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Periodic Table

● Most elements are metals
● Metals are shiny, malleable, ductile, and good 
conductors of heat and electricity

● Most metals are solid at room temperature

● Non-metals in upper right corner, plus H
● Non-metals are poor conductors of heat and 
electricity

● They are gaseous or brittle solids at room 
temperature

● Metalloids – diagonal between metals and non-
metals
● Have metallic and non-metallic properties



  



  

Periodic Table

● Elements to the left on a row and down on a 
column tend to have more metallic character.

● Some elements can not be clearly defined as a 
metal or a non-metal

● These are Metalloids, and lie on the diagonal 
between metals and non-metals
● They have some metallic and some non-
metallic properties (such as semiconductors)



  



  



  

Periodic Table

●Elements arranged by atomic #, starting with 
hydrogen in the upper left corner.

●Elements arranged by properties
● Elements in a column tend to have similar 
physical and chemical properties

●Rows are called Periods
● The top row is period 1, next is period 2, ….

●Columns are called Groups
● 1-18 (or 1A-8A, 1B-8B)



  



  



  



  



  

●Group 1: Alkali metals (except hydrogen)
● Most reactive metals

●Group 2: Alkaline earth metals
● Very reactive metals

●Groups 3-12: Transition metals (elements)

●Group 17: Halogens
● Most reactive non-metals

●Group 18: Noble gases
● Almost never react



  

Electrons

●Fundamental subatomic particle

●Found outside of nucleus in orbitals or 'electron 
clouds'

●Moves rapidly and defines the radius of the atom

●Occupies only discrete, quantized energy states 
in the atom



  

Chemical bonding depends on the configuration of 
electrons in the atoms.

From quantum mechanics, there are four quantum 
numbers that describe each electron in an atom:

●One tells the overall energy level (shell)
●One describes sub levels in each main level
●One indicates the number of orbitals in each sub 
level
●And the last tells the number of electrons in each 
orbital



  

Energy Shells (or Levels)

● 3D regions around the nucleus where electrons 
may be found

● Shells are distinguished by quantum numbers:
n = 1, 2, 3, 4, …

● All electrons in a particular shell have similar 
energies (shells may overlap slightly in energy)



  

● Each Shell has a maximum # of electrons it can 
hold

● Lower # shells:

● Are physically smaller

● Have lower energy electrons

● Are filled up before higher energy shells



  

Each shell has at least one sub-shell (or sub level)

Sub-shells are also labeled by quantum numbers:
l = 0, 1, 2, 3, 4…. (n-1)  
but letters are usually used to avoid confusion:
l = s, p, d, f, g, ….

1st shell – only one sub-shell – s 
2nd shell – only two sub-shells – s, p 
3rd shell – only three sub-shell – s, p, d 
4th shell – only four sub-shell – s, p, d, f
.
.
.



  



  



  

Each sub-shell has a fixed number of orbitals 
(from 3rd quantum number):

s – 1 orbital (spherically shaped)

p – 3 orbitals (lobed shaped, along each axis)

d – 5 orbitals 

f – 7 orbitals

g – 9 orbitals

...



  



  

Each orbital can hold a maximum of two electrons 
(from 4th quantum number)

●Electrons in an orbital must have opposite spins
● “Spin up” or “spin down” (+1/2 or -1/2)

●This determines the maximum # of electrons a 
sub-shell and shell can hold:

● s – 1 orbital – 2 electrons
● p – 3 orbitals – 6 electrons
● d – 5 orbitals – 10 electrons
● f – 7 orbitals – 14 electrons
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●Electrons want to occupy the lowest available 
energy state., 

●Some shells overlap, so the lowest state is not 
always in the lowest shell (level).

●We can use the periodic table to determine which 
sub-shells should be filled up first.

●The periodic table also shows how many 
electrons each sub-shell can hold.

●The periodic table can be split into 4 blocks:
s, p, d, and f blocks



  



  



  

●Each box can hold one electron, so fill up the 
boxes, starting in the upper left, until all electrons 
have been used

●The sub-shells are labeled with the energy level 
(shell) first, then the sub-shell: e.g. 1s, 2p, 4d....

●Superscripts after each sub-shell tell how many 
electrons are in that sub-shell: e.g. 1s2, 3p4,....



  

●The shell of each s and p sub-shell is the same 
as the period on the PT, but not so for d and f:

●The simplest way to determine energy shell is:

● The first s is 1s
● The first p is 2p
● The first d is 3d
● The first f is 4f



  



  



  

●Electronic Configuration

● Use shells, sub-shells, and superscripts to 
show where all electrons are positioned
● Ground state – electrons occupy lowest 
available states

● Excited state – electrons are at higher energy 
states due to added energy

● There are exceptions to expected config.



  



  

● Noble Gas configuration

● Shorthand – only shows outer electrons

● Brackets around Noble Gas represents the 
electronic configuration of that gas

● e.g.  [Ar] = 1s2 2s2 2p6 3s2 3p6



  

●Orbital notation

● Use boxes, lines, or circles to show individual 
orbitals

● Usually only orbitals of outer sub-shells are 
shown

● In a given sub-shell:
● Place one electron per orbital before pairing
● All single electrons must have same spin
● Paired electrons must have opposite spin



  



  



  



  



  



  



  



  



  



  

Periodic Trends

●Atomic radii

● Increases going down a group
● Due to electrons filling higher (larger) shells

● Decreases going across a period
● Due to increasing atomic charge
and decreased shielding effects



  



  



  

Ionization energy – energy needed to remove an 
outer electron from an atom (creates a positive ion)

e.g.   Li  +  energy →  Li+  +  e-  

● Increases up a group
● Less shielding for smaller radii, so nucleus has 
stronger attraction for outer electrons

● Increases across a period
● Also less shielding for smaller nuclei on the right 
side of a period

● Larger ion. en. →  more difficult to ionize
● Lower ion. en.  → more easily forms a positive ion



  

●Electron affinity – attraction for electrons, forming 
a negatively charged ion:

e.g.    F  +  e-  →   F-  
 

● Increases up a group
● Less shielding for smaller nuclei, so nucleus is 
more strongly attracted to an 'extra' electron.

● Increases across a period
● Also less shielding for smaller nuclei...

● Larger magnitude el. aff. - more likely to form an 
anion (a negatively charged ion)



  

●Electronegativity – attraction for shared (bonding) 
electrons

● very similar to Electron Affinity

● increases up a group
● due to less shielding

● increases across a period
● also due to less shielding

e.g.   H—Cl 
the chlorine atom is more electronegative and 
pulls more strongly on the shared electrons.



  

Radius Increases

Ionization energy Increases

electron affinity Increases

electronegativity Increases



  

Ions

●Cation – positively charged ions
● Lost one or more electrons
● Lower ionization energy – easier to form cations

●Anions – negatively charged ions
● Gained one or more electrons
● Higher electron affinity – stronger attraction for 
e-, so easier to forms anions

●A numerical superscript after the element symbol 
is used to show the charge:
  Na+, Ca+2, O-2, Br-1 


