Unit 4: The Periodic Table and Bonding

Resources:
v" Periodic Table
v Polyatomic lons List

Survey of the Periodic Table:

e Metals
o Shiny, Malleable, Conductive, Reactive with Acids
o Metallic properties increase toward lower left side of the PT

e Nonmetals
o Dull, Brittle, Non-conductive, Non-reactive with Acids
o Nonmetallic properties increase toward upper right side of the PT

o Metalloids
o Properties of both metals and nonmetals
o Boron, Silicon, Germanium, Arsenic, Antimony, Tellurium, Polonium, Astatine

Families
e s-block
o Group 1: The Alkali Metals
= One valence electron
= Electron configurations end with s*
=  Form ions with an oxidation number of +1
= React violently with water to produce a basic solution (high pH)
o Group 2: The Alkaline Earth Metals
= Two valence electrons
=  Electron configurations end with s°
=  Form ions with an oxidation number of +2
= React moderately with water to produce a basic solution
e p-block

o Group 13: The Boron Group
= Three valence electrons
=  Electron configurations end with p*
=  Form ions with an oxidation number of +3
o Group 14: The Carbon Group
=  Four valence electrons
=  Electron configurations end with p*
=  Form ions with an oxidation number of +4 or -4
= Carbon and silicon are capable of forming long chains and polymers
= Carbon exists in many forms (allotropes: forms of an element with different
properties due to a different structure)
o Group 15: The Nitrogen Group (The Pnictogens)
=  Five valence electrons
»  Electron configurations end with p?
= Form ions with an oxidation number of -3
= Nitrogen and phosphorus are often found in high energy explosives
o Group 16: The Oxygen Group (the Chalcogens)



= Six valence electrons
= Electron configurations end with p*
=  Form ions with an oxidation number of -2
o Group 17: The Halogens
= Seven valence electrons
»  Electron configurations end with p’
=  Form ions with an oxidation number of -1
=  Exist in nature as diatomic elements, along with hydrogen, nitrogen, and oxygen
e Hy N, 0, Fy, Cly, Bry, I
= The most reactive of the nonmetals
o Group 18: The Noble Gases
= Eight valence electrons
= Electron configurations end with p® (except for helium)
= Oxidation number of zero
= Completely unreactive
e d-block
o Groups 3-12: The Transition Metals
= Two valence electrons (usually)
= Electron configurations end with d*
= (Capable of forming cations with multiple oxidation numbers
= Tend to form colorful compounds
= A wide range of properties
o f-block
o Elements 57-71: The Lanthanides (The Rare-Earth Metals)
= Electron configurations end with 4f* (usually)
= Used in glass-making, phosphors, magnets, and high-tech devices
o Elements 89-103: The Actinides
= Electron configurations end with 5f* (usually)
= All are radioactive and most are extremely rare
= Elements larger than Uranium (transuranium elements) are synthetic

Periodic Properties
e Atomic Radius - one-half the distance between two adjacent nuclei
o Radius increases from top to bottom within a group (family)
=  With each period, a new energy level is added. These electrons are further from
the nucleus (ie 4s is larger than 3s)
o Radius decreases from left to right within a period (row)
= All elements within a period have the same valence energy level. However, the
increased nuclear charge of larger elements has a greater attraction for those
valence electrons.
o First lonization Energy - the energy required to remove the outermost electron
o lonization energy decreases from top to bottom within a group
= Electrons in higher energy levels are further from the nucleus and experience a
lesser attraction; therefore it requires less energy to remove them.
o lonization energy generally increases from left to right within a period
= The increased nuclear charge results in a greater attraction for the valence
electrons; therefore it requires more energy to remove them.
= EXCEPTION #1: Group 13




e Elements in group 13 have a lower-than-expected ionization energy
compared to their group 2 counterparts
e The 'p' electron in any energy level has a greater potential energy than
an's' electron in the same energy level. Therefore it requires less
energy to remove
=  EXCEPTION #2: Group 16
e Elements in group 16 have a lower-than-expected ionization energy
compared to their group 15 counterparts
e The spin-paired electrons in group 16 elements experience repulsion
from the electron in the same orbital. Therefore it requires less energy
to remove one
e Electronegativity - the attraction an atom has for electrons in a bond
o Electronegativity decreases from top to bottom within a group
o Electronegativity increases from left to right within a period
o The Noble Gases generally are not assigned electronegativity values because they do
not form bonds with other elements
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lonic Bonding

e Metal cation + Nonmetal anion

e Electron(s) lost by metal is/are gained by nonmetal (complete electron transfer)

O

High difference in electronegativity

o The lowest ratio of cation to anion that produces a neutral compound is called the formula unit

e Produces a solid crystal lattice

o High melting point
o Brittle
o Nonconductive as solid

lonic Nomenclature

Conductive when molten or in solution

e (Cation (#) Anion

e The name of a metal cation may include a Roman Numeral indicating the oxidation number
o All metals are multivalent except: Group 1, Group 2, AI*, Zn**, and Ag".

e The name of an anion will have the element's name amended to '-ide'.

e May include one or more polyatomic ions.

o EXAMPLES:
o LiBr lithium bromide Na,S sodium sulfide
o BaF, barium fluoride SrO strontium oxide
o AlCls aluminum chloride CasP, calcium phosphide



o FeS iron(ll) sulfide SnO, tin(IV) oxide

o Au(OH); gold(lll) hydroxide Mgs(PO,), magnesium phosphate
o Cu,CO; copper(l) carbonate Pb(ClO4)4 lead(IV) perchlorate

0 (NH,4),S0; ammonium sulfite NH,C,H;0, ammonium acetate

Acid Nomenclature
e Binary Acids (Hydrogen + Nonmetal anion)
e Oxidation numbers produce a neutral compound
e Name begins with "hydro-" and ends with "-ic acid"

e EXAMPLES:
o HCl hydrochloric acid HF hydrofluoric acid
o H,S hydrosulfuric acid HsP hydrophosphoric acid

e Oxyacids (Hydrogen + Polyatomic anion)

e Oxidation numbers produce a neutral compound

o No prefix

e [f the polyatomicion ends in "-ate," the acid will end with "-ic acid"
e If the polyatomic ion ends in "-ite," the acid will end with "-ous acid"

o EXAMPLES:
o HNO; nitric acid HNO, nitrous acid
o H,S0, sulfuric acid H,S0; sulfurous acid
o HGC,H;0, acetic acid HCIO hypochlorous acid

Metallic Bonding
e Omnidirectional ("Electron-Sea" model)
e Produces a solid crystal lattice
o High melting point
o Malleable
o Very conductive

Covalent Bonding
e Two or more nonmetals
e Valence electrons are shared between atoms to achieve a stable octet
e The smallest unit of a covalent compound is called a molecule
e Low melting/boiling points because the bond do not break during a phase change
e Electrons are shared according to electronegativity differences
o The higher the electronegativity, the more polar the bond
o Nonpolar covalent bonds only occur within diatomic molecules

Covalent Nomenclature

Greek prefixes denote the number of atoms of each element within the molecule
e The second element has its ending changed to "-ide"

The first element does not receive a prefix if there is only one atom

o EXAMPLES:
o CO, carbon dioxide As,S; diarsenic pentasulfide
o SO; sulfur trisulfide P,0,, tetraphosphorus decoxide

o N,O dinitrogen monoxide IF iodine monofluoride



Molecular Geometries
e Described by Valence Shell Electron Pair Repulsion Theory (VSEPR)
e The number of bonding and lone pairs of electrons determine the shape of the molecule
o The symmetry of molecules determines polarity
o Symmetrical molecules are nonpolar
o Nonsymmetrical molecules are polar (uneven distribution of electrons)
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Sigma and Pi bonding
e Single covalent bonds are sigma bonds
e Double bonds are made of one sigma bond and one pi bond
e Triple bonds are made of one sigma bond and two pi bonds
o Sigma bonds are formed from the end-to-end overlap of atomic orbitals. The shared
electrons are found in the space between the atomic nuclei
o Pibonds are formed from the side-to-side overlap of atomic orbitals. The shared
electrons are found above and below the space between the atomic nuclei

Intermolecular Forces
e Forces of attraction between molecules due to polarity
e From weakest to strongest: London dispersion, dipole-dipole, hydrogen bonding
Dipole-Dipole Force
o Attraction between two permanent dipoles (polar molecules)
o Strength proportional to the magnitude of the dipole moment
Hydrogen Bonding
o Attraction between two permanent dipoles (polar molecules) in which a hydrogen atom
is directly bonded to a small electronegative element - N, O, F
o Despite its name, it is NOT a bond, but an IM force
London Dispersion Force
o Attraction between two temporary dipoles (nonpolar molecules)
o Temporary dipoles arise due to the random motion of electrons
o Large molecules with many electrons are more polarizable, and therefore exhibit
stronger London dispersion forces




