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· Ionic Bonds/Compounds are compounds built from positive ions (cations) and negative ions (anions).  Atoms that can transfer electrons. In the extreme case where one or more atoms lose, electrons and other atoms gain them in order to produce a noble gas electron configuration. {Ionic compounds are usually formed when metals bond to nonmetals.}   
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Electron Transfer creates anions & cations, which attract because of their opposite charges.
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· A covalent compound is a compound in which the atoms that are bonded share electrons rather than transfer electrons from one to the other.  Covalent compounds are formed when two nonmetals bond to each other.
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Metallic Bonding: Metals lose electrons and cannot normally accept them.  This means that, in a metallic bond, there are no atoms to accept the electrons.  Instead, the electrons are given up to a "sea" of electrons that surrounds the metal atoms.
The cations within a metallic solid are known as Kernels.

The mechanism that holds a metallic bond together is the attraction between the positive kernels and the negative electron sea. The strength of the metallic bond is derived primarily from the charges in the system.

· Characteristics of Metal Bonding:

· The larger the magnitude of the positive charges on the metallic nuclei, the greater the strength of the metallic bond. 

· The greater the number of valence electrons contributed to the electron sea, the greater the strength of the metallic bond. 

· Metals are also known as being good conductors of heat, or thermal conductors. Heat is kinetic energy. In order for a substance to conduct heat, it must be able to transmit kinetic energy.
· If heat is applied to one side of a piece of metal, then the kernels will start to vibrate. Because they are so loosely held into the crystal structure, they will be able to vibrate freely. 

· With the increase in the amount of their vibration, they will run into the kernels located next to them. That will start more kernels to vibrate. 

· In this way, the process continues until all of the kernels in the system are vibrating. 

· Structure: smallest building blocks are ions- not molecules! 

large numbers of ions can attract to form clusters and eventually crystals 
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an ion pair
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an ion cluster
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an ion crystal

	
	
	


Bonds 

There are found in compounds. Bonds form as an attempt to stabilize a chemical system by releasing energy. The greater the amount of energy released during the formation of a bond, the more stable the bond will be. All bond formation processes involve the use of valence level electrons.
three types of bonds: metallic, ionic, and covalent. The mechanism is an electrostatic force of attraction between areas of positive and negative charge. These differences are responsible for the various types of bonds generally 
Bond Length is the average distance between the centers of two bonded atoms. Because bonded atoms experience some vibration, moving towards and away from each other, the distance between bonded atoms will vary slightly over a period of time.  
Why Atoms Combine?

Diatomic Molecules - a molecule made up of two atoms of the same element.  Examples include: Bromine (Br2), Chlorine (Cl2), Fluorine (F2), Hydrogen (H2), Iodine (I2), Nitrogen (N2), & Oxygen (O2)
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Lewis Dot Structures - represents the outer most electrons surrounding a central element.

Step 1. Let the symbol of the element represent the nucleus and all electrons except those in their outer shell. 


Oxygen - 
O

Step 2. Write the electron configuration of the outer most electrons.


Oxygen - [He] 2s2 2p4
Step 3.  Draw dots around the central element filling in the outer most shells.  For example: if the s orbital is filled completely, the element will show a pair of electrons around it.  Place the remaining electrons around the element that shows the outer most shell.  


Oxygen - [He] 2s2 2p4  = 
O
Rules for writing Lewis structures:
1. Count up the total number of valence electrons in the species (molecule, ion or atom).  

2. Write the symbol of the central atom.  This is usually the element of which there is only one atom.  In other situations, you'll need to be told which is the central atom.

3. Write the symbols for the other atom(s) around the central atom any way you please. Precisely where you choose to put the surrounding atom(s) does not matter since Lewis structures do not specify the 3-D shape.

4. Put a bond (pair of electrons) between the central atom and each of the surrounding atoms.  Represent the bond with a line.  

5. Put dots representing the remaining valence electrons around the atoms so as to attain a noble gas configuration of a total of 8 electrons (2 in the case of hydrogen). This is called the "octet rule," but it is often violated (see step 6).

6. If step 5 proves difficult, try multiple bonds.  If step 5 still proves difficult, exceed the octet rule on atoms from elements in the 3rd period or higher.  For B or Be atoms, one can have fewer than 8 electrons. 

More than one Lewis structure is often possible for a molecule.  To choose the most reasonable, one must consider formal charge on each atom.  Formal charge should always be spread out as much as possible.   

Main properties of Ionic Compounds (salts)

· All ionic compounds form crystals. Salts like to form crystals because when you have electrical positive and negative charges, they like to be stuck together.  The arrangement is referred to as the "unit cell". 

· Ionic compounds tend to have high melting and boiling points.  So, why are these temperatures so high? Well, it has to do with the way that ionic materials are held together. To break the positive and negative charges apart, it takes a huge amount of energy.

· Ionic compounds are very hard and very brittle. Again, this is because of the way that they are held together. Ionic compounds are hard - so they don't bend at all.  This also explains the brittleness of ionic compounds.

· Ionic compounds conduct electricity when they dissolve in water. If we take a salt and dissolve it in water, the water molecules pull the positive and negative ions apart from each other. (This is because of the unusual properties of water). Instead of the ions being right next to each other, they wander all over the water. 

Main Properties of Covalent Compounds

· Covalent compounds generally have much lower melting and boiling points than ionic compounds.  Covalent compounds form distinct molecules, in which the atoms are bound tightly to one another.  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.  

· Covalent compounds are soft and squishy.  Covalent compounds have low melting and boiling points.  Covalent compounds have molecules that can easily move around each other, because there are no bonds between them.  Covalent compounds are frequently flexible rather than hard. 

· Covalent compounds tend to be more flammable than ionic compounds.  Covalent compounds that do not contain carbon or hydrogen tend not to burn; they burn by mechanisms other than 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. 

· Covalent compounds do not conduct electricity in water.  Electricity is conducted in water from the movement of ions from one place to the other. Since there are no ions in a covalent compound, they do not conduct electricity in water.

· Covalent compounds are not usually very soluble in water.  There is 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 do not dissolve in water.  However, some covalent compounds dissolve quite well in water.  
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Common Properties of Ionic and Covalent Bonds

	
	Molecular compounds
	Ionic compounds

	smallest particles
	molecules
	cations and anions

	origin of bonding
	electron sharing
	electron transfer

	forces between particles
	strong bonds between atoms
weak attractions between molecules
	strong attractions between anions and cations
strong repulsions between ions of like charge

	elements present
	close on the periodic table
	widely separated on the periodic table

	metallic elements present
	rarely
	usually

	electrical conductivity
	poor
	good, when melted or dissolved

	state at room temperature
	solid, liquid, or gas
	solid

	melting and boiling points
	lower
	higher
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· Elements which are close together in electronegativity tend to form covalent bonds and can exist as stable free molecules. Carbon dioxide is a common example.

· Elements from opposite ends of the periodic table will generally form ionic bonds. They will have large differences in electronegativity and will usually form positive and negative ions. The elements with the largest electronegativities are in the upper right of the periodic table, and the elements with the smallest electronegativities are on the bottom left. If these extremes are combined, such as in RbF, the dissociation energy is large. Hydrogen is the exception, forming covalent bonds. 

VSEPR Theory:

VSEPR stands for Valence Shell Electron Pair Repulsion. It is a theory, which allows the user to predict the shapes of simple polyatomic molecules by applying a set of straightforward rules.
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Designation of Similar Regions by Geometry

Taking into Account Lone Pairs and/or Single Unpaired Electrons

You must be able to construct a correct Lewis structure for a given molecule in order to determine its geometry. 
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	σ-bonded electron pairs
	Unshared electron pairs
	Stereoactive pairs
	Shape  (linked to a CHIME model)  
	Sketch

	2 (180)
	0
	2
	linear (sp)
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	3 (120)
	0
	3
	trigonal planar
(sp2)
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	2 (120)
	1
	3
	bent (sp2)
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	4

(109.5)
	0
	4
	tetrahedral
(sp3)
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	3

(107.3)
	1
	4
	trigonal pyramidal
(sp3)
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	2

(104.5)
	2
	4
	bent
(sp3)
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	5

(90&120)
	0
	5
	trigonal bipyramidal
(dsp3)
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	4

(90&120)
	1
	5
	see-saw
(dsp3)
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	3

(90&120)
	2
	5
	T-shaped
(dsp3)
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	2

(90&120)
	3
	5
	linear
(dsp3)
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	6

(90)
	0
	6
	octahedral
(d2sp3)
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	5

(90)
	1
	6
	square pyramidal
(d2sp3)
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	4

(90)
	2
	6
	square planar
(d2sp3)
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Intermolecular forces

· Electrostatics - The attraction of a positive charge with a negative charge is the force that allows for the structure of the atom, causes atoms to stick together to form molecules; both ionic and covalent, They are responsible for the formation of liquids, solids and solutions. Atoms within a molecule are attracted to one another by the sharing of electrons.  This is called an intramolecular force. 

· Intermolecular forces are generally much weaker than the intramolecular forces. 

· London dispersion forces

The forces that hold molecules together in the liquid, solid and solution phases are quite weak.  They are generally called London dispersion forces.  They are generally found in Noble-gas atoms and nonpolar molecules. However, these London dispersion forces are weak, the weakest of all the intermolecular forces. Their strength increases with increasing size (and polarizability) of the molecule. 

· Dipole-dipole attractions

What would happen if we had a beaker of polar molecules, like formaldehyde, 
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In addition to the attractive London dispersion forces, we now have a situation where the molecule is polar.  The molecule has a permanent dipole. The positive ends end up near to another molecule's negative end: 
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This dipole is permanent, and the attraction is stronger.  This occurs between molecules that are polar. This is a dipole - dipole interaction.  The strength of this attraction increases with the increasing polarity of the molecules. 

· Hydrogen bond

Hydrogen is a special element. It can form a special type intermolecular interaction called the hydrogen bond. If the hydrogen in a molecule is bonded to a highly electronegative atom in the second row only (N, O, or F), a hydrogen bond will be formed. 

The three elements listed above will grab the electrons for itself, and leave the hydrogen atom with virtually no electron density (since it had only the one). Now, if another molecule comes along with a lone pair, the hydrogen will try to position itself near that lone pair in order to get some electron density back. This ends up forming a partial bond.  The strength of this interaction, while not quite as strong as a covalent bond, is the strongest of all the intermolecular forces (except for the ionic bond). 
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Could the CH2O molecule exhibit hydrogen bonding? The answer is no, since the hydrogen must be bound to either N, O, or F. Just having one of those species in the molecule is not enough. 
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� INCLUDEPICTURE "http://www.bcpl.net/~kdrews/bonding/cov.gif" \* MERGEFORMATINET ���





Geometry �
Similar Regions �
�
Linear �
Ends �
�
Trigonal Planar �
Corners of the triangle �
�
Tetrahedral �
corners of the tetrahedron �
�
Trigonal Bipyramidal �
two axial positions as a set�three equatorial positions as a set �
�
Octahedral �
Corners of the octahedron �
�
Pentagonal Bipyramidal �
two axial positions as a set five equatorial positions as a set �
�






Linear Examples 


H2 �
H - H �
Both ends are the same. Nonpolar. �
�
HCl �
H - Cl �
Both ends are not the same. Polar.  Cl more electronegative than H.  Polarity direction towards Cl. �
�
CS �
C [triple bond] S �
Both ends are not the same. Polar.  C and S have the same electronegativity.�C has a -1 formal charge�Polarity towards C �
�






Trigonal Planar Examples 


BCl3 �
� INCLUDEPICTURE "http://dbhs.wvusd.k12.ca.us/Bonding/VSEPR-small-BCl3.GIF" \* MERGEFORMATINET ����
all triangle corners are the same. Nonpolar. �
�
BCl2Br �
� INCLUDEPICTURE "http://dbhs.wvusd.k12.ca.us/Bonding/VSEPR-small-BCl2Br.GIF" \* MERGEFORMATINET ����
all triangle corners are not the same. Polar.  Cl more electronegative than Br. since there are two Cl, polarity�direction towards Cl. �
�
BClBr2 �
� INCLUDEPICTURE "http://dbhs.wvusd.k12.ca.us/Bonding/VSEPR-small-BClBr2.GIF" \* MERGEFORMATINET ����
all triangle corners are not the same. Polar.  With two Br versus one Cl, the polarity direction is expected towards the Br. �
�
SO3 �
� INCLUDEPICTURE "http://dbhs.wvusd.k12.ca.us/Bonding/VSEPR-small-SO3.GIF" \* MERGEFORMATINET ����
all triangle corners are the same. Nonpolar. �
�
SO2 �
� INCLUDEPICTURE "http://dbhs.wvusd.k12.ca.us/Bonding/VSEPR-small-SO2.GIF" \* MERGEFORMATINET ����
all triangle corners are not the same. Polar.  The lone pair on the S versus two O would make a reasonable polarity direction difficult even with O more electronegative than S �
�






Tetrahedral Examples 


CH4 �
� INCLUDEPICTURE "http://dbhs.wvusd.k12.ca.us/Bonding/VSEPR-small-CH4.GIF" \* MERGEFORMATINET ����
all tetrahedron corners are the same. Nonpolar. �
�
CH3F �
� INCLUDEPICTURE "http://dbhs.wvusd.k12.ca.us/Bonding/VSEPR-small-CH3F.GIF" \* MERGEFORMATINET ����
all tetrahedron corners are not the same. Polar.  Even with three H versus one F, the polarity direction would likely be toward F �
�
NH3 �
� INCLUDEPICTURE "http://dbhs.wvusd.k12.ca.us/Bonding/VSEPR-small-NH3.GIF" \* MERGEFORMATINET ����
all tetrahedron corners are not the same. Polar.  With three H versus one N, but N more electronegative than H and a N�lone pair, polarity direction would be toward the lone pair �
�
H2O �
� INCLUDEPICTURE "http://dbhs.wvusd.k12.ca.us/Bonding/VSEPR-small-H2O.GIF" \* MERGEFORMATINET ����
all tetrahedron corners are not the same. Polar.  With two H versus one O, but O more electronegative than H and two O lone pairs, polarity direction would be toward the lone pairs �
�






Trigonal Bipyramidal Examples 


PCl5 �
� INCLUDEPICTURE "http://dbhs.wvusd.k12.ca.us/Bonding/VSEPR-small-PCl5.GIF" \* MERGEFORMATINET ����
two axial positions are the same, and three equatorial positions are the�same. Nonpolar. �
�
PCl4F �
� INCLUDEPICTURE "http://dbhs.wvusd.k12.ca.us/Bonding/VSEPR-small-PCl4F.GIF" \* MERGEFORMATINET ����
Two axial positions are not the same.  Three equatorial positions are the same.  Polar. Since the three equatorial positions cancel each other for polarity, the polarity direction would be toward the axial F. �
�
PCl3F2 �
� INCLUDEPICTURE "http://dbhs.wvusd.k12.ca.us/Bonding/VSEPR-small-PCl3F2.GIF" \* MERGEFORMATINET ����
The two axial positions are the same the three equatorial positions are the same.  Nonpolar. �
�
SF4 �
� INCLUDEPICTURE "http://dbhs.wvusd.k12.ca.us/Bonding/VSEPR-small-SF4.GIF" \* MERGEFORMATINET ����
The two axial positions are the same the three equatorial positions are not the same. Polar. Polarity direction�would be quite difficult to predict with two F versus a lone pair. �
�
ClF3 �
� INCLUDEPICTURE "http://dbhs.wvusd.k12.ca.us/Bonding/VSEPR-small-ClF3.GIF" \* MERGEFORMATINET ����
The two axial positions are the same the three equatorial positions are not the same. Polar. With two lone pairs versus one F, polarity direction would likely be toward the lone pairs. �
�






Octahedral Examples 


SF6 �
� INCLUDEPICTURE "http://dbhs.wvusd.k12.ca.us/Bonding/VSEPR-small-SF6.GIF" \* MERGEFORMATINET ����
all octahedron corners are the same. Nonpolar. �
�
XeF4 �
� INCLUDEPICTURE "http://dbhs.wvusd.k12.ca.us/Bonding/VSEPR-small-XeF4.GIF" \* MERGEFORMATINET ����
all octahedron corners are not the same.�All opposite corners are the same; symmetry takes precedence. Thus, there is�no preferred polarity direction. Nonpolar. �
�






Pentagonal Bipyramidal Examples 


IF7 �
� INCLUDEPICTURE "http://dbhs.wvusd.k12.ca.us/Bonding/VSEPR-small-IF7.GIF" \* MERGEFORMATINET ����
The two axial positions are the same.  The five equatorial positions are the same.�Nonpolar. �
�






� INCLUDEPICTURE "http://misterguch.brinkster.net/vsepr.gif" \* MERGEFORMATINET ���
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Ionic Compounds





Crystalline solids (made of ions) 


High melting and boiling points 


Conduct electricity when melted 


Many soluble in water but not in nonpolar liquid








Covalent Compounds


Gases, liquids, or solids (made of molecules) 


Low melting and boiling points 


Poor electrical conductors in all phases 


Many soluble in nonpolar liquids but not in water
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