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with piperidine in N204 show that nitrosoamine is the major product,
but the small quantity of nitramine observed in runs without 02/NO is
increased substantially with the addition of the two gases. A shock
sensitive substance consistent with the structure CH2fNNO2 is isolated
in runs with hexamine and an NO-rich 02/NO mixture. When the gas stream
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of which is 1,3-dinitro-5-nitroso-perhydrotriazine. For mixed acid
nitration it can be shown that an estimate of the increase in oxidation
potential of nitric acid with increasing acidity parallels the increase in
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HR + log a function. In accord with an electron transfer nitration
model, experimental results show that the addition of H 202to phenol
nitrations in 56.2% sulfuric acid suppresses the nitration severely.
However, the addition of both hydrogen peroxide and N(III) to the
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a radical cation role in aromatic nitration.



FOREWORD

SRI International has conducted a program of research for the Army

Research Office under Contract No. DAAG29-76-C-0040. The research effort

included laboratory studies of aromatic nitration and amine nitrolysis,

and dealt with the question of the validity of the currently accepted

mechanism of aromatic nitration in mineral acid media.

This final report is presented in four sections. Sections 1 and 2

describe our work dealing with nitrations and nitrolyses of aromatic and

amine substrates, respectively, in liquid nitrogen tetroxide. Section 3

discusses our new view of mixed acid nitration in terms of electron transfer

chemistry, and Section 4 deals with HONO and Ce(IV) catalysis of nitration.

In the Appendix is a copy of a manuscript on the HN0 2 catalysis

to appear in Chemical Communications. Ioe% I on, Fo
MIS ozJ1

-; io
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Section 1

AROMATIC NITRATIONS IN LIQUID NITROGEN TETROXIDE

Introduction

Nitrogen tetroxide (N201) reacts very slowly with benzene. Only after

reaction at high temperature or for very long periods is some nitration

observed.AJV reportnere on nitrations in N202 systems that are rapid at

09 C and appear-Ito represent a new route to aromatic nitration. As we.-wall

discuss$ the rates of aromatic nitration as well as the distribution of

isomers in products from the system are significantly different from those

obtained classically in mixed acid systems.

Results and Discussion

This work began with the attempted generation of N2 0 5 in the presence

of an aromatic substrate, after the work of Ogg, 2 who suggested that N2 0 5

could be prepared in the gas phase in NO/NO2 /0 2 mixtures through the sequence

0 2 + NO + 0 2 N ( 0,NO + NO2  + NO 2 + N0 3 (2)

NO 2 + NO, +- N 201 (3)

In our initial efforts, we were unable to repeat his results, and using the

latest kinetic data available for equations (l)-(3), 3 we established that,

contrary to his conclusions, Ogg could not have had significant quantities

of N 205 in his gas phase, ir experiments. We suggest that he may have

mistaken the ir bands of HNO, for those of the pentoxide. The two species

have very similar gas phase ir spectra, and in our experience HN0 3 was

always seen despite rigorous drying of our gases and all equipment.

We then investigated the same chemistry in liquid N204, where work

was performed in the apparatus shown in Figure 1. N204 is an easily

handled liquid, boiling at about room temperature. Usually the experiments

were performed under 2 atm of 02, with NO bubbled into the rapidly

stirred liquid at such a rate that the developing green color of N20 3

A portion of this work was presented at the 174th Meeting of the American

Chemical Society, Chicago, Illinois, in August 1977. A full manuscript
is in preparation.

1
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faded at the tip of the NO inlet tube. Benzene was the first substrate

studied; the results for a series of runs with and without oxygen are

shown in Figure 2. Results for other agents are shown as well for

comparison.

In the absence of oxygen, only N 205 provided significant nitration.

In each case the reaction had ceased within 15 mim, and surprisingly,

nitric acid failed to yield more than about 15% nitration. Runs for longer

periods and with increased nitric acid quantities yielded only little more

nitration, with the nitration stopping long before all the HN0 3 (the

limiting reagent) was consumed. This curious result is an area of research

we propose to pursue in the next research period. It is also seen that

neither NO nor water is very active.

The results with oxygen are strikingly different. Nitrogen pentoxide

appears to be somewhat more active, and water itself yields about 40%

nitration. However, nitric acid and NO are clearly very active, providing

yields in excess of 100% of nitrated products. Again, the nitric acid

results are curious, and we propose to direct our attention to that system.

Their similarity to the NO results suggests a similar reaction path. Our

interest, however, was focused on the NO results.

In the NO work, both di- and trinitrobenzenes are formed in addition

to nitrobenzene, and the yield in excess of 100% suggests a chain process

for the nitration. Also, the superior performance of the NO system relative

to that of N 20 5 clearly suggests that the pentoxide is not an intermediate

in the nitration process.

The results for other substrates studied with the NO/02 system are

shown in Table 1. Comparison of runs 1 and 2 shows that the addition

of NO/O2 to the system results in the nitration of 60% of the starting

benzene. Based on the limiting quantities of NO used, the yield value is

actually higher; the % yield column in the table displays yields for most

of the runs calculated in this way.

The yields in excess of 100% for benzene suggest the operation of a

short chain process in which dinitrophe.iol is a common side product. For

runs 3, 4, and 5, the yields with respect to NO are high, but the total

quantities of benzene nitrated are small. Although no attempt was made

3t
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The percent yields are calculated in terms of the limiting reagent.
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to maximize the process, in some runs with larger quantities of NO and

limiting quantities of oxygen, 20%-30% of the benzene was nitrated. In

these cases the dinitrobenzene yields exceeded those of nitrobenzene. The

TNB yields were always small and highly variable. The system is complicated,

however, and no full study was made of the effects of all the variables.

In summary,

e The system works for benzene and toluene, but not for substrates
with electron-withdrawing groups.

Benzene yields not only nitrobenzene, but also di- and trinitro-
benzene under conditions where nitrobenzene itself is r'L nitrated.

The relative yield of dinitrobenzene increases with increasing
quantities of benzene in the reaction mixture.

The o:m:p ratio for the dinitrobenzene formed is consistently
%11:62:27, in contrast to the reported ratio for the nitric acid
nitration of nitrobenzene of 7:91:2.

4

* All three trinitrobenzenes are observed in almost equal quantities.

* Toluene in the system yields consistently only mononitrotoluenes
under conditions where benzene is converted to polynitrobenzenes.

The nitrotoluenes formed at low initial toluene concentrations
are in the classical o:m:p ratio,4 and with increasing toluene
concentration, the ratio shifts to one with relatively large
quantities of meta isomer.

Both benzene and toluene are oxidized by Co(III) to their radical
cations, 5 and the substitution of Co(III) for NO/O 2 provides
products similar to those obtained *in the NO/O2 runs.

It seems clear that the familiar nitronium ion nitration is not

operative in these systems and that there must be some radical character

to the process. However, a straight free radical nitration cannot be

operative, since we observe for toluene primarily o/p nitration, and the

free radical nitration of toluene yields mainly m-substitution.
6

The fact that benzene yields increasing quantities of polynitrobenzens

when its concentration in the reaction medium is increased is distinctly

contrary to what would be expected for a simple substitution reaction.

Also since toluene is more reactive than benzene toward electrophilic

substitution,7 it is notable that the benzene, not toluene, is poly-

substituted. Finally, it would appear that like Co(III), the NO/O2

system can act as a one-electron oxidant.

6

L A.... . . . m ... . . ... I" ... .lI II III



The results are complicated, and no clear-cut reaction path has

currently been developed consistent with all the observations. Clearly,

however, we are dealing with a nitration process significantly different

from those commonly studied, and we can propose the following scheme to

explain most of the data. The scheme remains tentative,pending confirmation

through further research.

It is recalled that equations (1) and (2) yield NO 3 . We suggest that

NO 3 in these systems can act as an effective one-electron oxidant.

NO3 + ArH -0- NO3- + ArH+0 (4)

Then the radical cation adds molecular N 204 , yielding a cyclohexadienyl

intermediate I

NO2 - +-

ArH + NO, 0 (5)

NO2 J

I

which can either lose NO2 to go to the common Wheland intermediate, and

thence to ArNO2

NO2
-NO 2

- (6)

or undergo electron transfer with a second molecule of aromatic substrate

to yield dinitrocyclohexadiene

NO2

Although we write equation (4) as a simple electron transfer, it is
likely that free ions are not formed. Because of the low dielectric i

constant for N 20 4, ion pairs or clusters are probably formed.

* 7



The diene can then go through a series of N 204 additions and HONO elimina-

tions to provide mono-, di-, and trinitrobenzenes

NO2  NO2  NO2  
NO2  NO2

~4 N20, NO2  N201 NO2 (8

N02  NO2  NO2  NO2

-HN02  -2HN02  -3HN0 2

ArN0 2  Ar(N0 2)2  Ar(N02 )3

The competition between equations (6) and (7) explains why benzene

is polynitrated, while toluene is not. The Wheland intermediate formed

from toluene is expected to be relatively more stable than that formed

from benzene, and the ratio of rates for steps (6) and (7), k6 /k,(ArH),

must be significantly greater for toluene than for benzene. Thus for a

given starting concentration of substrate for the two cases, a major portion

of the toluene follows path (6), while the benzene is more equally parti-

tioned. For this scheme the product ratio depends on the relation

polynitro/mononitro = k 7 (ArH)/k6

and it is therefore clear that an increase in the concentration of

benzene increases the relative quantity of polynitrobenzenes in the

product mixture.

Consistent with this discussion, the shift in nitrotoluene isomer

distribution with change in toluene concentration can be explained by the

fact that at the extreme condition where the toluene/N 204 ratio is > 100,

reaction (7) begins to compete with (6), and the sequence following

them predominates. Apparently for the case of toluene, the formation of

polynitro products is less favorable than loss of HONO from the methyl

dinitrocyclohexadiene intermediate.

A one-electron transfer scheme is particularly attractive in applica-

tion to the results we obtained with substrates classically considered

highly reactive to electrophilic substitution.7 We found that in accord

8



with reported work, phenol, anisole, and mesitylene react with N 204

at OC without the necessity of added NO/02 . Results of runs both with

and without NO/0 2 are presented in Table 2.

Table 2

REACTION OF REACTIVE SUBSTRATE
IN LIQUID N 20, AT O°C FOR 15 MIN

Products, % Yield

Substrates N 20 4 Alone With NO/O2

Phenol 98+% 2,4-dinitrophenol 98+% 2,4-dinitrophenol

Mesitylene 56% nitromesitylene 85% nitromesitylene

Anisole 60% nitroanisole 98+% nitroanisole

(o/p = 0.66) (o/p = 0.66)

The phenol is fully converted under both sets of conditions to 2,4-

dinitrophenol. Traces of mononitro product were seen by both gas chroma-

tography and high pressure liquid chromatography. The anisole and mesi-

tylene are converted partially to their mononitro derivatives, and the

addition of NO/02 substantially increases the conversion for both cases.

Notable for anisole, the o:p ratio does not change, and thus similar

chemistry must be operative in both cases. Also significant is the quanti-

tative formtion of nitroanisole, as opposed to the common observation in

mineral acid anisole nitrations of major conversion to nitrophenols.
9a

It has been juggested that the mechanism of nitration in these re-

active substrates in N 204 includes initial nitrosation, followed by oxida-

tion of the nitroso derivative to the nitro compound. 8b This mode of re-

action is suspect, however, since the purposeful initial nitrosation of

anisole in sulfuric acid yields a product with an o:p = 0 .0 6 ,9b in strict

contrast to both our N 204 results and those of Underwood et al.
8c On the

other hand the substitution cannot be through a nitronium ion scheme, since

Bonner and Hancock 8b found that N 204 was far superior to nitric acid in

anisole nitration in CCIL.

It is expected that a change in medium could affect the o/p ratio in the
product mixture. However, the overwhelming differences discussed here
can only be due to different mechanisms.

9



It might be suggested that at least the mononitration of phenol pro-

ceeds via the phenoxyl radical.

OH 0.

O + NO 2  10 + HN0 2  (9)

In contrast to the nitration of toluene in a free radical process, this

intermediate should readily be substituted in the o- and p- positions

00 0

(10
+NO 2 -- R -NP (10)rer

0\ rear.

H NO 2

This scheme is not possible at O°C, however, since the abstraction in

equation (9) is endothermic by about 7 kcal/mol; i.e., D(H-ONO) = 78

kcal/mole and D(H-OPh) = 85 kcal/mol.
10a

Since NO/0 2 addition in these systems increases the yield but does

not change the product isomer distribution, and since we have shown that

NO/O2 systems can act as one-electron oxidants, perhaps via NO 3 , we can

conclude that a radical cation scheme similar to that discussed above can

be operative for these reactive substrates.

An overall view of the process then is one in which aromatic sub-

strates with increasingly greater ionization potentials in turn require

increasingly more potent oxidants for successful nitration. The mono-

nitration of mesitylene and anisole under conditions where benzene is

dinitrated is consistent with the similar finding for toluene and is in

line with the expected highly stabilized Wheland intermediates for these

compounds.

A puzzling aspect of the result is the full dinitration of phenol.

In a preliminary experiment we established that p-nitrophenol was converted

10



quantitatively to 2,4-dinitrophenol in liquid N 204 under the above con-

ditions in the absence of NO/02. Possibly the acidity of

the substrate might be promoting the process in some way. It is known,

Afor example, that the oxidizing potential of N204 is promoted by acidlOb

+
N20 4 + 2H + 2e 2HN0 2

and investigations along these lines are continuing.

11



Section 2

REACTIONS OF AMINES IN N204 /NO/02 SYSTEMS

Our favorable results with aromatic substrates (Section 1) suggested

that it would be feasible to synthesize nitramines in the same system. It

has been reported that secondary amines react readily with N 204 , present

as the limiting reagent, in various solvents to form either equimolar

quantities of nitrosamine and the nitrate salt of the starting amine

O°C

2R 2 NH + N 2 01 - R2N-NO + R2NH2+N03
-  (11)

or, at low temperatures, the nitramine and nitrite salt
i

2R2NH + N 2 01 -80°C 0 R2N-N0 2 + R2NH2 +N02
-  (12)

When the N204 is present in excess, however, the nitrosamine is formed

fully in runs at 250C, with traces of nitramine observed.12 Apparently the

nitrate salt in equation (11) can react with N 204 to yield more nitrosamine.

In work related to that described above, we performed experiments

with piperidine as substrate in liquid N 204 at O°C. The results are pre-

sented in Table 3.

In N 204 alone, piperidine is converted to nitrosamine with small

quantities of nitramine in the product mixture. The addition of NO/02

increases the quantity of nitramine somewhat, but the nitrosamine itself

is not oxidized by the system. Piperidine and NO are unreactive under

these conditions; however, piperidine reacts with NO/02 to form only

nitrosamine.

A simple scheme for the nitrosation of the amine through NO+ explains

most of the data

N 2 0. NO+ + NO 3  (13)

NO + + R 2NH- 2NH • R 2N-NO (14)

NO

12



Table 3

REACTIONS OF PIPERIDINE AND NITROSOPIPERIDINE
IN VARIOUS NO SYSTEMS AT 00 C/15 MIN

x

System Substrate Producta

N 204 Piperidine 94% nitrosamine

6% nitramine

N204 /NO/02  Piperidine 85% nitrosamine
15% nitramine

N204/NO/02  Nitroso- No reaction
piperidine

NO/02b Piperidine 100% nitrosaminec

d
NO Piperidine Very slow reaction

aThe overall product recoveries in all cases are > 95%.

bNo N 204 was used. NO was bubbled into stirred piperidine

under 2 atm 02. Some N2 0 4 was seen near the end of the
reaction.

CQuantitative recovery of nitrosamine.

dSee reference 12.

13



However, the formation of some nitramine and the increase in nitramine

production with the addition of NO/O 2 suggest that possibly electron

transfer reactions compete with reactions (13) and (14.

Thus, since simple amines have ionization potentials in the range

8.2-8.3 eV, 13 similar to that for anisole, they should be very active in

these systems. We can therefore propose

NO2 + R 2NH -- NO2 - + R2NH+ (15)

-H
R2NH + NO2 --* R2NH 0+ R2N-N02  (16)

An alternative route for the formation of nitramine has been proposed.
1 2

NO2 + R2NH -- HONO + R 2N (17)

S

R2N + NO 2 -- R2N-NO 2  (18)

This process, however, cannot be operative in these systems, at least at
O0C, because equation (17) is endothermic by about 17 kcal/mol. More-

over, the chemistry in equation (15) cannot continue along the line

R2NH + NO2 --*-R 2N + HONO (19)

since the sum equations (15) and (19) is equation (17). The radical

cation is therefore a stable component of the reaction. 14

In other work still in progress, we studied the reactions of hexamine

(hexamethylenetetramine) in these systems. Hexamine is the precursor to

HMX and RDX in treatment with nitric acid, ammonium nitrate, acetic acid,

and acetic anhydride.16

Our current results in runs for 2 hr at O°C include the observation

that hexamine in N 204 alone or under 2 atm 02 yields a small quantity of

a solid that quickly decomposes upon standing. The same solid is obtained

as a major product when NO is bubbled into the N 204 /02 system at a relatively

*The appropriate thermochemistry for the calculation is available:

D(H-NR2 ) 95 kcal/mol; 15 D(H-ONO) = 78 kcal/mol.10a

14



rill

rapid rate such that the green color from the initial formation of N 203 fades

only slowly with stirring. The solid is very shock sensitive and, with

DMSO-d6 as solvent, it yields a single NMR peak at 4.2 ppm. Its elemental

analysis is consistent with that for both HMX and RDX, but since its NMR

spectrum is different from that for either of those compounds, which

provide singlets at 6.10 ppm and 6.17 ppm, respectively, we have tentatively

considered the product to be methylenenitrimine, H 2C=N-N02. Methylene-

nitrimine has never before been prepared although many attempts have been

made.17 The firm identification of our product is in progress.

In further experimental work, hexamine was treated with N 201/0 2 into

which NO was bubbled at a very slow rate, so that no green color developed.

In this case, all the hexamine was converted to a mixture of stable pro-

ducts, the major component of which has been identified as I, the nitroso-

dinitro analog of RDX.

NO/

I-N
02N-N )X-N

N0 2

Compound I was prepared by Brockman et al. 18 from the known trinitroso-RDX

analog by treatment with H 2 0 2/HNO. We have currently not identified any

of the other mixture components, but have speculated, on the basis of the

high pressure liquid chromatography profiles, that similar nitroso-nitro

analogs of HMX may be present. This work is continuing.

The chemistry of these systems needs to be developed. In

the hexamine work, the observation of Compound I demonstrates that signi-

ficant nitrolysis (nitramine formation) takes place, in some contrast to

the results for our piperidine work. The formation of Compound I under

conditions considerably less vigorous than those used by others suggests

that the chemistry of this system has potential in practical application.

15



The chemistry itself is novel and of interest. The hexamine system

provides access to both 6- and 8-membered ring systems, and it would be

of interest to establish the effects of both one-electron oxidants such

as Ce(IV) and oxidation via anodic electrochemical procedures on the

ultimante 6/8 product distribution. This area of research will be pursued

in our current program.
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Section 3

AROMATIC NITRATION IN MINERAL ACID MEDIA

Current View

The question of the intermediacy of nitronium ion (NO2
+ ) in aromatic

nitration in mineral acids has been considered for more than two decades, and

it is generally agreed that the nitroaromatic products arise from electro-

philic substitution by the nitronium ion on the aromatic substrate.

HON0 2 + H+ $ H20 + N0 2+ (20)

+ + -H
+

NO 2 + ArH -- ArHN02  - ArN0 2  (21)

The cornerstone in the collective evidence in favor of this scheme is

the work of Westheimer and Kharasch, who showed that the rate of nitra-

tion of nitrobenzene in nitric acid/sulfuric acid media peaked at about

90% sulfuric acid and ran parallel in the lower acid region to the

equilibrium ionization of trinitrotriphenylcarbinol.1 9 This work led to

the development of the HR (or J ) acidity function, which defines the

proton-donating power of a medium in terms of the equilibrium,2 0

ROH + H+ R + + H2 0

so that
aH+ YROH (22)

R a wYR+wR

i*As a point of interest historically, we note that Westheimer and

Kharasch stated that their work, presumably because of its impact on the
war effort, "...although sufficiently precise to support the statements
above, is not of the highest accuracy; in general the speed with which the

work could be accomplished was considered of first importance."
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Later nitration work with other substrates confirmed the original find-

ing.21  The correlation between the nitration rate and the H function
R

is stated to establish nitronium ion as the reactive intermediate because

of the similarity in equations (20) and (22). More recent work has

shown that, in fact, a better correlation exists between the log of the

nitration rate and the function (1. + log aw).2 1 At 25'C, slopes of the

straight lines of near unity are found; however, since with an increase

in temperature the nitration rate dependence on acidity becomes less steep

while the acidity function itself becomes more steep, the value of unity

is more coincidental than meaningful.4, 2 2  Nonetheless, based on the linear

correlation, nitronium ion is said to be well established in the mechanism

of aromatic nitration.

The case is not without its difficulties, however. Encounter rate

kinetics are required to deal with the nitration of reactive substrates,

such as anisole, because the nitronium ion has been labeled as the active

species at acidities as low as 55% sulfuric acid, where only vanishingly

small quantities are present in equilibrium with HNO 3 . The question then

arises of how so reactive an electrophile, successfully reacting at every

encounter, can at the same time be so highly selective, yielding almost

exclusively o/p substituted products. The problem has been dealt with

by introducing an encounter pair into the mechanism, developed after the

rate limiting step, but before the positional selectivity step.22  However,

no direct evidence for the formation of such an intermediate has been offered.

New Approach

Perrin has recently suggested that, for nitration of activated sub-

strates, electron transfer to nitronium ion is the initial step, followed

by reaction of the radical cation of the substrate with NO 2 .
2 3

ArH + NO 2 + ArH + NO 2  (23)

+0 + -H+F
ArH + NO 2  ArHNO2  - ArN 2  (24)

Perrin's rationale involved his finding through electrochemical techniques
.1

that the anodic half-wave potential for NO2 in acetonitrile was greater

18
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than that for a number of aromatics, and he concluded that equations (23)

and (24) were applicable for aromatics more reactive than toluene.

Perrin's observation that NO2 can oxidize reactive aromatic com-

pounds seems to explain the general observation that nitrations of sub-

strates such as phenol, anisole, naphthalene, and similar compounds in

mixed acid media lead to the production of nitrous acid.2 2  Thus, in terms

of Perrin's scheme, some leakage of the N02 must occur, and hydrolysis

takes place

2N0 2 + H20 - HN0 3 + HONO

The nitrous acid produced leads, in turn, to catalysis of the nitration,

considered to be via prior nitrosation,4 and the net reaction is an auto-

catalytic process. (The addition of urea to these systems is said to

eliminate the accumulation of the HONO, and no catalysis is observed.)

In some experimental work to be discussed in Section 4, we have recently

shown that in HNO 3 /H 2 S0 4 media, the presence of the 1-electron oxidant Ce(IV)

significantly promotes the rate of nitration of phenol, the products being

solely o- and p-nitrophenol. Since 1-electron oxidants generate the radical

cation of phenol, 24 thus it would seem that the radical cation plays a significant

role in the nitration. In that same work, we found that nitrous acid catalyzes

phenol nitration through a scheme not involving prior nitrosation. We speculate

that, in accord with the oxidation work discussed above, the oxidizing ability

of N(III) in the acid system was sufficient to oxidize the aromatic substrate

a4 Ce(IV) did.

It seems clear therefore that a one-electron oxidation, either like

that proposed by Perrin or one similar, can be an element in the process

of aromatic nitration in mineral acids. There is some similarity here to

our discussion of aromatic nitration in liquid N2 04. Consistent with these

observations is a statement by Latimer 25 that the oxidizing ability of

nitric acid incre.ases with increasing acidity, in line with the observation

that those substrates difficult to nitrate and requiring higher acidities

for nitration are those with electron withdrawing groups, which in turn

make the aromatic more difficult to oxidize.
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It thus becomes attractive to consider the possibility that the

oxidizing power of nitric acid-containing system contributes to the observed

nitration kinetic behavior of the system. In electrochemical work on the

oxidizing potential of nitric acid systems, Vetter2 6 found that the cathod-

ically active component in aqueous nitric acid systems (that is, the electron

acceptor) was N(IV) rather than N(V). His scheme for nitric acid acting

as an oxidant is

HNO 3 + HNO2 Z H 2 0 + 2NO 2  (25)

2H+ + 2NO 2 + 2e- - 2HN0 2  (26)

with the net reaction being the two-electron reduction of HN02

HNO 3 + 2e- + 2H H 2 0 + HNO2  (27)

This scheme is consistent with the earlier data of Monk and Ellingham
2 7

and later work of Julien and Comtat 28 who established the electromotive

potential of an aqueous nitric acid cell containing N(III) as a function

of acidity. The Monk and Ellingham measurements were made in media ranging

from 1 to 12 M nitric acid. These authors found their observations to be

in compliance with the Nernst equation

aa 2 +

E = E + 0.0591 log HN03aH (28)
S 2 aaHNO2

so that, for example, a plot of E versus the log of the reciprocal of the

measured HNO 2 concentration had a slope of 0.0296 for conditions where

the other variables were kept constant. E for equation (28) is 0.94 V.2 5
0

Also in good agreement with theory, we have found that if the Monk

and Ellingham's acidities are viewed in terms of the Hammett acidity

function H0 , then for values of E at various acidities of constant HN0 2 ,

a plot of E versus -H (Figure 3) yields a straight line with a slope of0

0.060 (in contrast to a theoretical slope of 0.059).

Although there is no reason to expect a linear relationship to exist, muci

less a slope in accord with the Nernst equation, the fit of the -H function
0
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in the Nernst expression could suggest that NO2 behaves like a Hammett

base and that NO2 is protonated before the electron transfer. Thus

NO 2 + H + HN02 +~-~ HNO 2

This suggestion needs to be confirmed.

From the plot, the relationship between the two parameters is

E = 0.0591(-H ) + 0.62 (29)
0

If we equate equations (28) and (29) we get a simple expression for

the activity ratio in terms of H , that ratio being a function of the

properties of the medium in terms of the electron transfer chemistry

log aHNO, H + E x 2 - 31.81 = 2(-H )-10.73 (30)
awa HN02 0.0591 0

We can now generate values of the log term for acidities greater

than those covered by Monk and Ellingham and for other acid systems such

as H2S04. We recognize that such an extension must be made with caution

since this expression is purely empirical and is developed from limited

electrochemical data for a nitric acid cell. Yet we can show that, even

with these limitations, there is a surprisingly good correlation when

applied to aromatic nitration kinetics in sulfuric acid media.

Figure 4a summarizes the kinetic data for aromatic nitration in

HNO 3/H2SO. mixtures over a broad range of acidity, from 40% to 100% sulfuric

acid. The data for three substrates covering that acidity range fall well

on one curve. At the highest acidities, the rate of nitration actually

decreases with increasing acidity.

Figure 4b shows a plot of -~(H R + log a w), and the agreement with4

the nitration rate data is clear. A plot for the activity ratio from

equation (30) is shown in Figure 4c, and below 90% H2SO4., the electro-

chemically based function models the reaction about as well as the alcohol

indicator function, although it deviates from the experimental curve at

high acidities.

Commonly, log-log plots are prepared to make these comparisons. We prefer 1
this type of examination since we feel a better overall view of the fit
is provided.
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This treatment comes down to the fact that the potential of a nitric

acid cell is proportional to 2(-H ). In fact, for the range 10% to 95%

sulfuric acid, H ' 2Ho,20 and so E (-H + const). Thus in retrospect

the observed fit is not surprising. Of course, the chemistries involved

in the HR function and in the potential of a nitric acid cell are very

different, and the agreement must be coincidental.

It can be suggested therefore as a working hypothesis and on the basis

of Figure 4c that the correlation between nitration kinetic data and the

HR acidity function is fortuitous and that the actual factors governing

nitration rates are more closely related to redox potentials than to the

acid-promoted formation of nitronium ion. Using Vetter's reaction scheme,

Perrin's results, and our own, we suggest the following chain process for

the nitration of aromatic substrates

I ArH - - ArH+

SArH+ + HN03 H+ (Ar/ H

L N0
2 

+ ArOH

+ +
H+ N0 2  HNO2

+ +
HN02 + ArH ArH+  + HN02

prop. HN02 + H NO + H2 0

HN0 3 + NO+ 4 H+ + 2N0 2

+0+ +
ArH + NO 2  ArHN02 H + ArNO 2

The overall stoichiometry is the common

HN0 3 + ArH -* ArN0 2 + H 2 0 (31)

but the detailed chemistry is decidedly different from the nitronium ion-

based scheme.
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As written, the above sequence accounts for the acid catalysis observed

below 90% H 2S04, and a critical aspect for initiation is the formation of

small amounts of NO 2 . The initiation steps shown apply to the presence of

some oxidant to generate the radical cation of the aromatic substrate.

However, nitric acid in the condensed phase is relatively unstable, both

thermally and with respect to trace quantities of catalytic impurities.
2 9

It is therefore likely that even the most carefully purified samples of

HN03 have some trace of NO 2 present. An additional initiation possibility

is a direct electron transfer reaction of the substrate with the acid

H + HNO 3 + ArH - ArH+  + NO2 + H 20

The above scheme is consistent with observations noted to this point,

including the material to be discussed in the next Section. We present

here some very recent data in Table 4, dealing with the addition of H202

to phenol/H 2SO4 /N(V) systems. As shown for run 4, the . *tion of H 202

to a sulfuric acid solution of phenol and N(V) suppresses the nitration

severely. Thus virtually no nitration takes place in 28 min. The second-

order rate constant for phenol nitration (without nitrous acid intervention)

at 25°C can be estimated to be 1.2 x 10- M' sec in 56.2% sulfuric acid

from the data of Coombes et al. 2 2 Based on that value, almost 20% of the

phenol should have been converted in the 28-min period.

Further, this finding can be compared with runs 2 and 3, without and

with urea, respectively, where substantial nitration has occurred. Clearly

the peroxide is acting in a significant way to inhibit the reaction, but

it is not clear how such action can be explained in terms of a nitronium

ion mechanism. This finding can be anticipated, however, in terms of the

proposed scheme, since the peroxide would be expected to oxidize any NO2

present back to HN03, and thus nitration could not proceed.

The chemistry for runs 2 and 3 is like that discussed in the next section

where nitrous acid promotion of the nitration takes place, but not

entirely via prior nitrosation. The observation that urea does not

affect the result is surprising, and should be investigated further.
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When both hydrogen peroxide and N(III) are added, however, we find

that nitration proceeds very rapidly as in run 5, with results similar to

those discussed in Section 4 with Ce(IV). The added material significantly

catalyzes the nitration, and again an explanation in terms of a nitronium

ion mechanism is difficult. Comparison of runs 5 and 6 shows that the

reaction is completed within 30 sec; the differences brought about by

addition order changes are shown in runs 7 and 6, where 98% of the converted

phenol is nitrated when N(III) is added last, in contrast to a large degree

of oxidative side produce when H 202 is added last. The accelerated rate and

yet clean conversion in run 7 is of particular interest, and we are currently

investigating this feature in detail.

The likely mode of reaction here is initial, rapid formation of HOONO,

followed by its equally rapid conversion to NO2 and HO.
30a The OH then,

in accord with recent findings by Walling et al.
30b and O'Neil et al., 30c

generates the aromatic radical cation OH through addition, followed by

protonation and loss of water

H

ArH + OH * [Ar/ H I H20 + ArH 
+

" OH H

and the nitration sequence proceeds. Alternatively, we might propose a

simple acid-catalyzed electron transfer

H+ + ArH + HO - H2 0 + ArH

These observations support our proposition, but require the performance

of a full kinetics study for confirmation.

It is tempting to extend these ideas to acidities above 90%

sulfuric acid, where the nitration rate begins to decline with increasing

acidity. A nitronium ion approach to nitration leads to the conclusion

that the nitration rate should become independent of acidity above 90%

H2SO4 , where the conversion to nitronium ion is complete. The rate profile

in this region should therefore be flat. The observed decline in rate

seems to be inconsistent with the nitronium ion mechanism, but an ex-

planation has been attributed recently by Vinnik et al. 3 1 to the effects
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of the medium on the activity coefficient ratio in the Br~nsted rate

equation for aromatic nitration

rate = k(N02 +)(ArH)(fNo2+f ArH/f tr+)

However, in terms of the radical cation proposition, the decline in rate

at high acidities is directly evident from the chemistry. The process

depends on the production of NO2 , and from the chain prccess, the source of

NO2 is N(III) + N(V). But above 90% H 2SO4 , where all of the N(V) is N02+

+

NO 2 + NO+ )( P 2NO2

In other words, molecular nitric acid must be present for the generation

of NO2 , but it is present in declining quantities at > 90% H2 SO4 . We

suggest therefore that

+ H+
H20 + NO2  H + HNO, (slow)

HN03 + NO 4 H + 2N0 2  etc. (fast)

and the nitration proceeds with the observed rate directly proportional

to the activity of water.

Alternatively, NO 2 could be extensively protonated and the same

conclusion drawn, with

HN02 + H2 0 - H30 + NO 2

as participating in the rate control. For either case, the rate follows

the activity of water.

Topol et al. 32 conducted linear sweep, cyclic voltammetric studies in 9b%
sulfuric acid solutions of N(III), N(IV), and N(V). They found both cathodic
and anodic waves for +e- NO

but only a cathodic wave for

N0 2+ + e-* NO2
Even when NO2 was bubbled into the solution, there was no wave for its
oxidation to N02+. In line with the above discussion, this result suggests
that at these acidities either NO 2 is rapidly and essentially completely

converted to N02+ and NO+ hydrolytically, or it is fully protonated and

resistant to oxidation.
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Figure 5 shows that this limitation in rate by the availability of

free water is in accord with experiment. The figure shows an enlarged

view of nitration kinetics behavior at the high acid end, along with a

curve for the activity of water to acidities as high as reliable data are

available. It is clear from the figure that, if the decrease in log a~w
continues smoothly above 90% H 2SO4 , the decrease in reaction rate will

parallel the decline in the activity of water.

The oxidizing power of nitric acid and the kinetics of aromatic ni-

tration therefore seem to coincide. In turn, the oxidizing power of the

system may be due to increasing protonation of NO2 yielding HNO 2
+
, likely

a very strong oxidant. Other potential oxidants are present in the system,

including NO + , NO 3 from the NO +-HNO3 reaction discussed earlier, and at

higher acidities, NO2 
+ . And for each of these, a scheme similar to the

one above can be written, each scheme a chain process involving one-electron

transfer, and each with the ultimate stoichiometry of equation (31). It

would seem reasonable to suppose that each of these processes operates

individually over portions of the entire acidity range, and the ensemble

is the result in Figure (4a). This possibility needs to be evaluated.

In summary, we have presented an alternative to the nitrot.-um ion-

based explanation for aromatic nitration, and the proposed mechanism

includes electron transfer reactions aligned with the known electrochemistry

of nitric acid systems. Further, within the limits of available data dis-

cussed here, the acidity profile for proposed reaction sequence closely

matches the observed profile for mixed acid nitration over acidities not

only up to 90% H2SO4 ,but beyond that value through the region where the

rate declines.

The preliminary and speculative nature of some of this discussion

notwithstanding, it appears that the current view of the nitration chemistry

in mixed acid media can be significantly challenged. Moreover, the possible

route to aromatic nitration via radical cationic intermediates suggests, in

addition to a new theoretical understanding, some interesting and potentially

useful variations for our present nitration technology. In particular, the

possibility of electrochemically controlled aromatic nitration seems at-

tractive.
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Section 4

PROMOTION OF NITRATION BY NITROUS
ACID AND Ce(IV)*

Nitrous acid can play contrasting roles in aromatic nitration. On

the one hand, it acts as an anticatalyst in the nitration of most aromatic

substrates in nitromethane/nitric acid mixtures, and in nitric acid alone.

On the other hand, in nitric acid/sulfuric acid mixtures, it catalyzes the

nitration of phenol, aniline, and related compounds activated toward elec-

trophilic substitution.
4

The catalytic action of nitrous acid in the latter case is explained

through initial nitrosation of the aromatic substrate, followed by oxidation

to the corresponding nitroaromatic product by nitric acid. Thus, the HONO-

catalyzed nitration of phenol or anisol, for example, yields mainly p-

substitution.33 ,9b  When steps are taken to guard against the accumula-

tion of HONO by the addition of urea, however, the reaction rate is sub-

stantially reduced, and the o:p ratio is reported to become U 1 .9.9b,22

Our initial study of the system by uv spectroscopy led to the curious

observation that the uv profiles of the products of the nitrous acid cata-

lyzed nitration of phenol were different, depending on the order in which

the HONO and HNO 3 were added to the system in otherwise identical experi-

ments. This finding led to further study using high-pressure liquid

chromatography for product analysis. The data for several runs in 56.2%

sulfuric acid at 25°C are shown in Table 5 and summarized in the follow-

ing chart. (The oxidation states of the oxy-acids of nitrogen are used

This portion of the final report was prepared initially as a manuscript
dealing with both nitrous acid and Ce(IV) promotion of nitration in mixed
acid media. A shortened version of it has been accepted for publication
in Chemical Communications, and is presented in the Appendix.
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here, since there is more than one specific form present for both acids

in 50-60% sulfuric acid. Thus, N(III) in these solutions is both NO+ and

HONO; N(V) s both HNO 3 and N0 3 .34 In all of the work, aliquots of aqueous

sodium nitrate and sodium nitrite solutions were added to the acid medium,

and thus served as fresh sources of the respective acids.)

It is seen that when the N(III) is present initially, nitrosation

is complete within seconds. With the subsequent addition of N(V) after

30 sec, _-nitrophenol is virtually the only product after 7 min, with

only traces of the o-isomer seen in the product mixture. This result is

in accord with reported nitrosation stirdies.
3 5a

However, when the N(V) is present initially, followed in 30 sec by

N(III) addition, while the total quantities are small, there are signi-

ficant and consistent increases in the amounts of o-nitrophenol formed,

and some benzoquinone is seen as well.

NITRATION OF PHENOL IN 56.2% SULFURIC ACID
AT 250 C

PhOH + N(III) -- £_ONPhOH N(V) 2NPhOH (o:p 0.03)

full conversion 98% yield

(see text)

PhOH + N(V) - PhOH N(III) O2NPhOH (o:p = 0.11)

98% recovered 98% yield

if quenched here

PhOH + NV

I- ------- O 2NPhOH (o:p % 1.2)

Ce(IV) 20% yield

30 sec - 6.5 min
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The observation of significant o-substitution for the latter case

might be simply explained through the suggestion that in the 30 sec period

before the N(III) addition standard nitronium ion IN(V)) nitration took

place. However, as shown, in control experiments quenched after 30 sec

when only N(V) was present, there was no measurable nitration. Alternatively,

it might be suggested that in the period after the N(III) was added, nitronium

ion nitration competed with nitrosation kinetically. However, phenol nitro-

sation is very rapid. 3 5a In some preliminary kinetic studies with these

systems, we have found that at 25'C, the ratio of rates of initial nitration

to nitrosation under our conditions is about 3 x 10- 5. On the other hand,

the generation of a product mixture with an o:p ratio of 0.11 from an

appropriate combination of straight nitration and prior nitrosation requires

a rate ratio of about 10 . Thus, nitration is about three orders of mag-

nitude too slow under our conditions, and cannot compete with nitrosation.

Therefore, when nitrous acid is present in a mixed acid nitration system,

at least with phenol as substrate, there appears to be a reaction route

competitive with nitrosation, requiring nitrous acid, and leading to ortho-

rich nitration.

Support for a significant role of N(III) in phenol nitration comes

from the brief kinetic studies of these solutions. The nitration of phenol

in N(V)/H 2SO4 media is smoothly second order for an initial period. But

then the process suddenly accelerates, presumably promoted by the accumu-

lation of nitrous acid. At 25'C, the second-order rate constant of the

initial reaction in 56.2% sulfuric acid was found to be 3.9 x 10- 3 M- 1 s- ',

and the point of incursion of the acceleration was a strong function of the

starting phenol and N(V) concentrations. For the concentrations used in the

runs shown in Table 5, the acceleration began after about 2 min or after

only about 2% of phenol was nitrated. In the accelerated regime the nitra-

tion was complete in 5 min.

The 7-min data in Table 5 for N(V) alone are therefore for a system

in which catalysis of some sort takes place. However, if the catalysis

were the result of prior nitrosation, since the large majority of phenol

remained to be nitrated, the nitration product would be expected to be

34



very rich in 1-nitrophenol. We should, in fact, expect a product mixture

similar to that obtained for the runs in which N(III) was added. It is

seen in the runs with no N(III) added that the o:p ratio of 0.78 is in-

consistent with a scheme in which nitrosation occurs initially, and we

conclude again that N(III) is involved in the nitration process, but not

totally via nitrosation. It can be estimated that if the catalytic route

not involving nitrosation characteristically yields product with an o:p

ratio of 1.2 (see below), then that route must represent about 60% of the

entire process. This observation is qualitatively similar to that of Ridd

and coworkers, 36 who found nitration promotion by N(III) in 85% H2SO4, at

which acidity nitrosation is very slow.

In other work we have found nitrous acid in sulfuric acid to be a

strong oxidizing system, at least toward ethers, alcohols3 7 and S02 ,
38

and the possibility therefore existed that an oxidative step was operative

in the scheme. Accordingly a number of experiments were run in which

Ce(IV) was added to sulfuric acid solutions of phenol and nitric acid.

Ce(IV) readily removes an electron from simple aromatic systems to produce

a radical cation, 39 and our initial expectation was that the major products

of reaction would be phenol oxidation products such as benzoquinone and

diphenoquinone.2 4 Instead, as shown in Table 5, significant nitration

took place within just 30 sec. Indeed, 20% of the phenol was converted

to an ortho-rich mixture of nitrophenols, with an o:p ratio of 1.2-1.3.

No m-isomer was observed. Also the product mixture contained about 3%

benzoquinone. These results thus support our suggestions about the

oxidative chemistry of systems that contain N(III) and represent a new

route to nitration.

The 7-min runs with cerium yielded a nitrophenol mixture similar to

that obtained in the runs with N(V) alone with an o:p ratio of 0.7-0.8.

We suggest that the active oxidizer in the system is NO3 , formed via
the protonated form of O-bridged N 204+ +

NO + HNO, ; O=N-0-N(O)-OH

(HN20)
+  4 NO + H + N0 3

N03 + e- - NO 3
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This result is difficult to explain. Since the first 30-sec period of the

reaction yields product with an o:p of nu 1.3, to provide the observed 7-min

product, the nitration proceeding over the following 6.5 min must generate

nitrophenols with an o:p ratio of about 0.4. Detailed kinetic studies are

required to understand this anomaly. Nonetheless, it appears that the

initial rate of aromatic nitration of phenol can be substantially increased

with one-electron oxidants and that nitrous acid can play a significant

oxidizer role in nitration, in addition to that of prior nitrosation.

We believe this report to be the first of a radical-based nitration

in which ortho and para products are formed in predominance over the meta

isomer. Kurz et al. have reported on the free radical initiated nitra-

tion of toluene in which meta substitution predominates.
4 0
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--
Catalysis of Aromatic Nitration by the Lower Oxides of Nitrogen

By DAVI) S. HOSS,* (EORGINA 11 Hv'i. and VILLIAM G, 13i.''.R

SRI International, 333 Ravenswood Ave., Menlo Park, CA 94025

Suntwmarv I n the absence of nitrous acid traps, the nitra-
tion of phenol in 5i.21,, sulphuric acid displays auto-
catalytic behaviour; on the other hand, the isomer ratio
of the products is inconsistent with the commonly
accepted prior nitrosation scheme, and some other route
for the promotion of nitration must he operative.

WiE report here on anomalous nitration patterns of phenol
in mineral acid nitration media which suggest an unusual
catalysis of the nitration, .Such nitrations of phenol and
other substrates activated toward electrophilic substitution
are recognized to be subject to the catalytic effects of
nitrous acid and perhaps other lower oxides of nitrogen, and
the mode of action is assumed to be prior nitrosation
followed by oxidation of the nitrosoaromatic.' We have
found that this reaction scheme is not necessarily operative,
or, at the very least, is not alone in promoting nitration.

We used phenol at 25 C in 56.2,/ sulphuric acid with no
added nitrous acid trap. Aliquots of sodium nitrate and
nitrite solutions served as fresh sources of the Nv and N' l"
species, respectively, in each run.f We added the two
oxyacids to phenol-sulphuric acid solutions either alone or
sequentially, with 30 s between additions. The reactions
were quenched and worked up after either 30 s or 7 min
total reaction time. 'rite analyses were carried out by
h.p.l.c., and the data are presented in the Table.

TABLE. Nitration of phenol in 56-2 % sulphuric acid at 25 'CIL

Material
Nitrophenol b Ratio balance 0

Run Mode Reaction time (M) o Mp () Remarks
I Nv alone 30s < I - 98 98% phenol recovered
2 N'll aloned 30 s quantitative - - -

(nitrosophenol)
3 Nv alone 7 min 87 0.78 87 No phenol observed in

product
4 NV first 7 min 98+  0il1 ± 0"01 98' No phenol observed in

product
5 N111 firste 7 min 98+  0.03 ± 0.02 98+ No phenol observed in

product
• The volume of the solutions was 3-3 ml. Initialconcentrations: NV, 6.1-9.7 x 10- ?m;phenol, 6-1 x 10-3 lt; Ni'. 6.1 x 10-M.

Analyses on quenched samples by h.p.l.c. b Fraction of starting phenol converted into nitrophenols. 0 Fraction of starting phenol
accounted for. d Performed in a spectrophotometer; no product isolated. e Both N"' and Nv added. Second component added
30 s after first.

't The oxidation states of tlit, o% vacids of nitrogpen :re used here becai:sv nore than one sp,,cifi form is nrv,-ent for both nitrous and
nitric acids in 5o1 641% Aulphuric aci Thus. N11' i:i thes,, solutions is both N0 ind IOf 1NI). N' is bioth HN( I- and N(13
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First. we see that whereas the intervention of NO,
catalysis of phenol nitration can bring about autocatalysis,
in the brief 30 s period employed in run I almost no nitration
took place.

We then established that, in accord with work of Challis
and Lawson, phenol nitrosation is rapid and yields almost
entirely the para-isomer." In our work the conversion was
complete and quantitative withiin 30 s (run 2), with a
measured second-order rate constant of kh, = 92 din3

mol- s- -. A measure of the very small degree of sub-
stitution was obtained from runs, shown collectively as
run 5, in which the nitrrhenol formed fromu tei subsequent
oxidation of the nitroso compound by addition of NV was
isolated and found to have an o: p ratio of (0.03 -r 0.02): 1.

Next. in run :1 we see that with onlv NV, after 7 min the
nitration is eflectivelv complete, in (ontrast with the 30-s
result of run I. (learlv some sort of cataly'sis is operative
in the 7 niin rim, since fhon (J ill ica stirel initial rate
constant for plfewd nitration in tlese media (ktxo, , 3.9
x 10 a din3 

Mol
- s-- ) only about 7", of the phenol should

have been nitrated over that period. This v'alue is iii fair
agreement with the value tor nitration at that aciditv in
studies with added H()NO traps''1 lowever, the product
o:p ratio is 0-78: I, a value clearly inconsistent wi.th a
prior iitrosatior route, which shomld yield an o:p ratio of
about 0-03: 1.

Finally, in accord with this assessment is the result of runi
4 in which N V 

was added :10 s before .Xtt. \While small in
an absolute sense, the product o: p ratio of (0-11 :( 1.01) : I
shows that 3 -- 4 times more ortho nitration is taking place in
this mixture than would be expected from the essentially
pure prior nitrosation route operative in run 5.

If we assume that in run :1 both nitrosation and nitration
are proceeding in parallel, then given the nitrosation o:p
ratio of 0-03: I, and recognizing that the o:p ratio for
straight nitration is about 2-0: lii) it can be shown that the
observed product mixture can he obtained only if the

nitration rate is about I-) times greater than the rate of
nitration ria nitrosation and oxidation. In addition, since
the reaction is complete in 7 lini. a lower limit can be
calculated for the apparent second-order rate constant for
the catalysed component of the aromatic nitration.k',.'',,
> 5-0 X 4l( drns rel- I s--i.

This vale is an order of magnitude greater than that for
the conventional nitration, and clearly a potent catalyst not
involving nitrosatiou is operative. It is not cleor if in fact
the reaction is truly catalysed or merely promoted, and we
use the former term her with reservation.

The chemistry in effect here must be elucidated. It can
be suggested that phenol may be a special case, since at
least in acetic anhydride its nitration is more sensitive to
promotion by the lower nitrogen oxides than that of
anisole. 4 On the other hand. our results can be compared
with those recently presented by Giffney and Ridd,' who
suggest that the lower oxides of nitrogen play a non-
nitrosative role in the reaction of NN-dimethylaniline in
nitration media. Their proposed scheme includes electron
transfer from the protonated substrate to NO+, followed by
radical cation reactions. The possibility of radical cation
intermediates in aromatic nitration more generally has
been recently raised,& and it seems the entire question of
nitration mechanism is yet to be resolved. 6
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