


In a polar covalent bond, one or more electrons are unequally shared between two nuclei. Covalent bonds often
result in the formation of small collections of better-connected atoms called molecules, which in solids and
liquids are bound to other molecules by forces that are often much weaker than the covalent bonds that hold the
molecules internally together. Such weak intermolecular bonds give organic molecular substances, such as waxes
and oils, their soft bulk character, and their low melting points (in liquids, molecules must cease most structured
or oriented contact with each other). When covalent bonds link long chains of atoms in large molecules, however
(as in polymers such as nylon), or when covalent bonds extend in networks through solids that are not composed
of discrete molecules (such as diamond or quartz or the silicate minerals in many types of rock) then the
structures that result may be both strong and tough, at least in the direction oriented correctly with networks of
covalent bonds.[10] Also, the melting points of such covalent polymers and networks increase greatly.

In a simplified view of an ionic bond, the bonding electron is not shared at all, but transferred. In this type of
bond, the outer atomic orbital of one atom has a vacancy which allows the addition of one or more electrons.
These newly added electrons potentially occupy a lower energy-state (effectively closer to more nuclear charge)
than they experience in a different atom. Thus, one nucleus offers a more tightly bound position to an electron
than does another nucleus, with the result that one atom may transfer an electron to the other. This transfer
causes one atom to assume a net positive charge, and the other to assume a net negative charge. The bond then
results from electrostatic attraction between the positive and negatively charged ions. Ionic bonds may be seen as
extreme examples of polarization in covalent bonds. Often, such bonds have no particular orientation in space,
since they result from equal electrostatic attraction of each ion to all ions around them. Ionic bonds are strong
(and thus ionic substances require high temperatures to melt) but also brittle, since the forces between ions are
short-range and do not easily bridge cracks and fractures. This type of bond gives rise to the physical
characteristics of crystals of classic mineral salts, such as table salt.

A less often mentioned type of bonding is metallic bonding. In this type of bonding, each atom in a metal donates
one or more electrons to a "sea" of electrons that reside between many metal atoms. In this sea, each electron is
free (by virtue of its wave nature) to be associated with a great many atoms at once. The bond results because the
metal atoms become somewhat positively charged due to loss of their electrons while the electrons remain
attracted to many atoms, without being part of any given atom. Metallic bonding may be seen as an extreme
example of delocalization of electrons over a large system of covalent bonds, in which every atom participates.
This type of bonding is often very strong (resulting in the tensile strength of metals). However, metallic bonding
is more collective in nature than other types, and so they allow metal crystals to more easily deform, because they
are composed of atoms attracted to each other, but not in any particularly-oriented ways. This results in the
malleability of metals. The cloud of electrons in metallic bonding causes the characteristically good electrical and
thermal conductivity of metals, and also their shiny lustre that reflects most frequencies of white light.

Early speculations about the nature of the chemical bond, from as early as the 12th century, supposed that
certain types of chemical species were joined by a type of chemical affinity. In 1704, Sir Isaac Newton famously
outlined his atomic bonding theory, in "Query 31" of his Opticks, whereby atoms attach to each other by some
"force". Specifically, after acknowledging the various popular theories in vogue at the time, of how atoms were
reasoned to attach to each other, i.e. "hooked atoms", "glued together by rest", or "stuck together by conspiring
motions", Newton states that he would rather infer from their cohesion, that "particles attract one another by
some force, which in immediate contact is exceedingly strong, at small distances performs the chemical
operations, and reaches not far from the particles with any sensible effect."

In 1819, on the heels of the invention of the voltaic pile, Jöns Jakob Berzelius developed a theory of chemical
combination stressing the electronegative and electropositive characters of the combining atoms. By the mid 19th
century, Edward Frankland, F.A. Kekulé, A.S. Couper, Alexander Butlerov, and Hermann Kolbe, building on the
theory of radicals, developed the theory of valency, originally called "combining power", in which compounds
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O2 (oxygen) molecules, from basic quantum principles. This molecular orbital theory represented a covalent bond
as an orbital formed by combining the quantum mechanical Schrödinger atomic orbitals which had been
hypothesized for electrons in single atoms. The equations for bonding electrons in multi-electron atoms could not
be solved to mathematical perfection (i.e., analytically), but approximations for them still gave many good
qualitative predictions and results. Most quantitative calculations in modern quantum chemistry use either
valence bond or molecular orbital theory as a starting point, although a third approach, density functional theory,
has become increasingly popular in recent years.

In 1933, H. H. James and A. S. Coolidge carried out a calculation on the dihydrogen molecule that, unlike all
previous calculation which used functions only of the distance of the electron from the atomic nucleus, used
functions which also explicitly added the distance between the two electrons.[19] With up to 13 adjustable
parameters they obtained a result very close to the experimental result for the dissociation energy. Later
extensions have used up to 54 parameters and gave excellent agreement with experiments. This calculation
convinced the scientific community that quantum theory could give agreement with experiment. However this
approach has none of the physical pictures of the valence bond and molecular orbital theories and is difficult to
extend to larger molecules.

Because atoms and molecules are three-dimensional, it is difficult to use a single method to indicate orbitals and
bonds. In molecular formulas the chemical bonds (binding orbitals) between atoms are indicated in different
ways depending on the type of discussion. Sometimes, some details are neglected. For example, in organic
chemistry one is sometimes concerned only with the functional group of the molecule. Thus, the molecular
formula of ethanol may be written in conformational form, three-dimensional form, full two-dimensional form
(indicating every bond with no three-dimensional directions), compressed two-dimensional form (CH3–CH2–
OH), by separating the functional group from another part of the molecule (C2H5OH), or by its atomic
constituents (C2H6O), according to what is discussed. Sometimes, even the non-bonding valence shell electrons
(with the two-dimensional approximate directions) are marked, e.g. for elemental carbon .

'C'. Some chemists may
also mark the respective orbitals, e.g. the hypothetical ethene−4 anion (\

/C=C/
\ −4) indicating the possibility of

bond formation.

Strong chemical bonds are the intramolecular forces that hold atoms together in molecules. A strong chemical
bond is formed from the transfer or sharing of electrons between atomic centers and relies on the electrostatic
attraction between the protons in nuclei and the electrons in the orbitals.

The types of strong bond differ due to the difference in electronegativity of the constituent elements.
Electronegativity is the tendency for an atom of a given chemical element to attract shared electrons when
forming a chemical bond, where the higher the associated electronegativity then the more it attracts electrons.
Electronegativity serves as a simple way to quantitatively estimate the bond energy, which characterizes a bond
along the continuous scale from covalent to ionic bonding. A large difference in electronegativity leads to more
polar (ionic) character in the bond.

Ionic bonding is a type of electrostatic interaction between atoms that have a large electronegativity difference.
There is no precise value that distinguishes ionic from covalent bonding, but an electronegativity difference of
over 1.7 is likely to be ionic while a difference of less than 1.7 is likely to be covalent.[21] Ionic bonding leads to
separate positive and negative ions. Ionic charges are commonly between −3e to +3e. Ionic bonding commonly
occurs in metal salts such as sodium chloride (table salt). A typical feature of ionic bonds is that the species form
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In metallic bonding, bonding electrons are delocalized over a lattice of atoms. By contrast, in ionic compounds,
the locations of the binding electrons and their charges are static. The free movement or delocalization of bonding
electrons leads to classical metallic properties such as luster (surface light reflectivity), electrical and thermal
conductivity, ductility, and high tensile strength.

There are several types of weak bonds that can be formed between two or more molecules which are not
covalently bound. Intermolecular forces cause molecules to attract or repel each other. Often, these forces
influence physical characteristics (such as the melting point) of a substance.

Van der Waals forces are interactions between closed-shell molecules. They include both Coulombic interactions
between partial charges in polar molecules, and Pauli repulsions between closed electrons shells.[23]: 696 

Keesom forces are the forces between the permanent dipoles of two polar molecules.[23]: 701  London dispersion
forces are the forces between induced dipoles of different molecules.[23]: 703  There can also be an interaction
between a permanent dipole in one molecule and an induced dipole in another molecule.[23]: 702 

Hydrogen bonds of the form A--H•••B occur when A and B are two highly electronegative atoms (usually N, O or
F) such that A forms a highly polar covalent bond with H so that H has a partial positive charge, and B has a lone
pair of electrons which is attracted to this partial positive charge and forms a hydrogen bond.[23]: 702  Hydrogen
bonds are responsible for the high boiling points of water and ammonia with respect to their heavier analogues.
In some cases a similar halogen bond can be formed by a halogen atom located between two electronegative
atoms on different molecules.

At short distances, repulsive forces between atoms also become important.[23]: 705-6 

In the (unrealistic) limit of "pure" ionic bonding, electrons are perfectly localized on one of the two atoms in the
bond. Such bonds can be understood by classical physics. The force between the atoms depends on isotropic
continuum electrostatic potentials. The magnitude of the force is in simple proportion to the product of the two
ionic charges according to Coulomb's law.

Covalent bonds are better understood by valence bond (VB) theory or molecular orbital (MO) theory. The
properties of the atoms involved can be understood using concepts such as oxidation number, formal charge, and
electronegativity. The electron density within a bond is not assigned to individual atoms, but is instead
delocalized between atoms. In valence bond theory, bonding is conceptualized as being built up from electron
pairs that are localized and shared by two atoms via the overlap of atomic orbitals. The concepts of orbital
hybridization and resonance augment this basic notion of the electron pair bond. In molecular orbital theory,
bonding is viewed as being delocalized and apportioned in orbitals that extend throughout the molecule and are
adapted to its symmetry properties, typically by considering linear combinations of atomic orbitals (LCAO).
Valence bond theory is more chemically intuitive by being spatially localized, allowing attention to be focused on
the parts of the molecule undergoing chemical change. In contrast, molecular orbitals are more "natural" from a
quantum mechanical point of view, with orbital energies being physically significant and directly linked to
experimental ionization energies from photoelectron spectroscopy. Consequently, valence bond theory and
molecular orbital theory are often viewed as competing but complementary frameworks that offer different
insights into chemical systems. As approaches for electronic structure theory, both MO and VB methods can give
approximations to any desired level of accuracy, at least in principle. However, at lower levels, the
approximations differ, and one approach may be better suited for computations involving a particular system or
property than the other.

Intermolecular bonding
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Unlike the spherically symmetrical Coulombic forces in pure ionic bonds, covalent bonds are generally directed
and anisotropic. These are often classified based on their symmetry with respect to a molecular plane as sigma
bonds and pi bonds. In the general case, atoms form bonds that are intermediate between ionic and covalent,
depending on the relative electronegativity of the atoms involved. Bonds of this type are known as polar covalent
bonds.[24]
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