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Periodic Properties

Chapter 4
4-1. Periodic Properties.  (From 4.1 pg 108) (PowerPoint Presentation)
Objectives:  SWBAT

1. describe how the modern periodic table is organized.

2. state the periodic law.

3. explain why elements in the same family of the periodic table have similar properties.

4. determine the comparative levels of chemical activity, electronegativity, ionization energy, electron affinity, atomic radius, and ionic radius.
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Information from the periodic table.

1. Dmitri Mendeleev:  Father of the periodic table.

a. Determined the periodic table.  Based upon the intensive and chemical properties of elements.

b. Periodic Law:  Elements have properties that are related to increasing atomic number and a periodic in nature.

2. Periods:  Horizontal grouping on the periodic table (#1-7).

3. Groups/Families:  Vertical groupings on the periodic table (#1-18).

a. Alkali metals:  Group 1 elements.

b. Alkaline-earth metals:  Group 2 elements.

c. Noble Gases:  Group 18 elements.  The last family.  These are inert.

1) Inert:  Do not react.

2) High Stability:  Do not react.  Very low in energy.

3) Enthalpy:  In nature systems tend to go to the lowest energy level possible.

4. Transitional Elements:  The middle elements, group 3 – 12

5. Rare Earth Elements:  The bottom elements (in f subshell)

6. Metals/Nonmetals:  Metals are on left of the staircase and nonmetals are on the right.

Organization of the table; pg 143 #1-17

B. Chemical Activity:  the ability of an element to chemically react with another element.

1. Chemical activity is related to two primary causes:

a. Elements trying to achieve noble gas electron configuration.

1) Metals tend to lose electrons.

2) Nonmetals tend to gain electrons.

b. Electrostatic repulsion and electrostatic attraction.

1) Electrostatic Attraction:  the attraction between the electrons (in their shells) and the protons (in the nucleus).

2) Electrostatic Repulsion:  the repulsion between the various electrons.

2. All of the following factors must be looked at in two ways, one set of rules for metals and one for nonmetals.

a. Electronegativity
b. Ionization Energy
c. Electron Affinity
C. Electronegativity:  The tendency for an atom to attract electrons to itself.

1. Highest electronegative element is fluorine with an arbitrary 4.0 assigned to it.

2. Periodic Tendency:  Electronegativity increases from bottom to top and from left to right.  (Pg 126 Figure 4-20)
3. Metals:  The lower the electronegativity the more active the metal.

4. Nonmetals:  The higher the electronegativity the more active the nonmetal.

D. Ionization Energy:  The energy needed to remove the outermost electron.  (Pg 123 Figure 4-17)
1. Periodic Tendency:  Increases from bottom to top, and from left to right.

2. Metals:  The lower the ionization energy the more active the metal.

3. Nonmetals:  The higher the ionization energy the more active the nonmetal.

E. Electron Affinity:  The energy released by adding electrons to atoms.

1. Periodic Tendency:  Increase negative values from bottom to top and from left to right  (Pg 125 Figure 4-6).

2. Since the energy change is negative, the smaller the value, the greater the energy given off!!!

3. Metals:  the larger the value the more chemically active the element.

4. Nonmetals:  the smaller the value the more chemically active the element.
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Atomic Radius:  One half the distance between two nuclei of identical atoms that are bonded together.

1. Periodic Tendency:  Increase radius from top to bottom and from right to left.

G. Ionic Radius:  Metals become smaller, nonmetals become larger.

Periodic Trends Pg 143 #18-28

Pg 183 #1-14 (Bond Formation)

4-2. Writing Chemical Bonds  (Section 5.2, pg 154)
Objectives:  SWBAT

1. distinguish between an ionic and covalent bond.

2. determine the oxidation number of representative elements using the noble gas law.

3. write the proper formula for ionic bonded binary compounds.

4. demonstrate proper usage of parenthesis when writing formulas of compounds with polyatomic ions.

5. recognize and explain why certain formulas are invalid.

A. Ionic Bond:  Transfer of electrons.

1. Ions:  Charged particles.

2. Cation (usually metals):  positive charged particle.

3. Anion (usually nonmetals):  negative charged particle.

4. Oxidation Number (Valence):  the apparent charge of an ion.

B. Covalent Bond:  Sharing of electrons.  (We will study more in chapter 6)

C. All pure elements and compounds are electrically neutral.

1. Electrons lost by one element are gained by another.

2. Sum of the oxidation numbers must equal zero.

D. Noble Gas Law (Octet Rule):  When combining with other elements, all elements attempt to have an electron configuration the same as one of the noble gases.

1. It is important to understand why!  See Noble Gases in D7 above!

2. Cations (usually metals):  tend to lose electrons and have a positive charge.

3. Anions (usually nonmetals):  tend to gain electrons and have a negative charge.

4. The sum of the oxidation numbers must equal zero in a compound.  (Electrons lost must equal electrons gained.

5. Ionic Bonds form because opposites attract (one of the principles of nature).

E. Writing Formulas.

1. Basic Principle:  The sum of the oxidation numbers must equal zero.

2. Technique:  LCD

3. Examples:

a. Li combined with F.

b. Both oxidation numbers are zero when they are pure elements.

c. When combined together Li (metal) tends to lose electrons and F (nonmetal) tends to gain electrons until they each become like one of the noble gases.
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Lithium will lose the outermost electron and have an electron configuration like helium.
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Fluorine will gain an electron and have an electron configuration like neon.

4. Finding oxidation numbers.  Use periodic table, table of common ions, or Pg 794.

a. The sum of the oxidation numbers must equal zero!!

1) Examples:

2) Calcium and Chlorine

3) Ca+2 Cl-1  LCD = 2 so the formula is CaCl2.

5. Ionic Compounds are always written in using empirical formulas.

a. Empirical Formula:  the smallest whole number ratio of elements in a compound.

b. Example:  Ca+2 O-2 LCD = 2  so …. CaO is correct formula.

Pg 165 #18-21 (Oxidation #s)

4-3. Nomenclature: a system of naming things.

Objectives:  SWBAT

1. use the rules for writing and naming binary ionic compounds.

2. use the rules for writing and naming binary covalent molecules.

A. Binary Compounds:  Compounds composed of two elements.

1. Metal bonded to a nonmetal (metal has only 1 oxidation number)

a. Name of metal then nonmetal stem + -ide suffix.

b. NaCl
Sodium Chloride

c. MgF2
Magnesium Fluoride

2. Naming of metals with more than one oxidation number.  (Use this Method)

a. Name of metal (modern) preferred: If a metal has more than one oxidation number, give the name of the metal then place the oxidation number in parenthesis using roman numerals.

1) Remember that the sum of the oxidation numbers must equal zero.

2) Fe+2 = Iron (II)   Fe+3 = Iron (III)   Pb+4 = Lead (IV)

3) FeO = Iron II Oxide

4) PbCl4 = Lead IV Chloride

Latin Names of Metals
Iron = Ferrium, Tin = Stannium,  Copper = Cupprium

3. Name of metal (Latin): (Students must be able to read)

a. Give the latin stem + -ic for highest oxidation number.  Fe+3 = Ferric, Cu+2 = Cupric, Sn+4 = Stannic

b. Give the latin stem + -ous for next highest oxidation number.  Fe+2 =-Ferrous, Sn+2 = Stannous, Cu+1 = Cuprous

4. Polyatomic Ions -- Special Cases

a. *Cyanide (CN-1), *Permanganate (MnO4-1), *Hydroxide (OH-1), and *Ammonium (NH4+1) must be memorized.

b. Polyatomic Ions: A group of elements that acts like a single element.  Treat positive ions like metals and negative ions like nonmetals.

1) NaCN = Sodium Cyanide

2) NH4Cl = Ammonium Chloride

c. If a polyatomic ion is needed more than once, place parentheses around the polyatomic ion formula.

1) Mg(CN)2 = Magnesium Cyanide

2) (NH4)2O = Ammonium Oxide

B. Naming of Binary Acids

1. States: (s) = solid, (l) = liquid, (g) = gas, (aq) = aqueous, (p) = precipitate.  All inorganic acids are aqueous.

2. Binary Acid: Composed of Hydrogen and a nonmetal in a water (aqueous) solution.

a. Rule: Use the prefix Hydro-, the stem of the nonmetal, add the -ic suffix and the word Acid.

b. Examples: HCl (aq) = Hydrochloric Acid, H2S (aq) = Hydrosulfuric Acid, HF (aq) = Hydroflouric Acid

C. Nonmetals Bonded to Nonmetals
1. Covalent Bonds: Shared Electrons: Nonmetals bonded to nonmetals

Table 0f Prefixes
Mono (do not use) = 1, Di = 2, Tri = 3, Tetra = 4, Penta = 5, Hexa = 6, Hepta = 7

2. These Compounds are usually called molecules.  Molecule: A combination of different elements using covalent bonds.

a. Binary Molecules: Two nonmetals bonded together.

3. Nomenclature Rule: Give the prefix, and the name of the each element.  For the last element give the prefix and stem plus -ide suffix.  If the prefix to any element other than the last element is mono, mono should be dropped.
a. Examples:
SO2 = Sulfur Dioxide

CCl4 =
Carbon Tetrachloride
CBrI3 = Carbon Bromine Triodide

*Common Oxy-Acid Names
Sulfuric Acid:  H2SO4

Chloric Acid:  HClO3

Phosphoric Acid: H3PO4
Nitric Acid: HNO3

Carbonic Acid: H2CO3
Acetic Acid: HC2H3O2
D. Naming of Oxy-Acids

1. Oxy-Acids contain Hydrogen, a Nonmetal and Oxygen but do not contain (except for Carbonic Acid) Carbon.

2. The most common form of the acid (See Table 2): Stem of nonmetal, +ic suffix, then add word Acid.  Chloric Acid = HClO3
3. When there is one oxygen added to the acid add the prefix Per-: Perchloric Acid = HclO4
4. When there is one less oxygen atom in the formula of the acid replace the -ic suffix with -ous.  Chlorous Acid = HClO2
5. When there is two less oxygen atoms than the most common form in the formula of the acid add the prefix Hypo- to the stem of the nonmetal and use the suffix -ous followed by Acid.  HClO = Hypochlorous Acid.

E. Naming of Oxy Salts

1. Salt:  an ionic compound containing cations other than H+ and anions other than OH-1, or O-2.

2. Oxy Salts: When at least one of the hydrogens in an oxy acid is replaced by a metal.

a. When all of the hydrogens are replaced (most common):

1) Drop the word Acid.

2) Give the name of the metal first.

3) Replace the suffix on the acid.

a) If the suffix was -ic then replace with -ate.  SO4-2 = Sulfate

b) If the suffix was -ous replace with -ite. ClO-1 = Hypochlorite

b. When only one hydrogen is replaced by a metal.

1) Method 1:  Name of Metal Prefix +Hydrogen then name of Anion

2) Method 2:  If there is one metal and one hydrogen.  Name the metal then add the prefix Bi- to the name of the anion.  NaHCO3 = Sodium Bicarbonate

3) Method 3:  State the name of the metal, Prefix = number of hydrogens added to word Basic, then the name of the anion.  KH2PO4 = Potassium Dibasic Phosphate.

F. Special Nomenclature:

1. Always assume that these elements are in their normal oxidation numbers first.  Only when the sum of the oxidation numbers cannot work that you consider these special cases.

a. Oxygen:  Sometimes oxygen can have a –1 oxidation number and is then called Peroxide (O-1).

b. Hydrogen:  Sometimes hydrogen can behave like a nonmetal and have a 
–1 oxidation number.  It is then named like any other nonmetal, hydride (H-1).

2. Ammonia:  NH3 (g)

3. Hydrogen Peroxide (H2O2)

4. Manganese Dioxide:  MnO2
Pg 169 #22-28 (Binary Compounds)

Pg 174 #29-31 (Polyatomic Ions)

Pg 185 #25-39 (Formulas and nomenclature)

4-4. Properties of Salts:  Salts are made of ions.  Because of the strong attraction between their ions, all salts share certain properties.  (From 5.2 pg 159)
Objectives:  SWBAT

1. Describe the properties of ionic compounds, including the crystal lattice structure of salts.

2. Summarize the energy changes that occur when an ionic compound is formed.
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Salt:  an ionic compound containing cations other than H+ and anions other than OH-1, or O-2.

B. Hard crystals result as a fixed arrangement of electrons and the nucleus.  The electrons are fixed to a specific location, even though there is some vibrational motion

C. The structure of a salt is due to the unit cell.  Salts have ordered packing arrangements.

1. Unit Cell:  The simplest portion of a crystal lattice that portrays the three-dimensional structure of the entire lattice.  There are three different ways that atoms can be arranged in the unit cells to form a cubic crystal system.  (Pg 159, Figure 5-9)
a. Simple Cubic

b. Body-centered Cubic

c. Face-centered Cubic


D. In order to conduct electricity a substance must have charged particles that can move about freely.

1. Remember that solids have some vibrational motion, but remain in relatively fixed locations.

2. Ionic solids are not good conductors of electricity because the ions cannot move very much, except to vibrate.

3. If the ions could move about, ionic compounds would become good conductors.

a. Therefore liquid (melted) ionic compounds conduct electricity.

b. Aqueous (aq) ionic compounds also conduct electricity.

1) In water most ionic bonds dissolve and then the ionic bonds disassociate.

2) Disassociate:  to become separated.

c. In both of the above situations the ions are free to move around.

E. Salts have high melting and boiling points.

F. Salts are hard and brittle.

G. Formation of an ionic compound.  (Pg 161 Figure 5-10)
1. The metal absorbs energy and gives up an electron.

2. The nonmetal receives an electron and gives off energy.

3. The two ions combine to form a crystal lattice and give off more energy.

a. Lattice Energy:  Energy released when a crystal containing one mole of an ionic compound is formed from gaseous ions.

1) The smaller the ion, the higher the lattice energy.

2) The greater the charge the higher the lattice energy.

Properties of Salts

1. High Melting Points

2. High Boiling Points

3. Hard

4. Brittle

5. Nonconductor of electricity when solid.

6. Conductor of electricity when liquid or aqueous.

7. Increase in Lattice Energy = an increase in melting and boiling points.

Pg 163 #12-14

Pg 184 #16-18, #20-24

Table of Common Ions

	+1 Ions
	+2 Ions
	+3 Ions
	+4 Ions

	Cation Name
	Symbol
	Cation
	Symbol
	Cation Name
	Symbol
	Cation
	Symbol

	Ammonium
	NH4+
	Chromium (II)
	Cr+2
	Aluminum
	Al+3
	Lead (IV)
	Pb+4

	Copper (I)
	Cu+
	Cobalt (II)
	Co+2
	Arsenic (III)
	As+3
	Tin (IV)
	Sn+4

	Hydrogen
	H+1
	Copper (II)
	Cu+2
	Chromium (III)
	Cr+3
	Titanium (IV)
	Ti+4

	Mercury (I)
	Hg+
	Iron (II)
	Fe+2
	Cobalt (III)
	Co+3
	
	

	Potassium
	K+
	Lead (II)
	Pb+2
	Iron (III)
	Fe+3
	
	

	Silver
	Ag+
	Manganese (II)
	Mn+2
	Manganese (III)
	Mn+3
	
	

	Sodium
	Na+
	Mercury (II)
	Hg+2
	Gold (III)
	Au+3
	
	

	Gold (I)
	Au+
	Nickel (II)
	Ni+2
	
	
	
	

	
	
	Strontium
	Sr+2
	
	
	
	

	
	
	Tin (II)
	Sn+2
	
	
	
	

	
	
	Zinc
	Zn+2
	
	
	
	

	Negative Ions (Anions)

	-1 Ions
	-2 Ions
	-3 Ions
	-4 Ions

	Anion Name
	Symbol
	Anion
	Symbol
	Anion Name
	Symbol
	Anion
	Symbol

	Acetate
	C2H3O2-1 or

CH3COO-1
	Carbonate
	CO3-2
	Hexacyanoferrate (III)
	Fe(CN)6-3
	Hexacyano

ferrate (II)
	Fe(CN)6-4

	Chlorate
	ClO3-1
	Chromate
	CrO4-2
	Phosphate
	PO4-3
	
	

	Chlorite
	ClO2-1
	Dichromate
	Cr2O7-2
	Phosphite
	PO3-3
	
	

	Cyanide
	CN-1
	Oxalate
	C2O4-2
	
	
	
	

	 Hydroxide
	OH-1
	Silicate
	SiO3-2
	
	
	
	

	Hydrogen carbonate
	HCO3-1
	Sulfate
	SO4-2
	
	
	
	

	Hydrogen sulfate
	HSO4-1
	Sulfite
	SO3-2
	
	
	
	

	Hypochlorite
	ClO-1
	
	
	
	
	
	

	Nitrite
	NO2-1
	
	
	
	
	
	

	Nitrate
	NO3-1
	
	
	
	
	
	

	Perchlorate
	ClO4-1
	
	
	
	
	
	

	Permanganate
	MnO4-1
	
	
	
	
	
	


	Peroxide
	O-1
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