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ABSTRACT: Na2SiO3 was synthesized by two different routes: solid-state
reaction and combustion method. It was determined that Na2SiO3 sample
prepared by the combustion method presented a surface area 3 times larger than
the solid-state reaction sample. Different water vapor sorption experiments were
performed using N2 or CO2 as carrier gases. If N2 was used as carrier gas, it was
evidenced that Na2SiO3 is able to trap water in two different ways: physically and
chemically producing Na−OH and Si−OH species. Moreover, when CO2 was
used, Na2SiO3 continued trapping water, as in the previous case, but in this case
CO2 was trapped, forming Na2CO3 and NaHCO3 phases. Additionally, as it could
be expected, the surface area resulted to be a very important factor controlling the
CO2 capture efficiency. The Na2SiO3 sample prepared by the combustion method
captured up to 8.5 mmol of CO2 per gram of ceramic (efficiency of 52%), a
considerably high CO2 amount among different materials. Therefore, the presence
of water vapor strongly favored the CO2 chemisorption on Na2SiO3.

■ INTRODUCTION

The carbon dioxide (CO2) atmospheric concentration has
increased significantly from 280 to 367 ppm in the past 250
years, increasing the so-called green-house effect and global
warming.1 Although the CO2 increments include anthropo-
genic and natural emissions, human activity (combustion of
fossil fuels, gas flaring, and cement production, among others)
is mainly responsible for the equilibrium displacement.2−6

Therefore, several strategies have been proposed to reduce or
control, at least, the CO2 emissions.6,7

Among the possible solutions, different materials have been
studied as CO2 captors at low (30−80 °C) or high (T ≥ 200
°C) temperatures. However, the only commercially proven
technology relies on aqueous CO2 absorption on monoethanol-
amine (MEA).8 In that sense, several materials that reversibly
react or adsorb CO2 at different temperatures have been
proposed.9−16 At low temperatures different activated carbons,
hydrotalcites, zeolites, and other organic/inorganic cage
structures have been tested as possible CO2 captors, presenting
some advantages and disadvantages.9,10 Other groups of
materials able to trap CO2 at high and low temperatures are
lithium or sodium zirconates, silicates, or aluminates,9,11,14,15

where the CO2 capture kinetics and efficiency depend on
different factors such as the chemical composition, the
structure, and different microstructural factors, among
others.17−44 For example, if the lithium (Li2ZrO3) and sodium
(Na2ZrO3) metazirconate ceramics are compared, it has been
observed that Na2ZrO3 possesses higher efficiencies and the
CO2 capture is produced in a wider temperature range than
Li2ZrO3. The differences observed between these two ceramics

have been related to structural features.14 Li2ZrO3 has a dense
monoclinic structure where lithium ion diffusion is hardly
produced, while Na2ZrO3 possesses a layered monoclinic
structure. In this case, sodium ions can diffuse much more
efficiently, enhancing the CO2 capture process. Additionally, it
was recently published that CO2 capture in Na2ZrO3 is
importantly improved, at low temperatures (30−80 °C) under
the water vapor presence,19 producing sodium acid carbonate
(NaHCO3) instead of sodium carbonate (Na2CO3). It means
that Na2ZrO3 can trap 1 or 2 mol of CO2 per mole of ceramic,
depending on the dry or humid conditions.
On the other hand, the CO2 capture process in lithium

(Li2SiO3) and sodium (Na2SiO3) metasilicates has not been
deeply studied. In previous papers it has been shown that
Li2SiO3 showed the ability to capture certain CO2 under very
specific conditions, where it was assumed that the synthesis
route increased the reactivity of Li2SiO3 as a result of its small
particle size and then its high surface area.45,46 Conversely,
Na2SiO3 had not been deeply analyzed. A few years ago, it was
showed that Na2SiO3 was able to trap very low quantities of
CO2 at low temperatures under dry conditions.47 Therefore,
the aim of the present paper is to study the CO2−H2O capture
process on Na2SiO3, which may possess a high CO2 capture
capacity, if NaHCO3 is produced.
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■ EXPERIMENTAL SECTION

The Na2SiO3 was synthesized using solid-state reaction and
combustion methods. In the first case, the reagents employed
were sodium carbonate (Na2CO3, Aldrich) and silicon oxide
(SiO2, Merck). The powders were mechanically mixed and then
heated at 900 °C for 4 h. Finally, the Na2SiO3 product was
pulverized. To obtain pure Na2SiO3, a 10 wt % excess of
sodium was used during synthesis. Additionally, the same
sample was prepared by the combustion method using sodium
hydroxide (NaOH, Aldrich), SiO2, and urea (CO(NH2)2,
Aldrich). NaOH and urea were dissolved in the minimum water
quantity, and then SiO2 was dispersed in this solution,
obtaining a viscous material, which was heated at 70 °C until
dried. Finally, the powder was heat-treated at 500 °C for 5 min
and then at 700 °C for 4 h in order to crystallize the material.
A diffractometer (Bruker AXS, D8 Advance) coupled to a

copper anode X-ray tube was used to identify the phases
obtained both during the synthesis and after the CO2 capture
process. The different phases and materials were identified
using the Joint Committee Powder Diffraction Standards
(JCPDS) files. In fact, the Na2SiO3 initial structure was
confirmed by the 016-0818 JCPDS file (data not shown).The
microstructural characteristics of the Na2SiO3 samples were
determined via N2 adsorption−desorption and scanning
electron microscopy (SEM). For the N2 adsorption−
desorption experiments, the isotherms were acquired on a
Bel-Japan Minisorp II at 77 K using a multipoint technique.
The samples were degassed at room temperature for 24 h
under vacuum prior to analysis. Then, the SEM experiments
were performed on a JEOL JMS-7600F.
Dynamic and isothermal experiments were performed using a

humidity-controlled thermobalance (TA Instruments, model
Q5000SA) at different temperatures (30−60 °C) and relative
humidities (RH). The experiments were performed using
distilled water and two different carrier gases: nitrogen (N2,
Praxair grade 4.8) or carbon dioxide (CO2, Praxair grade 3.0).
The total gas flow rate used in all of the experiments was 60
mL/min, and the RH percentages were automatically
controlled by the Q5000SA instrument. Dynamic water vapor
sorption/desorption experiments were performed at different
temperatures (between 30 and 60 °C), while varying the RH
from 0 to 80% and then from 80 to 0% at a rate of 0.5%/min.
Different isothermal experiments were performed at specific
temperatures (30, 40, 50, and 60 °C) setting the RH at different
values (20, 40, 60, and 80%) for each temperature, for 3 h using
CO2 as a carrier gas. Afterward, the products (∼25 mg) were
characterized to identify the hydration products. The samples
were analyzed using X-ray diffraction (XRD), scanning electron
microscopy (SEM), infrared spectroscopy (FTIR), and
thermogravimetric analysis (TGA). The X-ray diffractometer
and scanning electronic microscope used were already
described above in the present section. For FTIR spectroscopy,
samples were analyzed in a Nicolet 6700 spectrometer, using
the ATR system. The TGA measurements were performed
under a nitrogen atmosphere using a TA Instruments model
Q500HR thermobalance at a heating rate of 5 °C/min. Finally,
it should be mentioned that different thermodynamics
calculations were performed using the HSC Chemistry 5.1
software.

■ RESULTS AND DISCUSSION
The N2 adsorption−desorption isotherm for the Na2SiO3
sample was acquired to determine its microstructural character-
istics. The curve corresponds to a type II isotherm according to
the IUPAC classification48 (data not shown). The isotherm did
not present hysteresis. This behavior corresponds to a
nonporous, dense aggregate of particles. Additionally, the
surface area of the sample was estimated to be 0.5 m2/g using
the BET model. Figure 1 shows some of the morphological

characteristics. The size of the Na2SiO3 agglomerates exceeded
30 μm (see the inset in Figure 1). A closer analysis indicated
the presence of polyhedral particles, <1 μm in average. The two
microstructural analyses (N2 ads and SEM) are in good
agreement with the synthesis method (solid-state reaction),
which usually produces large and dense particles due to a
sintering process.
To further analyze and test this material, CO2 sorption in

presence of water vapor was studied. Based on theoretical
thermodynamic data (HSC Chemistry 5.1 software), the
reaction between Na2SiO3 and CO2 in dry conditions can
take place at temperatures lower than 330 °C (Figure 2).

+ → +Na SiO CO Na CO SiO2 3 2(g) 2 3 2 (1)

In fact, Rodriǵuez and Pfeiffer47 reported that CO2 capture
on Na2SiO3 occurs in spite of its low reactivity and kinetic
factors. On the other hand, some researchers have reported
water vapor addition affects the CO2 capture of lithium and
sodium ceramics.19,30,46,49 They have observed that water
addition enhances kinetic properties even at low temperatures.
Thus, with these antecedents and taking into consideration the
theoretical thermodynamic data (Figure 2A) calculated
according to the reaction 2, the CO2 capture process in
Na2SiO3 in presence of water vapor was carried out.

+ + → +Na SiO 2CO H O 2NaHCO SiO2 3 2(g) 2 (v) 3 2 (2)

If the Gibbs free energy (ΔG) values of reactions 1 and 2 are
compared, the presence of water vapor clearly induces the
NaHCO3 formation (reaction 2) over the Na2CO3 formation
(reaction 1) at T ≤ 130 °C. Additionally, something else has to
be pointed outthe quantity of CO2 that can be trapped by
Na2SiO3, in the presence of water, is double that captured in
reaction 1. Hence, in this case, Na2SiO3 has a maximum
theoretical CO2 chemisorption capacity of 16.39 mmol/g.
Additionally, it is known that the equilibrium constant (K) is
related to the ΔG through the equation K = exp(−ΔG0/RT)

Figure 1. Backscattered electron images of the Na2SiO3 sample
synthesized by solid-state reaction.
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(see Figure 2B). Finally, it must be taken into account that the
reaction 2 K value is 6 orders of magnitude larger than that of
reaction 1 at T ≤ 50 °C. Therefore, the presence of water vapor
importantly increases the displacement of the equilibrium to
the product formation.
First, Na2SiO3 was exposed to water vapor at different

temperatures (30−60 °C) using N2 as carrier gas. These
experiments were performed seeking for any possible reaction
between sodium metasilicate and water vapor. Figure 3 shows
water vapor sorption/desorption isotherms. It is clearly evident
that all of the sorption isotherms corresponded to type III
according to the IUPAC classification.48 Additionally, the water
sorption varied as a function of the temperature, and it was not
completed or limited to the increasing relative humidity section
ramp (0−80% RH) because during some part of the decreasing
RH section ramp (80−0% RH), the samples continued gaining
weight. The continuous weight increment observed at the
beginning of the RH decrease ramp is an indicative that the
water vapor sorption continued at these temperatures and RH
conditions because the equilibrium has not been reached in
these dynamic experiments. When the Na2SiO3 sample was
treated at 30 °C, the maximum water sorption was equal to
17.7 wt %, but this quantity increased as a function of the
temperature to 27.6 wt % at 60 °C. Additionally, the sorption
process began at lower RH when temperature was increased. At

30 °C, the weight increased at around 38% of RH, while the
sorption process began with 24.7% of RH at 60 °C. Afterward,
the final water desorption was proportional to the temperature,
which may be attributed to water evaporation; while the final
water trapped was 9 wt % at 30 °C (0% of RH), the water
trapped decreased to ∼6.3 wt % at all the other temperatures.
Although the final water trapped did not changed significantly,
the evaporation rate did. Figure 3B shows the DTG curves of
the weight change as a function of time. From the second part
of these curves (after the 160 min vertical line) it is clearly
evident that evaporation process (seen as a change in the sign
of the derivative) began at shorter times if temperature was
increased. While at 30 °C the evaporation began after 209.1
min, this time was decreased to 180.5 min at 60 °C. It is seen
from the magnitude of the maximum derivative values that the
evaporation rate was larger as a function of temperature. In
other alkaline and earth alkaline ceramics, it has been shown
that the weight gained at the end of similar isothermal
experiments can be attributed to H2O that is physisorbed and/
or chemically (formation of Na−OH and/or Si−OH species)
trapped.19,30,46,49

Figure 4 shows the Na2SiO3 water sorption−desorption
curves using CO2 as carrier gas. Although the sorption curves

Figure 2. Gibbs free energy (A) and equilibrium constant (B) changes
as a function of the temperature for the CO2 chemisorption on
Na2SiO3 in dry (reaction 1) and humid (reaction 2) conditions.

Figure 3. Water vapor isotherms of the Na2SiO3 sample (A),
generated at temperatures between 30 and 60 °C, using N2 as carrier
gas. The derivative thermograms, as a function of time, of the same
water vapor isotherms (B). Each curve represents the experimental
data, and the symbols were used to differentiate them.
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were type III, as in the N2 case, the water desorption process
and the final weight increments were noticeably different.
During the sorption process, the weight increments increased
as a function of the temperature. The final weights observed
after the desorption process increased between 30 and 50 °C,
from 14.1 to 16.9 wt %. However, at 60 °C, the weight
increment decreased slightly to 16.6 wt %. In any case the final
weight increments were always higher than those observed
when a N2−H2O flow was used. Therefore, the CO2−H2O flow
must produce a different reaction processthe hydration,
hydroxylation, and carbonation of Na2SiO3and the hydration
may have been reduced at the highest temperature (60 °C)
because of water evaporation.
To analyze the Na2SiO3−CO2−H2O products, some of the

isothermal products were analyzed using FTIR and XRD.
Figure 5 shows the FTIR spectra of the Na2SiO3 initial sample
and Na2SiO3 samples isothermically treated at 40, 50, and 60
°C into a CO2−H2O flow. The Na2SiO3 initial sample
presented different metal−oxygen vibration bands (Na−O
and Si−O) between 400 and 1000 cm−1 associated with this
phase. Additionally, it should be mentioned that there were not
identified any hydroxyl (3000 and 3500 cm−1)50 and/or
carbonate (between 850 and 1410 cm−1)50) species. On the
contrary, the Na2SiO3 samples treated into a CO2−H2O flow at
different temperatures presented similar FTIR spectra among
them, where the following vibration bands were detected.
Although metal−oxygen vibration bands were still present, as it
could be expected, a wide O−H vibration band was detected
between 3000 and 3500 cm−1, corresponding to adsorbed water
and/or hydroxyl species produced at the Na2SiO3 surface. In
fact, this band was more evident in the sample treated at the
lowest temperature (40 °C), as the evaporation process is less
produced. Moreover, two different phases were evidenced by
new vibration bands. While the vibration bands detected at 702,
877, and 1410 cm−1 correspond to Na2CO3,

51 the vibration
bands located at 835, 1000, 1035, 1295, 1620, 1660, and 1906
cm−1

fit to the NaHCO3 FTIR spectrum.51 Some of these peaks
seem to decrease as a function of temperature, although the
final weight increments observed in the Figure 4 increased.
Figure 5B shows two characteristic vibration bands of Na2CO3
(877 cm−1) and NaHCO3 (835 cm−1), where the Na2CO3/

NaHCO3 intensity bands ratio slightly increases with temper-
ature. It must be mentioned that the vibration band located at
831 cm−1 corresponds to a CO3

2− vibration mode of the
Na2CO3·NaHCO3·2H2O system.52 These results confirm the
NaHCO3 formation but as well the presence of Na2CO3. In
fact, temperature seems to inhibit the NaHCO3 formation. In
addition, the carbonate phases were confirmed by XRD. Figure
6 shows the XRD pattern of the Na2SiO3 sample previously
treated at 60 °C into the CO2−H2O flow. As it can be seen, the
main peaks correspond to Na2SiO3, but there were other small
peaks that can be attributed to Na2CO3 and/or NaHCO3, as
the diffraction peaks of these two carbonates are very close.
Crystalline SiO2 was not detected in the XRD pattern,
according to reactions 1 and 2. Thus, it may be produced as
an amorphous phase. In any case, the formation of these
diffraction peaks confirmed the FT-IR analysis and con-
sequently the CO2 chemical reaction with Na2SiO3 at this
temperature range.
It has been described in the literature47 that Na2SiO3

chemisorbs small amounts of CO2 (≤1 wt %) at dry conditions
(see reaction 1). Nevertheless, the water vapor allowed the CO2
chemisorption to occur in much higher quantities. Thus, water
molecules should react with Na2SiO3 superficially, producing
Na−OH and Si−OH species. Then, the activated surface must
be more reactive to CO2. Therefore, Na2SiO3 may have reacted

Figure 4. Water vapor isotherms of the Na2SiO3 sample, generated at
temperatures between 30 and 60 °C, using CO2 as carrier gas. Each
curve represents the experimental data, and the symbols were used to
differentiate them.

Figure 5. ATR-FTIR spectra of the Na2SiO3 initial sample and
Na2SiO3 samples isothermically treated at 40, 50, and 60 °C into a
CO2−H2O flow (A). A specific zoom showing the Na2CO3 and
NaHCO3 vibration bands between 800 and 900 cm−1 (B).
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with CO2 because of a superficial hydroxylation, according to
the following reactions:

⎯ →⎯⎯Na SiO Na SiO2 3
H O

2 3(superficially activated)
2

(3)

+ → +Na SiO 2CO 2NaHCO SiO2 3(superficially activated) 2 3 2

(4)

In fact, reaction 4 may be divided in the following two step-
reactions, the Na2CO3 formation and the subsequent NaHCO3
production:

+ → +Na SiO CO Na CO SiO2 3(superficially activated) 2 2 3 2

(5)

+ + →Na CO CO H O 2NaHCO2 3 2 2 3 (6)

Additionally, some microstructure characteristics were
evaluated by SEM in the Na2SiO3 sample after the CO2−
H2O process. As it can be seen, in Figure 7, the morphology of

the sample changed significantly, in comparison to the initial
Na2SiO3 (see Figure 1). New filament-like structures appeared
in the morphology, which must be associated with the Na2CO3
and NaHCO3 formation. These filaments were as large as 7.5
μm, with different thickness (0.2−0.3 μm). The surface of these
particles was considerably smooth. Therefore, the formation of

these carbonate filaments does not produce a rigid external
shell over the Na2SiO3 particles. This particle growth must
allow a further CO2 chemisorption.
To further understand the influence of RH in the Na2SiO3−

CO2−H2O system, different kinetic experiments are presented
in Figure 8, which correspond to the experiments performed at
different temperatures (30, 40, 50, and 60 °C) and RH (20, 40,
60, and 80%). For each temperature, the weight increment rates
increased as a function of the RH, as it could be expected. For
example, at 50 °C (Figure 8C) the samples treated with 20 and
40% of RH only increased their weights in 2.0 and 4.0 wt %
after 3 h, respectively. However, when the RH was increased to
60 and 80%, the final weight increments were equal to 11.5 and
42 wt %, respectively. However, a more interesting behavior can
be observed if the isotherms are analyzed as a function of the
temperature. Figure 9 shows the isotherms treated with 80% of
RH at different temperatures. In this case, the final weight
increments were 30.6% (30 °C), 41.3% (40 °C), 42.1% (50
°C), and 27.0% (60 °C). The final weight increment at 60 °C
decreased, and it may be associated with the NaHCO3
inhibition from Na2CO3, evidenced previously, which reduces
the weight increments importantly.
To quantify the CO2 capture through the NaHCO3 and

Na2CO3 formation under the different thermal and RH
conditions, all of the isothermal products were characterized
using TGA. As example, Figure 10 shows the TGA and DTG
curves of Na2SiO3 that was isothermally treated at 50 °C with
different RHs. These thermograms show two different
temperature decomposition ranges. Initially, between room
temperature and 200 °C, the samples lost different quantities of
weight, which could be attributed to dehydration and NaHCO3
decomposition processes. In the DTG curves, at temperatures
lower than 78 °C, there is one peak, corresponding to a drying
process. The intensity of this peak increased as a function of the
RH, as it could be expected. Then, between 78 and 200 °C the
DTG presented several peaks associated with the NaHCO3
decomposition process.52 The NaHCO3 decomposition proc-
ess has been described, producing Na2CO3 and two gas species,
H2O and CO2, accordingly to the following reaction53

→ + +2NaHCO Na CO CO H O3 2 3 2(g) 2 (v) (7)

The presence of other DTG peaks may be associated with
the thermal decomposition of other mixed hydrated-carbonate
phases such as Na2CO3·3NaHCO3, Na2CO3·NaHCO3·2H2O,
and Na2CO3·H2O, as was already evidenced by FTIR.
However, it was assumed that the only decomposition present
in this temperature range was the one of the NaHCO3 single
salt. Therefore, the weight lost observed in this temperature
range (78 °C ≤ T ≤ 200 °C) can be associated with the CO2
and H2O liberation, where each compound theoretically
contributes in 70.9 and 29.1% of the corresponding total
weight lost observed (see eq 7). The dehydroxylation process
was attributed to the continuous weight lost observed in the
TG curves between 200 and 400 °C. In fact, the samples
treated at lower RH almost not presented this process. Finally,
the weight lost observed at T ≥ 600 °C was attributed to the
Na2CO3 decomposition process. All of the samples presented a
decarbonation process (reaction 8), which appeared to increase
as a function of the RH.

+ → +Na CO SiO Na SiO CO2 3 2 2 3 2(g) (8)

Therefore, to quantify the amounts of CO2 trapped (as
NaHCO3 or Na2CO3) by Na2SiO3, all of the weight variations

Figure 6. XRD pattern of the Na2SiO3 sample isothermally treated at
60 °C into a CO2−H2O flow. The peaks labeled with an asterisk can
correspond to the Na2CO3 (01-086-0291 file) and/or NaHCO3 (96-
901-1049 file).

Figure 7. Backscattered electron images of the Na2SiO3 sample
isothermically treated at 50 °C into a CO2−H2O flow.
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determined from the TGA experiments are plotted in Figure
11. It must be mentioned that the CO2 quantities reported in
these plots correspond to the total CO2 desorbed by the
NaHCO3 and Na2CO3 decomposition processes (reactions 7
and 8). It is clearly evident that when the RH was increased
from 20 to 80%, the total amount of CO2 chemisorbed
increased, independently of the temperature, although the CO2

chemisorbed decreased at 60 °C for 80% RH, in comparison to
the other temperatures. As it can be seen, the maximum weight
increment (16.5 wt %) was obtained under the following
conditions; 40 °C and 80% of RH, which corresponds to a
28.4% efficiency, assuming reaction 4 as CO2 chemisorption
model. This efficiency values are equal to 4.66 mmol of CO2

per gram of Na2SiO3 (mmol/g), where the maximum
theoretical value is 16.39 mmol/g. All these results clearly
show that CO2 chemisorption in Na2SiO3 is importantly
improved by the presence of water vapor in this temperature
range, in comparison to the dry conditions. Additionally, the
Na2SiO3 sample treated in the presence of water vapor appears
to be capable of chemically trapping as much CO2 as many
other materials at moderate temperatures (30−80 °C),
including activated carbons, zeolites, hydrotalcites, and amines,
where the maximum CO2 chemisorption values are around 4−6
mmol/g.9

As it has been shown in previous papers,21,40,44,46 the CO2

capture efficiency can be modified by the initial surface area.
Therefore, the Na2SiO3 was synthesized by the combustion
method in order to obtain a larger surface area, which may

enhance the CO2 capture. After the corresponding Na2SiO3
structural (XRD) and microstructural (N2 adsorption and
SEM) characterizations (data not shown), it was confirmed the
Na2SiO3 synthesis and the variation of microstructural
properties as the BET surface area increased to 1.6 m2/g, in
comparison to the previous solid-state sample (0.5 m2/g). It
means 3 times more surface area. Figure 12 shows the SEM
image of this sample. It can be seen that Na2SiO3 particles has
morphological variations in comparison to the solid-state
sample. In this case, the particles seem to be sintered forming
irregular particles of around 10 μm. However, these particles
presented a corrugated surface, which may be responsible of the
larger surface area determined by N2 adsorption.
Again, the CO2−H2O capture behavior of the Na2SiO3

synthesized by the combustion method was tested (Figure
13). In this figure, it was added the isotherm performed at 50
°C with the Na2SiO3 solid-state sample, for comparison
purposes. Again, all the sorption curves were type III, as in
the solid-state sample. Nevertheless, the initial sorption
processes and final weight increments were considerably
higher. In addition, the final weight increments (between 41.5
and 47.0 wt %) observed in the combustion sample were more
than twice larger than those observed in the solid-state sample.
The final weight increments observed after the desorption

process increased between 30 and 40 °C from 41.5 to 47.0 wt
%, but at 50 and 60 °C the weight increments decreased to 44.0
and 41.7 wt %, respectively. In the solid-state case, only at 60
°C it was observed the final sorption decrement and it was

Figure 8. Kinetic isotherms performed at different temperatures (30, 40, 50, and 60 °C) and RH (20, 40, 60, and 80%) with a CO2 flow of 60 mL/
min. Each curve represents the experimental data, and the symbols were used to differentiate them.
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attributed to the water evaporation. Therefore, in this case, as
the weight increments were higher, due to the surface area, the
water adsorption may be larger as well, producing an important
evaporation since 50 °C. In any case, if the water adsorption
was higher, the CO2 capture, as NaHCO3 and Na2CO3, must
be higher as well.
In order to prove it, different and specific isothermal

experiments were performed to quantify the total CO2
chemisorbed by the Na2SiO3 combustion sample. Figure 14A
shows four isotherms performed at 50 °C at different RH. As it
could be expected, the isotherms increased their weights as a
function of the RH, reaching final weight increments of 13,
24.9, 40.2, and 60.3 wt %, for RH of 20, 40, 60, and 80%,
respectively. If these results are compared to those obtained
with the Na2SiO3 solid-state sample (Figure 8C), it can be seen
a very important increment of CO2−H2O sorbed, which may
be attributed to the surface area. For example, in the solid-state
sample the isotherms performed between 20 and 60% of RH
did not increase their weights (wt < 13%) more than the
combustion sample (wt = 13%) with 20% of RH. Specifically,
Figure 14B shows a comparison between Na2SiO3 samples
prepared by solid-state and combustion methods isothermically
treated at 50 °C and 80% of RH and the corresponding TG

decomposition experiments of the final corresponding prod-
ucts. From the isothermal experiments, it is clearly evident that
the Na2SiO3 sample prepared by the combustion method
gained faster and more weight than the solid-state sample. In
fact, after 3 h the combustion sample gained ∼20% more
weight than the solid-state sample. Finally, although the TG
decomposition thermograms showed similar trends, the weight
lost observed in the different steps were larger in the
combustion samples (Figure 14C). The NaHCO3 decom-
position process associated with the second weight lost showed
decrements of 8.78 and 27.19 wt % for the solid-state and
combustion samples, respectively. Then, the weight lost
associated with the Na2CO3 decomposition (T ≥ 600 °C)
presented differences as a function of the Na2SiO3 sample as
well. In the solid-state sample the weight lost was 10.35 wt %
and the combustion sample presented a weight loss of 18.32 wt
%; however, in this sample the Na2CO3 decomposition did not
finished, as the wt % continued decreasing above 900 °C.
Moreover, in the combustion sample, it was evident a third
weight loss at around 450 °C, associated with the
dehydroxylation process. As this sample has a larger surface
area, all the sorption phenomena are extrapolated and
consequently more evident. Results obtained from the
Na2SiO3 combustion sample showed an important CO2 capture
increment. This sample was able to increase the CO2 capture
efficiency to 52%, corresponding to a final CO2 capture of 8.5
mmol/g, almost twice the CO2 captured by the solid-state
sample (4.6 mmol/g). Therefore, the Na2SiO3 prepared by the
combustion method is able to trap more CO2 than other

Figure 9. Comparison of the different kinetic isotherms performed
between 30 and 60 °C with 80% of RH (A). First 800 s of the
isotherms performed between 30 and 60 °C with 80% of RH (B).
Each curve represents the experimental data, and the symbols were
used to differentiate them.

Figure 10. TG (A) and DTG (B) curves of Na2SiO3 samples
isothermally treated at 50 °C and different RH (20−80%).
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materials such as zeolites, hydrotalcites, and activated carbons.9

Thus, Na2SiO3 must be considered as a possible option for the
CO2 capture process at moderated or environmental temper-
atures.
Summarizing, Na2SiO3 is able to trap, chemically, high CO2

quantities in the presence of water vapor. The CO2 trapped
produced Na2CO3 and NaHCO3 as products. The formation of
these carbonates was determined by the temperature, but
mainly as a function of the relative humidity. Finally, the
quantities of CO2 trapped by the Na2SiO3 are higher in

comparison to other materials. Therefore, more and deeper
analyses have to be performed on the Na2SiO3−CO2−H2O
system, as in this temperature range, most of the materials used
trap CO2 physically (zeolites, activated carbons, etc.). In the
present case, as the CO2 is chemically trapped, CO2 desorption
must be performed chemically or at high temperatures, which
may be an interesting industrial issue. However, in the present
case, the CO2 chemisorption is selective and it is not necessarily
limited to the surface, which may be an important advantage
over the CO2 physisorbent materials.

■ CONCLUSIONS
The CO2−H2O sorption process on Na2SiO3, with different
microstructural properties, was evaluated at low temperatures
(30−60 °C). Na2SiO3 samples were prepared by solid-state and
combustion methods in order to obtain different textural
properties. The surface areas obtained were 0.5 and 1.6 m2/g
for the solid-state and combustion methods, respectively.
Initial results, using N2 as carrier gas, showed that Na2SiO3

traps water physically and chemically, where the water vapor
adsorption and/or absorption depended on temperature and
relative humidity. When CO2 was used as carrier gas, important
changes appeared in the results. Although Na2SiO3 continued
trapping water, by the same mechanisms, CO2 was chemically
trapped as well, producing Na2CO3, NaHCO3, and SiO2. In
fact, different isothermal analyses and the characterization of
the isothermal products showed that the formation of NaHCO3
was determined by the temperature, but mainly as a function of
the relative humidity. It means that under the thermal humidity
conditions, Na2SiO3 would be able to absorb up to 16.39 mmol
of CO2 per gram of ceramic, which is 2 times more CO2 than
the quantity absorbed under dry conditions.
Additionally, it was probed that the Na2SiO3 sample prepared

by the combustion method (larger surface area) showed an
important CO2 capture increment, in comparison to the
Na2SiO3 solid-state reaction sample. The combustion sample
increased its CO2 capture efficiency to 52% (8.5 mmol/g),
almost twice the CO2 captured by the solid-state sample (4.6
mmol/g). The CO2 capture efficiency differences in these

Figure 11. Quantification of the CO2 desorbed during the TG
analyses from NaHCO3 (A) and Na2CO3 (B) by Na2SiO3, varying
temperature and RH.

Figure 12. Backscattered electron images of the Na2SiO3 sample
synthesized by the combustion method.

Figure 13. Water vapor isotherms of the Na2SiO3 sample prepared by
combustion method, generated at temperatures between 30 and 60 °C,
using CO2 as carrier gas. The 50 °C isotherm of the Na2SiO3 sample
prepared by solid-state reaction was added for comparison purposes.
Each curve represents the experimental data, and the symbols were
used to differentiate them.
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samples were attributed to the different surface areas. Thus,
Na2SiO3 must be considered as a possible option for the CO2
capture process at moderated or environmental temperatures.
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