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The rate of methane formation by decomposition of methanol is studied at temperatures between 
473 and 583 K and methanol pressures between 0.2 and 10.4 kPa. Coverages of adsorbed species 
are measured using temperature-programmed hydrogenation (TPH), temperature-programmed de- 
sorption (TPD), and magnetic measurements. The reaction system can be adequately described 
assuming the decomposition of methanol to proceed in two steps, viz. a decomposition into CO and 
HI followed by methanation of CO. The former reaction is much more rapid than the latter. 
Assuming CH hydrogenation to be rate-determining, the rate of methane formation could be 
described by the LHHW rate equation 

1 2 x l(ye-68’RTpI.S 
T°F = (1 + 1.8 x 10-tet5,RTp05 + 3.1 x 10-16e144/R7p)2’ 

TOF is the turnover frequency in s-l, p is the methanol pressure in kPa, T is the temperature in K, 
and R = 8.314 x 1O-3 kJ mol-’ K-l. Coverages of adsorbed species predicted by this equation differ 
strongly from results obtained by measurements of total surface coverages using TPH, TPD, and 
magnetic measurements. This has been interpreted as an indication that the number of surface sites 
actively participating in the methanation reaction composes only a small fraction of the total 
number of sites. 0 1989 Academic Press, Inc. 

INTRODUCTION 

The decomposition of methanol over 
nickel and other Group VIII metals has 
been the subject of a great number of inves- 
tigations (Z-11). The majority of these stud- 
ies pertain to conditions where both ther- 
modynamics (UHV conditions) and 
kinetics (short contact times) favor decom- 
position into carbon monoxide and hydro- 
gen, according to 

CH30H s CO + 2H2. (1) 

This decomposition probably proceeds via 
successive dehydrogenation steps in which 
methanol is converted to CO and Hz via 
methoxy intermediates. The dehydrogena- 
tion of CH30(ad) is thought to be the rate- 
determining step (6, 7). 

Relatively little research effort has been 
devoted to the study of reactions occurring 

under conditions where methane is formed 
as a product of the methanol decomposition 
(8-11). Production of methane via metha- 
nol decomposition has received some atten- 
tion recently due to the possible use of 
methanol as a transportation fuel. Provided 
the transportation distance is sufficiently 
large, the conversion of natural gas to 
methane followed by transportation and re- 
gasification of the methanol appears to be 
more attractive than transportation of liq- 
uefied natural gas (12, 13). 

Several mechanisms have been proposed 
to explain methane formation from metha- 
nol. Some authors claim that methane is 
formed form methanol either via abstrac- 
tion of the oxygen atom (8) or via abstrac- 
tion of the hydroxyl group followed by hy- 
drogenation of the remaining methyl group 
(9). It has also been suggested that methane 
is formed in a two-step process: methanol 
initially decomposes into CO and H2 fol- 
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lowed by the methanation of carbon mon- 
oxide (10, II). 

This latter reaction has been studied ex- 
tensively in recent years and excellent re- 
views have been published (14-16). It is 
generally accepted that methane is formed 
via hydrogenation of an adsorbed carbona- 
ceous species. There is some argument 
concerning the detailed mechanism. Al- 
though there have been several reports in 
which hydrogen-assisted CO dissociation 
was proposed, the majority of recent inves- 
tigations seem to be in favor of a mecha- 
nism in which CO is dissociated, followed 
by hydrogenation of adsorbed oxygen and 
carbon. The position of the rate-determin- 
ing step has not been unequivocally estab- 
lished. 

The advancement of the decomposition 
of methanol into CO and H2 can be de- 
scribed by a single parameter, viz. the ex- 
tent of reaction. We are thus dealing with a 
single stoichiometric reaction (27). Under 
the conditions where methane is formed, 
this is no longer the case. A number of sin- 
gle stoichiometric reactions are required to 
described the advancement of the methanol 
decomposition. Such a reaction system is 
generally denoted as complex; i.e., the ad- 
vancement of the reaction can no longer be 
described by a single parameter, at least 
two parameters being needed. This investi- 
gation has been undertaken (i) to identify 
the (dominant) reactions leading to meth- 
ane, (ii) to obtain information on the se- 

quence of elementary steps, and (iii) to de- 
termine the position of the rate-determining 
step in this sequence, 

The reaction system has been analyzed 
using the combinatorial technique devel- 
oped by Happel and Sellers (28). Rate 
equations are derived by putting the rate- 
determining step at different positions in 
the sequence of elementary steps of the de- 
rived mechanism. The derived rate equa- 
tions are tested using kinetic data obtained 
from stationary-state measurements at tem- 
peratures between 473 and 583 K and meth- 
anol pressures ranging from 0.2 to 10.4 kPa. 
Kinetic data are supplemented by measure- 
ments of surface coverages using tempera- 
ture-programmed hydrogenation (TPH), 
temperature-programmed desorption 
(TPD) , and magnetic measurements. 

EXPERIMENTAL 

Materials 

The 50 wt% Ni/SiOz catalyst used in this 
study was prepared by precipitation of Ni2” 
ions onto suspended silica (Degussa 380V) 
by means of urea decomposition at 363 K 
(19). The catalyst was dried overnight at 
393 K, pressed (150 MPa), and cut into pel- 
lets (0.15-0.30 mm). Dehydration and re- 
duction were carried out in the reactor in a 
10% Hz/N2 flow (58 ks at 393 K, 260 ks at 
723 K, according to (20)). Relevant physi- 
cal properties of the catalyst are collected 
in Table 1. 

TABLE 1 

Physical Properties of the Catalyst 

Property Value Technique 

Degree of reduction 
Dispersion 

Ni surface area 

Particle diameter 
Pore volume 
BET surface area 

70 2 5% 
14 -c 2% 
20 r 2% 
90 r 9 m*/g metal. Ni 
34 5 3 m2/g red. cat. 
7.0 2 0.7 nm 
0.43 r 0.02 ml/g 
256 -C 2 m2/g 

High-field magnetization measurements (77 K) 
H2 chemisorption (298 K) 
Magnetization measurements (298 K) 
H2 chemisorption (298 K) 

Hz chemisorption (298 K) 
N2 physisorption (77 K) 
N2 physisorption (77 K) 
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All gases were supplied by Hoek-Loos 
Co. Hydrogen and nitrogen were suc- 
cessively passed through columns contain- 
ing a Deoxo catalyst (BASF R 3-11) and a 
molecular sieve (Linde 4A) to remove 
traces of oxygen and water, respectively. 
Carbon monoxide was used without purifi- 
cation. Methanol (Baker p.a.) could be in- 
troduced into the gas stream in accurately 
known amounts using an apparatus de- 
scribed by Davydov and Kharson (21). 

Apparatus 

Kinetic measurements were performed 
using a continuous flow system (22). A 
quartz microreactor (i.d. 10 mm) was em- 
ployed in all experiments. In a gas-mixing 
system two separate gas flows consisting of 
(a mixture of) Nz, HZ, CO, or CHjOH could 
be prepared. The flow rates were accu- 
rately regulated by mass flow controllers 
(PFD-914). The flow fed to the reactor 
could be instantaneously replaced by the 
second flow by means of two four-way 
valves. This procedure was applied when 
quenching from a stationary-state was car- 
ried out. 

The analyzing system consisted of a 
Perkin-Elmer Sigma IB gas chromato- 
graphic system equipped with a 3.0-m stain- 
less-steel column packed with Porapak QS. 
Separation of gas mixtures was carried out 
using the following temperature program: 
180 s isothermal operation at 333 K, a tem- 
perature ramp of 0.16 K/s to 413 K, fol- 
lowed by 420 s isothermal operation at this 
temperature. This temperature program 
was found to yield a good compromise be- 
tween fast elution of CH#H and complete 
separation of CO and CH4. Samples were 
drawn from the gas stream by means of 
pneumatic sampling valves (Valco). Quan- 
titative analyses were obtained using a hot- 
wire detector (HWD) and a flame ionization 
detector (FID) in series. Between HWD 
and FID a catalytic reactor (Perkin-Elmer) 
was installed to convert carbon-containing 
compounds quantitatively to methane, 
thereby greatly increasing the detection 

sensitivity. All carbon-containing gases 
(CH4, CO, CO*, CH,OH, CzH6) could thus 
be detected with an accuracy better than 
1%. Hydrogen was measured with a low 
accuracy, due to the short retention time 
of HZ, which causes the peak to coincide 
partly with the Nrpressure pulse peak 
needed for sampling. Small amounts of wa- 
ter could not be quantitatively determined. 

Measurements were automated using a 
computer program controlling the reactor 
temperature, the sampling frequency, and 
the data acquisition. All results were trans- 
mitted to a Cyber 180-855 computer for 
storage and subsequent calculations. 

TPH and TPD of adsorbed species were 
performed in the same apparatus as that 
used for the kinetic measurements. The em- 
ployed gas chromatographic detection lim- 
ited linear heating rates to 10 mK/s. 

Saturation magnetizations could be mea- 
sured in the same reactor as that used for 
the kinetic, TPH, and TPD studies. A modi- 
fied Weiss extraction technique was used, 
applying magnetic field strengths up to 0.52 
MA/m and temperatures ranging between 
100 and 740 K (23). 

Procedure 

Typically 15- 100 mg of the pelleted cata- 
lyst was brought into the microreactor and 
pretreated in situ. A methanol pressure and 
flow rate were selected. After attainment of 
the stationary state, usually within 1.2 ks, 
the effluent composition was monitored for 
at least 3.6 ks. Provided the conversion to 
methane did not exceed 8%, the average of 
the measurements was used for the evalua- 
tion of the turnover frequency (TOF), as- 
suming ideal differential plug-flow behavior 
(17). Stationary-state measurements were 
performed at a series of temperatures. At 
the end of such a series the initial measure- 
ment was repeated in order to check on de- 
activation of the catalyst. The deactivation 
never exceeded 5% after 87 ks operation at 
various temperatures. Before this proce- 
dure was repeated at a subsequent metha- 
nol pressure and flow rate the catalyst was 
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reduced for 7.2 ks at 723 K to restore its 
original activity. 

The absence of rate limitations by inter- 
phase and intraparticle heat and mass trans- 
fer was checked using the Koros/Nowak 
criterion (24,25). Over a range of tempera- 
tures (473-583 K) it was verified that dilut- 
ing the catalyst with silica in a one-to-three 
ratio did not influence the observed turn- 
over frequencies. It has recently been 
shown by Madon and Boudart (25) that un- 
der conditions where the above criterion is 
obeyed ideal plug-flow behavior is also 
guaranteed. 

TPH and TPD experiments were always 
carried out in combination with magnetic 
measurements. Approximately 180 mg of 
catalyst was brought into the reactor. TPH 
experiments were always conducted with a 
10 ~01% Hz/N2 mixture at a flow rate of 1 .O 
ml/s. TPD was performed in a NZ flow at a 
flow rate of 0.7 ml/s. 

RESULTS 

Thermodynamics 

Many studies on the decomposition of 
methanol have been performed under con- 
ditions (low total pressure) where, accord- 
ing to thermodynamics, decomposition into 
CO and H2 is favored. To investigate both 
the equilibria that could be attained under 
our conditions and the performance of the 
catalyst, measurements at high residence 
times have been carried out in conjunction 
with thermodynamic calculations. 

In Fig. 1 the effluent compositions ob- 
tained at a residence time of 20 s are plotted 
as a function of temperature. The gas fed to 
the reactor consisted of 7.1 kPa methanol 
balanced with nitrogen. The curves in the 
figure correspond to equilibrium composi- 
tions that have been obtained using the 
method described by White ef al. (26). The 
method essentially consists of minimizing 
the Gibbs free energy of a mixture of known 
compounds constrained by a mass balance. 
A modified Newton minimization proce- 
dure has been used to obtain the solutions 
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FIG. 1. EflIuent gas compositions obtained at a resi- 
dence time of 20 s and a methanol pressure of 7.1 kPa. 
The curves correspond to calculated equilibrium com- 
positions. 

(27). It was assumed that reactions leading 
to solid carbon did not proceed. As can be 
seen from Fig. 1 experimental equilibrium 
compositions are indeed not measurably in- 
fluenced by reactions to solid carbon. The 
equilibrium composition strongly depends 
on the temperature. At low temperatures 
the overall reaction can be described by 

4CH30H + 3CH4 + CO;? + 2Hz0. (2) 

Kinetics 

In Fig. 2 a typical plot of effluent gas 
compositions as a function of residence 
time is shown. Small quantities of C2H6 
could be detected at short residence times, 
but never amounted to more than 0.6 mol% 
of the effluent gas and have not been in- 
cluded in the figure. At short residence 
times CH30H decomposes into CO and HZ, 
whereas CH4 is formed only at longer resi- 
dence times. Another significant result is 
the observation that carbon dioxide forma- 
tion does not occur at low conversions of 
methanol to methane. The reaction rates 
for methane formation presented below 
have all been obtained under differential 
conditions, i.e., at residence times shorter 
than 1.5 s. This implies that initial rates 
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FIG. 2. Effluent gas composition as a function of residence time at a methanol pressure of 7.1 kPa 
and a temperature of 523 K. 

were measured. It should be stressed that 
under these conditions no carbon dioxide 
was detected. 

A number of 159 data sets were collected 
within a methanol pressure range of 0.2- 
10.4 kPa and a temperature range of 473- 
583 K. The residence times were varied be- 
tween 0.04 and 1.5 s. The pure SO2 support 
did not show any activity. Rates are ex- 
pressed as turnover frequencies (molecules 
CH4 formed per site per second, assuming 
1.54 x 1019 sites/m2 Ni (28)). The observed 
methanation rates spanned three orders of 
magnitude. The reproducibility of individ- 
ual data points, obtained with one catalyst 
batch, was better than 5%. Larger devia- 
tions, up to lo%, were observed between 
different catalyst batches due to differences 
in the pretreatment procedure. 

The influence of the pressure on the rate 
of methane formation is illustrated in Fig. 3, 
where representative results measured at 
three temperatures are shown. Over our 
pressure range no marked influence of the 
temperature on the reaction order was ob- 
served. In Fig. 4 the temperature depen- 
dence of the reaction rate is analogously 
exemplified. A slight but significant de- 
crease of the activation energy with in- 
creasing temperature is observed. 

Finally, it is demonstrated in Fig. 5 that a 
CO/H2 mixture of a ratio of 0.5 gives rise to 
methane formation rates equal to those ob- 
tained via methanol decomposition, pro- 
vided the CO and CH30H partial pressures 
are equal. 

Surface Coverages 

To determine the coverages of surface in- 
termediates during the stationary state, a 
combination of temperature-programmed 
hydrogenation, temperature-programmed 
desorption, and magnetic measurements 
was performed. 

The catalyst was reduced in situ and 
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FIG. 3. Dependence of methane formation rates on 
methanol partial pressure at 476 K (O), 518 K (A), and 
537 K (0). 
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FIG. 4. Arrhenius plot of methane formation rate at 
methanol partial pressures of 1.0 kPa (A), 3.8 kPa (O), 
and 10.2 kPa (0). 

slowly cooled to room temperature. The 
magnetization of the catalyst saturated with 
hydrogen was determined ((0) in Fig. 6). 
The sample was subsequently flushed with 
N2 at 698 K for 7.2 ks and the magnetization 
of the clean catalysts was measured ((A) in 
Fig. 6). Saturation magnetizations were de- 

x7 loo- 
-* 
3 

8 

-5 

9 3 

lo- 

1000/T (K-l) 

FIG. 5. Comparison of methanation rates for metha- 
nol (0, pmethanol = 4.6 kPa; 0, pmethol = 8.0 kPa) and 
CO/H2 = 0.5 mixtures (0, pco = 4.8 kPa; W, pco = 8.1 
kPa). 

termined by extrapolating from magnetic 
field strengths between 0.35 and 0.52 MA/ 
m to infinite fields according to the method 
described by Selwood (29). The difference 
in saturation magnetization between the hy- 
drogen-saturated catalyst and the clean cat- 
alyst directly yields the dispersion of the 
sample: 20 + 2%. The extent of hydrogen 
adsorption points to a dispersion of 14% 
(Table 1). This discrepancy may be attrib- 

(kAn-?) 

FIG. 6. Magnetization of the catalyst (in arbitrary units) at 298 K after exposure to Nz (A), H1 (O), 
CH30H (0). 
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FIG. 7. TPH profile after exposure of the catalyst to 
methanol (6.5 kPa) at 520 K (flow, 1.0 ml/s 10% Hz/N~; 
heating rate, 10 mK/s). 

uted to (i) the possibly incorrect geometri- 
cal assumption (hemispherical particles) 
made in the evaluation of the dispersion us- 
ing hydrogen adsorption and (ii) inadequa- 
cies of the extrapolation to saturation mag- 
netization with nickel particles smaller than 
5 nm (30). The deviation from the true satu- 
ration magnetization will be larger in the 
case of the smaller magnetic volumes of the 
hydrogen-covered nickel particles. 

After saturation with hydrogen the cata- 
lyst was brought into a stationary state at a 
selected methanol pressure and tempera- 
ture. After 3.6 ks of stationary-state opera- 
tion, keeping the conversion to methane be- 
low 8% in order to achieve conditions 
comparable to those during the kinetic mea- 
surements, the methanol-containing flow 
was replaced by N2 and the sample was 
quenched to room temperature. Then the 
saturation magnetization corresponding to 
the stationary-state coverage was measured 
((0) in Fig. 6). Samples quenched from sta- 
tionary state were analyzed using TPH or 
TPD. The results of TPH, TPD, and mag- 
netic measurements were not significantly 
influenced by the details of the quenching 
procedure. 

Figure 7 shows a TPH profile. A small 

CO peak is detected at a peak temperature 
of 387 ? 6 K, and a much larger CH4 peak 
at 423 2 3 K. The latter peak was shifted to 
lower temperatures (even room tempera- 
ture) if performance under stationary-state 
conditions was followed by flushing the cat- 
alyst with nitrogen at 473 K for 3.6 ks be- 
fore performing TPH. A typical TPD profile 
is presented in Fig. 8. Peak temperatures 
are 395 + 4 K (CO), 473 ? 7 K (CO& 486 +- 
2 K (CH4), and 659 + 6 K (CO). (Error 
boundaries here and throughout this paper 
denote standard deviations.) Other com- 
pounds, e.g., methanol and formaldehyde, 
were never detected. H2 desorption was ob- 
served over practically the whole tempera- 
ture range. The quantities desorbed were 
too small to allow accurate quantitative de- 
termination with the HWD, but the amount 
of H2 detected was seen to increase on in- 
creasing the temperature. 

The saturation magnetizations deter- 
mined after TPH were equal to those ob- 
tained after adsorption of a monolayer of 
hydrogen. The saturation magnetization af- 
ter TPD proved to be equal to the satura- 

T(K) 

FIG. 8. TPD profile after exposure of the catalyst to 
methanol (6.5 kPa) at 520 K (flow, 0.7 ml/s N2; heating 
rate, 10 mK/s). 
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TABLE 2 

Fractional Surface Coverages Obtained with TPH, TPD, and Magnetic Measurements 

Exposure to Saturation magnetization X 100 Adsorbed carbonaceous species 
Saturation magnetization of clean cat. (monolayer equivalent) 

N2, 698 K loo + 2 
HZ, 723 K 80 ” 3 

CH,OH, 473-583 K 6ok3 

tion magnetization of the clean catalyst. 
Also, the original methanation activity was 
restored after both TPH and TPD. Perform- 
ing a TPH run up to temperatures of 1073 K 
immediately after TPD showed that no car- 
bonaceous species were left on the catalyst 
surface. Determination of surface cover- 
ages has been performed at a number of 
stationary states covering the range of ex- 
perimental conditions. There was no appar- 
ent influence of the reaction conditions on 
the surface coverages during stationary 
state. The results are shown in Table 2. 

DISCUSSION 

Mechanism 

As stated in the Introduction the ad- 
vancement of the decomposition of metha- 
nol cannot be described by one simple stoi- 
chiometric reaction. We are dealing with a 
network of reactions in which a number 
of single reactions may proceed simulta- 
neously or consecutively. Our first task 
therefore is identification of the possible re- 
actions and analysis of the mechanisms by 
which they are produced. 

A mechanism is defined as a sequence of 
elementary steps. The sequences that can 
be derived are determined by the set of ele- 
mentary steps chosen. Since this choice de- 
pends on an interpretation of the experi- 
mental evidence, the set of elementary 
steps used may be incomplete or redun- 
dant. Redundancy in the set of elementary 
steps is easily traced. Omission of physi- 
cally important steps can be detected only 
by experimentally testing kinetic rate equa- 

0.70 2 0.12 (TPH) 
0.77 k 0.16 (TPD) 

tions derived from the reaction mechanism 
obtained. Whether such an omission is ac- 
tually found depends on the quality of the 
kinetic data and the differences in the func- 
tional form of the rate equations. 

In Table 3 the elementary steps that have 
been chosen to describe the methanol de- 
composition are listed. It should be noted 
that elementary steps involving either hy- 
drogen-assisted CO dissociation or dissoci- 
ation of oxygen or hydroxyl from adsorbed 
methoxy intermediates have not been in- 
cluded in the set. These elementary steps 
have been proposed from experiments con- 
ducted under transient conditions (31, 32). 

TABLE 3 

Set of Elementary Steps Used to Describe 
Methanol Decomposition 

St 
s2 

s3 

s4 

s5 
86 
s7 
SO 
s9 

SlO 
SII 
s12 

Sl3 

s14 

SIS 
St6 

Sl7 

Sl8 

CH90H(g) + s e CH30H(ad) 
CH30H(ad) + s Q= CH30(ad) + H(ad) 
CH30(ad) + s G= CHr(ad) + H(ad) 
CH20(ad) + s G= CHO(ad) + H(ad) 
CHO(ad) + s e CO(ad) + H(ad) 
CO(ad) e CO(g) + s 
fH(ad) = Hz(g) + 2s 
CO(ad) + s e C(ad) + O(ad) 
CG4 + H(ad) =CH(ad) + s 
CH(ad) + H(ad) ti CH2(ad) + s 
CH2W + H(ad) e CH3(ad) + s 
CH3W + H(ad) e CI&(ad) + s 
CHdad) e CH,(g) + s 
OW + H(ad) G= OH(ad) + s 
OH(ad) + H(ad) e H20(ad) + s 
MWV cs H20(g) + s 
OW) + CO(ad) e COr(ad) + s 
CO&-O * COz(g) + s 
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There is no evidence for the occurrence of 
these steps under stationary-state condi- 
tions (24-16). Our own experimental 
results concerning the above steps will be 
discussed later. 

A method to derive all physically accept- 
able mechanisms from a chosen set of ele- 
mentary steps has recently been published 
by Happel and Sellers (18). A brief outline 
of their procedure will be given here, but 
the reader is referred to the original litera- 
ture for the details of this procedure. Math- 
ematically the elementary steps can be con- 
sidered a basis for the construction of all 
possible mechanisms. This implies that all 
possible mechanisms can be obtained by 
linear combination of the elementary steps. 
However, we are not interested in all mech- 
anisms, but only in steady-state mecha- 
nisms, i.e., mechanisms which lead to reac- 
tions containing only terminal species (the 
reactants and products appearing in an 
overall reaction) and no intermediates. To 
obtain all steady-state mechanisms the ele- 
mentary steps are rewritten in such a way 
that the basis for the reaction system can be 

ml 52 

m2 53 

m3 54 

“4 ss 

m5 59 

m6 %O 

m7 %I 

me 512 

m9 513 

ml0 515 

“‘11 %6 

w 517 

m13 s6 

94 51s 

“15 57 

96 s~+s~+s3+sq’s5+s6+2’s~ 

mt7 5~+5g+5,0+5,,+S,~+~~~S,~+S,~-2.S,-2.56 

W 56*~,,+~15+s16-~6-s17-57 

divided into three disjoint bases. These 
three bases describe respectively (i) the 
non-steady-state mechanisms, involving 
both intermediates and terminal species; (ii) 
the steady-state mechanisms, involving 
only terminal species; and (iii) the cycles, 
which do not result in a net reaction, but 
can be necessary for a chemically correct 
description of the reaction system. To ob- 
tain the three bases the elementary steps 
are arranged in a step-by-species matrix. 
The matrix is put into a diagonal form by 
means of elementary row operations and 
column permutations. 

In Fig. 9 the diagonalized step-by-species 
matrix for methanol decomposition is rep- 
resented. The first 15 elementary steps in 
the matrix correspond to non-steady-state 
mechanisms, the last three to steady-state 
mechanisms. It is seen that due to the 
choice of elementary steps there are no cy- 
cles in the system. The three mechanisms 
denoted m16, m17, and ml8 therefore form a 
basis for all steady-state mechanisms. The 
most general steady-state mechanism can 
thus be written as a linear combination of 

0 0 0 0 0 0 0 0 0 0 0 0 0 0 -2 2 

0000000000000000 
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FIG. 9. Diagonalized step-by-species matrix for methanol decomposition. 



476 DE BOKX, BALKENENDE, AND GEUS 

ml& m17, and mts according to 

m = pm16 + um17 + Tml8. (3) 

Substituting the explicit expressions for the 
mechanisms mr6-mrg taken from Fig. 9 and 
rewriting yields 

m = pq + ps2 + ps3 + ps4 + ps5 

+ (7 - 2o + ,,)&j + (2p - 2u 
- 7)$7 + us8 + us9 + UslO 

+ us11 + vs12 + (Ts13 + T&s14 

+ 7s15 + 7s16 + (0. - +,7 

+ (u - 7)slS (44 

m = p(sl + s2 + s3 + s4 + s5) 

+ (7 - 2a + p)& + (2p - 2u 
- 7)s7 + &8 + s9 + sl,, + s11 

+ $12 + s13) + +I4 + s15 + s16) 

+ (a - 7)(s17 + s18). (4b) 

The p, (T, and r in these formulas describe 
the number of occurrences of each elemen- 
tary step for a single occurrence of the 
overall reaction. 

In accordance with the formulation of the 
general steady-state mechanism, the gen- 
eral overall reaction [R = 2 ViAi, in which 
vi is the stoichiometric coefficient (positive 
for products, negative for reactants) and Ai 
stands for the chemical participating in the 
reaction] can be written as 

R = p(-CH30H + CO + 2H2) 
+ (r(-2C0 - 2H2 + CH, 
+ C02) + T(--CO2 - HZ + CO 
+ H20) W 

R = (p - 2rr + T)CO + (2p - 2a - 7)H2 
- pCH30H + c&H4 
+ 7H20 + (0. - r)CO2. (5b) 

To illustrate the sufficiency of our basis 
set of elementary steps we will distinguish 
the following cases. 

(i) At low residence times we know the 
overall reaction to be 

CH30H G= CO + 2H2. (1) 

Equation (5b) shows that o and r are zero at 
low residence times. Substituting this result 
in Eq. (4b) leads to the mechanism produc- 
ing reaction (1): 

m = p(sl + s2 + s3 + s4 

+ s5 + s6 + 2x7). (6) 

(ii) The overall reaction corresponding to 
the equilibrium at a temperature of 500 K 
(see Eq. (2)) can be obtained by substituting 
3p = 4~ = 6r in Eq. (Sb). Substitution of 
these values in the general overall mecha- 
nism (Eq. (4)) yields the mechanism corre- 
sponding to this reaction. Changes in the 
equilibrium composition at more elevated 
temperatures can be explained by an in- 
crease of p and a decrease of r relative to c. 

(iii) Under differential conditions no CO2 
formation was observed (see Fig. 2). By in- 
spection of Eq. (5b) it can be readily seen 
that u must equal T under these conditions. 
Equation (4b) is thus reduced to 

m = p(sl + s2 + s3 + s4 + s5) 

+ (p - & + (2p - 34s7 

+ (T(s8 + s9 + sl,, + sll + s12 

+ s13 + s14 + s15 + s16). (7) 

The elementary steps sr to s5 proceed con- 
secutively and at the same relative rate, 
which is characterized by p. Therefore, we 
may consider the reaction 

CH30H(g) + 5s + CO(ad) + 4Had (8) 

to proceed at the relative rate p. Accord- 
ingly, we can see that the sequences of ele- 
mentary steps leading to the reactions 

CO(ad) + 4H(ad) + 
CH4(g) + O(ad) + 4s (9) 

O(ad) + 2H(ad) e HzO(g) + 3s (10) 

proceed at the relative rate u, hydrogen de- 
sorption at the relative rate (2p - 3u), and 
carbon monoxide desorption at the relative 
rate (p - a). 

From Fig. 2 it is apparent that the quanti- 
ties of CO and H2 in the product mixture 
greatly exceed the amount of CH4. This im- 
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plies that p is much larger than cr; i.e., the 
number of occurrences of the reaction to 
CO and H2 is much larger than the number 
of occurrences of the CO hydrogenation re- 
action. The reactions 

CH30H $ CO + 2H2 (1) 

CO + 3H2 = CH4 + Hz0 (11) 

can thus be considered to proceed indepen- 
dently; i.e., the rates are not interrelated. 
As o is much smaller than p, the rate of 
CH4 formation is determined by the rate of 
CO hydrogenation. This contention is con- 
firmed by the good agreement between the 
rates of methane formation via methanol 
decomposition on the one hand and metha- 
nation rates from CO/H2 mixtures on the 
other (see Fig. 5). 

According to the mechanism (Eq. (7)), 
oxygen is removed from the catalyst sur- 
face as water and elementary steps leading 
to carbon dioxide are not necessary to de- 
scribe the reaction system under differen- 
tial conditions. The rates of formation of 
methane and water are equal. Preferred re- 
moval of oxygen via water formation is in 
line with earlier studies (33, 34). 

Kinetics 

The pressure and temperature depen- 
dences of the observed rate equations can 
be concisely summarized using a power 
rate law. All 159 data sets could be fitted to 
the empirical rate equation 
TOF = (6.4 + 0.6)108e-(119~4)~~~p(O~44~0~01). 

(12) 

In this equation the activation energy is 
given in kJ/mol, R = 8.314 X 10m3 kJ/(mol 
K), T is the absolute temperature (K), p is 
the initial methanol pressure (kPa), and 
TOF stands for the turnover frequency 
(s-1). 

The parameters were obtained by simul- 
taneously fitting all data using a nonlinear 
least-squares method. A Gauss-Newton al- 
gorithm was employed to find the solution 
(35, 36). The observed turnover frequen- 

cies as well as the apparent activation ener- 
gies agree well with previously reported 
values for methanation from CO/Hz mix- 
tures (37-39). However, no mechanistic in- 
formation can be obtained by fitting data to 
a power rate law. 

A rate equation is most directly derived 
from a proposed mechanism using only the 
steady-state approximation. Unfortunately, 
the resulting equations become completely 
unmanageable and it turns out to be neces- 
sary to make the simplifying assumption 
that one step in the sequence is rate-deter- 
mining. All steps preceding the rate-deter- 
mining step are considered to be in equilib- 
rium. Adsorption equilibria are assumed to 
be of the Langmuir type and the rate-deter- 
mining step is supposed to be a reaction 
between adsorbed species. These assump- 
tions are generally referred to as the 
Langmuir-Hinshelwood-Hougen-Watson 
(LHHW) approach. Assuming the rates of 
backward reactions to be negligible, it leads 
to rate equations of the form 

TOF = fl kipP/(l + C kjpp)‘. (13) 
i j 

The pi,j in this equation are partial pres- 
sures; the ki,j are products of equilibrium 
constants and rate constants; and oi, fij, 
and y are real numbers, often integers or 
zero. Unlike the parameters of a power rate 
law, the parameters of a LHHW-type rate 
equation can, in principle, be related to 
quantities having physical significance, 
such as enthalpies and entropies of ad- 
sorbed species. Moreover, a LHHW-type 
rate equation predicts the coverages of in- 
termediates, which can be compared with 
independent determinations of concentra- 
tions of adsorbed species. 

Due to the interdependence of the param- 
eters, confidence intervals of individual pa- 
rameters are rather large. Rationalization of 
the estimated parameters, eventually lead- 
ing to the enthalpy and entropy of the acti- 
vated complex, is therefore not possible 
without introducing serious uncertainties. 
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TABLE 4 

Rate Equations foi Different Positions of the Rate-Determining Step in the Mechanism 
(Qi = AieHRT) 

Rate-determining step Rate equation 

(4 TOF = Q3~41 + QzPO.~ + Q,P)* 
(b) TOF = Q,PM + QzP’.~ + Q,p)* 
(c) TOF = Q5~‘-*~/(1 + Q4p”.25 + Q3po.’ + Q2p0.75 + Q,p)* 
(d) TOF = Q5p’.251(l + Q4po.z5 + Q3po.5 + Q*PO.‘~ + Q,p)* 
(e) TOF = Qsp’.5/(l + Q2po.5 + Q,p)* 

The problem now is to discriminate be- 
tween the rival models obtained by putting 
the rate-determining step at different posi- 
tions in the sequence of elementary steps. 
The different rate equations thus obtained 
have been collected in Table 4. In the Ap- 
pendix an example of the derivation of a 
rate equation is given. The suggestion that 
CO dissociation is rate-determining (40,41) 
could not be confirmed. This can be appre- 
ciated by inspection of the resulting rate 
equation (Eq. (a) in Table 4). To a good 
approximation we can assume the fraction 
of free sites to be very small, allowing us to 
neglect the constant 1 in the denominator. 
The equation now reduces to 

TOF = A3eEIRT/(A2eEIRT + AleE’RTp0.5)2. 
(14) 

As can be seen from this equation the maxi- 
mum order in methanol pressure is zero 
when the fraction of free sites is small. 
Since our experimental value equals 0.44, 
CO dissociation is very unlikely to be rate- 
determining. For the same reason C(ad) 
hydrogenation is unlikely to be rate-deter- 
mining when O(ad) hydrogenation is co- 
rate-determining (see Table 4). Unfortu- 
nately, discrimination between the other 
CH,(ad) hydrogenation steps was not pos- 
sible on the basis of the present data. Fol- 
lowing earlier investigations (42-43) we 
have worked out (e) from Table 4. Parame- 
ter estimations for this model have been 

collected in Table 5. A plot of residuals is 
shown in Fig. 10. The uniform distribution 
of the residuals confirms the adequacy of 
the rate equation. It should be noted that a 
change of rate-determining step was not in- 
voked to explain changes in apparent acti- 
vation energies over our range of tempera- 
tures and pressures. The observed changes 
can be fully explained by changes in the 
adsorption equilibria. 

We believe that the main strength of 
LHHW rate equations relative to empirical 
rate equations is to be found in the capabil- 
ity of the former to predict coverages of 
intermediates. As the evaluation of surface 
coverages at a given temperature and pres- 
sure always involves combinations of expo- 
nentials and preexponentials a reasonable 
indication of the surface coverages can be 
obtained. The surface coverages as derived 
from fitting the kinetic data to Eq. (e) of 
Table 4 are shown in Fig. 11. 

TABLE 5 

Parameters Estimated from Fitting the Data to 
Eq. (e) of Table 4 

Parameter 

kl 
El 
kz 
E2 

k3 
E3 

Value 

1.2 x 10-n 
-6.8 x 10’ 

1.8 x IO-’ 
1.5 x 10’ 
3.1 x lo-16 
1.4 x 102 

Dimension 

kPa-I s-l 
kJ mol-I 
kPa-‘” 
kJ mol-’ 
kPa-’ 
kJ mol-’ 
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FIG. 10. Distribution of residuals. Relative deviations of the calculated values are plotted as a 
function of measured rates. 

Surface Coverages 

We now turn to the surface coverages ob- 
tained with TPH, TPD, and magnetic mea- 
surements. The TPD results show that the 
main carbon-containing species on the sur- 
face is CO. When TPH is performed part of 
this CO desorbs, while a much larger part 
dissociates and is hydrogenated to CH4 
(and H20). No separate CH4 peak at low 
temperatures due to the hydrogenation of 
the more active C(ad) (44, 45) could be de- 
tected with samples quenched from the sta- 

T(K) 

FIG. 11. Fractional surface coverages (0, free sites; 
A, H(ad) + C(ad) + O(ad); 0, OH(ad) + CO(ad) + 
CH(ad)) as a function of temperature calculated from 
the estimated parameters (Table 5). Solid symbols re- 
fer to a pressure of 0.8 kPa, open symbols to 8 kPa. 

tionary state. The observation that methane 
is already formed at room temperature if 
part of the CO is allowed to desorb and/or 
decompose is consistent with the work of 
Rabo er al. (46). They showed that the reac- 
tivity of C(ad) toward hydrogenation 
greatly decreases with increasing CO cov- 
erage. Apparently due to the large CO cov- 
erages during the stationary state C(ad) hy- 
drogenation does not occur before the 
temperature is raised to about 350 K and 
part of the CO has desorbed, thus making 
the separation of C(ad) and CO contribu- 
tions to the observed TPH profile impos- 
sible. It should be mentioned that peak 
temperatures reported in this work are 
somewhat lower than those reported previ- 
ously (4Z), because of the low heating rate 
used. 

During TPH or TPD no desorption of 
methanol or formaldehyde was observed, 
which indicates that adsorbed quantities of 
these species are very low, if existent at all. 
The total amount of carbon detected during 
TPD, viz. 0.7 monolayer, agrees well with 
the total amount detected during TPH. This 
is somewhat surprising. One would expect 
the amount of carbon-containing species 
detected during TPD to be lower due to the 
Boudouard reaction, leaving one carbon 
atom on the surface for every desorbed CO2 
molecule. However, by magnetic measure- 
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ments, by inspection of the methane turn- 
over frequencies, and by performance of 
TPH at elevated temperatures after TPD, 
the catalyst surface appeared to be free 
from carbonaceous species after TPD. Ob- 
viously the carbon deposited in the 
Boudouard reaction is oxygenated during 
the TPD experiment. In our opinion the 
most probable source of oxygen atoms is 
water desorbing from the silica support. 
The reactivity of adsorbed carbon toward 
water has been well established (47). Alter- 
natively, carbon dioxide can be formed via 
reaction of adsorbed carbon monoxide with 
water. It should be noted that in contrast to 
the work of Biloen et al. (42) and McCarty 
and Wise (48) no appreciable buildup of less 
active carbonaceous species was observed, 
even in cases where the stationary state 
was maintained for several hours. 

A most interesting result is that the de- 
crease in saturation magnetization of sam- 
ples quenched from the stationary state is 
about twice the decrease caused by adsorp- 
tion of a monolayer of hydrogen. From the 
TPD experiments it has been deduced that 
almost all carbon is present as CO. Since 
adsorbed CO is partly present in a multi- 
bonded form, the amount of CO causes a 
decrease in magnetization corresponding to 
the decoupling of about one monolayer of 
Ni atoms. The additional decrease in mag- 
netization can be due to the presence of 
hydrogen, carbon dissolved in the bulk of 
the catalyst, or oxygen. We do not believe 
the presence of oxygen to be of importance, 
as nickel oxide is stable under TPD condi- 
tions. Also, Goodman er al. (49), using 
AES, could not detect oxygen on a Ni( 100) 
surface after stationary-state exposure to 
CO/H*. According to Cant and Bell (50) the 
inventory of oxygen on Ru is undetectable. 
Since almost all of the carbon is present in 
the form of CO, the amount of dissolved 
carbon will be very low and cannot account 
for the decoupling of an additional mono- 
layer equivalent of Ni atoms, despite the 
high decoupling effect (up to seven nickel 
atoms per carbon atom) reported for dis- 

solved carbon. Therefore, we believe that 
the additional magnetization decrease is 
mainly due to adsorbed hydrogen. 

Carbon monoxide and hydrogen have 
been reported to coadsorb attractively, 
both in approximately monolayer amounts 
on supported transition metal catalysts at 
temperatures near 400 K. Horgan and King 
(51) observed mutual enhancement of CO 
and H2 on Ni up to temperatures of 648 K. 
Very recently Winslow and Bell (52) have 
shown that monolayer amounts of both 
CO(ad) and H(ad) are present during CO 
hydrogenation over Ru. The observation 
that the adsorbed hydrogen is magnetically 
active, i.e., is magnetically decoupling one 
monolayer equivalent of nickel atoms, 
makes it unlikely that hydrogen is present 
in CH,O species. The observation that two 
monolayer equivalents of nickel atoms are 
decoupled suggests that hydrogen is dis- 
placed by carbon monoxide to subsurface 
positions, e.g., the second layer positions 
in the more open planes. It has been sug- 
gested previously (53) that hydrogen is dis- 
placed to subsurface positions if recombi- 
nation of adsorbed hydrogen is hampered 
by the presence of large amounts of prefer- 
entially adsorbed ad species. 

Because from magnetic measurements 
and from TPD and TPH the existence of 
CH,O intermediates proves to be unlikely, 
we have not included elementary steps in- 
volving CH,O(ad) in the analysis of the re- 
action system. 

Comparison of the surface coverages cal- 
culated from the estimated parameters with 
those obtained from TPH, TPD, and mag- 
netic measurements shows large differ- 
ences. However, we stress that from the 
measurements total surface coverages are 
obtained, whereas the surface coverages 
calculated from the rate equation are re- 
lated to the coverage of the active sites 
only. From dilution of nickel with inactive 
copper it emerged that specific ensembles 
are required for the dissociation of carbon 
monoxide (44,54). Decomposition of meth- 
anol into CO and HZ is assumed to be much 
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faster, because the C-O bond is not broken 
in this case and thus the special sites are not 
required here. This is a plausible physical 
explanation for p being much larger than (T 
in Eq. (7). 

The question arises why CH, hydrogena- 
tion is so often found to be the rate-limiting 
step, notwithstanding the presence of the 
equivalent of an almost complete mono- 
layer of adsorbed hydrogen. From our TPH 
on a partially covered surface as well as 
from experiments where CO is abruptly re- 
moved from the feed (32,55), it follows that 
small changes in total CO coverage drasti- 
cally influence the CH, hydrogenation rate. 
We speculate that a major part of the total 
hydrogen coverage is displaced by CO to 
positions where it is relatively immobile. 
Only H(ad) on the surface readily reacts 
with C(ad) to form methane. The limited 
quantities of hydrogen adsorbed on the sur- 
face may well explain the observation that 
CH, hydrogenation is rate-determining un- 
der our conditions. Such a description of 
the reaction system could also explain ob- 
served changes in the rate-determining step 
(CO dissociation versus CH, hydrogena- 
tion) and the sensitive influence of the CO/ 
HZ ratio (40,56), but much work remains to 
be done to fully elucidate the reaction sys- 
tem. 

CONCLUSIONS 

(i) The formation of methane from meth- 
anol under differential conditions can be 
described in terms of two consecutive reac- 
tions. Methanol first decomposes into CO 
and HZ, followed by methanation of carbon 
monoxide. The former reaction is much 
faster than the latter. 

(ii) Kinetic data can be fitted to a LHHW 
rate equation involving the hydrogenation 
of a CH intermediate as the rate-determin- 
ing step. Hydrogen-assisted CO dissocia- 
tion is not needed to describe the data. 

(iii) Large discrepancies have been ob- 
served in total surface coverages deter- 
mined with TPH, TPD, and magnetic mea- 
surements on the one hand and the surface 

coverages predicted by the LHHW rate 
equation on the other. This has been inter- 
preted as an indication that only a minor 
fraction of the surface sites is actually in- 
volved in the methanation reaction. 

APPENDIX 

We must consider the gas phase reac- 
tions 

CH30H s CO + 2H2 (Al) 

CO + 3H 2 $ CH4 + HZO. 642) 

Reaction (Al) is considered to proceed 
much faster than reaction (A2). Also, the 
equilibrium of (Al) is completely to the CO 
+ 2H2 side; thus every CHJOH molecule 
adsorbing on the surface results in the ad- 
sorption of CO(ad) and 4H(ad). The ad- 
sorbed amounts of COad and Had are in 
equilibrium with a virtual CO pressure, 
respectively, H2 pressure. These virtual 
pressures equal the equilibrium pressures 
of CO and H2 for reaction (Al). That is, 
CO(ad) and H(ad) are in equilibrium with a 
virtual CO and H2 pressure, which equals 
the initial (inlet) methanol partial pressure 
(57), 

PC0 = Pr%mnol (A3) 

PHz = 2P i%lanol . (A4) 

This concept of virtual pressures has 
been confirmed in experiments in which a 
CO/Hz = f mixture was used instead of 
methanol: the observed rates of reaction 
are the same when the CO partial pressure 
in the mixture equals the methanol pres- 
sure. 

Since the rate of reaction (A2) is much 
lower than the rate of reaction (Al), one of 
the elementary steps leading to reaction 
(A2) must be rate-determining. In this deri- 
vation we will assume CH hydrogenation to 
be rate-determining. Because the rate of 
water formation must equal the rate of 
methane formation, OH hydrogenation has 
been chosen as the co-rate-determining 
step. All steps preceding the rate-determin- 
ing step are considered to be in equilibrium; 
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all steps succeeding the rate-determining 
step are considered to be kinetically unim- 
portant. When, as generally, the assump- 
tion is made that only a single type of reac- 
tion site exists (thus neglecting the 
possibility of active ensembles) the mecha- 
nism can be written as 

CH30H(g) $ CO(g) + =Mg) 
(Al) 

CO(g) + s e CO(ad) 6454 
CO(ad) + s e C(ad) + O(ad) 

Ma) 

HI(g) t 2s e 2H(ad) (A74 

O(ad) + H(ad) * OH(ad) + s (A84 

OH(ad) + H(ad) + HzO(g) + 2s (A9) 

C(ad) + H(ad) e CH(ad) + s (AlOa) 

CH(ad) + H(ad) --$ CHz(ad) + s (Alla) 

CH2(ad) + 2H(ad) z+ CH4(g) + 3s. 
(A12a) 

8, = 

e co = 

e OH = 

OCH = 

eH = 

e. = 

ec = 

0, 

&K5Pco 

The rate can be expressed as 

r = kllecHeH = k9eoHeH (Allb) 

eCH/eoH = kg/k,, . (Al lc) 

The equilibrium constants can be written as 

6 = eco4pcoa G-4 

K6 = (eceo)4ecoes) (A6b) 

KI = &(PH&) (A7b) 

KS = @OH&)/@H80) (A8b) 

KlO = &H&)/(~Hfk)a (AlOb) 

8’s in the above formulas denote fractional 
coverages. They are related by 

i = es + eCo + eCH 
+ eou + eu + 80 + I&. (A12b) 

Using the equations (A3), (A4), (A5b)- 
(ASb), (AlOb), (Allc) all surface coverages 
can be expressed in terms of the fraction of 
free sites (0,) and the initial methanol pres- 
sure (denoted p in the following): 

= e,Ap 

(A13a) 

(A13b) 

e,(KsK6K7KsKlok11PcoPHlks)0.’ = &BP 

e,(K5K6K7KsKrok9PcopH/k~~)0~5 = wP 

es(K7 Pd”.’ = 8,DpOJ 

e,(K5KKgKlok,lpcolKsk9)0.5 = esEpo.5 

es(K5K6Ksk9PcolKlok1,)0,5 = e,Fp”.5. 

(A13c) 

(A13d) 

(A13e) 

(A13f) 

(AW 

Substituting the above in Eq. (A12) leads to 

1 = &(l + {A + B + C}p 
+ {D + E + F}PO.~) (A14a) 

1 = e,(i + elp + Q~PO.~). (A14b) 

The rate of methanation is 

r = kdkHeH 
= k,1CDp’.5e; = Q3p’.5ef. (A15) 

Substituting (A14b) for 8, leads to 

r = Q3~‘.~/(1 + Qip + Q2po.5)2. (A16) 

In this equation every Q can be written as 
an Arrhenius-like product. The surface 
coverages can be derived directly from Eq. 
(A13): 

eC0 + &H + eOH 

= QIPW + QI P + Q2p”.‘) 

eH + eC + e. 

(A17a) 

= Q~PO.~/(~ + Q,p + Q~PO.~). (A17b) 
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