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Abstract 

 

The widespread use of nanomaterials has the potential to adversely affect human and 

ecosystem health. Silver nanoparticles, as the most mass produced and utilized 

nanomaterials, may be released from the washing of silver-containing fabrics and food 

through sewage systems to natural waters. However, the fate of silver nanoparticles after 

entering the water environment is not clearly known. The objectives of the research were 

to: 1) evaluate how water chemistry, particularly concentration and valence of electrolyte, 

and dissolved natural organic matter affect the aggregation of silver nanoparticles, 2) 

elucidate how the physical and chemical properties of the silver nanoparticles, altered 

through the addition of different capping layers, affects their aggregation, and 3) 

investigate how aggregation, capping layer and environmentally-related factors, mainly 

sunlight irradiation affect silver release from silver nanoparticles in natural water.  

To meet these objectives, a systematic investigation of the aggregation behavior and 

silver release of a suite of silver nanoparticles in a controlled laboratory setting was 

conducted. The early stage aggregation kinetics of bare silver nanoparticles (ca. 82 nm in 

diameter), as well as particles coated with a suite of stabilizing agents (Citrate, SDS and 

Tween) were investigated over a range of electrolyte types (NaCl, NaNO3 and CaCl2) and 

concentrations by monitoring time-rate of change of the particle hydrodynamic radius 

using dynamic light scattering (DLS). The electrophoretic mobility and morphologies of 

particles and aggregates were evaluated. Experiments were also carried out in the 
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presence of Nordic aquatic fulvic acid to investigate the effect of NOM on the stability of 

silver nanoparticles. To investigate silver release from silver nanoparticles under 

environmentally relevant conditions, batch experiments were conducted with bare and 

coated silver nanoparticles in a natural water in the presence and absence of synthetic 

sunlight irradiation.  

The aggregation kinetic results of uncoated silver nanoparticles were consistent with 

classical Derjaguin-Landau-Verwey-Overbeek (DLVO) theory, although immediate 

dissolutions of particles were observed in all three electrolyte solutions. Critical 

Coagulation Concentration values were identified as 30 mM, 40 mM, and 2 mM for 

NaNO3, NaCl, and CaCl2, respectively. The dissolution of the silver nanoparticles was 

highly dependent on the electrolyte type and concentration. For example, the particle size 

was as low as ca. 40 nm in 100 mM NaCl because of instant dissolution. At the same 

NaNO3 concentration, however, the particle size was ca. 50 nm. Secondary AgCl 

precipitates formed within the chloride-containing systems as the particles dissolved 

during aggregation. Aggregation of the silver nanoparticles was also examined in the 

presence of 10 mg l
-1

 Nordic aquatic fulvic acid and was little changed compared to that 

evaluated under identical fulvic acid-free conditions.  

Electrophoretic mobilities of all the coated particles were less negative relative to that of 

bare particles, indicating a reduced electrostatic repulsion. However, the aggregation of 

citrate-coated particles and SDS-coated particles were very similar to that for the 

uncoated particles, and even that the higher concentration of SDS showed stabilizing 

effects to limited extent. The non-ionic steric stabilizer, Tween, significantly enhanced 
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stability. Critical Coagulation Concentration values were 500 mM NaCl and 700 mM 

CaCl2 for Tween-coated particles. The dissolution of the silver nanoparticles was 

inhibited by the SDS and Tween coatings, but not by the citrate coating. The behavior of 

the Tween-coated silver nanoparticles also exhibited a dependence on electrolyte type, as 

its stability was greater and dissolution was lower in NaNO3 than in NaCl. 

In the natural water system investigated, Tween-coated particles released silver quicker 

than did bare- and citrate-coated particles, which rapidly aggregated. A silver 

concentration of 40 µg/L was reached after just 6 hours by Tween-coated particles, 

accounting for ca. 3 % of the total silver. Silver release of Tween-coated particles 

remained steady until Day-5, when it dropped to a plateau of ca. 30 µg/L. The similar 

levels of silver concentrations were reached in uncoated and Citrate-coated systems at the 

end of the 15 days, before which time they showed a steady increase from the closed to 

zero values at the beginning of the period of 15 days. The presence of synthetic sun light 

and citrate impart significant morphological changes to the particles, however, 

aggregation seems the controlling process in this study. 
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Chapter 1. Introduction and Background 

 

1.1 Problem Statement and Motivation 

Nanoscience and nanotechnology involve the synthesis, assembly, manipulation and 

application of materials on the nanometer-scale level that spans approximately 1 to 100 

nm at two- or three-dimensions [1-2]. The rapid development of the nanotechnology 

industry has introduced nanomaterials into many aspects of our daily life [3-4]. 

Manufactured nanoparticles are utilized more than any other nanomaterial in a variety of 

areas including pharmaceuticals, cosmetics, electronics, optical devices, environmental 

remediation, catalysis chemistry and material sciences due to the relative ease with which 

they can be prepared [5-7]. Nanoparticles are distinguished from compositionally-

identical material of larger-size by not only their high surface area but also their unique 

and high reactivity, tunable electronic and optical properties, broad-spectrum 

antibacterial properties, and, most important, their ability to be manipulated at near 

atomic scales [8-10]. Nanoparticles are produced by a huge range of methods [4] that can 

generally be ascribed to two categories, top-down approaches, such as milling or attrition, 

repeated quenching and photolithography, and bottom-up approaches, such as chemical 

reactions, nucleation and growth processes [11]. The chemical composition of 

nanoparticles is as varied as their manufacturing methods. In general, nanoparticles are 

categorized into carbon-based materials such as fullerenes and carbon nanotubes and 

inorganic nanoparticles including the ones based on metal oxides (e.g., zinc oxide, iron 
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oxide, titanium dioxide and cerium oxide), metals (gold, silver and iron) and quantum 

dots (cadmium sulfide and cadmium selenide) [12]. Of these, metallic nanoparticles are 

of particular interest because of their potential function in sensing, catalysis, transport, 

and other applications in biological and medical sciences [12]. 

Although the promise of nanotechnology to improve our quality of life seems bright and 

unlimited, it is inevitable that some portion of these manufactured materials will be 

introduced into the environment [3, 13-14]. Nanomaterials may enter and accumulate in 

air, water, soil, or organisms from point sources such as factories or landfills, as well as 

from nonpoint sources, such as wet deposition from the atmosphere, storm-water runoff, 

and attrition from nanomaterial-containing products [13-14]. Among the likely route of 

discharge of nanomaterials into the environment, the release of commercial nanoparticles 

into natural waters through the discharge of treated municipal sewage attracts the most 

concern [15]. After entering a water body, the fate of these nanomaterials depends upon 

transport (aggregation, deposition, adsorption, bioaccumulation) and transformation 

(oxidation, reduction, dissolution, bio- and UV-degradation) processes.  The impact of 

these processes on determining nanomaterial fate is currently poorly understood. In 

addition, the risk posed by such materials to human health and the environment is 

unclear, although preliminary evidence exists to suggest certain nanomaterials may harm 

people, organisms or the environment [14, 16]. Thus, there is a critical need for 

laboratory based studies addressing ecotoxicological effects and environmental transport 

of nanomatierials. 
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Among the commonly used nanomaterials currently raising public concerns to 

environmental and human health risks, metallic silver nanoparticles (Ag(0)) are given 

special attention because of their fast application in more commercial products than any 

other nanomaterial [17-18]. Silver nanoparticles are being mass produced and utilized in 

hundreds of commercially available products (e.g., biomedical devices, water and air 

filters, foodware, electronic appliances, cosmetics, clothing, and numerous household 

products) due to their broad-spectrum antimicrobial properties and lower propensity to 

induce microbial resistance than other antibiotics[4, 19]. In addition to products 

exploiting their antimicrobial properties, silver nanoparticles are also widely used in 

catalysis, optics and other areas due to their unique size-dependent optical, electrical and 

magnetic properties [20].  

The widespread use of silver nanomaterials has the potential to adversely affect human 

and ecosystem health. Silver nanoparticles may be released to the environment directly 

from products containing silver nanoparticles, such as colloidal silver medicine [21]. The 

discharge of silver nanoparticles into sewage systems from the washing of silver-

containing fabrics and food containers has been experimentally confirmed [15] and could 

be a significant source should nanosilver-containing products see widespread commercial 

success. Their potential introduction and predicted environmental concentrations (PEC) 

in the wastewater and subsequently surface waters and drink water systems have been 

estimated based on probabilistic materials flow analysis from a life-time perspective of 

nanosilver-containing products. Those predicted environmental concentrations have been 

confirmed as risks to aquatic organisms when compared to toxic levels reported in similar 
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ecotoxicological studies [22-23]. However, the fate of silver nanoparticles after entering 

the natural environment is not clearly known. How silver nanoparticles behave in the 

natural environment and how this behavior poses a risk to human and ecosystem health 

has become an urgent issue that needs to be tackled. 

1.1.1 Toxicity of silver nanoparticles 

Although specific knowledge of the toxicity of silver nanoparticles to humans and 

ecosystems is lacking, many are concerned that widespread utilization of silver 

nanoparticles represents a potential human and ecosystem hazard [22-23]. What is known 

is that silver nanoparticles are effective biocides against a wide range of bacteria, fungi 

and viruses [15]. Toxicity of silver nanoparticles to cells from higher-order life such as 

zebra fish, clams, rats, and even humans has been reported [16]. The only negative effect 

reported for humans is skin discoloration [24]. 

Publications investigating the toxic effects of silver nanoparticles are numberless. 

However, no consistent agreement about the antimicrobial mechanism of silver 

nanoparticles has been reached, and contradictory findings are routinely reported [20]. 

Among the commonly proposed mechanisms resulting in the antimicrobial ability of 

nanosilver are [25]: (1) uptake of the released silver ions from silver nanoparticles, (2) 

generated reactive oxygen species (ROS) from silver nanoparticles and silver ions, and 

(3) cell membrane damage caused by direct interaction of silver nanoparticles.  

The oxidative dissolution of silver nanoparticles releases free silver ions into solution. 

The amount of the silver ion released varies from 3 % of the total silver content to 

complete dissolution, depending on the solution chemistry [26-31]. Uptake of silver ions 
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and its following interaction with respiratory and transport proteins disrupts these critical 

pathways due to the high affinity of Ag
+
 with thiol (-SH) groups present in the 

corresponding proteins [32-35]. The link between the toxicity of silver nanoparticles and 

the released silver ions has been investigated in several studies [19, 36], in which Ag
+
 

binding ligands (e.g., Cl
-
 and cysteine,) were used to complex released silver ions from 

silver nanoparticles. The toxicity of silver nanoparticles in the presence of Cl
-
 or cysteine 

is lower, suggesting the silver ion is the major cause of their antimicrobial activity. 

Reactive oxygen species (ROS) produce oxidative stress resulting in membrane lipid and 

DNA damage [37]. While the source of ROS is unclear, it could result from impairment 

of the antioxidant defenses of the cells and subsequent accumulation of metabolism-

generated ROS, or from directly generated ROS from silver nanoparticles and silver ions 

[25, 27, 38-42].  Either way, the result is that the escalated concentration of intracellular 

EOS results in membrane protein damage and/or DNA damage. Silver nanoparticles can 

attach to bacterial cell membranes and, depending upon particle size, can subsequently 

penetrate directly into the cells [25, 27, 36, 42-44]. Once inside the cell, damage can 

occur via ROS generation or ionic silver via the mechanisms previously described.  

1.1.2 Environmental fate of silver nanoparticles 

It is currently unclear how the chemical and physical processes that control the fate of 

silver nanoparticles after discharge into the natural environment also affect their toxicity. 

Although the literature investigating the antimicrobial effects of silver and nanosilver  are 

numerous, only recently have studies attempting to characterize the fate of silver 

nanoparticles in the natural environment been published[31, 45-50]. A table summarizing 
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these studies, highlighting the investigated system, including the type of silver 

nanoparticles and the matrix, as well as major reached conclusions are summarized in 

Table 1.1.  

 

Table 1.1 Recent advances in environmental fate studies of silver nanoparticles 

Source(s) 
Silver 

nanoparticles  
Matrix  

Phenomenon 

investigated 
Key aspects 

Li et al.[45-

46]
*
 

Bare, citrate-, 

SDS-, Tween-

coated 

Simple 

electrolyte 

solution 

Aggregation 

kinetics 

Aggregation of bare 

particles is consistent with 

DLVO theory. 

El Badawy et 

al.[47] 

Bare, citrate-, 

PVP-, BPEI-

coated 

Simple 

electrolyte 

solution 

Aggregation 

stabilities 

Sterically stabilized particles 

possess the best stability in 

simple electrolyte solution. 

Huynh and 

Chen[49] 

Citrate-, PVP-

coated 

Simple 

electrolyte 

solution, humic 

acid 

Aggregation 

kinetics 

Humic acid and PVP 

coatings can stabilize 

particles sterically. 

Liu and 

Hurt[31] 
Citrate-coated 

Deoxygenated 

DI water, 

simple 

electrolyte 

solution, humic 

and fulvic acid, 

sea water 

Silver ion release 

High pH, electrolyte-

induced aggregation and 

presence of NOM can 

decrease the silver ion 

release. 

Jin et al.[48] Manufactured 

Complicated 

synthetic fresh 

water 

Aggregation 

stabilities and 

toxicity 

Aggregation stability and 

toxicity of silver 

nanoparticles highly 

depends on electrolyte 

composition. 

Liu et al.[50] 
Gum Arabic- 

and PVP-coated 
DI water 

Aggregation 

stabilities under 

sunlight exposure 

Sunlight exposure can 

induce aggregation of 

sterically stabilized particles 

without precipitation 

occurred. 

Scheckel et al. 

[51] 

Bare and 

unknown 

organic 

coating
**

 

Simple 

electrolyte 

solution with 

Kaolin 

Speciation and 

chemical 

transformation on 

the water-kaolin 

interface 

Silver nanoparticles remain 

unchanged in NaNO3 but 

AgCl formed in the presence 

of NaCl 

*The second and third chapters of this dissertation 

**Detailed information about the organic coating was not released because of commercial confidentiality 
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After entering the water system, the transport of nanoparticles highly depends on whether 

they remain suspended in, or removed by the processes, such as aggregation, 

precipitation, adsorption and dissolution, from the water column [52-53]. Of all the 

processes examined (Table 1.1), aggregation of silver nanoparticles appears to strongly 

influence other processes, including precipitation, adsorption and dissolution, and thus is 

particularly important in determining the transport of the particles in aquatic systems. 

Knowledge of the aggregation stability of manufactured nanoparticles (e.g., silver 

nanoparticles) is primarily based on extensive studies and established theory for natural 

colloids, (i.e., mineral, organic or biological particles with size ranging from about 1 nm 

to 1 μm) [54-59]. These studies utilize particle size change rates for mono-dispersed 

colloid systems aggregating in solutions of simple electrolytes in order to characterize 

aggregation stabilities [59]. To interpret these results, the classic Derjaguin-Landau-

Verwey-Overbeek (DLVO) theory [57-58] of colloidal stability is often adopted. This 

theory describes the force between surfaces of charged particles interacting in a liquid 

medium as a combination of van der Waals attraction, the sum of the forces resulting 

from the interaction of adjacent dipoles, and electrostatic repulsion of the double layer of 

counterions. The surface of metal oxide develops a charge as surface groups dissociate in 

the presence of water. This results in the subsequent development of a surface potential, 

which is balanced by the layer of counterions. Summing this electrostatic double layer 

force and the van der Waals attraction force allows for an estimation of the interaction 

energy. In a dilute system, particles of like charge are electrostatically stabilized as an 

energy barrier is formed when the repulsive electrostatic interactions are in excess of the 
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attractive van der Waals interactions. Under this condition, aggregation is confined or 

limited to very slow rate and the particles in the system stay suspended for a relatively 

long term. This energy barrier is disrupted by adding electrolytes into the system which 

screen the surface charge and decrease the surface potential of particles, subsequently 

increasing the probability that interacting particles can attach [59]. When sufficient 

electrolyte is present to eliminate the energy barrier, rapid aggregation occurs with the 

particle size change with time nearly independent of the electrolyte concentration.  

In addition to van der Waals attraction and electrostatic repulsion, additional interfacial 

forces that influence colloid stability originate from the use of an engineered coating 

layer or adsorbed natural organic matter (NOM). Coating layers are adopted to protect the 

nanoparticles from aggregation during their synthesis and application [60]. These capping 

layers enhance particle stability mainly via the introduction of steric forces imparted by 

the presence of molecules extending from the paticles’ surface or electrostatic repulsion 

imparted by the attachment of molecules with highly charged functional groups. Typical 

capping agents adopted to stabilize nanoparticles can be small ionic molecules, 

surfactants or polymers. Adsorbed small ionic molecules can form a charged layer that 

increases repulsive electrostatic interactions between particles. Adsorbed surfactant and 

polymer molecules impart extra stability through steric repulsion, as well as electrostatic 

repulsion if they are ionic. The molecules comprising the coating layers can be designed 

with a high charge density or increased steric interaction and thus nanoparticles with such 

coating layers can be stabilized in aquatic environment longer than bare particles, ranging 

from 24 hours to greater than 30 days [61].  
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Natural organic matter (NOM), which is ubiquitous in natural water systems, comes from 

the degradation of plants and animals in the environment. NOM, such as humic acid and 

fulvic acid are large polymeric molecules with phenolic and carboxylic groups, providing 

the molecules with a negative charge when dissolved in water. NOM molecules adsorb to 

the surface of nanoparticles and enhance their stability through either increased 

electrostatic repulsion or steric repulsion [62-65]. The extra stability resulting from the 

adsorption of NOM molecules to the particles’ surface facilitates their dispersion 

allowing them to remain longer in the water system without being removed.  

1.1.3 Environmental conditions affecting the toxicity of silver nanoparticles 

The aggregation behavior of silver nanoparticles not only affects their stability in the 

natural waters, it also affects their toxicity [44, 66]. Several factors influence silver 

nanoparticle toxicity including particle size, shape, crystallinity, surface chemistry, and 

coating layers, as well as environmental factors such as pH, ionic strength, and the 

presence of complexing agents and NOM [26-27, 44, 66-67]. These factors can be 

classified into three categories: 1) factors associated with the properties of the particle 

itself that decide the silver ion release rate, such as particle size, shape, crystallinity and 

surface chemistry; 2) factors that influence the silver release and direct contact of 

particles with target microorganisms through influencing their aggregation state, such as 

pH, ionic strength, NOM and coating layers; and 3) factors that influence the 

concentration of released silver ion, such as complexing agents and other ligands that can 

associate with free silver ions in natural waters. In addition to the factors listed above, 

morphological changes in silver nanoparticles via the photochemical reduction of silver 
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ions by sunlight irradiation also contributes to affect their stability and subsequently their 

toxicity [50, 68-73].  

Over the past few decades, the aggregation behavior of a variety of nanoparticles 

with/without coating layers has been extensively investigated in systems with monovalent 

electrolytes, divalent electrolytes, and natural organic matter [62-63, 74-77]. However, 

comparable studies investigating the aggregation behavior of silver nanoparticles are 

limited [45-47, 49, 66]. Of those publications, only one case investigated the aggregation 

kinetics of silver nanoparticles [49]. One of the key mechanisms for silver nanoparticles to 

exert biocidal activity has been confirmed to be due to the release of silver ions. Water 

chemistry factors that affect the silver ion release from silver nanoparticles, such as pH, 

dissolved oxygen, complexing agents and natural organic matter have been studied under 

specific experimental conditions [19, 26, 78-79]. However, research investigating the link 

between the aggregation state of silver nanoparticles and silver ion release in complex 

environmental conditions is limited [31]. 

1.2. Research Objectives 

The results of previous studies clearly indicate that aggregation behavior of silver 

nanoparticles may be similar to that for other nano-sized colloid systems. Extra 

electrostatic repulsion and steric repulsion can be imparted to stabilize the silver 

nanoparticles by including engineered capping agents or dissolved natural organic matter, 

such as humic acid and fulvic acid. Silver release through partial oxidation and 

dissolution is considered a major pathway for silver nanoparticles to exert bactericidal 
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effects, however, the relationship between environmentally relevant factors and silver 

release remain unclear. 

Based on this, the objectives of the research were to: 

1) Evaluate how water chemistry, mainly concentration and valence of electrolyte, as 

well as dissolved natural organic matter affect the aggregation of silver nanoparticles.  

2) Elucidate how the physical and chemical properties of the silver nanoparticles, altered 

through the addition of different capping layers, affects their aggregation. 

3) Investigate how aggregation, capping layer and environmentally-related factors, 

mainly sunlight irradiation affect silver release from silver nanoparticles in natural water.  

To meet these objectives, a systematic investigation of the aggregation kinetics of a suite 

of silver nanoparticles in a controlled laboratory setting was conducted. The silver 

nanoparticles used in this research were synthesized following the protocol described by 

Kvítek et al. [66]. The early stage aggregation kinetics of bare silver nanoparticles, as 

well as particles coated with a suite of stabilizing agents were investigated over a range 

of electrolyte types and concentrations by monitoring time-rate of change of the particle 

hydrodynamic radius using dynamic light scattering (DLS). The electrophoretic mobility 

of the particles through the same processes was also measured. Morphologies of particles 

and aggregates were evaluated using transmission electron microscopy (TEM). 

Experiments were also carried out in the presence of Nordic aquatic fulvic acid to 

investigate the effect of NOM on the stability of silver nanoparticles. To investigate silver 

release from silver nanoparticles under environmentally relevant conditions, batch 
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experiments were conducted with bare and coated silver nanoparticles in a natural water 

in the presence and absence of synthetic sunlight irradiation.  

1.3. Dissertation Overview 

The dissertation has three main chapters, three of which are manuscripts published or 

accepted in peer reviewed journals (Chapters 2 and 3) and in preparation for submittal to 

a peer reviewed journal (Chapter 4). The dissertation thus contains 5 chapters including 

the introduction and background (Chapter 1) and conclusions and further work (Chapter 

5). 

 

Chapter 2 is entitled “Dissolution-Accompanied Aggregation Kinetics of Silver 

Nanoparticles”. It was published in Langmuir (2010) volume 22 by Xuan Li, with co-

authors John J. Lenhart and Harold W. Walker. The manuscript describes experimental 

results conducted to evaluate the early stage aggregation kinetics of bare silver 

nanoparticles over a range of electrolyte types (NaCl, NaNO3 and CaCl2) and 

concentrations. Effects of natural organic matter to this process were also investigated by 

introducing Nordic aquatic fulvic acid to the system. Dr. Harold W. Walker in the 

Department of Civil and Environmental Engineering and Geodetic Science at Ohio State 

University contributed with the important editorial suggestions to the theoretical concept 

of DLVO theory and aggregation kinetics in the final manuscript. 

 

Chapter 3, “Aggregation Kinetics and Dissolution of Coated Silver Nanoparticles” was 

accepted by Langmuir and is authored by Xuan Li, John J. Lenhart and Harold W. 
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Walker. As an extension of the first manuscript, this manuscript further investigated 

aggregation kinetics of silver nanoparticles coated with several types of representative 

capping agents under the same aquatic chemistry condition. The aggregation rates of 

coated particles were normalized by that of bare particles to evaluate the extra 

stabilization effects of capping agents.  

 

Chapter 4, “Ion Release Kinetics and Stability of Coated Silver Nanoparticles in Surface 

Water” is in preparation for submittal to Environmental Science and Technology by Xuan 

Li and John J. Lenhart. The chapter describes the significance of capping agents and 

aggregation status in affecting the silver release of silver nanoparticles. Natural water 

from the Olentangy River was selected as the matrix to conduct the batch experiment for 

15 days. Daily synthetic sunlight irradiation of eight hours was provided by a Xe ozone-

free lamp to investigate effects of sunlight to silver release. Aggregation behavior was 

interpreted by both dynamic light scattering (DLS) data and transmission electron 

microscopy (TEM) images collected from the systems.  

 

Finally, the conclusions of this study and recommendations for future work are 

summarized in Chapter 5. 
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Chapter 2. Dissolution-Accompanied Aggregation Kinetics of Silver 

Nanoparticles 

(Langmuir, 2010, 26(22): p. 16690-16698) 

 

Abstract 

In this study, bare silver nanoparticles with diameters of 82±1.3 nm were synthesized by 

the reduction of the Ag(NH3)2
+
 complex with D-maltose and their morphology, 

crystalline structure, UV-vis spectrum and electrophoretic mobilities were determined. 

Dynamic Light Scattering was employed to assess early-stage aggregation kinetics by 

measuring the change in the average hydrodynamic diameter of the nanoparticles with 

time over a range of electrolyte types (NaCl, NaNO3 and CaCl2) and concentrations. 

From this the Critical Coagulation Concentration values were identified as 30 mM, 40 

mM, and 2 mM for NaNO3, NaCl, and CaCl2, respectively. Although the silver 

nanoparticles were observed to dissolve in all three electrolyte solutions, the aggregation 

results were still consistent with classical Derjaguin-Landau-Verwey-Overbeek (DLVO) 

theory. The dissolution of the silver nanoparticles, which were coated with a layer of 

Ag2O, was highly dependent on the electrolyte type and concentration. In systems with 

Cl
-
 a secondary precipitate, likely AgCl, also formed and produced a coating layer that 

incorporated the silver nanoparticles. Aggregation of the silver nanoparticles was also 

examined in the presence of Nordic aquatic fulvic acid and was little changed compared 

to that evaluated under identical fulvic acid-free conditions. These results provide a 
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fundamental basis for further studies evaluating the environmental fate of silver 

nanoparticles in natural aquatic systems. 

 

2.1. Introduction 

Nanomaterials have been introduced into our daily activities and while the promise of 

nanotechnology to improve our quality of life seems unlimited, at the same time it is 

inevitable that some portion of these manufactured materials will be introduced into the 

environment [1-3]. One of the likely routes of introduction will occur as commercial 

nanomaterials are released into natural waters as a waste stream component. 

Nanoparticulate silver, for example, is increasingly being used in a variety of commercial 

settings [4], many of which could result in the release of nanosilver [5]. After entering an 

aquatic system, its fate, like other particles, depends upon whether it remains suspended 

in solution, or whether processes that effect particle aggregation or dissolution remove it 

from the water column. The risk posed by such materials to human health and the 

environment is currently unclear, but preliminary evidence exists to suggest certain 

nanomaterials such as nano-silver may harm people, organisms or the environment [3, 6-

8]. 

Although there exists many potentially harmful nano-materials [8-9] nano-silver is 

unique in that it is already widely employed in a host of commercially available products 

such as textiles, food containers, home appliances, and even dietary supplements, within 

which the well known anti-microbial effect of silver is exploited [4, 10]. This effect is 

thought to result from the dissolution of the silver, which releases Ag
+
 ions at a rate that 



26 

 

depends on solution chemistry [8-9, 11]. Toxicity of ionic silver to microorganisms and 

higher aquatic life forms has been extensively studied with the mode of toxic effect 

related to cell inactivation resulting from the interaction of Ag
+
 ions with proteins and 

enzymes through specific cell-membrane functional groups like thiol (-SH) [12-15]. 

Toxicity of the silver nanoparticles to bacteria has also recently been investigated, but it 

isn’t clear whether the mechanism can be attributed to a property specific to nano-silver 

or just to the effects of Ag
+
 ions [16-22]. For example, silver nanoparticles were recently 

shown to be toxic to the freshwater algae, Chlamydomonas reinhardtii [10]. Toxicity 

resulting from ionic silver produced by the dissolving nano-silver was implicated, but by 

itself it could not account for all of the toxic effects [10].  Since the uptake of dissolved 

silver by bacteria and other aquatic organisms is greatly affected by silver speciation 

(e.g., free ion or complex) [23-24], it is therefore critically important to know not only 

the behavior and the fate of silver nanoparticles themselves, but also the species that 

evolve from the aggregation, dissolution and aqueous reactions that occur after the 

particles are discharged to natural water environments.  

The aggregation and deposition kinetics of a variety of nanoparticles have been 

extensively studied in systems with monovalent electrolytes, divalent electrolytes, and 

natural organic matter [25-30]. In most cases, the classic Derjaguin-Landau-Verwey-

Overbeek (DLVO) theory of colloidal stability [31-32] has been satisfactorily applied to 

explain the aggregation behavior of these nanoparticles in the presence of simple 

electrolytes, which induce aggregation by screening the surface charge [33]. Natural 

organic matter (NOM), which is ubiquitous in natural waters has been shown to adsorb to 
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the surface of nanoparticles, enhancing their stability via either steric or electrostatic 

repulsion [28-29, 34-35]. Enhanced aggregation is also reported in certain systems when 

intermolecular bridging of humic acid macromolecules occurs in the presence of 

multivalent cations such as Ca
2+

 [34]. Among the extensive literature describing colloid 

aggregation kinetics, however, there is little information regarding silver nanoparticles, 

with only a few recent papers evaluating their fate in surface water [36-37]. 

The objective of this study was to investigate the early stage aggregation kinetics of silver 

nanoparticles in the presence of common electrolytes at neutral pH. This was done by 

measuring the rate of change of the particle hydrodynamic radius using Dynamic Light 

Scattering (DLS) over a range of electrolyte types (NaCl, NaNO3 and CaCl2) and 

concentrations. The effects of fulvic acid, which is often the most significant class of 

natural organic matter in surface waters [38], on aggregation were also investigated. 

Aggregate structure and morphology was evaluated using transmission electron 

microscopy (TEM). For all three electrolytes, our results indicate that particle 

aggregation, accompanied by dissolution and for NaCl the formation of a secondary 

precipitate, occurred at environmentally-relevant electrolyte concentrations. The 

existence of adsorbed fulvic acid was found to have no obvious effects on aggregation as 

little change was observed in the CCC.   

2.2. Experimental Section 

2.2.1 Materials.  

AgNO3 (99.8%) and D-maltose (99%) were purchased from Sigma-Aldrich as powder 

and were used without further purification. Ammonium hydroxide (trace metal grade) 
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was purchased from Fisher Scientific. All other reagents were analytical grade or better. 

The electrolyte solutions (NaCl, NaNO3 and CaCl2), buffer solution (NaHCO3), and 

reagents employed were prepared using deionized water (Milli-Q, Millipore) with a 

resistivity of 18.2 MΩ·cm. Solutions were filtered through 0.1 μm cellulose ester 

membranes (Millipore) before use. Experiments with fulvic acid used a standard Nordic 

aquatic fulvic acid purchased from the International Humic Substance Society (IHSS). 

All labware and glassware were thoroughly cleaned before use with 10% nitric acid, 

followed by a thorough rinse with deionized water and oven-drying under dust-free 

conditions. 

2.2.2 Synthesis and dialysis of silver nanoparticles.  

Silver nanoparticles were synthesized by the reduction of the [Ag(NH3)2]
+
 complex with 

D-maltose following the method described by Kvítek et al. [39]. In short, 2 mL of 0.01 

mol L
-1

 silver nitrate was pipetted into a 50 mL glass beaker. To this 10 mL of a 0.02 mol 

L
-1

 ammonia solution was added and the solution was subsequently stirred with a 

magnetic stir bar. 250 μl of 0.1 mol L
-1 

sodium hydroxide was then added to adjust the 

solution pH value to 11.5, after which 8 mL of 0.025 mol L
-1 

D-maltose was introduced 

into the system to reduce the formed Ag(NH3)2
+
 complex to form metallic silver 

nanoparticles. The synthesis process required 15 minutes and was conducted in the dark 

at a room temperature of 22 ± 1 °C.  

The freshly synthesized, orange-colored silver nanoparticle suspension was dialyzed 

using cellulose ester membranes (Spectra/Por® Biotech) with a molecular weight cut off 

(MWCO) of 8-10 kDa and deionized water as the dialysate solvent over a period of 24 
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hours. The deionized water dialysate was periodically changed (typically a minimum of 4 

times) and its conductivity and total organic carbon (TOC) content were measured to 

ensure that residual ions and D-maltose were removed. The TOC concentration and 

conductivity were measured using a TOC analyzer (TOC-5000A, Shimadzu Corp.) and 

zeta potential analyzer (ZetaPALS, Brookhaven Instruments Corp.), respectively. For the 

aggregation and electrophoretic mobility determinations, five such batches of silver 

nanoparticles were synthesized and combined to form a 100 mL stock suspension, which 

was stored in a polypropylene bottle in the dark at 4 °C. The concentration of this stock 

suspension was determined by gravimetric analyses to be 31.6 mg L
-1

. The aggregation 

and electrophoretic mobility studies were conducted within one week after the synthesis 

of this silver nanoparticle stock suspension. Loss of particles during this time was on the 

order of 1 – 2 percent.  Before each analysis, the working solutions were sonicated for 5 

seconds in an ultrasonic water bath. 

The size, morphology, crystallinity, and UV-vis absorbance of the silver nanoparticles 

were characterized.  The hydrodynamic diameter and UV-vis analyses were conducted on 

a sample prepared by diluting an aliquot of the stock suspension 25 times in a sodium 

bicarbonate – sodium chloride buffer solution that fixed the final solution pH at 7.0 ± 0.3 

and ionic strength at 1 mM. The hydrodynamic diameter was measured using Dynamic 

Light Scattering (DLS) (90Plus, Brookhaven Instruments Corp., Holtsville, NY). UV-vis 

absorption spectra were collected over a wavelength range of 200 to 700 nm using a 

Shimadzu UV-4201PC UV-vis spectrophotometer. The crystalline nature of the particles 
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was evaluated using a Philips CM-200 TEM equipped with a light element EDS X-ray 

detector. 

2.2.3 Aggregation Kinetics.  

For all aggregation experiments, the silver nanoparticle stock suspension was diluted 25 

times in a 5.0×10
-2

 mM sodium bicarbonate buffer at pH 7.0 ± 0.3 and the resulting 

suspension was briefly sonicated in an ultrasonic water bath. Three mL of this silver 

nanoparticle solution was introduced into a disposable acrylic cuvette which was 

thoroughly rinsed with deionized water. A pre-calculated amount of electrolyte solution 

was then added into the cuvette to obtain the desired electrolyte concentration. Finally, 

the cuvette was covered with a plastic lid and quickly hand-shaken before being inserted 

into the DLS sample holder. Measurements were started immediately and the change in 

the average hydrodynamic diameter was recorded over 15 minutes at a time interval of 90 

seconds. The initial particle size during the aggregation experiments was determined 

based upon a backwards extrapolation (to time zero) of the linearly increasing trend in 

particle size with time. All aggregation experiments were conducted at a temperature of 

22 ± 0.5 °C. 

The initial change in the average hydrodynamic radius of the silver nanoparticles with 

time (dr/dt) induced by the different electrolyte solutions was calculated and related to 

the experimental aggregation rate constant (kexp) using the following expression [40]: 

kexp  
 

    
 
  

  
       (1) 
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where N is the initial particle concentration, r0 is the initial particle radius, and  is an 

optical factor. The value of kexp was calculated by conducting a linear least squares 

regression analysis to the initial change in hydrodynamic radius with time (dr/dt). The 

aggregation kinetics were characterized by determining the inverse stability ratio “1/W”, 

which was calculated by dividing the rate of change in the hydrodynamic radius for a 

given experiment condition (kexp) to the rate of change for rapid aggregation (krapid), or 

diffusion-limited aggregation, which is independent of the electrolyte concentration: 

 

 
 = 

    

      
           (2) 

The initial particle concentration N, and initial particle radius r0 in both the given 

experimental condition and diffusion-limited aggregation were the same and thus 

cancelled out. Values used for krapid were determined for each electrolyte system from the 

average value of the kexp values in the diffusion-limited aggregation regime. 

2.2.4 Electrophoretic Mobilities.  

The electrophoretic mobility of the silver nanoparticles was measured at a temperature of 

22 ± 0.5 °C across the pH range 4.0 to 10.0 in 1 mM NaCl with a Brookhaven Instrument 

Corp. ZetaPALS Instrument. Measurements were also collected across the range of 

electrolyte concentrations employed in the aggregation experiments. Error estimates were 

based on ten measurements conducted on five separate samples for each solution 

condition.  

2.2.5 Effect of Fulvic Acid on the Stability of Silver Nanoparticles.  

A 100 mg L
-1

 fulvic acid stock solution was prepared by dissolving 100 mg of the Nordic 

fulvic acid into one liter of deionized water.  To ensure dissolution, the solution was 
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stirred overnight. The fulvic acid solution was subsequently filtered with a 0.2 μm PTFE 

membrane (Millipore). The resulting solution had a TOC concentration of 44.5 mg C L
-1

 

and was stored in the dark at 4 °C with an unadjusted pH value of 5.5. 

Fulvic acid coated silver nanoparticles were prepared by equilibrating 1 mL of the fulvic 

acid stock solution with 9 mL of the silver nanoparticle stock suspension in 50 mL 

polycarbonate ultracentrifuge tubes. Sodium chloride and sodium hydroxide were added 

as needed to achieve an ionic strength of 1 mM and pH of 7.0 ± 0.3, respectively. The 

tubes were sealed and slowly shaken for 24 hours in the dark at room temperature. The 

resulting suspensions were analyzed using the same procedures described above, except a 

different dilution was adopted in order to obtain the same initial particle concentration as 

that studied in the absence of fulvic acid. The fulvic acid adsorption density of 15 mg-

C/g-nanoparticle was determined upon analyzing the TOC concentration in the 

supernatant collected after centrifuging (Legend
TM

 RT, Kendro Laboratory Products) a 

parallel set of samples at 16,000g for 40 min. 

2.2.6 Transmission Electron Microscopy.  

The size and morphology of dispersed and aggregated silver nanoparticles were observed 

by transmission electron microscopy using a Technai G2 Spirit TEM at 120 kV. Samples 

were prepared and equilibrated for 15 minutes in a glass bottle on undiluted stock 

solutions of the silver nanoparticles at the same solution condition as those employed in 

the aggregation experiments. One drop of resulting suspension was transferred onto a 100 

mesh copper grid and dried within 10 minutes under blowing nitrogen. Images were 

collected using a digital camera at magnifications that ranged from 71,000 to 144,000.  
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We did not make an effort to preserve the aggregates and thus the sizes of those imaged 

were not necessarily representative of those found in the suspensions.  Nevertheless, the 

particle morphology should be preserved.  

2.3. Results and Discussion 

2.3.1 Characterization of Silver Nanoparticles.  

The hydrodynamic particle diameter measured from DLS was 82.0 ± 1.3 nm. TEM 

images verified the spherical and monodisperse nature of the silver nanoparticles and 

confirmed the size, with a mean diameter of ca. 82 nm resulting from the average of 

visual measurements of the particles captured in a representative TEM image (Figure 

2.1a). Based on this size, the measured suspension concentration (31.6 mg L
-1

) and a 

density of metallic silver (10.5 g cm
-3

), the particle concentration of the silver 

nanoparticle stock suspension was calculated as 1.1×10
10

 particles mL
-1

. Based on the 25 

times dilution, suspensions utilized in the aggregation tests had a particle concentration of 

4.4×10
8
 particles mL

-1
. The electron diffraction pattern (inset to Figure 2.1a) was 

consistent with that expected for metallic silver. 

The UV-vis absorption spectrum (Figure 2.1b) of the suspension showed a maximum 

absorption peak at a wavelength of 446 nm, consistent with the reported location of the 

surface plasmon absorption band of silver nanoparticles synthesized in this manner [20].  

The position and width of the plasmon band in the UV-vis absorption spectrum of the 

silver nanoparticles depends on the size and polydispersity of the particles as well as the 

presence on the surface of the particles of adsorbed substances or an oxidation layer [41-

45]. In general, mono-dispersed silver nanoparticles under 100 nm in size with no 
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adsorbed substances (i.e. ions and/or surfactants) or oxidized surface layer have a narrow 

surface plasmon adsorption peak at a wavelength of 390 to 450 nm that varies with 

particle size. The existence of an oxidized surface layer on the particle results in a red-

shift in the position and a broadening of the peak [43, 45-48]. No procedures were 

undertaken to control the atmosphere during particle synthesis or dialysis and therefore 

the resulting silver nanoparticles likely had an oxidized surface layer particularly since 

UV-vis results presented in the literature for non-oxidized 82 nm silver nanoparticles lie 

at lower wavelength [44, 47], which is consistent with classical Mie theory [49-50]. Thus, 

we attribute the observed red-shift and breadth of the UV-vis absorption peak relative to 

that expected for uncoated metallic silver nanoparticles to the existence of an oxidized 

layer on the surface of our particles. 

2.3.2 Aggregation of Silver Nanoparticles in the Presence of Sodium Chloride.  

The aggregation rates of silver nanoparticles in NaCl exhibit DLVO-type behavior 

(Figure 2.2a). At low NaCl concentrations (10, 20 and 40 mM), each increase in the 

electrolyte leads to a corresponding increase in the aggregation rate until a concentration 

of 40 mM NaCl was reached. Above this concentration, the aggregation rate only slightly 

increased as the maximum aggregation rate was attained.   

Evident in the aggregation profile was a decrease in the initial particle size at the 

beginning of the aggregation process, which is defined here as the value determined at 

time equal to zero based upon a linear fit to the time-rate of change of the hydrodynamic 

diameter measured during each aggregation kinetics experiment. This decrease in particle 

size likely reflects dissolution of the silver nanoparticles in the presence of Cl
-
. For 
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example, within 15 min after the addition of NaCl, the particle diameter in the presence 

of very low concentration of NaCl (e.g., 10 mM NaCl, see Figure 2.2) remains at ca. 82 

nm, equal to the average particle diameter measured in the absence of electrolyte. At 20 

mM NaCl, however, the initial particle diameter decreased to 73.5 nm and over time it 

slightly increased as aggregation occurred. Further increases in NaCl concentration lead 

to a smaller initial particle and at 100 mM NaCl a minimum initial particle diameter of 40 

nm was observed (see Figure 2.3). Above this concentration, the initial size stabilized or 

slightly increased. It should be noted that before starting the DLS measurements that 

approximately 10 seconds were required to mix the silver nanoparticle suspension and 

electrolyte solution after they were transferred into the cuvette. Considering how quickly 

the change in size occurred, slight differences in the timing of this mixing procedure 

likely produced differences in the measured initial particle size. The classical approach to 

calculate the inverse stability ratio using equation (2) relies on a constant initial particle 

radius r0, which was not observed for our systems. Thus, even though the initial particle 

size in some systems decreased from that observed in the stock suspension, we still adopt 

equation (3) and fix r0 at 82 nm in order to calculate nominal kexp and 1/W. 

Despite the decreased initial size of the silver nanoparticles, a typical stability profile 

characterized by two regimes consistent with DLVO colloidal theory was observed 

(Figure 2.4). Within the reaction-limited regime at low NaCl concentrations (1/W <1) the 

stability of the particles decreased with increasing NaCl.  Under these conditions, 

increasing the electrolyte concentration leads to a corresponding increase in aggregation 

rate by diminishing the electrostatic energy barrier to aggregation that exists between the 
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negatively charged silver nanoparticles. When the electrolyte concentration reaches and 

exceeds the critical coagulation concentration (CCC) at 1/W of 1 sufficient electrolyte 

was present to eliminate the energy barrier resulting in rapid aggregation. Above the 

CCC, diffusion-limited aggregation occurs and the rate of change of the hydrodynamic 

radius was nearly independent of the electrolyte concentration. The CCC was determined 

as approximate 40 mM NaCl for our silver nanoparticles at pH 7.0 (see Figure 2.4).  

2.3.3 Dissolution of Silver Nanoparticles in the Presence of Sodium Chloride.  

As stated earlier, elemental silver is sensitive to the presence of oxidants and under 

oxygenated conditions Ag
0
 at the nanoparticle surface can be oxidized to Ag2O  

 

  2Ag
0
 + 1/2O2 = Ag2O(s)             (4) 

 

which forms an oxidized layer surrounding the particle [8, 43, 45, 48, 51]. Evidence of 

the oxide layer exists in the UV-vis spectrum of our particles shown in Figure 2.1b and it 

dissolves to release ionic silver as follows: 

 

Ag2O(s) + H2O = 2Ag
+
 + 2OH

-
                                                          (5) 

 

In a dilute aqueous suspension of silver nanoparticles at equilibrium with atmospheric 

oxygen, but lacking other electrolytes, dissolution of the surface layer of Ag2O is 

hindered due to the adsorption and accumulation of Ag
+
 at the particle surface [41, 46-
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47]. Consistent with this was our observation of little change measured in the size of the 

stock silver nanoparticles for periods approaching 2 weeks (Figure A.S1).  

The observed decrease in the initial size of the silver nanoparticles in the presence of 

sodium chloride, which averaged ca. 20%, occurred soon after the addition of NaCl 

(Figure 2.2a). This rapid dissolution likely reflects a shift in the dissolution of Ag2O 

described in equation (5) due to changing ionic strength as well as a redistribution in the 

adsorbed Ag
+
.  However, the potential for Cl

-
 to catalyze oxidative corrosion of the silver 

particles as described by Henglein and co-workers [41, 43, 46-47] cannot be ruled out.   

Released Ag
+
 ions from the silver nanoparticles can react with Cl

-
 ions, forming AgCl(s):  

 

Ag
+
 + Cl

-
    AgCl(s)                                                   (6) 

 

Although the concentration of released Ag
+
 ions was not measured, we estimate the 

potential for formation of solid AgCl as high based upon its reported solubility constant 

(Ksp = 1.77 ×10
-11

) [52] and the relatively high Cl
-
 concentration of 0.02 M present when 

the obvious size decrease was first observed. The precipitated AgCl can form on or 

deposit to the nanosilver particles and it appears to dramatically alter the particle 

morphology as TEM images for samples with high concentrations of NaCl (Figure 2.5a) 

depict partially dissolved silver nanoparticles adhered to each other and forming 

aggregates of irregular shape and size. The smooth surface of the adhered nanoparticles 

can be attributed to the AgCl precipitate and throughout the imaged sample no distinct 

separation was observed between the particles or within the aggregates. Evidence exists 
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in a similar system in which the formation of AgCl precipitate on the surface of silver 

nanoparticles in the presence of NaCl was confirmed by X-ray diffraction [36]. Thus, in 

the presence of NaCl dissolution and aggregation of the silver nanoparticles appears to 

occur simultaneously with the formation of AgCl precipitate.  

2.3.4 Aggregation of Silver Nanoparticles in the Presence of Sodium Nitrate.  

Aggregation was also evaluated in NaNO3, which should not produce a secondary 

precipitate under the conditions studied. Similar to the results obtained in systems with 

NaCl, NaNO3-induced aggregation also shows dominant DLVO-type tendencies (Figure 

2.2b). A decrease in the initial particle size was also observed for NaNO3, to an extent 

that exceeded that observed in NaCl. This was particularly evident at electrolyte 

concentrations lower than 50 mM (Figure 2.3). For example, the average particle size in 

10 mM NaNO3 was approximately 5 nm lower than that observed in 10 mM NaCl. As in 

systems with Cl
-
, this decrease in particle size likely results from the dissolution of Ag2O 

upon perturbation of the solution chemistry as well as nitrate-promoted oxidative 

corrosion. The trend reversed at electrolyte concentrations above 50 mM, however, where 

the initial particle size in the presence of NaNO3 was significantly larger than that in the 

presence of NaCl. 

In the presence of NaNO3, the aggregated silver nanoparticles exhibited an open fractal 

structure (Figure 2.5b) characteristic of aggregates formed under favorable conditions. 

This is consistent with previous observations for other nano-sized metal and metal-oxide 

particles like gold and hematite [28, 53] (Figure 2.5b). The average diameter of 73 nm, 

estimated from the TEM image, confirmed that the dissolution of the silver nanoparticles 
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also occurred in the presence of NaNO3. The amorphous features observed in systems 

with NaCl, likely formed of precipitated AgCl, was not observed as the silver 

nanoparticles showed a relatively uniform size and shape with no evidence of secondary 

precipitates. 

Interestingly, the distinct differences in the systems observed in the TEM images for the 

NaCl and NaNO3 systems brought no obvious changes to the aggregation kinetics. As 

shown in Figure 2.4, typical two-regime, DLVO-type aggregation kinetics was observed 

in the relationship of 1/W with NaNO3 concentration. The CCC for the silver 

nanoparticles in NaNO3 was approximately 30 mM at pH 7.0, which was only slightly 

lower than the value of 40 mM observed in NaCl (Figure 2.4).  

2.3.5 Aggregation of Silver Nanoparticles in the Presence of Calcium Chloride.  

The aggregation of silver nanoparticles was examined in systems with calcium chloride 

ranging from 0.5 mM to 10 mM. Stability followed trends observed with NaCl and 

NaNO3 (Figure 2.4) and as expected, the CCC in CaCl2 was lower (2 mM). This was 

consistent with the Schulze-Hardy rule [33] which predicts a ratio of CCCNa/CCCCa of z
6
 

for particles with large zeta potentials, where z is the valence of the calcium counterion 

(i.e., z=2), and CCCNa/CCCCa of z
2
 for particles with small zeta potentials [54]. Our data 

showed a ratio of 20, proportional to z
4.32

 which is an appropriate value when compared 

to similar studies employing nano-sized iron oxide particles [34-35] and reflects a 

modification of the surface due to the adsorption of cations. Particle dissolution was also 

observed in CaCl2 as evident in the decrease in the initial particle size (Figure 2.3) and it 

occurred at lower concentrations than that observed in systems with monovalent 
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electrolytes. In this case, an initial particle size of 54.8 nm was observed even at a low 

CaCl2 concentration of 1.5 mM (Figure A.S2). This suggests that Ca
2+

 might have 

exchanged with Ag
+
. Since Ag

+
 is believed to inhibit dissolution [46], the presence of 

excess Ca
2+

 at the interface appears to allow dissolution of the oxide-coated particle at 

lower electrolyte concentrations. Similar processes involving the adsorption of 

multivalent cations are thought to be responsible for controlling mineral dissolution in 

natural systems [55]. 

2.3.6 Changes in Electrophoretic Mobility of Silver Nanoparticles Induced by 

Electrolytes.  

Theoretically, oxide-layer free bare silver nanoparticles suspended in deionized water 

should have a surface charge of zero. The observed negative potential and mobility of 

silver nanoparticles in previous studies reflects the presence of the oxidized layer [56-58]. 

Furthermore, the adsorption of hydroxide and/or other anions also imparts a negative 

surface charge that varies with pH and electrolyte concentration. The resulting 

electrostatic force can stabilize the particles and prevents aggregation. Added electrolytes 

balance and screen this surface charge and induce destabilization and aggregation.  

Zeta potentials of the silver nanoparticles were measured at different pH values and 

electrophoretic mobility values were measured across a wide range of electrolyte 

concentrations. The zeta potential of silver nanoparticles at neutral and high pH values 

(6.0 - 10.0) remained unchanged at -45.8 ± 0.9 mV (Figure 2.6a), consistent with results 

reported for particles synthesized in this manner [59]. With decreasing pH, the zeta 

potential increases, but even at pH 4.0 it remained negative. 
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The electrophoretic mobilities of the particles across a range of electrolyte concentrations 

at pH=7.0±0.3 are presented in Figure 2.6b. The electrophoretic mobilities at NaCl 

concentrations lower than the CCC (40 mM NaCl) were near -4.70×10
-8

 m
2
/V-s and 

slowly increase to less negative values with increasing NaCl concentration. Above the 

CCC, the electrophoretic mobility increases with increasing NaCl concentration from 

approximately -4.70×10
-8

 m
2
/V-s at 40 mM NaCl to -1.50×10

-8
 m

2
/V-s at 300 mM NaCl. 

This behavior differs from that reported for nano-sized metal oxides, such as hematite or 

carbon-based nanomaterials such as fullerene (C60), in which a continuous increase in the 

electrophoretic mobility (or zeta potential) with increasing electrolyte concentration is 

reported at electrolyte concentrations lower than the CCC [35, 60]. A similar trend was 

observed when NaNO3 was used as the electrolyte, although the average electrophoretic 

mobilities were approximately 20% less negative. The zeta potential of AgCl is more 

negative than nanosilver [36] and thus the lower mobility values in systems with NaCl 

may reflect the presence of AgCl precipitates on the particle surfaces. Consistent with the 

results presented by Chen et al. [60] for hematite, CaCl2 sharply increased the 

electrophoretic mobility of the silver nanoparticles, presumably due to the adsorption of 

Ca
2+

 at the nanoparticle surface [33]. 

2.3.7 Effects of Fulvic Acid on the Aggregation and Electrophoretic Mobility of Silver 

Nanoparticles.   

The addition of 10 mg/L of fulvic acid had no noticeable effect on the aggregation 

kinetics of the silver nanoparticles (Figure 2.7). This corresponds to a TOC concentration 

of about 4.5 mg L, which is typical of natural waters [61]. The particles did adsorb 
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approximately 15 mg fulvic acid as C per gram of nanoparticle, however, the CCC values 

in NaCl, NaNO3 and CaCl2 were 40, 30 and 1.5 mM (Figure 2.7), which was very similar 

to the CCCs observed in the absence of fulvic acid. This result differs from other studies 

in which the stabilizing effect of adsorbed NOM and consequent increase in CCC was 

observed in systems with hematite, magnetite, latex, and clay particles [33, 35, 62-65].  

The average size of the silver nanoparticles in the presence of fulvic acid and little added 

electrolyte remained at 82 nm. This was the same value as that for the particles in the 

absence of fulvic acid as any increase in the hydrodynamic size of the silver nanoparticles 

due to the adsorbed fulvic acid macromolecules is difficult to detect by DLS [35, 66]. 

Figure 2.8a shows a TEM image of the silver nanoparticles in the presence of fulvic acid 

with 1 mM NaCl. Similar to the DLS measurements, no change in the particle size was 

observed. In most instances the images showed discrete particles, however, in some 

instances the particles merged into larger structures, suggesting portions of the fulvic acid 

could have promoted dissolution in a manner analogous to that observed with chloride. 

This seems reasonable since fulvic acids are complex and heterogeneous mixtures of 

molecules [67], and some of these molecules could likely promote catalyzed oxidation 

and particle dissolution. 

Upon the addition of electrolyte (NaCl, NaNO3 or CaCl2), the silver nanoparticles 

underwent an initial decrease in particle size prior to aggregation (Figure 2.9) similar to 

the extent of that observed in the absence of fulvic acid (Figure 2.3). Comparing results 

in Figure 2.3 and 2.9 did not provide evidence of any significant influence of fulvic acid 
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on the initial particle size across the range of electrolyte types and concentrations 

examined, but some slight differences were evident.  

The electrophoretic mobility of the silver nanoparticles with increasing NaCl or NaNO3 

in the presence of fulvic acid is compared with those obtained in the absence of fulvic 

acid in Figure 2.10. For both NaCl and NaNO3 fulvic acid produced a slight increase in 

particle mobility. This differs with reported trends where fulvic acid coated particles 

typically show a more negative electrophoretic mobility value [63, 65, 68]. For most 

research working on magnetite, hematite and TiO2 nanoparticles with circum-neutral to 

slightly basic values of pHpzc, the electrophoretic mobility at pH 7 decreases from 

positive to negative after adsorption of NOM [35, 62-64], stabilizing the particles through 

the resulting electrostatic repulsive force. However, in the present research, the particle 

mobility resulting after the adsorption of the fulvic acid was less negative than that of the 

bare silver nanoparticles (Figure 2.10). Pelley and Tufenkji [69] report a similar result for 

latex microspheres in the presence of Suwannee River humic acid and attribute it to a 

moderation of the surface potential to one that approximates that of the adsorbed organic 

matter.  Similar results showing that particle mobility is dominated by adsorbed organic 

matter is reported by Beckett and Le [70]. It is also possible upon adsorption that the 

fulvic acid disrupts the oxide layer and therefore alters the particle electrophoretic 

mobility. Nevertheless, in the presence of adsorbed fulvic acid, substantial electrostatic 

repulsive interactions remain and little change was observed in the particle stability. 

Similar results evaluating particle stability or transport indicate that the small size of 

fulvic acid results in little impact on particle stability or transport. Larger molecular 
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weight humic acids, however, appear to have more of an impact on particle stability [71-

72]. 

The introduction of fulvic acid into systems with NaCl introduced nebulous features near 

or around the particles (Figure 2.8b). These features likely represent fulvic acid-AgCl 

precipitates formed from the dissolution of silver nanoparticles, since these features were 

not observed in systems with NaNO3 and fulvic acid (Figure A.S3). Extensive dissolution 

of the silver nanoparticles occurred in 100 mM NaCl and the resulting aggregates 

appeared semi-transparent due to more extensive contributions from the AgCl-fulvic acid 

precipitates (Figure 2.8c). In 200 mM NaCl, further dissolution of the particles was 

observed (Figure 2.8d). The resulting particles and aggregates were sensitive to exposure 

to the TEM electron source and over time they would fade from view. For example, the 

image in 200 mM NaCl (Figure 2.8d) was digitally recorded 20 seconds after the electron 

source was directed onto the target area and upon continued exposure the features 

gradually vanished.  

2.4. Conclusion 

Mono-dispersed silver nanoparticles were synthesized with a negatively charged oxide 

layer. Their early stage aggregation kinetics induced by common electrolytes at neutral 

pH in the absence and presence of fulvic acid was investigated. A dissolution-

accompanied aggregation was observed in the presence of NaCl, NaNO3 and CaCl2. 

Although the initial particle size decreased because of dissolution immediately after the 

addition of the electrolyte, the increase in hydrodynamic radius over time followed 

expected trends for early-stage aggregation in the presence of electrolytes. The 
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dissolution of silver nanoparticles likely results from electrolyte-induced perturbations in 

the concentration of adsorbed Ag
+
 which seems to inhibit dissolution of the surface oxide 

layer. Despite the decrease of the particle size at the beginning of the aggregation caused 

by dissolution, the aggregation behavior of silver nanoparticles was consistent with 

classical DLVO theory. The CCC for silver nanoparticles was determined as 40 mM 

NaCl, 30 mM NaNO3 and 2 mM CaCl2. AgCl precipitates formed within the chloride-

containing systems as the particles dissolved during aggregation. The resulting particles 

and aggregates were characterized by having smooth continuous surfaces with little 

evidence of separate particles. The absence of a comparable precipitate in systems with 

NaNO3 resulted in aggregates and particles of a discrete nature. 

The presence of fulvic acid was found to have no obvious effects on the aggregation 

kinetics, as the CCC values were little changed. The dissolution of the silver 

nanoparticles in systems with fulvic acid and NaCl was somewhat enhanced and a small 

increase was measured in the electrophoretic mobilities of the particles with fulvic acid. 

However, neither change was sufficient in magnitude to alter the stability of the particles. 
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Tables and Figures  

 

Wave Length (nm)

200 300 400 500 600 700

A
b

so
rb

a
n

ce

(b)

 

Figure 2.1 (a) TEM image and electron diffraction pattern (insert), and (b) UV-vis 

absorption spectrum of the silver nanoparticles. 
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Figure 2.2 Aggregation profiles of silver nanoparticles in the absence of fulvic acid at pH 

7.0 as a function of (a) NaCl concentration, and (b) NaNO3 concentrations. 
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Figure 2.3 Initial hydrodynamic diameter of silver nanoparticles as a function of NaCl 

and NaNO3 concentrations. 
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Figure 2.4 Inverse stability ratio (1/W) of silver nanoparticles as a function of NaCl, 

NaNO3 and CaCl2 concentrations. 
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Figure 2.5 TEM images of silver nanoparticles in the absence of fulvic acid after the 

addition of 100 mM of (a) NaCl and (b) NaNO3. 
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Figure 2.6 (a) Zeta potentials of silver nanoparticles at pH 4.0 - 10.0 in the presence of 1 

mM NaCl, and (b) Electrophoretic mobilities of silver nanoparticles at pH 7.0 as a 

function of  NaCl, NaNO3 and CaCl2 concentration 
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Figure 2.7 Inverse stability ratio (1/W) of silver nanoparticles in the presence of fulvic 

acid as a function of NaCl, NaNO3 and CaCl2 concentration. 
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Figure 2.8 TEM images of silver nanoparticles in the presence of fulvic acid after the 

addition of (a) 1 mM, (b) 10 mM, (c) 100 mM and (d) 200 mM NaCl. 
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Figure 2.9 Initial particle hydrodynamic diameter of silver nanoparticles in the presence 

of fulvic acid as a function of of NaCl, NaNO3 and CaCl2 concentration. 
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Figure 2.10 Electrophoretic mobility of silver nanoparticles in the presence and absence 

of fulvic acid as a function of (a) NaCl, (b) NaNO3, and (c) CaCl2 

concentration.(Continued) 
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Figure 2.10: (Continued) 
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Chapter 3. Aggregation Kinetics and Dissolution of Coated Silver Nanoparticles 

(Langmuir, In Press) 

 

Abstract. 

Determining the fate of manufactured nanomaterials in the environment is contingent 

upon understanding how stabilizing agents influence the stability of nanoparticles in 

aqueous systems. In this study, the aggregation and dissolution tendencies of uncoated 

silver nanoparticles and the same particles coated with three common coating agents, 

trisodium citrate, sodium dodecyl sulfate (SDS), and Tween 80 (Tween), were evaluated. 

Early stage aggregation kinetics of the uncoated and coated silver nanoparticles were 

assessed by dynamic light scattering over a range of electrolyte types (NaCl, NaNO3, and 

CaCl2) and concentrations that span those observed in natural waters. Although particle 

dissolution was observed, aggregation of all particle types was still consistent with 

classical Derjaguin-Landau-Verwey-Overbeek (DLVO) theory. The aggregation of 

citrate-coated particles and SDS-coated particles were very similar to that for the 

uncoated particles, as the critical coagulation concentrations (CCC) of the particles in 

different electrolytes were all approximately the same (40 mM NaCl, 30 mM NaNO3 and 

2 mM CaCl2). The Tween-stabilized particles were significantly more stable than the 

other particles, however, and in NaNO3 aggregation was not observed up to an electrolyte 

concentration of 1M. Differences in the rate of aggregation under diffusion-limited 

aggregation conditions at high electrolyte concentrations for the SDS and Tween-coated 



67 

 

particles in combination with the moderation of their electrophoretic mobilities suggest 

SDS and Tween imparted steric interactions to the particles. The dissolution of the silver 

nanoparticles was inhibited by the SDS and Tween coatings, but not by the citrate 

coating, and in chloride-containing electrolytes a secondary precipitate of AgCl was 

observed bridging the individual particles. These results indicate that coating agents 

could significant influence the fate of silver nanoparticles in aquatic systems and in some 

cases these stabilizers may completely prevent particle aggregation. 

  



68 

 

3.1. Introduction 

Owing to their antimicrobial properties, silver nanoparticles are mass-produced and 

utilized in hundreds of commercially available products [1-2]. The release of silver 

nanoparticles from these products during use is certain, particularly during washing [3], 

and thus the potential for silver nanoparticles subsequently to be introduced into surface 

waters at concentrations that pose a risk is real [4-5]. The toxicity of silver nanoparticles 

to bacteria and algae in freshwater environments is primarily linked to ionic silver 

released by the dissolving silver nanoparticles [1]; however, there exists uncertainty over 

whether the toxicity can be attributed simply to the effects of the Ag
+
 ions or an 

additional mechanism specific to the silver nanoparticles [6-12]. Critical to determining 

the potential adverse effects of nanoparticles upon introduction to aqueous systems is 

knowledge regarding whether the particles remain stable in solution or whether they 

aggregate and subsequently deposit.  

The aggregation and deposition behavior of a variety of nanoparticles have been 

extensively studied in systems with monovalent electrolytes, divalent electrolytes, and 

natural organic matter [13-19]. While these studies illustrate the importance of many 

factors, including solution chemistry (e.g., pH, ionic strength, electrolyte composition, 

and presence of natural organic matter) and coating layer, with few exceptions [20-23] 

they have not done so in similar comprehensive manner with silver nanoparticles. In 

general, the classic Derjaguin-Landau-Verwey-Overbeek (DLVO) theory of colloid 

stability [24-25] satisfactorily explains aggregation behavior of nanoparticles in the 

presence of simple electrolytes [14-16, 26], which induce aggregation by screening the 
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surface charge [27]. Studies with silver nanoparticles are no different [20, 23], despite the 

fact that dissolution of silver nanoparticles incurred by electrolytes and dissolved oxygen 

accompanies aggregation [20].  

One essential problem that not only influences the manufacturing of silver nanoparticles 

and their application in commercial products, but also their fate in the environment, is the 

limited stability of the particles in aqueous suspensions under certain chemistries [28-30]. 

Aggregation during synthesis hinders the production of silver nanoparticle suspensions of 

small and uniform size [30]. For antibacterial applications, the generation of aggregates 

leads to a reduction in the antibacterial activity of silver nanoparticles [28-30]. To address 

these issues, various coating agents, like surfactants and polymers, are commonly 

introduced during or after synthesis to increase particle stability. Adsorption of the 

coating agent molecules onto the particle surface depends on the molecular weight, 

ionization and charge density of the stabilizer molecules, the charge density and polarity 

of the particle surface, and solution chemistry [31-32]. The mass and configuration of the 

adsorbed layer plays a major role in controlling particle stability and depends on the 

affinity of coating molecules to the particle surface, repulsion from neighboring 

molecules, loss of chain entropy upon adsorption, and also nonspecific dipole interactions 

between the macromolecule, the solvent and the surface [31-32].  

Coating layers may enhance electrostatic and steric repulsion thereby increasing the 

stability of the particle suspension. Ionic molecules form a charged layer that hinders 

particle aggregation and adhesion by increasing repulsive electrostatic interactions. 

Sodium dodecyl sulfate (SDS) is one such molecule and it is widely used as a dispersant 



70 

 

in many industries [33]. Citrate, which is often adopted as a reducing reagent in the 

synthesis of silver nanoparticles, is also believed to enhance electrostatic repulsion since 

a certain amount of it remains adsorbed on the particle surface after synthesis [21]. Steric 

repulsion nearly always involves the adsorption of polymers or non-ionic surfactants, 

with the magnitude of the steric repulsion depending primarily upon the thickness of the 

adsorbed layer [34]. The non-ionic surfactant Tween is among the most frequently used 

stabilizers in the food industry [35]. Stabilizing agents (e.g., citrate, SDS and Tween) 

enhance antibacterial activity mainly through stabilizing the silver nanoparticle 

dispersions [30, 36-37]. Very little is known, however, regarding how these stabilizers 

influence particle aggregation, and hence silver nanoparticle fate, across a range of 

conditions that parallel those often encountered in natural aquatic systems [21].  

In this study, we evaluate the aggregation kinetics of silver nanoparticles coated with 

stabilizing agents commonly used for commercial applications, with the objective of 

determining how these agents impact nanoparticle fate in aquatic systems. Silver 

nanoparticles, with a diameter of 82 nm, were synthesized and coated with citrate, SDS 

and Tween 80. The time-rate of change of the particle hydrodynamic radius was 

measured using Dynamic Light Scattering (DLS) over a range of electrolyte types (NaCl, 

NaNO3 and CaCl2) and concentrations to obtain the early stage aggregation kinetics. The 

electrophoretic mobility of the particles over the same range of electrolyte types was also 

determined. Morphologies of particles and aggregates were evaluated using transmission 

electron microscopy (TEM). Our results indicate that coating agents not only induced 
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varying degrees of stabilization, but also differ in their ability to prevent particle 

dissolution.  

3.2. Experimental Section 

3.2.1 Materials.  

AgNO3 (99.8%), D-maltose (99%), sodium dodecyl sulfate (SDS, BioUltra, ≥99.0%) and 

trisodium citrate (ACS reagent, ≥99.0%) were purchased in powdered form from Sigma-

Aldrich and were used without further purification. Tween 80 (Tween), in the form of a 

viscous liquid (BioXtra), was also purchased from Sigma-Aldrich and also used without 

further purification. Ammonium hydroxide (trace metal grade) was purchased from 

Fisher Scientific. All other reagents were analytical grade or higher. The 18.2 MΩ cm 

water used in the experiments was supplied from a deionized water system (Milli-Q, 

Millipore). Prior to use, all solutions were filtered through 0.1 μm cellulose ester 

membranes (Millipore). The labware and glassware used in the experiments were acid-

washed using 10% nitric acid, rinsed thoroughly with deionized water and oven-dried 

under dust-free conditions. 

3.2.2 Synthesis and characterization of the silver nanoparticles.  

Monodisperse suspensions of silver nanoparticles were synthesized after Li et al. [20] by 

chemically reducing the [Ag(NH3)2]
+
 complex with D-maltose. Further details of the 

synthesis, dialysis, characterization and storage of these particles are described in Li et al. 

[20]. The average, intensity weighted, hydrodynamic diameter of the particles was 

measured as 82.0 ± 1.6 nm by Dynamic Light Scattering (DLS) (90Plus, Brookhaven 

Instruments Corp., Holtsville, NY), matching that previously determined [20]. The total 
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silver concentration of the stock suspension was measured using an inductively coupled 

plasma optical emission spectrometer (ICP-OES; Varian Vista AX) as 31.6 mg/L.  

The size and morphology of the uncoated silver nanoparticles was observed by 

transmission electron microscopy (TEM) using a Technai G2 Spirit TEM at 120 kV. 

Images were collected using a digital camera at magnifications that ranged from 71,000 

to 144,000. Suspensions for imaging were prepared and equilibrated for 15 min in a 2 mL 

glass vial protected from light. One drop of the resulting suspension was transferred onto 

a 100 mesh carbon-covered copper grid and the extra water was quickly removed by filter 

paper. The sample was dried under nitrogen and placed into the TEM chamber. TEM 

images of the uncoated particles (Figure B.S-1a) confirmed the spherical and 

monodisperse nature of particles synthesized in this manner [20]. The particle 

concentration of the silver nanoparticle stock suspension was calculated as 1.1×10
10

 

particles mL
-1

 based on the density of metallic silver (10.5 g/cm
3
), total silver 

concentration in the stock of 31.6 mg/L, and 82 nm diameter.   

Silver nanoparticle suspensions with coating layers were prepared by introducing pre-

calculated volumes of the uncoated silver nanoparticle stock solution and either trisodium 

citrate, SDS or Tween into 50 mL polycarbonate ultracentrifuge tubes in order to achieve 

1 mM trisodium citrate, 10 mM trisodium citrate, 1 mM SDS, 10 mM SDS or 10 mM 

Tween concentrations, reflecting concentrations observed to provide stabilizing effects in 

similar systems [30, 33, 38-39]. The coated silver nanoparticles are noted as Citrate-nAg-

1, Citrate-nAg-10, SDS-nAg-1, SDS-nAg-10 and Tween-nAg hereafter, respectively. In a 

similar manner we refer to the uncoated particles as Bare-nAg. The dilution of the silver 



73 

 

nanoparticle suspensions resulting from the introduction of the coating agents was less 

than 3%. Sodium chloride, sodium bicarbonate and sodium hydroxide were added as 

needed to achieve an ionic strength of 1 mM and maintain the pH at 7.0 ± 0.3, 

respectively. The tubes were sealed and slowly shaken for 24 hours in the dark at room 

temperature which as reported by Kvitek et al. [30] is sufficient time for the system to 

reach equilibrium. The silver nanoparticle suspensions were subsequently dialyzed 

against deionized water over a period of 24 hours in order to remove residual coating 

agents using cellulose ester membranes (Spectra/Pro® Biotech) with a molecular weight 

cut off of 8-10 kDa for systems with trisodium citrate and SDS and 50 kDa for systems 

with Tween. The deionized water dialysate was changed a minimum of 4 times and its 

conductivity and total organic carbon (TOC) content were measured to ensure that 

residual coating molecules were removed. Except for Tween-nAg, the conductivity and 

TOC of the dialysate at the conclusion of the dialysis matched that of fresh DI. The final 

TOC for Tween-nAg was ca. 8.6 mg/L, which was roughly 0.1 % of the starting TOC of 

7600 mg/L estimated on the basis molecular weight (1310 g/mol) and molecular formula 

(C64H124O26) of Tween 80.  This indicates the majority of the Tween molecules were 

removed during the dialysis. The TOC concentration was measured using a TOC 

analyzer (TOC-5000A, Shimadzu Corp.) and the conductivity was measured using a zeta 

potential analyzer (ZetaPALS, Brookhaven Instruments Corp.). The size of the coated 

particles was determined in the same manner using TEM as previously described for the 

uncoated particles. 
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The electrophoretic mobility of the silver nanoparticles was measured at a temperature of 

22 ± 0.5 °C across the range of electrolyte concentrations employed in the aggregation 

experiments for the uncoated and coated silver nanoparticles with a ZetaPALS 

(Brookhaven Instrument Corp.). Error estimates were based on ten measurements 

conducted on five separate samples for each experimental condition. 

3.2.3 Aggregation Kinetics.  

The aggregation experiments were conducted on suspensions of the coated silver 

nanoparticles diluted 25 times in a 5.0×10
-2

 mM sodium bicarbonate solution that 

buffered the pH at 7.0 ± 0.3. Based on the 25 times dilution, the resulting suspensions had 

a particle concentration of 4.4×10
8
 particles mL

-1
 matching that for the uncoated particle 

suspensions studied by Li et al.
20

. The resulting suspension was briefly sonicated in an 

ultrasonic water bath in order to disrupt any possible aggregates before the aggregation 

experiments. 3.0 mL of the silver nanoparticle solution and a specific volume of 

electrolyte solution were pipetted into a 4 mL acrylic cuvette in order to obtain the 

desired particle and electrolyte concentrations. The electrolytes tested were NaCl, NaNO3 

and CaCl2.  The first two electrolytes allow us to evaluate whether differences induced by 

the potential formation of AgCl observed for Bare-nAg by Li et al.
20

 in systems with 

NaCl translate to coated particles, while the last allows us to evaluate the impact of a 

divalent cation.  A plastic lid was placed on the cuvette and it was briefly shaken by hand 

before being inserted into the DLS sample holder. Measurements recording the change in 

the average hydrodynamic diameter over time were immediately started. The total time of 
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each aggregation experiment was 15 minutes and data were collected at a time interval of 

90 seconds. The temperature for all aggregation experiments was fixed at 22 ± 0.5 °C. 

For a colloid system where aggregation is governed by DLVO theory, the inverse 

stability ratio (1/W) versus electrolyte concentration at given experimental conditions can 

be used to characterize the aggregation kinetics [27]. This ratio, also termed the 

attachment efficiency (), is determined by dividing the value of the experimental 

aggregation rate constant (kexp) by the value of the rapid aggregation rate constant (krapid): 

 

 
 = 

    

      
           (1) 

where krapid represents the aggregation rate constant under diffusion-limited conditions. 

This occurs at electrolyte concentrations higher than the critical coagulation 

concentration (CCC) where the excess electrolyte ions completely screen surface energy 

barriers. To determine kexp, the time-rate of change in the average hydrodynamic radius of 

the silver nanoparticles (dr/dt) was measured during early-stage aggregation and used to 

estimate kexp based on the following expression [40]: 

kexp  
 

    
 
  

  
          (2) 

where N is the initial particle concentration, r0 is the initial particle radius, and is an 

optical factor 
40

. The value of dr/dt under a given experimental condition (electrolyte type 

and concentration) was calculated by conducting a linear least squares regression analysis 

to the data across a time change corresponding to the necessary increase in the 

hydrodynamic radius of 30% [15]. The initial values for N and r0 were nearly constant 
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across the given experimental conditions and thus cancel out when calculating 1/W with 

equation (1) based on kexp and krapid determined using equation (2). 

Values of 1/W based solely on DLVO theory invoke only van der Waals and electrostatic 

forces as a means to evaluate particle interactions [24-25, 40]. Within a system 

dominated by electrostatic interactions, the aggregation rate under favorable conditions, 

krapid, is in theory - and often the case experimentally - constant and independent of 

electrolyte concentration and type [15-16, 41]. When other aggregation mechanisms are 

present, values of krapid are not constant, but instead increase or decrease depending upon 

whether the extra mechanisms enhance or hinder aggregation [15-16]. For nanoparticles 

coated with stabilizing agents, steric repulsion represents one such mechanism. In such 

instances, an apparent aggregation rate constant, kapp, instead of kexp can be used [15-16].  

Thus, we determined 1/W values of the coated silver nanoparticles using measured values 

of kapp for each coated-particle system and krapid for uncoated particles.   

 

 
 = 

    

      
                                                                (3) 

In each case, the values for the aggregation rate constants were specific to each 

electrolyte type and krapid was determined by averaging kexp values for the uncoated 

particles in the diffusion-limited regime.  The application of this approach was predicated 

upon maintaining constant values for N and r0 in equation (2) across all systems studied. 

3.3. Results and Discussions 

3.3.1 Characterization of Silver Nanoparticles 
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The coated and uncoated silver nanoparticles were characterized by DLS and TEM as 

mono-dispersed and spherical. The hydrodynamic size of the coated silver nanoparticles 

matched that of the uncoated particles (82 nm) except that Tween-nAg showed an 

increase in size to ca. 88 nm and Citrate-nAg-10 increased in size to ca. 170.5 nm. The 

TEM images of all of the particles, except Citrate-nAg-10, under low ionic strength 

conditions indicated the particles were initially dispersed (Figure B.S1b - d) and thus the 

increase in the size of Tween-nAg was not the result of the particles being aggregated. 

The UV-vis absorption spectrum of the uncoated particles was broad with a maximum 

absorption peak at a wavelength of ca. 450 nm (Figure 3.1), consistent with the reported 

location of the surface plasmon absorption band of silver nanoparticles synthesized in this 

manner [20, 30]. According to Li et al. [20] the electron diffraction pattern of particles 

made in this manner is consistent with metallic silver; however, the observed red-shift 

and broadening of the absorption band relative to metallic silver nanoparticles of the 

same size [42] suggests the presence of an oxidized layer on the particle surface [20, 43-

47]. Thus, the uncoated silver nanoparticles exhibit a “core-shell structure” with metallic 

silver as the core and the surface oxide layer as the outer shell (Figure 3.2). After coating 

with 1 mM citrate, the absorption band blue-shifted by ca. 5 nm to 445.5 nm. Silver 

nanoparticles coated by 10 mM citrate showed a more obvious blue-shift of the 

absorption peak to 429.5 nm as well as the formation of a more pronounced peak. These 

results were consistent with citrate reducing the oxide layer at the surface of silver 

nanoparticles to Ag(0) [46-50]. Conversely, silver nanoparticles coated by 1 mM SDS, 10 

mM SDS and 10 mM Tween showed slight red-shifts of the adsorption peak to 453, 
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457.5 and 458.5 nm, respectively, which as will be discussed later suggested a slightly 

more oxidized surface (Figure 3.1). 

The coated particle electrophoretic mobility values were less negative than those for the 

uncoated particles (Figure 3.3). For example, the average value for Citrate-nAg-1 at NaCl 

concentrations below 40 mM was -2.0×10
-8

 m
2
/V-s, relative to that for Bare-nAg of -

4.7×10
-8

 m
2
/V-s. For SDS-nAg-1 and SDS-nAg-10, the corresponding values were -

2.6×10
-8

 m
2
/V-s and -1.7×10

-8
 m

2
/V-s, respectively (Figure 3.3a). The values were not 

constant across this range of NaCl concentrations, however, as they became more 

negative as the NaCl concentration increased above 20 mM.  At a NaCl concentration of 

40 - 60 mM, the decreasing trend in the mobility values of Citrate-nAg-1 and SDS-nAg-1 

stopped and as the NaCl concentration increased the mobility values became less 

negative.  At high NaCl concentrations the values approached neutral.  

The observed shift in the mobility values for Tween-nAg was larger, with values near -

1.3×10
-8

 m
2
/V-s at concentrations of NaCl below 40 mM. Above this NaCl concentration, 

the mobility values approached zero (Figure 3.3a). For SDS and Tween, the less negative  

electrophoretic mobility values likely reflect moderation of the highly negative charge of 

the oxide-coated particles due to the adsorption of more moderately (or neutrally) 

charged molecules, similar to that observed for natural organic matter coated particles 

[20, 51]. For citrate, however, which is often used as a reductant in certain nano-silver 

synthesis methods [52-54], the less negative mobility could also reflect the reduction of 

the surface oxide to Ag(0).  Such a reaction would not only reduce the magnitude of the 

negative surface potential, it would also produce a blue-shift in the surface plasmon band. 
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A small blue-shift was observed for the Citrate-nAg-1, but it paled in comparison to that 

observed for Citrate-nAg-10. Unfortunately, the particle size of the Citrate-nAg-10 

increased during the coating process to 170.5 nm as the 10 mM trisodium citrate induced 

particle aggregation. This inhibited further characterization of these particles. During this 

process, however, a fine layer of metallic silver was deposited on the inner wall of the 

reaction vessel. This, in combination with the obvious blue-shift in the surface plasmon 

band suggests a portion of the decrease in the negative surface potential of Citrate-nAg-1 

resulted from the reduction of the surface oxide layer to metallic silver. 

The electrophoretic mobility of the silver nanoparticles in NaNO3 were very similar to 

those in NaCl, with the citrate- and SDS-coated particles exhibiting an overall increase 

compared to Bare-nAg at electrolyte concentrations below 40 mM NaNO3 (Figure 3.3b). 

The trends for the SDS-, citrate- and uncoated-particles observed in intermediate 

concentrations of NaCl were also evident at similar concentrations of NaNO3, albeit to a 

lesser extent. The electrophoretic mobility values for Tween-nAg maintained a slightly 

negative value that averaged -0.53×10
-8

 m
2
/V-s across the range of NaNO3 concentrations 

tested and showed no obvious trend with increasing electrolyte concentration. 

Substituting CaCl2 for NaCl resulted in a net increase in the electrophoretic mobility of 

the coated silver nanoparticles (Figure 3.3c). Unlike systems with monovalent 

electrolytes, values for citrate and SDS-coated particles in CaCl2 showed no obvious 

increase with increasing electrolyte concentration as they were relatively constant at 

approximately -1×10
-8

 m
2
/V-s (Figure 3.3c). These results were similar to those measured 

for Bare-nAg (Figure 3.3c) as well as for fulvic-acid-coated particles [20] and likely 
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result from the neutralization of the negative surface charge upon the adsorption of 

calcium ions [55]. The already near-neutral electrophoretic mobilities for Tween-nAg 

were little changed in the presence of CaCl2, compared to systems with NaCl or NaNO3, 

with the exception being that values were slightly more variable and slightly positive at 

select electrolyte concentrations.  

3.3.2 Aggregation of Silver Nanoparticles in the Presence of Sodium Chloride 

The aggregation kinetics of silver nanoparticles in NaCl varied with the type and 

concentration of coating agent (Figure 3.4a). Results for Bare-nAg from Li et al. [20] 

reproduced in Figure 3.4a were consistent with DLVO-type behavior and resulted in an 

estimated CCC of 40 mM NaCl. However, dissolution of these particles occurs in 

conjunction with the aggregation as the initial particle size, determined by reverse 

extrapolation of the time rate of change in the hydrodynamic particle size to time zero, 

decreased soon after electrolyte addition [20]. This decrease in particle size, which 

exhibited a dependence on NaCl concentration (Figure 3.5a), reflects a perturbation in the 

equilibrium status of the oxide layer at the particle surface and subsequent erosion of the 

underlying metallic particle [20]. It was also coincident with trends noted in the 

electrophoretic mobility values (see Figure 3.3a).  In ion-free oxygenated systems, 

dissolution of the oxide layer at the particle surface is hindered by Ag
+
 adsorption [48-

50]. As schematically described in Figure 3.2, introducing an electrolyte such as NaCl 

results in the dissolution of the surface oxide layer due to an increase in the solubility of 

the surface oxide with increasing ionic strength as well as a redistribution and/or 

replacement of sorbed Ag
+
 by the electrolyte ions [20]. This process could also expose 
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the metallic Ag core of the particle which is readily oxidized leading to further particle 

dissolution [48-50, 56]. Such changes in the physicochemical nature of the particle’s 

surface were consistent with the previously mentioned changes observed in the 

electrophoretic mobility values (Figure 3.3a) 

Differences in 1/W and the initial particle size of Citrate-nAg-1 with changing NaCl 

concentration showed no obvious differences with Bare-nAg, with a CCC of ca. 40 mM 

(Figure 3.4a), comparable to that observed for similar citrate-coated particles by Huynh 

and Chen [23]. Nearly identical trends in initial particle size with changing NaCl 

concentration for Citrate-nAg-1 and Bare-nAg were also observed (Figure 3.5a), 

indicating the citrate-coated silver nanoparticles readily dissolved. Huynh and Chen [23] 

did not make a similar observation as slight differences in particle preparation (e.g., 

application of ultrasound and centrifugation) seemed to produce particles that resisted 

dissolution. The value for the normalized 1/W under diffusion-limited conditions was less 

than one, however, as the rate at which Citrate-nAg-1 aggregated at high ionic strength 

conditions never reached that for Bare-nAg. The inability of citrate to significantly alter 

the stability of the silver nanoparticles was similar to that observed by Li et al. [20] for 

Nordic fulvic acid and reflects that any decrease in stability due to the moderation of the 

negative electrophoretic mobility of the Citrate-nAg-1 compared to Bare-nAg was 

potentially countered by an increase in steric interactions. While steric interactions are 

primarily thought to arise from the presence of larger molecules at the particle surface, 

Lenhart et al. [57] recently noted that even relatively small dicarboxylic organic acids 
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provide for some steric effects.  These results suggest that citrate imparts some steric 

effects as well.  

Particles coated with SDS exhibited aggregation behavior quite similar to that for Bare-

nAg and Citrate-nAg-1 (Figure 3.4a). Although there was no obvious increase in the 

CCC for SDS-nAg-1 compared to Bare-nAg or Citrate-nAg-1, there was a slight increase 

in the CCC from 40 mM to 50 mM NaCl for SDS-nAg-10. As noted for Citrate-nAg-1, 

the normalized 1/W values for both SDS-nAg-1 and SDS-nAg-10 in the diffusion-limited 

regime were smaller than that for Bare-nAg. The normalized 1/W value for SDS-nAg-1 

was 0.93 and that for SDS-nAg-10 was 0.78 (Table 1). These values were approximately 

7 % and 22 % lower than Bare-nAg (1/W=1).  

SDS may enhance particle stability by promoting electrosteric repulsion [58-60] as the 

negatively charged dodecyl sulfate molecules enhance electrostatic repulsion, and the 

compact coating layer enhances steric repulsion. The critical micelle concentration 

(CMC) for SDS in DI water is 8.3 mM [61]. When introduced to a particle suspension 

above the CMC, SDS is thought to assume a double-layer adsorption configuration [33, 

38-39]. The first layer is comprised of SDS molecules oriented with the hydrophilic head 

groups attached to the particle surface and the hydrophobic tails directed outward. The 

second layer is oriented in the opposite manner, thereby directing the hydrophilic groups 

away from the particle surface. This double-layer coating structure, which similar 

surfactants do not assume, is thought to provide enhanced steric repulsion of SDS-coated 

silver nanoparticles when compared to particles coated with surfactants that do not form a 

similar structure [33, 38-39]. Particle suspensions coated at SDS concentrations less than 
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the CMC are less stable than those coated at SDS concentrations above the CMC as the 

double-layer structure is not formed and the corresponding steric repulsion it enhances is 

reduced [33, 38-39]. Since the SDS-nAg-10 particles were coated with SDS in excess of 

the CMC, it seems possible that a similar structure could have formed. Such a structure 

could have produced the slight increase in the stability of SDS-nAg-10 compared to SDS-

nAg-1, because the SDS concentration used in coating the latter particle was below the 

CMC.  

Similar to that for the citrate-coated nanoparticles, the measured electrophoretic mobility 

values of the SDS-coated nanoparticles were less negative than those for the uncoated 

particles (Figure 3.3a). This increase suggests, like citrate, that the moderately-charged 

SDS molecules mask the highly negative mobility imparted on the uncoated particles by 

the presence of the oxide layer. Values for SDS-nAg-10 were shifted slightly more than 

were those for SDS-nAg-1, perhaps reflecting the different configuration of the coating 

layers. Kvitek et al. [30] observed the opposite trend, however, differences in the particle 

synthesis, coating, and sample preparation methods used by Kvitek et al. [30] and us 

make comparisons of the results difficult. Since the SDS coating reduced electrostatic 

repulsion, the fact that stability was little changed and the normalized 1/W values were 

lower than unity suggests the coating layer of adsorbed SDS molecules induced steric 

repulsion [16, 38]. This effect was slightly more prominent for SDS-nAg-10 than SDS-

nAg-1, again perhaps reflecting a difference in the configuration of the SDS coating layer 

for the two particle types. 



84 

 

The SDS coating reduced particle dissolution, as the initial particle sizes of SDS-nAg-1 

and SDS-nAg-10 were consistently larger than Bare-nAg across the entire range of NaCl 

concentrations evaluated (Figure 3.5a). On average, the initial particle sizes of SDS-nAg-

10 and SDS-nAg-1 were 21% and 14% larger than that of Bare-nAg, respectively. In 

neither case did the initial particle size exceed that measured for the uncoated particles of 

ca. 82 nm. The conformation of the SDS coating was not visible under TEM 

interrogation and thus we cannot provide a specific explanation for how SDS inhibited 

dissolution. From the literature, however, we suspect the adsorbed SDS provided a 

physical barrier near the particle surface [31] thereby hindering the approach of 

electrolyte ions responsible for disturbing surface equilibrium and initiating particle 

dissolution.  

Unlike the subtle effects observed for particles coated with SDS or citrate, the effect of 

Tween on enhancing the stability and preventing the dissolution of the silver 

nanoparticles was pronounced. As shown in Figure 3.4a, the CCC for Tween-nAg in 

NaCl increased by approximately one order of magnitude from 40 mM to 500 mM. This 

was despite the nearly complete masking of the particle surface charge (see Figure 3.3a). 

As was observed for the SDS-coated particles, the average normalized 1/W value for 

Tween-nAg in the diffusion-limited aggregation regime of 0.74 was significantly less 

than that for Bare-nAg. Thus, the near neutral electrophoretic mobility of Tween-nAg 

together with the increased CCC and the lower normalized 1/W values implies the 

adsorbed Tween molecules imparted significant steric repulsion.  
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Similar to the stabilizing effects of polyethyleneglycol or polyvinylpyrrolidone [21, 30], 

the nonionic Tween molecules likely stabilized the silver nanoparticles through the 

formation of a coating layer that imparted sterically repulsive interactions. The magnitude 

and range of the steric repulsion resulting from such a coating layer depends upon the 

thickness and density of the adsorbed layer, which is a function of the underlying surface 

as well as the system conditions (e.g., pH, ionic strength and electrolyte type) [31-32]. 

The increase in the hydrodynamic diameter of Tween-nAg as measured by DLS to 88 nm 

from 82 nm provides evidence of the formation of an approximately 3 nm thick Tween 

coating layer. The depth and density of the coating layer is a function of the adsorbed 

concentration as well as the molecular weight of the stabilizing reagents [18, 31-32, 58, 

62-64]. We did not quantify the adsorbed concentration of the coating agents onto the 

silver nanoparticles, but since the molecular weight of Tween (Tween 80: 1310 g/mol) is 

much greater than that for SDS (236 g/mol) or citrate (189 g/mol) we believe it 

reasonable to assume that Tween forms a thicker and denser coating layer than citrate or 

SDS and thus enhanced particle stability more so than did the other coating agents. 

The initial particle size of Tween-nAg did not decrease until the concentration of NaCl 

reached 300 mM, thereby suggesting the Tween coating prevented dissolution as well as 

enhanced stability. As noted previously, the decrease in the initial size of the silver 

nanoparticles reflects a combination of dissolution and oxidative erosion reactions 

catalyzed by the addition of electrolytes such as NaCl [20, 56]. Coatings comprised of 

synthetic stabilizing agents or natural organic matter suppress electron transfer reactions 

because they reduce accessibility of the surface of the underlying particle to reactants 
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[65-70]. Scheutjens and Fleer [31] introduced a train-loop-tail model to describe the 

orientation of adsorbed polymers and how the orientation influenced particle behavior. 

Based on this theoretical framework, two mechanisms that could prevent particle 

dissolution can be identified. The first mechanism reflects inhibition of diffusion and 

interaction of electrolyte ions and other reagents with the particle surfaces due to the 

presence of the coating layer. The second mechanism entails a reduction in the reaction 

rate due to the coating layer directly blocking access to reactive sites at the particle 

surface. Layer thickness and density are the main factors affecting the decreasing surface 

reactivity [31, 70]. For example, Phenrat et al. [70] observed a decrease in the rate of 

TCE dechlorination by nanoscale zerovalent iron as the amount of polyelectrolyte coating 

increased. Consistent with the stabilizing effects of SDS and Tween, it seems reasonable 

to assume that the Tween coating layer was thicker and more rigid than was the SDS 

layer allowing Tween-nAg to resist dissolution better than the SDS-coated particles.  

Dissolution of the uncoated silver nanoparticles occurred soon after the addition of 

electrolytes and even though the initial particle size decreased, the aggregation profiles 

under diffusion-limited conditions showed a linear increase with time at the beginning of 

the aggregation process [20]. The coated particles, however, exhibited less dissolution 

and this decrease in the initial particle sizes became less obvious with the increase in the 

protecting abilities of the stabilizing reagents. For example, SDS-nAg-10 and Tween-nAg 

showed a smaller decrease in the initial particle size, with the initial sizes being 21 % and 

32 % larger, respectively, than that of Bare-nAg (see Figure 3.6a). A “sag” in the in the 

aggregation profile was also observed for the Tween-nAg at NaCl concentrations in 
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excess of 300 mM (See Figure 3.6b), implying the nearly instantaneous dissolution 

observed for Bare-nAg was slowed by the protective Tween coating layer.  

As previously noted, TEM images of the coated silver nanoparticles suspended in DI 

water did not provide evidence of any obvious changes in the shape, morphology or size 

of the particles (Figure B.S-1). To compare morphologies of the Bare-nAg aggregates to 

those with coatings, images were collected of samples prepared at the conclusion of 15 

minutes of aggregation at 100 mM electrolyte concentration. Images of Citrate-nAg-1 

aggregates showed a secondary deposit connecting the single particles to one another 

(Figure 3.7a), similar to that for the uncoated silver particles observed by Li et al. [20]. 

Consistent with the presence of similar features in images of uncoated particle 

aggregates, these deposits likely represent an AgCl deposit formed as the Cl
-
 ions reacted 

with the Ag
+
 ions released from the dissolving silver nanoparticles. Like the Bare-nAg 

and Citrate-nAg-1 aggregates, the SDS-nAg-10 aggregates also appeared to be connected 

by the AgCl deposit in systems with 100 mM NaCl (Figure 3.7b); however, the 

individual particles were more readily apparent in this system. An image for SDS-nAg-1 

was not collected, since its aggregation and dissolution behavior were quite similar to 

Bare-nAg and Citrate-nAg-1 no obvious morphological differences were expected. Thus, 

consistent with the SDS coating present on the SDS-nAg-10 particles hindering their 

dissolution, the formation of the AgCl deposit was slightly decreased. For Tween-nAg, 

neither aggregates nor AgCl deposit was observed in 100 mM NaCl as the imaged 

nanoparticles were still dispersed and looked identical to those in DI water (see Figure 

B.S-1d). We attempted to collect TEM images of Tween-nAg in 1M NaCl, corresponding 
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to the concentration where aggregation occurred, but salt crystals formed during sample 

preparation under such high electrolyte concentrations  completely obscured the 

nanoparticles.  

3.3.3 Aggregation of Silver Nanoparticles in the Presence of Sodium Nitrate 

The aggregation behavior of the uncoated and coated nanosilver in NaNO3 generally 

followed trends observed in NaCl. The CCC for citrate-coated nanoparticles in NaNO3 

was approximately 30 mM (Figure 3.4b), which was similar to the value for Bare-nAg 

and slightly less than the value measured in NaCl. The CCC for SDS-nAg-1 was also 

close to 30 mM NaNO3, but that for SDS-nAg-10 was slightly increased to 40 mM 

NaNO3. The average of the uncoated-particle normalized 1/W values under diffusion-

limited conditions for SDS-nAg-1 and SDS-nAg-10 were 0.92 and 0.69, respectively and 

that for Citrate-nAg-1 was 0.94 (Table 1). Thus, similar to what was observed in NaCl, 

the SDS and citrate coatings appear to provide a modicum of steric stability to the 

particles in NaNO3.  

The initial particle size of the citrate-coated particles in NaNO3, like in NaCl, followed a 

decreasing trend with increasing electrolyte concentration similar to that observed with 

the uncoated particles (Figure 3.5b). Unlike in NaCl, particles covered with 1 mM SDS 

readily dissolved; the average initial particle size of SDS-nAg-1 was 65 nm compared 

with that of Bare-nAg of 63 nm and Citrate-nAg-1 of 64 nm. The SDS-nAg-10 particles, 

however, did resist dissolution and had an average initial particle size of 76 nm, which 

was similar to that observed in NaCl. Comparing the initial particle size of the citrate and 

SDS-coated particles, we note the sizes were bigger in elevated concentrations of NaNO3 
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than in similar concentrations of NaCl (Figure 3.8a - c), suggesting the stabilizing agents 

inhibit dissolution better in NaNO3 than in NaCl. Consistent with this result were the 

smaller shifts observed in the electrophoretic mobility values (Figure 3.3b). Similar to the 

uncoated particles, no secondary deposit was observed for the Citrate-nAg-1 or SDS-

nAg-10 aggregates in NaNO3, where the TEM images showed aggregates composed of 

distinct particles with little evidence of a secondary deposit (Figure 3.7c, d).   

Differences in the magnitude of stabilization and extent of particle dissolution in NaCl or 

NaNO3 suggest the electrolyte anion plays more of a role in particle behavior than simply 

providing a ligand to form insoluble complexes. This was further supported by distinct 

differences in the aggregation of Tween-nAg in NaCl and NaNO3. Even though the 

concentration of NaNO3 was increased to 1 M, the Tween-nAg particles did not 

aggregate as the hydrodynamic diameter remained at ca. 90 nm across the entire 15 min 

experiment. In NaCl, the same particles had a CCC of 500 mM and exhibited an obvious 

decrease in initial particle size (see Figures 4b and 5b). Thus, the marked differences in 

the systems suggest that Tween-nAg interacts with NO3
-
 differently than Cl

-
. The 

difference was not believed to reflect ion size, since the hydrated radius of Cl
-
 at 3.32 Å 

and NO3
-
 at 3.35 Å are quite close [71] and thus not likely to produce much of an effect. 

Also, there is no mention of any specific affinity for NO3
-
 by Tween documented in the 

literature and thus it was unlikely that the lack of dissolution or aggregation was due to 

NO3
-
 ions being complexed by the Tween layers.  

Oxidative dissolution of metallic silver nanoparticles in the presence of an electron 

accepter is catalyzed by nucleophilic reagents which change the chemical potential or 
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Fermi level at the particle surface [48-50, 72]. This oxidation is controlled by the 

difference in the chemical potential between a silver nanoparticle (with adsorbed Ag
+
, 

nucleophilic agent, or stabilizing agents) and an electron acceptor [50]. For uncoated 

silver nanoparticles, the oxidation of Ag(0) to Ag
+
 at the particle surface shifts the 

chemical potential of the particle to a more positive value and if it approaches that of the 

electron acceptor (e.g., O2) oxidation ceases [49-50]. The opposite shift in the potential 

occurs for metallic silver nanoparticles with adsorbed nucleophiles (e.g., Cl
-
 or NO3

-
) 

resulting in an increase in the oxidation of Ag(0) [48-50]. Evidence of these potential 

shifts is manifest by changes in the position of the surface plasmon band of the silver 

nanoparticles [48, 49 ]. An increase in the potential results in a red-shift, whereas a 

decrease produces a blue-shift [48-49]. The silver nanoparticles in our system were 

already coated with an oxide layer, however, shifts in the surface plasmon band could be 

used to infer changes in surface potential.  For example, the plasmon band for citrate-

coated particles were blue-shifted, which was most notable at 10 mM citrate (see Figure 

3.1), consistent with a reduction of the surface oxide. On the other hand, Tween-coated 

particles exhibited a slight red-shift and broadening of the plasmon band (see Figure 3.1). 

As a result, the potential of Tween-nAg likely increased, making these particles less 

susceptible to further oxidation. This shift may explain, in part, why the dissolution of 

Tween-nAg was inhibited to such a great extent. It was also consistent with the near 

complete lack of dissolution in the presence of NO3
-
, which with a nucleophilicity of 1.0 

compared to that for Cl
-
 of 3.0 [73] should be less able to catalyze oxidation and 

dissolution of the silver nanoparticle [50]. Although exactly why remains unclear, this 
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difference in nucleophilicity between Cl
-
 and NO3

-
 may also be partly responsible for the 

differences observed in the aggregation behavior of Tween-nAg in the two electrolyte 

solutions. 

3.3.4 Aggregation of Silver Nanoparticles in the Presence of Calcium Chloride 

Except for Tween-nAg, the aggregation behavior observed in CaCl2 was similar to that 

observed in NaCl. The CCC shifted to lower concentrations as the divalent calcium ion 

was more effective in screening surface charge (Figure 3.4c), but trends observed with 

the citrate and SDS-coated particles were similar to those for the same particles in NaCl 

and were comparable to the uncoated particles. Changes in initial size were also quite 

similar for these particles (Figure 3.5c). SDS-nAg-10 aggregates appeared to be 

connected by the AgCl deposit in systems with 10 mM CaCl2, as shown in Figure 3.7e. 

The stability of the Tween-nAg in CaCl2 was quite different from that in NaCl, however. 

In CaCl2, the CCC for Tween-nAg increased from 2 mM to ca. 700 mM CaCl2 and the 

maximum aggregation rate provided a very low normalized 1/W value of just 0.23. There 

was also no decrease in the initial particle size for Tween-nAg in CaCl2. In fact, the initial 

particle size increased from 90.9 nm at 50 mM CaCl2 to 117.4 nm at 1 M CaCl2. Possible 

aggregation mechanisms involved were (1) the high charge screening efficiency of 

divalent Ca
2+

 ions to the ionized groups in the Tween molecules [31], or (2) specific 

interaction with alkaline-earth metal ions to promote dehydration of both Ca
2+

 ions and 

the Tween molecules [74]. Both would compress the Tween coating layer, thereby 

increasing the layer density and/or reducing the steric repulsion force, and inducing 

aggregation without decreasing the initial particle size. 
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3.4. Conclusions  

To conclude, silver nanoparticles coated with stabilizing agents that provided steric 

repulsion enhanced stability and reduced dissolution when compared to negatively-

charged uncoated particles or particles coated with an electrostatic stabilizing agent. 

Electrostatic stabilization using a low molecular weight molecule, citrate, showed no 

obvious effects as the aggregation of the particles and decrease in the initial particle size 

differed little from those for Bare-nAg. The highly-negative surface potential of the 

particles as approximated by the electrophoretic mobility became less negative in the 

presence of all of the coating agents, including those that carry a negative charge (citrate 

and SDS). For the electrosteric coating reagent, SDS, increasing the initial coating 

concentration from 1 mM to 10 mM, which was above the CMC of SDS, caused a slight 

increase in the CCC reflective of an increase in steric repulsion. SDS inhibited particle 

dissolution, particularly at a coating concentration of 10 mM, whereas citrate did not. The 

non-ionic steric stabilizer, Tween, significantly enhanced stability. This stabilizer also 

physically protected the integrity of particles as dissolution was significantly reduced. 

The behavior of the Tween-coated silver nanoparticles also exhibited a dependence on 

electrolyte type, as its stability was greater and dissolution was lower in NaNO3 than in 

NaCl. While the specific mechanism for this difference was not determined, it appears to 

relate to differences in the nucleophilicities of Cl
-
 and NO3

-
 ions. Results of this study 

indicate that silver nanoparticles coated with molecules stabilizers that enhance steric 

repulsion may possess greater stabilities and hence greater mobility, than uncoated 

particles in natural water systems. Since toxicity is related to aggregation state, sterically-
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stabilized particles such as those coated with Tween could present a greater risk to 

aquatic organisms. 
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Tables and Figures  

 

Table 3.1 Normalized 1/W values under diffusion-limited conditions for the coated silver 

nanoparticles. 

 Bare-nAg Citrate-nAg-1 SDS-nAg-1 SDS-nAg-10 Tween-nAg 

NaCl 1 0.95 0.93 0.78 0.74 

NaNO3 1 0.94 0.92 0.69 N/A 

CaCl2 1 0.89 0.93 0.67 0.23 
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Figure 3.1 UV-vis absorption spectrum of Bare-nAg, Citrate-nAg-1, Citrate-nAg-10, 

SDS-nAg-1, SDS-nAg-10 and Tween-nAg. The wavelength for each peak are noted in 

parenthesis. 
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Figure 3.2 Schematic illustration of surface oxidation and dissolution of the oxide-layer 

coated silver nanoparticles. 
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Figure 3.3 Electrophoretic mobilities of Bare-nAg (●), Citrate-nAg-1 (○), SDS-nAg-1 

(▼), SDS-nAg-10 ( ), and Tween-nAg (■) at pH 7.0 as a function of (a) NaCl, (b) 

NaNO3 and (c) CaCl2 concentration. The data for Bare-nAg is from Li et al. [20]. 

(Continued) 

 

NaCl Concentration (M)

10-3 10-2 10-1 100

E
le

ct
ro

p
h

o
re

ti
c 

M
o
b

il
it

y
 (

1
0
-8

m
2
/V

s)

-6

-4

-2

0
(a)

NaNO
3
 Concentration (M)

10-3 10-2 10-1 100

E
le

ct
ro

p
h

o
re

ti
c 

M
o
b

il
it

y
 (

1
0
-8

m
2
/V

s)

-4

-3

-2

-1

0

1

(b)



107 

 

Figure 3.3: (Continued) 
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Figure 3.4 Inverse stability ratio (1/W) of Bare-nAg (●), Citrate-nAg-1 (○), SDS-nAg-1 

(▼), SDS-nAg-10 ( ), and Tween-nAg (■) as a function of (a) NaCl, (b) NaNO3 and (c) 

CaCl2 concentrations. The data for Bare-nAg is from Li et al. [20]. (Continued) 
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Figure 3.4: (Continued) 
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Figure 3.5 Initial hydrodynamic diameter of Bare-nAg (●), Citrate-nAg-1 (○), SDS-nAg-

1 (▼), SDS-nAg-10 ( ), and Tween-nAg (■) as a function of (a) NaCl, (b) NaNO3 and 

(c) CaCl2 concentrations. The data for Bare-nAg is from Li et al. [20]. (Continued) 
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Figure 3.5: (Continued) 
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Figure 3.6 Aggregation profiles of (a) SDS-nAg-10 as a function of NaNO3 

concentration and (b) Tween-nAg as a function of NaCl concentration. 
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Figure 3.7 TEM images of (a) Citrate-nAg-1 and (b) SDS-nAg-1 after addition of 100 

mM of NaCl, (c) Citrate-nAg-1 after addition of 100 mM NaNO3, (d) SDS-nAg-10 after 

addition of 100 mM NaNO3 and (e) SDS-nAg-10 after addition of 10 mM CaCl2. 
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Figure 3.8 Initial particle size of (a) SDS-nAg-1, (b) SDS-nAg-10, and (c) Tween-nAg as 

a function of NaCl or NaNO3 concentration. (Continued) 
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Figure 3.8: (Continued) 
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Chapter 4. Ion Release Kinetics and Stability of Coated Silver Nanoparticles in 

Surface Water 

(Environmental Science and Technology, manuscript under preparation) 

 

Abstract. 

This study investigated the aggregation and silver release of silver nanoparticles in 

natural water in the absence and presence of light. Uncoated silver nanoparticles with 

diameters of ca. 82 nm were synthesized by the reduction of the Ag(NH3)2
+
 complex with 

D-maltose. The influences of the capping layer and light exposure to aggregation and 

silver release in aquatic systems were investigated using uncoated particles and particles 

coated with citrate or Tween 80 in batch systems prevented or exposed to synthesized sun 

light. Dynamic light scattering (DLS) and transmission electron microscopy (TEM) were 

used to track the aggregation state and morphological changes of silver nanoparticles. 

Silver release was monitored during a period of 15 days. Results indicate sterically 

dispersed particles coated with Tween released silver quicker than did bare- and citrate-

coated particles, which rapidly aggregated. A silver concentration of 40 µg/L was 

reached after just 6 hours by Tween-coated particles, accounting for ca. 3 % of the total 

silver. The similar levels of silver concentrations were reached in uncoated and Citrate-

coated systems at the end of the 15 days. The presence of synthetic sun light and citrate 

impart significant morphological changes to the particles, however, aggregation seems 

the controlling process in this study. 
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4.1. Introduction 

Improved production methods have led to more widespread employment of 

nanomaterials in commercially available products [1-2]. Among these nanomaterials, 

silver nanoparticles are increasingly being used as a broad-spectrum antimicrobial agent 

in clothing, food storage containers, pharmaceuticals, cosmetics, electronics, and optical 

devices [3-4]. The silver nanoparticles are readily released from these products during 

use, particularly washing [5], and thus it is likely that these materials will eventually be 

introduced into the environment. Although bactericidal mechanisms specific to silver 

nanoparticles, such as direct association of the particles with the membrane and 

subsequent membrane damage resulting from generated reactive oxygen species have 

been reported, the toxicity of silver nanoparticles is primarily related to the released ionic 

silver produced as the silver nanoparticles dissolve [1, 3, 6-11]. The known toxicity of 

silver and silver nanoparticles necessitates their use and fate in the environment be 

closely scrutinized to avoid compromising environmental or human health. 

Aggregation plays an important role in determining the toxicity of silver nanoparticles as 

dispersed silver nanoparticles provide enhanced bactericidal effects over aggregated 

particles [12-14]. This presumably reflects an increase in silver release and more 

effective contact of the nanoparticles with the target bacteria. Factors that affect the silver 

ion release from silver nanoparticles, such as pH, dissolved oxygen, complexing agents 

and natural organic matter have been studied under simplified model experimental 

conditions (e.g., oxygen-saturated deionized water). Silver nanoparticles release silver 

ions only after they are oxidized by dissolved oxygen, a process that is facilitated by high 
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proton concentrations at low pH [15-16]. These released silver ions can be re-adsorbed 

onto the surface of the nanoparticles as well as other reactive surfaces [7, 15] or form a 

secondary precipitate with complexing species (e.g. Cl
-
 and SO4

2-
) [17-19]. The released 

silver ions can also be reduced to Ag(0) by chemical reduction in the presence of 

substances such as fulvic acid or citric acid [20-22]. However, research investigating the 

link between the aggregation state of silver nanoparticles and silver ion release in 

complex environmental conditions is limited [15].  

After entering a natural water system, the aggregation of silver nanoparticles is primarily 

controlled by the presence or absence of a capping layer on the silver nanoparticle 

surfaces, the ionic strength or salinity of the water, and interactions with natural organic 

matter [23-27]. In simple electrolyte systems, the initial stage aggregation kinetics of 

silver nanoparticles follows classical Derjaguin-Landau-Verwey-Overbeek (DLVO) 

theory [23-24, 27-29], even though the particles are dissolving during aggregation. 

Uncoated silver nanoparticles are rapidly coated with an oxide layer that provides a 

significant negative potential to the particles allowing them to be stabilized and 

suspended for months without aggregation and precipitation in dilute systems [24]. Fast 

aggregation is induced when the negative surface charge is screened by electrolytes [23-

24, 27]. Coating with stabilizers such as Tween and polyvinylpyrrolidone (PVP) enhance 

the stability of the silver nanoparticles, allowing them to remain dispersed at high ionic 

strength [13, 23-24, 27]. Natural organic matter (NOM) components such as fulvic and 

humic acids enhances nanoparticle stability either electrostatically or sterically after 
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being adsorbed to the surface [30-33], however, its effect on silver nanoparticles has so 

far been shown to be negligible [24]. 

Although poorly understood, sunlight irradiation is thought to influence the toxicity of 

nanomaterials in the environment, particularly since both the nanomaterials and 

ubiquitous NOM are UV light sensitive [34-35]. Sunlight irradiation may also affect the 

dispersion of silver nanoparticles in the natural water environment by altering particle 

morphology. Silver ions released during particle dissolution are reduced by the 

photoreduction of photoreactive species (e.g., citrate) at the surface of the original 

nanoparticles and subsequently change their shape and morphology. This process occurs 

under particle irradiation by a variety of light sources including sunlight and thus is 

anticipated to be particularly important for understanding the fate of silver nanoparticles 

in the environment [36-41]. Photoinduced particle fragmentation and fusion, which is 

observed under laser-light radiation at an intensity that matches that of ambient sunlight, 

may also bring about morphological changes to silver nanoparticles [42-44].  

This study investigated the aggregation and silver release of silver nanoparticles in a 

natural water in the absence and presence of light. Our prior work indicates that 

aggregation of silver nanoparticles is highly dependent on the capping layer [23]. For 

example, Tween-coated silver nanoparticles were stable over long periods of time in the 

electrolyte solutions studied, whereas bare- and citrate-coated particles aggregate. Thus, 

the influence of the capping layer was investigated using uncoated particles and particles 

coated with citrate or Tween 80, with the objective of determining how the coating layers 

and light exposure impact the fate of silver nanoparticles in aquatic systems. To do so we 
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monitored the aggregation state and morphological changes of the silver nanoparticles 

suspended in a natural water exposed to synthetic sun light using dynamic light scattering 

(DLS) and transmission electron microscopy (TEM). Silver release was also monitored 

and its dependence on the aggregation state and properties of the silver particles was 

evaluated. Sterically dispersed particles coated with Tween released silver quicker than 

did bare- and citrate-coated particles, which rapidly aggregated. The presence of 

synthetic sun light and citrate impart more vigorous morphological changes to the 

particles, however, aggregation seems the controlling process in this study. 

4.2. Materials and Methods 

4.2.1. Materials.  

Trisodium citrate (ACS reagent, ≥ 99.0%), silver nitrate (99.8%), and D-maltose (99%) 

were purchased from Sigma-Aldrich as powder and were used without further 

purification. Tween 80 (Tween) was purchased from Sigma-Aldrich in the form of a 

viscous liquid (BioXtra) and used as received without further purification. Trace-metal 

grade ammonium hydroxide was purchased from Fisher Scientific. All other reagents 

were analytical grade or above. The deionized water used in the experiments was 

supplied from a deionized water system (Milli-Q, Millipore) with a resistivity of 18.2 

MΩ cm. All solutions except trisodium citrate and Tween were filtered through 0.1 μm 

cellulose ester membranes (Millipore) prior to use. The labware and glassware used in the 

experiments were washed with 10% nitric acid, rinsed thoroughly with deionized water 

and oven-dried under dust-free conditions. 
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4.2.2. Silver Nanoparticles.  

This study utilized three types of silver nanoparticles: bare silver nanoparticles (Bare-

nAg), citrate-coated silver nanoparticles (Citrate-nAg) and Tween-coated silver 

nanoparticles (Tween-nAg). Bare silver nanoparticles were synthesized by the reduction 

of the [Ag(NH3)2]
+
 complex with D-maltose following Kvítek et al. [13] as modified by 

Li et al. [24].  Details of particle synthesis, purification, characterization and storage are 

further described by Li et al. [24].  

Stock suspensions of silver nanoparticles coated with trisodium citrate or Tween 80 were 

prepared following Li et al [23]. In short, pre-calculated volumes of the bare silver 

nanoparticle stock suspension and either trisodium citrate or Tween 80 were introduced 

into a 50 mL polycarbonate centrifuge tube to achieve 1 mM trisodium citrate or 10 mM 

Tween 80. To these, sodium chloride, sodium bicarbonate and sodium hydroxide were 

added to adjust the ionic strength to 1 mM and buffer the pH at 7.0 ± 0.3, respectively. 

The tubes were sealed and slowly shaken for 24 hours in the dark at room temperature 

(22°C) to reach equilibrium. Dialysis of the particle suspensions was conducted after this 

coating procedure to remove residual coating agents and dissolved silver. Cellulose ester 

membranes (Spectra/Pro® Biotech) with a molecular weight cut off of 8-10 kDa for 

systems with Bare-nAg and Citrate-nAg and 50 kDa for systems with Tween-nAg were 

adopted. Over a period of 24 hours, the deionized water dialysate was changed a 

minimum of 4 times and its conductivity, dissolved silver concentration and total organic 

carbon (TOC) content were measured to ensure that residual ions and coating molecules 

were removed.  
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The hydrodynamic diameter of the three particle types was measured by dynamic light 

scattering (DLS) using a Brookhaven Instruments 90Plus. The electrophoretic mobility of 

the particles was measured with a zeta potential analyzer equipped with a palladium 

electrode (ZetaPALS, Brookhaven Instrument Corp.). Error estimates were based on ten 

measurements conducted on three separate samples for each experimental condition. UV-

vis absorption spectra for the particles were collected using a Shimadzu UV-4201PC UV-

vis spectrophotometer. The morphology of the nanoparticles was observed with a 

transmission electron microscope (TEM) (Technai G2 Spirit, FEI) at 120 kV. Images 

were collected using a digital camera at magnifications that ranged from 71,000 to 

144,000. Samples were prepared by putting one drop of the particle suspension onto a 

100 mesh carbon film-covered copper grid. Extra water was quickly removed using filter 

paper and the sample was dried under flowing nitrogen. 

The total silver concentration of the stock suspensions was measured using an inductively 

coupled plasma optical emission spectrometer (ICP-AES, Vista AX, Varian, Inc.) 

following sample digestion by HNO3. Standards for ICP-AES calibration were purchased 

from Ventures, Inc. 

4.2.3. Collection and Characterization of Natural Water Sample.  

A five gallon sample of a representative natural fresh water was collected from the 

Olentangy River which flows through the Ohio State University Campus in Columbus, 

OH.  The sample was collected at a depth of approximately 0.4 m below the water 

surface and 4 m away from the river bank. The sample was immediately transported to 

the laboratory, where it was stored at 4°C prior to use. The conductivity, total organic 
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carbon (TOC), and pH of the Olentangy river water were measured by a conductivity 

meter (Model 130, Orion), a TOC analyzer (TOC-5000A, Shimadzu Corp.), and pH 

meter (720A Plus, Orion) respectively. Concentrations of common elements were 

measured by ICP-AES. Anion concentrations were determined by ion chromatography 

(DX-120, Dionex Corp.). Total silver concentration was analyzed by Graphite Furnace 

Atomic Absorption (GFAA) Spectrometer (Spectr AA 880Z, Varian, Inc.). The alkalinity 

of the Olentangy river was taken from historical data as an average value of 100 mg/L 

CaCO3.  

4.2.4. Characterization of Particle Stability and Silver Release.  

The stability and dissolution of the particles suspended in the river water were studied 

over a period of 15 days in the presence and absence of light.  The river water was 

equilibrated to room temperature (22 °C) and filtered at 0.45 μm (73050004, Geotech) 

prior to the introduction of the silver nanoparticles. At time zero, six ml of freshly 

dialyzed particle stock suspension was introduced into transparent 250 mL polycarbonate 

narrow-mouth bottles (Nalgene, Thermo Scientific) containing 144 ml of filtered 

Olentangy river water. A particle concentration of ca. 5.2 × 10
8
 particles mL

-1
 was 

estimated based on the density of metallic silver (10.5 g cm
-3

) and the average particle 

diameter of 82 nm. The cap of the bottle was modified by inserting multiple layers of 

glass fiber filter paper (Whatman, 9907-047) between the cap and the bottle body. The 

cap was loosely mounted to the bottle in order to permit sample equilibration with air 

while simultaneously preventing the introduction of dust. At the same time, this setup 

minimizes mass lost via evaporation. The bottles were placed on an orbital shaker at 30 
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rpm and exposed to light from a 150 W Xe ozone-free lamp (Model 6255, Newport Inc.) 

from 10:00 a.m. to 6:00 p.m. each day. The light spectrum from the lamp was corrected 

by a filter (Global filter Air Mass 1.5/Model 81094, Newport Inc.) to provide a spectrum 

of light that approximated that of real sun light (see Figure C.S 1 for an example of the 

light spectrum produced by the experimental setup). The light intensity was controlled at 

100 mW/cm
2
 using a Newport radiant power meter (Model 70260) and probe (Model 

70263) [45-46]. Dark controls were conducted by covering an identical suite of sample 

bottles with aluminum foil. The dark control samples are noted with /Dark (e.g., nAg-

Bare/Dark) and those exposed to light are noted with /Light (e.g., nAg-Bare/Light). 

Temperature changes during the 8-hour light irradiation were less than 2.5 °C. All 

experiments were run in duplicate. The results presented were for the average 

measurements of duplicates.  For the GFAA, ICP-AES and DLS measurements these 

differences were negligible. Differences in the electrophoretic mobility measurements 

averaged ca. 10 percent.     

At designated time, aliquots were extracted from each sample for analyses. Volumes 

removed from the bottle depend upon the measurements to be conducted at that time 

(Refer to Table C.S 1). The total silver concentration was measured by ICP-AES 

following sample digestion by concentrated HNO3 in a microwave digestor (ETHOS 1, 

Milestone S.r.l.). The dissolved silver concentration was determined on 1.5 mL samples 

treated using centrifugal ultrafiltration using Amicon Ultra-4 centrifugal filtration 

cartridges with the 10 kDa membrane (Millipore). Samples were centrifuged for 10 min 

at 7500 g using a LegendRT centrifuge (SORVALL, Inc.). Silver loss to walls of the 250 
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mL polycarbonate bottles, sampling bottles (30 ml LDPE bottles) and centrifugal filters 

was negligible. The hydrodynamic particle diameter and electrophoretic mobility of the 

silver nanoparticles at different stages of the process were monitored using the methods 

previously discussed. The morphology of silver nanoparticles in the natural water over 

the experimental period was imaged using TEM. 

4.3. Results and Discussion 

4.3.1. Silver Nanoparticle Characterization.  

The silver nanoparticles were synthesized followed existing methods [23-24] and the 

properties of the as-synthesized particles showed a high conformance to those previously 

described. The hydrodynamic diameters of Citrate-nAg and Bare-nAg measured by DLS 

were nearly the same at ca. 82 nm, whereas that for Tween-nAg was ca. 88 nm.  Li et al. 

[23] report similar results and attribute the increase in size of Tween-nAg to the 

formation of an approximately 3 nm thick Tween coating layer. TEM images of the 

particles before mixing with natural water demonstrate the particles were mono-dispersed 

and spherical (Figure C.S 2a-c). The UV-vis absorption spectrum of Bare-nAg was broad 

with a maximum absorption peak at a wavelength of ca. 450 nm (Figure C.S 2d), 

suggesting the presence of an oxidized layer on the particle surface [23-24, 47-51]. The 

UV-vis absorption spectrum of Citrate-nAg and Tween-nAg blue-shifted to 445 nm and 

red-shifted to 458 nm relative to the Bare-nAg, respectively, consistent with a reduction 

in the chemical potential of the surface by citrate and oxidation of the same by Tween  

[23, 50-54].  
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All three particles were negatively charged in deionized water with 1 mM NaCl at pH 7. 

Bare-nAg was charged to a greater extent than the other particles, as the oxide surface 

layer produced an electrophoretic mobility for these particles at pH 7 of -4.5×10
-8

 m
2
/V-s. 

Citrate- and Tween-nAg were also negatively charged, albeit to a lesser extent, as the 

adsorption of more moderately (or neutrally) charged molecules increased the 

electrophoretic mobility of Citrate-nAg to -1.8×10
-8

 m
2
/V-s and Tween-nAg to -1.1×10

-8
 

m
2
/V-s [24, 55]. Citrate is also used as a reductant in many nano-silver synthesis methods 

[20-22], and thus a portion of the change in the electrophoretic mobility of Citrate-nAg 

compared to Bare-nAg could be due to a reduction of the surface oxide to Ag(0) [23]. 

These results were similar to those previously presented for particles synthesized in this 

manner [23-24].  Despite their varying electrophoretic mobilities, all three types of silver 

nanoparticles were stable in the presence of 1 mM NaCl for months without aggregation 

(data not shown). 

4.3.2 Characterization of the River Water.  

In general, the composition of the river water (Table 1) was consistent with that expected 

for a natural surface water [56]. It had a pH of 7.7 and TOC concentration of 5.7 mg-C/L.  

The concentration for the major monovalent cation, Na
+
, was 1.85 mM and that for the 

major divalent cations, Mg
2+

 and Ca
2+

, was 0.92 and 1.81 mM. The Cl
-
, SO4

2-
 and HCO3

-
 

concentrations were 2.23, 0.95 and 1.00 mM. The background concentrations of silver 

was below analytical detection limits (<1.0 μg/L). The concentrations of all other 

components were very low or not detected. Based on this composition, the ionic strength 

of the water was calculated as ca. 9.9 mM and the eq/L of anions in the water were within 
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15% of those for the cations. Under this water chemistry condition, Bare-nAg and 

Citrate-nAg are expected to form aggregates within several hours and dissolve based on 

the finds stated in previous two chapters. 

4.3.3 Particle Aggregation.  

Bare-nAg and Citrate-nAg grew from the starting size of 82 nm quickly to 500-800 nm 

within 6 hours after mixing with the river water. Both particles kept growing and reached 

sizes of a few to tens of micrometers at 24 hours, quickly exceeding the instrumental 

limit of 2μm (Figure 4.1a).  The Bare- and Citrate-nAg/Light exhibited larger particle 

sizes than those kept in the dark. TEM images collected for these later times show 

micrometer-size aggregates of varying density and structure (Figure 4.2, 4.3). For the 

particles studied, reported values of the critical coagulation concentration (CCC) for 

monovalent electrolytes (NaCl and NaNO3) are ca. 40 mM and for divalent electrolytes 

(CaCl2) are ca. 2 mM [23-24]. This equates to ionic strength values of 40 mM for a 

monovalent electrolyte and 6 mM for a divalent electrolyte. Although the river water 

estimated ionic strength of 9.9 mM was below the CCC for monovalent electrolytes, it 

was above that for divalent electrolytes. In fact, the contribution of the divalent 

electrolytes (e.g., Ca
2+

, Mg
2+

 and SO4
2-

) to the ionic strength of the water alone exceeded 

7 mM, and it correspondingly resulted in Bare-nAg and Citrate-nAg forming aggregates 

with hydrodynamic diameter of ca. 150 nm within 15 min and ca. 500-600 nm within 6 

hours.  

Over the entire course of the study Tween-nAg was not observed to aggregate as the 

hydrodynamic diameter did not increase above the initial value of 88 nm (Figure 4.1b). 
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The dispersed nature of the Tween-nAg particles can also be observed in the TEM 

images (Figure 4.4). This was consistent with the results of Li et al. [23] demonstrating 

Tween-coated particles are exceptionally stable with a CCC in NaCl of 500 mM and a 

CCC in CaCl2 of 700 mM due to the steric repulsion effects of the adsorbed Tween layer. 

Starting from Day 3, the hydrodynamic diameter of both Tween-nAg/Dark and /light 

began to decrease. After this time, the hydrodynamic diameter of Tween-nAg/Dark 

decreased from 88 nm to 81 nm.  The decrease in the hydrodynamic diameter of Tween-

nAg/Light was greater, as the average hydrodynamic diameter decreased from 88 nm to 

57 nm. The decrease in the size of Tween-nAg and relative absence of aggregation could 

indicate a depletion of the Tween layer and further dissolution of the particles under light 

exposure. If this were the case, the lack of aggregation within the 15-day course could be 

attributed to steric repulsion effects from the dissolved Tween molecules. Alternatively, 

the dissolution of silver nanoparticles could proceed with the Tween coating layer 

remaining intact. In such a case, the underlying particle was oxidized to Ag
+
 and released 

into the solution. The particle size decreased while the dissolution proceeded. Beyond 

dissolution, the decreased particle size might also be the results of photofragmentation of 

silver nanoparticles under light exposure [43]. While the specific mechanism for this 

phenomenon remains unclear, one or more alternative explanations stated above were 

likely responsible for the size decreasing of silver nanoparticle without aggregation. 

The electrophoretic mobilities of all of the particles mixed with the pH 7.7 river water 

were approximately -1.0 to -1.2 ×10
-8

 m
2
/V-s, for Bare-nAg and Citrate-nAg, 

respectively. These values were less negative than those in 1 mM NaCl at a similar pH of 
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7 of -4.5×10
-8 

m
2
/V-s for Bare-nAg and -1.8×10

-8
 m

2
/V-s for Citrate-nAg  (Figure C.S 3), 

but were comparable to those in ca. 0.2 mM CaCl2 (-1.6 and -1.3×10
-8

 m
2
/V-s for Bare-

nAg and Citrate-nAg, respectively). This was consistent with the divalent species acting 

as the major contributor to the screening of surface charge observed for these particles in 

river water [23]. The mobility data of Bare- and Citrate-nAg after the first day were not 

reported because they were no longer a dispersed colloid system required for the mobility 

measurement. The mobility of Tween-nAg in the river water showed increased over the 

first 5 days then remained at ca. -0.4×10
-8

 m
2
/V-s (Figure C.S 3). This value was also 

close to that observed by Li et al. [23] in 0.2 mM CaCl2. Despite the decreased 

electrostatic repulsion, Tween-coated nAg remained dispersed in the natural water over 

the entire 15 day study. 

4.3.4 Silver Release.  

Based on the silver content of the stock nanoparticle suspensions, the total silver 

concentration in the silver nanoparticle amended river water suspensions averaged 1.46 ± 

0.06 mg/L. The starting dissolved silver concentrations were not measured. Dissolved 

silver concentrations at 10 min were low and ranged from 6.1 ± 0.1 µg/L for Bare-nAg to 

1.2 ± 0.1 µg/L for Citrate-nAg. There was little difference at this time between samples 

exposed to light and those in the dark. In general, Tween-nAg released the most silver 

while Bare-nAg and Citrate-nAg released similar amounts of silver. The temporal 

dependence in the release for Tween-nAg differed for that observed for Bare-nAg and 

Citrate-nAg. 
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The dissolved silver concentrations in both Bare-nAg systems showed a decrease during 

the initial few hours, followed by a continuous increase. For example, the dissolved silver 

concentration decreased from 6.1 µg/L to 3.9 µg/L in the dark and from a similar starting 

value to 1.0 µg/L in the light. Neither Citrate-nAg nor Tween-nAg exhibited this trend. 

We suspect this was due to re-adsorption of released silver onto the particle surfaces in 

the Bare-nAg systems based upon results of a parallel experiment conducted with a 

sample of Bare-nAg that was dialyzed after synthesis, but was allowed to equilibrate for 

several days prior to being added to the river water.  In this case, the initial dissolved 

silver concentration was 31 µg/L.  This value decreased quickly to 12 µg/L within 12 

hours after mixing (Figure C.S 4). Similar results were reported by Liu et al. [15-16] in 

systems  where  3 mg/L AgClO4 added as a source of dissolved silver was observed to 

decrease by ca. 1 mg/L within ca. 30 min upon mixing with 2 mg/L of silver 

nanoparticles. 

Except for the first few hours, where it seems that Ag re-adsorption occurred, the 

concentration of dissolved silver in the Bare-nAg systems continued to increase with 

time. A similar increasing trend with time was observed for the Citrate-nAg systems, 

with the measured concentrations slightly exceeding those observed in the Bare-nAg 

systems. The behavior for Tween-nAg, however, was different. Silver release for Tween-

nAg was initially high as the silver concentration reached a value of 40 µg/L after just 6 

hours. This value was maintained until roughly day 3 after which time the concentration 

dropped to about 30 µg/L. Concentrations of released silver for Bare- and Citrate-nAg 

steadily increased over the 15-day course to levels comparable to that for Tween-nAg, 
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regardless of whether the samples were exposed to light or not. Note that silver 

concentration of this magnitude and even lower can cause adverse effects to common 

freshwater organisms [57].  

For the systems studied, the amount of silver released was less than 3 % of that initially 

present. This differs from the complete particle dissolution observed by Liu and Hurt [15] 

in air-saturated deionized water. Liu and Hurt [15] also evaluated particle dissolution in 

more complex solutions and determined that dissolution was significantly enhanced as 

the pH decreased. In heterogeneous natural waters that incorporate multiple electrolyte 

ions as well as organic matter and in some instances light irradiation, particle dissolution 

does not go to completion as processes such as aggregation induced by screening of 

surface charge of particles, or reduction of dissolved Ag to form Ag(0) structures via 

organic ligands [20-22] or light [40-42, 44] can preserve or precipitate Ag. In addition, 

electrolyte ions (e.g., Cl
-
) can form precipitates with Ag [23-24]. Lastly, of course, Ag 

concentrations in solution can decrease through sorption to the original nanoparticles or 

other particles in solution [7, 15].  

4.3.4.1. Influence of aggregation on silver release.  

As measured by DLS (Figure 4.1b) and confirmed by TEM (see Figure 4.4), Tween-nAg 

was dispersed in the river water and thereby exposed the complete particle surface area to 

the bulk water. As a result, the dissolved silver concentration in the Tween-nAg systems 

rapidly increased to ca. 40 μg/l within 6 hours of mixing (Figure 4.5). This relatively high 

dissolved Ag concentration was consistent with observations that surfactant-stabilized 

nAg is more effectively dispersed and better able to inhibit bacterial activity [11, 13, 16, 
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58-59]. For Bare-nAg and Citrate-nAg, the increase in hydrodynamic size (Figure 4.1a) 

and TEM images (Figure 4.2, 4.3) indicate the particles aggregated. Accordingly, the 

dissolved silver concentrations in these systems increased at a gradual rate and at the end 

of 15 days reach the comparable level of the Tween-nAg systems (Figure 4.5). The 

impact of the aggregation status on silver release from silver nanoparticles is the subject 

of considerable interest [60] and in general antibacterial activity decreases when 

aggregates are formed [11, 13, 16, 58-59]. The underlying mechanism for this decrease is 

usually attributed to decreased contact between the cell membrane and the nanoparticle, 

however, a decrease in silver ion release during particle aggregation cannot be ruled out.  

At day three, the dissolved silver concentration in the Tween-nAg systems started to 

decrease (Figure 4.5). This also corresponded with a decrease in the particle 

hydrodynamic size (Figure 4.1b). Possibly this reflects the re-adsorption of Ag
+
 to the 

particle surface. The ca. 7 μg/l concentration drop may also represent the adsorption 

capacity of the silver nanoparticles to Ag
+
, which was comparable to the estimated value 

of 10 μg/l based on a site density on the silver oxide surface of 1×10
-5

 mol/m
2
 [61]. 

Under the light exposure, the hydrodynamic size of Tween-nAg further decreased to ca. 

57 nm (Figure 4.1b), indicating possible further dissolution. The dissolved silver 

concentration in the Tween-nAg/Light system also showed a decrease coincident with the 

further decreasing particle size after Day 11 (Figure 4.5). Note that both the DLS results 

(Figure 4.1b) and TEM images (Figure 4.4) indicated the particles in the Tween-nAg 

systems were still dispersed. Therefore it was possible that the decreased silver 
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concentration was caused by Ag re-adsorption as the surface area of the particles 

increased during the fragmentation of the original particles, not from further dissolution.  

4.3.4.2. The influence of light irradiation.  

Among the four systems, Citrate-nAg/Light showed the highest dissolved silver 

concentration throughout most of the 15-day experiment, followed by Citrate-nAg/Dark 

and Bare-nAg/Dark. Bare-nAg /Light gave the lowest dissolved silver concentration after 

the drop at Day-3. Photoinduced fusion and fragmentation of noble metal nanoparticles 

occurs under laser-light irradiation [42-44]. Silver nanoparticles fragment into smaller 

particles under laser pulse excitation [43] and their aggregates fuse to form larger 

spherical particles [62]. The energy levels in these systems ranged from 5 – 10 mW/cm
2
, 

which is lower than that provided by the synthetic sunlight in our system. Thus, purely on 

the basis of energy input, morphological changes of the silver nanoparticles in our system 

seem possible. Stabilizer-coated silver nanoparticles undergo aggregation to form chain-

like structures under sunlight exposure; however, no settling was observed for the 

aggregated particles coated by effective stabilizer such as PVP [63]. Photoinduced 

morphological changes, either fragmentation or fusion, are proposed to occur mainly due 

to changes in the dipolar oscillation frequency of the free electrons at the surface of the 

metal nanoparticles imparted by input of thermal energy from the light [43-44, 63]. Either 

case may change the morphology and the total available surface area in the system and 

disturb the equilibrium of adsorbed silver ions. 

For both Bare-nAg and Citrate-nAg, observed morphological changes likely result from 

multiple process including aggregation, dissolution, secondary precipitation and 
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reduction, and possibly photoinduced fragmentation or fusion acting in concert or 

individually. A typical image illustrating the heterogeneous and complex nature of the 

particle structures of the Bare-nAg system (Figure 4.3) taken at Day-13 shows large 

single particles of 100 – 200 nm (possibly formed by secondary precipitation and/or 

reduction), large aggregates structures of ~500 nm (possibly due to adhesion and particle 

photofusion) and small particles of 30 nm (perhaps formed by dissolution or 

photofragmentation of the original particles). Generally, light induced morphological 

changes of the particles were not distinguishable from a comparison of the TEM images 

(Figure 4.2, 4.3) as aggregation appeared to be controlling in both systems. Once 

aggregation occurred, the influence of sunlight on silver release was masked.  

TEM images of Tween-nAg/Dark showed dispersed individual particles throughout the 

course of 15 days (Figure 4.4). For Tween-nAg exposed to light, however, chain-like 

structures of aggregated particles were occasionally observed (Figure 4.4). There number 

was not sufficient to result in an increase in particle size as the DLS data showed a slight 

decrease in the average hydrodynamic particle size (Figure 4.1b). This was not observed 

for Tween-nAg/Dark. The decrease in the dissolved silver concentration for Tween-

nAg/Light was also possibly the result particle aggregation. Similar phenomenon occurs 

for PVP-coated nAg that although aggregation occurred to nAg under the sunlight 

exposure, the particles still resisted settling [63].  

4.3.4.3. The role of citrate and light.  

On average, Citrate-nAg released more silver than did Bare-nAg. In the dark, the final 

dissolved silver concentrations were 30.5 ± 0.4 and 28.4 ± 0.6 µg/L for Citrate- and Bare-
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nAg, separately whereas under light exposure the values were 28.0 ± 0.9 and 24.5 ± 0.5 

µg/L, respectively. This trend seems to indicate that citrate can facilitate the release of 

silver from the nanoparticles.  

Photoreduction of Ag
+
 by the photoactivity of citrate has been widely adopted to 

synthesize silver nanoparticles, or to achieve morphological changes to the original silver 

nanoparticles [40-41]. Upon irradiation by laser-light citrate is oxidized as follows [41, 

64]: 

Citrate 
            
→     acetone—1,3-dicarboxylate + CO2 + e

- 

The released electrons are stored by the silver nanoparticles and  increase the chemical 

reactivity at their surface [65]. Silver ions at the particle surface are also more easily 

reduced to form secondary solid phases [53]. Instead of systems with laser and citrate, 

Ag
+
 can also be reduced photochemically by other photoactive reagents under the 

irradiation of variety of light sources, such as UV light, xenon arc lamp, sunlight and 

even conventional fluorescent tubes [36-39]. When this process occurs in an existing 

silver nanoparticle system, more heterogenous structures (e.g., individual particles 

connected by secondary solid phases) can be formed, particularly when aggregation 

exists. Similar to light induced morphological changes, morphological changes from 

citrate may also affect the dissolved silver concentration. In our systems exposed to 0.1 

W/cm
2
 synthetic sunlight for eight hour increments, similar morphological changes 

caused by photoreduction of citrate were also possible, given that photoreduction of 

silver ions in a similar situation was observed under just 5 min of sunlight exposure with 

intensity of ca. 0.04 W/cm
2
 [39]. Meanwhile, reduction of Ag

+
 to form new or expand 
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existing silver nanoparticles solely by citrate without light irradiation is also possible [20-

22]. Nevertheless, morphological changes brought about by photoreduction of citrate 

were not obvious in the TEM images of Citrate/Dark and Bare-nAg/Dark (Figure 4.2), 

and Citrate-nAg/Dark and Citrate-nAg/Light (Figure 4.2 and 4.3).  In these images we 

observe that newly formed large single particles, large aggregate structures (~500 nm) 

and the smaller particles coexist. For any aggregated system, a higher degree of 

morphological change or characteristic could not be explicitly distinguished. Similarly, 

the silver release level linked to the effects of citrate, as illustrated at the beginning of this 

section seems to have no reflection on morphological changes induced by photoreduction 

by citrate.  

4.4. Environmental Implications  

The structures and morphologies of silver nanoparticles formed in natural waters are the 

result of multiple factors including aggregation induced by high ionic strength and/or pH, 

secondary precipitation formed by Ag-complexing ligands (e.g., Cl
-
), re-growth of silver 

nanoparticles by reducing species (e.g., citrate, fulvic acid) and photoreduction and 

photoinduced fragmentation and fusion. These factors, combined with those factors 

affecting the partial oxidation of the nanoparticle (e.g., dissolved oxygen), as well as the 

re-adsorption of released Ag
+
 onto particle surfaces, mediate the silver ion release of 

silver nanoparticles.  

In the natural water system examined, aggregation state was the most important factor 

controlling silver release. Shortly after being mixed with natural water, the bare- and 

citrate-coated silver nanoparticles formed aggregates of diversified structures, including 
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large aggregates of the original particles, newly formed large single particles and smaller 

particles, due to the combined effects of complexation, precipitation, photoreduction and 

photoinduced fragmentation/fusion. Tween-coated silver nanoparticles, however, were 

stabilized in the natural water for much longer periods of time without aggregation and 

exhibited a more marked decrease in size upon sunlight exposure. These well dispersed 

silver nanoparticles released silver to a greater extent and at a faster rate than did the 

aggregated particles. Sunlight and photoactive capping agents such as citrate may affect 

the silver ion release through the photoreduction of citrate and photoinduced 

morphological changes, however, no explicit connections can be made between these 

changes and the silver ion concentrations once aggregation occurred.  

This study suggests sterically stabilized silver nanoparticles can persist longer as 

individual particles in natural water systems and thus will release silver ions more 

quickly and to a greater extent than would particles that aggregate quickly after entering 

the water. The higher level of silver released and the potential for more effective contact 

of the stabilized silver nanoparticles to aquatic organisms suggest that these sterically 

stabilized particles could present more of a hazard to aquatic organisms in the 

environment.  
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Tables and Figures 

 

Table 4.1 Characteristics of natural water (Olentangy River) used in this study 

Constituent Concentration (mg/L)* 

Calcium (mg/L) 72.4 

Magnesium (mg/L) 22.0 

Sodium (mg/L) 42.5 

Potassium (mg/L) 2.12 

Chloride (mg/L) 79.3 

Sulfate (mg/L) 91.6 

Nitrate (mg/L, as N) 0.360 

TOC (mg C/L) 5.70 

pH 7.73 

Conductivity (S/cm) 809 

Alkalinity (mg CaCO3/L) * 100 

*Based on historical data 
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Figure 4.1 Aggregation kinetics of the silver nanoparticles 
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Figure 4.2 TEM images of Bare-nAg taken at Day-11 (a) and Citrate-nAg (b) taken at 

Day-13 in dark. More TEM images taken at different time are available in supporting 

information. 

 

 

 

 

 

 

 

 

 

 

 

 



149 

 

 

Figure 4.3 TEM images of Bare-nAg taken at Day-13 (a) and Citrate-nAg (b) taken at 

Day-13 exposed to light. More TEM images taken at different time are available in 

supporting information. 
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Figure 4.4 TEM images of Tween-nAg taken at Day-11 in the dark (a) and Day-13 

exposed to light (b). More TEM images taken at different time are available in supporting 

information. 
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Figure 4.5 Silver release kinetics in the Olentangy River water 
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Chapter 5. Conclusions 

 

5.1. Conclusions 

To elucidate the three objectives described in Chapter 1, a systematic investigation of the 

aggregation and silver release of uncoated and coated (citrate, SDS, Tween) silver 

nanoparticles in simple electrolyte solutions or natural river water were conducted. The 

following are specific conclusions resulting from this study.  

1. Objective 1 - Evaluate how water chemistry, mainly concentration and valence of 

electrolyte, as well as dissolved natural organic matter affect the aggregation of 

silver nanoparticles (Chapter 2) 

Silver nanoparticles with diameters of ca. 82 nm were synthesized with a layer of Ag2O. 

Dissolution-accompanied aggregation of these silver nanoparticles was observed in the 

presence of monovalent NaCl, NaNO3 and divalent CaCl2. Nevertheless, the early-stage 

aggregation behavior of silver nanoparticles was consistent with classical DLVO theory. 

The CCC for silver nanoparticles was determined as 40 mM NaCl, 30 mM NaNO3 and 2 

mM CaCl2. The initial particle size decrease was monitored by DLS immediately after 

the addition of the electrolyte and attributed to the dissolution of silver nanoparticles.  

The dissolution likely results from electrolyte-induced perturbations in the concentration 

of adsorbed Ag
+
 which seems to inhibit dissolution of the surface oxide layer. AgCl 

precipitates formed within the chloride-containing systems as the particles dissolved 

during aggregation. The resulting particles and aggregates were characterized by having 
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smooth continuous surfaces with little evidence of separate particles. The relative absence 

of a comparable precipitate in systems with NaNO3 resulted in aggregates and particles of 

a more discrete nature. 

The presence of 10 mg L
-1

 fulvic acid was found to have no obvious effects on the 

aggregation kinetics, as the CCC values were little changed. The dissolution of the silver 

nanoparticles in systems with fulvic acid and NaCl was somewhat enhanced and a small 

increase was measured in the electrophoretic mobilities of the particles with fulvic acid. 

However, neither change was sufficient in magnitude to alter the stability of the particles. 

2. Objective 2 - Elucidate how the physical and chemical properties of the silver 

nanoparticles, altered through the addition of different capping layers, affects their 

aggregation (Chapter 3) 

Silver nanoparticles coated with stabilizing agents that provided steric repulsion 

enhanced stability and reduced dissolution when compared to negatively-charged 

uncoated particles or particles coated with an electrostatic stabilizing agent. Electrostatic 

stabilization using a low molecular weight molecule, citrate, showed no obvious effects 

as the aggregation of the particles and decrease in the initial particle size differed little 

from those for uncoated particles. For the electrosteric coating reagent, SDS, increasing 

the initial coating concentration from 1 mM to 10 mM, which was above the CMC of 

SDS, caused a slight increase in the CCC reflective of an increase in steric repulsion. 

SDS inhibited particle dissolution, particularly at a coating concentration of 10 mM, 

whereas citrate did not. The non-ionic steric stabilizer, Tween, significantly enhanced 
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stability. This stabilizer also physically protected the integrity of particles as dissolution 

was significantly reduced.  

The behavior of the Tween-coated silver nanoparticles also exhibited a dependence on 

electrolyte type, as its stability was greater and dissolution was lower in NaNO3 than in 

NaCl. While the specific mechanism for this difference was not determined, it appears to 

relate to differences in the nucleophilicities of Cl
-
 and NO3

-
 ions.  

3. Objective 3 - Investigate how aggregation, capping layer and environmentally-

related factors, mainly sunlight irradiation affect silver release from silver 

nanoparticles in natural water (Chapter 4) 

In the natural water system examined, aggregation state decided by capping layers and 

ionic strength was the most important factor controlling silver release. The intermediate 

term change of aggregation states of silver nanoparticles was consistent with the 

observations and predictions from results of previous chapters. Shortly after being mixed 

with natural water, the bare- and citrate-coated silver nanoparticles formed aggregates of 

diversified structures, including large aggregates of the original particles, newly formed 

large single particles and smaller particles, due to the combined effects of complexation, 

precipitation, photoreduction and photoinduced fragmentation/fusion. Tween-coated 

silver nanoparticles, however, were stabilized in the natural water for much longer 

periods of time without aggregation and exhibited a more marked decrease in size upon 

sunlight exposure.  

Well dispersed silver nanoparticles coated with Tween released silver to a greater extent 

and at a faster rate than did the aggregated particles. Sunlight and photoactive capping 
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agents such as citrate may affect the silver ion release through the photoreduction of 

citrate and photoinduced morphological changes, however, no explicit connections can be 

made between these changes and the silver ion concentrations once aggregation occurred. 

For the system investigated here, the observed dissolved silver concentration reached a 

level that could adverse effects to freshwater organism.  

5.2. Recommendations for Future Studies 

1. The extent to which silver nanoparticles was oxidized (aged) before the aggregation 

experiment is suspected to affect the particle size decrease upon mixing with electrolyte 

solutions. However, aging and oxidation state of the silver nanoparticles were not 

characterized either directly or quantitatively. Existence of oxidized layer was only 

confirmed by comparing the UV-Vis adsorption spectrum of documented non-oxidized 

particles and our aged particles with red-shifted adsorption peak. Either the direct 

evidence (e.g., X-ray/IR spectrum or morphological images) or the quantified parameters 

(e.g., the depth or amount of the oxidized layer) were needed in the following research 

for further characterizations.   

2. Oxidation and dissolution are the important processes affecting silver release and 

toxicity of silver nanoparticles. However, the speciation and affiliation (e.g., released as 

free Ag
+
, complexed by Ag

+
 binding ligands, re-adsorbed by silver nanoparticles, 

adsorbed by natural colloid and organic matter) of the released silver ions in the 

complicated water matrix were poorly characterized. Meanwhile, qualitative descriptions 

to the each group listed above would be greatly beneficial for the environmental fate and 

ecotoxicity studies of silver nanoparticles. 
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3. The interactions between the bulk silver nanoparticles (including the oxidized layer) 

and engineered or natural capping layers are mostly unknown. This process is critical in 

deciding both the transport (e.g., aggregation, precipitation, adsorption) and dissolution 

of silver nanoparticles in aquatic environments. Molecular spectroscopy (e.g., FT-IR) and 

nuclear magnetic resonance (NMR) might be applicable to characterize potential 

chemical bonds formed between molecules of capping agents and surface of particles. 

How adsorption kinetics, coverage and depletion of the capping agents affect stability 

and dissolution of silver nanoparticles also needs to be answered. 

4. Effects of environmentally-relevant parameters such as sunlight exposure to the 

aggregation and silver release have been investigated in natural water, though the effect 

was not distinguishable from the morphological change induced by aggregation. Effects 

of sunlight exposure to aggregation and silver release of the non-aggregated silver 

nanoparticles, which requires a deionized environment with no or low electrolyte 

concentration, need to be evaluated to further understand if and how those 

environmentally-relevant factors will affect their fate.  

5. Besides aggregation, the deposition behavior of silver nanoparticles is another decisive 

process affecting their environmental fate in surface water. Similarly, deposition 

attachment efficiencies (α) and the critical deposition concentration (CDC) can be 

derived from deposition kinetics experiments. The quartz crystal microbalance with 

dissipation monitoring (QCM-D) is typically employed for nanoparticle deposition 

studies due to its high sensitivity and small sample volume requirements. The column 
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filtration experiment can also be conducted to investigate the transport of nanoparticles in 

porous media. 
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Appendix A: Supporting Information for Chapter 2 
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Figure A.S1. Hydrodynamic diameter of the stock silver nanoparticles over time.  
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Figure A.S2. TEM image of silver nanoparticles after the addition of 1.5 mM CaCl2. 
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Figure A.S3. TEM image of silver nanoparticles in the presence of fulvic acid after the 

addition of 10 mM NaNO3. 
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Appendix B: Supporting Information for Chapter 3 

 

 

 

Figure B.S1. TEM images of (a) Bare-nAg, (b) Citrate-nAg-1 and (c) SDS-nAg-10, (d) 

Tween-nAg in the absence of electrolyte 
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Appendix C: Supporting Information for Chapter 4 

 

 

Table C.S 1. Volumes withdrawed of each sampling 

Timeline 
Sample Volumes Withdrawed for Analysis (mL) 

DLS TEM EPM AA Total 

10 min 3 0 0 2 5 

6 h 3 0 0 2 5 

12 h 3 0 0 2 5 

1 day 3 0.01 4.5 2 9.51 

3 day 3 0.01 4.5 2 9.51 

5 day 3 0.01 4.5 2 9.51 

7 day 3 0.01 4.5 2 9.51 

9 day 3 0.01 0 2 5.01 

11 day 3 0.01 4.5 2 9.51 

13 day 3 0.01 0 2 5.01 

15 day 3 0.01 4.5 2 9.51 
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Figure C.S 1. The spectrum of the synthetic sun light system (150 W Xe Ozone Free 

lamp light source (Model 6255) corrected by a filter (Global filter Air Mass 1.5/Model 

81094). Provided by the manufacturer, Newport Inc. 
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Figure C.S 2. TEM images of (a) Bare-nAg, (b) Citrate-nAg-1 and (c) Tween-nAg in the 

DI water and (d) the coordinating UV-vis absorption spectrum 
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Figure C.S 3. Electrophoretic mobilities of silver nanoparticles in the Olentangy River 

water 

 

 

Figure C.S 4. Silver release kinetics in the Olentangy River water (Ag
+
 was not removed 

in the Bare-nAg systems) 
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