
The Nature of the Co-Valent Bond
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Covalent bonds are formed as a result of the sharing of one or more pairs of bonding electrons. Each atom donates half of the electrons to be shared. This sharing of electrons is as a result of the electronegativity(electron attracting ability) of the two bonded atoms are either equal or the difference is no greater than 1.7. If the electronegativity difference is greater than 1.7 then the higher electronegative atom has an electron attracting ability large enough to force the transfer of electrons from the less electronegative atom. This would be an ionic bond. As long as the electronegativity difference is no greater than 1.7 the atoms can only share the bonding electrons. 

Single Co-valent Bond

A single co-valent bond would be the sharing of two electrons between the two bonded atoms. Examples are: 

· H-H 

· H-Cl 

· F-F 

The dash is symbolic of the bonding pair. 

Double Co-valent Bond

A double co-valent bond is two pairs of electrons being shared. Examples are: 

· O=O 

· C=O 

· C=C 

Triple Co-valent Bond

A triple co-valent bond is the sharing of three pairs of electrons. Examples are: 

· triple bond between two Nitrogen atoms 

· Triple bond between two carbon atoms 

· Triple bond between a Carbon and a Nitrogen 

The Polarity of the Co-valent Bond

Two atoms with the same electronegativity will share the bonding electron pairs equally. As a result the bonding electrons will be evenly distributed between the bonded atoms. There will be no accumulation of bonding electrons on any one atom and the bond dipole moment will be zero. Such a co-valent bond will be called a "non-polar" bond. The bond between two Hydrogens as in H2 or two Oxygens as in O2 or two Nitrogens like N2 will all be non-polar bonds. 

On the other hand, if the two bonded atoms have a different electronegativity then the bonding pairs of electrons will be shared unequally. The atom with the higher electronegativity will attract the bonding electrons closer to itself. As a result the electron distribution will be unequal and a bond dipole moment will be formed. For example the single bond between a Hydrogen and a Chlorine as in H-Cl will have the bonding pair closer to the higher electronegative atom (Chlorine). As a result the Chlorine end will be partially negative since the electrons are closer to the Chlorine. The Hydrogen end will be partially positive since the bonding pair is farther from the Hydrogen. This two pole condition is called a dipole and it generates a dipole moment that is a vector force directed toward the higher electronegative atom in the bond. Such a bond is referred to as a "polar bond". The greater the difference in the electronegativity between the two bonded atoms the more polar the bond. 

The vast majority of chemical substances are not ionic in nature 

· gases and liquids, in addition to solids 

· low melting temperatures 

G.N. Lewis 

reasoned that an atom might attain a noble gas electron configuration by sharing electrons

A chemical bond formed by sharing a pair of electrons is called a covalent bond

The diatomic hydrogen molecule (H2) is the simplest model of a covalent bond, and is represented in Lewis structures as: 
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The shared pair of electrons provides each hydrogen atom with two electrons in its valence shell (the 1s) orbital. 

In a sense, it has the electron configuration of the noble gas helium

When two chlorine atoms covalently bond to form Cl2, the following sharing of electrons occurs: 
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Each chlorine atom shared the bonding pair of electrons and achieves the electron configuration of the noble gas argon. 

In Lewis structures the bonding pair of electrons is usually displayed as a line, and the unshared electrons as dots:
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The shared electrons are not located in a fixed position between the nuclei. In the case of the H2 compound, the electron density is concentrated between the two nuclei: 
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The two atoms are bound into the H2 molecule mainly due to the attraction of the positively charged nuclei for the negatively charged electron cloud located between them 

For the nonmetals (and the 's' block metals) the number of valence electrons is equal to the group number:

	Element
	Group
	Valence

electrons
	Bonds needed to form valence octet

	F
	7A
	7
	1

	O
	6A
	6
	2

	N
	5A
	5
	3

	C
	4A
	4
	4


Examples of hydride compounds of the above elements (covalent bonds with hydrogen:
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Thus, the Lewis bonds successfully describe the covalent interactions between various nonmetal elements

Multiple bonds

The sharing of a pair of electrons represents a single covalent bond, usually just referred to as a single bond 

In many molecules atoms attain complete octets by sharing more than one pair of electrons between them. 

Two electron pairs shared a double bond 

Three electron pairs shared a triple bond 
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Because each nitrogen contains 5 valence electrons, they need to share 3 pairs to each achieve a valence octet.

· N2 is fairly inert, due to the strong triple bond between the two nitrogens 

· The N - N bond distance in N2 is 1.10 Å (fairly short) 

From a study of various Nitrogen containing compounds bond distance as a function of bond type can be summarized as follows: 

· N-N 1.47Å 

· N=N 1.24Å 

· N=N 1.10Å 

As a general rule, the distance between bonded atoms decreases as the number of shared electron pairs increases

 Covalent Compounds
	Introduction to Covalent Bonding:
Bonding between non-metals consists of two electrons shared between two atoms. Using the Wave Theory, the covalent bond involves an overlap of the electron clouds from each atom. The electrons are concentrated in the region between the two atoms. In covalent bonding, the two electrons shared by the atoms are attracted to the nucleus of both atoms. Neither atom completely loses or gains electrons as in ionic bonding.

There are two types of covalent bonding:

1. Non-polar bonding with an equal sharing of electrons.

2. Polar bonding with an unequal sharing of electrons. The number of shared electrons depends on the number of electrons needed to complete the octet. 

	NON-POLAR BONDING results when two identical non-metals equally share electrons between them. One well known exception to the identical atom rule is the combination of carbon and hydrogen in all organic compounds.

	HYDROGEN:
The simplest non-polar covalent molecule is hydrogen. Each hydrogen atom has one electron and needs two to complete its first energy level. Since both hydrogen atoms are identical, neither atom will be able to dominate in the control of the electrons. The electrons are therefore shared equally. The hydrogen covalent bond can be represented in a variety of ways as shown on the right:

The "octet" for hydrogen is only 2 electrons since the nearest rare gas is He. The diatomic molecule is formed because individual hydrogen atoms containing only a single electron are unstable. Since both atoms are identical a complete transfer of electrons as in ionic bonding is impossible.

Instead the two hydrogen atoms SHARE both electrons equally. 


	POLAR BONDING results when two different non-metals unequally share electrons between them. One well known exception to the identical atom rule is the combination of carbon and hydrogen in all organic compounds.

The non-metal closer to fluorine in the Periodic Table has a greater tendency to keep its own electron and also draw away the other atom's electron. It is NOT completely successful. As a result only partial charges are established. One atom becomes partially positive since it has lost control of its electron some of the time. The other atom becomes partially negative since it gains electron some of the time. 

	HYDROGEN CHLORIDE:
Hydrogen Chloride forms a polar covalent molecule. The graphic on the left shows that chlorine has 7 electrons in the outer shell. Hydrogen has one electron in its outer energy shell. Since 8 electrons are needed for an octett, they share the electrons.

However, chlorine gets an unequal share of the two electrons, although the electrons are still shared (not transfered as in ionic bonding), the sharing is unequal. The electrons spends more of the time closer to chlorine. As a result, the chlorine acquires a "partial" negative charge. At the same time, since hydrogen loses the electron most - but not all of the time, it acquires a "partial" charge. The partial charge is denoted with a small Greek symbol for delta. 
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What are the properties of covalent compounds?
Covalent compounds have the following properties (keep in mind that these are only general properties, and that there are always exceptions to every rule): 

1)  Covalent compounds generally have much lower melting and boiling points than ionic compounds.  

As you may recall, ionic compounds have very high melting and boiling points because it takes a lot of energy for all of the + and - charges which make up the crystal to get pulled apart from each other.  Essentially, when we have an ionic compound, we need to break all of the ionic bonds in order to make it melt. 

On the other hand, when we have covalent compounds we don't need to break any bonds at all.  This is because covalent compounds form distinct molecules, in which the atoms are bound tightly to one another.  Unlike in ionic compounds, these molecules don't interact with each other much (except through relatively weak forces called "intermolecular forces"), making them very easy to pull apart from each other.  Since they're easy to separate, covalent compounds have low melting and boiling points. 

2)  Covalent compounds are soft and squishy (compared to ionic compounds, anyway). 

The reason for this is similar to the reason that covalent compounds have low melting and boiling points.  When you hit an ionic compound with something, it feels very hard.  The reason for this is that all of the ionic bonds which hold together the crystal tend to make it very inflexible and hard to move.  On the other hand, covalent compounds have these molecules which can very easily move around each other, because there are no bonds between them.  As a result, covalent compounds are frequently flexible rather than hard. 

Think of it like this:  Ionic compounds are like giant Lego sculptures.  If you hit a Lego sculpture with your fist, it feels hard because all of the Legos are stuck very tightly to one another.  Covalent compounds are more like those plastic ball pits they have at fast food playgrounds for little kids.  While the balls themselves are held together very tightly (just like covalent molecules are held together tightly), the balls aren't really stuck to each other at all.  As a result, when little kids jump into the ball pits they sink in rather than bouncing off.   

3)  Covalent compounds tend to be more flammable than ionic compounds. 

The main reason that things burn is because they contain carbon and hydrogen atoms that can react to form carbon dioxide and water when heated with oxygen gas (that's the definition of a combustion reaction).  Since carbon and hydrogen have very similar electronegativities, they are mostly found together in covalent compounds.  As a result, more covalent compounds than ionic compounds are flammable. 

There are a couple of exceptions to this rule.  The first is with covalent compounds that contain neither carbon nor hydrogen.  These tend not to burn, and if they do, they burn by mechanisms other than the classic combustion reaction.  The other exception comes with ionic compounds referred to as "organic salts".  These organic salts are ionic compounds in which the anion is basically a big covalent molecule containing carbon and hydrogen with just a very small ionic section.  As a result, they burn even though they're technically ionic compounds. 

4)  Covalent compounds don't conduct electricity in water. 

Electricity is conducted in water from the movement of ions from one place to the other.  These ions are the charge carriers which allow water to conduct electricity.  Since there are no ions in a covalent compound, they don't conduct electricity in water. 

5)  Covalent compounds aren't usually very soluble in water. 

There's a saying that, "Like dissolves like".  This means that compounds tend to dissolve in other compounds that have similar properties (particularly polarity).  Since water is a polar solvent and most covalent compounds are fairly nonpolar, many covalent compounds don't dissolve in water.  Of course, this is a generalization and not set in stone - there are many covalent compounds that dissolve quite well in water.  However, the majority of them don't because of this rule.
Naming Covalent Compounds
Covalent compounds are much easier to name than ionic compounds.  Here's how you do it: 

All covalent compounds have two word names.  The first word typically corresponds to the first element in the formula and the second corresponds to the second element in the formula except that "-ide" is substituted for the end.  As a result, HF is named "hydrogen fluoride", because hydrogen is the first element and fluorine is the second element. 

If there is more than one atom of an element in a molecule, we need to add prefixes to these words to tell us how many are present.  Here are the prefixes you'll need to remember: 

	Number of atoms
	Prefix

	1
	mono- (use only for second element)

	2
	di-

	3
	tri-

	4
	tetra-

	5
	penta-

	6
	hexa-

	7
	hepta-

	8
	octa-


Let's see how this works: 

Examples: 

P2O5 - this is named diphosphorus pentoxide, because there are two phosphorus atoms and five oxygen atoms.   
CO - this is carbon monoxide (you need the "mono-" because there's only one oxygen atom). 
CF4 - this is carbon tetrafluoride, because there's one carbon atom and four fluorine atoms. 



Some important exceptions to this naming scheme occur because the compounds were originally named before the methodical naming scheme above became widespread.  Nowadays, these names are so common that they're officially recognized: 

· H2O is "water" 

· NH3 is "ammonia" 

· CH4 is "methane" 

Binary Compounds of Two Nonmetals

Given Formula, Write the Name

The Greek System



A binary compound is one made of two different elements. There can be one of each element such as in CO or NO. There can also be several of each element such as BF<SUB3< SUB> or OCl2.

This lesson shows you how to name binary compounds from the formula when two nonmetals are involved. The four formulas above are all examples of this type. Important point to remember: NO metals (which act as the cation) are involved. That means one of the nonmetals will be acting in the positive role while the other is negative.

In fact, you do not even need to know the charges, since the formula comes right from the element names and their prefixes. Be aware that heavy use of Greek number prefixes are used in this lesson.Here are the first ten:



one
mono-


six
hexa-



two
di-


seven
hepta-



three
tri-


eight
octa-



four
tetra-


nine
nona-



five
penta-


ten
deca-



Example #1 - write the name for N2O.

Example #2 - write the name for NO2.

Step #1 - part of the first name is the unchanged name of the first element in the formula. In the examples above, it would be nitrogen.

If the subscript of the first element is 2 or more, you add a prefix to the name. In the first example above, you would write dinitrogen. If the subscript is one as in the second example above, you DO NOT use a prefix. You simply write the name, in this example it would be nitrogen.

Step #2 - the anion is named in the usual manner of stem plus "ide." In addition, a prefix is added. In the first example, the prefix is "mono-" since there is one oxygen. In the second example, use "di-" because of two oxygens.

The correct names of the two examples are dinitrogen monoxide and nitrogen dioxide.

Note that "monoxide" is written rather than "monooxide." It sounds better when spoken out loud.



Example #3 - write the name for IF7.

Step #1 - the first element is iodine and there is only one. This part of the name will be "iodine", NOT "monoiodine."

Step #2 - the second element is fluorine, so "fluoride" is used. Since there are seven, the prefix "hepta" is used.

The name of this compound is iodine heptafluoride.



Example #4 - write the name for N2O5.

Step #1 - the first element is nitrogen and there are two. This part of the name will be "dinitrogen."

Step #2 - the second element is oxygen, so "oxide" is used. Since there are five, the prefix "penta" is used.

The name of this compound is "dinitrogen pentaoxide." Many write is as "dinitrogen pentoxide." The ChemTeam believes that both are considered correct, but the second is to be prefered.



Example #5 - write the name for XeF2.

The first part of the name comes from the first element's name: xenon. Since there is only one atom present, no prefix is used.

The second part of the name comes from the root of the second symbol plus 'ide' as well as the prefix "di-,"therefore di + fluor + ide = difluoride.

This compound is named xenon difluoride.



Example #6 - write the name for N2O4.

The first part of the name comes from the first element's name: nitrogen. Since there are two atoms, the prefix "di-" is used giving dinitrogen.

The second part of the name comes from the root of the second symbol plus 'ide' as well as the prefix "tetra-,"therefore tetr + ox + ide = tetroxide. 

This compound is named dinitrogen tetroxide. Notice the dropping of the "a" in tetra.



Just a reminder: this system of naming does not really have an offically accepted name, but is often called the Greek system (or method). It involves use of Greek prefixes when naming binary compounds of two nonmetals.

Sometimes you will see the Stock system applied to these types of compounds. Here is what the IUPAC currently says about that practice: "The Stock notation can be applied to both cations and anions, but preferably should not be applied to compounds between nonmetals."



Practice Problems

Write the correct name for: 

1) As4O10
2) BrO3
3) BN

4) N2O3
5) NI3
6) SF6
7) XeF4
8) PCl3
9) CO

10) PCl5
11) P2O5
12) S2Cl2
13) ICl2
14) SO2
15) P4O10
16) UF6
17) OF2
18) ClO2
19) SiO2
20) BF3
21) N2S5
22) CO2
23) SO3
24) XeF6
25) KrF2
26) BrCl5
27) SCl4
28) PF3
29) XeO3
30) OsO4

Binary Compounds of Two Nonmetals

Given Name, Write the Formula

The Greek System



A binary compound is one made of two different elements. There can be one of each element such as in CO or NO. There can also be several of each element such as BF<SUB3< SUB> or OCl2.

This lesson shows you how to write the formula of a binary compound from its name when two nonmetals are involved. The four formulas above are all examples of this type. Important point to remember: NO metals (which act as the cation) are involved. That means one of the nonmetals will be acting in the positive role while the other is negative.

In fact, you do not even need to know the charges, since the name comes right from the amounts of the two elements involved. Be aware that heavy use of Greek number prefixes are used in this lesson.Here are the first ten:



one
mono-


six
hexa-



two
di-


seven
hepta-



three
tri-


eight
octa-



four
tetra-


nine
nona-



five
penta-


ten
deca-



Example #1 - write the formula for dinitrogen trioxide.

Example #2 - write the name for carbon monoxide.

Step #1 - the first name will tell you the first element in the formula. In the first example above, it would be N and in the second, C.

If there is a prefix on the name, this gives the subscript on the element. In the first example above, the "di-" tells you there are two nitrogens. Absence of a prefix, as in the second example, says there is only one of that element involved.

Step #2 - the anion name tells you the element; oxide means oxygen. Once again, the prefix will tell you how many of the element are involved. "Tri-" means three and "mono-" means one.

The correct formulas of the two examples are N2O3 and CO.

Note that "monoxide' is written rather than "oxide" when there is one atom of the second element involved. Note also that when one element of the first atom is involved, no "mono-" is used. Monocarbon monoxide is just as wrong as carbon oxide.



Example #3 - write the formula for bromine pentafluoride.

Step #1 - the first symbol is Br and its subscript will be a one, which is understoo to be present.

Step #2 - the second element is fluorine, so F is used. The prefix "penta-" indicates a subscript of 5.

The formula of this compound is BrF5.



Example #4 - write the formula for diphosphorous pentoxide.

Step #1 - the first symbol is P and the subscript is 2.

Step #2 - pentoxide says five oxygens are involved.

The formula of this compound is P2O5.



Example #5 - write the formula for iodine heptafluoride.

Step #1 - the first symbol is I and the subscript is 1. Again it is understood to be there.

Step #2 - heptafluoride says 7 florides are involved.

The formula of this compound is IF7.



Practice Problems

Write the correct formula for: 

1) chlorine monoxide

2) oxygen difluoride

3) boron phosphide

4) dinitrogen monoxide

5) nitrogen trifluoride

6) sulfur tetrachloride

7) xenon trioxide

8) carbon dioxide

9) diphosphorous pentoxide

10) phosphorous trichloride

11) sulfur dioxide

12) bromine pentafluoride

13) disulfur dichloride

14) boron trifluoride

15) tetraarsenic decoxide

16) silicon tetrachloride

17) krypton difluoride

18) chlorine monoxide

19) silicon dioxide

20) boron trichloride

21) dinitrogen pentasulfide

22) carbon monoxide

23) sulfur trioxide

24) dinitrogen trioxide

25) dinitrogen monoxide

26) xenon hexafluoride

27) sulfur hexafluoride

28) phosphorous pentachloride

29) nitrogen monoxide

30) bismuth trichloride

Nomenclature of Inorganic Acids



Recognizing an Acid
At this very beginning level, you will recognize an acid by the fact that its formula starts with H, as in these examples:

HCl
HNO3
H2SO4
HClO3
H3BO3 

As you become more sophisticated in your chemistry, you will realize that there are many acid formulas that do not start with H, but those will almost all be left for another time.

There is one exception to this: the formula CH3COOH should be recognized as acetic acid. The particular way it is written is common in organic chemistry. An alternate way to write acetic acid is HC2H3O2. This is done in the inorganic style which you are currently studying.

One last comment before looking at how to name acids: the formula H2O should not be considered an acid. It is the formula for water. It is not an acid. When you study acid-base behavior later in the school year, you will learn more about water's role in acid-base chemistry, but not now.



Naming Acids
In order to explain acid naming, the sequence of HCl, HClO, HClO2, HClO3, and HClO4 will be discussed in order. 

HCl is a binary acid. All binary acids are named the same way:

1. the prefix "hydro" is used. 

2. the root of the anion is used. 

3. the suffix "ic" is used. 

4. the word "acid" is used as the second word in the name. 

The name for HCl is hydrochloric acid. Other binary acids you are responsible for are HF, HBr, HI, and H2S.



1) HClO is an acid involving a polyatomic ion. You MUST recognize the polyatomic ion in the formula. There is no other way to figure out the name. If you don't recognize the polyatomic, then you're sunk without a trace.

The polyatomic ion is ClO¯ and its name is hypochlorite. Any time you see the "ite" suffix, you change it to "ous" and add the word acid.

The name of HClO is hypochlorous acid.



2) HClO2 has the ClO2¯ polyatomic ion in it. The name of this ion is chlorite.

Since the "ite" suffix is used, it gets changed to "ous."

The name of HClO2 is chlorous acid.



3) HClO3 has the ClO3¯ polyatomic ion and its name is chlorate. Any time you know the "ate" ending is used on the polyatomic, you use "ic" when you write the corresponding acid formula.

The name of HClO3 is chloric acid.



4) HClO4 has the ClO4¯ polyatomic ion and its name is perchlorate.

Since the "ate" suffix is used, it gets changed to "ic."

The name of HClO4 is perchloric acid.



In the ChemTeam's estimation there are two keys. You have to:

1. recognize when a polyatomic is present and 

2. know its name. 

Only then can you know to change the "ite" suffix to "ous" and the "ate" suffix to "ic" when it is an acid.



Practice Problems

Name the following acids:

1) H3PO4
2) H2CO3
3) H2SO4
4) HIO3
5) HF

6) HNO2
Write the formula for these acids:

7) hydrobromic acid

8) hydrocyanic acid [this has a twist in it]

9) nitric acid

10) sulfurous acid

11) phosphorous acid

12) acetic acid

RULES FOR LEWIS STRUCTURES

A Lewis structure consists of the electron distribution in a compound and the formal charge on each atom. You are expected to be able to draw such structures to represent the electronic structure of compounds. The following rules are given to assist you. 



1. Determine whether the compound is covalent or ionic. If covalent, treat the entire molecule. If ionic, treat each ion separately. Compounds of low electronegativity metals with high electronegativity nonmetals (EN > 1.6) are ionic as are compounds of metals with polyatomic anions. For a monoatomic ion, the electronic configuration of the ion represents the correct Lewis structure. For compounds containing complex ions, you must learn to recognize the formulas of cations and anions. 

2. Determine the total number of valence electrons available to the molecule or ion by: 

(a) summing the valence electrons of all the atoms in the unit and
(b) adding one electron for each net negative charge or subtracting one electron for each net positive charge. Then divide the total number of available electrons by 2 to obtain the number of electron pairs (E.P.) available. 

3. Organize the atoms so there is a central atom (usually the least electronegative) surrounded by ligand (outer) atoms. Hydrogen is never the central atom. 

4. Determine a provisional electron distribution by arranging the electron pairs (E.P.) in the following manner until all available pairs have been distributed: 

a) One pair between the central atom and each ligand atom.
b) Three more pairs on each outer atom (except hydrogen, which has no additional pairs), yielding 4 E.P. (i.e., an octet) around each ligand atom when the bonding pair is included in the count.
c) Remaining electron pairs (if any) on the central atom. 

The VSEPR Theory of Molecular Geometry



VSEPR stands for Valence Shell Electron Pair Repulsion. That's a real mouthful for what is really a rather simple idea.

The whole concept revolves around the idea that the electrons in a molecule repel each other and will try and get as far away from each other as possible. VSEPR explains a lot about molecular geometry and structure, BUT NOT EVERYTHING!!

The electrons (both in pairs and singles as you will see) are "attached" to a central atom in the molecule and can "pivot" freely on the atom's surface to move away from the other electrons.

Electrons will come in several flavors:

a) bonding pairs - this set of two electrons is involved in a bond, so we will write the two dots BETWEEN two atoms. This applies to single, double, and triple bonds.
b) nonbonding pairs - this should be rather obvious.
c) single electrons - in almost every case, this single electron will be nonbonding. 

Almost 100% of the examples will involve pairs, but there are a significant number of examples that involve a lone electron.

VSEPR uses a set of letters to represent general formulas of compounds. These are:

a) A - this is the central atom of the molecule (or portion of a large molecule being focused on).
b) X - this letter represents the ligands or atoms attached to the central atom. No distinction is made between atoms of different elements. For example, AX4 can refer to CH4 or to CCl4.
c) E - this stands for nonbonding electron pairs.
d) e - this stands for lone nonbonding electrons. 

Each area where electrons exist is called an "electron domain" or simply "domain." It does not matter how many electrons are present, from one to six, it is still just one domain. Now a domain with six electrons in it (a triple bond) is bigger (and more repulsive) than a lone-electron domain. However, it is still just one domain.

This is an IMPORTANT point to remember in VSEPR. The more electrons in a domain, the more repulsive it is and it will push other domains farther away than if all domins were equal in strength. Keep in mind that the domains are all attached to the central atom and will pivot so as to maximize the distance between domains.

Another important point to mention in this introduction is that an element's electronegativity will play an important role is determining its role in the molecule.

For example, the least electronegative element will be the central atom in the molecule. The more electronegative the element, the more attractive it is to its bonding electrons This will play a very important role, especially in five domains.

The most important domain numbers at the introductory level are 3, 4, 5, and 6. Domains of 1 and 2 exist, but are simple to figure out. We'll do them here in the ChemTeam. Domains up to 9 exists, but become progressively more complex. 

Assigning Molecule Shape

X=outside atoms A= central atom E= lone pairs

	Number of Domains 
	Arrangement of Domains 
	General Molecular Formula 
	Molecular Shape 
	Examples 

	3 
	Equilateral triangular
(three domains) 
	AX3 
	Trigonal planar 
	BCl3, AlCl3 

	  
	  
	AX2E 
	Angular 
	SnCl2 

	4 
	Tetrahedral
(four domains) 
	AX4 
	Tetrahedral 
	CH4, SiCl4 

	  
	  
	AX3E 
	Trigonal pyramidal 
	NH3, PCl3 

	  
	  
	Ax2E2 
	Angular 
	H2O, SCl2 

	5 
	Trigonal bipyramidal
(five domains) 
	AX5 
	Trigonal bipyramidal 
	PCl5, AsF5 

	  
	  
	AX4E 
	Disphenoidal 
	SF4 

	  
	  
	AX3E2 
	T-shaped 
	ClF3 

	  
	  
	AX2E3 
	Linear 
	XeF2 

	6 
	Octahedral
(six domains) 
	AX6 
	Octahedral 
	SF6 

	  
	  
	AX5E 
	Square pyramidal 
	BrF5 

	  
	  
	AX4E2 
	Square planar 
	XeF4 


[image: image10.png]Total Nurber of

Atoms + Lone pars
o oo o Geometry
With Lone Pairs
No Gentral tinear
‘atom 0, N, o,
2 Linear
co,
Trigonal
3 Planar gt
e, 50,
Tetrahedral Pyramidal Bert
4 o, W o
Trigonal
5 Bipyramical Seesaw  TShaped  Linear
P, SF, R, e,
Square Sauare
6 Octanedral  pymaal  Planar
ER BrF XeF,





Three Electron Domains

Three electron domains around a central atom is known generally as trigonal planar (sometimes triangular planar) and has two major variations you should know:

AX3 - trigonal planar
AX2E - angular 



AX3 - Trigonal planar

	Molecule 
	Lewis Structure 
	3-D Structure 
	Comments 

	BF3 
	[image: image11.png]
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	Note that BF3 is electron-deficient, with only six electrons in boron's valence shell. This will make it a good Lewis acid. BH3 does not exist as an independent species, but B2H6 (named diborane) does. 

	CO32¯ 
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	Formal charge places a -1 on each of the oxygens with three electron pairs. This ion shows resonance structures. All three bond lengths are equal and intermediate between a C-C bond (134 pm) and a C=C bond (154 pm) at about 147 pm. 

	NO3¯ 
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	Formal charge places a -1 on the oxygens with three electron pairs and a +1 on the N. This ion shows resonance structures. All three bond lengths are equal and intermediate between a N-O bond (136 pm) and a N=O bond (116 pm) at about 130 pm. 


AX2E - Angular

	Molecule 
	Lewis Structure 
	3-D Structure 
	Comments 

	BrNO 
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	ClNO has a bond angle of 113.3° and FNO has a bond angle of 110.1° Can you explain why? Hint: think about what the increasing electronegativity of Br to Cl to F does to the electron density (hence repulsive power) of that bonding domain. 


Four Electron Domains

Four electron domains around a central atom is known generally as tetrahedral and has three major variations you should know:

AX4 - tetrahedral
AX3E - trigonal pyramidal
AX2E2 - angular 



AX4 - Tetrahedral

	Molecule 
	Lewis Structure 
	3-D Structure 
	Comments 

	CH4 
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	The H-C-H angle is the classic tetrahedral angle of 109.5°
A very interesting result of molecular orbital theory is that CH4 has one bond different than the other three. 

	CCl4 
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	tetrahedral 

	NH4+ 
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	tetrahedral 


AX3E - Trigonal pyramidal

	Molecule 
	Lewis Structure 
	3-D Structure 
	Comments 

	NH3 
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	Since the nonbonding pair is larger (and more repulsive) than a bonding pair, the hydrogens are pushed together and the H-N-H bond angle is 107.2° The bond angle in NF3 is 102.3° due to the greater electronegativity of F. 

	H3O+ 
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	The H-O-H bond angle varies depending on the presence of other ions in the solid. 


AX2E2 - Angular

	Molecule 
	Lewis Structure 
	3-D Structure 
	Comments 

	H2O 
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	The H-O-H bond angle is 104.5° 


Five Electron Domains

Five electron domains around a central atom is known generally as trigonal bipyramidal and has four major variations you should know:

AX5 - trigonal bipyramid
AX4E - disphenoidal
AX3E2 - T-shaped
AX3E3 - linear 



AX5 - Trigonal bipyramid

	Molecule 
	Lewis Structure 
	3-D Structure 
	Comments 

	PF5 
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	trigonal bipyramid 

	OSF4 
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	The color red is simply there to help tell the electron pairs apart. It serves no other function. 


AX4E - Disphenoidal

	Molecule 
	Lewis Structure 
	3-D Structure 
	Comments 

	SF4 
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	disphenoidal: the unshared electron pair is in the plane of the page. 


AX3E2 - T-shaped

	Molecule 
	Lewis Structure 
	3-D Structure 
	Comments 

	ClF3 
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	T-shaped: the two unshared electron pairs are projected in front of and behind the plane of the page. 


AX2E3 - Linear

	Molecule 
	Lewis Structure 
	3-D Structure 
	Comments 

	I3¯ 
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	linear 


Six Electron Domains

Six electron domains around a central atom is known generally as octahedral and has three major variations you should know:

AX6 - octahedral
AX5E - square pyramidal
AX4E2 - square planar 



AX6 - Octahedral

	Molecule 
	Lewis Structure 
	3-D Structure 
	Comments 

	SF6 
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	octahedral 


AX5E - Square pyramidal

	Molecule 
	Lewis Structure 
	3-D Structure 
	Comments 

	BrF5 
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	square pyramidal 


AX4E2 - Square planar

	Molecule 
	Lewis Structure 
	3-D Structure 
	Comments 

	XeF4 
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	square planar 


http://www.faidherbe.org/site/cours/dupuis/vseprev.htm
http://offchemmath.roshd.ir/thinkquestchem/structures/predict.html
