
covalent bonding and metallic bonding
The fascinating world of chemistry is built upon the fundamental interactions between atoms, and
none are more crucial than the forces that hold them together to form molecules and materials. This
article delves into the intricate details of two primary types of chemical bonds: covalent bonding and
metallic bonding. We will explore what defines each, how they form, and the unique properties they
impart to the substances they create. Understanding these bonding mechanisms is key to
comprehending the vast diversity of matter we encounter daily, from the air we breathe to the
metals that build our world. Prepare to uncover the electron sharing in covalent bonds and the sea
of electrons in metallic bonds.
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What is Covalent Bonding?

Covalent bonding and metallic bonding represent distinct yet equally vital mechanisms by which
atoms achieve stability. At its core, covalent bonding is a chemical bond that involves the sharing of
electron pairs between atoms. These shared electrons are attracted to the nuclei of both atoms,
effectively holding the atoms together in a stable molecule or network. This sharing allows each
atom to complete its outermost electron shell, often referred to as the valence shell, thereby
achieving a more stable electron configuration, typically resembling that of a noble gas.

Think of it like two people needing a tool to complete a task. Instead of one person giving their tool
away (which would make them unable to complete their part), they decide to share the tool, allowing
both to finish their jobs efficiently. This shared ownership is the essence of covalent bonding. The
number of electron pairs shared can vary, leading to different types of covalent bonds, which we'll
explore shortly.

The driving force behind covalent bond formation is the reduction of potential energy for the system.
When atoms are brought close enough, their atomic orbitals overlap, and the electrons can occupy
this shared space. This overlap is a critical factor, and its extent influences the strength and nature
of the bond. Covalent bonds are the backbone of organic chemistry, forming the basis of all life as
we know it, from the simplest sugars to complex DNA molecules.

Formation of Covalent Bonds



Covalent bonds typically form between nonmetal atoms, which generally have high electronegativity
values. Electronegativity is a measure of an atom's attraction for electrons in a chemical bond. When
two nonmetals with similar electronegativities bond, neither atom is strong enough to completely
pull electrons away from the other. Instead, they compromise by sharing electrons. For instance, in
a water molecule (H₂O), oxygen shares electrons with two hydrogen atoms. Each hydrogen atom
needs one more electron to fill its 1s orbital (making it stable like Helium), and oxygen needs two
more electrons to fill its 2p orbital (making it stable like Neon). By sharing, both hydrogen atoms
achieve stability, and oxygen achieves its stable configuration.

Factors Affecting Covalent Bond Strength

Several factors influence the strength of a covalent bond. The number of shared electron pairs is
paramount; single bonds involve sharing one pair, double bonds involve two pairs, and triple bonds
involve three pairs. Generally, triple bonds are stronger and shorter than double bonds, which are in
turn stronger and shorter than single bonds. Bond length also plays a role; shorter bonds tend to be
stronger because the nuclei are closer and have a stronger electrostatic attraction to the shared
electrons. The atomic size of the bonded atoms also matters; smaller atoms tend to form shorter,
stronger covalent bonds.

Types of Covalent Bonds

Covalent bonds are not all created equal; they can be categorized based on how the electrons are
shared and the resulting polarity of the bond. This distinction is fundamental to understanding the
behavior and properties of molecules.

Single, Double, and Triple Covalent Bonds

As mentioned, the number of shared electron pairs defines the type of covalent bond. A single
covalent bond involves the sharing of one pair of electrons (two electrons in total) between two
atoms, represented by a single line in Lewis structures (e.g., H-H in H₂). A double covalent bond is
formed when two atoms share two pairs of electrons (four electrons in total), depicted by two
parallel lines (e.g., O=O in O₂). Finally, a triple covalent bond occurs when two atoms share three
pairs of electrons (six electrons in total), shown by three parallel lines (e.g., N≡N in N₂). Triple
bonds are the strongest and shortest type of covalent bond, while single bonds are the weakest and
longest.

Polar vs. Nonpolar Covalent Bonds

The distribution of shared electrons in a covalent bond depends on the electronegativity difference
between the bonded atoms. If the electronegativity difference is very small or zero, the electrons are
shared equally, resulting in a nonpolar covalent bond. For example, the bond between two



identical atoms like in O₂ or Cl₂ is nonpolar. If there is a significant electronegativity difference, the
electrons will be pulled more strongly towards the more electronegative atom, creating an unequal
sharing. This results in a polar covalent bond, where one atom carries a partial negative charge (δ-
) and the other carries a partial positive charge (δ+). A classic example is the O-H bond in water;
oxygen is more electronegative than hydrogen, so the electrons spend more time around oxygen,
giving it a partial negative charge and the hydrogen atoms partial positive charges.

Coordinate Covalent Bonds

A special type of covalent bond is the coordinate covalent bond (also known as a dative bond). In
this case, one atom contributes both electrons to the shared pair. This typically occurs when an atom
with a lone pair of electrons donates them to an atom that is electron-deficient and can accept them
to complete its valence shell. For instance, in the formation of the ammonium ion (NH₄⁺), the
nitrogen atom in ammonia (NH₃) donates a lone pair of electrons to a proton (H⁺).

Properties of Covalently Bonded Substances

The nature of covalent bonding, particularly the discrete molecular structures it often forms, leads
to a unique set of physical and chemical properties.

Low Melting and Boiling Points

Substances composed of discrete molecules held together by covalent bonds typically have relatively
low melting and boiling points. This is because the forces holding the individual molecules together
(intermolecular forces) are generally much weaker than the covalent bonds within the molecules
themselves. When heat is applied, it's these weaker intermolecular forces that are overcome, not the
strong covalent bonds. Therefore, less energy is required to transition from solid to liquid or liquid
to gas phases. Water and carbon dioxide are prime examples of this.

Poor Electrical Conductivity

Covalently bonded substances, especially those with polar bonds where electrons are localized, are
generally poor conductors of electricity in any state (solid, liquid, or gas). This is due to the absence
of free-moving charged particles. In covalent bonds, electrons are tightly held between specific
atoms. There are no delocalized electrons or ions that can readily carry an electric current. Even in
polar covalent compounds, while there's a charge separation, the electrons are still localized and not
free to move throughout the substance.



Solubility Characteristics

The solubility of covalently bonded substances often follows the "like dissolves like" rule. Nonpolar
covalent compounds tend to dissolve in nonpolar solvents (like hexane or carbon tetrachloride),
while polar covalent compounds tend to dissolve in polar solvents (like water or ethanol). This is
because similar intermolecular forces are involved. For example, oil (nonpolar) doesn't mix with
water (polar), but sugar (polar) dissolves readily in water.

Formation of Networks (Network Covalent Solids)

While many covalent compounds exist as discrete molecules, some form extensive three-dimensional
networks where atoms are linked by covalent bonds throughout the entire crystal lattice. These are
known as network covalent solids. Examples include diamond (a form of carbon) and silicon dioxide
(quartz). These substances are exceptionally hard and have very high melting and boiling points
because breaking them requires breaking strong covalent bonds. They are also typically poor
conductors of electricity, though exceptions like graphite exist due to its unique structure.

What is Metallic Bonding?

Metallic bonding is a type of chemical bonding that occurs between metal atoms. Unlike covalent
bonding where electrons are shared between specific atoms, or ionic bonding where electrons are
transferred, metallic bonding involves a unique arrangement of metal atoms and their valence
electrons.

Imagine a bustling city where people (atoms) are all connected by a shared transportation system
(electrons). Everyone has access to this system, and it allows for easy movement and interaction.
This is a good analogy for metallic bonding. In this model, the metal atoms arrange themselves in a
regular, crystalline lattice structure. The valence electrons, which are loosely held by individual
metal atoms, become delocalized. This means they are no longer associated with any single atom but
are free to move throughout the entire metal structure.

These delocalized electrons form a "sea" or "cloud" of electrons that surrounds the positively
charged metal ions (the atomic nuclei and their inner core electrons). The electrostatic attraction
between these positive metal ions and the negative sea of electrons is what holds the metal together,
forming the metallic bond. This collective sharing of electrons is what gives metals their
characteristic properties.

Delocalized Valence Electrons

The key feature of metallic bonding is the delocalization of valence electrons. Metal atoms typically
have only a few valence electrons and a relatively low ionization energy, meaning these electrons
can be easily removed. When metal atoms come together in a solid or liquid state, these valence



electrons are shed from each atom and become a shared resource for the entire metallic structure.
This creates a mobile sea of electrons that can move freely in any direction.

Positive Metal Ions in a Lattice

As the valence electrons are delocalized, the metal atoms are left behind as positively charged ions,
often referred to as metal cations. These cations are arranged in a highly ordered, repeating pattern,
forming a crystal lattice. The electrostatic attraction between these fixed positive ions and the
mobile sea of negative electrons is the primary force responsible for metallic bonding. This strong
attraction explains why most metals are solids at room temperature and have high melting points.

Characteristics of Metallic Bonding

The unique electron sea model of metallic bonding directly leads to the distinctive characteristics
observed in metallic substances.

Electrical and Thermal Conductivity

The most prominent characteristic of metallic bonding is the excellent electrical and thermal
conductivity of metals. The delocalized electrons are free to move in response to an applied electric
field, carrying an electric current. Similarly, these mobile electrons can efficiently transfer kinetic
energy, making metals excellent conductors of heat. When one part of a metal is heated, the
electrons in that region gain energy and collide with other electrons and ions, quickly distributing
the heat throughout the material. This is why metal pans heat up so quickly on a stove.

Malleability and Ductility

Metals are also known for their malleability (the ability to be hammered into thin sheets) and
ductility (the ability to be drawn into wires). This is a direct consequence of the metallic bond. If a
force is applied to a metal, causing the layers of ions to slide past each other, the delocalized
electron sea can adjust to accommodate the new arrangement. The bonds are not broken; rather,
the mobile electrons simply redistribute themselves around the shifted ions. This plasticity prevents
the metal from fracturing, unlike brittle ionic or covalent network solids.

Lustrous Appearance

Metals typically have a shiny, lustrous appearance. This is because the free-moving electrons can
absorb photons of light across a wide range of frequencies and then re-emit them. When light strikes
a metal surface, the delocalized electrons absorb the energy and get excited to higher energy levels.



As they fall back to their ground state, they re-emit light, giving the metal its characteristic shine.

High Density and Strength

The close packing of metal atoms in their crystal lattice, combined with the strong electrostatic
attraction, generally results in metals having high densities and considerable strength. The precise
density and strength can vary significantly depending on the specific metal and its crystal structure.

Properties of Metallic Substances

The consequences of metallic bonding manifest in a variety of observable properties that define
metals.

Solid State at Room Temperature (Mostly)

With the exception of mercury, all metals are solids at room temperature. This is because the
electrostatic attraction between the positive metal ions and the sea of electrons is strong enough to
maintain a solid structure under normal conditions. The high melting points associated with many
metals are a testament to this strong bonding force.

High Melting and Boiling Points

The strong metallic bonds require a significant amount of energy to overcome. Consequently, most
metals have high melting and boiling points. For example, tungsten, a common metal, has a melting
point of over 3400 degrees Celsius. However, there are exceptions like alkali metals (e.g., sodium,
potassium) which have relatively low melting points due to having fewer valence electrons
contributing to the sea.

Resistance to Chemical Reactions (in some cases)

While some metals are highly reactive (like the alkali metals), many metals exhibit a degree of
resistance to chemical reactions under normal conditions. This is partly due to the stability of their
electron sea and the strong bonds holding the atoms together. For instance, gold and platinum are
known for their inertness.

Alloys as Modified Properties



An interesting aspect of metallic substances is their ability to form alloys. An alloy is a mixture of
metals, or a mixture of a metal and one or more other elements. By mixing metals, chemists can
modify and enhance the properties of the original metals, such as increasing strength, improving
corrosion resistance, or changing the melting point. For example, steel is an alloy of iron and
carbon, making it much stronger than pure iron. Brass is an alloy of copper and zinc.

Comparing Covalent and Metallic Bonding

While both covalent and metallic bonding are fundamental to the existence of matter, they differ
significantly in how electrons are involved and the resulting material properties.

Electron Distribution

The most fundamental difference lies in electron distribution. In covalent bonding, electrons are
shared in localized pairs between specific atoms. In metallic bonding, valence electrons are
delocalized, forming a mobile sea that surrounds the entire lattice of positive metal ions. This
difference in electron mobility is the root cause of many property variations.

Types of Elements Involved

Covalent bonds typically form between nonmetal atoms, where electronegativity differences are
either small or lead to polar bonds. Metallic bonds, by definition, occur between metal atoms, which
have low ionization energies and readily delocalize their valence electrons.

Physical Properties

The contrasting electron behaviors lead to vastly different physical properties. Covalent compounds
often exist as discrete molecules with low melting/boiling points and poor conductivity, or as very
hard network solids. Metals, on the other hand, are generally solids with high melting points,
excellent electrical and thermal conductivity, and are malleable and ductile due to their mobile
electron sea and ability to deform without breaking bonds.

Bond Strength Variation

Covalent bond strength can vary significantly based on the number of shared pairs (single, double,
triple) and atomic size. Metallic bond strength also varies, influenced by the number of valence
electrons contributed to the sea and the charge density of the metal ions, but it generally results in
strong, cohesive structures.



Real-World Applications

The understanding and application of covalent and metallic bonding are essential across numerous
industries and everyday life.

Covalent Bonding Applications

Covalent bonds form the basis of organic chemistry and thus all life. Plastics, polymers, and textiles
are all made of covalently bonded molecules. Pharmaceuticals, fuels, and virtually all materials in
biology and medicine rely on covalent bonds. The water we drink, the air we breathe (O₂, N₂), and
the food we eat are all held together by covalent bonds. Even advanced materials like silicon chips in
our computers utilize the network covalent structure of silicon. The precise control over electron
sharing in covalent bonds allows for the creation of molecules with specific shapes and functions,
crucial for everything from drug design to the creation of advanced materials.

Metallic Bonding Applications

Metallic bonding is responsible for the vast array of metallic materials we use daily. Construction
relies on the strength and durability of metals like iron and aluminum. Electronics and
telecommunications are built upon the conductivity of copper and gold. Transportation, from cars to
airplanes, uses lightweight and strong alloys. Jewelry is made from precious metals like gold, silver,
and platinum. Even simple household items like cutlery, cookware, and tools are made from various
metals and their alloys, all thanks to the unique properties imparted by metallic bonding. The ability
to shape and manipulate these metals, along with their inherent conductivity and strength, makes
them indispensable.

The intricate dance of electrons, whether shared between specific atoms in covalent bonds or
flowing freely in the electron sea of metallic bonds, dictates the very nature of the substances
around us. Understanding these fundamental forces allows us to not only appreciate the molecular
architecture of our universe but also to engineer new materials and technologies that shape our
future. From the complexity of biological molecules to the robust structures of modern engineering,
covalent and metallic bonding are the silent architects of our material world.

Q: What is the primary difference in electron behavior
between covalent and metallic bonding?
A: The primary difference lies in electron distribution. In covalent bonding, electrons are shared in
localized pairs between specific atoms. In metallic bonding, valence electrons are delocalized and
form a mobile "sea" of electrons that can move freely throughout the entire metal structure.



Q: Are covalent bonds stronger than metallic bonds?
A: It's not a simple direct comparison as they operate differently. The bonds within covalent
molecules (intramolecular) can be very strong (e.g., triple bonds), but the forces between individual
covalent molecules (intermolecular) are often weak. Metallic bonds are strong attractions between
positive ions and the electron sea, leading to generally high melting points and strength in bulk
metals.

Q: Can elements form both covalent and metallic bonds?
A: Elements themselves generally exhibit one type of bonding predominantly in their elemental form.
Metals form metallic bonds, while nonmetals form covalent bonds with each other. However,
compounds can exhibit characteristics of both, and metalloids can sometimes show properties of
both types of bonding.

Q: Why are metals good conductors of electricity and heat,
while most covalent compounds are not?
A: Metals are good conductors because their delocalized electrons are free to move and carry
electrical charge or kinetic energy. Most covalent compounds lack these free-moving charged
particles, as electrons are localized between specific atoms.

Q: What is an alloy, and how does it relate to metallic
bonding?
A: An alloy is a mixture primarily composed of metal atoms. It retains metallic bonding, but the
presence of different types of atoms within the electron sea modifies the properties of the resulting
material, often enhancing strength, hardness, or corrosion resistance.

Q: How does electronegativity play a role in covalent bonding?
A: Electronegativity determines how equally electrons are shared in a covalent bond. A large
electronegativity difference leads to polar covalent bonds where electrons are unequally distributed,
while a small or zero difference results in nonpolar covalent bonds.

Q: What are network covalent solids, and how do they differ
from molecular covalent compounds?
A: Network covalent solids, like diamond, have a continuous three-dimensional structure of
covalently bonded atoms. Molecular covalent compounds consist of discrete molecules held together
by weaker intermolecular forces. Network covalent solids are generally much harder and have
higher melting points.



Q: Is mercury a covalent or metallic bond?
A: Mercury is a metal, and in its elemental form, it exhibits metallic bonding. Despite being liquid at
room temperature, the bonding is still considered metallic.

Q: Can covalent bonds be broken easily?
A: The ease of breaking covalent bonds depends on their strength. Single bonds are easier to break
than double or triple bonds. Breaking covalent bonds within molecules typically requires significant
energy, often through chemical reactions.

Q: What is the role of the electron sea in the malleability and
ductility of metals?
A: The electron sea acts like a "glue" that holds the metal ions together. When metal layers slide
past each other due to applied force, the electron sea can easily readjust and reform bonds with the
shifted ions, allowing the metal to deform without breaking.
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