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Yoshiro Yasaka, Ken Yoshida, Chihiro Wakai, Nobuyuki Matubayasi, and Masaru Nakahara*
Institute for Chemical Research, Kyoto Wersity, Uji, Kyoto 611-0011, Japan

Receied: May 2, 2006; In Final Form: July 14, 2006

Kinetics and equilibrium are studied on the hydrothermal decarbonylation and decarboxylation of formic
acid, the intermediate of the water-gas-shift (WGS) reaction, in hot water at temperatures-8807C, to
understand and control the hydrothermal WGS reactidrand*3C NMR spectroscopy is applied to analyze

as a function of time the quenched reaction mixtures in both the liquid and gas phases. Only the decarbonylation
is catalyzed by HCI, and the reaction is first-order with respect to botf fiid [HCOOH]. Consequently,

the reaction without HCl is first and a half (1.5) order due to the unsuppressed ionization of formic acid. The
HCl-accelerated decarbonylation path can thus be separated in time from the decarboxylation. The rate and
equilibrium constants for the decarbonylation are determined separately by using the Henry constant (gas
solubility data) for carbon monoxide in hot water. The rate constant for the decarbonylation>s1D%,

2.0x 104, 3.7x 1073 and 6.3x 102 mol "t kg s%, respectively, at 170, 200, 240, and Z&on the liquid

branch of the saturation curve. The Arrhenius plot of the decarbonylation is linear and gives the activation
energy as 146: 3 kJ mol?. The equilibrium constaritco = [CO]/[[HCOOH] is 0.15, 0.33, 0.80, and 4.2,
respectively, at 170, 200, 240, and 28D. The van’t Hoff plot results in the enthalpy change/Adfi = 58

+ 6 kJ mol ™. The decarboxylation rate is also measured at-Z8D °C in both acidic and basic conditions.

The rate is weakly dependent on the solution pH and is of the order 6fidl kg* s at 330°C. Furthermore,

the equilibrium constarco, = [CO;][H2)/[HCOOH] is estimated to be 1.&10* mol kg™ at 330°C.

1. Introduction ~200°C); and (iv) it is rather difficult to quantitatively analyze
such main gaseous products as CO,,Cé@nd H in the
heterogeneous system because of their distribution between the
gas and liquid phases. In the present analysis, we decouple the
HCOOH=CO+H,0 (decarbonylation) (1) two decomposition pathways of formic acid in egs 1 and 2 by
exploiting the catalytic effect of acid on the decarbonylation.
HCOOH=CO, + H, (decarboxylation) (2) The surface-catalytic effect is avoided by choosing quartz as a
reactor material. HCI is employed for the time-scale separation
The reversibility of the decarbonylation has been evidenced by of the relevant kinetic paths. All of the gaseous products are
the direct conversion of carbon monoxide to formic acid in hot quantified in the sealed reactor Byt and**C NMR spectros-
water and furthermore by the stability analysis based on the copy, and the carbon mass balance is confirmed.
free energies for the species (HCOOH, CO ,Cidy, and HO) Formic acid is involved as a key compound not only in the
involved in reactions 1 and2The reversibility and the coupling ~ WGS reaction but also in a number of organic reactions recently
of the reactions given by egs 1 and 2 clearly indicate that formic revealed in hot watef*1>We need to establish the kinetics and
acid exists as an intermediate in the water-gas-shift (WGS) mechanisms of the hydrothermal formation and decomposition
reaction?~** which has long been known to generate hydrogen reactions of formic acid, in view of the following three pro-
from water as a clean fuét.Now the WGS reaction is expressed cesses. (1) Formic acid, as an aldehyde (C1, single-carbon con-
as tained), is involved in the noncatalytic cross-disproportionations
. - of aldehydes; an aldehyde is reduced to the corresponding
CO+ H,0=HCOOH=CO, + H, ®) alcohol and formic acid oxidized to carbonic acid or carbon
dioxide!* (2) Formic acid reacts with formaldehyde (C1
aldehyde) in the presence of acid to form a C2 compound,
glycolic acid, through the €C bond formation as a chemical
evolution proces$? (3) Carbon monoxide, which is in hydro-

In recent years; ¢ formic acid has been found to decompose
without catalysts in the following ways:

and the kinetics and equilibrium of the WGS reaction can be
comprehensively established by examining the rate and equi-
librium constants for the decarbonylation and the decarboxyla-
tion of formic acid. The kinetics and equilibrium study has been h | ilibri ith formi id is rel dth h th
hampered by the following: (i) the reaction order of reaction 1 therma equiiibrium with formic acid, s released through the
has not yet been established; (ii) these reactions can be Catalyzeﬁecarbonylatmn of al_dehydes that can be generated by the
by metals used for reaction ceft§3 (iii) although the non- eterolytic fragmentation of ethets.

catalytic decarbonylation can be dominant in hot water, the  The decomposition of formic acid has been studied for more

reaction rate is very slow (a time scale of days to weeks below than a decade as previously referred tayt its kinetics and
equilibrium have not yet been established. Among the previous

* Corresponding author. E-mail: nakahara@scl.kyoto-u.ac.jp. studies Bi'dl et al. reported the dominance of the decarbonyla-
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Figure 1. Definition of the filling factor of the sample at (a) room
temperature, and (b) the reaction temperatyse The filling factor
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where the subscripk represents the temperature. Note that the
filling factor pr at a reaction temperatufeis larger than that

at room temperature 3TC, p,, due to the expansion of water
whenp, > 0.33 (at densities higher than the critical density of
water); compare Figure 1a and Figure 1b. The gaseous reaction
product is in dissolution equilibrium at each temperature (Fig-
ure 1c). The value ofr can be calculated from by using the
tabulated density of water along the saturation cdfve.

Each sample was heated for a specified reaction time in a
programmable electric furnace kept at the reaction temperature
(170-330°C) with an accuracy of 2C. At the reaction tem-
perature, the liquid and gas phases coexist and the reaction
proceeds in the liquid phase. After the sample was quenched

at the reaction temperature is larger than that at room temperature duepy air, 'H and'H-decoupled'®C NMR spectra were observed

to the decrease of water density at elevated temperatuge f010.33.
The expansion of the total lengthof the quartz reactor is negligible
in view of the thermal expansion coefficient of quartz. (c) lllustration
of the dissolution equilibrium of CO in a sample.

tion path in the decomposition at low temperatures without
kinetic analysi$. As for the decarboxylation, there are much
more quantitative studi€s>13 and the reaction rate has been
obtained mainly under the surface catalytic effect of metals.
Savage and co-workers studied the decomposition of formic acid
in a flow reactor made of Hastelloy C-276 at 0.02 M (moldin

in the temperature range of 32600 °C and showed that the
main product was C¢? Other authors also reported at higher
concentrations (0.13 and 1 M) that the decarboxylation is the
main decomposition path* McCollom et al. examined the
decarboxylation of formic acid using a gold bag reactor with
and without minerals and clarified that the catalytic effect is
not given by minerals but by the transition metals except for
gold 13 They also observed the formation of formate ion from
CO, and K in basic conditions, which indicates the reversibility
of the decarboxylation. Here we perform the detailed analysis
of the decarbonylation and decarboxylation paths in noncatalytic
quartz tube in a wide range of temperatures, concentrations,
and pH values, with an attempt to establish the kinetics and
equilibrium of the hydrothermal WGS reaction.

The experimental part is described in section 2. In section 3,
results and discussion are given. In section 3.1, the reaction
rate law of the decarbonylation is derived and its rate constant
is determined. The equilibrium constant of the decarbonylation
is determined in section 3.2. In section 3.3, the rate of the

decarbonylation in the absence of strong acid is analyzed and

the acid dissociation constant of formic acid is semiquantitatively

estimated. The decarboxylation kinetics and equilibrium are in

section 3.4. In section 3.5, a scheme to control the WGS reaction
is presented. Conclusions are given in section 4.

2. Experimental Section

2.1. Materials and Apparatus.3C-enriched formic acid (99
atom % and 95% (w/w) in D) and sodium formate (99 atom

at 30°C with a NMR spectrometer (JEOL ECA400, magnetic
field strength of 9.4 T). Such gaseous products as CO; CO
and H coexist in the liquid and gas phases, and the NMR
spectra were measured for each phase by the method described
elsewheré?® The spectral measurements were carried out as a
function of reaction time to examine the time evolution of the
reactant and products.

2.2. Yield Analysis. The concentration of formic acid
[HCOOH] was estimated by thtH peak intensity relative to
that of solvent HO (55.5 M) in the liquid phase. The fraction
of residual formic acid, denoted &gcoon, IS expressed by

[HCOOH]

= 5
XncooH [HCOOH], (5)
where [HCOOH] is the initial concentration of formic acid.
To determine the yields of gaseous products, CO,;,@60d H,
we measured their concentrations in both the liquid and gas
phases. The concentration of CO or £iissolved in water was
evaluated by the liquid-phagéC spectrum using HCOOH as
the internal reference; [HCOOH)] was determined in advance
by thelH spectrum. For the gas-pha$€ spectrum, HCOOH
in the liquid phase of the same sample was used as the external
reference to quantify the gas-phase concentration of CO gr CO
Thus the total yield of CO, expressedx®, is calculated by

[Coj + [CO]gasl—; Pr

Xco = (6)

[HCOOH],

Here, [COJd and [COPasare the concentrations of CO in the
liquid and gas phases, respectively, obtained a&tG0and the
subscript r indicates the temperature (&) at which the NMR
analysis is performed. The coefficient {1 p;)/p; (the volume

ratio of the gas to the liquid phase) is the conversion factor for
the gas-phase concentration to that in the liquid phase. The same
procedure was used for GQt was found that the carbon mass
balance was maintained during the reaction within 10%. The

%) were obtained from ISOTEC and used as received. Aqueoussource of error is the absence of an internal reference in the

solutions of HCI (0.01, 0.02, 0.05, 0.1, and 1.0 M) were obtained
from Nacalai. A reactor was made of a sealed quartz tube of
1.5 mmi.d. and 3.0 mm o.d. and-2Q0 cm long. As shown in
Figure 1, the reaction solution was introduced to occupy a
specified portion (controlled with an accuracy of 1%) of the
tube reactor. The volume (lengthkid) ratio of the liquid phase

to the total [) is hereafter denoted as the filling factor:

- l
_ the volume of the liquid phase
Pr the total volume of the reactor L

(4)

estimate of the gaseous products and the magnetization transfer
from proton to carbon through the-€&4 bond of formic acid
when the'H-decoupled3C spectrum is takeH. The maintained
mass balance indicates that CO and,Q© not leak through
the reactor walls. The yield of Hvas estimated by the gas-
phase'H spectrum using solvent @ of the same sample as
the external reference. The concentration of dissolveavas

not incorporated into the yield, since it is not measurable by
the interference of the strong solvent peak. This may lead to an
underestimate of the yield by5%. In addition, the smallest
molecule H escapes out of the quartz reactor with a time scale
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TABLE 1: The Rate Constant k;; and the Equilibrium

42 | Constant Ko for the Decarbonylation, and the Acid
’ (a) ) Dissociation ConstantK, of Formic Acid in the Temperature
Yo a4 . ® N Range of 176-300 °C on the Liquid Branch of the
T Saturation Curve
é -4.6 - TI°C log(k./mol- kg s°9) Keo PKa
48 - 170 —4.82 0.15
= ° 185 —4.22
& -5.0 — — 200 -3.71 0.33 4.2
- 210 —3.29 0.44 3.8
S22+ B 220 —2.98 3.8
240 —2.43 0.80 4.2
-1.6 12 0.8 0.4
N 250 1.2 4.6
log ([HCI] / mol kg ) 260 —-1.91 4.6
| | | | | 280 —1.20 4.2 4.9
300 5.0
46— (b) o
~ parameters andb are the reaction orders with respect to the
T 48 B proton (HCI) and formic acid, respectively.
2 504 | First, we determinex by measuringy4+; with various HCI
g concentrations at [HCOOW®= 1.0 mol kg! and the temper-
:: -5.2 — ature of 200°C on the liquid branch of the saturation curve.
% The logarithm of the initial reaction rate is plotted against the
<2 547 B logarithm of the HCI concentration in Figure 2a. The plot is
s6l® ° B fitted well to a straight line with a slope of 14 0.1. Hence,

T T T T
06 -04 -02 O

log ((HCOOH] / mol kg™

Figure 2. (a) The logarithm-logarithm plot of the initial rate/;; of

the decarbonylation against [HCI] at the formic acid initial concentration
[HCOOH], = 1.0 mol kg* and the reaction temperature of 28D.

The line is the linear fit of the experimental data, and its slope is 1.1
+ 0.1. (b) The logarithmlogarithm plot of the initial rate/;; of the
decarbonylation against [HCOO#H&at [HCI] = 0.10 mol kg* and
200°C. The line is the linear fit of the experimental data, and its slope
is1.1+ 0.1.

I
0.2

of ~100 h. Thus the yield of bwas estimated only in the study
of the decarboxylation at 33%C, in which the reaction time
scale is~10 h.

In the determination of the equilibrium constants of the
decarbonylation and the decarboxylation, the liquid-phase con-
centration (in situ concentration) of each gaseous product at
the reaction temperature is required. The yields previously
obtained can be converted into in situ concentrations by taking
into account the dissolution equilibrium of the gases at the
reaction temperature (the procedure is described in section 3.2)
For this purpose, the liquitlgas distribution constants (Henry
constants) of CO, C§ and H at elevated temperatures were
taken from ref 18.

3. Results and Discussion

3.1. Decarbonylation Kinetics.We can study the rate law
for the decarbonylation by investigating the initial rate in the
presence of HCl. When the HCI concentration is larger than
2.0 x 1072 mol kg1, the decarbonylation is more than 50 times

faster than the decarboxylation and can be separately quantified.

When the decarboxylation can be neglected, the initial rate of
formic acid decomposition is given by

__d[HCOOH]
B dt

Uiy , = ku[HTHCOOH)  (7)

Here v4+; is the reaction velocityks; is the rate constant,
[HCOOH], is the initial concentration of formic acid, and the

we can regard the orderas 1. Second, in order to determine
the orderb, we have observed,; by varying the initial formic
acid concentration at [HCH 0.10 mol kg! and the temperature
of 200 °C. The logarithm of the initial reaction rate is plotted
against the logarithm of the formic acid concentration in Fig-
ure 2b. The slope of the linear fitting line is 1410.1. In conse-
guence, the decarbonylation follows the simple second-order
rate law as

U1 = k+1[H+][HCOOH] (8)
The rate law thus established has been further confirmed by
studying the decomposition of HCOONa that hydrolyzes to
generate a basic condition. In this case, the amount of CO pro-
duced from HCOONa was below the detection lifit.

We determined the second-order rate constantin the
temperature range of 17@280 °C on the liquid branch of the
saturation curve. The results are shown in Table 1 and plotted
against the reciprocal temperature in Figure 3. The Arrhenius
plot is linear, and the activation energy for the decarbonylation
is evaluated to be as high as 1463 kJ moflL. For the decar-
bonylation mechanism, we may consider the following:

H

5 M /
0 + O> 0
)k — )|\ ‘_:)Q e
H OH H OH H o
)
H
-H,0 S
—_—— ﬁ+ = CO
o)

First, formic acid is protonated on the oxygen atom of the

carbonyl group (the protonation may proceed on the hydroxyl
group); second, it is dehydrated to form the protonated carbon
monoxide; and finally it releases the proton. The first and third

steps are fast, and the second is the rate-determining step.
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Figure 3. The Arrhenius plot of the rate constaft, of the
decarbonylation. The line is the linear fit of the experimental data. The
slope of the line gives the activation energy of the decarbonyaltion:
E.= 146 + 3 kJ mol™.

It is of interest to compare our result with a previous one
performed without water (in neat conditions). The reaction was
studied in the gas phase by Blake et2dland an activation
energy of 119 kJ mof was reported at-500°C. The activation
energy of the hydrothermal reaction is not smaller but larger
than that of the neat gas-phase one. In the hydrothermal condi-
tions, a heterolytic bond-breakage process leading to an ionic
transition state is more probable because the high polarity of 0 20 40 60 80 100
the solvent can stabilize ionic states and the ionic species are Time / h
involved in the hydrothermal process as shown by the schemerigyre 4. The time evolution of formic acid decomposition (a) with
in eq 9. In the gas-phase decarbonylation, on the other hand, aand (b) without HCI at 250C. The initial compositions are (a) 0.16
homolytic bond-breakage process and a neutral transition statemol kg™* for formic acid with HCI at 0.10 mol kgt and (b) 1.0 mol
are assumetf. Any difference in the transition state as well as kg™ for formic acid without HCI. In panel a, the plotted yield of CO
the extent of stabilization of relevant species by solvation and iS calculated as ¥ Xucoon
protonation can account for the difference in the activation . . .
energy (and free energy) between the liquid- and gas-phas S the_reactlon takes place in the subcritical water along the
reactions. It is desirable to perform a quantum-chemical calcu- saturation curve, not _aII pf the CO produced _by the decarbonyl-
lation for the acid-catalyzed decarbonylation to get insight in ation remains in the "‘W'd phase, but a considerable amount of
the transition-state structure for the hydrothermal readtiéh23 CO is accommodated in the gas phase of the sample. Hence

3.2. Decarbonylation Equilibrium. In this section we deter- Qcols Ia_rger tharKco. To o_Ieterml_neKco we r_1eed to calculate
mine the equilibrium constant of the decarbonylation of formic the fraction,, of CO distributed in the liquid phase.
acid in hot water in the temperature range of 280 °C. By

Yield

moles of CO in the liquid phase

adding such a strong acid as HCI, we can separate the time p= total moles of CO (12)
scale of the decarbonylation from that of the decarboxylation.

As can be seen in Figure 4a and Figure 4b, the decarbonylationtpen the relation 0fco andKco is written as

is accelerated by a factor ef10 in the presence of HCl at 0.10

mol kg~L. In the absence of HCI, it takes several tens of hours BXco

for the decarbonylation equilibrium to be attained and the Keo = " = BQco (13)
nonnegligible amount of C&is produced in competition with HCOOH

the decarbonylation.
The equilibrium constant of the decarbonylation in hot water
is defined as

where formic acid is considered to be present only in the liquid
phase.

The value of3 is dependent on the solubility (Henry constant)
liq of CO at the reaction temperature and the filling factor defined
— [CO] (10) by eq 4. To evaluate the value 6f we assume the following:

[HCOOH]" ¢, (1) The dissolution of the gases is sufficiently faster than the

decarbonylation and the decarboxylation. (2) The Henry law
where the symbolq represents the value evaluated at equilib- holds for the dissolution of CO into hot water. (3) The equation
rium, and water as a reactant species is not contained since it if state for the ideal gas holds for CO in the gas phase. The
present in excess as a solvent. What is directly obtainable fromHenry constantk is the mole ratio of liquid HO to CO
the yield analysis (see eqgs 5 and 6) is Keb but a quantity dissolved in hot water which is in dissolution equilibrium with

CcO

denoted as the decarbonylation quoti®ab: hypothetical ideal gas of CO at 1 MPa.
When the partial pressure of CO is given piyo/MPa, we
9 Xco 1) have the molar (volume) concentration of dissolved CO as
“© XncooH eq  Pegtr
[cop' == — (14)

wherexycoon andxco are provided by egs 5 and 6, respectively.
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where dy is the molar concentration of liquid water at the
reaction temperatur€ on the saturation curve. The gas-phase
molar concentration of CO is expressed by

Pco

RT (15)

[cope=

according to the ideal gas lawis the gas constant. Using egs
1015, we can evaluate the value fofas

_ [CO1"py _
[CO"pr + [COI*™(L — py)

o7
Kp(CO)(1— py) + pr

(16)

where the liquid-gas distribution constant is introduced by
kH _ [Co]gas
RTd- [cop™

andpr is the filling factor at the reaction temperature. The Henry
constantky taken from ref 18 and the molar concentratitn
of pure water tabulated in ref 16 are used to evalkaCO).

Kp(CO)= a7)

Yasaka et al.

O [HCOOH];=0.043 mol kg’
O [HCOOH]= 0.16 mol kg
"] o [HCOOH]= 1.0 mol kg™ o

Figure 5. The observed equilibrium yielscood® of formic acid
against the filling factorgr at 240°C. Open circles correspond to the
initial composition of 0.043 mol kg for formic acid with HCI at 0.040
mol kg%, open squares to 0.16 mol Kgfor formic acid with HCI at
0.10 mol kg?, and filled circles to 1.0 mol kg for formic acid with
HCI at 0.10 mol kg*. The equilibrium yield of formic acid calculated
by eq 19 withKco = 0.8 is shown by the solid line.

different initial concentrations of formic acid, 0.040, 0.16, and
1.0 mol kg%, and for each concentration the monotonic increase
of XpcooH®® with pt is evident. For the initial concentrations
of 0.040 and 0.16 mol kd, the results are fitted well to eq 19

As the temperature increases along the saturation curve, liquidusing the value oKco in Table 1. The good fit indicates that
water is expanded and CO becomes more soluble in water ineq 19 represents well how the phase distribution of CO affects

the temperature range studied hdfg(CO) = 29.6, 13.8, and
8.4 at 170, 240, and 28, respectively. The value of IKp-

the decarbonylation equilibrium. When the initial concentration
is increased to such a high value as 1.0 motkthe equilibrium

(CO) and its temperature dependence are in good agreemengoncentration of formic acid is considerably lower than that

with those in a previous computational stifdyNow the
equilibrium constanKco is explicitly written in terms of the
directly measurable quantiti€3co and pr as

or
Keo= Q
€0 Kp(CO)L— py) + pr~°°

(18)

On the basis of this equation, we can determke, by
measuring the equilibrium mole fractiomcooH®? of formic
acid under a given filling factopr. We can evaluat€co in

eq 18 from eq 11xco® = 1 — XucooHe®. Values of the
equilibrium constanKcop as the average of two measurements
(13 measurements for 24) of different filling factors are
listed in Table 1 at 176280 °C.

expected withKco = 0.8 at a high filling factorpr > 0.8; see
Figure 5. One may consider the high pressure of CO gas as
one of the reasons for the losyicooH®®. The CO pressure is
estimated as 20, 10, and 3 MPa, however dpr= 0.95, 0.80,

and 0.50. According to the RedlietKkwong equation of stat#,

the corresponding fugacity coefficient is not far from 1. Thus
the deviation from the ideal-gas approximation does not account
for the smallxycood®®. Another reason can be considered as
described below. It has been often observed that formic acid
decomposes beyond the equilibrium limit (chemical-potential
crossover) and then very slowly recovers through the backward
reaction involving the liquietgas distribution of CO; thus the
formic acid concentration oscillates. The oscillation is more
likely to occur when the initial concentration of formic acid is

Equation 18 is also viewed as an expression for the variation as high as 1.0 mol kg and at the same time HCI accelerates

of XucooHE® with the filling factor pr. Solving egs 11 and 18
with respect taxycooH®, we obtain

(eq) 1

XHCOOH

Kooko(€O) 2

T

Keo 11— KeoKp(CO) +

The equilibrium fractioncooe?is a monotonically increasing
function of pr. When the filling factor is small (a small fraction
of the reactor volume is occupied by the reaction solution), the
equilibrium apparently favors the CO side of eq 11. This is

the decarbonylation. Probably the oscillation is caused from the
delay of the dissolution of CO against the decarbonylation (the
assumption of the fast equilibrium of the dissolution is not valid).
When the oscillation takes place, a longer time is required for
the system to attain the true equilibrium state, making an accu-
rate determination okpcooH©® almost impossible. The equi-
librium constanKco was successfully determined at such dilute
formic acid concentrations as 0.04 and 0.16 motkg

The equilibrium constant&co at 170-280 °C are listed in
Table 1, and the van't Hoff plot of the decarbonylation is shown

in Figure 6. The enthalpy change of the decarbonylatiblzo

because the CO produced by the decarbonylation escapes int§"@ be defined along the saturation curve as

the gas phase and induces further decomposition of formic acid.

Whenpr approaches the maximum value of 1 (fully filled), the
equilibrium fraction steeply rises to the limiting value ofKéo
+ 1), resulting inQco = Kco. Note that eq 19 holds only when

the reaction solution is so dilute that the assumptions for the

formulation of egs 14 and 15 are valid.
The equilibrium fractiorxcooH®® of formic acid is plotted
againstor at 240°C in Figure 5. There are included results for

AHco=

9 In(KgoH0]) 9InKgg  9In[HO]
orm  \aam o am

Here, the partial differentiation is done along the saturation curve

instead of constant pressure. According to the van't Hoff plot
and the equation of state for watekHco is obtained as 58

(20)
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Figure 6. The van't Hoff plots of the equilibrium constaniso and
Kp(CO). The filled circles indicat&co, and they are fitted to the solid
line. The slop of the solid line gives the enthalpy change of the
decarbonylatioMH = 58 + 6 kJ mol™. The dashed line represents
Kp(CO) taken from ref 15.
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Figure 7. The temperature dependence(@jo. Each of the contours
corresponds to a fixed filling factosr indicated in the figure. The
dashed line corresponds to the filling factor of 1 (totally filled), where
Qco = Kco.

22

+ 6 kd/mol. Using the heat of formation and the heat capacity

of gaseous CO, Cand HO,?>26the enthalpy change for the
gas-phase reaction is 28 kJ mbht 250°C. This means that

J. Phys. Chem. A, Vol. 110, No. 38, 20061087

The difference betweeico andQco is also striking in their
temperature dependence. As the temperature dependelgg of
is expressed by the enthalpy changélco, we define the
corresponding quantity foQco as

9 IN(QugH,0])
AH o= —R— 22— (C:LOrr) 2

where again the partial differentiation is along the saturation
curve. By virtue of eqs 18 and 20, it follows that

(21)

1 31n K,(CO)
AH'cy = AHgy — R =
o= Moo R T, o
Ka(CO)L— p)
AHgo+ 1p AHp (22)
1+ il

Ko(CO)(1— py)

where the value ofr is fixed and AHp is the dissolution
enthalpy of COKp(CO) = 8.4 at 280°C and is larger at lower
temperatures. In this case, the coefficientAddp in eq 22 is
approximately unity except for a very high filling factor, thus
we haveAH'co = AHco + AHp and AHp = —24 kJ motL.
Therefore, the apparent enthalpy change of the decarbonylation
is ~40% smaller in magnitude than the thermodynamic one due
to the coupling of the dissolution equilibrium heat of CO. It
should be noted that the product yields of such a reaction in
subcritical water are modified by the liquidjas distribution
of gases.

3.3. Decarbonylation Kinetics without HCI. In the absence
of strong acid, the decarbonylation is considered to be driven
by the proton dissociated from formic aétThe acid dissocia-
tion constant of formic acid,, leads to the expression for the
proton concentration in formic acid solution as

[H*] = J/[HCOOHIK,

(23)

the enthalpy difference between the initial (HCOOH) and the Here we have neglected the activity coefficients for the ions.

final (CO + H,0) states is increased by30 kJ moi? due to

Combining eqs 8 and 23, we have the decarbonylation rate in

the solvation of each species and the condensation of water.the @bsence of strong acid as follows:

The dissolution heat of gaseous formic acid is expected to be
considerably larger than the condensation heat of water (45 kJ
mol~! at 30°C). Matubayasi et al. calculated the free energies
of the formic acid and carbon monoxide in hot water and derived

the equilibrium constant of the decarbonylation at-280°C 8

The enthalpy change obtained by the temperature differentiation

of the equilibrium constant is somewhat smallAHgo = 23
kJ molY) than the experimental one. This magnitude of dis-

crepancy is reasonable as the calculated values of the standar

free energy of reaction differ by2 kcal mol™.
We have determinelco and discussed the thermodynamic

d[HCOOH
- [T] =k, /K JHCOOH]™® (24)
It is important to confirm the reaction order 1.5 that comes from
the second-order rate expression given by eq 8. The formic acid
concentration was varied over a wide range of 6:249 mol
kgt at 240°C. The filling factorp, was sufficiently small (0.50)

o that the backward reaction may be neglected. We have plotted

e logarithm of the initial rate of the decrease of formic acid
against the logarithm of the initial concentration of formic acid
(Figure 8). The experimental results are fitted to a straight line,

property of the decarbonylation. On the other hand, the and its slope gives the rate order with respect to formic acid as

decarbonylation quotier®co is more useful for practical use,
since it is directly related to the product yield as eq 11. Now
we can demonstrate how the decarbonylation quot@ is
controlled by the temperature and the filling factor by using

Kco obtained above from eq 18. The result is plotted against

the temperature in Figure 7 fpr = 0.30, 0.50, 0.80, 0.90, and
1. When the filling factor is lowered, the equilibrium shifts to
the CO side; a large portion of the CO produced by the

1.6 &+ 0.1. This is consistent with the expression of eq 24,
supporting the validity of eq 8. The dependence of the reaction
rate on the concentration of formic acid is larger in the absence
of HCI than that in the presence.

In the absence of HCI, the apparent rate constag(K,)'/2
of eq 24 allows us to approximately evaluate th& pf formic
acid by the reaction-rate measurement; note that the value of
ki, is already determined in section 3.1. The valueskf gre

decarbonylation is accommodated not in the liquid phase butlisted in Table 1 in the temperature range of 2@00°C along

in the gas phase.

the liquid branch of the saturation curve. ThE;pvalue at
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Figure 8. The logarithm-logarithm plot of the initial rate/+1 of the 1.0 B ——
decarbonylation at 24%C against the initial formic acid concentration —e— HCOOH (b)
[HCOOHY]. The solid line is the linear fit of the experimental data, 0.8 — -©- Co L
and its slope is 1.6 0.1. ' -8~ CO,

200°C (4.2) is similar to that at 36C (pKa = 3.75)%7 As the
temperature rises to 30C, the acidity of formic acid decreases
by a factor of 10. The decrease of the acidity between 200 and
300 °C is qualitatively in agreement with the behavior of the
dielectric constant,; ¢, = 35 and 20 at 200 and 30C, respec-
tively. Between room temperature and 200, pK,; seems to
change weakly with temperature. This indicates the compensa-
tion of the decrease in solvation energy and the increase in the 0 40 8 120 160

entropy term with increasing temperature from 30 to 2001t Figure 9. The time evolution othlhmg /rZactant and product yields for
is known that the dissociation of formic acid is weakly depend- thg decomposition at 24T andar = 0.05 of (a) HCO%Na o i/.o ol
ent on the temperature§ in ambient condltlong. According to kg* and (b) HCOOH at 1.0 mol kg with HCI at 0.10 mol kg™,

the precise electrochemical measuremerks,varies only by

Yield

0.06 [K, unit in the temperature range of-60 °C with a whereKa, is the acid dissociation constant of formic aaig,=
shallow minimum at around 2%C .27 [HCOOH] + [HCOO], the stoichiometric concentration of
3.4. Decarboxylation Kinetics and Equilibrium. Now we formic acid, ande. = [HCOO]/cr, the degree of dissociation

proceed to the kinetic study of the decarboxylation. In the de- of formic acid. The first term is important in strongly acidic
composition of sodium formate in hot water, the decarboxylation conditions where the acid dissociation of formic acid is
is the dominant pathway as shown in Figure 9a. This indicates suppressed+» — KacidaCr asa. — 0. The second term, in turn,
that the ionic species HCOGs involved in the decarboxyla-  is important for the reaction of sodium formate where: 1.The

tion,28 and the following simple rate law is expected: rate law (eq 27) predicts that the decarboxylation rate is
independent of the concentration of HCI added to formic acid;

d[CO, _ formic acid is a weak acid and its dissociation is negligible in
g~ V2= KHCOO] (25) the presence of HCI. This is indeed what is observed experi-

mentally; the decarboxylation rate of formic acid at 1.0 mol

However, eq 25 is found to contradict the decarboxylation rate kg™* with HCI at 0.080 mol kg* was equal (within the

of formic acid in the presence of HCI. In such acidic conditions, €xperimental error) to that of formic acid at 1.0 molkgvith
where a small fraction of formic acid dissociates to HCOO  HCl at 0.020 mol kg™.

the decarboxylation rate is observed to be still of the same order Maiella et al* performed kinetic analysis of the decarboxyla-
of magnitude with that of sodium formate in aqueous solution; tion based on a different reaction mechanism. They assumed
compare Figure 9a and Figure 9b. The weak pH dependence ofhat the species HCOOH and HCOGimultaneously decar-
the decarboxylation rate can be explained in the following way. Poxylate with respective rate constants, and the total decarbox-
We assume that the decarboxylation through HC@Onduced ~ Ylation rate is given by the sum. McCollom et al. also adopted

by both the acid and the neutral water molecule. Thus the ratethis assumptioA® The rate law derived is coincident in form to
law is written as eq 27 despite the difference in the reaction mechanism. It is

therefore of interest to do a computational study on the transition

=k JHT - ~ state for distinguishing the reaction mechan®m.
V2= KaedH IHCOO 1+ ki HCOO ] (26) The rate constant.ida andkyaer are determined, respec-
tively, by measuring the decarboxylation rate in strongly acidic
and basic conditions, according to eq 27. The results obtained
are summarized in Table 2. The precision of the rate constant
is relatively low (~10%) because thC NMR measurement
lacks an internal reference. In addition, the surface of the quartz
tube is corroded in basic conditions and the reaction analysis
can be carried out only at an early stage. Two rate constants

_ — KacidKa and kyater are of the same order. This indicates that the
Uiz = Kaaid JHCOOH] + ke [HCOO ] = decarboxylation rate changes only weakly with pH in contrast

KacidCr(1 — o) + KyqeCrat (27) to the decarbonylation. The magnitude relation betwega,

where Kacig and kyater are, respectively, the rate constants for
the acid-induced and water-induced decarboxylation. The
reactivity of the neutral water molecule is revealed by kinetic
studies on recently found hydrothermal reactiéhis order to
clarify the pH dependence of the decarboxylation rate given by
eq 26, it is useful to rewrite eq 26 as
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I I L calculations by McCollom et dF and statisticatmechanical

1.0 '
0 | calculations
0’6 i | 3.5. Control of Water-Gas-Shift Reaction.In the previous
’ sections, we have established the kinetics and equilibrium of
= 0.4 —&- HCOOH the decarbonylation and the decarboxylation of formic acid
ICE —-CO L . . .
> 027 — H, L which constitute the hydrothermal water-gas-shift (WGS) reac-
0.1 _:l -8~ COo, E tion. Baseo_l on the above ana_lysis, here we propose a scheme
] - for controlling the WGS reaction for hydrogen storage in the
0.05 E form of formic acid.
3 F The most important feature of the hydrothermal WGS reaction
0 | | | is the existence of the intermediate, formic acid. When the time
0 5 10 15 20 scales of the decarbonylation and the decarboxylation are
Time / h separated, the WGS reaction can be regarded as a stepwise
Figure 10. The time evolution of the reactant and product yields for reaction and it is possible to isolate the intermediate (formic
the decomposition of 1.0 mol kg formic acid at 330°C and pr ~ acid) from the reaction mixture before the second slow step

0.99 (the volume of the gas phase is negligible). The temperature is initiates. In the presence of HCI, the decarbonylation has a much
too high to follow the decarbonylation kinetics. Note that the graduation ghorter time scale than does the decarboxylation. In this case
of the ordinate is changed at 0.13. - : . ’
the process for hydrogen production from carbon monoxide can
TABLE 2: The Rate Constants kaggKa and kyaer in the be d;:\)”ded |crjlto two parts: the grﬁdugtlohn gf formic acid whlcg A
Temperature Range of 208-330 °C on the Liquid Branch of can be used as a compact and handy hydrogen source, and the
the Saturation Curve hydrogen supply from formic acid when hydrogen energy is
needed. The first part is the reverse decarbonylation, and the

° v —1 —1
e 10g (acikds ) 10g(KuaefS ) second is the decarboxylation. The conversion ratio of the former
ggg :g-g process (formic acid production) is governed by the quotient
240 6.1 6.4 Qco mentioned in section 3.3, and more formic acid is yielded
260 5.9 55 (smallQco) at a lower temperature and/or a higher filling factor,
280 -5.4 -4.9 as seen from Figure 7. For the latter process (the decarboxylation
300 —4.6 —4.3 of formic acid), the equilibrium consta#ico;is relatively large
330 —41 —3.4 (~100 at 330°C) and formic acid can be converted into £0

) + H; almost completely. The hydrogen-generating process
andkwarerchanges at-280°C, and at the higher temperature of - shoyld be carried out in weakly acidic conditions so that the
~330 °C, Kuater overwhelmskacid<a. The smaller temperature  gecarboxylation may be the main decomposition path of formic
dependence Okacia than that ofkeater can result from the  acid. Basic conditions are, however, not appropriate, because
decrease oK, with temperature (Table 1). Taking advantage pasic conditions will stabilize the reactant (formic acid) in the
of the different pH dependence of the decarbonylation and decar-form of the formate anion: formic acid is by far a stronger acid
boxylation rates, the path control of the hydrothermal decom- {han CQ. In addition, to run the reaction sufficiently fast for

the major path in acidic conditions due to the catalytic effect 5ys316 can be introduced.

of the proton, while the decarboxylation becomes dominant
when pH> 4.

Here we mention the decarboxylation equilibrium. We have
followed the decarboxylation for a sufficiently long time and We have succeeded in establishing the kinetics and the
showed the time evolution of products at 330 as in Fig- equilibrium of the decomposition of formic acid, the WGS
ure 10. As can be seen, the fast decarbonylation attains thereaction intermediate, on the basis of the NMR spectroscopic
equilibrium within an hour, and this preequilibrium is maintained analysis of the reactant and products. First the catalytic effect
(Xxco/XHcoon ~ 5) during the course of the slow decarboxylation. of acid on the decarbonylation is quantitatively analyzed, and
The parallel decrease of formic acid and carbon monoxide it is found that the decarbonylation rate is first-order with respect
almost stops at-20 h, and this indicates that the decarboxylation to the concentration of formic acid and the proton, respectively.
equilibrium is attained. The equilibrium yield of each component The equilibrium of the decarbonylation has been investigated
is 0.96, 0.78, 0.04, and 0.007 for GQH,, CO, and HCOOH, under strongly acidic conditions where the competitive decar-
respectively. The yield of hydrogen is too small compared with boxylation is negligibly slow. In determining the equilibrium
that of CQ, and it is due to the leakage of hydrogen through constant of the decarbonylation, we have formulated the effect
the reactor walls (the time scale of the leakage is estimated toof the filling factor (the ratio of the liquid-phase volume to the
be ~100 h from long-time experiments). The equilibrium total reactor volume) on the product yield. The equilibrium

4. Conclusions

constant of the decarboxylation is defined by constant of the decarbonylation varies from 0.15 to 4.2 as the
temperature rises from 170 to 28Q on the liquid branch of
[CO 2]qu[H 2]qu the saturation curve, and this indicates that the decarbonylation
e R (28) can be controlled either to the formic acid side or to the CO
[HCOOH]" leq side depending on the temperature and the filling factor. The

low temperature and the high filling factor shift the equilibrium
By taking account of the liquielgas distribution of Hand CQ to the formic acid side. As for the decarboxylation path, the
in the same way as that described in section 3.2, the value ofpH dependence of the reaction rate suggests that the decar-
Kcozat 330°C is estimated to be &« 10% mol kg™. Our result boxylation consists of acid-induced and water-induced pathways,
shows that the decarboxylation equilibrium strongly favors the where the former is dominant in acidic conditions and the latter
CO, side, and this is consistent with the thermodynamic in basic conditions. The difference in the pH dependence
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between the decarbonylation and the decarboxylation makes it (18) Ferdadez-Prini, R.; Alvarez, J. L.; Harvey, A. H. Phys. Chem.
possible to kinetically control the decomposition product of Ref- Data2003 32, 903. -
formic acid by the pH of the solution; the decarbonylation is _ (19) The amount of CO produced by the decomposition of HCOONa
. . - . . ' L at 1 mol kgt and 240°C for 300 h was below the detection limit of 0.01
_dom'n_ant n _aCIdIC C_O_”d't'onsv while the decarboxylat'on is dom- mol kg~ This means that the decarbonylation rate of HCOONa is not larger
inant in basic conditions. than 108 mol kg™t s7%, which is 10 times as small as that of HCOOH
The detailed knowledge of the decarbonylation and the ¥vith 0.10 ?glclg(;ﬁq. Trée cont;:entr?tior:sdo; thet%roaqn and tt_he neutrtalt
: : H _Tormic acl IN eq o Can be estimated from the dissoclation constan
decarbpxylatlop has provided a scheme for controlling the water- e acid presented in section 3.3; TH= ~10-8 mol kg *and
g_as—shlft reaction. We have proposed two examp|e_3 Of_ applica-[HCOOH] = 105 mol kg% Thus eq 8 is consistent with the slow
tion taking advantage of the existence of the reaction interme- decarbonylation rate observed for HCOONa.
diate in the form of formic acid. One is the storage of hydrogen  (20) Blake, P. G.; Hinshelwood, ®roc. R. Soc. London, Ser.1960
energy as formic acid. The reaction conditions ideal for the 255 444.
conversion of CO into formic acid are (i) a relatively low (21) Takahashi, H.; Hisaoka, S.; Nitta, Chem. Phys. Let2002 363
temperature 0f~200 °C, (ii) addition of such a strong acid as 80.
HCI, and (iii) a high filling factor. The other possible application Jan 30), 208221
is the fixation of CQ as formic acid through the reverse ' : " . .
d boxvlation in basic conditions (23) In hydrothermal conditions, the undissociated form of the water
ecarboxy : molecule often plays an active role in determining the reaction pathway.

- . - Indeed, it was demonstrated experimentally that the reaction proceeds
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