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Thermodynamics of cellulose dissolution in an
imidazolium acetate ionic liquid†

J.-M. Andanson, A. A. H. Pádua and M. F. Costa Gomes*

The heat of dissolution of cellulose in one imidazolium acetate ionic

liquid was determined experimentally. The value of �132 � 8 J g�1

indicates that the dissolution is exothermal thus confirming energetically

favourable cellulose–ionic liquid interactions but indicating that an

increase in temperature does not thermodynamically favour the

dissolution process.

Natural cellulose cannot be dissolved in usual solvents under
mild conditions. This fact prevents many possible applications
of this cheap and abundant natural polymer.1 In 2002, Swatloski
et al.2 reported that ionic liquids could dissolve high amounts of
cellulose at moderate temperatures. These molten salts, liquid
bellow 100 1C, are thermally stable and non-volatile, decreasing
the risk of pollution and facilitating recycling.3 Ionic liquids
based on acetate or chloride anions, combined with small
alkylimidazolium cations, were found to be the most promising
as they could dissolve large amounts of cellulose (415 wt%).4,5

Acetate-based ionic liquids, being less viscous, seem to
present some advantages over chloride-based ionic liquids,
namely improved mass transport and faster kinetics of dissolution.6

It was recently demonstrated that the addition of co-solvents, like
dimethyl sulfoxide, DMSO, to 1-butyl-3-methylimidazolium acetate,
[C4C1Im][OAc], significantly decreases the time necessary for the
cellulose dissolution.7 DMSO does not interact with the polymer in
solution, its role being just to increase the fluidity of the medium.8

As is the case for other polymers, cellulose dissolution in ionic
liquids seems to be controlled kinetically. The thermodynamics of
the dissolution process are rarely treated specifically, even when
arguments involving molecular interactions or hydrogen bond
formation are used to explain the behavior of cellulose in the
presence of ionic liquids.9 The dissolution of high molecular
weight polymers is always associated with small positive entropy

changes, therefore the enthalpy term is crucial to evaluate the free
energy of dissolution and thus the solubility of the polymer.10

It seems thus capital to characterize the thermodynamics of
cellulose dissolution in ionic liquids if novel solvents or operating
conditions are to be suggested. Dissolving crystalline polymers in
molecular solvents is generally an endothermic process11 indicating
that polymer–solvent interactions are not favorable enough to
compensate the loss of polymer–polymer and solvent–solvent
interactions during dissolution. In this case, increasing the
temperature thermodynamically favors dissolution. The opposite
is expected when dissolution is exothermic. In this work, we have
measured the heat of dissolution of cellulose in the ionic liquid
1-ethyl-3-methylimidazolium acetate, [C2C1Im][OAc], and in a
50/50 mol% mixture of [C2C1Im][OAc] with DMSO.

In this work, MicroCrystalline Cellulose (MCC) from Sigma-
Aldrich was used after drying it under vacuum (10�4 bar) at 80 1C
for 24 hours. 1-Ethyl-3-methylimidazolium acetate – [C2C1Im][OAc]
498% from iolitec was used as a solvent after being kept under
vacuum (10�4 bar) during several days prior to usage. DMSO
(dimethyl sulfoxide, 499.9%, from Fluka) was used as a co-solvent.

The heat of dissolution was measured using a precision solution
semi-adiabatic solution calorimeter equipped with a 25 mL
dissolution vessel and housed in a TAM III thermostat from TA
instruments. All the experiments were performed at 80 1C. The
quantities of both the microcrystalline cellulose (MCC) and of
the solvent were determined gravimetrically. Special care was
taken during the preparation of the MCC sample by filling the
glass ampoule under a flow of nitrogen, drying the MCC already
inside the ampoule, sealing the ampoule after drying the MCC
(also under a flow of nitrogen) using an epoxy resin resistant to
the ionic liquid at the temperatures of the experiment.

The calorimeter was first filled with the ionic liquid and with
a sealed glass ampoule containing a precise quantity of MCC.
Both the ionic liquid and the glass ampoule stay inside the
calorimeter for thermal equilibration during circa four hours.
The glass ampoule containing the MCC is then broken against a
sapphire tip and the solute is dissolved inducing a rapid change
of the calorimeter’s temperature. A slow thermal relaxation of
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the calorimeter is then observed. After the dissolution, and once
the base-line temperature is recovered (three hours), an electrical
heat pulse of 10 J is applied to the calorimeter for calibration.
Similar experimental procedures were followed for the dissolution
of samples of MCC in the pure ionic liquid and in equimolar
mixtures of [C2C1Im][OAc] and DMSO. The complete list of experi-
ment results and the details of the data treatment are given in ESI.†

The heat-balance of the semi-adiabatic calorimeter used can
be expressed by eqn (1):

�dQ
dt
� dQF

dt
¼ Cp

dT

dt
þ Cp

tc
T � Tsð Þ (1)

where dQ/dt is the heat of dissolution, dQF/dt is the spurious heat
(e.g. due to stirring, to the joule effect from the thermistor,. . .),
CpdT/dt accounts for the heat accumulated by the system (Cp is
the heat capacity of the calorimeter) and the last term is related
with the heat exchange of the calorimeter with the surroundings.
T is the temperature of the calorimeter, Ts is the temperature of
the surroundings and tc is the characteristic time of thermal
relaxation of the calorimeter.

The term related to the spurious heat can be determined
from the behavior of the system when no dissolution is taking
place in the calorimeter:

�dQF

dt
¼ Cp

dT

dt
þ Cp

tc
T � Tsð Þ (2)

When the calorimeter is in thermal steady state (stable base
line), the heat capacity term is negligible and eqn (2) becomes:

�dQF

dt
¼ Cp

tc
T1 � Tsð Þ (3)

where TN is the base line temperature of the calorimeter. By replacing
eqn (3) in eqn (1), the heat balance of the calorimeter becomes:

�dQ
dt
¼ Cp

dT

dt
þ Cp

tc
T � T1ð Þ (4)

The signal of a quasi-adiabatic calorimeter is thus a result of the
heat effect due to the dissolution and of the heat leak to the
surrounding thermostat. When the dissolution is fast, compared
to the time scale of heat dissipation, the two phenomena are
decoupled and the signal consists of essentially a sudden tem-
perature jump followed by a slow exponential decay of temperature
until the base line is recovered. When the timescales of the
dissolution and of the heat dissipation in the calorimeter are not
sufficiently different, like in the case of the dissolution of cellulose
in an ionic liquid, the temperature profile of the calorimeter is a
function representing the convolution of the two effects.

In the case of a slow dissolution phenomenon, it is still possible
to measure the heat of dissolution after a calibration experiment
performed using a heat pulse from an electrical heater. A working
equation simulating the concurrent dissolution and the heat leak
processes can be obtained, as long as the kinetics of the dissolution
is known. In the present case, a first-order kinetics of dissolution
was considered:12

�dnðtÞ
dt
¼ nðtÞ

td
) nðtÞ ¼ n0e

�t=td (5)

where n0 is the quantity of solute, n(t) is the amount of undis-
solved solute and td is the characteristic time of the dissolution
process. The heat of dissolution is proportional to the quantity of
dissolved solute:

QðtÞ ¼ DH n0 � nðtÞ½ � (6)

By replacing eqn (5) and (6) in eqn (4) the temperature profile of
the dissolution in the calorimeter can be obtained:

TðtÞ ¼ n0DH
Cp

tc
tc � td

e�t=tc � e�t=td
� �

þ T1 (7)

where td and tc are the characteristic times of dissolution and of
thermal relaxation of the calorimeter, respectively; TN is the
temperature when the calorimeter is in equilibrium with its
surrounding thermostat; Cp is the heat capacity of the calorimeter
and DH is the enthalpy of dissolution.

The temperature profile obtained when a sample of MCC
was dissolved in [C2C1Im][OAc] is presented in Fig. 1, together
with a blank experiment using an empty ampoule. The blank
experiment confirms that the heat effect attributable to break-
ing an empty ampoule is negligible as almost no temperature
change is observed in the calorimeter. In the presence cellu-
lose, the first peak corresponds to the MCC dissolution and the
second corresponds to the response of the calorimeter to a 10 J
heat pulse thus serving to calibrate the heat capacity and
relaxation time of the apparatus (this heat pulse also exists in
the blank experiment).

In agreement with previous studies of the cellulose dissolu-
tion in this ionic liquid, done using optical microscopy,7 the
dissolution process is relatively fast, with a characteristic time
of less than one minute for the dissolution of cellulose,
compared to around 30 minutes for the relaxation of the
calorimeter. Further details of the characteristic times for each
experiment are included in the ESI.†

It is observed that the dissolution of cellulose in [C2C1Im][OAc]
is an exothermic process and the enthalpy of dissolution is of
�132 � 8 J g�1 of cellulose (an average value taken over three
independent experiments). By molecular simulation, the dissolution

Fig. 1 Temperature profile of the solution calorimeter when an empty
ampoule is broken (black curve) or a 100 mg sample of dried MCC is dissolved
(red curve) at 80 1C. The temperature was recorded every 2 seconds. The
inset represents the detail of the fitting used to determine the enthalpy of
dissolution (details given in the ESI†).
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of cellulose has been considered like the peeling of a polymer chain
from a cellulose fibril and this phenomenon has also been found
exothermic in an imidazolium-based ionic liquid.13

Because the MCC sample is difficult to dry and is very
hygroscopic, the water content might affect the measured heat
of dissolution. In order to assess the effect of the MCC water
content on the measured heat effects, we have determined the
heat of dissolution of a small sample of water in the pure ionic
liquid. The temperature profile obtained in represented in Fig. 2.

The dissolution of water in [C2C1Im][OAc] is also an exothermic
process and a heat of dissolution of �850 J g�1 of water was
determined in this case. We have observed that the mass variation
of MCC when subject to drying was of the order of 5% but we
consider that even if there is a water uptake during the loading of
the cell, the maximum uncertainty associated with the enthalpy of
dissolution measured herein is of �8 J g�1 of cellulose.

It has been observed that the addition of a co-solvent like
dimethyl sulfoxide, DMSO, to the ionic liquid enhances its
solvent power by decreasing the time needed for dissolution,
even at low temperatures.7 It has been proved using computer
simulation that DMSO facilitates mass transport by decreasing
the solvent viscosity without significantly affecting the specific
interactions between cations and anions or between the ionic
liquid and the polymer.

The heat of dissolution of dried MCC in 50/50 mol% mixture
of [C2C1Im][OAc] with DMSO was also determined experimentally

in this work. The temperature profile of the solution calorimeter is
presented in the ESI.† The heat of dissolution measured was of
�106 J g�1, still an exothermic dissolution with an enthalpy
comparable to that observed in the pure ionic liquid.

These results contribute to the understanding of the dis-
solution of cellulose in ionic liquids. Being an exothermic
process means that the interactions between the ionic liquid
and the biopolymer are highly favorable. It also means that an
increase in temperature does not facilitate the dissolution,
at least not in terms of the thermodynamics of the process.
Raising the temperature increases the fluidity of the ionic
liquid thus facilitating mass transport and leading to a faster
dissolution of cellulose.7 Furthermore, we have shown that the
addition of DMSO as a co-solvent does not affect dramatically
the enthalpy of dissolution, thus confirming that this co-solvent
does not participate significantly in the interactions between the
ions and the dissolved polymer chains of cellulose.

The authors acknowledge the Contrat d’Objectifs Partagés,
CNRS-UBP-Région Auvergne, France for the dissolution calori-
meter and for the post-doctoral grant of J.-M. A.
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Fig. 2 Temperature profile of the solution calorimeter when 11.6 mg of
water are dissolved in 25 mL of [C2C1Im][OAc] at 80 1C.
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