate melts.

We also wanted to examine the potential that this medium may 

possess for nitrating aromatic compounds.
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Ester Hydrolysis Reaction 

Esters react with water to yield the corresponding carboxylic 

acid and alcohol The reaction is generally slow but is strongly 

catalyzed by either acid or base."*^

The acid-catalyzed esterification reaction is an equilibrium 

process but practically can be driven to completion using a large 

excess of water. The probable mechanism under acid-catalyzed 

conditions involves the following steps:

O * 0 H  9 H

c  f o s t  c S*
\) C H ^  ' 0 - C H 3 +  H Z = r  C H f  ^ 0 - C H 3 -  C H ^  O — c h 3

OH
O H
£ + Slow

2) CH  ̂ ^ n - C H 3 +  H 20  " C H g - C  — O — CHg

OH2

O H  ,  O HI fast | +
3 )  C H , —C —O — C H ,    C H - C - O - C a3 | 3 3 j ]

♦ o h 2 h o  h

OH

4 )  C H — C — O — C H . !  ° W_ :  C H ^  vO H  +  C H  — O H3 | | 3 J
H O  h

•OH
II
c

5 )  CH:

OH

I
‘O H

fast

O
II
C

CH: O H  +  H
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Even though the carbonyl double bond is polarized, water is not

a sufficiently strong nucleophile to add to it at a reasonable

rate. Furthermore, addition of water to methyl acetate would

produce an intermediate bearing both a positive and negative

charge. Since charge separation requires electronic energy, this
56type of addition is exceptionally slow.

In the presence of mineral acids, the ester may be protonated,

which makes the species much more electrophilic and reacts much

faster with the weak nucleophile, water, than does the unprotonated
56ester, also the addition involves no charge separation.

A Saponification reaction or base-catalyzed ester hydrolysis

has the following probable mechanism:
0

:0-

1) C H <  x 0 - C H 3 +  O H '  - C H  — C —  0  —  CH.
I
OH

O
•O'-

2 )  C H , - C - 0 - C H ,  -  C H ,  O H  +  C H 3—  Q:

O H

0  
ti
C C

?
3) C H ^  ' 'O H  +  C H3- p r  ----------- - C H3 ' ' 0 ;_ +  C H3- 0 H

In aqueous base, two nucleophiles are present, H^O and OH .

Since OH is a much stronger nucleophile than H^O, it adds much more

rapidly to the carbonyl carbon. After the addition has taken place,

elimination of either the nucleophile, reversing the initial
56addition, or the methoxide ion, giving acetic acid, may occur.
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Since acetic acid is a weak acid and the methoxide ion is a

strong base, a rapid acid-base reaction then occurs, yielding

acetate ion and methanol. Because of the great difference in

acidity between acetic acid (pKa^5) and methanol (pKa— ’ 16), this

last step is essentially irreversible.”*̂

In ester hydrolysis one extra complication is introduced

because the cleavage of either of two bonds leads to the same 
57product.

Acyl-Oxygen Cleavage:

R‘
O
II
C O— R + HgO sOH + HOR"

Alky l-Oxy gen Cleavage:
O  
II
O— R + Hs;0

O
.1R^^OH + HOR'

The occurence of acyl-oxygen on alkyl-oxygen cleavage may be determined 
by isotopic labeling*^ and by stereochemical methods. ^

? ?v
R - S > - R -  +  h 2'’o  r - c ' o 1 h ̂ c leavage  

O (j)

R - 5 w  +  h , - o

+ R-OH

, 18+ R—  OH
o oII a II
0. /  h acyl-oxygen /

° ~ C'Oc +  H2 °  c le a v ag e  "  «  ° - H +  H 0 - C , - f b of conf.g.
P retention

'✓C

OI!
.c a

FT" + H20 cleavage

0II
alkyl-oxygen

0 — H .. _ * racem ization
H O —C ^ of config.
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Ingold^ has classified the acid -and base- catalyzed 

hydrolysis of esters into eight possible mechanisms, depending on 

the following conditions:

(1) Acid or base catalyzed.

(2) Unimolecular or bimolecular.

(3) Acyl or alkyl cleavage.

All eight of these are S..1, S_T2 , or tetrahedral mechanisms. Of theN N
eight only six have actually been observed in the hydrolysis of 

carboxylic esters.

The two most common ester hydrolysis mechanisms are A 2 (acid-AL.
catalyzed, acyl-oxygen cleavage, bimolecular) and (base-

catalyzed, acyl-oxygen cleavage, bimolecular).^ (See figure #ll.)

Aa q I mechanism involving the acyl-oxygen cleavage are rare,

being found only when R is very bulky, so bimolecular attack is

sterically hindered, and then only in ionizing solvents. The

mechanism has yet to be observed.

The mechanisms involving alkyl-oxygen cleavage are ordinarily

S^l and S^2 mechanisms in which OCOR (acyloxy group) or its

conjugate acid is the leaving group. Two of these mechanisms B ^ l

and occur readily when R' comes off as a stable carbonium ion,

such as when R' is a tertiary alkyl, allyl, benzyl, etc. The B ^ 2
61mechanism is very rare and A ^ 2  has Yet to be observed.

62Bunnett proposed a criterion for distinguishing A-l and A-2 

hydrolysis mechanisms, which is applicable to the ester hydrolysis 

reaction. The Bunnett equation states:

lo8 KOBS + H0 = W 108 aH20 + c
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It was shown that for a large number of organic reactions the

plot of log K -f Hn is linear with respect to the log auon of theU HZu

reaction medium. The slopes of these plots (W) vary over a wide

range, and on the basis of comparison with reactions of known

mechanisms, it is possible to group ester hydrolysis reactions into

four types according to the magnitude of the W parameter and the
6 2role of water in the rate determining step.

The theoretical interpretation of W is that it is a measure of

the transition-state hydration requirements on a scale relative to

the difference in hydration changes between protonating a substrate
63molecule and a Hammett indicator base.

The Bunnett treatment has been modified by Yates and his co- 
64workers in an attempt to minimize the extent of the necessary

approximations and to simplify the interpretation of observed water 

activity dependence.

log K + M HQ = r log aH20 + C 

Where M is a constant (0.62) to correct the scale. The water 

activity dependence r corresponds closely to the number of water 

molecules required to convert a protonated substrate to the 

transition state, or the approximate "order” of the reaction in 

water. Therefore, the values of r obtained in different acid

regions can reasonably be interpreted in terms of hydrolysis
v • 63mechanisms.

Regions where r=2 corresponds to hydrolysis by the ^^,2 

mechanism. Areas where r becomes negative but is fairly close to 

zero (r=-0.2) corresponds to the A 1 mechanism. Water is 

essentially not involved in the rate determining step, hence the
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water activity dependence is effectively zero.^ Regions where r is

negative but significantly less than zero (r=-0.5) corresponds to a

unimolecular fission of the protonated ester by the A 1 mechanism.

The strongly negative water activity dependence indicates water is

actually being released in the rate determining step, which is

reasonable for a strongly hydrated ester conjugate acid being

converted to a weakly hydrated carbonium ion.^“*

As proposed by Bunnett and reaffirmed by Yates, there are four

different types of ester hydrolyses as predicted by rate-acidity 
63profiles.

Type I is characterized by an initial steady increase in rate

with acid concentration, passing through a local maximum at 50-60%

f^SO^ followed by a rate decrease almost to zero, then a final

modest increase in highly concentrated (> 90%) acid. This behavior
6 3is typical of primary alkyl acetates.

Type II is similar except that the rate maximum occurs at a

significantly lower value of k, whereas the final rate increase

occurs much earlier, is much sharper, and is strongly structure

dependent. The behavior has been found to be typical of secondary
63alkyl, benzyl, and allyl acetates.

Type III shows no observable rate maximum, although the rate 

increases in moderately concentrated acid regions in a fashion 

similar to Type I and II. However the rates continue to increase 

until they are too fast to follow by conventional methods by about 

70% H^SO^. This behavior has been found for vinyl and substituted 

phenyl acetates.^
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Type IV resembles the previous cases in that there is only a

monotonic rate increase with acidity, but it is much sharper, and

extremely rapid even in dilute acids. This behavior is found only
63for t-butyl and p-methoxy benzyl acetate. (See figure #12 and

13. )

The early rate maxima for type I and II esters are easily
6 3understood in terms of the normal A^,2 mechanism. At about 60%

H~S0. further increases in concentration of the reactive ester 2 4
conjugate acid, brought about by increasing acidity, are more than

offset by the rapidly decreasing availability of water required for

the bimolecular hydrolysis step. The final rate increase in still

more concentrated acids where extreme^y small, suggests a
63gradual transition to an A1 process. Confirmation of this was

18obtained from exchange studies on 0-labeled esters of type I and

II at various acidities.^

Hydrolysis of primary esters change from a predominant A^-,2

mechanism below 90% H„S0. to the A._l mechanism in more concentrated2 4 AC
acids where the acylium ion is generated. The secondary, benzyl,

and allyl esters change from the A^_,2 to the A ^ l  mechanism. This

is consistent with the fact that their rate profiles are more

structure dependent. The acidity at which the final sharp rate

increase occurs/corresponds roughly to the order of the stability of
63the carbonium ion being generated in the A 1 process.

AJ-j

It seems reasonable that type III esters undergo changs in 

mechanism at higher acidities. Assuming that vinyl and phenyl 

acetates are also initially hydrolyzed by the A^,2 process, the fact 

that their rates continue to increase even more sharply even when
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T y p i c a l  rate p r o f i l e s  for a cetate h y d r o l y s i s :  type I,

p r i m a r y  alkyl acetates; II, s e c o n d a r y  alkyl, benzyl, and 

allyl acetates; III, v i n y 1 , p h e n y 1, and s u b s t i t u t e d  phenyl 

acetates; IV, t-butyl, and p - m e t h o x y b e n z y 1 acetate.
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Typical rate - acidity dependence for primary, secondary, tertiary, 

benzyl, and phenyl acetate hydrolysis.
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aH20 becomes extremly small cannot be explained by the A^,2 process

over the whole acid range. Of the two possible alternative

mechanisms, can ru^es out since phenyl carbonium ions are

very unlikely. Therefore the mechanism apparently changes to the

A ^ l  process. This is consistent with the fact that the observed

order of reactivity of substituted phenyl acetates in the 0-5% acid
6 3region is exactly reversed in more concentrated acids.

Of the remaining esters, tert-butyl acetate probably reacts by
67the mechanism over the whole acidity range. Bunt on and Wood

18have demonstratd by O-exchange studies that t-butyl acetate

undergoes the Alkyl-oxygen fission in the dilute and moderately

concentrated acid regions.

Unlike the other benzyl acetates, p-methoxybenzyl acetate

resembles t-butyl acetate closely in its rate profile, suggesting

that the stability of the p-methoxy benzyl cation is sufficient to

give rise to the A ^ l  hydrolysis mechanism. However in dilute acids 
180-tracer studies show that initially the hydrolysis has a large

63A ^ 2  component, much like other benzyl esters.

Of the various kinetic treatments used for proposing mechanisms

of acid-catalyzed ester hydrolysis reactions such as the Bunnett
6 2hydration parameter treatment and the Yates modification or 

r-parameter treatment^"*, these all require assumptions leading to 

the cancellation of important activity coefficient terms. Also they 

depend heavily upon the Hammett acidity function and linear 

logarithmic relationships.^

A simpler treatment has been proposed which is based on the 

transition-state theory, which uses the hydronium ion activities
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directly. This approach does not involve any assumptions concerning

acidity functions, water activity, or hydration parameters. There

is no cancellation of activity coefficient ratios and it is not
69dependent on linear logarithmic relationships.

The activity coefficient f*s~ can be determined by the 

equation:

log f*s~ - log kQ = log aH* - log k + log f - log KSR+

Where k is the rate constant for the slow step, K , t îeU SH+
dissociation constant for the protonated substrate, fg is the

substrate activity coefficient, k is the observed pseudo-first
68order rate constant, and a * is the proton activity. TheH

parameters a *, k , and fc can be experimentally determined. Since H b

the log f*s~ must approach zero in dilute acid solutions, a plot of

log (^s^/k^) vs acid concentration gives a value of -log k^ as the

intercept. Therefore it is possible to estimate medium variations

of the transition state activity coefficient for any acid-catalyzed 
68reaction.

The behavior of log f*s~ as a function of some parameter of the 

reaction medium such as acid concentration or water activity, 

should then reflect the solvation requirements or characteristics of 

the transition state. This behavior can be interpreted in terms of 

possible transition-state structures, and thus provide important 

mechanistic information.^

According to the A2 mechanism, nucleophilic attack by water 

results in the rate-determining formation of the tetrahedral 

intermediate. In the alternative A1 mechanism the unimolecular 

cleavage of either the acyl-oxygen (A^,l) or alky-oxygen (A^l)
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bond occurs, and the intermediate acylium or carbonium ion is formed
68in the rate determining step.

In the case of the bimolecular mechanism A 2 , the intermediate 

and/or transition state has the character of an oxonium ion, with a 

carbon bound to three oxygen atoms, which is a structure with a high 

demand for hydration (hydrogen bonding) stabilization. On the other 

hand, both A1 pathways produce intermediates of carbonium ion 

character, systems of low hydration requirements. Consequently, 

activity coefficients of the A2 and Al-type transition states, 

considered as a measure of the free energy of transfer of a species 

from pure water to a given aqueous acid, would be expected to

exhibit significant differences in their response to the change in
£ . . 68 composition of the reaction medium.

For the oxonium ion-like A2 transition state, a decrease in the

availability of water results in destabilization of the system, a

"salting-out" effect which causes a rapid increase in the log f*s~

value. The activated complex characterizing the A1 hydrolysis

pathway, lacking sites for specific hydrogen-bonding interactions,

shows much lower sensitivity to the changes in the medium
68composition, and therefore a weaker "salting-out" effect.

F or most acetates a common pattern of behavior is observed in 

dilute acid regions, that is a pronounced salting-out effect on 

f*s~, characteristic of the mechanism, due to the rapid

increase of the relative free energy of the oxonium ion-like state 

as a consequence of the removal of water from the reaction medium. 

At some acidity, dependent upon the ester structure, a smaller 

salting out effect on f*s~ is observed. This is interpreted as
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mechanistic change to the A1 pathway. The A 1 mechanism is

characterized by the rate determining unimolecular formation of an

acylium ion. This pathway is often seen for more sterically

hindered substrates, where the A2 mechanism with the tetrahedral

intermediate causes steric strain at the reaction center. The

other A1 mechanism, ^ ^ 1  » is characterized by the formation of the
68carbonium ion formed in the rate-determining step.

Aromatic Nitration Reactions

Most aromatic compounds, whether of high or low reactivity, can

be nitrated, because of the wide variety of nitrating agents that

are available. For benzene, simple alkylbenzenes, and other less

reactive compounds, the most common nitrating agent is a mixture of

concentrated nitric and sulfuric acid.^

In this mixture an equilibrium is established in which many

species are present, one of which is the nitronium ion, Raman

spectra of HNO^ in aqueous H^SO^ solutions shows that above 92%

H_SO. over 90% of HN0_ is ionized to the nitronium i o n . ^  In the 2 4 3
mixture, an acid-base reaction takes place in which H^SO^ acts as an 

acid and HNO^ acts as a base.~*^
+ —(1) H2S04 + H0N02 * H20N02 + HS04

(2) Ho0N0o + H oS0. ---- Ho0+ + N O *  + H S 0 ~2 2 2 4 3 2 4
In concerated HNO^ alone, a similar acid - base reaction can 

occur in which one molecule of HNO^ acts as an acid and the other 

acts as a base.

2 HN03 4 — — f  N02+ + N03” + H20
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The structure of the nitronium ion is known from spectroscopic

measurements. The molecule is linear, and is a powerful

electrophilic reagent. It reacts directly with benzene to give a
56pentadienyl cation intermediate.

o V 0 'N(XN0
H

- H // \ NO,

Since the nitro group is deactivating, subsequent nitration

reactions are slower once one group has entered the ring. The nitro

group is an important functional group in aromatic chemistry because

it can be converted easily to other functional groups. The

nitration reaction thus provides a route to many substituted

aromatic compounds.

There has been some limited use of molten salts as a reaction

media for the nitration of organic compounds. A study by Temple,

fay, and Williamson^ using Na, Li, and K nitrate melts containing 
2-S^O-j , found that they were able to successfully nitrate benzene 

and some analogs at temperatures between 250^ - 300^C.

It has been shown that the nitrate ion has a tendency to

dissociate into nitronium and oxide ions,

n o 3 ^ n o 2+ + o2”
+but under normal conditions the equilibriuim concentration of NO 

72is very small. Since the nitronium ion is known to be the agent 

responsible for the nitration of organic compounds when nitric acid 

is used^, it was of interest to increase the N02+ concentration by 

pushing the equilibrium to the right. This was accomplished by
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2-  2-adding certain ions which combine with 0 , such as > causing

the equilibrium constant for the overall reaction to increase 

substantially.22

NO ~ + So0 2“ --— v 2 S0.2_ + NO ~l"3 2 7 4 2
The actual experimental procedure was performed by introducing

the organic material as a vapor into nitrogen carrier gas, and the

combined vapors were passed through the melt, which was heated to

250-300^0. The vapor from the reaction vessel was cooled by a

series of cold traps, collected, dried, and analyzed by gas

chromatography. ̂

It was also shown that without the addition of potassium

pyrosulfate no nitration products were obtained, and the yield of

nitrated products decreased as the melt temperature increased. This

was believed to be due to the gradual removal of water from the melt

at higher temperatures. When water vapor was deliberately added to

the reaction mixture at a specific temperature, the yield increased 
73by ~ 5 % .

Re-examination of the nitration of benzene by a pyrosulfate

solution in a molten nitrate salt medium, found that the reaction

could occur in the vapor phase above the melt and therefore was not
73a true melt reaction.

Therefore the nitrating agent must be produced in the melt and

persist long enough to bring about the gaseous reaction. Since
74was not identified polarographically in the molten nitrate , and 

since NC^ vapor will not nitrate benzene vapor, and also the fact 

that water is essential for the rection, lead to the conclusion 

that the agents responsible for nitration and nitrosation are



73probably gaseous molecules of and HNO^, respectively.

Although these molecules are unstable, they may persist long 

enough to bring about the reactions observed. They may be produced 

in the following reactions:

2 NOj" + S2072- . ■ t 2 S042' + N205(g)

N205(g) + H20(g) 7. . ' * 2 HN03(g)

2 N02' + S20?2--- ----------- 2 S042 + N203(g)

N203(g) + H20(g) T ‘ 2 HN02 (g)

Since the reaction appears to take place in the vapor phase,

nitration experiments can no longer be offered in support of the
4- 4- 73existence of NO^ and NO in these melt systems.

Inorganic nitrate salts in the presence of a strong mineral

acid such as HNO^ in the Trifluoroacetic Anhydride (TFAA) have shown

to be a very effective nitrating agent.2"* The general reaction is

written as:
o  °  o
M H II

A r - H  +  M -N O j+  c f 3 --- Ar-NO;: + C F J ^ O -M  + CF'

The rate of the reaction was found to be dependent upon the

solubility of the inorganic salt in the organic solvent used as a 

reaction medium. Chloroform was the solvent most often employed in 

these reactions.



52

In this reaction there are two possible sources of the 

nitronium ion:
0  ft *' n C c

I) CFT" +  HNO,

oII
c

0II
c

CF, O—NOo +  CRT OH

0  ii
c

CFj" -I- K O z

9  0  ^  n c  C
2 )  C F ^  ^ C T  ^CF3 +  M - N 0 3

OII
c

oII
c

C F3 0 — N 0 2 +  CF 3̂ ^ 0 - M

o

c f '  +  N O 2

Since the generation of the nitronium ion is dependent only on 

a source of nitrate and is independent of the metal cation, it is 

possible to use any metal nitrate salts in these reactions. 

Accordingly a variety of metal nitrate salts were employed for the 

nitration of benzene, and the results are recorded in Table #3.

In general, these reactions proceeded satisfactorily, giving 

good yeilds of products. Both sodium and lead nitrates give poorer 

yields of nitrobenzene because of their insolubility in the reaction 

medium. Even after 15 hours, these salts had not completely 

dissolved.^

With certain substrates, oxidation rather than nitration is 

observed as a major reaction. For example, mixtures of TFAA and 

NH^NO^ oxidize cycloheptatriene to the tropylium salt and triphenyl 

phosphine to triphenyl phosphene oxide. Similarly when phenol is 

treated with inorganic salts in 1FAA it is readily oxidized to 1,2- 

and 1,4- benzoquinone.
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53

N itra tio n  o f Benzene w ith  Various  
Salts at 25 ° C a

reaction y ie ld,b 
salt t ime, h %

n h 4n o 3 2 99
NaNO-, 15 67
k n o 3 24 98
C u ( N 0 3) 2-3 H 20 5 98
A g N 0 3 15 86
P b ( N 0 3) 2 15 46
C d ( N 0 3) , - 4 H 20 24 93
C r ( N 0 3)3*9 H 10 24 92

a 5 m L  of benzene, 0.01 mol o f n itrate, 0 .3 5  mol of 
T F A A ,  and 10 m L  o f CHC13. b Y ie ld  based on nitrate  
salt.

(adapted, from reference # 75)



E X P E R I M E N T A L

NMR Measurements on Molten Salt Hydrates:

Various mole percentages of hydrate melt were prepared by 

weighing out specific amounts of the solute CdCNO^^*4 ^ 0 ,  ZnCNO^)^ 

61^0, AlCly 6 ^ 0 ,  or HNO^-1.65 H^O and exact amounts of the 

solvent Ca(N0 ^)2 #41^0 directly into 5mm NMR tubes.

Analytical Reagent Grade Mallinckrodt CaCNO^)^ • was

employed as the solvent in all of these molten salt hydrate 

systems. The translucent crystals were used without further 

purification after a melting point determination was performed. 

Analytical Reagent Grade Mallinckrodt CdCNO^^ * 4 ^ 0  and ZnCNO^^* 

6 H 2 O along with Fisher Reagent Grade A l C l ^ * w e r e  all white 

crystalline solids, which gave sharp melting points. They were all 

used as solutes without further purification. Also used as a solute 

was ultrapure Nitric Acid from J. T. Baker Chemical Company.

Once the mixtures were carefully weighed out on a Mettler 

Analytical Balance, the 5mm NMR tubes were sealed with pressure caps 

and gently heated in a water bath between 70^ and 90^C in order to 

melt the salts and give a liquidus medium. During this melting 

process, the NMR tubes were repeatedly inverted to insure 

homogeneity of the melt. The samples were then allowed to cool to 

room temperature, whereby the solution became a clear, viscous, 

super-cooled hydrate melt. The NMR tubes were then reweighed to 

assure that there was no loss of 1 ^ 0  in the sample during the 

melting process.

54
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The NMR spectra was then run on a Varian FT-80A

Spectrometer. A sealed coaxial inner cell of 25% TMS in Acetone-d,o »
purchased from Wilmad, was used as an external reference so as not

to effect the chemical nature of the molten salt hydrate medium.

Since it has been frequently stated that use of an internal standard

renders somewhat unreliable the comparison of values between

solutions of different salts and different concentrations of the
45same salt. Spinning the sample at 20-24 rev/sec the NMR spectra

showed large spinning side bands symmetrically disposed on both

sides of the absorption peak due to the inhomogeneities of the 

viscous medium. This problem was eliminated by spinning the sample 

at 50-55 rev/sec which caused the absorption peak to become much 

sharper and with a much higher intensity, whereas the spinning side 

bands decreased in intensity and shifted out further from the main 

absorption peak.

The proton magnetic resonance spectra of all the hydrates melts

studied were found to consist of two unsplit peaks corresponding to

the water protons and the TMS protons.

F inally we measured the temperature effects on the proton 

resonance signal of the molten salt hydrates using a Varian CF T- 

20/FT80-A Variable Temperature Accessory. Since TMS is so volatile 

we changed our external reference to 5% 3-(Trimethylsilyl) propionic 

acid, sodium salt in But because of the weak resonance

frequency of D^O in the very small coaxial inner cell of the 5mm NMR 

tubes we were not able to lock up the magnetic field. Therefore we
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were forced to switch to 10mm NMR tubes where a much larger coaxial 

inner cell is used.

The temperature of the probe was measured before and after each 

sample was run to ensure a constant temperature. Also each sample 

was allowed to equilibrate 30-45 minutes in the temperature probe 

before running the spectra.
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Acid Catalyzed Ester Hydrolysis in Molten Salt Hydrate Mediums

The following mole percentages of hydrate melt were prepared by 

accurately weighing out the solvent Ca(NO^)^  4 ^ 0 ,  which was pre­

melted to a viscous liquid, and the solute HNO^* I.6 5 H 2 O, into a 50 mL 

erlenmeyer flask, so as to obtain accurate mole percentages and insure 

proper mixing of the melt.

Mole % of 
HNCkj’ i * 6 5  H 2 °

Wt C a ( N 0 O ?- 4H?0 
Melt (g

Wt HN03- 1.65 (g)

1 0 % 50.0 2.181

7% 50.0 1.477

5% 50.0 1.033

2 % 50.0 0.4006

1 % 50.0 0.1983
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Approximately 5mL of HN0yl.65 H^O/CaCNO^^ * 4 ^^0 melt
-2(= 3.7 X 10 moles) was added to each lOmL glass ampule via 

a graduated cylinder. Then two drops of either n-Hexyl Acetate, 

n-Octyl Acetate, or 2-Octyl Acetate was added via a Pasteur pipet. 

A small amount of ester was used so as not to effect the nature of 

the molten salt medium.

Ester M.W. of Ester 
(g/mole)

Wt of 2 drops 
(g)*

No. Moles 
Present

n-Hexyl Acetate 144.21 0.023 1.6 X 10~4

n-Octyl Acetate 17 2.27 0.025 1.5 X 10~4

2—Octyl Acetate 172.27 0.025 1.5 X 10"4

*These values were derived by weighing 10 drops of the particular 

ester 10 different times, each time using a different Pasteur 

pipet. Therefore, we obtained avg wt/drop of ester.
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In addition a small glass bead was added to each ampule in 

order to throughly mix the heterogenius system. The ampules were 

then sealed, placed on a shaker apparatus, and immersed in a 76^C 

oil bath and vigorously shaken. The reaction of each ester in each 

different mole percentage of HNOy 1 .65 F^O/CaCNO^ )2 * 41^0 me-̂t were 

followed over time. The heterogeneous reaction mixtures were 

allowed to react for 2, 4, 6, 8, 12, 16, 24 hours and sometimes

longer depending on the extent of the reaction.

After the pre-determined reaction time, the ampules were opened 

and the reaction mixture was washed with 2mL of DI water to dilute 

the acetic acid present. The organic products were then extracted 

with 2mL of hexane.

The products were analyzed on a Hewlet Packard 5790A series Gas 

Chromatograph using a 25 meter Crosslinked Methyl Silicone Capillary 

Column and a Flame Ionization Detector. The flow rate was =1 mL/min 

with a split ratio of *= 100/1. This analysis was done isothermally 

at an oven temperature of 120^C. The average injection size was 1-2 

mL.

The esters n-hexyl and n-octyl acetate were commercially 

available from Aldrich, and were used without further purification 

after G.C analysis. 2-octyl acetate was synthesized using 2-octanol 

and a 10% mole excess of triethylamine and acetic anhydride.



60

O - H Et :o:
C H3“ C H - ( C H 2)5- C H 3 +  E t  — N — E t

o1
C H3- C H - ( C H 2̂ - C H 3

oD

2 - O c t y l  Acet at e

The reagents were carefully weighed into a 250 mL erlenmeyer 

flask, fitted with a tuttle flask cover, placed on a steam bath,

yellow. After eight hours the solution was removed from the steam 

bath and diluted with 50 mL of Hexane. The solution was then poured 

into a 500 mL separatory funnel and washed with 1 M H2S0^ to remove 

any residual triethylamine. The bottom aqueous layer was drained 

off and the organic layer was washed with 1 M ^ £ 0 0 ^  to remove the 

by-product acetic acid. Once again the bottom aqueous layer was 

drained off and the organic layer was dried with anhydrous MgSO^ and 

then filtered. In order to purify the ester a vacuum distillation 

was performed. The initial forerun was collected at 95^C at 45 

torr. The product was collected at 102-103^0 at 33 torr which was a 

colorless liquid. G.C. analysis showed the product to be 98% pure 

and its IR spectra, taken on a Perkin-Elmer Model 1320 Infrared

and swirled periodically. With time the solution began to turn
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Spectrophotometer, matched the Sadtler file of 2-Octyl Acetate.

The products of the ester hydrolysis reaction were analyzed by 

capillary gas chromatography. The identities of the products were 

confirmed by comparing retention times and by spiking the rection 

mixture with authentic samples. These were either commercially 

available or synthesized according to the following procedures.

Hexanoic acid, 2-hexanone, and 2-octanone were all synthesized 

by an oxidation reaction using a standard Jones Reagent which was 

2.67 M in Cr (VI).

Initially the exact amount of aldehyde or alcohol was weighed 

into a 50 mL erlenmeyer flask to give 10 mmoles of starting 

material. Next 10 mL of acetone was added and the solution placed 

in an ice bath. Then 2.5 mL (6.67 mmoles) of the standard Jones 

Reagent was added slowly via a 5cc syringe, while vigorously 

swirling the flask. At this point the solution was dark green with 

solid Cr salt precipitates. The solution was then diluted with 15 

mL of DI water and poured into a 125 mL seperatory funnel. The 

organic product was then extracted twice with 10 mL portions of 

methylene chloride, dried with anhydrous MgSO^ and filtered. The 

solution was then placed on the roto-vap to strip off the solvent. 

All the products were colorless liquids. By G.C. analysis the 

products were 97-99% pure, and their IR spectra corresponded with 

those in the Sadtler files.

An oxidation reaction was also performed in the synthesis of 

Octanal except this was done under much milder non-aqueous 

conditions using pyridinium chlorochromate.^ Initially 8.084g
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(37.5 mmoles) of pyridinm chlorochromate was weighed into a 250 mL,

3-necked round bottom flask which was fitted with a condenser. Then

50 mL of methylene chloride was added. Next 3.257g (25.01 mmoles)

of 1-Octanol was slowly added and the solution was stirred for two

hours. 25 mL of ethyl ether was then added to the mixture, and the

liquid was decanted from the insoluble black, gummy residue. The

insoluble residue was washed three times with 10 mL portions of

ethyl ether to extract any residual product. The extracted aliquots

were combined and passed through a Silica Gel column to remove any

residual Cr salts and to purify the product. The ether was then

stripped off using a roto-vap giving a clear liquid with a faint

yellowish tinge. G.C. analysis was performed showing 99% purity.

The IR spectra matched that of the Sadtler Files.

The synthesis of n-Hexyl and n-Octyl nitrate ester was a

nucleophilic displacement type reaction using an alkyl halide and 
77silver nitrate.

50 mL erlenmeyer flask and 11.0 mL of Acetonitrile was added .

slowly added over a five minute time period. After the mixture was 

stirred at room temperature for 16 hours, the crystals of Silver

C h y  C H2)4C H 2~  Br +  A g N 03 4- A g B r

CH 3 CN
C H3(C H2) 6C H 2— Br +  A g N 03 Ag Br

_2Initially 11.6g (6.83 X 10 moles) of AgNO^ was weighed into a

- 2While stirring the solution 8.45g (5.12 X 10 moles) of
_21-bromohexane or 9.89g (5.12 X 10 moles) of 1-bromooctane was
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Bromide were removed by suction filtration. The filtrate was then 

placed in a 50 mL single neck round bottom flask, fitted with a 

condenser, and refluxed for 1-1/2 hours.

Upon cooling, the solution was filtered once again. The 

filtrate was then diluted with 25 mL of DI 1^0 and transferred to a 

125 mL separatory funnel. The nitrate ester was then extracted with 

lOmL of ethyl ether and dried with anhydrous sodium sulfate. The 

solution was then placed on the rotary evaporator to strip off the 

solvent. Both products were clear liquid with a faint yellowish 

tinge.

G.C. analysis of the product showed 99% purity and the

vibrational-stretching frequencies in the IR spectra were easily

rationalized to the product.

The final class of compounds that had to be synthesized was the 
78Nitrite Ester. For identification purposes both n-Octyl and

2-0ctyl nitrite were made, under identical reaction conditions.

h2so4
CH3 (CH2) 6 CHj-O H  +  HO—N =0 ------------ CH^CH,),. C H - 0 - N = 0  +  H20

OH 0 / f K 0
I h2so4 I

C H j-C H —(CH2 )5 CH3 +  H 0 -N = 0  -----------► CH3-C H -(C H ^I5 CH3 +  H20

Initially a 500 mL 3-necked round bottom flask was charged with 

38.16g (0.55 moles) of sodium nitrite (NaM^) and 150 mL of B^O.

The flask was cooled in an ice-salt mixture, and the solution 

stirred until the temperature fell to = 0^C.. Then a solution of
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10 mL of DI H^O, 25.Og (0.25 moles) of I^SO^, and 65.Og (0.50 moles) 

of either 1-octanol or 2-octanol was made up in a large erlenmeyer 

and placed in the ice-salt bath in order to cool it down to = O^C. 

The concentrated sulphuric acid helps keep the alcohol in solution 

but it does not dissolve the nitrite ester.Once the alcohol solution 

had cooled down it was very slowly introduced beneath the surface of 

the nitrite solution via a 50cc syringe. The alcohol solution was 

added slowly enough so that practically no gas evolved, and so that 

the temperature was maintained at “ l^C. This required approximately 

1.5 hours, during which time the rection was stirred vigorously in 

order to keep the solid sodium sulfate in motion. After the final 

addition, the mixture was allowed to stand in the ice-salt bath for 

approximately one hour. At this time the rection mixture was a 

yellow foam with large amounts of solid precipitate. The liquid was 

decanted into a 500 mL separatory funnel where two layers 

immediately seperated. The lower aqueous layer was drained off, and 

the organic layer was washed twice with 5 mL portions of a solution 

which consisted of 100 mL H^O, 25.Og of NaCl, and 2.0g of NaHCO^ 

The organic layer was then dried with anhydrous sodium sulfate and 

filtered to give a bright yellow liquid for both products.

According to G.C. analysis n-octyl nitrite ws 98% pure and

2-Octyl nitrite was 90% pure. Both IR spectra gave reasonable 

stretching and vibrational bands.

In analyzing the products of the ester hydrolysis reaction the 

presence of a series of carboxylic acids was suspected. By washing 

the products with a weak base such as 0.1M Na^CO^ the supposed
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carboxylic acid peaks on the G.C. disappeared.

The retention times of a series of standard carboxylic acids 

were compared to the products. Spiking some of the products allowed 

the identification of each carboxylic acid present.

Using diazomethane the carboxylic acids were converted to their 

methyl esters and monitored the conversion by capillary G.C.

FT

O 0 0° C r
'C p - H ^ C H 2- N = N :  ---------    R ' 'O - C H j  +  N2f

Initially a diazomethane solution was prepared in ether from the 

precursor N-methyl-N-nitroso urea.

CH
NH

0  
K 

H o N ^  V*0-N =  N - C H .
KOH

i2.n W  3 H^0

oII
H2N ^ ^ - N  =  N -r C H2 ------- - * j N = C H 2 -    N = N ~ C H 2
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A series of carboxylic acid standarads were prepared and their 

retention times checked by capillary G.C. The diazomethane solution 

was carefully added drop-wise to the standard. The solution began 

to fizz as gas was given off. The addition of CH^N^ was 

continued until the solutions turned yellow and evolution of ^  gas 

was no longer observed. A few drops of acetic acid were then added 

to quench any excess diazomethane. Next the solutions were analyzed 

by capillary gas chromatography to obtain the retention times of the 

methyl esters of these carboxylic acids.

F inally diazomethane was added to specific products of the 

ester hydrolysis reaction, where a series of carboxylic acids were 

believed to be present. As expected, G.C. analysis demonstrated 

that the carboxylic acids present were converted to their 

corresponding methyl esters.

Next some controlled experiments were performed in which the 

identified products of the ester hydrolysis rection, which were 

either commercially available or synthesized as previously 

described, were introduced into the molten salt hydrate reaction 

medium of several compositions and allowed to react over a full 

range of time. The products of these reactions were then analyzed 

and identified by G.C. analysis. These controlled experiments lead 

to a great deal of mechanistic information about the overall 

reaction.

Originally some of these ester hydrolysis reactions were 

attempted on a slightly larger scale. Approximately 20 mL of the 

melt and five drops of ester was added to a 100 mL, 3-neck round 

bottom flask, fitted with a condenser. The reaction medium was
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stirred vigorously and heated to 75^C using an oil bath. Nitrogen 

was purged through the system to maintain an inert atmosphere.

5 mL aliquots were taken from the reaction vessel at specific 

time intervals, washed with 2 mL of DI water and extracted with 2 mL 

of hexane. Upon performing capillary G.C. analysis, only trace 

amounts of starting materials and products were found. Due to the 

heterogeneous nature of the reaction medium we concluded that taking 

aliquots was not an efficient means of extracting the products. 

Upon working up the entire pot mixture the starting material and 

products were detected, but under these conditions the reactions 

performed in sealed ampules yielded a wider variety of products. 

Due to this fact and the inconvenience of having to work up the 

entire pot mixture, sealed ampules were used.

A series of shorter chain esters were also studied. Among 

these were n-butyl acetate, sec-butyl acetate, and tert-butyl 

acetate. In performing the G.C. analysis, the corresponding 

alcohols of these esters were very difficult to separate from 

typical solvents such as methylene chloride and ethyl ether even 

using variable temperature programs. Therefore, longer chain esters 

were utilized so that the corresponding alcohols could be separated 

easily from the solvent on the G.C.

An introductory study and product analysis was performed on the 

acid catalyzed ester hydrolysis of benzyl acetate using the molten 

salt hydrate medium.

Various mole percentages of the rection medium were allowed to 

react over a range of times. Upon cooling to room temperature, all 

of the rection mediums showed a large quantity of a white
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crystalline precipitate.

The reaction mixture was washed with DI water and the solid was 

taken up in methylene chloride. The product was analyzed by 

capillary gas chromatography. The identity of the crystalline 

product was confirmed to be benzoic acid by the comparison of 

retention times of standards and by converting the benzoic acid in 

the reaction medium to its methyl ester using diazomethane and 

comparing the conversion on the G.C. relative to standards.

Nitration of Armomatics in the Molten Salt Hydrate Medium

A brief preliminary investigation was performed in order to 

assess the potential usefulness of molten salt hydrates as a medium 

for nitrating aromatics.

Various mole percentages of HNO^ 1.65 H^O/CaCNO^^ 4 ^ 0  melt 

were prepared. Approximately 5 mL of the melt and two drops of 

benzene were added to each ampule along with a glass bead to insure 

proper mixing. The ampules were then sealed, placed on a shaker 

apparatus, immersed in a 76^C oil bath, and shaken vigorously.

After a pre-determined amount of time, the reaction vessels 

were opened, diluted with 2 mL of DI water, and the products 

extracted with 2 mL of methylene chloride.

The products were analyzed on the Hewlett Packard 5790A series 

Gas Chromatograph using a 25 meter Cross-linked Methyl Silicone 

Capillary Column with a Flame Ionization detector. This analysis 

was performed using a variable temperature programmed run in order 

to separate the unreacted benzene from the solvent.

Preliminary results showed that this molten salt hydrate medium
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is capable of rapidly nitrating benzene to form nitrobenzene*



R E S U L T S  A N D  D I S C U S S I O N

H NMR and Hammett Acidity Function Measurements:

The proton magnetic resonance spectra of all the molten salt 

hydrate systems consisted of one unsplit peak corresponding to a 

weighted average signal for the water molecules in the hydrate 

melt. The singlet occurs due to rapid proton exchange of the water 

molecules in the hydration spheres of the metal cations.

The chemical shift values, which were very reproducible, were

measured relative to an external standard of Tetramethylsilane at 

28°C (See Table #4).

Changes in the position of the water proton resonance signal and 

the magnitude of the downfield shift with changes in the melt 

composition can be attributed to changes in the extent of proton 

deshielding due to polarization of the water molecule by both the 

metal cation and the anion.

Graphical analysis of these data shows a direct linear 

correlation between the chemical shift and the mole % of the solute 

(See Figure #14).

Therefore, a conclusion can be drawn that the position of the

proton magnetic resonance signal of any of these hydrate melt

systems is dependent on the concentration of the solute.

70
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TABLE #4

Salt Mole % Chemical Linear Regression
Salt Shift (ppm) Data

Cd(NO„)_-4Ho0 0 5.28j z z 5 5.32 Slope = 0.00786
10 5.35 Intcp = 5.2817
15 5.40 Corr. = 0.9997
20 5.44
40 5.61
60 5.76
80 5.91

100 6.06

Zn(NO_)_- 6H90 0 5.28o z z 5 5.34 Slope = 0.01071
10 5.42 Intcp = 5.3241
15 5.49 Corr. = 0.9917
20 5.56
40 5.81
60 6.05
80 6.18

100 6.32

HNO • 1.65H_0 0 5.28J z 1 5.31 Slope = 0.03338
5 5.40 Intcp = 5.1991

10 5.55 Corr. = 0.9962
15 5.68
20 5.80
40 6.42
60 7.08
80 7.78

100 8.74

A1C1 • 6H 0 0 5.28j  Z 1 5.29 Slope = 0.02838
5 5.38 Intcp = 5.2630

10 5.54 Corr. = 0.9947
15 5.70
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The temperature effects on the proton magnetic resonance shifts

of the Cd(NO_) • 4H 0/Ca(NO_) • 4H 0 and Zn(N0o) * 6Ho0/Ca(N0_)_ • 4Ho0 
j  Z Z 5 Z Z j  Z Z j  Z Z

hydrate melt systems were measured relative to an external standard 

of 5% 3-(Trimethyl Silyl) propionic acid, sodium salt. (See Tables 

#5 and #6.)

Increasing temperatures causes an upfield shift of the water
-3proton resonance signal in these hydrate melt systems of ^  5 x 10 

ppm/^C.

Graphical analysis shows that the chemical shift is linear 

function of the temperature. (See Figure #15 and #16.)

The temperature dependence of the chemical shift of these 

hydrate melts is generally attributed to a weakening or breaking of 

the hydrogen bonds between anions and the water molecules in the 

cationic hydration sheath, thereby causing increased shielding of
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TABLE #5

Mole % of 
Cd(N03)2« 4H20

Chemical Shift 
(ppm) at 28 C

Chemical Shift 
(ppm) at 35 C

Chemical Shift 
(ppm) at 45 C

D 5.28 4.64 4.59
5 5.32 4.66 4.63

10 5.35 4.72 4.67
15 5.40 4.76 4.71
20 5.44 4.80 4.74
40 5.61 4.94 4.87
60 5.76 5.10 5.04
80 5.91 5.26 5.22

100 6.06 5.42 5.40

TABLE #6

Mole % of 
Zn(N03)2- 6H20

Chemical Shift 
(ppm) at 28 C

Chemical Sh^ft 
(ppm) at 35 C

Chemical Shift 
(ppm) at 45 C

0 5.28 4.64 4.59
5 5.34 4.71 4.66

10 5.42 4.79 4.74
15 5.49 4.86 4.81
20 5.56 4.93 4.87
40 5.81 5.17 5.11
60 6.05 5.36 5.32
80 6.18 5.53 5.49
100 6.32 5.69 5.65
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Using the three classical Hammett base indicators, p-

nitroaniline (pK = 0.99), o-Nitroaniline (pK = 0.29) and 4-chloro-2-

nitroaniline (pK = 1.03), and spectrophotometric methods (See

Appendix II), the Hammett Acidity Function values were obtained for

these molten salt hydrate systems (See Tables #7 - 10).

Graphical analysis of these data revealed a linear relationship 

between the values and the log of the mole % of the solute (See

F igure #17).

From these results a linear extrapolation can be performed in 

order to predict Hammett Acidity Function Values for higher mole % 

of the hydrate melt which cannot be measured directly using Hammett 

base indicators due to decomposition reactions. (See Tables #11 -

14; also Figure #17.)
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TABLE #7

Mole % of Log Mole % of Measured Linear Regression
Cd(N03 )2-4H20 Cd(N03)2* 4H20 Ho Data

10.00 -1.000 0.63 Slope = -1.510
5.00 -1.301 1.22 Intcp = -0.820
3.31 -1.480 1.43 Corr. = 0.996
1.99 -1.701 1.75
1.00 -2.000 2.17

TABLE #8

Mole % of Log Mole % of Measured Linear Regression
Zn(N03)2- 6H20 Zn(N03)2* 6H20 Ho Data

14.80 -0.830 0.15 Slope = -1.504
10.00 -1.000 0.30 Intcp = -1.137
5.00 -1.301 0.86 Corr. = 0.998
1.99 -1.701 1.40
1.00 -2.000 1.88

TABLE #9

Mole % of Log Mole % of Measured Linear Regression
AlCly 6H20 A1C13* 6H20 Ho Data

1.00 -2.000 -0.55 Slope = -0.813
0.50 -2.301 -0.26 Intcp = -2.159
0.20 -2.699 0.02 Corr. = 0.998
0.10 -3.000 0.28

TABLE #10

Mole % of Log Mole % of Measured Linear Regression
HN03-1.65 H20 HN03* 1.65 H20 Ho Data

0.230 -2.638 -1.56 Slope = -1.439
0.110 -2.959 -1.26 Intcp = -5.420
0.047 -3.328 -0.62 Corr. = 0.994
0.023 -3.638 vDl—j•O1



79
O
o

in

o

in

CD

l - ' l 1 ■ I I ■]

o CM o
CO

CM

CM U■M CM
•H •HT3CO

U
P-.

XJ in
oncn

QJ

Li 111 Lin i Li 111 Li 111 Li 111L ii 1 Li 111L lu L i n lm iL iin L m i LunLi i j i Lm  ii m Li n 11 3
o i n a i n o i n o i n a i n c D i n o i n o i n o i n 1
C D i n i n ^ ^ t o n o n o j c M - r - i —• i o  —• (\i <\i
i i i i i i i i i i i

o
n=

Log
 

Mo
le
 
% 
of 

So
lu
te



80

TABLE #11

Mole % of 
Cd(N03)2- 4H20

Log Mole % of 
Cd(N03)2* 4H20

Predicted
Ho

Linear Regression 
Data

5 -1.301 1.145 Slope = -1.510
10 -1.000 0.691 Intcp = -0.820
15 -0.824 0.425 Corr. = 0.999
20 -0.699 0.236
40 -0.398 -0.219
60 -0.222 -0.484
80 -0.097 -0.673

100 0 -0.820

TABLE #12

Mole % of 
Zn(N03)2.6H20

Log Mole % of 
Zn(N03)2- 6H20

Predicted
Ho

Linear Regression 
Data

5 -1.301 0.820 Slope = -1.504
10 -1.000 0.367 Intcp = -1.137
15 -0.824 0.102 Corr. = 0.999
20 -0.699 -0.086
40 -0.398 -0.538
60 -0.222 -0.803
80 -0.097 -0.991

100 0 -1.137
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TABLE # 1 3

Mole % of 
AlCly 6H20

Log of Mole % 
AlCly 6H20

Predicted
Ho

Linear Regression 
Data

1 -2.000 -0.534 Slope = -0.812
5 -1.301 -1.102 Intcp = -2.159
10 -1.000 -1.347 Corr. = 0.999
15 -0.824 -1.490
20 -0.699 -1.591
40 -0.398 -1.836
60 -0.222 -1.979
80 -0.097 -2.080
100 0 -2.159

TABLE # 14

Mole % of 
HNOy 1.65H20

Log Mole % of 
HNOy 1.65H20

Predicted

H0

Linear Regression 
Data

1 -2.000 -2.54 Slope = -1.439
5 -1.301 -3.55 Intcp = -5 .420

10 -1.000 -3.98 Corr. = 0.999
15 -0.824 -4.23
20 -0.699 -4.41
40 -0.398 -4.85
60 -0.222 -5.10
80 -0.097 -5.28
100 0 -5.42
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These expertimental results clearly show that these molten salt 

hydrate systems are highly acidic in nature and these enhanced 

acidic properties are comparable to strong mineral acids such as 

HN03 and H2SC>4 (See Table #15 and #16).

This enhanced acidity in molten salt hydrate systems comes from 

a metal cation-water interaction which involves appreciable 

polarization of the oxygen atom towards the metal center. 

Additionally, the anion exhibits a strong attraction for the water 

protons.
h2o 

h2o — cl-o^n
H20  f/t/ H ii  11 mi mu NOj”

These combined effects cause a decrease in electron density 

around the proton, allowing a metal-aquoion to behave as a Bronsted- 

Lowry acid.

As the water content of the metal-aquo complex decreases, 

minimizing outer-sphere hydration, the protonating power of the 

species increases rapidly. (See Figure #3.)

Since the molten salt hydrates have a water content 

insufficient to satisfy more than the first coordination sphere of 

the system, they possess acidic properties similar to those of 

strong mineral acids. Also this decrease in electron density around 

the water proton accounts for the deshielding of the proton and for 

the magnitude of the downfield shift of the pmr spectra.
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TABLE // 15

Wt. % of
h n o 3

Mole % of
h n o 3 H0

50 16.259 -2.88
55 19.179 -3.13
60 22.555 -3.42
65 26.502 -3.72
70 31.178 -3.99
75 36.807 -4.30
80 43.713 -4.62
85 52.386 -4.96
90 63.602 -5.31
95 78.673 -5.75
100 100 -6.3

Wt. % of

h n o 3

Mole % of

h n o 3
Ho

2 0.395 0.33
4 0.803 -0.08
6 1.224 -0.29
8 1.660 -0.46

10 2.112 -0.64
15 3.313 -0.97
20 4.629 -1.28
25 6.078 -1.57
30 7.682 -1.85
35 9.465 -2.10
40 11.460 -2.36
45 13.708 -2.62

(Adapted from reference #70)

TABLE # 16

The Molten Salt Hydrate system of HNO^' 1.65H20/Ca(N03)2*

Wt % of 
H N O y 1.65H20

Mole % of 
HNOy 1.65H20 Ho

0.398 1.00 -2.542
2.018 5.00 -3.548
4.180 10.00 -3.981
6.477 15.00 -4.234
8.946 20.00 -4.414

20.745 40.00 -4.847
37.067 60.00 -5.101
61.097 80.00 -5.281
100.000 100.00 -5.420
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Measuring the Hammett Acidity Function of these molten salt 

hydrate systems by spectrophotometric techniques using base 

indicators presented quite a few problems.

The viscosity of the medium itself presented a number of 

experimental difficulties. An especially significant problem was in 

obtaining a homogeneous mixture of the melt and the indicator. Also 

the tendency of the melt to recrystallize made it difficult to work 

with.

Probably the most significant problem was that could not be 

measured over a wide range of concentrations, since at higher mole 

percentages of melt the base indicators often decomposed through 

apparent oxidation or nitration reactions.

In order to resolve these problems it was our goal to draw an 

analogy between the Hammett Acidity Function and the ^H NMR chemical 

shift for a given hydrate melt system, so that we could predict H^ 

values by simply measuring the proton magnetic resonance spectra of 

the system.

Since we had already established a linear relationship between 

the chemical shift and mole %, and between H^ and log (mole %), we 

assumed that there should be some correlation between the Hammett 

Acidity Function and the proton chemical shift.
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From the results of experimental work we have shown that in the 

relevant areas of concentration that we considered, there is a 

linear relationship between and the log the chemical shift of the 

hydrate melt relative to the solvent C a ( N O ^ ^  . (See Tables #17

- 20; also Figure #18.)



TABLE //17
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Mole % of 
Cd(N03)2-4H20

Measured 
6 (ppm)

Predicted 
6 (ppm)*

Log A6 rel. to 
Solvent(5.28 ppm)

Measured
Ho

Predicted
V *

1.00 5.29 -2.000 2.17
1.99 5.30 -1.699 1.75
3.31 5.31 -1.523 1.43
5.00 5.32 5.32 -1.398 1.22 1.145

10.00 5.35 5.36 -1.125 0.63 0.691
15.00 5.40 -0.921 0.425
20.00 5.44 -0.796 0.236
40.00 5.61 -0.482 -0.219
60.00 5.76 -0.319 -0.484
80.00 5.91 -0.201 -0.673

100.00 6.06 -0.108 -0.820

Linear Regression Data:
Slope = -1.5835 Intcp = -1.0074 Corr = 0.9990

TABLE *18

Mole % of 
Zn(N03)2* 6H20

Measured 
6 (ppm)

Predicted 
6 (ppm)*

Log A6 rel. to 
Solvent(5.28 ppm)

Measured
Ho

Predicted
V *

1.00 5.29 -2.000 1.88
1.99 5.30 -1.699 1.40
5.00 5.34 5.33 -1.260 0.86 0.820
10.00 5.42 5.38 -0.921 0.30 0.367
14.80 5.43 -0.824 0.15
15.00 5.49 -0.678 0.102
20.00 5.56 -0.553 -0.086
40.00 5.81 -0.276 -0.538
60.00 6.05 -0.114 -0.803
80.00 6.18 -0.046 -0.991
100.00 6.32 -0.017 -1.137

Linear Regression Data:
Slope = -1.4493 Intcp = -1.0005 Corr = 0.9964

* Predicted values are derived from a linear extrapolation of the plot of 6 
vs. mole % salt.

** Predicted values are derived from a linear extrapolation of the plot of 
Hq vs. log mole % salt.
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TABLE //19

Mole % of 
A1C13* 6H20

Measured 
<5 (ppm)

Predicted 
6 (ppm)*

LogA6 rel to 
Solvent(5.28 ppm)

Measured
Ho

Predicted
V *

0.10 5.266 -2.484 0.28
0.20 5.268 -2.277 0.02
0.50 5.277 -1.845 -0.26
1.00 5.29 5.291 -1.549 -0.55 -0.534
5.00 5.38 -1.000 -1.102

10.00 5.54 -0.585 -1.347
15.00 5.70 -0.377 -1.490
20.00 5.83 -0.260 -1.591
40.00 6.40 0.049 -1.836
60.00 6.97 0.228 -1.979
80.00 7.53 0.352 -2.080

100.00 8.10 0.450 -2.159

To obtain Log A6 values for inital predicted 6 values used the intercept 
of the plot of 6 vs. mole % salt which was 5.263 ppm

Linear Regression Data:

Slope = -0.8168 Intcp. = -1.8074 Corr. = 0.9988

* Predicted 6 values are derived from a linear extrapolation of the
plot of 6 vs. mole % salt

** Predicted values are derived from a linear extrapolation of the
plot of Hq v s .  mole % salt



TABLE # 20

Mole % of
h n o 3*
1.65H20

Measured 
6 (ppm)

Predicted 
6 (ppm)*

Log AS rel. to 
Solvent(5.28 ppm)

Measured
Ho

Predicted 
u **
0

0.023 5.1998 -3.126 vOr—H •01

0.047 5.2006 -2.810 -0.62
0 . 1 1 0 5.2027 -2.438 -1.26
0.230 5.2067 -2.116 -1.56
1 . 0 0 5.31 -1.523 -2.542
5.00 5.40 -0.921 -3.548

1 0 . 0 0 5.55 -0.569 -3.981
15.00 5.68 -0.398 -4.234
2 0 . 0 0 5.80 -0.284 -4.414
40.00 6.42 0.057 -4.847
60.00 7.08 0.255 -5.101
80.00 7.78 0.398 -5.281

1 0 0 . 0 0 8.74 0.539 -5.420

To obtain Log AS values for predicted 5 values used the intercept of 
the plot of 6 vs. mole % salt which was 5.1991 ppm

Linear Regression Data:

Slope = -1.4590 Intcp.= -4.7570 Corr.= 0.9992

* Predicted 6 values are derived from a linear extrapolation of the 
plot of 5 vs. mole % salt

** Predicted values are derived from a linear extrapolation of the 
plot of Hq  v s .  log mole % salt
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As a result of this linear correlation between and the

log A6 » values for the Hammett Acidity F unction can be determined

by an experimentally easier and more straightforward method, as well 

as being more precise, by simply measuring the NMR chemical shift 

of the melt.

Beside the experimental convenience of measuring in this

manner, this technique also has some important advantages. One 

relevant aspect is that NMR spectroscopy is a non-invasive type of 

measurement; therefore, it cannot affect the chemical nature of the 

hydrate melt system.

Another very important advantage is that can be accurately 

determined over a wide range of concentrations of the hydrate melt, 

which is not possible using base indicators.

This linear correlation also reinforces the theory that NMR

chemical shift and protonation of organic indicators respond very

similarly to changes in proton acidity.
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Once the relative acidities of these hydrate melts had been 

established, our next goal was to attempt to study the kinetics of 

certain acid catalyzed organic reactions in the molten salt hydrate 

medium, in an effort to obtain a more thorough understanding of the 

chemical properties and reactivity of these systems.

The primary reaction we wanted to focus on was acid-catalyzed 

ester hydrolysis reaction. By studying the kinetics of this 

reaction we expected to:

(1) Obtain a relative measure of the acidity of the medium 

as a synethetic agent.

(2) Get an idea of the amount of "free" water present in 

the hydrate melt sytem, since the reaction is driven by 

water.

(3) Determine the mechanistic route of the reaction by 

stereochemical methods (Acyl-Oxygen vs Alkyl-Oxygen 

Cleavage).

We also felt this medium had the potential for nitrating 

aromatic compounds since the decomposition of many of the Hammett 

base indicators was due apparently to oxidation or nitration 

reactions.
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The initial results obtained from using the hydrate melt as a 

medium for performing the acid-catalyzed ester hydrolysis reaction 

were very surprising.

Instead of obtaining the appropriate alcohol, we obtained a 

large number of unknown products. Upon repeating these experiments 

we found that the results were very reproducible.

Therefore, it was obvious from the number of unknown products 

obtained, that it would probably be impossible to obtain accurate 

kinetic data on this reaction. But in order to obtain a qualitative 

understanding of the chemical nature and reactivity of this medium, 

we decided to identify the products and determine a likely 

mechanistic route for these reactions.

The products of the reactions were analyzed by capillary gas 

chromatography and the identity of the products was confirmed by 

comparing retention times with standards, by spiking the reaction 

mixture with authentic samples, and experimental techniques 

described earlier.

The products are listed for each ester in a specific mole 

percentage of nitric acid in CaCNO^)^* 41^0 over exact time intervals 

(See Tables #21 - 35).
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TABLE 21
10% HNO^’ 1.65 H^O in CaCNO^)^* 4 H^O + n-Hexyl Acetate

RxN
Time (hrs)

% Hexyl 
Acetate

% Hexanoic 
Acid

% Pentanoic 
Acid

% Hexyl 
Nitrate

2 76 8 7 9
4 47 18 13 22
6 26 20 27 27
8 11 30 44 15

12 - 49 44 7
16 - 47 53 -
24 - 46 54 -

TABLE 22
7% HNOyl.65 H^O in Ca(N03)2* 4 ^^0 + n-Hexyl Acetate

RxN
Time (hrs)

% Hexyl 
Acetate

% Hexanoic 
Acid

% Pentanoic 
Acid

% Hexyl 
Nitrate

% Hexyl 
Nitrite

2 82 __ 7 7 4
4 60 8 9 20 3
6 47 22 13 16 2
8 31 27 27 15 -
12 9 34 41 16 -
16 - 43 48 9 -
24 - 52 48 - -
30 - 54 46 - -

TABLE 23
5% HNOyl.65 H20 in Ca(N03>2>4H20 + n-Hexyl Acetate

RxN
Time (hrs)

% Hexyl 
Acetate

% Hexanoic 
Acid

% Pentanoic 
Acid

% Hexyl 
Nitrate

% Hexyl 
Nitrite

2 75 2 5 11 7
4 68 7 16 9 -

6 57 11 19 13 -
8 47 20 22 11 -

12 25 27 37 11 -
16 9 27 56 8 -
24 — 27 73 —



94

TABLE 24
2% HN03* 1.65 H20 in Ca(N03)2 - n-Hexyl Acetate

RxN % Hexyl % Hexanoic % Pentanoic % Hexyl %Hexyl
Time
(hrs)

Acetate Acid Acid Nitrate Nitrite

2 93 - - - 7
4 91 - 4 - 5
6 87 - 6 - 7
8 84 3 10 - 3
12 76 8 10 6 -
16 60 11 21 8 -
24 48 26 26 - -

32 27 35 31 7 -

TABLE 25
1% HNO^-1.65 1^0 in Ca(N03 )2* 4 H^O + n-Hexyl Acetate

RxN
Time
(hrs)

7o Hexyl 
Acetate

% Hexanoic 
Acid

% Pentanoic 
Acid

% Hexyl 
Nitrate

%Hexyl
Nitrite

2 100 - - - -
4 97 - - - 3
8 94 - 4 - 2

12 92 - 6 - 2
16 88 4 6 - 2
24 77 7 12 - 4
48 61 18 17 4 -



95

TABLE 26
10% HNO • 1.65 H20 - Ca(N03)2* 4 ^ 0  + n-Octyl Acetate

RxN
Time
(hrs)

%n-Octyl
Acetate

% Octanoic 
Acid

% Heptanoic 
Acid

% Hexanoic 
Acid

% Octyl 
Nitrate

% Octyl 
Nitrite

2 78 3 6 3 6 4
4 65 6 14 4 11 -
6 51 7 19 6 17 -
8 33 18 27 8 14 -

12 22 22 32 10 14 -
16 15 24 30 10 21 -
24 5 39 33 10 13 -

TABLE 27
7% HNO^l.65 H20 in Ca(N03)2‘4H20 + n-Octyl Acetate

RxN
Time
(hrs)

%n-Octyl
Acetate

% Octanoic 
Acid

% Heptanoic 
Acid

% Hexanoic 
Acid

% Octyl 
Nitrate

% Octyl 
Nitrite

2 80 2 2 - 4 12
4 71 5 9 1 10 4
6 60 9 12 3 13 3
8 47 21 14 4 11 3

16 24 24 24 6 22 -

24 12 38 27 9 14 “

TABLE 28
5% HN03* 1.65 H20 in Ca(N03)2* 4H20 + n-Octyl Acetate

RxN 
Time 
(hrs )

%n-Octyl
Acetate

% Octanoic 
Acid

% Heptanoic 
Acid

% Hexanoic 
Acid

% Octyl 
Nitrate

% Octyl 
Nit rite

2 89 - - - - 11
4 73 - 5 - 9 13
6 69 4 7 - 12 8
8 55 7 12 2 18 6

12 34 9 14 2 25 16
16 34 22 20 4 17 3
24 22 32 24 6 16
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TABLE 29
2% HNO^'1.65 H^O in CaCNO^^' 4H20 + n-Octyl Acetate

RxN
Time
(hrs)

% Octyl 
Acetate

%Octanol % Oct. 
Acid

% Hept. 
Acid

% Hex. 
Acid

% Octyl 
Nitrate

% Octyl 
Nitrite

2 98 2 - - - - -

4 91 8 - - - - 1
6 89 - - - - 1 10
8 72 - 2 - - 3 23

12 68 - 3 4 - 9 16
16 72 - 4 7 2 11 4
48 33 - 23 15 3 20 6

TABLE 30
1% HNOyl.65 H 20 in Ca(N03)2-4H20 + n-Octyl Acetate

RxN
Time
(hrs)

% Octyl 
Acetate

% Oct. 
Acid

% Hept. 
Acid

% Hex. 
Acid

% Octyl 
Nitrate

% Octyl 
Nitrite

2 100 - - - - -
4 100 - - - - -

8 99 - - - - 1
12 91 - - - - 9
16 78 1 1 - 4 16
24 61 3 1 - 7 28
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TABLE 31
10% HNO^‘1‘65 H^O in Ca(NO,^)2 ‘^ ^ 0  4- 2-Octyl Acetate

RxN
Time
(hrs)

%2-Octyl
Acetate

% Hept. 
Acid

% Hex. 
Acid

% Pent. 
Acid

% 2-Octyl 
Nitrate

% 2-Octyl 
Nitrite

2 93 1 2 1 1 2
4 90 2 4 1 1 2
6 85 2 8 3 2 -

8 82 3 9 3 3 -

12 63 7 20 6 4 -

16 60 7 22 5 6 -

24 34 15 37 10 4 -

TABLE 32
7% HNO^-1.65 H^O in C a ^ O ^ ^ -  4 ^ 0  + 2-Octyl Acetate

RxN
Time
(hrs)

% 2- 
Octyl 
Acet.

% 2- 
Octanol

%2-
Octanone

%Hep.
Acid

%Hex.
Acid

%Pent. 
Acid

% 2-Octyl 
Nitrate

% 2-Octyl 
Nitrite

2 94 5 1 - - - - -

4 94 - - - 4 - 2 -

6 87 - - - 7 1 5 -

8 81 - - 2 11 2 4 -

24 50 - - 7 21 6 16 -

TABLE 33
5% HNO^* 1.65 H^O in CaCNO^)^-AH^O + 2-Octyl Acetate

RxN 
Time 
(hrs )

% 2- 
Octyl 
Acet.

% 2- 
Octanol

%2-
Octanone

%Hep. 
Acid

%Hex.
Acid

%Pent. 
Acid

% 2-Octyl 
Nitrate

% 2-Octyl 
Nitrite

1 79 20 - - - - - 1
2 80 16 2 - - - - 2
4 81 8 10 - - - 1 -
6 89 - 1 1 3 1 2 2
8 83 - 2 2 6 2 3 2

12 82 - 2 2 7 1 6 -
16 77 - - 4 11 2 6 -
24 62 - - 9 19 5 5 -
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TABLE 3A
2% HNCy 1.65 H20 in CA (N03 ) • AH20 + 2-Octyl Acetate

RxN
Time
(hrs)

% 2- 
Octyl 
Acet.

% 2- 
Octanol

% 2-
Octanone

%Hep. 
Acid

%Hex. 
Acid

%Pent. 
Acid

% 2-Octyl 
Nitrate

% 2-Octyl 
Nitrite

2 92 5 3 _ _ _

4 89 10 1 - - - - -

6 93 - 2 - 2 - 2 1
8 95 - - - 3 - 2 -

12 92 - - - 4 - 3 1
16 88 - 2 1 4 - 3 2
24 80 - 2 1 8 2 6 1

TABLE 35

1% HNO^'1.65 H20 in Ca(N03)2*AH20 + 2-Octyl Acetate

RxN
Time
(hrs)

% 2- 
Octyl 
Acet.

% 2- 
Octanol

% 2-
Octanone

%Hep. 
Acid

%Hex.
Acid

%Pent. 
Acid

% 2-Octyl 
Nitrate

% 2-Octyl 
Nitrite

2 90 7 3 . _

4 90 6 4 - - - - -

6 90 4 3 - 1 - 1 1
8 90 2 5 - 1 - 1 1

12 91 2 1 - 2 - 2 2
16 91 1 2 - 3 - 2 1
24 91 - 2 - 4 - 3 -
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The percentages given in these tables represent relative G.C. 

peak areas. For the various reactions carried out over time, the 

relative overall peak areas remained nearly constant, allowing us to 

assume a proper mass balance was to a large extent maintained 

throughout the reaction. Therefore these values give a reasonably 

good qualitative understanding of the extent of the reaction as well 

as the chemical nature of the molten salt hydrate medium.

Inspection of these tables shows, as expected, a steady 

decrease in the starting ester as the reaction proceeds and that the 

rate of decrease is dependent on the acidity of the medium.

Further examination shows that the major products detected for 

the 1 ^ esters, n-hexyl and n-octyl acetate, are a series of 

carboxylic acids, and the corresponding nitrate and nitrite esters. 

(Although 1-octanol was detected after two and four hours in 2% ^ ^ 3  

with n-octyl acetate.) But, under milder conditions (< 10% HNO^) 

and using a 2 ^ ester(2 -octyl acetate) the product of ester 

hydrolysis, 2 -octanol, was consistently detected, along with the 

corresponding ketone, 2-octanone. Also a series of carboxylic acids 

were detected as well as the nitrate and nitrite esters.

From these results we were able to derive a path for the 

reaction of the secondary ester.

Initially the expected acid-catalyzed ester hydrolysis takes 

place to give a 2^ alcohol. The alcohol is then oxidized in the 

acidic medium to a ketone, which is then further oxidized to its 

appropriate carboxylic acid.
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Since it is well known that 1^ alcohol oxidizes much more 

rapidly than 2^ alcohol,^ then we can assume that the primary ester 

is being hydrolyzed in the medium to give a 1^ alcohol. But because 

the 1 alcohol is so reactive it is immediately oxidized to its 

corresponding aldehyde and is not detected.

The aldehyde is also a very reactive species in this acidic 

medium and will easily oxidize to the appropriate carboxylic acid. 

The aldehyde is not detected also, since the oxidation reaction 

occurs so rapidly.

Therefore we have proposed that for both and 2^ esters the 

presumed acid catalyzed hydrolysis takes place giving the 

appropriate alcohol. But since the 1^ alcohol and aldehyde are so 

easily and rapidly oxidized in this medium they are rarely 

detected. Whereas the less reactive 2^ alcohol and corresponding 

ketone can be readily observed. A number of controlled reactions 

performed in this medium reinforce this theory.

A very curious aspect of this reaction was that early in the 

reaction, before any of the oxidation products were observed, the 

presence of the nitrite ester was detected. This lead us to believe 

that somehow nitrous acid was present in our reaction medium and was 

responsible for the formation of the nitrite ester via a 

nucleophilic displacement type reaction with either the ester or the 

alcohol•
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80It has been reported that nitric acid is fairly stable at 

room temperature. However upon exposure to light or upon heating, 

especially above 68^C, nitric acid undergoes a reversible 

decomposition:

A HN03 . - A N02 + 2 H20 + 02

Since we were running our reactions at 76^C it was feasible 

that this reaction could be taking place. It was also evident that 

this decomposition was occurring since a brown gas was observed in 

our sealed reaction vessels, which is a consequence of the unpaired 

electron of NC>2 gas.

It is well known that NC>2 exists in equilibrium with ^20^ which 

is temperature dependent,

2 N02(g) • N204 (g)

and in the presence of an aqueous medium ^ ^ A  reacts in 

following manner:

No0. + 2H_0 ■* Ho0+ + NO “ + HN0o2 A 2 3 3 2
80It has also been stated that, even though nitric acid is a 

stronger oxidizing agent than nitrous acid from a thermodynamic 

stand point by comparing standard potentials, it seems from a

kinetic stand point nitrous acid reacts faster. Therefore, it seems 

very plausible to assume HN02 does exist in our hydrate melt 

reaction medium and is responsible for the formation of the nitrite 

ester.
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Some of the more significant and decisive conclusions regarding 

identification of products, determination of mechanistic routes, and 

about the chemical nature of the molten salt hydrate medium itself 

came about as a result of a large number of controlled reactions 

which were performed.

In these controlled reactions previously identified products of 

the ester hydrolysis reaction were introduced into various mole % of 

the hydrate melt reaction medium (HN0^1.65* H^O/CaCNO^)^• AH^O), 

allowed to react over a range of times, and their products analyzed 

and identified (See Table #36).

When 1^ alcohols were introduced into the medium and allowed to 

react, the products obtained were a series of carboxylic acids, and 

the nitrate and nitrite esters. When a 2^ alcohol was used it gave, 

in addition to these products, the appropriate ketone.

The 1^ nitrite esters, n-hexyl and n-octyl nitrite gave only a 

series of carboxylic acids. Whereas the 2^ nitrite ester, 2-octyl 

nitrite, also gave the corresponding ketone, 2-octanone, in addition 

to a number of carboxylic acids.

When the appropriate aldehyde or ketone was introduced into the 

medium and allowed to react, the same corresponding series of 

carboxylic acids were once again obtained.
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TABLE #36

1^ Alcohol -* Carboxylic Acids, Nitrate Ester, 

Nitrite Ester

2^ Alcohol -> Ketone, Carboxylic Acids, Nitrate Ester, 

Nitrite Ester

1^ Nitrite Ester --------» Carobxylic Acids

Nitrite Ester -------- ► Ketone, Carboxylic Acids

Aldehyde Carboxylic Acids

Ketone -*• Carboxylic Acids

1^ Nitrate Ester Stable

2^ Nitrate Ester -» Stable

Carboxylic Acids Stable
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When either the 1^ or 2^ nitrate esters were placed in the 

hydrate melt no reaction occurred. Even in the highly acidic melts, 

10% HNO^, over long periods of time, 48 hours, at 7(Pc the nitrate 
ester remained stable (the relative peak areas on the G.C. remained 

constant over time).

Finally the specific groups of carboxylic acids, which were 

obtained as products, were introduced individually and as a series 

into the reaction medium. But they all remained stable and no 

reaction occurred, even at high acidities and after long reaction 

times•

As a result of these controlled reactions we were able to

predict the path of the reaction, and using both permanganate and 
81chromic acid as model systems in order to obtain probable 

mechanisms for oxidation reactions, we were able to propose the 

following mechanistic routes which explain the occurrence of all the 

products of the ester hydrolysis rection for both 1^ and 2^ esters 

(See Schemes #1-9).

Scheme #1 shows a typical acid catalyzed hydrolysis of a 1^ 

ester (n-octyl acetate). In the acidic medium the carbonyl oxygen 

is protonated to give the two resonance contributing structures. 

This allows water to act as a nucleophile and add to the 

carbocation. An internal hydrogen abstraction then takes place to 

give an intermediate species which falls apart to the appropriate 

alcohol (1-octanol) and acetic acid.
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The 1^ alcohol is then oxidized to its aldehyde via the

formation of a nitrite ester (Scheme #2). As already mentioned,

HNO^ undergoes a disproportionation reaction to give HNC^ > which is

a thermodynamically weaker oxidizing agent, but from a kinetic stand 

point it reacts faster.

Initially the 1^ alcohol is protonated and then the nitrite 

anion acts as a nucleophile to displace water and form the nitrite 

ester. The nitrite ester then undergoes an internal hydrogen 

abstraction and falls apart to the corresponding aldehyde (octanal).

The aldehyde can be protonated to give the two resonance 

contributing structures. This cation is then most likely attacked 

by the more powerful oxidizing agent, the nitrate anion, which 

undergoes an internal hydrogen abstraction to give the appropriate

carboxylic acid (octanoic acid).

The other possibility is that the aldehyde could enolize and

add the nitrate anion across the double bond in a 1 ,3-Dipolar
4S 2SCycloaddition type reaction by the allowed tt + tt transition, 

similar to an ozonolysis reaction (Scheme #3).

This cyclic intermediate can then fall apart via the reverse 

cycloaddition reaction to give a one carbon shorter aldehyde (in 

this case heptanal). This aldehyde can then be oxidized to its 

appropriate carboxylic acid (heptanoic acid) or it can enolize and 

undergo a 1 ,3-Dipolar cycloaddition of N0^ to give the next shorter 

chain aldehyde (hexanal). This cycle can continue, finally giving a 

complete series of carboxylic acids.
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The 1^ nitrate ester can form from either of two possible 

routes (Scheme #4). It could be formed when the protonated ester is 

attacked by the nitrate anion which undergoes an internal

rearrangement and falls apart to give the nitrate ester.

A more likely possibilty is simply protonation of the 1^ 

alcohol (formed via hydrolysis of the ester), and then the 

nucleophilic displacement of water by NO^ to give the 1^ nitrate 

ester directly.

Scheme #5 shows a typical acid-catalyzed hydrolysis of a 2^ 

ester (2-octyl acetate). In the acidic medium the carbonyl oxygen 

is protonated to give the two resonance contributing structures. 

Once again, this allows water to act as a nucleophile and add to the 

cation. An internal hydrogen abstraction takes place, to give an 

intermediate species which falls apart to the appropriate alcohol 

(2-octanol).

In Scheme #6 the 2^ alcohol is oxidized by the nitrite anion to 

give the 2^ nitrite ester (2-octyl nitrite). The nitrite ester 

undergoes an internal hydrogen abstraction to give the appropriate 

ketone (2-octanone).

The ketone can then enolize in two different ways. The more 

stable, highly substituted enol undergoes oxidative degradation via 

the 1,3-Dipolar cycloaddition reaction to give a two carbon shorter 

aldehyde (hexanal).

This aldehyde can then be oxidized to its corresponding 

carboxylic acid (hexanoic acid) or it can enolize and undergo
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oxidative degradation to the next shorter chain aldehyde (pentanal), 

and the two-fold process can continue (Scheme #7).

Scheme #8 shows the less substituted enol also undergoes 

oxidative degradation via the 1 ,3-Dipolar cycloaddition reaction to 

give a one carbon shorter carboxylic acid (heptanoic acid).

The 2^ nitrate ester can be formed from either the 2^ ester or 

the 2^ alcohol (Scheme #9). The ester can be protonated in the 

acidic medium to give the two resonance contributing structures. 

The nucleophilic nitrate anion attacks the cationic species to give 

an intermediate which rearranges and falls apart to the 2^ nitrate 

ester (2-octyl nitrate).

The other possibility is protonation of the 2^ alcohol and then 

nucleophilic displacement of water by NO^ to give the 2^ nitrate 

ester.
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Acid-Catalyzed Ester Hydrolysis of n-Octyl Acetate

CH-

o
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0  — (C H2 )7c h 3
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OH OH OH
I I I ®
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O xidation of I -O c ta n o l to O ctanal

+
i_i

CH3 (CH2)6 - 0 H  = r  CH3 (CH2 )6 CH2'-O H 2 -— - CH3(CH2)6 CH2- 0  — N =  0 +  H2

V . -O cty l Nitrite

0
II

CH3 (CH2)6 ^  ^

© © 
h - o =  n

Zj  ^ N :  z = 2  CH3(CH2)6 H +  i |

H H Q ’ Octanal H —N = 0

Oxidation of I -  Octanal to Octanoic Acid

O ®0 OH
II + II IH

CH3(CH2)g H =  CH3(CH2 )6 H  --------   CH3(CH2)6 ® H

OH 0
I OH II

_ I _ . ,C
CH3(CH2)g ® H CH3(CH2)6- < p - H - ^  .... • CH3(CH2)g OH
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tl o  +  H 0 - N = 0
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SCHEME # 3

,3  Dipolar Cycloaddition of N 0 3 to Octanal

o
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Formation of I-O ctyl Nitrate Ester
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Acid-Catalyzed Ester Hydrolysis of 2 -Octyl Acetate
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O xidation of 2 -O c ta n o l

OH  ̂ r 0H2 0 0
I H I >

c h 3- c h - ( c h 2)5c h 3 ^— -  CH3- C H - ( C H 2)5CH3 =  CH3- C H - ( C H 2)5CH3
.

® '.O' JO. 2 - Octyl Nitrite

0  ® ..€ 
CH2(CH2)4CH3 II H — 0 = N

C H ^ C ^ H ^  = T  C H ^  ' ' ( C H 2)5CH3 t |

O 'O 2-Octanone H — N =  0
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Oxidation of 2-O ctanone to give Heptanoic Acid 
via a 1,3 -  Dipolar Cycloaddition
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Formation of 2 -Octyl Nitrate Ester
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Some introductory experimental work was performed in order to 

asses the potential usefulness of molten salt hydrates as a medium 

for nitrating aromatics.

The preliminary results demonstrated that aromatic compounds 

are rapidly nitrated in these hydrate melts without any complicating 

side reactions. Although much more experimental work needs to be 

done before conclusive results can be obtained, it seems that these 

molten salt hydrate systems could serve as a potentially useful 

synthetic medium for nitrating aromatic compounds.



C O N C L U S I O N S

We have shown that the molten salt hydrate melts of CdCNO^^* 

4H20, Zn(N03)2 • 6H20, AlCl^ 6H20 and HN03*1.65H20 in the solvent

Ca(N03)2 * 4H20 are highly acidic. This enhanced acidity is 

attributed to the polarization of the oxygen atom towards the metal

center and the attraction of the anion for the water protons,

resulting in a decrease in electron density around the proton,

thereby causing an increase in the proton's acidity.

The standard approach of expressing this acidity is the Hammett

Acidity Function and the traditional way of measuring is through

spectrophotometrie techniques, but a number of problems and 

experimental obstacles were encountered in using this method.

The viscosity of the medium itself presented a number of

problems. Samples were hard to work with, it was difficult to

obtain a homogeneous mixture with the indicator, it was equally 

hard to deal with the melts volumetrically and on this scale 

gravimetric measurements introduced larger errors, and the melts had 

a tendency to recrystallize .

Probably the most significant problem was that the Hammett 

Acidity Function could not be measured over a wide range of 

concentrations, since at higher mole percentages of melt (higher 

acidities) the base indicators often decomposed.

Therefore we have proposed a rather novel approach to measuring
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the acidities of these molten salt hydrates by correlating the

Hammett Acidity Function with the Proton Magnetic Resonance shift of

these hydrate melts.

As a result of this linear correlation we can accurately 

predict the values for any of these hydrate melt systems by

simply measuring its NMR chemical shift.

This method eliminates the experimental difficulties

encountered in measuring by traditional spectrophotometric

techniques, and it offers a number of advantages over this previous 

procedure.

In addition to the fact that it is an easier method for 

determining values, it is a more accurate technique when one 

considers the dilutions and correction factors associated with the 

spectrophotometric technique. It is also a non-invasive

measurement; nothing is introduced into the hydrate melt which could 

alter its chemical nature. But most importantly, the Hammett

Acidity Function can be measured over a wide range of 

concentrations.

These results have also reinforced the theory that ^H NMR

chemical shifts and protonation of organic indicators respond very
. ., ! u • .j . 18,19,22similarly to changes m  proton acidity.

The results of the experimental studies using the molten salt 

hydrate systems as a synthetic medium, have shown that these highly 

acidic melts can be used to perform certain acid catalyzed organic 

reactions. Although at this point a method needs to be established 

to control these reactions and make them more selective.
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F rom experimental research we have uncovered some rather unique 

and potentially useful properties of these molten salt hydrates 

which could make them a valuable synthetic organic medium in the 

future

One of the more distinct properties that these systems have in 

common is that the acidity of the molten salt hydrate medium can be 

changed without altering the water content of the system, unlike 

most mineral acids.

Another interesting aspect is that for a medium as acidic as 

these molten salt hydrates, the rate of acid-catalyzed ester 

hydrolysis appears to be exceedingly slow in comparison to typical 

rates for reactions performed in aqueous mineral acids of similar HQ 

values (See Tables # 37 and 38). For example, n-octyl acetate in 

10% HN03 • 1 ,65H20/Ca(N03)2 • 4H20 melt (HQ = -3.98) has a half life 

(T ) of 360 minutes in comparison with n-propyl acetate in 55%

(wt %) H2S0^ (Hq = -3.91) has a T ^ 2 = 6 minutes. An example of a 

2^ ester is 2-octyl acetate in 7% HN03* 1.65 H20/Ca(N03)2*4H20 (H^ =

-3.75) has a = 1440 minutes whereas sec-butyl acetate in 55%

H2S0^ (Hq = -3.91) has a T ^ 2 = 14 minutes.

Assuming the order of the reaction is the same, the decrease in 

the rate can be attributed to two main factors. One is the 

heterogenius nature of the medium and the other is the limited 

amount of free water available in the hydrate melt.

Finally these molten salt hydrate systems exhibited properties 

of being both a strong oxidizing agent and a powerful nitrating 

agent.
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Typical Ester Hydrolysis rates in Sulfuric Acid at 25°C 
Pseudo-first-order rate constants in min"'*'

%
H*SO< 10**!“

%
h 2s o 4 10**!

%
HzSOi 10**i

Methyl acetate H-Propyl acetate Isopropyl acetate
14.1 1.50 14.1 1.47 14.1 0.890
20.7 2.61 20.7 2.52 25.3 1.99
28.3 4.22 30.2 5.23 34.8 3.30
34.8 6.41 34.8 6.78 40.4 4.21
40.4 8.14 40.4 8.47 45.4 4.96
45.4 10.4 45.4 9.76 50.2 5.38
50.2 11.4 50.2 11.4 55.2 5.48
55.2 13.3 55.2 11.5 60.4 4.54
60.4 13.8 60.4 10.4 65.2 3.60
65.2 11.9 65.2 8.23 70.4 1.80
70.4 7.25 70.4 4.48 74.1 1.14
74.1 3.83 74.1 2.20 80.0 1.48
80.0 0.931 89.7 0.205 81.7 2.30

95.0 0.323 84.7 4.69
98.6 0.450 88.2 11.2

89.7 13.5
90.8 17.0

«?c-Butyl acetate Benzyl acetate Phenyl acetate
14.1 0.964 10.1 0.740 15.1 1.08
45.4 4.72 25.3 2.52 20.1 1.62
50.2 5.00 30.2 4.04 25.3 2.38
55.2 5.02 34.8 4.61 30.2 3.30
60.4 3.96 40.4 6.08 34.8 4.34
65.2 2.99 45.4 7.13 40.4 6.20
70.4 1.71 50.2 9.81 45.4 8.36
74.1 2.03 52.8 9.30 50.2 10.9
77.7 3.90 55.2 9.91 55.2 14.5
80.0 7.00 60.4 8.52 60.4 19.2
81.7 11.00 62.5 9.24 65.2 22.6
84.7 23.6 65.2 10.1 70.4 27.2
88.2 63.2 66.8 13.7 74.1 29.3

67.3 15.7
69.0 22.3

(adapted from reference ff 65)
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The Hammett Acidity Function for aqueous Sulfuric Acid @ 25°C

wt % H 2S 0 4 -Ho wt % H 2S 0 4 -Ho wt % H 2S 0 4 -Ho

1 -0 -8 4 42 2-69 87 8-60
2 -0-31 45 2-95 90 9-03
5 0-02 47 3-13 92 9-33
8 0-28 50 3-41 94 9-59

10 0-43 52 3-60 96 9-88
12 0-58 55 3-91 98 10-27
14 0-73 57 4-15 99 10-57
16 0-85 60 4-51 99-1 10-62
18 0-97 62 4-83 99-2 10-66
20 M O 65 5-18 99-3 10-71
22 1-25 67 5-48 99-4 10-77
25 1-47 70 5-92 99-5 10-83
27 1-61 72 6-23 99-6 10-92
30 1-82 75 6-71 99-7 11-02
32 1-96 77 7-05 99-8 11-18
35 2-19 80 7-52 99-85 11-28
37 2-34 82 7-84 99-90 11-42
40 2-54 85 8-29 99-95 11-64

100-00 11-94

(adapted from reference # 81)



A P P E N D I X  I

Independence of with regards to the nature of the Base Indicators

The logarithm of the conjugate acid dissociation constant for 

an indicator base in an acidic medium is defined as:

(1) P*SH+ - -l°g<aH+fB [B]/fBH+[BH+ ])
If two different base indicators, X and Y, have fairly similar pK^ 

values, are dissolved into two solutions of a particular acid with 

the same conceration so that both solutions have the same value for 

a , and the concerations of the indicators are low enough so as noti r r

to effect the nature of the medium, then A p K ^ ^  is defined as:

(2) A p K g ^  = log(fXH+/fx ) -log(fyH+/fY ) + log Iy - log Ix 

where I = [B]/[BH+ ]

(3) A log I = A P \ n+ ~ [log(fxH+^fX^~ loS(fYH+/fY ^
Using weakly basic anilines as indicators, Hammett found that plots

of log I and log I against acid concentration were virtuallyA i
parallel over the whole range of concentrations (See Figure #19). 

In other words log A I remains constant for the two different 

indicators over a full range of acid concentrations. Therefore 

A log I is independent of a ( = f [H+ ]). Since a pK is in no way
r r r  rrr

dependent on the acidity of the medium, then according to equation 

#3 the term: "" ^ Y H + ^ Y ^  must als° be independent
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In dilute acidic solutions f    1 and the log f  0.

If the term log ^ Y H + ^ Y ^  iS zero in dilute acid
solution, it must be zero at any concentration of acid since the 

term is independent of a .rrr

Therefore the ratio depends only on the acidity of theiinT

medium and not on the nature of the indicator, since, =

aTT, f_/f_TT . and H_ = -log h^ then is independent of the indicatorH+ B BH+ 0 0 0
used.
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A P P E N D I X  II

Using the equation = pKgH+ - log ([BH+ ]/[B]), one can obtain 

a quantitative measure of the acidity of a solution by measuring the 

degree to which a base is protonated in this solution. In this case 

the base functions as an indicator.

Spectrophotometric methods provide a reliable means of 

measuring the ionization ratios of weak bases and the dissociation 

constants of their conjugate acids. Therefore, when the weak base 

(B) is protonated to the conjugate acid (BH+ ) a color change takes 

place which means the weak base and conjugate acid have a measurably 

different electronic absorption spectrum.

Initially the molar extinction coefficient of the Hammett 

indicators was determined by making a solution of known 

concentration in 95% ethanol and measuring its absorbance 

spectrophotometrically. Then using a Beer's Law relationship, 

A = €bc, the molar extinction coefficient can be calculated.

Next a stock solution of the indicators in 95% ethanol were 

made up at specific concentrations such that a given number of 

microlitters of stock indicator solution added to a specific volume 

of water gave a known absorbance for that solution. Then the same 

number of microlitters of stock indicator was added to the same

volume of CaCNO^^- 4 ^ 0 ,  and the absorbance measured.
H20 , . MELT . ,It was shown that the two absorbances, Ag and Ag » witn

the melt giving a slightly lower absorbance. An important fact
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though was that the magnitude of the difference in the two

absorbances remained the same no matter what indicator was used;

therefore, we know that the indicator base is not being protonated

by Ca(N0o)„• 4H„0. Also the X for these two systems are3 2 2 MAX
different. All of these facts can probably be attributed to solvent 

effects on the absorbance spectra (solvent shift). Therefore, the 

absorbance of the melt must be corrected for these solvent effectrs

in the following manner:
a j  » ft  H20 . MELT.
A MELT,B = ”easured A MELT,B (AB /AB >

Hq can be measured directly by absorbance spectroscopy since there 

is a linear relationship between absorbance and concentration, using 

the following relation:

V  p i w  + log <[B]/[BH+ ]> = pKbh+ + log ( A ^ y A ^ )

Where A^g^T g = absorbance of the weak base in the melt and Ag^+ = 

difference in the experimental absorbance of the diluted solution 

(which is total base) and A ^ ^ ,  g» This is rationalized by the 

following argument:

% base = Amelt/Abase 

% acid = (Abase - AMELT)/ABASE 

Therefore the ratio of base to acid =

^ E L T ^ B A S E ^  ̂ ^ A S E  ~ ^ E L T^BASE-* = "SlELT^^ASE " "SlELT^ 
Therefore Ag^+ = A ^ ^  g - A^^-g g, but the measured absorbance

of the diluted melt (total base form) must be corrected for the fact

that the conceration of the indicator has decreased:
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JL,tt b = (measured AnTT _) X Total Vol. Sola, (ml). X Density meIt(g/mL) 
1)IL’B DIL'B Weight melt(g)
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