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Abstract

The decomposition of gaseous dioxygen difluoride (FOOF) and dioxygen fluoride (FOO) to F, and O, at ambient temperature has been
studied by electron paramagnetic resonance (EPR) spectroscopy, Fourier-transform infrared (FT-IR) spectroscopy and transient gas pressure
measurements. The formation of oxygen in FOOF/FOO gas mixtures, as demonstrated by stopped-flow EPR, was first-order under low-
pressure conditions (1-10 Torr) with rate constants in the range of 0.1-0.2 s~!, depending upon wall materials. EPR spectroscopy detected
neither F atoms nor FOO radicals as intermediates despite the presence of FOO radicals shown by complementary FT-IR experiments. The
FT-IR spectra of gaseous FOOF undergoing decomposition at ambient temperature showed prominent, isolated bands near 1210 cm™!
(FOOF) and near 1490 cm ™' (FOO). Overlapping bands attributable to both species were seen near 650 cm ™!, and weak features appeared
elsewhere. At nominal initial FOOF/FOO pressures of 4-20 Torr, results from stopped-flow FT-IR kinetics analysis using these bands
generally agreed with the EPR results and yielded first-order rate constants of 0.12+0.01 s~ ! and 0.22 +0.03 s~ !, respectively, for FOO and
FOOF disappearance. Oxygen-carrier FT-IR experiments strongly suggested that a reversible reaction between FOOF and O, forms FOO
(K.q=0.018), and that this reaction was rapid relative to FOOF/FOO decomposition. Analysis of the stopped-flow FT-IR results yielded
infrared peak absorptivities for FOOF absorption at 1205 cm ™' of 1.8+0.4 X 10~ (Torr cm) ~! and for FOO absorption at 1486 cm ™! of
3.5+ 1X 1072 (Torr cm) ~ . The observed kinetics are discussed in terms of the possible decomposition reaction mechanisms.

Keywords: Thermal decomposition reactions; Dioxygen difluoride; Dioxygen fluoride; IR spectroscopy; EPR spectroscopy

1. Introduction agent with an ambient temperature lifetime of a few seconds.
Because previously published studies were limited in scope
and failed to recognize the importance of FOO or were com-
plicated by side-reactions, we do not have a quantitative
understanding of the thermal stability of FOOF/FOO
mixtures and the role of FOO in the decomposition of FOOF

Dioxygen difluoride (FOOF) is one of the most potent of
all known fluorinating agents; its reactivity at ambient tem-
perature is matched only by elemental fluorine at tempera-
tures hundreds of degrees Kelvin above ambient [ 1,2]. This 7 !
compound is thermally unstable and decomposes to O,(g) [2,5-8]. In addition, the lack of convenient large-scale syn-
and F,(g), a property that explains its extreme fluorinating tl‘fese.s and Fapld dlagn0§tlc techniques has grefitly hlndc?red
power. Although FOOF has been studied for about 50 years, kinetic §tudles of thgse highly unstable. and reac?tlve materials.
its reactivity and unusual structural and spectroscopic fea- Dramatic advances in these areas and in handling procedures
tures are still incompletely understood and are the subject of have f]gnlﬁcantly alleviated the above difficulties [3-
other investigations [3-6]. 6,10] ",

Within the past eight years, research has shown that the
dioxygen fluoride radical (FOQ) is a prominent species dur-
ing the decomposition of gaseous FOOF [5,6]. Like FOOF,

' Dioxygen difluoride has also been prepared thermally by circulating a
1:1 oxygen/fluorine mixture through a heated ( =850 °C) nickel tube to
dissociate the fluorine and trapping the FOOF product in a liquid-nitrogen-

FOO is a thermodynamically unstable, powerful fluorinating cooled copper block reservoir. The reservoir was then allowed to warm up
- slowly in order to transfer the FOOF dynamically to the liquid-nitrogen-
* Corresponding author. cooled storage vessel [9].
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The overall gas-phase decomposition of FOOF is described
by the following simple net reaction:

FOOF(g) e F2 g) +02 (2 (1)

Appreciable quantities of FOO coexist with decomposing
gaseous FOOF [5,6]. As observed for FOOF, overall decom-
position of FOO to its constituent elements also occurs and
must be taken into account in Kinetic analyses:

Several of the microscopic mechanisms for reactions (1)
and (2) are direct unimolecular decomposition to O, and F,,
unimolecular dissociation of FOOF to FOO and F followed
by rapid reactions to produce O, and F,, bimolecular path-
ways initiated by collisions between FOOF (or FOO) mol-
ecules and decomposition pathways involving collisions
between FOOF molecules and cell walls or diluent gas mol-
ecules. Possible reaction pathways involving equilibria
between FOOF, O, and FOO must also be considered.

Several studies have reported the use of in situ photolysis
of O,/F, gas mixtures to examine the formation and decom-
position kinetics of FOOF/FOO mixtures at ambient and sub-
ambient temperatures [5,6]. In these experiments, the
FOOF/FOOQ concentrations were low and wall reactions
relatively unimportant. An earlier study used a closely related
but much more restrictive photolytic approach [7]. In several
previous kinetics investigations, ‘batch’ FOOF decomposi-
tion was studied at sub-ambient temperatures and low pres-
sures [2,5,8].

In our present study we have determined the decomposition
rates of gaseous FOOF and FOO at ambient temperature and
pressures relevant to large-scale synthesis to (a) assess the
relative roles of heterogeneous decomposition at surfaces and
homogeneous gas-phase reactions in determining FOOF and
FOO stabilities and (b) infer possible mechanism(s) of
decomposition under conditions relevant to chemical appli-
cations. In the process, we have redetermined molar absorp-
tivities and oscillator strengths for the major infrared
absorption bands at 1486 cm ™' (FOO) and 1205 cm™!
(FOOF) and have confirmed that the reaction of FOOF and
O, yielding FOO is rapid and reversible at ambient temper-
ature. These results are important for understanding the unu-
sual reactivity and spectroscopic properties of these
extremely strong oxidants and for optimizing chemical
schemes that take advantage of their unique properties.

2. Experimental details
2.1. Physical methods and data collection

Danger: Because dioxygen difluoride is one of the most
powerful of all known oxidative fluorinating agents, it can
initiate extremely violent reactions. It is not shock-sensitive;
however, explosive pressure rises may occur during its
decomposition.
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Fig. 1. Schematic diagram of apparatus used for the photochemical synthesis
of FOOF.

Dioxygen difluoride, prepared in 5-30 g batches by both
photochemical and thermal methods [9], was stored in well-
passivated stainless-steel containers at liquid nitrogen tem-
perature until needed. Photochemical synthesis was
performed in an apparatus (Fig. 1) consisting of a 4.5 in

- stainless-steel flange bottom with a small liquid reservoir

connected by a copper gasket to a 2 in sapphire window that
was mounted on a 4.5 in flange (MDC Manufacturing, Inc.)
[10]. A quartz plate heat shield was used between the lamp
and the sapphire window, and the space between the windows
was purged with helium to prevent frosting. An 8 in copper
rod was soldered to the lower flange to cool the assembly in
liquid nitrogen. In a typical preparation, fluorine (1500 Torr)
and oxygen (1500 Torr) were admitted into 1 1 ballast cans
that were attached to a metal vacuum line. The contents of
these cans were condensed into the reactor by raising a liquid-
nitrogen-filled Dewar to the level of the sapphire window.

Caution: Pressure on the sapphire window of the reactor
should never exceed atmospheric pressure.

Ultraviolet light from a high-pressure 1000 W Hg/Xe lamp
was focused into the reactor and onto the liquid F,/ O, mixture
for 2-3 h while the liquid nitrogen level was kept constant.
The FOOF froze in the cold reactor; after irradiation, the
residual gas was pumped away at — 196 °C, leaving the FOOF
product as a red—orange solid. The liquid-nitrogen-filled
Dewar was carefully lowered to allow the reactor to warm
slowly while the volatilized FOOF product was transferred
dynamically to a liquid-nitrogen-cooled storage can. A yield
of 5-6 g (80%-90%) was typical for this type of preparation.

Electron paramagnetic resonance (EPR) spectra were
recorded on an IBM ER 200D X-band spectrometer equipped
with an ER 4102 ST cavity operating at a field modulation
frequency of 100 MHz. In both the continuous-flow and
stopped-flow experiments, the spectrometer was operated
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Fig. 2. Schematic diagram of the FT-IR stopped-flow system employed in
the FOOF/FOO decomposition experiments.

with the power incident on the cavity at 2 mW or less. Bomem
DA3.002 and Nicolet 20SX spectrometers were used for Fou-
rier-transform infrared (FT-IR) measurements at 4 cm ™'
resolution. In the FT-IR kinetic experiments, the infrared cell
(12.5 cm pathlength and 3.5 cm diameter) had stainless-steel
walls and AgCl windows. The oxygen carrier experiments
employed both stainless steel and Monel cells fitted with
AgCl windows. All experiments were conducted at ambient
temperature (297 +3 K).

Fig. 2 presents a schematic diagram of the stopped-flow
system used for the FT-IR experiments. For kinetic obser-
vations, the gs flow could be stopped rapidly (0.2 s cycle
speed) by simultaneously closing the perfluoroalkoxy (Tef-
lon® PFA)-coated solenoid valves on either side of the obser-
vation cell. The volume of the infrared cell represented
=~ 85% of the total volume of the kinetic system isolated by
the solenoid valves. Thus, the observed spectroscopic
changes caused by decomposition and the derived kinetics
were predominantly the result of reactions that occurred
within the volume of the infrared cell itself.

In a typical FT-IR kinetics run, the position of the liquid-
nitrogen-filled Dewar that cooled the FOOF supply cylinder
was adjusted until the desired dynamic pressure (as measured
by MKS Baratron® pressure transducers) was produced in
the flow system. Flow rates were monitored with a Teledyne—
Hastings mass-flow transducer. The infrared spectrum of the
flowing gas was monitored until byproducts (notably CF,)
produced in the original FOOF synthesis or by the reaction
of FOOF with flow system impurities were virtually unob-
servable. Single-scan interferograms were collected at a max-
imum rate of three per second while FOOF was flowing
through the cell. After several interferograms had been col-
lected, the solenoid valves were closed: additional interfero-
grams were recorded for at least three half-lives after the
valves were closed. As the FT-IR data were collected, the
time-dependence of the pressure rise caused by FOOF/FOO
decomposition was measured and plotted on a fast-response
time strip chart recorder.

Oxygen carrier experiments were carried out in two ways.
In the first procedure, a bellows pump circulated a mixture
of O, and F, through a flow loop equipped with a photolysis
cell upstream from an infrared cell. The photolysis products
were observed using the Nicolet 20SX spectrometer. In the

second procedure, a single-pass pump-through arrangement
used ‘batch’ FOOF. The FOOF partial pressure was adjusted
by varying the level of the Dewar, and the desired O, partial
pressure was gained from an oxygen cylinder upstream of the
FOOF cylinder. Gaseous species were probed in the down-
stream FT-IR cell.

The infrared spectrum of a flowing FOOF/FOO gas mix-
ture derived from ‘batch’ FOOF (no carrier gas) is shown in
Fig. 3. (A detailed discussion of the absorption features is
given in Ref. [11].) Kinetic data were derived from FT-IR
experiments by following pressure changes and integrating
the FOOF absorption centered near 1210 cm ™! from 1140 to
1280 cm ~ ! and the FOO absorption centered near 1490 cm ™!
from 1450 to 1530 cm ', This integration procedure also
yielded data used to determine oscillator strengths for these
bands. Molar extinction coefficients were determined from
the FOOF peak maximum at 1205 cm ™' and the FOO peak
maximum at 1486 cm ™! (4 cm ™ ! resolution at total pressures
ranging from 3-12 Torr). Because pressure-broadening
effects were negligible over this pressure range, given the
instrumental resolution indicated peak areas were used to
determine kinetic rates. Peak heights could be used to cal-
culate equilibrium concentrations after the molar extinction
coefficients had been determined. Care was taken to ensure
the absence of fluorocarbons that interfere with the 1210
cm ™' band manifold.

The EPR stopped-flow system was essentially identical to
that used for the FT-IR measurements (Fig. 2); however, the
infrared cell was replaced by a 1 ft section of quartz tubing
(10mm o.d. and 8 mmi.d.) or fluoropolymer ( Teflon® FEP)
tubing (8 mm o.d. and 6 mm i.d.) that ran directly through
the EPR cavity. The stopped-flow valves were removed from
the system for continuous-flow EPR experiments.

Kinetic data for O, evolution in the decomposition of
FOOF/FOO were obtained by following the time-depend-
ence of the total pressure and the amplitude of the EPR
oxygen ‘E line’ [12]. Kinetic analyses using these data must

o
o
T
FOOF
FOOF/FOO

ABSORBANCE

0.00 - 1 1 | 1 | 1 !
2000 1833 1666 1500 1333 1166 1000 833 666 500

WAVENUMBER

Fig. 3. The infrared spectrum between 2000 and 500 cm™' of a flowing
FOOF/FQO gas mixture derived from ‘batch’ FOOF at 297 K. The nominal
FOOF pressure was 12 Torr.
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be regarded as approximate because they rely on the assump-
tion that the amplitude of the ‘E line’ represents an accurate
measurement of the change in concentration of oxygen, and
therefore this approximation is only valid for relatively small
changes in the total pressure. In general, because the oxygen
resonance is subject to pressure broadening, a more accurate
measure of concentration change is the product of the ampli-
tude and the square of the line width. It was impossible to
record simultaneously the line width and the amplitude of the
‘E line’ in this case because of the relatively rapid rate of the
reaction and the limitations of the instrument.

In both the EPR and FT-IR experiments, the reactive gases
were discharged through an activated charcoal trap or were
allowed to pass directly through the vacuum pump. In some
cases, the latter arrangement was preferable (despite the obvi-
ous potential hazard and the harsh treatment of the pump)
because it resulted in higher flow rates.

3. Results
3.1. Determination of infrared absorption intensities

Stopped-flow FT-IR experiments allow the determination
of the molar extinction coefficients for the FOOF and FOO
absorption bands even though the absolute concentration of
neither species is known. The method used depends on (a)
the EPR observation ( vide infra) that the concentration of F
atoms in the system is very small compared to the combined
concentration of FOO and FOOF and (b) the fact that the
decomposition of 1 mol of FOOF produces 2 mol of product
[reaction (1) ], whereas the decomposition of 1 mol of FOO
produces 3/2 molof product [reaction (2)]. Thus

AP=P200F+PIO=OO/2 3)

where A P is the total pressure rise that occurs after the valves
in the stopped-flow system are closed; P2oor and P2oq are
the partial pressures of FOOF and FOO just before closure
of the solenoid valves. For the initial infrared absorbances
(A), the cell pathlength () and the absorptivities (€), the
least-squares expression given by Eq. (4) is obtained:

f(€roor, €ro0) = Z [AP;— Airoor/
(€roorb) —Airoo/ (2€roob) ] 2 4)

The summation is over the i data sets for which AP, Agoor
and Apoo are available. Minimization of f( €gqor, €roo) With
respect to €gpor and €gog yields least-squares best-fit values
for these two parameters.

For a series of six runs at 296 K with AP between 3.2 and
59 Torr (Table 1), this approach yielded eppor=
1.840.4X107% (Torr cm)™' at 1205 cm™' and
€roo=23.5+1.3X 1073 (Torrcm) ~!at 1486cm ™. Kim and
Campbell reported €:00r=23.3X 1073 (Torr cm) ™! for the
1210 cm ™! FOOF absorption in experiments carried out at
173 K in a long-pathlength FT-IR cell between 50 and 170

mTorr {5]. A value of €:00=1.2X1073 (Torr cm) ~! was
also reported for the 1490 cm ™' FOO band under similar
conditions [5]. When the above least-squares procedure was
applied to intensities integrated as described in the Experi-
mental section of this paper, oscillator strengths of 22 +5
(km mol™ ') and 3.0+ 1 (km mol~') were obtained for the
FOOF and FOO absorptions, respectively. Campbell and
coworkers obtained values of 23 km mol ! and 7.9 km
mol !, respectively, at 178 mTorr and 186 K [5].

3.2. EPR experiments

Gas-phase EPR spectroscopy was applied because of the
possible involvement of three potentially detectable para-
magnetic species (O,, F and FOO) in the decomposition of
FOOF/FOO. Initial efforts focused on detecting the para-
magnetic species in a continuous-flow system. In particular,
the O, resonance is readily observed in flowing FOOF/FOO
gas mixtures. Because the intensity of the signal increases in
proportion to the length of the section between the FOOF
supply and the EPR cavity, the O, resonance served as a
measure of the extent of end-product O, formation by oxygen
fluoride decomposition.

Experiments carried out over a range of conditions pro-
vided no evidence for a resonance attributable to FOO. Non-
linear triatomic radicals are, in general, difficult to detect in
the gas phase by EPR [13]; consequently, even though FOO
is readily observed by EPR in condensed media [14] and is
casily identified by FT-IR spectroscopy in the gas phase (vide
infra), our inability to detect FOO by EPR in the gas phase
is not unexpected. In addition, we failed to detect F atoms in
flowing FOOF/FOQO at total gas pressures between 0.5 and
5 Torr. Fluorine atoms in the gas phase are readily detectable
by EPR in systems where F, or CF, are dissociated by a
microwave discharge [15]. We assessed an upper limit on
the possible F-atom concentration in our kinetic experiments
by determining the sensitivity of our system to F atoms. This
measurement employed F atoms that were thermally gener-
ated by pumping F, ., at pressures of =2 Torr through a
section of heated nickel tubing which was connected to the
EPR cavity by a 0.6 m section of FEP tubing. A temperature
of 590 K produced sufficient dissociation of F, under these
conditions to yield a clear F-atom signal at the positions of
the ‘C, D and E’ lines ( | F,Mg > basis, 1,1 ©1,0;2,02,—1;
1.0 —1,—1 transitions) [15]. Calculations using data
from the JANAF Thermochemical Tables [16] gave
K,=1.2x10"* (atm'’?) at 600 K for the reaction below:

1/2F, , == F,, (5)

This corresponds to an = 0.2% dissociation of the fluorine
at a total pressure of 2 Torr or, equivalently, a fluorine atom
partial pressure of 5 X 102 Torr at a total pressure of 2 Torr.
We assume this fluorine atom pressure was the maximum
(equilibrium) concentration attainable in the heated tube.
The actual F-atom concentration in the EPR cavity (down-
stream in the flow system and at approximately ambient tem-
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Fig. 4. First-order kinetic plot for oxygen evolution during the decomposition
of gaseous FOOF/FOOQ at ambient temperature. The quantities By, B.. and
B, represent the EPR amplitudes at r =0, = and at intermediate times. The
tubing between the stopped-flow valves was FEP; the initial pressure was
2.14 Torr and the final pressure was 2.58 Torr.

perature) was undoubtedly much lower as a result of F-atom
recombination. Thus, for our EPR experiments, the F-atom
detection limit must have been lower than 5X 10~ Torr of
F ). The failure to observe F atoms implies that either they
are not adecomposition intermediate of either FOOF or FOO,
as previously suggested [6-8], or they are removed in an
extremely efficient manner by reaction with oxygen or by
other means and are thus present at concentrations below the
EPR detection limit. The latter explanation is the most prob-
able, the rate constant for the reaction of F atoms with O, is
sufficiently large to account for this result [6].

The infrared experiments described below showed that
significant amounts of FOOF and FOO must have been pres-
ent in the EPR cavity when the valves of the stopped-flow
system were closed, as is also shown by the magnitude of the
pressure rises. The difference between the final and initial O,
signals is a measure of undissociated FOOF and FOO in the
gas when the flow stopped. The magnitude of the EPR signal
at intermediate times likewise indicated the amount of undis-
sociated FOOF/FOO present.

Table 1

The evolution of O, followed first-order kinetics (Fig. 4)
over the limited pressure range studied (1-3 Torr). The cal-
culated first-order rate constants are k=0.11 s~ in FEP and
k=0.21 s~ in quartz. The dependence of the rate constants
on total pressure over a greater pressure range was not inves-
tigated because of the pressure broadening of the O, reso-
nance at higher pressures and difficulties in obtaining reliable
EPR and pressure data at very low pressures. The dependence
of the rate constants on the type of tubing suggests that under
some circumstances wall reactions make a significant contri-
bution to FOOF/FOO decomposition kinetics. Similar wall
effects have been reported for F-atom recombination rates
[17].

3.3. FT-IR experiments without O, carrier gas

Conditions for the EPR and FT-IR experiments differed in
several important respects. Because the FT-IR experiments
were carried out at higher nominal pressures (higher pumping
efficiency) than the EPR experiments, the net transit times
between the FOOF supply and spectrometer cell were longer
in the EPR runs and consequently a larger fraction of FOOF/
FOO had decomposed at t=0 in the EPR experiments. The
lower pressure and smaller cell diameter in the EPR experi-
ments should also have produced more extensive wall reac-
tions than those in the FT-IR experiments.

Table 1 summarizes pressure data for ambient-temperature
stopped-flow FT-IR experiments in which the initial total
pressures ranged from 4.2 to 8.5 Torr and the pressure
changes ranged from 3.2 to 5.9 Torr. In Fig. 5, the natural
logarithms of the integrated areas of the FOOF and FOO
peaks have been plotted as a function of time for a typical
run in which the initial pressure was 6.60 Torr and the final
pressure was 11.24 Torr. This figure also shows that the
disappearance of FOOF obeyed good first-order behavior
under the conditions employed. An average decomposition
rate constant of 0.22 +0.03 s 7! (half-life of 3.2 s) was deter-
mined over six runs such as that shown in Fig. 5. Second-
order plots clearly exhibited expected deviations from
linearity. The data are poorer for FOO and the fit to first- and
second-order kinetics was almost equal. A first-order FOO
decomposition rate constant of 0.12 +0.01 s ™! (half-life of

Pressure and FT-IR kinetic data for FOOF/FOOQ decomposition at ambient temperature *

P, AP Ao, (FOOF) A (FOO) P, (FOOF) P, (FOO) Po(0,) = Py(F,) krooF keoo
4.20 3.20 0.062 0.008 1.65 0.06 1.25 0.22 0.12
4.95 3.50 0.073 0.009 1.95 0.07 1.47 0.17 0.10
6.00 3.80 0.086 0.010 2.28 0.08 1.82 026 0.12
6.60 4.64 0.100 0.014 2.67 0.11 1.91 0.22 0.12
6.60 4.60 0.099 0.013 2.63 0.11 1.93 025 0.13
8.50 5.90 0.125 0.015 3.34 0.12 252 0.21 0.14

? The mean first-order decomposition rate constants kroor and koo were 0.2240.03 s™! (#,,,=3.2+04 s) and 0.124+0.01 s~ (#,,,=58+06 s),
respectively, averaged over the six runs. Pressure units are in Torr. Initial total pressures are represented by P, and the pressure increases after total FOOF/
FOO decomposition are given by AP. Initial integrated areas of the FOOF and FOO bands at 1210 cm ™' and 1490 cm ™!, respectively, are given by the Ao

values.
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Fig. 5. Typical first-order kinetic plots for (A) the disappearance of the
FOOF absorption envelope centered at 1210 cm ™! and (B) the disappear-
ance of the FOO absorption envelope centered at 1490 cm ™"

5.8 s) was obtained from an average over the same six runs.
The error limits reported are the standard deviation of the
average of the six kinetics runs.

3.4. Photolysis experiments

Fig. 6 shows the infrared spectrum that resulted when a
circulating gas mixture consisting of 300 Torr each of O, and
F, at ambient temperature was irradiated with a high-pressure
Hg/Xe lamp upstream of the infrared cell %. In this experi-
ment, the transit time between the irradiation zone and the
infrared cell was several seconds or less. The formation of
FOOQ is clearly indicated by characteristic absorption features
near 1490 and 600 cm ™. Significantly, there were no detect-
able absorptions for FOOF. The measured FOOF absorption
coefficient was used to estimate an upper FOOF concentra-
tion limit of <0.01 Torr. By applying the absorptivity value
for FOO derived above, it is calculated that the partial pres-
sure of this species in the infrared cell was = 0.2 Torr.

3.5. FT-IR experiments with O, carrier gas

Fig. 7 shows the results obtained from a typical set of
ambient-temperature flow experiments in which ‘batch’

2 The photochemical quantum yield is approximately unity for the gen-
eration of FOOF in liquid O,/F, [18]. The quantum yield for FOO gener-
ation by photolysis of gaseous O,/F, mixtures is also near unity [6].

FOOF was carried into the FT-IR cell by a driving pressure
of gaseous O,. The O, pressures complemented those in runs
represented by Fig. 2 (no added O,) and Fig. 6 (300 Torr
O,, photolysis). Fig. 7 clearly shows that high O, pressures
favored the conversion of FOOF to FOO. Significantly, Fig.
7 also shows that, even at a relatively high ratio of O, to
FOOF, this conversion was far from complete. These obser-
vations strongly support earlier suggestions that, in the gas
phase, O, reacts directly with FOOF to form FOO — possibly
in an equilibrium process, as depicted by reaction (6) [5,6]:

FOOF+0, &= 2F00 (6)

If equilibrium conditions [reaction (6) ] were achieved in
our FOOF/FOO decomposition experiments ( with and with-
out O, carrier gas), a plot of [FOOF][0,] versus [FOO]?
should be linear with a slope equal to K, since the equilibrium
expression may be written as:

Keq[OZ] = [FOO]Z/[FOOF] =E(AFOO)2/AFOOF N

The A quantities are infrared absorbances and
E= (&roor) /b €ro0)?, Where the € terms are infrared absorp-
tion coefficients and & is the pathlength. Fig. 8 depicts a plot
of the FOOF concentration multiplied by the O, concentration
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Fig. 6. The infrared spectrum which resulted when a flowing gas mixture
containing 300 Torr each of O, and F, (ambient temperature) was irradiated
with the output of a high-pressure Hg/ Xe lamp. The lamp output was filtered
by a water-filled quartz cell.
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Fig. 7. The infrared spectrum of flowing FOOF/FOO gas mixtures in the
presence of O, carrier gas at ambient temperature. Nominal pressures: (A)
310 Torr O,, 20 Torr FOOF; (B) 133 Torr O,, 12 Torr FOOF; (C) 38 Torr
0,, 13 Torr FOOF; (D) 0 Torr O,, 12 Torr FOOF. The absorbance scales
are identical for each spectrum.
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Fig. 8. Equilibrium plot fr the FOOF/FOQ/O, system where the concentra-

tions are expressed in Torr and have been calculated using the peak heights
of FOOF and FOO with their respective absorptivities.

versus the square of the FOO concentration. The concentra-
tions were calculated from the intensity (peak height) data
by using the calculated peak absorptivities. Fig. 8 shows that
the plot is linear over a large pressure range and yields an
equilibrium constant of 0.018 at 297 K. A value of 0.046 at
286 K has been reported previously on the basis of a more
restricted set of data [5]. These values are much larger than
the equilibrium constant calculated from the reported free
energies of formation for FOOF (13.9 kcal mol ~!) and FOO
(8.8kcalmol ~') at 300 K [ 19]. However, these free energies
may be subject to errors of 1-2 kcal mol ! and the discrep-

ancy between measured and calculated equilibrium constants
may be more apparent than real [20]. The linear plot in Fig.
8 suggests that equilibrium was established near ambient
temperature more rapidly than the decomposition of either
FOOF or FOO. An additional significant observation is that,
at high oxygen and FOOF/FOO pressures [e.g. Fig. 7(A)1,
the half-lives for the decomposition of both FOOF and FOO
appear to be much shorter. In fact, the initial reactions were
too rapid to measure conveniently with the experimental set-
up used in this study. When the FOOF/FOOQO pressures
decreased, the rates of decomposition also decreased. It is
apparent that under high-pressure conditions the decompo-
sition kinetics decidedly do not obey simple first-order behav-
ior as described for the preceding EPR and FT-IR
experiments, which were carried out at much lower pressures.

4. Discussion

Our observed first-order rate constant for the overall
decomposition of FOOF at ambient temperature [reaction
(1)] is 0.22+0.03 s~'. Another value (1.2 s~ ') reported
for this reaction is that of Schumacher and Frisch [8].
Because this number is the result of an extrapolation of pres-
sure data obtained in 1937 at low temperature for decompos-
ing ‘batch’ FOOF amidst formidable material and handling
difficulties, we feel the comparison with our value is reason-
able. Campbell’s reported data were taken at ~286 K and
much lower pressures, at which wall reactions were mini-
mized; from these data an approximate rate constant of
0.02 s™! can be derived [5e]. Considering the differences
in experimental details, the agreement with our result is
reasonable.

Previous determination of the overall ambient-temperature
decomposition kinetics of FOO [reaction (2)] is apparently
limited to the work of Chegodaev and coworkers [ 7] and the
more comprehensive work by Lyman and Holland [6].
Lyman and Holland proposed that, at relatively high total
pressures (low FOO partial pressure), the reaction is second-
order in FOO with an upper limit of 33 1 mol ' s ™! as the
homogeneous rate constant; this limit is somewhat dependent
upon third-body gases [6]. The derivation of rate constants
for the overall FOOF/FOO decomposition does not by itself
afford insight into any possible decomposition mechanisms:
inaddition toreactions (1) and (2) directirreversible decom-
position of FOOF/FOO to F, and O,), reaction (6) and
sequences such as reactions (8)—(10) should also be consid-
ered. Researchers have previously suggested that some of
these reactions are important in the FOOF/FOO decompo-
sition {2,5-7].

FOOF + FOOF —> 2F00 +F, (8)
FOO —> 0,+F 9
2F—> F, (10)
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Such reactions are known (or are suspected) to be influ-
enced strongly by third-body wall and gas effects.

A simple decomposition mechanism based predominantly
upon the sequence of reactions (8)~(10) can be discounted
for several reasons: (a) the kinetic data are first-order instead
of second-order in FOOF; (b) this sequential mechanism
does not allow for the observed effects of O, {i.e., the change
in rate and the shift from first to second order with increasing
O, pressure [reaction (6) ]}; (¢) thermodynamic and Kinetic
considerations overwhelmingly favor the reverse of reaction
(9) [6]; (d) the well-known sluggishness of fluorine-atom
recombination [reaction (10) ] suggests that F atoms should
have been detected readily in the EPR experiments if F atoms
were involved in this decomposition pathway [6]; and (e)
if only sequential reactions of the type described above occur,
a build-up in the concentration of FOO would have been
expected sometime after FOOF was injected into the kinetic
cell. Using the sequence of reactions (8)—(10) as a model
and the experimentally derived FOOF and FOO decomposi-
tion rate constants, the calculated time-dependent concentra-
tion profiles for FOOF and FOO indicate that the FOO
concentration should reach a maximum at =5 s for a typical
set of experimental conditions. Extensive analysis of all our
data showed that such an induction period was not observed
on the time scale of our experiments.

Another possible reaction sequence consists of a rapid pre-
equilibrium [reaction (11)] and rapid F-atom scavenging by
the reverse of reaction (9), accompanied by direct irrevers-
ible decomposition of FOOF [reaction (1)] and/or FOO
[reaction (2)] as the rate-determining step:

FOOF &= FOO +F (11

This sequence allows for the appearance of FOO in FOOF
gas streams without a build-up in FOO concentration, and
correctly predicts the observed FOOF reaction order and the
predominance of FOO (relative to FOOF) in the presence of
excess oxygen. However, this mechanism fails to account for
the apparent dependence of the rate law on the O, pressure.
Also, under our conditions, the thermodynamics of reaction
(11) in the forward direction would have been so highly
unfavorable that only FOOF should have been observed if
only these reactions were operative [19] °.

The critical observations that allow us to infer a possible
mechanism for FOOF/FOO decomposition are the FOOF/
0,/FOO equilibrium [shown in Reaction (6) and discussed
above], and the FOOF/FOO reaction that changed from first
order at low O, concentration to higher order at high O,
concentration. Other relevant facts are that the first-order rate
constant for the disappearances of FOOF, kpoor (Table 1),
is independent of O,, F, and FOO pressures (as long as P,
is relatively low) and that the apparent first-order rate con-
stant for the disappearance of FOO at low Py, is slower than

* Note, however, that the thermodynamics of FOOF and FOO are not
known precisely and consequently this argument is subject to some uncer-
tainty.

that of FOOF by a factor of ca. 2. These facts suggest that the
equilibrium depicted in reaction (6) is rapid not only on the
time scale of FT-IR absorbance measurements at the FOOF/
FOO concentrations described above, but also on the time
scale of the decomposition kinetics. Thus, the first-order
kinetics (in FOOF) at low Pq, occur because FOOF is the
predominant species and, accordingly, the kinetics are carried
by the first-order decomposition of FOOF. At high P,, on
the other hand, FOO is the major species and the decompo-
sition of FOOF/FOQ is carried by a reaction that is bimolec-
ular in FOQ, as is shown schematically below:

FOOF Froor >

(unimolecular rds)

products

Keq -0, +0,

(rapid) (rds = rate-determining step)

K
2 FOO oo - products

(bimolecular rds)

The insensitivity of kpoop to the parameters noted above
and also to the total gas pressure suggests that the rate-deter-
mining step at low P, is a unimolecular decomposition proc-
ess. The rate constant is, however, somewhat dependent upon
the surface, which suggests that at least part of the FOOF
decomposed on the cell walls. The reaction product of the
unimolecular rate-determining step cannot be gas-phase FOO
because this species would then build up as noted above in
the discussion of the essential process [reactions (8)—(10)].
Therefore, a tenable homogeneous process corresponding to
the kroor step is the direct decomposition of FOOF to F, and
O,. Such a process might be facilitated by large-amplitude,
highly anharmonic motions involving both torsion about the
F-O-0-F dihedral angle and a bending of the O-O-F angles.
Strong overtone and combination tones were observed in the
infrared spectra, suggesting large anharmonicities in these
motions [9].

At low Py, the decomposition of FOO appears to be first
order and the rate constant kg is approximately one-half of
keoor (vide supra) . The apparent first-order behavior is easily
understood because at low Py, the overall decomposition
reaction is carried by kpgor and FOO decomposes by first
being converted to FOOF by the rapid pre-equilibrium rep-
resented in K. The magnitude of kiqp, however, is initially
surprising: the stoichiometry of the above scheme appears to
dictate kpoo =2kpoor- Nonetheless, O, is a product of the
decomposition and P, increased during the course of the
reaction. Accordingly, the FOO/FOOF ratio will increase as
Py, increased during the process of the reaction as a result of
the FOOF/FOQ/O, pre-equilibrium. Hence, at low Py, rel-
ative to the rate of disappearance of FOOF, FOO decompo-
sition must be slower than simple stoichiometry would
suggest.

Athigh Pg,, FOO is the dominant oxygen fluoride species
and the overall decomposition reaction is carried by the bimo-
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lecular decomposition of FOO, represented by kfoo in the
above scheme. We have not studied this reaction as thor-
oughly as the reaction at low Pg,, and thus we have not
established the dependence of this reaction upon F,, O,, third
bodies, etc. However, some mechanistic conclusions can be
drawn. The product of the rate-determining step cannot be
FOOF; like the reverse reaction in the pre-equilibrium step,
this would result in a build-up of FOOF and, ultimately,
would limit the overall reaction rate by kroor, Which clearly
was not the case at high Pg,. The most likely reaction for the
bimolecular rate-determining step in the decomposition of
FOO is direct formation of F, and O, via an OOF — FOO
collision. This reaction is probably facilitated by third-body
gas or wall collisions.

As noted above, an upper limit on the homogeneous rate
constant for the bimolecular decomposition of FOO was esti-
mated as 33 1 mol ™' s~! at ambient temperature (derived
from Ref. [6]). The boundary conditions for the reaction
scheme described above require kioo>10° 1 mol™! s™%.
Although our reaction conditions differed greatly from those
of Lyman and Holland [6] and third-body effects on the
homogeneous reaction could not be excluded, it is likely that
a homogeneous reaction contributed to the complicity of our
experiments.

Based upon the above arguments, the most probable mech-
anism is given in the expanded scheme below:

(homogeneous)
FOOF > F,+0,
(heterogeneous)
—>
Keq -0, +0,
(rapid)
(homogeneous)
2 FOO > F,+20,
(heterogeneous)

v

The facts suggest that the heterogeneous pathway is a sig-
nificant but not dominant pathway for the decomposition of
FOOF, whereas the heterogeneous reaction may be dominant
for FOO decomposition.

In earlier work, Campbell and Kim [5c] studied the
decomposition of FOOF/FOQ at low pressures (=100
mTorr) and low temperatures in a large-diameter cell where
wall collision frequencies were minimal compared to those
in our apparatus. They showed that, at their temperatures
(160-270 K) and in their system, wall reactions were rela-
tively unimportant. Lyman and Holland [6] have extensively
investigated the gas-phase formation and decomposition rates
of FOO and FOOF at low partial pressures (high carrier gas
pressure) and ambient temperature under conditions in which
wall collisions were again insignificant. They observed sec-
ond-order FOO decomposition rates and some dependence

upon the third-body gases *. If only Lyman and Holland’s
second-order FOO rate constants are used to model the overall
homogeneous decomposition of FOOF/FOO, the predicted
kinetic stability of FOOF/FOO is far greater than that
observed in our experiments. Diffusion calculations indicate
that with a geometry and pressure typical to our experiments,
a wall reaction probability of only about 0.09% per collision
is necessary to roughly model our data [ 19]. This conclusion
applies only to the bimolecular reaction involving FOO, and
not to the low-P,, regime in which unimolecular decompo-
sition of FOOF is dominant.

Our results reflect the operative mechanism for FOOF/
FOO decomposition under a relatively limited set of experi-
mental conditions, and therefore our rate constants and mech-
anistic conclusions must be regarded as similarly limited >.
Initially, in ‘batch’ FOOF experiments, only FOOF is present
so direct decomposition not involving O, must occur — pre-
sumably by third-body reactions [reaction (1) ] as previously
postulated [6]. At intermediate times, the O, concentration
is rapidly changing and is comparable to the FOOF/FOO
concentrations. Near the end of the reaction, the O, concen-
tration is high and essentially constant, a situation also extant
for the O, carrier and photolysis runs. The effect of the
increasing oxygen concentration as ‘batch’ FOOF decom-
poses is to shift the equilibrium shown in reaction (6) to the
right and thereby enhance pathways that involve direct FOO
decomposition [reaction (2) }. Because the source terms for
decomposition (FOOF and/or FOO) are constantly chang-
ing as a result of equilibrium in reaction (6) and others,
simple first- and/or second-order expressions cannot fully
describe the actual kinetics if the above mechanism is correct.
Nevertheless, careful examination of our experimental data
shows that the above hypothesis is self-consistent and rea-
sonable for the pressure range over which decomposition
rates were studied.

A final point is pertinent to the preceding discussion: FOO
(especially in the low-pressure runs ) could originate partially
from the FOOF supply itself because higher oxides such as
O,F, can be produced during synthesis and these oxides dis-
sociate to FOO in the liquid state [2]. However, if this were
the source of a significant amount of FOO, then we should
have observed fractionation (i.e., changing FOOF/FOO
ratios) in the gas stream as the FOOF supply cylinder was
depleted because of the well-known poorer stability of O,F,.
Because no such effect was observed, this possibility seems
remote. In addition, Raman studies of solid and liquid FOOF
have revealed only very small quantities of FOO in the con-
densed phases [9].

A second possibility is that FOO was generated as the
FOOF vaporized and exited from the supply cylinder.

“In Lyman and Holland’s study, reaction (11) and the reaction
FOO +FOO - F, + O, are very important in determining the overall decom-
position rate. Because their calculated F-atom concentration is well below
the upper limit set by our EPR studies, this mechanism is consistent with
our results.
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Because of the way in which the FOOF supply cylinder was
warmed and FOOF was delivered to the cell, it is conceivable
that there was a significant residence time in the supply cyl-
inder at pressures higher than in the FT-IR cell and at tem-
peratures high enough for significant FOOF decomposition
to occur. However, numerous experiments with Dry-Ice cool-
ing of the transfer lines and the upper part of the FOOF supply
cylinder gave no evidence that this occurred to any apprecia-
ble extent.

5. Conclusions

EPR and FT-IR spectroscopy have been employed to fol-
low the decomposition of FOOF and FOO in the gas phase
by using flow and stopped-flow systems. The concentration
of F atoms in FOOF/FOQ that underwent decomposition at
total pressures below 5 Torr was below the EPR detection
limit of 5 X 10 3 Torr. The evolution of oxygen in the decom-
position reaction followed approximate first-order Kinetics,
and the measured rate constant was somewhat dependent
upon the wall materials. The FT-IR data at low P, showed
that the FOOF/FOO decomposition is first order with rate
constants compatible with the rate of evolution of O, as deter-
mined by EPR under similar conditions. At high P, second-
order decomposition of FOO/FOOF was observed. Itis likely
that a decomposition mechanism occurs that involves a rapid
pre-equilibrium between FOOF and O, to yield FOO, and
that unimolecular FOOF decomposition or bimolecular FOO
decomposition is the rate-determining step — depending
upon whether FOOF or FOO is the dominant species, as
determined by Py,
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