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Introduction

In the recent years there has been an increased interest on research focused
on nanocrystalline materials due to their singular nanostructure, physical, mechanical,
optical, electronic and catalytic properties. The effect of particle size on these properties
has allowed the development of novel materials with applications in micro devices such
as MEMS and in catalytic micro reactors for small power generation in portable
electronic devices [1, 2].

Manganese oxides are among these nanometric materials with a wide variety of
applications. These oxides have been used in electrode manufacturing [3] and selective
catalytic oxidation applications such as nitrogen and carbon oxides elimination in
exhaust gases [4], as well as in the preparation of magnetic materials [5].

The nanometric nature of these oxides produces a particle size effect that is
reflected in an increase in their specific surface area generating outstanding catalytic
properties compared with common industrial catalytic materials which present particle
sizes in the order of microns.

Among the many expected advantages that nanometric catalysts produce is the
effect that mass transport and kinetic limitations can be significantly reduced due to
greater interactions of these particles with the reactive medium. For example, a greater
surface area to volume ratio has significantly increased the oxygen adsorption in the
NOy and CO catalytic oxidation [5].

Past investigations have focused on the effect of temperature on the
preparation of thermally metastable nanoparticle mixtures of manganese oxides in
catalytic applications. Chen et al. [6] synthesized Mn,O3 by chemical oxidation of Mn*?
using H20> in a alkaline medium. Manthiram et al. [7, 8] studied the reduction of KMnO,4
with KBH4 in aqueous solution to obtain mixtures of binary and ternary manganese
oxides. Manganese oxides have been also prepared by other techniques such as
hydrothermal [9-11], spray pyrolysis [12], sol gel [13] and mechanical alloy milling [14].



Nevertheless, these synthesis techniques often produce amorphous nanoparticles, and
in order to produce crystalline materials, a thermal treatment at relatively high
temperatures is needed consequently increasing the average particle size of these
oxides. This udesired particle growth generates a significant surface area reduction that
ultimately is traduced in loss of catalytic activity. An important disadvantage of the ball
milling technique, resides in the fact that during the synthesis process certain impurities
are often introduced to the catalytic material thus, contaminating the catalyst with
impurities that may harm its catalytic performance.

In recent studies several researchers have introduced certain modifications to
the previous precipitation techniques employed for the synthesis of different metal oxide
nanoparticles [15-18]. In these syntheses, the precursors and kind of precipitant were
varied in order to decrease the synthesis temperature. However, there are no reports of
studies that explicitly are focused towards the synthesis of manganese oxides through
chemical precipitation at low temperatures (T < 300°C).

Manganese oxides are well known by their catalytic properties in different
selective oxidation processes such as hydrogen peroxide decomposition [19-21].
Therefore, in the present study this process was selected as a reaction model to study
the particle size effect on this reaction system.

Therefore, the objective of the present research was aimed on the study of the
type of precipitant effect on the particle size and crystalline phase towards the synthesis
of nanosized manganese oxides. Additionally, the evaluation of the catalytic activity of
the nanosized manganese oxides during the decomposition of hydrogen peroxide will
be used to reveal which feature (particle size or crystalline phase) presents the greater
influence on the catalytic activity.

Experimental

Synthesis

Manganese oxide nanoparticles were prepared through chemical precipitation
employing two different precipitants and compared against reagent grade manganese
oxide. The first synthesis consisted in a adaptation of the synthesis used for preparation
of nanostructured Au/MnO, catalysts by Luengnaruemitchaia [15]. 250 ml of a 0.3M
solution of Mn(NO3), (Merck) were slowly added, through a peristaltic pump (5 ml/min,
55°C, pH = 9.5) to 500 ml of a 0.2M solution of Na,CO3 (Merck) to precipitate MnCOs.
The precipitate was washed several times with deionized water, dried at 100°C
overnight and calcined at 300°C for five hours in a box-heated air furnace. The resulting
sample was named Mn-1. The second synthesis was based on an adaptation of the
procedure reported by Xiang et al. [22] for the synthesis of NiO nanoparticles. 250 ml of
a 0.3M solution of Mn(NO3), (Merck) were slowly added, through a peristaltic pump (5
ml/min, 55°C, pH = 9.5) to 500 ml of a 0.2M solution of NH,OH (J. T. Baker) to
precipitate Mn(OH),. The precipitate was washed several times with deionized water,
dried at 100°C overnight and calcined at 300°C for five hours in a box-heated air
furnace. The obtained sample was named Mn-2. Finally, MnO, (Merck reagent grade)
was used for comparison purposes and named B-MnO,.



Characterization

BET surface area determination of the samples was performed in an Autosorb-
1 Gas Sorption System (Quantachrome Co.). X-Ray diffraction (XRD) crystal structure
was determined by a Phillips X-Pert MPD diffractometer using monochromatized CuKo
radiation. Morphology and particle size of the nanostructured catalysts were studied by
transmission electron microscopy (TEM) in a Phillips CM200. The morphology of the
commercial MnO, was studied in a scanning electron microscopy (SEM) JEOL JSM-
5800LV.

Catalytic Activity

Catalytic activity of the synthesized materials was evaluated by measuring the
oxygen evolution (gasometry) as a product of the catalytic decomposition of H,O,
through the following reaction:

H202 (1) = H20 (I) + O2(9) (1)

The procedure reported by Deraz [23] was modified for a careful monitoring of
the oxygen evolution which consisted in: 10 mg of catalyst was added to an Erlenmeyer
flask containing distilled water and sonicated for 30 minutes. Afterwards, the flask was
equipped with a thermometer, septa and a plastic micro-tubing and finally, hermetically
sealed. The micro-tubing was connected to a sealed-inverted volumetric burette used to
measure the water displacement by gas evolution. During reaction, the flask was kept at
constant stirring and 25°C. At zero time the required amount of H,O, (35% Fagalab)
was injected through the septa to obtain a solution of 0.5%V H,O, within the flask.
Finally, the generated volume of oxygen was measured using the burette at several
time intervals until reaction completion. Collected data were analyzed to evaluate the
catalytic activity (rate constant, k) for each material.

Results and Discussion
XRD refraction patterns of * AMnO, % MnO,

Mn-1, Mn-2 and 3-MnO, are shown * + 5—MnO
in Figure 1. Mn-1 catalyst presents a i
mixture of three crystalline phases of
manganese oxides: 6-MnO,
(Birnessite), MnsOg and Mn3Oq4
(Hausmannite). This mixture of
manganese oxide phases was also
reported by Luengnaruemitchaia et
al. [15]. Sample Mn-2 XRD pattern
presents only the MnsOs phase,
while the XRD pattern of commercial
MnO, (reference material) shows j

only the B-MnO, phase (Pyrolusite). M
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Figure 2 presents TEM 20
images of Mn-1 and Mn-2 catalysts. Figure 1. XRD results of synthesized Mn-based catalysts



In this Figure it is observed that Mn-1 catalyst is composed by irregular-shape
nanoparticles with sizes in the range of 5-10 nm, whereas for the Mn-2 catalyst
spherical-shape nanoparticles are observed with an average size of about 20 nm.

Figure 2. TEM images of catalysts Mn-1 and Mn-2

Figure 3 shows a SEM image of the 3-MnO, catalyst. In this Figure it can be
observed a morphology of irregular plate-like crystals with average particle sizes in the
range of 50-100 um.
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Figure 3. SEM image of commercial MnO, catalyst

Table 1 presents BET surface area results of studied catalysts in the present
research. Surface areas of the Mn-1 and Mn-2 catalysts were 98 and 59 m?g,
respectively. Apparently, sodium carbonate, the precipitant agent of catalyst Mn-1
generated smaller nanoparticles (dp ~ 5-10 nm) than catalyst Mn-2, which consequently
was reflected in a greater surface area. While, the use of ammonium hydroxide as
precipitant in catalyst Mn-2 produced particles of about 20 nm that were traduced in a
relatively smaller surface area than catalyst Mn-1. This effect can be related to the
inherent precipitation process originated by each of the precursors. When Na,COs; is
used as precipitant, the precipitate (manganese carbonate, Mn-1) is formed at a
relatively constant pH. While an inherently and uneven change of pH during the
precipitation process occurs when ammonium hydroxide is used as precipitant in Mn-2
catalyst [24]. The use of ammonium hydroxide solution in the present research resulted
in the formation of manganese oxide particles greater than 10 nm. These results agree
with results reported by Torres Sanchez et al. [24].

Table 1. BET Surface area and rate constants of catalytic H,O, decomposition reaction

Catalyst [ S (BET),m’g” [ k,min" g” | ki, min” m™
Mn-1 98 230 2.3
Mn-2 59 302 5.2
B-MnO, 8 0.1 0.01




Also in Table 1 catalytic activity results are reported for the decomposition of
hydrogen peroxide. Obtained results show that reaction (1) follows a first order kinetics
in all cases. These results were corrected with respect to the non-catalytic H,O, auto-
decomposition reaction, which was previously determined to be about 1 cms; of O,
released after 60 minutes of exposure to ambient temperature and normal light. The
specific rate constant (k, min'g™) of the Mn-2 catalyst was approximately 1.3 times
greater than Mn-1 and 3000 times greater than the one for commercial MnO,. However,
due to the fact that there are significant differences among surface areas of these
catalysts it is suitable andf fair to compare their catalytic activity as a function of surface
area through the use of the intrinsic rate constant (kin, min"'m).

Once this calculation was performed (see Table 1) it is evident that the catalyst
that presented the greatest activity of all was Mn-2. However, the proportionality in
which these catalysts are now being compared has changed. For example, Mn-2 is
twice as much active than Mn-1 catalyst and 520 times more active than commercial
MnOz.

Once surface area and catalyst amount effects have been accounted the other
remaining effect that directly influence the catalytic activity of the studied reaction is the
crystal structure of manganese oxide present in each catalyst presents.

According to Hasan et al. [25] the MnO, phase during the H,O, decomposition
suffers the loss of one of their oxygen atoms, which is traduced in the formation of the
Mn,O3 crystal phase. Such a change in crystalline structure has been recently
associated with a significant decrease in catalytic activity towards hydrogen peroxide
decomposition. In contrast, the phases that are present in a mixture of valences as in
MnsOs (= Mn2"Mn3'YOg) and Mn304 (= Mn"Mn2"04) have been demonstrated to produce
similar catalytic activity as MnO, during the H,O, decomposition reaction. This can be
attributed to manganese atoms of different oxidation states coexisting within the same
crystal network that apparently present an electron exchange interaction of the outside
d-d layers. Therefore, this phenomenon is though to provide the needed environment of
electronic mobility for the superficial redox activity [25]. Consequently, it is expected that
Mn-2 catalyst that presents MnsOg as its predominant crystal phase, (a mixture of
manganese valences) to be the one that produce the highest activity with respect to the
other two catalysts (Mn-1 and MnO3) that only showed one manganese oxidation state
(MnOy).

Furthermore, when comparing the intrinsic activity between Mn-1 and B-MnO,
catalysts it is evident that the activity of Mn-1 (kint = 2.3 min"'m™) remains to be greater
than the one observed for the B-MnO; catalyst (kix = 0.01 min'm?). This can be
attributed to the fact that Mn-1 catalyst presents, additionally to the Mn,O3 phase, the
Mn3O4 phase. This crystal phase (Mn3O4) also provides the needed electron exchange
within the outer d-d electronic layers responsible for the Mn-1 catalytic activity.

Conclusions

Precipitant agent sodium carbonate in Mn-1 catalyst produced particles with an
average size in the range of 5-10 nm, which can be attributed to the relatively constant
pH (pH = 8) that was achieved throughout the precipitation process. Meanwhile, the use
of ammonium hydroxide as precipitant in the Mn-2 catalyst generated larger particles



with an average size of 20 nm. This resulted particle size was attributed to unavoidable
pH variations that occurred during the precipitation process. Catalyst Mn-2 is the one
that presented the highest activity towards H,O, decomposition reaction among
catalysts studied. The superior catalytic activity of Mn-2 was evident when both, the
specific (per unit mass) and the intrinsic rate (per unit area) constants, were greater
than the ones presented for other studied catalysts (Mn-1 and B-MnO.). Specifically, the
activity in terms of the intrinsic rate constant for catalyst Mn-1 (kint = 2.3 min"'m?) was
about twice for Mn-1 catalyst and about 520 times the activity of catalyst B-MnOs..
Presumably, the main factor responsible for the superior activity of Mn-2 is though to be
the MnsOg crystal phase present in this catalyst. Finally, MnsOs and Mn3O4 crystal
phases, which present manganese atoms in different oxidation states within their crystal
network, are though to promote the electronic mobility environment, presumably
responsible for the greater surface redox activity.
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