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Abstract: The reversible gas phase reaction dinitrogen tetroxide to nitrogen dioxide is very suitable for an
integrated physical chemistry project incorporating thermodynamics, statistical mechanics, spectroscopy, and
kinetics. Furthermore, nitrogen oxides are molecules of current interest given their important role in atmospheric
chemistry. Only relatively common equipment and chemicals are required for the experiment. It consists of the
synthesis of NO2 and of the study of the UV–vis electronic absorption spectrum of the NO2/N2O4 gas mixture as
a function of temperature. From the analysis of the spectra, the absorption spectra of the pure constituents are
obtained as well as the temperature dependence of the equilibrium constant of the reaction. From this
dependence, the enthalpy and the entropy of the reaction are obtained. The values are analyzed and compared
with statistical mechanical calculations. The kinetics of the reaction is also discussed.

Introduction
The nitrogen oxides are a family of compounds of industrial,
biological, and environmental importance. Furthermore, some
of their physicochemical properties are quite interesting. In
Table 1, some properties of selected nitrogen oxides that are
gases at room temperature are displayed [1].
Nitrogen dioxide, first characterized by Dulong [2], stands
out as the only common nitrogen oxide that has a color. The
fumes of concentrated nitric acid, for instance, are yellowbrown owing to NO2. Part of the yellow-brown tint of polluted
air in urban areas is also due to NO2.
Nitrogen dioxide is present in the atmosphere in low but
significant concentrations. Most of the tropospheric NO2
originates in combustion reactions where some N2 oxidation
takes place. The primary oxidation product is NO, but this
compound readily transforms quantitatively into NO2 at
atmospheric temperatures [3, 4]. The formation of NO2 occurs
mainly by the reactions [3, 4]

The nitrogen dioxide molecule possesses an unpaired
electron, essentially located in the nitrogen atom, and has for
this reason some propensity to dimerize forming the colorless
dinitrogen tetroxide,

2 NO2 → N 2 O4

The dimerization process occurs by an elementary reaction
with negligible activation energy, as is typical of the
recombination of simple radicals. The N–N dimer bond energy
is, however, small (only 57 kJ mol–1), and the dimer is unstable
at room temperature. The reverse reaction, a unimolecular
dissociation, is for this reason also an important process at
room temperature
N 2 O4 → 2 NO2

NO + O3 → NO 2 + O 2

N 2 O4 ! 2 NO 2

(1)

2 NO + O2 → 2 NO2
where RO2 is an alkyl peroxide radical, for instance CH3OO•.
Nitrogen dioxide is the main source of tropospheric ozone,
acting according to the photochemical reaction [3]
NO2 + hν → NO + O (λ <420 nm)
O + O 2 → O3

(2)

For this reason, NO2 is of great importance in atmospheric
chemistry, namely in the processes associated with
photochemical smog [3]. It also plays a role in acid rain and in
stratospheric ozone depletion [3].

(4)

It is, therefore, the study of the reversible reaction

NO + HO2 → NO 2 + OH
NO + RO 2 → NO 2 + RO

(3)

(5)

that is the subject of the present work. It consists of the
synthesis of NO2 and the study of the UV–vis electronic
absorption spectrum of the NO2/N2O4 gas mixture as a function
of temperature. From the analysis of the spectra, the absorption
spectra of the pure constituents are obtained as well as the
temperature dependence of the equilibrium constant of the
reaction. From this dependence, the enthalpy and the entropy
of the reaction are obtained. The values are analyzed and
compared with statistical mechanical calculations. The kinetics
of the reaction is also discussed.
Experimental
Preliminary
Remarks.
The
gas
phase
reaction
2 NO2(g) is a favorite textbook example for the
N2O4(g)
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Table 1. Some Gaseous Nitrogen Oxides
Formula
N2O
NO
NO2
N2O4

Structurea
1.13 1.19
N
N
O

N

1.15

O

O

134º O
N 1.19
O

1.19
N
135º N
1.77

NO3

a

Remarks
colorless radical

Relevance
greenhouse gas; precursor of the stratospheric NO

nitric oxide

colorless radical

neurotransmitter; depletes stratospheric ozone

nitrogen dioxide

yellow-brow radical

dinitrogen
tetroxide

colorless; with planar
structure

atmospheric pollutant; precursor of tropospheric
ozone
rocket propellant; nonaqueous solvent

nitrogen trioxide

blue radical; very
reactive

O

O

O

O

Name
nitrous oxide

120º O
N
1.2
O

atmospheric pollutant

Bond lengths in Å.

discussion of chemical equilibrium [5], and its experimental study is
described in an article [6] and in several physical chemistry laboratory
manuals [7–9]. Two methods have been used: pressure measurements
in conjunction with weighing [7–9] and spectrophotometry [6]. The
first method requires very accurate mass measurements, and, for this
reason, large volumes are required along with a vacuum line. The
spectrophotometric method, as described in the literature [6], also
requires a vacuum line, and the experiment is performed at a single
wavelength, the only purpose being the determination of the
equilibrium constant. Present safety concerns and the trend towards
the use of the smallest possible amounts render the implementation of
the aforementioned experiments difficult if not impossible. In this
work, a new method, simultaneously simpler and more precise, is
described, which also allows the determination of the absorption
spectra of the monomer and of the dimer. Unlike the published
experimental techniques that use NO2 gas cylinders, and require large
volumes, in the present method the nitrogen oxides are prepared with
good purity and in small amounts from common starting materials.
NO2 Preparation. NO2 (very poisonous gas! Lethal above 200
ppmv [10]) is obtained by the reaction of nitric acid with metallic
copper in the form of thin foils in a well-ventilated fume hood [1].
Gloves should be used throughout the experiment in order to avoid
damage to the skin by the vapors and by the acid. The formed NO
immediately reacts with atmospheric oxygen to give NO2 vapor [1].
Part of the vapor is collected using a syringe or a Pasteur pipette. The
gas is next forced into a quartz absorption cell (1-cm path length) with
a valve that is closed immediately after the injection. The
concentration of nitrogen oxides inside the cell is adjusted in order to
have a room-temperature absorbance of about 0.4 at 410 nm. The
mixture contained in the cell is in this way made of nitrogen oxides
(ca. 10–3 M) and air (ca. 4 × 10–2 M), with a room temperature
pressure of about 1 bar. In the absence of strong UV-vis radiation, the
presence of O2 and N2 does not affect the equilibrium, but only the
corresponding kinetics (effect to be discussed below). The above
described preparation can be performed either by the students, under
close supervision, or ahead of time by the instructor.
Recording the Absorption Spectra After recording the baseline
with two empty cells, the absorption spectrum of the gaseous mixture
is recorded (220 nm to 800 nm) as a function of temperature (e.g.,
from 5 ºC to 75 ºC, every 10 ºC). It is important to check the
reproducibility of the results by measuring the absorption spectra at
each temperature twice, once as temperature is incrementally
increased (e.g., from 5 ºC to 75 ºC) and again as temperature is
incrementally decreased (e.g., from 75 ºC to 5 ºC). The spectra are
stored as ASCII files for the subsequent numerical calculations using
a spreadsheet (e.g., Microsoft Excel). As the pressure inside the cell
increases with temperature, care must be exercised, and the
temperature should not exceed the maximum preset value. In the
absence of vaporizable liquids, like water (to be totally avoided), the

pressure increases by less than 20% when going from room
temperature to 75 ºC. In the present work, spectra were recorded in a
UV–Vis–NIR Shimadzu 3101PC spectrophotometer equipped with a
temperature controller. The spectra were recorded with 0.2-nm slits,
and data was stored every 0.5 nm.

Results and Discussion
Monomer–Dimer Equilibrium. For the equilibrium
N2O4(g)
2 NO2(g), there is an equilibrium constant, Kp,

Kp =

( pM p0 )2
pD p0

(6)

where M is the monomer (NO2), D is the dimer (N2O4), and p0
is the standard-state pressure (1 bar). Owing to the low
pressures involved, deviations from ideality are negligible.
The mole fraction x of monomeric NO2 is,

x=

[M]
[M]∞

(7)

where [M]∞ is the total (analytical) concentration of NO2,
[M]∞ = [M] + 2[D]

(8)

It can be obtained from eqs 6 through 8 that
x=

2
2
=
8[M]∞
8[M]∞
1+ 1+
1+ 1+
K p c0
Kc

(9)

where c0 is the standard concentration, corresponding to the
pressure of 1 bar (c0 = p0/RT), being, therefore, a temperaturedependent quantity, and Kc is the concentration equilibrium
constant. Given that the reaction is endothermic, the
equilibrium shifts towards the monomer as the temperature is
increased. This result is valid for both constant pressure and
constant volume.
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wavelength ranges: 310 to 312 nm and 349 to 351 nm. At these
so-called isosbestic points, monomer and dimer absorption
coefficients obey the relation [11]

ε M ( λiso ) = ε D ( λiso ) / 2

(10)

The complex fine structure of the spectra is not due to noise,
resulting instead from many vibronic transitions in the
absorption spectrum of NO2 (see Figure 3) [12–14]. In
contrast, the dimer spectrum is smooth with insignificant fine
structure (see Figure 3) [12–14].
Absorption Spectra: Method of Analysis. For a given
temperature, the absorbance of the mixture is
A( λ ) = aM ( λ )[M] + aD ( λ )[D]

(11)

where
Figure 1. Visual appearance of a NO2 + N2O4 mixture at 15 ºC (left)
and at 75 ºC (right).

aM ( λ ) = ε M ( λ ) l
aD ( λ ) = ε D ( λ ) l

(12)

0.6

0.5

5ºC

and where l is the optical path and εM and εD are the monomer
and dimer molar absorption coefficients, respectively. From

75 ºC

absorbance

0.4

0.3

[M] = x [M]∞

0.2

[D] =

0.1

1− x
[M]∞
2

(13)

it is obtained that
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Figure 2. Absorption spectra of the mixture NO2 + N2O4, at 5 ºC and
at 75 ºC.

a (λ ) 
a (λ )

[M]∞ x + D
[M]∞ (14)
A( λ ) =  a M ( λ ) − D

2 
2

which can be rewritten as

120

 0
A0 ( λ ) 
AD0 ( λ )
(λ ) − D
A( λ ) =  AM
x+
2 
2


N2O4
100

σ/10-20 cm2

80

NO2

0
( λ )and AD0 ( λ ) are the pure monomer and dimer
where AM

60

absorbances for a concentration equal to [M]∞. Above 400 nm,
the dimer absorption is negligible [12–15], and eq 15 reduces
to
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Figure 3. Computed absorption spectra of pure NO2 and pure N2O4.

Absorption: Qualitative Aspects. The direct observation of
the color of the cell as a function of temperature shows the
shift of the equilibrium. At room temperature, the gas is pale,
but heating the cell for a few moments with a hair dryer, for
instance, noticeably intensifies its color, see Figure 1. The
absorption spectrum of the mixture is shown in Figure 2 for the
lowest and highest temperatures of the study: 5 ºC and 75 ºC,
respectively. It is thus seen that the color intensification results
from an increased absorption in the visible (>380 nm). It is
also observed that the two spectra coincide for two narrow

0
A( λ ) = AM
(λ ) x

(16)

From the measurement of the spectrum at two temperatures, T1
and T2 (T2 > T1), and assuming that the spectra of both
monomer and dimer are essentially temperature independent
(this assumption is supported by the existence of isosbestic
points), the following ratio is defined

β=

x1 A1 ( λ )
=
x2 A2 ( λ )
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monomer is taken from a spectral library, matching
0
AM
( λ ) with the published spectrum allows the simultaneous

1
0.9
0.8

determination of [M]∞ and of x. This is performed by a
nonlinear least-squares fitting to the published spectrum using
eq 20. Equation 15 can then be used to compute the monomer
molar fraction at all temperatures,

0.7
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beta
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Figure 4. β parameter (eq 17). The average value is β = 0.429 ±
0.002.
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Figure 5. Molar fraction of NO2 present as a monomer as a function
of temperature and analytic concentration. Experimental results (•)
and curves are computed according to eq 9. [M]∞ = 10–5 M (1),
5 × 10–5 M (2), 10–4 M (3), 5 × 10–4 M (4), 10–3 M (5), 5 × 10–3 M (6),
10–2 M (7), 5 × 10–2 M (8), 0.1 M (9). The liquid–vapor equilibrium
line is also shown. Below this line, only liquid exists. The dimer is
largely predominant (>99.9%) in the liquid.

From this ratio (λ > 400 nm) the calculation of AD0 ( λ )
follows, given that
AD0 ( λ )
( β − 1)
2

(18)

2 
β A2 ( λ ) − A1 ( λ ) 

(19)

β A2 ( λ ) − A1 ( λ ) =
hence,
AD0 ( λ ) =

β −1 

It is, therefore, possible to obtain the dimer spectrum from two
spectra of the mixture measured at different temperatures but at
constant analytical concentration.
In order to compute the monomer absorption spectrum, eq
15 is used again,
0
(λ ) =
AM

1
1− x 0

A( λ ) −
AD ( λ ) 
2
x 


(20)

Nevertheless, the spectrum is now a function of the monomer
mole fraction, x, which is not known. For a sufficiently high
temperature, x = 1 and the recorded spectrum is the spectrum
of the pure monomer. On the other hand, if the spectrum of the

(21)

This was the procedure followed in this work because a
significant amount of dimer still existed at the highest attained
temperature.
Absorption Spectra: Results. The method of data analysis
described above was applied to the spectra obtained at 5 ºC
and at 75 ºC. The parameter β (eq 17) was computed for
wavelengths between 400 nm and 600 nm (Figure 4). As can
be seen in Figure 4, this parameter is constant within
experimental error, thus confirming that the dimer does not
absorb significantly above 400 nm. The average value,
computed with 400 points, is β = 0.429 ± 0.002.
The spectrum of the pure dimer with concentration [M]∞,
0
AD ( λ ), was next obtained from eq 19. Using eq 15 at this
point, with trial values of x, shows that the monomer mole
fraction at 75 ºC must be higher than 0.94, otherwise negative
absorbances are obtained for wavelengths around 260 nm. The
precise value of x is obtained by matching the computed
0
AM
( λ ) , which is a function of x, with the published spectrum
available in digital format [16]. An excellent agreement is
obtained for x = 0.96. The value of the parameter [M]∞
(analytical concentration) corresponding to this mole fraction
was [M]∞ = 3.1 × 10–3 M. Dividing AD0 ( λ ) by this value, the
dimer absorption coefficients are finally obtained. Once again,
comparison of the calculated dimer absorption with the
published dimer spectrum in digital format shows a very good
agreement; however, the computed spectrum displays less
noise and no discontinuities. The computed monomer and
dimer spectra are shown in Figure 3. Note that the values of
the absorption coefficients of the monomer can be a function
of the spectrophotometer slits used, given the fine structure of
the spectrum.
It should be mentioned that the obvious method for
obtaining the monomer absorption spectrum is dilution. In a
sufficiently dilute sample, almost all of the NO2 is present in
the monomer form; however, at room temperature and for a
1-cm-pathlength cell the required dilution is too high (see
Figure 5). With very dilute samples, the spectrum is usually
noisy and can be distorted by impurities.
Thermodynamic
and
Statistical
Mechanical
0
Calculations. After the calculation of AM
( λ ) and AD0 ( λ )
from the spectra, the mole fraction of monomeric NO2, x, is
calculated for each temperature using eq 21. The wavelength
range where the spectral differences are more pronounced, 220
to 280 nm, yields values of x that are almost wavelengthindependent. The average x values computed (from 120 points
for each temperature), which are quite precise, are displayed in
Figure 5.

© 2004 The Chemical Educator, S1430-4171(03)01741-5, Published on Web 11/26/2003, 10.1333/s00897030741a, 910032mb.pdf

36

Chem. Educator, Vol. 9, No. 1, 2004

Berberan-Santos et al.

Table 2. Temperature Dependence of the Measured Molar Fraction of
Monomeric NO2 and of the Equilibrium Constant
T/ºC
x
Kp

5.4
0.41
0.041

24.9
0.62
0.16

30.8
0.73
0.30

40.8
0.82
0.61

47.7
0.87
0.92

62.7
0.94
2.3

69.7
0.95
3.3

74.8
0.96
4.1

2

1

ln Kp

0

-1

-2

-3

-4
0.00285

0.00305

0.00325

0.00345

From the known dependence of Kp on T and using eq 9, it is
possible to compute the fraction of monomer, x, as a function
of T and of [M]∞ as shown in Figure 5. This diagram allows a
quick evaluation of the temperature and analytical
concentration conditions under which the monomer or the
dimer are the dominant species. It is also seen that for very
high analytical concentrations condensation can occur, the
normal boiling point of dinitrogen tetroxide being 21 ºC [1].
Kinetics of the Reaction. The study of the dimerization
equilibrium leads very naturally to the desire to know the
kinetics of the reaction. Unfortunately, the kinetics is too fast.
The equilibrium is attained in a few milliseconds, or even less,
and the kinetics cannot be studied with the kind of equipment
usually available in the undergraduate laboratory.
Notwithstanding, it is appropriate to discuss the kinetics of the
reaction, precisely to understand why it is so fast. The reaction
can be written as

0.00365

kdiss
""""
#
N 2 O 4 $"""
" 2 NO 2

1/(T/K)

k rec

Figure 6. van’t Hoff plot for the reaction N2O4(g)

(22)

2 NO2(g).

with
Table 3. Spectroscopic Entropies of NO2 and of N2O4 and Entropy of
the Reaction N2O4(g)
2 NO2(g) (298 K, 1 bar)
Entropy/ J K-1 mol-1
translational
rotational
vibrational
electronic
total
published value

N2O4
165.2
97.9
41.6
0
304.7
304.4

NO2
156.6
76.5
1.2
5.8
240.1
240.0

∆rS0
148.0
55.2
–39.3
11.5
175.4
175.6

With these mole fractions, the equilibrium constants Kp are
obtained from eq 9 solved for Kp. The results are given in
Table 2.
The plot of ln Kp versus 1/T (van’t Hoff plot), Figure 6, is
linear. The reaction enthalpy, ∆rH0, is obtained from the slope,
while the reaction entropy, ∆rS0, is obtained from the intercept.
The linearity of the plot shows that these values are constant in
the experimental temperature range.
The values obtained were ∆rH0 = 55 ± 3 kJ mol–1 and ∆rS0 =
169 ± 8 J K–1 mol–1, in good agreement with the published
values for 298 K [1, 17], ∆rS0=57.2 kJ mol–1 and ∆rS0=176 J
K–1 mol–1. The measured reaction enthalpy is, in fact, the
dissociation enthalpy of the dimer N–N bond, DH0(N–N). Its
value is remarkably small. This result is compatible with the
exceptionally long length of the N–N bond in the dimer, 1.77
Å [18]. For comparison, in hydrazine, which also has a single
N–N bond, the bond length is 1.45 Å, whereas the respective
enthalpy is 275 kJ mol–1 [19]. The molar entropies of NO2 and
N2O4, and therefore also the reaction entropy, can be obtained
from statistical mechanical calculations [20]. Using the
structural and spectroscopic data available in the literature
(angles and bond lengths [1, 18], vibration frequencies [21,
22]), and using the perfect gas model (translational entropy),
the classical rigid rotor model (rotational entropy), and the
harmonic oscillator model (vibrational entropy [23]), the
respective contributions to the total entropy were computed as
shown in Table 3. The agreement with the published values for
the entropies of NO2, of N2O4, and of the reaction [1, 17] is
very satisfactory.

Kc =

kdiss
k rec

(23)

The direct reaction is a unimolecular gas-phase process;
therefore, it can be written as a Lindemann mechanism (in a
semiquantitative description),
k

∗
a
"""
#
N 2 O4 + M $""
" N 2O4 + M
kd

k

r
"""#
N 2 O∗4 $"""
2 NO2

(24)

k− r

where N2O4* is the energized molecule and M is a third body
(mainly, N2 or O2 for the reaction in air).
Application of the steady-state approximation to N2O4*
leads to
kdiss =

ka k r [ M ]
k r + kd [ M ]

k k [M]
krec = d − r
k r + kd [ M ]

(25)

The rate constants of the forward and backward reactions are,
therefore, a function of total pressure; however, Kp and Kc are
pressure independent. In the high-pressure limit ([M]→∞, in
practice tens of bar)
k∞ =
diss

ka k r
kd

(26)

∞

k rec = k− r
These rate constants have been evaluated experimentally (255
to 273 K) [24], and are given by
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diss
T 

∞

−1 −1

k rec / M s

3

= 2.2 × 10 T
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In this way, the rate constants at 298 K take the following
estimated values:
k ∞ =5.9 × 106 s −1
diss

∞
k rec
=1.1 × 109 M −1 s−1

(28)

in good agreement with values directly measured at this
temperature [25]. The pre-exponential factor of the
dissociation rate constant is, at 298 K, 4.6 × 1016 s–1. This value
is indicative of a loose transition state, that is, a transition state
where the bond-breaking process is well advanced. The
activation energy of the dissociation reaction (56.5 kJ mol–1)
coincides with the dimer bond dissociation energy given that
the reverse reaction, radical recombination, is essentially
nonactivated.
Knowledge of the rate constants (in the high-pressure limit)
allows the estimation of the relaxation time of the reaction. For
the mechanism corresponding to eq 22, the relaxation time is
given by

τ=

1

kdiss + 4 k rec [ NO 2 ]

=

1
k rec

1
K c + 4 [ NO2 ]

(29)

hence, a relaxation time of 100 ns at 298 K is predicted for
[NO2] = 10–3 M. For lower third-body concentrations, the
relaxation time is never higher than a few ms, and it can
concluded that the equilibrium always responds very quickly
to any perturbation.
An historical perspective of the kinetic studies of the
N2O4(g)
2 NO2(g) reaction, covering a time span of 115
years, was recently published [26].
Conclusions

The approach described here allows the integration of
thermodynamic, kinetic, and spectroscopic aspects for the
2 NO2(g). Only
reversible gas-phase reaction N2O4(g)
relatively common equipment and chemicals are required for
the experiment. It consists of the (optional) synthesis of NO2
and the study of the UV–vis electronic absorption spectrum of
the NO2/N2O4 gas mixture as a function of temperature. From
the analysis of the spectra, the absorption spectra of the pure
constituents are obtained as well as the temperature
dependence of the equilibrium constant of the reaction. From
this dependence, the enthalpy and the entropy of the reaction
were obtained. The values were analyzed and compared with
statistical mechanical calculations. The kinetics of the reaction
was also discussed.
Other aspects that can be included in a project on this
reaction are studies of the chemical bonding in both monomer
and dimer, of the electronic structure and electronic transitions
observed, and of the monomer and dimer photodissociation
reactions.
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