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We report the synthesis of MnO2 flowery nanocomposites consisting of MnO2 nanoflowers grown over

the surface of clay nanomaterials using an easy and green approach. The MnO2 nanocomposites were

explored as a cost-effective nanoadsorbent for mercury removal from aqueous solution and they demon-

strated excellent efficiency towards mercury uptake. Monolayer molecular adsorption of Hg(II) was

attained over the surface of the MnO2 nanocomposites and the experimental data acquired in the kinetic

study demonstrated that the Hg(II) adsorption kinetics proceeded via a pseudo-second-order kinetic

model. pH dependent adsorption study revealed that their sorption capacity increases until pH 7.0 and

then gradually decreases with increasing pH. Apart from the experimental study, we have provided a

mechanistic interpretation to illustrate the mechanism of kinetics and thermodynamics during Hg(II)

adsorption. Theoretical understanding along with experimental results indicates a spontaneous and highly

favorable Hg(II) uptake up to 50 °C, representing endothermicity of the adsorption process and then

exothermicity above 50 °C, resulting in reduced sorption capacity. The exceptional adsorption perform-

ance of the MnO2 nanocomposites may be attributed to their negative surfaces, which facilitated the

binding of positively charged Hg(II) ions through electrostatic interaction. Hence, MnO2 nanocomposites

proved to be an effective and inexpensive nanoadsorbent for the removal of Hg(II) from aqueous solution

and may hold a promise for wastewater treatment.

Introduction

Water pollution caused by heavy metal ions has turned out to
be a serious global concern owing to their toxicity and non-bio-
degradable nature, resulting in detrimental effects on human
health even when they are present at very low
concentrations.1–3 These heavy metal ions produced due to
industrial activities and materials, such as fossil fuel combus-
tion, mining, refining and textiles, chemicals, electronic
materials, batteries, paints and dyes, have contaminated the

environment and public health.4,5 Hg(II) is one of the most
harmful contaminants among these heavy metal ions because
accumulation of mercury within the biological system may
damage the essential cell functions and can cause mental
impairment, renal dysfunction, hepatic injury, minamata
disease and many other diseases. The United States
Environmental Protection Agency (EPA) recommends a
maximum consumable limit of 2.0 ppb for Hg(II) in drinking
water. Therefore, the removal of mercury from water for
improving drinking water quality and reducing environment
pollution is fascinating for researchers and needs extensive
investigation.

Until now, a number of technologies and methods have
been explored for the separation of toxic metal ions from
aqueous solutions, e.g.; adsorption, ion exchange, chemical
precipitation, solvent extraction, membrane separation, and
electrolysis.6–10 Among these techniques, adsorption is con-
sidered to be one of the most convenient and cost effective
approaches compared to the other methods.6,11 A variety of
adsorbents were extensively used to remove toxic heavy metal
ions from aqueous solutions, like zeolite,12 porous silica,13

clay materials,14 chitosan,15 polymer,16 cellulose,17 metal
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organic frameworks,18,19 activated carbon,20 and oxides.21

However, such adsorbents still have some limitations such as
low adsorption rates and adsorption efficiency, selectivity,
inconvenience of separation, expensive to use, difficult to
regenerate, and large-scale production for industrial appli-
cations. In contrast, nanostructured metal oxide based adsor-
bents exhibit an enormous adsorption capacity due to their
high surface-to volume ratio, high porosity, abundant defects,
surface hydroxyl groups, high reactivity and a large number of
active sites for interaction with metal ions.22–24 During the last
decade, several nanostructured oxide materials were prepared
and widely utilized for the adsorption of heavy metals from
aqueous solutions, such as magnesium oxides,25 titanium
oxides,26 cerium oxides,27 aluminum oxides,28 iron oxides,29

manganese oxides30 etc. The key aspects of their adsorption
performance depend on the size and shape of the synthesized
particle. However, nanostructured metal oxides suffer from
instability due to their increased surface energy on account of
size reduction from micrometer to nanometer levels. Thus,
their inherent drawback is their tendency to agglomerate due
to van der Waals forces or other forces of interaction, which
hinders their adsorption capacity enormously.31 This issue can
be addressed by loading or impregnating them into porous
supports or directly growing them over the surface of solid
supports, which in turn produce high surface area metal oxide
nanocomposites (NCs) by preventing the agglomeration of the
nanoparticles and enhancing their stability and adsorption
efficiency during wastewater treatment.31,32 Additionally, their
easy separation from water during recycling or regeneration is
also an important aspect in terms of improving their efficiency
and decreasing their cost during wastewater treatment and has
thus received immense attention. Therefore, the large-scale
fabrication of low-cost and environmentally-friendly metal
oxide NCs with high adsorption capability, fast adsorption
kinetics and significant chemical stability is the pressing need.

Among the several nanostructured oxide materials, manga-
nese oxide is a scientifically and fundamentally important
material due to its polymorphic structure, environmentally
benign nature and large specific surface area.33–35 All these
features have motivated researchers to make significant efforts
for the synthesis of nanostructure manganese oxide (MnO2)
with diverse morphologies and shapes, which in turn facilitate
tuning their properties. From the point of view of addressing
environmental concerns, nanostructured MnO2 have been
extensively employed for the removal of toxic metals, oxya-
nions and organic pollutants via adsorption, ion-exchange,
surface complexation and co-precipitation from wastewater.
Kim and co-workers synthesized hierarchical Fe3O4/MnO2

nanocomposite via the hydrothermal process for the removal
of four different heavy metals like Cd(II), Cu(II), Pb(II), and Zn
(II) ions from contaminated water.30 Zhang et al. prepared
Fe3O4–MnO2 core–shell nanoplates through the hydrothermal
route for the adsorption of arsenic from aqueous solutions.36

Liang et al. prepared MnO2 modified biochar via a redox reac-
tion between KMnO4 and Mn(II) acetate solution and investi-
gated their ability for Pb(II) and Cd(II) removal.37 Cui and co-

workers synthesized magnetic Fe3O4–MnO2 nanoplates
through the hydrothermal process in order to remove bivalent
heavy metal ions [Pb(II), Cu(II), Cd(II), Zn(II) and Ni(II)] from
water.38 Zhao et al. used commercial lithium-ion battery
anodes as a supporting carbon material for the loading of
MnO2 through the hydrothermal method to adsorb Pb(II),
Cd(II), and Ag(I) from contaminated water.39 MnO2 nano-
particle-decorated carbon nitride nanosheets were prepared by
Liu et al. for elemental mercury removal.40 Similarly, MnO2/
polymer adsorbent was synthesized by Zhu et al. using the
phase inversion method to remove Ni(II) from aqueous solu-
tions.41 Likewise, MnO2-coated carbon nanotubes (MnO2/CNT)
were synthesized for the adsorption of Hg(II) from aqueous
solutions.42 However, the Hg(II) uptake capacity of the syn-
thesized MnO2/CNT was measured as 58.8 mg g−1 by using the
Langmuir model and the adsorption kinetics was very slow.
Despite its promising merits and potential efficacy towards
environmental remediation, there are only a few reports on its
application for mercury removal.

Herein, we prepared MnO2 flowery NCs using a light
directed hydrolysis route and explored them as a solid adsor-
bent for Hg(II) removal. The MnO2 NCs were characterized
using different physical techniques, including SEM, TEM,
XRD, and nitrogen sorption analyses, and the zeta potential of
the NCs was also estimated. The MnO2 NCs were then explored
as a solid adsorbent for Hg(II) adsorption from aqueous solu-
tions and their uptake capacity was measured using UV-Vis
and ICP analyses. Their Hg(II) adsorption kinetics and iso-
therms were evaluated in detail and their temperature depen-
dent adsorption capacity was studied at different temperatures.
We also studied the effect of pH on the Hg(II) removal
efficiency of MnO2 NCs during the adsorption process. Apart
from the experimental study, we have provided a mechanistic
interpretation to illustrate the mechanisms of kinetics and
thermodynamics during Hg(II) uptake.

Experimental
Synthesis of MnO2 nanocomposites

First, aminosilane grafted halloysite nanotubes43 were pre-
pared and used as support materials. MnO2 nanocomposites
(NCs) were then prepared by growing MnO2 nanoflowers over
the surface of amine functionalized halloysite nanotubes
(HNTs) using our light-assisted decomposition technique.44

First, 0.15 g of amine functionalized HNTs were taken in a
glass vial. Then, 0.2 g of potassium permanganate (KMnO4)
dissolved in 10.0 mL of Millipore water was added into the
vial. NaOH solution (3.0 wt%, 3.0 mL) was added into the
above reaction solution and mixed well using a vortexer for
10 min. The glass vial containing the reaction mixture was
then placed under visible light for 6 h after closing it properly.
The temperature was calculated to be 90 °C during the whole
reaction and the purple color of the solution gradually faded
with time, producing a dark brown precipitation of MnO2. The
product was collected by simple filtration after washing repeat-
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edly with Millipore water to remove unreacted KMnO4 and
NaOH. The obtained product was dried in air for one day and
designated as MnO2 NCs. Finally, the MnO2 NCs were explored
as an adsorbent to eliminate toxic heavy metal ions.

Mercury adsorption using MnO2 nanocomposites

The adsorption capability of MnO2 NCs towards Hg(II) ions was
explored by taking the Hg(II) aqueous solution in a glass
beaker containing the nanocomposites. The adsorption experi-
ments were performed taking Hg(II) solutions with different
initial concentrations and the concentration of the adsorbent
(MnO2 NCs) was kept at 1.0 g L−1 throughout the whole experi-
ment. In order to determine the kinetics of the adsorption
process, we chose Hg(II) solution with a concentration of 0.2 g
L−1 and the experiments were performed under stirring con-
ditions for a specific time interval. After that the Hg(II)
adsorbed MnO2 NCs were separated by filtration and the fil-
trate was collected for further analysis. The concentration of
the unbound Hg(II) ions in the filtrate was analyzed by induc-
tive coupled plasma optical emission spectroscopy (ICP-OES).
The filtrates were also examined using diphenylthiocarbazone
(dithizone). The Hg(II) ions formed a complex with dithizone
and the absorption spectrum of the complex was recorded by
using a UV-Visible spectrophotometer. All the kinetic experi-
ments were performed at pH 4.5 and pH 7.0 at 25 °C. The con-
centration of the Hg(II) solution was taken to be 0.2 g L−1 for
adsorption kinetics and pH study. The adsorption isotherm
study was performed at pH 7.0 taking 0.05–1.0 g L−1 of the Hg
(II) solution at 25 °C. The sorption capacity of the MnO2 NCs
was studied at varied pH (3.0 to 12.0) at 25 °C and the solution
pH was adjusted by using NaOH and HCl as required. Apart
from the pH study, the temperature dependent (10–70 °C)
adsorption analysis was carried out using MnO2 NCs towards
Hg(II) ions to understand the thermodynamics of the adsorp-
tion process. After the completion of adsorption, the collected
MnO2 NCs were treated with thiourea (10%) in HCl (0.05 M)
solution for 3.0 h. After that the product was washed with
Millipore water for regeneration and followed by reuse of the
NCs. We also checked the uptake capacities of the MnO2 NCs
by taking the solutions of different heavy-metal ions separately,
while keeping all other experimental conditions the same.

Results and discussion
Characterization of the MnO2 nanocomposites

The MnO2 NCs were synthesized over the outer surface of clay
nanotubes via a light-assisted hydrolysis route because potass-
ium permanganate salt decomposes under alkaline con-
ditions. Halloysite clay nanotubes are cheap, environmentally
friendly and easily obtained two-layered aluminosilicate
tubular clay minerals having tunable surface chemistry due to
the presence of abundant surface hydroxyl groups that give
rise to the chemically active inner and outer surfaces. Amine
functionalization over the outer surface of the nanotubes was
performed to create the nucleation centres at the surface of

the nanotubes. Basically, the decomposition of alkaline
KMnO4 solution upon irradiation of light produces MnO2

nanoparticles with a negative charge.45 MnO2(H2O)(s) →
MnO2(OH)−(s) + H+. These photoproduced MnO2 nano-
particles were then immobilized over the outer surfaces of the
amine functionalized nanotubes having a positive surface
charge through electrostatic interaction and grown as a nano-
flower, resulting in the formation of MnO2 flowery NCs. To
investigate the morphology of the MnO2 NCs, field emission
scanning electron microscopy (FESEM) and transmission elec-
tron microscopy (TEM) analyses were carried out, as shown in
Fig. 1. The FESEM images illustrate the formation of hierarchi-
cal flower-like MnO2 NCs that were composed of intersected
nanosheets (Fig. 1A–C). The TEM micrographs also exhibit the
flowery morphology of the MnO2 NCs (Fig. 1D), made up of
assemblies of thin wrinkled nanosheets. The thickness of the
nanosheets was calculated to be around 4 nm, as observed in
Fig. 1E. Elemental mapping performed by using scanning
transmission electron microscopy-energy dispersive spec-
troscopy (STEM-EDS) reveals the existence of Mn throughout
the nanocomposite, along with the basic elements of clay
nanotubes: alumina, silicon and oxygen in the NCs (Fig. 1G).
The X-ray diffraction (XRD) pattern demonstrates the for-
mation of the monoclinic δ-MnO2 owing to the characteristic
diffraction peaks of the (001), (002), (111), and (020) planes of
δ-MnO2 (Fig. 1H). The HRTEM image further authenticates the
formation of δ-MnO2 because of the presence of lattice fringes
with a spacing of around 0.71 nm arising due to the (001) plane
of the MnO2 NCs (Fig. 1F). To estimate the specific surface area
of the NCs, N2 adsorption–desorption analysis was done at
77 K. The specific surface area of the MnO2 NCs was found to
be 32 m2 g−1 using the Brunauer–Emmett–Teller (BET) method
(Fig. S1†). Finally, we explored the flowery MnO2 NCs as a solid
adsorbent for Hg(II) removal from aqueous solutions.

Adsorption of mercury over MnO2 nanocomposites

Hg(II) adsorption kinetics. Adsorption kinetics is one of the
significant parameters of an adsorbent for its practical appli-
cation, as it determines the rate of adsorption and equilibrium
time of the metal ion uptake. The Hg(II) ion uptake capacity of
the MnO2 NCs was measured as a function of time at pH 4.5
and 7.0 respectively at 25 °C, as shown in Fig. 2. From this
study, we found that adsorption was very fast as the equili-
brium was reached within 20 min of the adsorption study. In
order to investigate the kinetics of the adsorption mechanism,
pseudo-first-order and pseudo-second-order models were
implemented to interpret the kinetic data. The pseudo-first-
order and pseudo-second-order rate equations can be
expressed as follows:46–48

Qt ¼ Qe � Qee�k1t

Qt ¼ k2Q2
et

1þ k2Qet

where Qt and Qe are the adsorption capacity (mg g−1) of an
adsorbent at time t and during equilibrium, and k1 and k2 are
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the rate constants for the pseudo-first-order (min−1) and
pseudo-second-order (g mg−1 min−1) reactions. The kinetic
parameters obtained from the pseudo-first-order and pseudo-
second-order reactions are summarized in Table 1. From
Table 1, we find that the pseudo-second-order model is more
precise for describing the Hg(II) adsorption kinetics as the cor-
relation coefficient (R2) of the pseudo-second-order model is
higher (0.99) than that of the pseudo-first-order model (0.95).
Again, the adsorption capacity calculated (qcal) on the basis of
the pseudo-second-order model is much closer to the experi-
mental results (qe,exp), further indicating that the adsorption
kinetics follows the pseudo-second-order model rather than
the pseudo-first-order model. The adsorption process was con-
trolled by the chemisorption owing to the charge transfer

between the surface hydroxyl groups of the MnO2 NCs and Hg
(II) ions. The maximum Hg(II) adsorption capacity of the MnO2

NCs was estimated to be 189 mg g−1 at pH 7.0 at 25 °C. We
also performed the control experiment by taking the pristine
HNTs and amine functionalized HNTs as adsorbents under
identical experimental conditions. However, a slow adsorption
kinetics and much lower Hg(II) uptake capacity of ∼50 mg g−1

was observed for the amine functionalized HNTs, whereas it
was 9 mg g−1 for the pristine HNTs. The fast and enormous
adsorption of Hg(II) over MnO2 NCs was possibly due to the
presence of the abundantly available binding sites of the
adsorbent and absence of any internal diffusion resistance.
The large surface area of the NCs offered an adequate number
of binding sites for Hg(II) ion adsorption. In addition, a high

Fig. 1 (A–C) FESEM images of MnO2 NCs at different magnifications. (D and E) TEM micrographs of MnO2 NCs indicate that they consist of thin
wrinkled nanosheets. (F) HRTEM image of the nanosheets. (G) STEM image of MnO2 NCs and the corresponding elemental mapping of Al, Si, O, and
Mn respectively. (H) XRD pattern of δ-MnO2 NCs.
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concentration of Hg(II) ions at the initial stage of the adsorp-
tion process also contributed to the fast adsorption kinetics.

Hg(II) adsorption isotherm. The adsorption isotherm demon-
strates the interaction behavior between the adsorbent and
adsorbate. The adsorption isotherm experiments were carried
out by placing 0.01 g of adsorbent in a series of flasks contain-
ing 10 mL of Hg(II) aqueous solution (pH 7.0) with varied con-
centrations (0.05–1.0 g L−1) at 25 °C. As illustrated in Fig. 3, the
sorption capability of the NCs increased with the increasing
concentration of Hg(II) in the aqueous solution. In order to
explore the binding properties of the MnO2 NCs, the adsorption
isotherm data were fitted with the Langmuir and Freundlich
isotherm models (Fig. 3). The Langmuir model proposes mono-
layer adsorption of the adsorbate on the homogeneous surface
of the adsorbent, which provides energetically equivalent
adsorption sites, and adsorption takes place without any inter-
action between the adsorbed ions. Again, the Freundlich model
demonstrates the adsorption of the adsorbate onto the hetero-
geneous surface of the adsorbent by multilayer adsorption
having adsorption sites with different energies. The Langmuir
and Freundlich isotherms are defined as follows:49,50

Qe ¼ KL QmCe

1þ KLCe

Qe ¼ KFC
1
n
e

where Qe and Qm are the equilibrium adsorption capacities of
an adsorbent and maximum adsorption capacity of that
adsorbent (mg g−1), Ce indicates the equilibrium concen-
tration of the adsorbate (mg L−1) and KL is the Langmuir
equilibrium constant (L mg−1) related to the free energy
of adsorption. KF is the Freundlich equilibrium constant
(mg g−1)(L mg−1)1/n and n is the Freundlich adsorption equili-
brium constant associated with the heterogeneity of the
system. In Table 2, the adsorption isotherm parameters calcu-
lated from the Langmuir and Freundlich models are summar-
ized. The correlation coefficient (R2) acquired from the
Langmuir model demonstrated that the adsorption isotherm
was a good fit with the model, illustrating the monolayer cov-
erage of Hg(II) without any significant interaction among the
adsorbed ions. Thus, Hg(II) uptake described by the mono-
layer coverage is due to the uniform distribution of the
hydroxyl groups over the surface of the MnO2 NCs.

pH induced Hg(II) adsorption. The solution pH is another
significant parameter that plays an important role during
the Hg(II) adsorption process. We have investigated the
binding ability of the MnO2 NCs for the Hg(II) ions with
varied pH from 3.0 to 12.0, as shown in Fig. 4. It was
observed that Hg(II) adsorption increased with an increasing
solution pH from 3.0 to 7.0, then decreased as the solution
pH shifted towards basic. This may be explained by the

Table 1 Kinetic parameters for the adsorption of Hg(II) onto the sur-
faces of MnO2 NCs

pH
Qe,exp

(mg g−1)

Pseudo-first-order model Pseudo-second-order model

Qcal

(mg g−1)
k1
(min−1) R2

Qcal

(mg g−1)
k2
(g mg−1 min−1) R2

7.0 189.00 178.91 0.6850 0.95 188.61 0.0075 0.99
4.5 152.00 145.74 0.6527 0.96 151.9 0.0087 0.99

Fig. 3 Adsorption isotherms of Hg(II) ions onto the surface of MnO2

NCs at pH 7.0, indicating the monolayer coverage of the adsorbate.

Table 2 Fitting parameters assessed based on the Langmuir and
Freundlich isotherm models during Hg(II) adsorption onto the surfaces
of MnO2 NCs

Qe,exp
(mg g−1)

Langmuir model Freundlich model

KL
(L mg−1)

Qm
(mg g−1) R2

KF (mg g−1)
(L mg−1)1/n n R2

295 0.00471 361.82 0.99 21.78 2.58 0.91

Fig. 2 Adsorption kinetics of Hg(II) of MnO2 NCs at pH 7.0 and 4.5, indi-
cating that the adsorption kinetics follows the pseudo-second-order
model.
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competitive adsorption between Hg(II) and H+ ions over the
surface of the MnO2 NCs at a lower pH.8 In addition, the
surface on the MnO2 NCs would be more protonated at a
lower pH, resulting in weak binding ability of Hg(II) ions
due to electrostatic repulsion. Thus, the Hg(II) uptake
capacity of the MnO2 NCs increases gradually up to pH 7.0.
This is in agreement with the experimental results obtained
for the zero-point-charge pH (pHzpc) of the MnO2 NCs, as
shown in Fig. S2.† The pHpzc of the MnO2 NCs was found to
be 7.8. At a pH above pHpzc, the surface charge of the MnO2

NCs should be negative and thus may facilitate the binding
of cationic species. Under alkaline conditions (pH > 7.0),
the adsorption capacity enormously reduced as the metal
ions formed a hydroxyl complex [Hg(OH)3]

− 51,52 because of
the increase in the concentration of hydroxyl groups in the
solution. Although the surface of the MnO2 NCs was carry-
ing negative charges, the electrostatic repulsion between
the Hg(OH)3

− complex and the surfaces resulted in a lower-
ing of the Hg(II) capture capacity of the MnO2 NCs at a
higher pH.

Temperature induced Hg(II) adsorption and thermodynamic
study

Temperature dependent adsorption capacity of the MnO2 NCs
was studied at different temperatures ranging from 283 to
343 K, keeping all the experimental conditions unaltered.
Fig. 5A represents the change in the adsorption capacity of the
Hg(II) ions from the aqueous solution onto the surfaces of the
MnO2 NCs, indicating that temperature has a significant influ-
ence during the adsorption. It was observed that the Hg(II)
uptake capacity gradually increased with increasing the temp-
erature up to 323 K, but decreased gradually above this temp-
erature. From Fig. 5A, the maximum adsorption capacity was
found at a temperature of 323 K. The thermodynamic para-
meters of the Hg(II) adsorption have been considered to under-
stand whether the adsorption process occurred spontaneously.
The change in free energy (ΔG°), enthalpy (ΔH°) and entropy
(ΔS°) during the adsorption process has been estimated from
the following equations:

ΔG° ¼ �RT ln Kd

ΔG° ¼ ΔH°� TΔS°

ln Kd ¼ �ΔH0

RT
þ ΔS0

R

where T is the absolute temperature in Kelvin (K), R represents
the universal gas constant (8.314 J mol−1 K−1), and Kd is the
equilibrium constant. Experimentally, Kd can be assessed from
Kd = Qe/Ce for different temperatures. Enthalpy (ΔH°) and
entropy (ΔS°) changes were estimated from the slope and
intercept of the ln Kd vs. 1/T plot respectively, presented in
Fig. 5B. All the thermodynamic parameters are summarized in
Tables 3 and 4.

The negative values of ΔG° demonstrated the spontaneity
and feasibility of the Hg(II) adsorption process. The values of
ΔG° became more negative with increase in temperature up to
323 K. The positive value of ΔH° pointed to the endothermic
nature of the adsorption process. Similarly, the positive ΔS°
value signified the increased disorderliness and randomness
during the adsorption process in the range of temperature

Fig. 4 Adsorption capacity of MnO2 NCs for Hg(II) ions in the pH range
of 3.0–12.0. The concentration of Hg(II) solution was taken as 0.2 g L−1.

Fig. 5 (A) Adsorption capacity of MnO2 NCs was plotted against temperature and (B) corresponding plot of ln Kd vs. 1/T.
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within 283–323 K. Again, the positive value of ΔS° is accredited
to the release of chelate water molecules from the solvated Hg
(II) ion during the adsorption process. With a further increase
in temperature, the sorption process is exothermic in nature,
leading to a lowering of the uptake capacity of the adsorbent at
high temperature. It seems that there is a weakening of inter-
action between the active sites in the MnO2 NCs and Hg(II)
ions.

Mechanism of kinetics and thermodynamics

The adsorption of Hg(II) ions on the surfaces of MnO2 NCs
typically depends on the temperature dependent size of the
complex formed between MnO2 and Hg(II) ions. The overall
adsorption reaction rate rd depends on the product of two pro-
cesses with rd ∝ rSrc, where rs represents the rate of the
amount of Hg(II) ions adsorbed onto MnO2 surfaces and rc
corresponds to rate of the amount of Hg(II) ions necessary due
to the altered size of the MnO2 environment to support the Hg
(II) ions in the complexation process. In fact, the critical size of
the Hg-occupied hydrated MnO2 complex basically regulates
the lowering of the thermal activation energy barrier in the
adsorption process. So, from the collision theory, an overall
adsorption rate (rd) can be expressed as,

rd ¼ f
kBT
h

� �
r0Sr

0
Ce

� ΔG
‡
S �ΔG

‡
C

� �
=RT

where ΔG‡
S represents change in the free energy of activation

during the adsorption process, r0s depends on the number of
Hg(II) ions on the adsorbent and f is a temperature indepen-
dent proportionality constant of the frequency factor in the

collision theory. ΔG‡
C is the amount of energy of interaction as

a result of a hydrated MnO2 complexation with the Hg(II) ions
and r0cis proportional to the number or size of the Hg(II)–MnO2

complex with rS ¼ r0Se
�ΔG

‡
S =RT and rC ¼ r0Ce

ΔG
‡
C =RT .

The process of dissociation of the Hg(II)–MnO2 complex is
thermally activated, where the activation energy corresponds to
the negative of the interaction energy to produce the critical
size of the Hg(II)–MnO2 complex. So the overall adsorption
process can be symbolically depicted by,

HgðIIÞ ionsþMnO2ðMnO2NCsÞ
¼ HgðIIÞ�MnO2complex

Then, Kd ¼ kf
kb

, where kf and kb are the forward and backward

rates respectively.
As the backward rate, kb is not affected by the interaction

energy of complexation, only Kd is affected by the value of ΔG‡
C

in ΔG°. Consequently, the free energy of activation for the for-
mation of the Hg(II)–MnO2 complex can be shown as

ΔG‡
f ¼ ΔG‡

S � ΔG‡
C:

However, the backward activation process, ΔG‡
b does not

depend on the complexation, so that

ΔG° ¼ ΔG‡
f � ΔG‡

b ¼ ΔG‡
ads � ΔG‡

c

where ΔG‡
ads is the amount of free energy change corres-

ponding to the Hg(II) ion surface adsorption process only.
At a temperature below 50 °C, one can observe ΔG‡

C > ΔG‡
S.

At 50 °C, ΔG‡
C is almost zero and ln Kd falls on the normal

adsorption straight line with 1/T at a higher temperature. As
(ΔG‡

S − ΔG‡
C) is negative below 50 °C, ln Kd increases with

increasing 1/T. It is not possible to demonstrate the depen-
dence of temperature for decomplexation or decrease in size of
the Hg(II)–MnO2 complex with increasing temperature from
the experimental data. In the high temperature range (>50 °C),
one obtains a positive ΔH° from the curve with a positive
slope. As the adsorption of Hg(II) ions is exothermic in nature,
ΔS° should be negative and thus disorderliness decreases.
Therefore, the lowering of the uptake capacity of the MnO2

NCs at a high temperature is probably due to the weak inter-
action between the active sites of the MnO2 NCs and Hg(II). On
the other hand, this is not evident at a temperature below
50 °C, where the straight line curve with the negative slope,
ΔH°, is positive for the Hg(II)–MnO2 complexation of the adsor-
bent, which indicates an endothermic process. At the same
time, ΔS° is positive and thereby the disorderliness increases
through the decomplexation process, as also supported by the
experimental data.

Adsorption of different metal ions

However, the key challenge in many of the approaches is the
difficulty of trapping mercury at high concentrations in the
presence of other heavy metals. To solve this issue, we explored
MnO2 flowery NCs for the adsorption of other heavy metal
ions present in aqueous solution. For this purpose, we took
several environmentally toxic metals present in waste water,
including Pb(II), Cd(II), and Cu(II), in addition to Hg(II). The
aqueous solution of each metal salt was taken separately with
a concentration of 0.2 g L−1. The sorption performance of

Table 3 The estimated thermodynamic parameters of Hg(II) adsorption
over MnO2 NCs at temperatures from 283 to 323 K

T (K)
Qe
(mg g−1)

ΔG°
(kJ mol−1)

ΔH°
(kJ mol−1)

ΔS°
(J mol−1 K−1)

283 181.37 −5.35 23.99 103.84
293 186.66 −6.42
298 188.39 −6.91
303 190.93 −7.68
313 192.95 −8.61
323 194.18 −9.41

Table 4 Thermodynamic parameters obtained for Hg(II) adsorption
onto MnO2 NCs at temperatures from 323 to 343 K

T (K)
Qe
(mg g−1)

ΔG°
(kJ mol−1)

ΔH°
(kJ mol−1)

ΔS°
(J mol−1 K−1)

323 194.18 −9.41 −91.65 −254.41
333 185.55 −7.07
343 163.98 −4.32
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MnO2 NCs for each metal was determined keeping all of the
experimental conditions unchanged, as shown in Fig. S3.† The
MnO2 NCs possess an excellent adsorption capacity towards
the Hg(II) ions as compared to the other toxic metal ions. Such
difference in the capacity of MnO2 NCs in capturing heavy
metal ions may be due to their different electric charges, the
ionic radius of the divalent cation and the hydration energies
of metal ions.30,38 Cations with a lower hydration energy are
preferably adsorbed compared to cations with a higher
hydration energy, as the lower hydration energy constant
reduces the solvation effect of the heavy metal ions in aqueous
solution, which in turn helps them to come closer to the
adsorbent surfaces.

Finally, the Hg(II) adsorption capacity of the MnO2 NCs has
been compared with that of the reported transition metal
oxide based adsorbents and presented in Table S1.† They
possess significant adsorption efficiency in association with
many oxide adsorbents, owing to their flowery morphology
and accessible hydroxyl groups. We have also studied the re-
usability of the MnO2 NCs for Hg(II) sorption after the regener-
ation of the adsorbent using thiourea solution (10%) in 0.05 M
HCl as an eluent (Fig. S4†). The MnO2 flowery NCs demon-
strate excellent stability after successive regenerations with no
significant change in their uptake efficacy. Thus, MnO2 NCs
are an excellent nanoadsorbent for the efficient removal of Hg
(II) from contaminated water.

Mechanism of Hg(II) adsorption over MnO2 NCs

To ascertain Hg(II) adsorption onto the surface of the MnO2

NCs, STEM-EDS elemental mapping was performed on the Hg
(II) adsorbed MnO2 NCs. Fig. 6 illustrates the STEM image of
the MnO2 NCs after Hg(II) uptake and the corresponding
elemental mapping. A homogeneous distribution of Hg(II)
onto the surface of the flowery NCs was observed with the
basic elements Mn and O. This is also corroborated with the
energy dispersive X-ray (EDS) spectroscopy study as demon-
strated in Fig. S5.† The estimated ζ-potential of the MnO2 NCs
was found to be −40 mV, demonstrating their negative surfaces

which facilitate the binding of the positively charged Hg(II)
ions through electrostatic interaction over their surfaces.
Hence, the adsorption process proceeds via chemisorption
owing to the charge transfer between the surface hydroxyl
groups of the MnO2 NCs and Hg(II) ions.

To understand the interaction between the reactive sites of
the adsorbent and the adsorbate, we have conducted the XPS
analysis on the MnO2 NCs before and after Hg(II) uptake. The
XPS spectra of the O 1s and Mn 2p elements before Hg(II) sorp-
tion are illustrated in Fig. S6.† The high resolution Mn 2p
spectrum corroborated the presence of two signals at 641.5 eV
and 653.2 eV for Mn 2p3/2 and Mn 2p1/2 respectively, attributed
to the characteristic of Mn species in the +IV oxidation
state.37,53 The deconvolution of the O 1s spectrum indicated
three peaks at 530.1, 531.6 and 532.3, which were assigned to
the metal oxide, surface hydroxyl groups bound to the metal
and surface adsorbed water molecule respectively.54,55

However, the XPS spectra of the O 1s, Mn 2p, Hg 4f and Hg 4d
elements of the MnO2 NCs after Hg(II) uptake suggested the
chemical heterogeneity of the adsorbent due to the appearance
of different peak positions (Fig. 7). The spin–orbit peaks for
Mn 2p3/2 and Mn 2p1/2 shifted toward a lower binding energy
after Hg(II) adsorption, corroborating to the association of
hydroxyl groups bonded to Mn during the adsorption process
(Fig. 7A). A change in the binding energy of the peaks arising
from the deconvoluted O 1s spectrum towards a lower energy
was observed due to the surface modification upon heavy
metal uptake. The decrease in intensity of the Mn–OH sig-
nifies the participation of hydroxyl groups in the adsorption
process (Fig. 7B). However, the intensity of the adsorbed water
molecules remained unaltered as they did not take part in the
Hg(II) adsorption. It should be noted that the binding energies
of Si 2p and Hg 4f are 102.7 eV and 101.4 eV respectively.56,57

Due to Hg(II) adsorption, the MnO2 NCs contained both Hg
and Si (from aluminosilicate clay). As a consequence, a broad
spectrum was observed as the Hg 4f spectrum was overlapped
with the Si 2p spectrum, indicating the presence of Hg in the
NCs (Fig. 7C). We have therefore recorded a high resolution Hg

Fig. 6 STEM image of MnO2 NCs after Hg(II) uptake and corresponding elemental mapping characterizes the presence of Hg(II) ions (yellow zone)
uniformly over the NCs, consisting of Mn (pink zone) and O (red zone).
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4d spectrum (Fig. 7D), which exhibits a doublet at 378.3 eV
(4d3/2) and 359.4 eV (4d5/2) with a separation of 18.9 originat-
ing as a result of spin–orbit coupling, further signifying the

presence of Hg(II) on the NC surfaces.56,57 The XPS spectra of
Hg are attributed to the presence of Hg(II) without any oxi-
dation or reduction during the adsorption process. Apart from
the XPS study, we have performed FTIR analysis on the MnO2

NCs after Hg(II) sorption (Fig. S7†). From the FTIR spectrum of
the MnO2 NCs, the peaks at 3430 and 1640 cm−1 were attribu-
ted to the stretching and bending vibrations of the hydroxyl
group of Mn–OH and the adsorbed water molecule (H–O–H)
respectively.58 The peak that appeared at 1030 cm−1 was due to
the bending vibration of the hydroxyl groups and the band at
558 cm−1 was attributed to the vibrations of the Mn–O bond in
the MnO2 NCs. A significant interaction between the Hg(II)
ions with the MnO2 NCs was noticed as these bands slightly
shifted towards a lower frequency region after Hg(II) sorp-
tion.59 Thus, the obtained results confirmed that the hydroxyl
groups decorated onto the surface of the MnO2 NCs were extre-
mely activated to interact with Hg(II) through the electrostatic
interaction. Hence, MnO2 nanocomposites proved to be an
excellent low-cost nanoadsorbent for efficient sorption of Hg
(II) from contaminated water (Scheme 1) and may hold a great
promise for wastewater treatment.

Conclusions
In summary, the synthesis of mesoporous MnO2 flowery nano-
composites via a light directed hydrolysis route was demon-

Fig. 7 XPS spectra of (A) Mn 2p and (B) O 1s region of MnO2 NCs after Hg(II) adsorption. XPS spectrum of (C) Hg 4f and (D) Hg 4d in Hg(II) adsorbed
MnO2 NCs.

Scheme 1 Schematic presentation of Hg(II) adsorption over the surface
of flowery MnO2 NCs.
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strated. MnO2 flowery nanocomposites consisting of MnO2

nanoflowers grown over the surface of clay nanomaterials were
explored as a solid adsorbent for Hg(II) removal from aqueous
solutions. The Hg(II) adsorption kinetics was determined via
the pseudo-second-order kinetic model with the monolayer
molecular adsorption of Hg(II) over the surface of the MnO2

NCs. The pH dependent Hg(II) sorption efficiency of the MnO2

NCs illustrated that their sorption capacity increases until pH
7.0 and then gradually decreases with increasing pH.
Theoretical understanding along with experimental perform-
ances suggests a spontaneous and highly favorable Hg(II)
uptake up to 50 °C, representing endothermicity of the adsorp-
tion process. The Hg(II) uptake capacity reduced progressively
after 50 °C, demonstrating that the adsorption process became
exothermic. The negative surfaces of the MnO2 NCs facilitated
the binding of positively charged Hg(II) ions through electro-
static interaction. The uniqueness of the process lies in the
facile synthesis of the mesoporous MnO2 NCs through a green
chemistry approach having excessive Hg(II) uptake capacity
with easy separation and recyclability. Therefore, the light
directed synthesis of the flowery MnO2 NCs may demonstrate
that these NCs would be a promising cost-effective nanoadsor-
bent to capture toxic heavy metals from waste water and would
be an alternative for environmental remediation through
cleaning up industrial effluents.
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