
11.3.1 https://chem.libretexts.org/@go/page/289425

11.3: Ionic Bonds
⚙ Learning Objectives

State the octet rule.
Define ionic bond.
Draw Lewis structures for ionic compounds.

 
Back in Section 4.8, we discussed the formation of ions. It wasn't emphasized at that time, but it turns out that most
monoatomic ions have eight valence electrons. Anions form when atoms gain enough electrons to wind up with a total of eight
electrons in the valence shell. Anions carry a negative charge due to the gain of negatively charged electrons. Cations form when
atoms lose all of the electrons from their original valence shell, revealing a new valence shell that contains eight valence electrons
that lies just below the original valence shell. Cations carry a positive charge due to the loss of negatively charged electrons. For
whatever reason, having eight valence electrons is a particularly energetically stable arrangement of electrons.

The octet rule explains the favorable trend of atoms having eight electrons in their valence shell, as is the case for neutral atoms of
all of the noble gases, except for helium. The first energy level holds a maximum of two electrons, so atoms of helium may only
have a maximum of two valence electrons. When atoms form compounds, the octet rule is not always satisfied for all atoms at all
times, but it is a very good rule of thumb for understanding the kinds of bonding arrangements that atoms can make.

Let's consider a sodium atom in the presence of a chlorine atom. The two atoms have these Lewis diagrams:

For the sodium atom to obtain an octet, it must lose a valence electron to give it the same number of valence electrons as a neutral
neon atom. For the chlorine atom to obtain an octet, it must gain a valence electron to give it the same number of valence electrons
as a neutral argon atom. Remember that the identity of an element is based on the number of protons in the nucleus, not on the
number of electrons in the electron cloud.

An electron transfers from the sodium atom to the chlorine atom:

 
The sodium atom now has one less electron than it has protons, making the sodium ion have a positive charge, Na , while the
chlorine atom has one more electron than it has protons, making the chloride ion have a negative charge, Cl . Since opposite
charges attract, the Na  and Cl  ions come together to make sodium chloride with the Lewis structure:

Na ⋅ : Cl :
⬝

⬝ ⬝

Na ⋅ ⇝ : Cl :
⬝

⬝ ⬝

+

−
+ −
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The attraction between oppositely charged ions is called an ionic bond, which is one of the main types of chemical bonds in
chemistry. Ionic bonds are caused by the transfer of electrons from one atom to another, typically from a metal to a nonmetal. In
addition, since sodium and chlorine now have complete octets they are energetically stable. 
 

⚓ Ionic Bond
A chemical bond that forms between oppositely charged ions and is caused by the transfer of electrons from one atom to
another, typically from a metal to a nonmetal.

 
When writing Lewis structure for ionic compounds, the convention is to place square brackets, [ ], around an ion to separate dots
from the charge on the ion, which is still written as a superscript. This is why the square brackets are placed around the chloride
ion, Cl  (which is surrounded by dots), while they are not placed around the sodium ion, Na  (which is not surrounded by dots).

From here, it is easy to see why the chemical formula of sodium chloride is NaCl. As per the convention for writing formulas for
ionic compounds, charges are left off of the chemical formula:

 
In electron transfer, the number of electrons lost must equal the number of electrons gained, as shown in the formation of NaCl.

A similar process occurs between magnesium atoms and oxygen atoms. For the magnesium atom to obtain an octet, it must lose
two valence electrons to give it the same number of valence electrons as a neutral neon atom. For the oxygen atom to obtain an
octet, it must gain two valence electrons to give it the same number of valence electrons as a neutral argon atom. Once again,
remember that the identity of an element is based on the number of protons in the nucleus, not on the number of electrons in the
electron cloud.

This provides both magnesium and oxygen with complete octets. The magnesium atom now has two less electrons than it has
protons, making the magnesium ion have a 2+ charge, while the oxygen atom has two more electrons than it has protons, making
the oxide ion have a 2– charge. Since opposite charges attract, the Mg  and O  ions come together to make magnesium
oxide with the Lewis structure:

Na + [ ]: Cl :
⬝ ⬝

⬝ ⬝ −

− +

Na + ⇒ ⇒ NaCl+ [ ]: Cl :
⬝ ⬝

⬝ ⬝ −

Na+Cl−

Mg
⬝

⬝
⇝

⇝

: O :
⬝

⬝

2+ 2−

Mg2+ [ ]: O :
⬝ ⬝

⬝ ⬝ 2−
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From here, it is easy to see why the formula of magnesium oxide is MgO:

 

What happens when sodium atoms get together with oxygen atoms? An oxygen atom needs two electrons to complete its valence
shell, while a sodium atom is only able to supply one electron:

This does not provide an oxygen atom with a complete octet. Therefore, a second sodium atom is needed to provide a second
electron for the oxygen atom:

The result is the formation of two sodium ions, Na , and one oxide ion, O , that come together to make sodium oxide with the
Lewis structure:

The resulting structure reflects the fact that the number of electrons lost by the sodium atoms must equal the number of electrons
gained by the oxygen atom. It also shows that the compound is charge-balanced and why the ratio of sodium ions to oxide ions is
2:1 in sodium oxide:

It is an expectation that the number of electrons lost by metal atoms must equal the number of electrons gained by nonmetal atoms,
according to the law of conservation of mass. This will always be reflected in the Lewis structure of ionic compounds. It also
explains why ionic compounds must be charge-balanced and why they have the ratios of cations to anions that they do. 
 

✅ Example : Barium Bromide

Write the Lewis structure for barium bromide. Use arrows to illustrate the transfer of electrons to form barium bromide from
barium atoms and bromine atoms.

Mg + ⇒ ⇒ MgO2+ [ ]: O :
⬝ ⬝

⬝ ⬝ 2−

Mg2+O2−

Na ⋅ ⇝ ⋅ O :
⬝

⬝ ⬝

Na ⋅

Na ⋅

⇝

⇝

: O :
⬝

⬝

+ 2–

Na+

Na+
[ ]: O :

⬝ ⬝

⬝ ⬝ 2−

+ ⇒ ⇒ O
Na+

Na+
[ ]: O :

⬝ ⬝

⬝ ⬝ 2−

Na+
2 O2− Na2

11.3.1

https://libretexts.org/
https://chem.libretexts.org/@go/page/289425?pdf
https://chem.libretexts.org/Courses/Anoka-Ramsey_Community_College/Introduction_to_Chemistry/03%3A_Matter_and_Energy/3.06%3A_Conservation_of_Mass#Law_of_Conservation_of_Mass


11.3.4 https://chem.libretexts.org/@go/page/289425

Solution

A Ba atom has two valence electrons, while a Br atom has seven electrons. A Br atom needs only one more to complete its
octet, while Ba atoms must lose two electrons. Thus we need two Br atoms to accept the two electrons from one Ba atom. The
transfer process looks as follows:

Lewis structure:   

The oppositely charged ions attract each other to make BaBr .

 

✏ Exercise 
Write the Lewis structure for:

A. lithium fluoride
B. aluminum oxide

Ba
⬝

⬝
⇝

⇝

⋅ Br :
⬝ ⬝

⬝ ⬝

⋅ Br :
⬝ ⬝

⬝ ⬝

Ba 2+

[ ]: Br :
⬝ ⬝

⬝ ⬝ −

[ ]: Br :
⬝ ⬝

⬝ ⬝ −

Ba + ⇒ ⇒2+

[ ]: Br :
⬝ ⬝

⬝ ⬝ −

[ ]: Br :
⬝ ⬝

⬝ ⬝ −
Ba2+Br−

2 BaBr2

2
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Answer A

Answer B

  

✏ Exercise 

Write the Lewis structure for potassium phosphide. Use arrows to illustrate the transfer of electrons to form potassium
phosphide from potassium atoms and phosphorus atoms.

Answer

 

 

Li+ [ ]: F :
⬝ ⬝

⬝ ⬝
−

Al3+

Al3+

[ ]: O :
⬝ ⬝

⬝ ⬝
2−

[ ]: O :
⬝ ⬝

⬝ ⬝
2−

[ ]: O :
⬝ ⬝

⬝ ⬝
2−
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K ⋅

K ⋅

K ⋅

⇝

⇝

⇝

⋅ P :
⬝

⬝
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Lewis structure:    

 

 
Summary 

The tendency to form species that have eight electrons in the valence shell is called the octet rule. 
The attraction of oppositely charged ions caused by electron transfer is called an ionic bond.
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[ ]: P :
⬝ ⬝

⬝ ⬝
3−

+ ⇒ ⇒ P
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K+

K+

[ ]: P :
⬝ ⬝

⬝ ⬝
3−
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3 P3− K3
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